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Preface to the First Edition

Although electrochemistry has become increasingly important in society
and in science the proportion of physical chemistry textbooks devoted to
electrochemistry has declined both in extent and in quality (with notable
exceptions, e.g. W. J. Moore's Physical Chemistry).
As recent books dealing with electrochemistry have mainly been addressed to the specialist it has seemed appropriate to prepare a textbook of
electrochemistry which assumes a knowledge of basic physical chemistry at
the undergraduate level. Thus, the present text will benefit the more
advanced undergraduate and postgraduate students and research workers
specializing in physical chemistry, biology, materials science and their
applications. An attempt has been made to include as much material as
possible so that the book becomes a starting point for the study of
monographs and original papers.
Monographs and reviews (mainly published after 1970) pertaining to
individual sections of the book are quoted at the end of each section. Many
reviews have appeared in monographic series, namely:
Advances in Electrochemistry and Electrochemical Engineering (Eds P.
Delahay, H. Gerischer and C. W. Tobias), Wiley-Interscience, New
York, published since 1961, abbreviation in References AE.
Electroanalytical Chemistry (Ed. A. J. Bard), M. Dekker, New York,
published since 1966.
Modern Aspects of Electrochemistry (Eds J. O'M. Bockris, В. Е. Conway
and coworkers), Butterworths, London, later Plenum Press, New York,
published since 1954, abbreviation MAE.
Electrochemical compendia include:
The Encyclopedia of Electrochemistry (Ed. C. A. Hempel), Reinhold, New
York, 1961.
Comprehensive Treatise of Electrochemistry (Eds J. O'M. Bockris, В. Е.
Conway, E. Yeager and coworkers), 10 volumes, Plenum Press, 19801985, abbreviation CTE.
Electrochemistry of Elements (Ed. A. J. Bard), M. Dekker, New York, a
multivolume series published since 1973.
xi
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Physical Chemistry. An Advanced Treatise (Eds H. Eyring, D. Henderson
and W. Jost), Vol. IXA,B, Electrochemistry, Academic Press, New
York, 1970, abbreviation PChAT.
Hibbert, D. B. and A. M. James, Dictionary of Electrochemistry,
Macmillan, London, 1984.
There are several more recent textbooks, namely:
Bockris, J. O'M. and A. K. N. Reddy, Modern Electrochemistry, Plenum
Press, New York, 1970.
Hertz, H. G., Electrochemistry—A Reformulation of Basic Principles,
Springer-Verlag, Berlin, 1980.
Besson, J., Precis de Thermodynamique et Cinetique Electrochimique,
Ellipses, Paris, 1984, and an introductory text.
Koryta, J., Ionsy Electrodesy and Membranes, 2nd Ed., John Wiley & Sons,
Chichester, 1991.
Rieger, P. H., Electrochemistry, Prentice-Hall, Englewood Cliffs, N.J.,
1987.
The more important data compilations are:
Conway, В. Е., Electrochemical Data, Elsevier, Amsterdam, 1952.
CRC Handbook of Chemistry and Physics (Ed. R. C. Weast), CRC Press,
Boca Raton, 1985.
CRC Handbook Series in Inorganic Electrochemistry (Eds L. Meites, P.
Zuman, E. B. Rupp and A. Narayanan), CRC Press, Boca Raton, a
multivolume series published since 1980.
CRC Handbook Series in Organic Electrochemistry (Eds L. Meites and P.
Zuman), CRC Press, Boca Raton, a multivolume series published since
1977.
Horvath, A. L., Handbook of Aqueous Electrolyte Solutions, Physical
Properties, Estimation and Correlation Methods, Ellis Horwood, Chichester, 1985.
Oxidation-Reduction Potentials in Aqueous Solutions (Eds A. J. Bard, J.
Jordan and R. Parsons), Blackwell, Oxford, 1986.
Parsons, R., Handbook of Electrochemical Data, Butterworths, London,
1959.
Perrin, D. D., Dissociation Constants of Inorganic Acids and Bases in
Aqueous Solutions, Butterworths, London, 1969.
Standard Potentials in Aqueous Solutions (Eds A. J. Bard, R. Parsons and
J. Jordan), M. Dekker, New York, 1985.
The present authors, together with the late (Miss) Dr V. Bohackova,
published their Electrochemistry, Methuen, London, in 1970. In spite of the
favourable attitude of the readers, reviewers and publishers to that book
(German, Russian, Polish, and Czech editions have appeared since then) we
now consider it out of date and therefore present a text which has been
largely rewritten. In particular we have stressed modern electrochemical

хш
materials (electrolytes, electrodes, non-aqueous electrochemistry in general), up-to-date charge transfer theory and biological aspects of electrochemistry. On the other hand, the presentation of electrochemical methods
is quite short as the reader has access to excellent monographs on the
subject (see page 301).
The Czech manuscript has been kindly translated by Dr M. HymanStulikova. We are much indebted to the late Dr A Ryvolova, Mrs M.
Kozlova and Mrs D. Tumova for their expert help in preparing the
manuscript. Professor E. Budevski, Dr J. Ludvik, Dr L. Novotny and Dr J.
Weber have supplied excellent photographs and drawings.
Dr K. Janacek, Dr L. Kavan, Dr K. Micka, Dr P. Novak, Dr Z. Samec
and Dr J. Weber read individual chapters of the manuscript and made
valuable comments and suggestions for improving the book. Dr L. Kavan is
the author of the section on non-electrochemical methods (pages 319 to
329).
We are also grateful to Professor V. Pokorny, Vice-president of the
Czechoslovak Academy of Sciences and chairman of the Editorial Council
of the Academy, for his support.
Lastly we would like to mention with devotion our teachers, the late
Professor J. Heyrovsky and the late Professor R. Brdicka, for the
inspiration we received from them for our research and teaching of
electrochemistry, and our colleague and friend, the late Dr V. Bohackova,
for all her assistance in the past.
Prague, March 1986

Jifi Koryta
Jin Dvorak

Preface to the Second Edition
The new edition of Principles of Electrochemistry has been considerably
extended by a number of new sections, particularly dealing with 'electrochemical material science' (ion and electron conducting polymers, chemically
modified electrodes), photoelectrochemistry, stochastic processes, new aspects of ion transfer across biological membranes, biosensors, etc. In view of
this extension of the book we asked Dr Ladislav Kavan (the author of the
section on non-electrochemical methods in the first edition) to contribute as
a co-author discussing many of these topics. On the other hand it has been
necessary to become less concerned with some of the 'classical' topics the
details of which are of limited importance for the reader.
Dr Karel Micka of the J. Heyrovsky Institute of Physical Chemistry and
Electrochemistry has revised very thoroughly the language of the original
text as well as of the new manuscript. He has also made many extremely
useful suggestions for amending factual errors and improving the accuracy
of many statements throughout the whole text. We are further much
indebted to Prof. Michael Gratzel and Dr Nicolas Vlachopoulos, Federal
Polytechnics, Lausanne, for valuable suggestions to the manuscript.
During the preparation of the second edition Professor Jiff Dvorak died
after a serious illness on 27 February 1992. We shall always remember his
scientific effort and his human qualities.
Prague, May 1992

Jifi Koryta
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Chapter 1
Equilibrium Properties of
Electrolytes
Substances are frequently spoken of as being electro-negative, or electro-positive,
according as they go under the supposed influence of direct attraction to the positive
or negative pole. But these terms are much too significant for the use for which I
should have to put them; for though the meanings are perhaps right, they are only
hypothetical, and may be wrong; and then, through a very imperceptible, but still
very dangerous, because continual, influence, they do great injury to science, by
contracting and limiting the habitual views of those engaged in pursuing it. I propose
to distinguish such bodies by calling those anions which go to the anode of the
decomposing body; and those passing to the cathode, cations•; and when I have the
occasion to speak of these together, I shall call them ions. Thus, the chloride of lead
is an electrolyte, and when electrolysed evolves two ions, chlorine and lead, the
former being an anion, and the latter a cation.
M. Faraday, 1834
1.1

Electrolytes: Elementary Concepts

1.1.1 Terminology
A substance present in solution or in a melt which is at least partly in the
form of charged species—ions—is called an electrolyte. The decomposition
of electroneutral molecules to form electrically charged ions is termed
electrolytic dissociation. Ions with a positive charge are called cations; those
with a negative charge are termed anions. Ions move in an electric field as a
result of their charge—cations towards the cathode, anions to the anode.
The cathode is considered to be that electrode through which negative
charge, i.e. electrons, enters a heterogeneous electrochemical system
(electrolytic cell, galvanic cell). Electrons leave the system through the
anode. Thus, in the presence of current flow, reduction always occurs at the
cathode and oxidation at the anode. In the strictest sense, in the absence of
current passage the concepts of anode and cathode lose their meaning. All
these terms were introduced in the thirties of the last century by M.
Faraday.
R. Clausius (1857) demonstrated the presence of ions in solutions and
verified the validity of Ohm's law down to very low voltages (by electrolysis
1

of a solution with direct current and unpolarizable electrodes). Up until that
time, it was generally accepted that ions are formed only under the
influence of an electric field leading to current flow through the solution.
The electrical conductivity of electrolyte solutions was measured at the
very beginning of electrochemistry. The resistance of a conductor R is the
proportionality constant between the applied voltage U and the current /
passing through the conductor. It is thus the constant in the equation
U = RI, known as Ohm's law. The reciprocal of the resistance is termed the
conductance. The resistance and conductance depend on the material from
which the conductor is made and also on the length L and cross-section S of
the conductor. If the resistance is recalculated to unit length and unit
cross-section of the conductor, the quantity p = RS/L is obtained, termed
the resistivity. For conductors consisting of a solid substance (metals, solid
electrolytes) or single component liquids, this quantity is a characteristic of
the particular substance. In solutions, however, the resistivity and the
conductivity K = l/p are also dependent on the electrolyte concentration c.
In fact, even the quantity obtained by recalculation of the conductivity to
unit concentration, A = K/C, termed the molar conductivity, is not independent of the electrolyte concentration and is thus not a material constant,
characterizing the given electrolyte. Only the limiting value at very low
concentrations, called the limiting molar conductivity A0, is such a quantity.
A study of the concentration dependence of the molar conductivity,
carried out by a number of authors, primarily F. W. G. Kohlrausch and W.
Ostwald, revealed that these dependences are of two types (see Fig. 2.5)
and thus, apparently, there are two types of electrolytes. Those that are
fully dissociated so that their molecules are not present in the solution are
called strong electrolytes, while those that dissociate incompletely are weak
electrolytes. Ions as well as molecules are present in solution of a weak
electrolyte at finite dilution. However, this distinction is not very accurate
as, at higher concentration, the strong electrolytes associate forming
ion pairs (see Section 1.2.4).
Thus, in weak electrolytes, molecules can exist in a similar way as in
non-electrolytes—a molecule is considered to be an electrically neutral
species consisting of atoms bonded together so strongly that this species can
be studied as an independent entity. In contrast to the molecules of
non-electrolytes, the molecules of weak electrolytes contain at least one
bond with a partly ionic character. Strong electrolytes do not form
molecules in this sense. Here the bond between the cation and the anion is
primarily ionic in character and the corresponding chemical formula
represents only a formal molecule; nonetheless, this formula correctly
describes the composition of the ionic crystal of the given strong electrolyte.
The first theory of solutions of weak electrolytes was formulated in 1887
by S. Arrhenius (see Section 1.1.4). If the molar conductivity is introduced
into the equations following from Arrhenius' concepts of weak electrolytes,
Eq. (2.4.17) is obtained, known as the Ostwald dilution law; this equation

provides a good description of one of these types of concentration
dependence of the molar conductivity. The second type was described by
Kohlrausch using the empirical equation (2.4.15), which was later theoretically interpreted by P. Debye and E. Hiickel on the basis of concepts of the
activity coefficients of ions in solutions of completely dissociated electrolytes, and considerably improved by L. Onsager. An electrolyte can be
classified as strong or weak according to whether its behaviour can be
described by the Ostwald or Kohlrausch equation. Similarly, the 'strength'
of an electrolyte can be estimated on the basis of the van't Hoff coefficient
(see Section 1.1.4).
1.1.2 Electroneutrality and mean quantities
Prior to dissolution, the ion-forming molecules have an overall electric
charge of zero. Thus, a homogeneous liquid system also has zero charge
even though it contains charged species. In solution, the number of positive
elementary charges on the cations equals the number of negative charges of
the anions. If a system contains s different ions with molality m,
(concentrations c, or mole fractions xt can also be employed), each bearing
2/ elementary charges, then the equation
0

(1.1.1)

1=1

called the electroneutrality condition, is valid on a macroscopic scale for
every homogeneous part of the system but not for the boundary between
two phases (see Chapter 4).
From the physical point of view there cannot exist, under equilibrium
conditions, a measurable excess of charge in the bulk of an electrolyte
solution. By electrostatic repulsion this charge would be dragged to the
phase boundary where it would be the source of a strong electric field in the
vicinity of the phase. This point will be discussed in Section 3.1.3.
In Eq. (1.1.1), as elsewhere below, z, is a dimensionless number (the
charge of species i related to the charge of a proton, i.e. the charge number
of the ion) with sign zt > 0 for cations and z, < 0 for anions.
The electroneutrality condition decreases the number of independent
variables in the system by one; these variables correspond to components
whose concentration can be varied independently. In general, however,
a number of further conditions must be maintained (e.g. stoichiometry
and the dissociation equilibrium condition). In addition, because of the
electroneutrality condition, the contributions of the anion and cation to a
number of solution properties of the electrolyte cannot be separated (e.g.
electrical conductivity, diffusion coefficient and decrease in vapour pressure)
without assumptions about individual particles. Consequently, mean values
have been defined for a number of cases.
For example, the molality can be expressed for an electrolyte as a whole,
mx\ the amount of substance ('number of moles') is expressed in moles of

formula units as if the electrolyte were not dissociated. For a strong
electrolyte whose formula unit contains v+ cations and v_ anions, i.e. a
total of v = v+ + v_ ions, the molalities of the ions are related to the total
molality by a simple relationship, ra+ = v+ml and m_ = v_mY. The mean
molality is then
m± = (ml+mv-)l/v = m , « + v r - ) 1 / v

(1.1.2)

The mean molality values m± (moles per kilogram), mole fractions x±
(dimensionless number) and concentrations c± (moles per cubic decimetre)
are related by equations similar to those for non-electrolytes (see Appendix
A).
1.1.3

Non-ideal behaviour of electrolyte solutions

The chemical potential is encountered in electrochemistry in connection
with the components of both solutions and gases. The chemical potential \i{
of component / is defined as the partial molar Gibbs energy of the system,
i.e. the partial derivative of the Gibbs energy G with respect to the amount
of substance nt of component i at constant pressure, temperature and
amounts of all the other components except the ith. Consider that the
system does not exchange matter with its environment but only energy in
the form of heat and volume work. From this definition it follows for a
reversible isothermal change of the pressure of one mole of an ideal gas
from the reference value prcf to the actual value /?act that
A*act-^ef=/^ln—

(1.1.3)

Prcf

which is usually written in the form
\i = /i° + RT Inp

(1.1.4)

where p is the dimensionless pressure ratio pact/pref' The reference state is
taken as the state at the given temperature and at a pressure of 105 Pa. The
dimensionless pressure p is therefore expressed as multiples of this
reference pressure. Term jU° has the significance of the chemical potential of
the gas at a pressure equal to the standard pressure, p = 1, and is termed
the standard chemical potential. This significance of quantities fj,° and p
should be recalled, e.g. when substituting pressure values into the Nernst
equation for gas electrodes (see Section 3.2); if the value of the actual
pressure in some arbitrary units were substituted (e.g. in pounds per square
inch), this would affect the value of the standard electrode potential.
The chemical potential //, of the components of an ideal mixture of liquids
(the components of an ideal mixture of liquids obey the Raoult law over the
whole range of mole fractions and are completely miscible) is
^1 = pT + RT InXi

(1.1.5)

The standard term y,* is the chemical potential of the pure component i (i.e.
when xt = 1) at the temperature of the system and the corresponding
saturated vapour pressure. According to the Raoult law, in an ideal mixture
the partial pressure of each component above the liquid is proportional to
its mole fraction in the liquid,
Pi=P°Xi

(1.1.6)

where the proportionality constant p° is the vapour pressure above the pure
substance.
In a general case of a mixture, no component takes preference and the
standard state is that of the pure component. In solutions, however, one
component, termed the solvent, is treated differently from the others, called
solutes. Dilute solutions occupy a special position, as the solvent is present
in a large excess. The quantities pertaining to the solvent are denoted by the
subscript 0 and those of the solute by the subscript 1. For xl->0 and xo-*l,
Po = Po a n d Pi — kiXi. Equation (1.1.5) is again valid for the chemical
potentials of both components. The standard chemical potential of the
solvent is defined in the same way as the standard chemical potential of the
component of an ideal mixture, the standard state being that of the pure
solvent. The standard chemical potential of the dissolved component juf is
the chemical potential of that pure component in the physically unattainable
state corresponding to linear extrapolation of the behaviour of this
component according to Henry's law up to point xx = 1 at the temperature
of the mixture T and at pressure p = klt which is the proportionality
constant of Henry's law.
For a solution of a non-volatile substance (e.g. a solid) in a liquid the
vapour pressure of the solute can be neglected. The reference state for such
a substance is usually its very dilute solution—in the limiting case an
infinitely dilute solution—which has identical properties with an ideal
solution and is thus useful, especially for introducing activity coefficients
(see Sections 1.1.4 and 1.3). The standard chemical potential of such a
solute is defined as
A*i = Km (pi-RT

Inxt)

(1.1.7)

JC(j-»l

where yl is the chemical potential of the solute, xx its mole fraction and x{)
the mole fraction of the solvent.
In the subsequent text, wherever possible, the quantities jU° and pf will
not be distinguished by separate symbols: only the symbol $ will be
employed.
In real mixtures and solutions, the chemical potential ceases to be a linear
function of the logarithm of the partial pressure or mole fraction.
Consequently, a different approach is usually adopted. The simple form of
the equations derived for ideal systems is retained for real systems, but a
different quantity a, called the activity (or fugacity for real gases), is

introduced. Imagine that the dissolved species are less 'active' than would
correspond to their concentration, as if some sort of loss' of the given
interaction were involved. The activity is related to the chemical potential
by the relationship
[i^tf

+ RTlna,

(1.1.8)

As in electrochemical investigations low pressures are usually employed, the
analogy of activity for the gaseous state, the fugacity, will not be introduced
in the present book.
Electrolyte solutions differ from solutions of uncharged species in their
greater tendency to behave non-ideally. This is a result of differences in the
forces producing the deviation from ideality, i.e. the forces of interaction
between particles of the dissolved substances. In non-electrolytes, these are
short-range forces (non-bonding interaction forces); in electrolytes, these
are electrostatic forces whose relatively greater range is given by Coulomb's
law. Consider the process of concentrating both electrolyte and nonelectrolyte solutions. If the process starts with infinitely dilute solutions,
then their initial behaviour will be ideal; with increasing concentration
coulombic interactions and at still higher concentrations, van der Waals
non-bonding interactions and dipole-dipole interactions will become important. Thus, non-ideal behaviour must be considered for electrolyte solutions
at much lower concentrations than for non-electrolyte solutions. 'Respecting
non-ideal behaviour' means replacing the mole fractions, molalities and
molar concentrations by the corresponding activities in all the thermodynamic relationships. For example, in an aqueous solution with a molar
concentration of 10~3 mol • dm~3, sodium chloride has an activity of
0.967 x 10~3. Non-electrolyte solutions retain their ideal properties up to
concentrations that may be as much as two orders of magnitude higher, as
illustrated in Fig. 1.1.
Thus, the deviation in the behaviour of electrolyte solutions from the
ideal depends on the composition of the solution, and the activity of the
components is a function of their mole fractions. For practical reasons, the
form of this function has been defined in the simplest way possible:
ax = yxx

(1.1.9)

where the quantity yx is termed the activity coefficient (the significance of
the subscript x will be considered later). However, the complications
connected with solution non-ideality have not been removed but only
transferred to the activity coefficient, which is also a function of the
concentration. The form of this function can be found either theoretically
(the theory has been quite successful for electrolyte solutions, see Section
1.3) or empirically. Practical calculations can be based on one of the
theoretical or semiempirical equations for the activity coefficient (for the
simple ions, the activity coefficient values are tabulated); the activity
coefficient is then multiplied by the concentration and the activity thus
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Fig. 1.1 The activity coefficient y of a nonelectrolyte and mean activity coefficients y± of
electrolytes as functions of molality

obtained is substituted into a simple 'ideal' equation (e.g. the law of mass
action for chemical equilibrium).
Activity ax is termed the rational activity and coefficient yx is the rational
activity coefficient. This activity is not directly given by the ratio of the
fugacities, as it is for gases, but appears nonetheless to be the best means
from a thermodynamic point of view for description of the behaviour of real
solutions. The rational activity corresponds to the mole fraction for ideal
solutions (hence the subscript x). Both ax and yx are dimensionless
numbers.
In practical electrochemistry, however, the molality m or molar concentration c is used more often than the mole fraction. Thus, the molal
activity amy molal activity coefficient ym) molar activity ac and molar activity

coefficient yc are introduced. The adjective 'molal' is sometimes replaced by
'practical'.
The following equations provide definitions for these quantities:
Yi,m

o>

lim Yi.m =
0

(1.1.10)

lim Yi,c =
0

The standard states are selected asm? = l mol • kg" 1 and c? = 1 mol • dm 3.
In this convention, the ratio ra//m° is numerically identical with the actual
molality (expressed in units of moles per kilogram). This is, however, the

dimensionless relative molality, in the same way that pressure p in Eq.
(1.1.4) is the dimensionless relative pressure. The ratio cjc® is analogous.
The symbols ra—»0 and c—>0 in the last two equations indicate that the
molalities or concentrations of all the components except the solvent are
small.
Because of the electroneutrality condition, the individual ion activities
and activity coefficients cannot be measured without additional extrathermodynamic assumptions (Section 1.3). Thus, mean quantities are defined for
dissolved electrolytes, for all concentration scales. E.g., for a solution of a
single strong binary electrolyte as
+
1/v
= (£ix+fl--)1/v,
(1.1.11)
Y± = ( r : r - )
The numerical values of the activity coefficients yx, ym and yc (and also of
the activities ax, am and ac) are different (for the recalculation formulae see
Appendix A). Obviously, for the limiting case (for a very dilute solution)
a±

y±,* = y±,m = y±.c«i
(1.1.12)
The activity coefficient of the solvent remains close to unity up to quite
high electrolyte concentrations; e.g. the activity coefficient for water in an
aqueous solution of 2 M KC1 at 25°C equals y0>x = 1.004, while the value for
potassium chloride in this solution is y±>x = 0.614, indicating a quite large
deviation from the ideal behaviour. Thus, the activity coefficient of the
solvent is not a suitable characteristic of the real behaviour of solutions of
electrolytes. If the deviation from ideal behaviour is to be expressed in
terms of quantities connected with the solvent, then the osmotic coefficient is
employed. The osmotic pressure of the system is denoted as JZ and the
hypothetical osmotic pressure of a solution with the same composition that
would behave ideally as JT*. The equations for the osmotic pressures JZ and
JZ* are obtained from the equilibrium condition of the pure solvent and of
the solution. Under equilibrium conditions the chemical potential of the
pure solvent, which is equal to the standard chemical potential at the
pressure /?, is equal to the chemical potential of the solvent in the solution
under the osmotic pressure JZ,
li%(T, p) = iio(T, p + JZ) = iil(Ty p + jz) + RT\n a0

(1.1.13)

where a0 is the activity of the solvent (the activity of the pure solvent is
unity). As approximately
p + Jt)- l*°o(T, p) = VOJZ

(1.1.14)

we obtain for the osmotic pressure
JZ=

\na0

(1.1.15)

where v0 is the molar volume of the solvent. For a dilute solution
In a0 = In x0 = In (1 - E *,-) ~ - E xt•• — Mo E mh giving for the ideal osmotic

pressure (Mo is the relative molecular mass of the solvent)

**=^2>

(1.1.16)

and in terms of molar concentration c of a single electrolyte dissociating into
v ions
JT* = VRTC

(1.1.17)

The ratio JI/JI* (which is experimentally measurable) is termed the molal
osmotic coefficient

The rational osmotic coefficient is defined by the equation
In a0 =<t>x\nxQ

(1.1.19)

For a solution of a single electrolyte, the relationship between the mean
activity coefficient and the osmotic coefficient is given by the equation
rm

In

= -(l-ct>m)-\

(l-4> m ,)dlnm'

(1.1.20)

following from the definitions and from the Gibbs-Duhem equation.
In view of the electrostatic nature of forces that primarily lead to
deviation of the behaviour of electrolyte solutions from the ideal, the
activity coefficient of electrolytes must depend on the electric charge of all
the ions present. G. N. Lewis, M. Randall and J. N. Br0nsted found
experimentally that this dependence for dilute solutions is described quite
adequately by the relationship
log y±=Az+z_Vi

(1.1.21)

in which the constant A for 25° and water has a value close to 0.5
dm3/2 • mol~1/2. Quantity /, called the ionic strength, describes the electrostatic effect of individual ionic species by the equation

/ = JXc,zf

(1.1.22)

i

(In fact, the symbol Ic should be used, as the molality ionic strength lm can
be defined analogously; in dilute aqueous solutions, however, values of c
and m, and thus also Ic and / m , become identical.) Equation (1.1.21) was
later derived theoretically and is called the Debye-Hiickel limiting law. It
will be discussed in greater detail in Section 1.3.1.
1.1.4

The A rrhenius theory of electrolytes

At the end of the last century S. Arrhenius formulated the first
quantitative theory describing the behaviour of weak electrolytes. The
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existence of ions in solution had already been demonstrated at that time,
but very little was known of the structure of solutions and the solvent was
regarded as an inert medium. Similarly, the concepts of the activity and
activity coefficient were not employed. Electrochemistry was limited to
aqueous solutions. However, the basis of classical thermodynamics was
already formulated (by J. W. Gibbs, W. Thomson and H. v. Helmholtz)
and electrolyte solutions had also been investigated thermodynamically
especially by means of cryoscopic, osmometric and vapour pressure
measurements.
Van't Hoff introduced the correction factor i for electrolyte solutions; the
measured quantity (e.g. the osmotic pressure, Jt) must be divided by this
factor to obtain agreement with the theory of dilute solutions of nonelectrolytes (jz/i = RTc). For the dilute solutions of some electrolytes (now
called strong), this factor approaches small integers. Thus, for a dilute
sodium chloride solution with concentration c, an osmotic pressure of 2RTc
was always measured, which could readily be explained by the fact that the
solution, in fact, actually contains twice the number of species corresponding to concentration c calculated in the usual manner from the weighed
amount of substance dissolved in the solution. Small deviations from
integral numbers were attributed to experimental errors (they are now
attributed to the effect of the activity coefficient).
For other electrolytes, now termed weak, factor / has non-integral values
depending on the overall electrolyte concentration. This fact was explained
by Arrhenius in terms of a reversible dissociation reaction, whose equilibrium state is described by the law of mass action.
A weak electrolyte Bv+Av_ dissociates in solution to yield v ions
consisting of v+ cations B z + and v_ anions Az~,
Bv+Av _<=* v + B z + + v_Az~

(1.1.23)

Thus the magnitude of the constant called the thermodynamic or real
dissociation constant,
° ^

(1.1.24)

is a measure of the 'strength of the electrolyte'. The smaller its value, the
weaker the electrolyte. The activity can be replaced by the concentrations
according to Eq. (1.1.10), yielding
rp>z+iv+r A Z - I V

K

—F^—A—T
Bv+Av_

v+

v_

yBZ

where
K'=-

v+

= K

[B v Av_]

v_

(1.1.25)
yBA
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is called the apparent dissociation constant. Constant K depends on the
temperature; the dependence on the pressure is usually neglected as
equilibria in the condensed phase are involved. Constant K' also depends
on the ionic strength and increases with increasing ionic strength, as follows
from substitution of the limiting relationship (1.1.21) into Eq. (1.1.25). For
simplicity, consider monovalent ions, that is v+ = v_ = 1, so that_log yB =
log yA = ~AV7and log yBA = 0. Obviously, then, yB = yA= 10° sV/ , yBA = 1
and substitution and rearrangement yield
/T = / a O v 7

(1.1.27)

It should be noted that the activity appearing in the dissociation constant
K is the dimensionless relative activity, and constant K' contains the
dimensionless relative concentration or molality terms. Constants K and K'
are thus also dimensionless. However, their numerical values correspond to
the units selected for the standard state, i.e. moles per cubic decimetre or
moles per kilogram.
Because the dissociation constants for various electrolytes differ by
several order of magnitude, the following definition
pK=-\ogK\

pK' =-log K'

(1.1.28)

is introduced to characterize the electrolyte strength in terms of a
logarithmic quantity. Operator/? appears frequently in electrochemistry and
is equal to the log operator times —1 (i.e. px = —logjc).
The degree of dissociation a is the equilibrium degree of conversion, i.e.
the fraction of the number of molecules originally present that dissociated at
the given concentration. The degree of dissociation depends directly on the
given dissociation constant. Obviously a = [B 2+ ]/v+c = [A2~]/v_c,
[B v+ A v _] = c(l — a) and the dissociation constant is then given as
~

1— a

(1.1.29)

The most common electrolytes are uni-univalent (v = 2, v+ = v_ = 1), for
which

The relationship for a follows:

In moderately diluted solutions, i.e. for concentrations fulfilling the
condition, c» Kf,
a^(K'/c)l/2«l

(1.1.32)
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Fig. 1.2 Dependence of the dissociation degree a of a week
electrolyte on molar concentration c for different values of the
apparent dissociation constant K' (indicated at each curve)

In the limiting case (readily obtained by differentiation of the numerator
and denominator with respect to c) it holds that ar-»l for c—»0, i.e. each
weak electrolyte at sufficient dilution is completely dissociated and, on the
other hand, for sufficiently large c, cv—>0, i.e. the highly concentrated
electrolyte is dissociated only slightly. The dependence of a on c is given in
Fig. 1.2.
For strong electrolytes, the activity of molecules cannot be considered, as
no molecules are present, and thus the concept of the dissociation constant
loses its meaning. However, the experimentally determined values of the
dissociation constant are finite and the values of the degree of dissociation
differ from unity. This is not the result of incomplete dissociation, but is
rather connected with non-ideal behaviour (Section 1.3) and with ion
association occurring in these solutions (see Section 1.2.4).
Arrhenius also formulated the first rational definition of acids and bases:
An acid (HA) is a substance from which hydrogen ions are dissociated in
solution:
A base (BOH) is a substance splitting off hydroxide ions in solution:

This approach explained many of the properties of acids and bases and
many processes in which acids and bases appear, but not all (e.g. processes
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in non-aqueous media, some catalytic processes, etc.). It has a drawback
coming from the attempt to define acids and bases independently. However,
as will be seen later, the acidity or basicity of substances appears only on
interaction with the medium with which they are in contact.
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1.2
1.2.1

Structure of Solutions
Classification of solvents

The classical period of electrochemistry dealt with aqueous solutions.
Gradually, however, other, 'non-aqueous' solvents became important in
both chemistry and electrochemistry. For example, some important substances (e.g. the Grignard reagents and other homogeneous catalysts)
decompose in water. A number of important biochemical substances
(proteins, enzymes, chlorophyll, vitamin B12) are insoluble in water but are
soluble, for example, in anhydrous liquid hydrogen fluoride, from which
they can be reisolated without loss of biochemical activity. The whole
aluminium industry is based on electrolysis of a solution of aluminium oxide
in fused cryolite. Many more examples could be given of chemical processes
employing solvents other than water. Basically any substance can be used as
a solvent at temperatures between its melting and boiling points (provided it
is stable in this temperature range). Three types of solvent can be
distinguished.
Molecular solvents consist of molecules. The cohesive forces between
neighbouring molecules in the liquid phase depend on hydrogen bonds or
other 'bridges' (oxygen, halogen), on dipole-dipole interactions or on van
der Waals interactions. These solvents act as dielectrics and do not
appreciably conduct electric current. Autoionization occurs to a slight
degree in some of them, leading to low electric conductivity (for example
2 H 2 O ^ H 3 O + + OH~; in the melt, 2HgBr2<=»HgBr++ HgBr3~; in the
liquefied state, 2NO 2 ^±NO + + NO 3 ").
Ionic solvents consisting of ions are mostly fused salts. However, not all
salts yield ions on melting. For example, fused HgBr2, POC13, BrF3 and
others form molecular liquids. On mixing, however, the molecular solvents
H2O and H2SO4 can form ionic solvents that contain only the H 3 O + and
HSO4~ i° n s - Ionic solvents have high ionic electric conductivity. Most exist
at high temperatures (e.g., at normal pressure, NaCl between 800 and
1465°C) but some salts have low melting points (e.g. ethylpyridinium
bromide at -114°C, tetramethylammonium thiocyanate at -50.5°C) and, in
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addition, there is a number of low-melting-point eutectics (for example
AICI3 + KC1 + NaCl in a ratio of 60:14:26 mol % melts at 94°C). The ions
present in these solvents can be either monoatomic (for example Na+ and
Cl~ in fused NaCl) or polyatomic (for example cryolite—Na3AlF6—contains
Na + , A1F63", AIF4- and F" ions).
1.2.2

Liquid structure

Molecular liquids are not at all amorphous, as would first appear.
Methods of structural analysis (X-ray diffraction, NMR, IR and Raman
spectroscopy) have demonstrated that the liquid retains the structure of the
original crystal to a certain degree. Water is the most ordered solvent (and
has been investigated most extensively). Under normal conditions, 70 per
cent of the water molecules exist in 'ice floes', clusters of about 50 molecules
with a structure similar to that of ice and a mean lifetime of 10~ n s.
Hydrogen bonds lead to intermolecular spatial association. Hydrogen bonds
are also formed in other solvents, but result in the formation of chains (e.g.
in alcohols) or rings (e.g. rings containing six molecules are formed in liquid
HF). Thus, the degree of organization is lower in these solvents than in
water, although the strength of hydrogen bonds increases in the order: HC1,
H2SO4 (practically monomers) < NH3 < H2O < HF. Mixing of a highly
organized solvent with a less organized one leads to structure modification.
If, for example, ethanol is added to water, ethanol molecules first enter the
water structure and strengthen it; at higher concentrations this order is
reversed.
It is not the purpose of chemistry, but rather of statistical thermodynamics, to formulate a theory of the structure of water. Such a theory
should be able to calculate the properties of water, especially with regard to
their dependence on temperature. So far, no theory has been formulated
whose equations do not contain adjustable parameters (up to eight in some
theories). These include continuum and mixture theories. The continuum
theory is based on the concept of a continuous change of the parameters of
the water molecule with temperature. Recently, however, theories based on
a model of a mixture have become more popular. It is assumed that liquid
water is a mixture of structurally different species with various densities.
With increasing temperature, there is a decrease in the number of
low-density species, compensated by the usual thermal expansion of liquids,
leading to the formation of the well-known maximum on the temperature
dependence of the density of water (0.999973 g • cm"3 at 3.98°C).
There are various theories on the structure of these species and their size.
Some authors have assumed the presence of monomers and oligomers up to
pentamers, with the open structure of ice I, while others deny the presence
of monomers. Other authors assume the presence of the structure of ice I
with loosely arranged six-membered rings and of structures similar to that of
ice III with tightly packed rings. Most often, it is assumed that the structure
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consists of clusters of the ice I type, with various degrees of polymerization,
with the maximum of the cluster size distribution in the region of oligomers
and with a low concentration of large species.
The following simple concept is sufficient for our purposes. To a given
water molecule, two further water molecules can become bonded fairly
strongly through their negative 'ends' by electrostatic forces in the direction
of the O—H bond (hydrogen bonds). Additional two water molecules are
then bound to the original molecule through their positive 'ends'. In the
sterically most favourable position these two molecules occupy the positions
of the remaining two apices of a tetrahedron whose first two apices lie in the
direction of the O—H bonds. This process results in a tetrahedral structure,
the effective charge distribution in the water molecule being quadrupolar. In
the solid state, each water molecule has four nearest neighbours (Fig. 1.3).
This is a very 'open' arrangement that collapses partially on melting (the
density of water is larger than that of ice). Thus, liquid water retains clusters
of molecules with the structure of ice that constantly collapse and reform.
About half of the water molecules are present in these clusters at a given
instant. X-ray structural analysis indicates that, in the liquid state, each
water molecule has an average of 4.5 nearest neighbours. This is far less
than would correspond to the most closely packed arrangement (12 nearest
neighbours). The existence of a certain degree of ordering in liquid water
can also explain the unusually high value of the heat of vaporization,
entropy of vaporization, boiling point, and dielectric constant of water
compared with similar simple substances, such as hydrogen sulphide,
hydrogen fluoride, and ammonia.
Ionic liquids are also not completely randomly arranged but have a
structure similar to that of a crystal. However, in contrast to crystals, the
ionic liquid structure contains far more vacancies, interstitial cavities,
dislocations, and other perturbations.
1.2.3

lonsolvation

If a substance is to be dissolved, its ions or molecules must first move
apart and then force their way between the solvent molecules which interact
with the solute particles. If an ionic crystal is dissolved, electrostatic
interaction forces must be overcome between the ions. The higher the
dielectric constant of the solvent, the more effective this process is. The
solvent-solute interaction is termed ion solvation {ion hydration in aqueous
solutions). The importance of this phenomenon follows from comparison of
the energy changes accompanying solvation of ions and uncharged molecules: for monovalent ions, the enthalpy of hydration is about
400 kJ • mol"1, and equals about 12 kJ • mol"1 for simple non-polar species
such as argon or methane.
The simplest theory of interactions between ions and the solvent,
proposed by M. Born, assumed that the ions are spheres with a radius of rt
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Fig. 1.3 The hexagonal array of water molecules in ice I. Even at low
temperatures the hydrogen atoms (smaller circles) are randomly ordered

and charge zte (e is the elementary charge, i.e. the charge of a proton),
located in a continuous, structureless dielectric with permittivity e. The
balance of the changes in the Gibbs free energy during ion solvation is
based on the following hypothetical process. Consider an ion in a vacuum
whose charge zte is initially discharged, yielding electric work wx to the
system,
(1.2.1)

••£
where ip1 is the electric potential at the surface of the ion,
.,. _

q

(1.2.2)
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The quantity e0 is the permittivity of a vacuum (eo = 8.85418782(7) x
10~"12F-m"1) and q is the charge of the ion, variable during discharging.
Substitution of (1.2.2) into Eq. (1.2.1) and integration yield

f

qdq= - ^ 1 .
(1.2.3)
8jr£r
iZie
The uncharged ion is transferred into a solvent with permittivity e = De0,
where D is the relative permittivity (dielectric constant) of the medium. No
work is gained or lost in this process. In the solvent, the ion is again
recharged to the value of the electric potential at its surface,
xp2 =

?—

(1.2.4)

The corresponding electric work is
1
w2 = —

Cz'e
q dq =

(ze)2
Kl

}

(1.2.5)

The transfer of one mole of ions from a vacuum into the solution is
connected with work NA(wx + w2). This work is identical with the molar
Gibbs energy of solvation AGS,:
= NA(w1 + w2)

(1.2.6)

The Born equation for the Gibbs energy of solvation is thus

zfe2NA / i

1

Although the Born equation is a rough approximation, it is often used for
comparison of the solvation effects of various solvents. The simplification
involved in the Born theory is based primarily on the assumption that the
permittivity of the solvent is the same in the immediate vicinity of the ion as
in the pure solvent, and the work required to compress the solvent around
the ion is neglected.
The ionic radii are often difficult to ascertain. Mostly, crystallographic
radii rc corrected by the additive term <5, with a constant common value for
cations and a different constant value for all anions, are used:
rt = rc+d

(1.2.8)

Pauling's ion radii are often used, with values of 6 of 0.085 nm for cations
and 0.010 nm for anions.
As every solvent has its characteristic structure, its molecules are bonded
more or less strongly to the ions in the course of solvation. Again, solvation
has a marked effect on the structure of the surrounding solvent. The
number of molecules bound in this way to a single ion is termed the
solvation (hydration) number of this ion.
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The values of the dipole-dipole and ion-dipole interaction energies are
required for estimation of the energy conditions in liquid water and in
aqueous solutions. The former is given by the sum of the coulombic
interaction energies between the individual charges of the two dipoles.
Assuming that both dipoles are colinear and identical (i.e. have identical
charge q and length /, and the dipole moment equals p = ql) and that their
centres lie a distance r apart, then the dipole-dipole interaction energy is
given by the relationship
(
4jze0 \ r

+

r—I

r +I

(129)

4jzeor(r

If r»l (fulfilled even for the closest approach because the molecular
dimensions are large compared with the distance between the positive and
negative charges in the dipoles), then

The expression for the ion-dipole interaction energy Uid is obtained
analogously as the sum of the energies of coulombic interaction of an ion
(charge q) with charges q' and -q' on the ends of the dipole, i.e.
„ _

1 l-qW\.q\q'\\

q\qV

„ , .„

If again r »/, then

On approaching to a distance equal to their diameters (0.276 nm), water
molecules (jU = 6.23 x 10~28 C • cm) form a quite stable entity with potential
energy Udd= —3.32X 10~20J = 0.2eV. If a comparably large univalent ion
approaches a dipolar water molecule (\q'\ = 1.6 x 10~19C), the absolute
energy value is almost four times larger, that is Uid= -1.18 x 10"19 J =
0.7 eV. If one water molecule in liquid water is replaced in the tetrahedral
lattice by an uncharged particle of the same dimensions, then the four
closest water molecules suffice to retain the original arrangement. If the new
particle has a sufficiently large charge, e.g. positive, then the arrangement
must change. Two water molecules are bonded more strongly than
previously and the other two must rotate their negative 'end' towards the
cation (Fig. 1.4). Thus, depending on the size and charge of the ion, the
original arrangement can either be retained or a new, strong structure can
be formed, or some state between these two extremes emerges. The
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Fig. 1.4 Disturbing effect of a cation (void circle)
on water structure. Molecules 1 and 2 show reversed orientation

ordering of the liquid can be completely destroyed if the ion disturbs the
original arrangement without forming a new one. Negative hydration
numbers are then obtained for some ions, as if these salts produced
'depolymerization' of the water structure. This phenomenon is termed
structure breaking. The destructive effect increases with increasing ionic
radius, e.g. in the order
Li+<Na+<Rb+<Cs+,
Cl", NO 3 " < Br" < r < C1O3and with increasing charge, e.g. in the order
Li+<Be2+<Al3+
Figure 1.5 schematically depicts a partially distorted water structure. A
region is formed in the immediate vicinity of the ion where the water
molecules are electrostatically bonded so strongly to the ion that they lose
the ability to rotate. The value of the permittivity thus decreases sharply (to
6-7 compared to a value of 78.54 at 25°C in pure water). This region is
termed the primary hydration sphere. Depending on conditions, regions
further from the centre of the ion contain a more or less distorted water
structure and regions even further away retain the original structure.
It should be realized that the structure breaking results in an increase in
the entropy of the system and thus in a decrease in its Gibbs energy
(according to the well-known relationship at constant temperature, AG =
AH — TAS). If a more complex dissolved particle contains both charged
(polar) and uncharged (non-polar) groups, then this entropy factor
becomes important. The structure of the solvent remains intact at the
'non-polar surface' of the particle. In order to increase the entropy of the
system this 'surface' must be as small as possible to decrease the region
where the solvent structure is unbroken. This is achieved by a close
approach of two particles with their non-polar regions or by a conformation
change resulting in a contact of non-polar regions in the molecule. These,
mainly entropic, effects termed hydrophobic (in general solvophobic)
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Fig. 1.5 A scheme of hydration: (1) cation, (2) primary hydration sheath (water molecules form a tetrahedron), (3) secondary hydration shell, (4) disorganized
water, (5) normal water

interactions are, for example, the important factors affecting the conformational stability of proteins in aqueous solutions.
O. J. Samoilov proposed a statistical approach to hydration. Ions in
solution affect the thermal, particularly translational, motion of the solvent
molecules in the immediate vicinity of the ion. This translational motion can
be identified with the exchange of the solvent molecules in the neighbourhood of the ion. Retardation of this exchange is thus a measure of the ion
solvation.
If the water molecule remains in the vicinity of other water molecules for
a time r and in the vicinity of the ion for a time rh then the ratio XJT is a
measure of the solvation. If T , / T » 1 , the water molecule is bonded very
strongly to the ion. On the other hand, r / / r < l indicates negative
solvation—the ion breaks the solvent structure and the solvent molecules in
its vicinity can more readily be exchanged with other molecules than those
in the solvent alone, where a certain degree of ordering remains. Experimental values of the ratio T//T for aqueous solutions using H218O molecules
lie in the range from tenths to unities.
Some molecular solvents (such as ammonia, aliphatic amines, hexamethylphosphortriamide) dissolve alkali metals; solutions with molalities of more
than lOmol-kg" 1 are obtained. Ammonia complexes M(NH3)6 analogous
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to the amminates or hydrates of salts can be crystallized from these
solutions. The solutions are blue (absorb at 7000 cm"1, corresponding to the
s->p electron transition) and paramagnetic. Paramagnetic resonance measurements indicate that cavities in the liquid with dimensions of about 0.3 nm
contain free electrons. Compared with aqueous salt solutions, these metal
solutions have about 105 times larger molar conductivity, indicating
electronic conductivity. Thus, the metals in solution are dissociated to yield
solvated cations M+ and electrons e~ (also solvated). More concentrated
solutions also contain species such as M + e~, M2 and Me". The stability of
these solutions is low because of the formation, for example, of alkali metal
amides in solutions of alkali metals in liquid ammonia.
A form of solvation also occurs in ionic solvents, but coulombic
interactions predominate. The solvent structure can be conceived as
resulting from the penetration of two sublattices—cationic and anionic. The
cations of the dissolved salt are then scattered throughout the cationic
sublattice and the anions in the anionic sublattice. If the dissolved salt and
the solvent have a common anion, for example, then the cations are
scattered throughout the cationic sublattice and the anionic lattice remains
almost unaffected. Let us assume that only one kind of foreign ion, a cation
or an anion, is introduced into ionic solvents (while the electroneutrality
condition is maintained). If the cation of the dissolved salt has a larger
charge than the solvent cation, then vacancies must be scattered throughout
the cationic sublattice so that the distribution of electric charge remains
neutral. An example of a more complicated situation is the formation of
Na+ and A1C14~ ions in an equimolar melt of A1C13 + NaCl. If the mixture
contains a small excess of A1C13 over the stoichiometric amount, then
A12C17~ ions are also present. If Cu+ ions are then dissolved in the melt (as
CuCl), they remain free and are scattered throughout the cationic sublattice. However, in the presence of a small excess of NaCl, the anionic
sublattice contains a corresponding excess of Cl~ with which the Cu+ ions
form the CuCl2" complex which is spread throughout the anionic sublattice.
Three types of methods are used to study solvation in molecular solvents.
These are primarily the methods commonly used in studying the structures
of molecules. However, optical spectroscopy (IR and Raman) yields results
that are difficult to interpret from the point of view of solvation and are thus
not often used to measure solvation numbers. NMR is more successful, as
the chemical shifts are chiefly affected by solvation. Measurement of
solvation-dependent kinetic quantities is often used {electrolytic mobility,
diffusion coefficients, etc). These methods supply data on the region in the
immediate vicinity of the ion, i.e. the primary solvation sphere, closely
connected to the ion and moving together with it. By means of the third
type of methods some static quantities (entropy and compressibility as well
as some non-thermodynamic quantities such as the dielectric constant) are
measured. These methods also pertain to the secondary solvatibff sphere, in
which the solvent structure is affected by the presence of ions, but the
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solvent molecules do not move together with the ions. These methods have,
understandably, been applied most often to aqueous solutions.
The ionic mobility and diffusion coefficient are also affected by the ion
hydration. The particle dimensions calculated from these values by using
Stokes' law (Eq. 2.6.2) do not correspond to the ionic dimensions found, for
example, from the crystal structure, and hydration numbers can be
calculated from them. In the absence of further assumptions, diffusion
measurements again yield only the sum of the hydration numbers of the
cation and the anion.
Similarly, concepts of solvation must be employed in the measurement of
equilibrium quantities to explain some anomalies, primarily the salting-out
effect. Addition of an electrolyte to an aqueous solution of a non-electrolyte
results in transfer of part of the water to the hydration sheath of the ion,
decreasing the amount of 'free' solvent, and the solubility of the nonelectrolyte decreases. This effect depends, however, on the electrolyte
selected. In addition, the activity coefficient values (obtained, for example,
by measuring the freezing point) can indicate the magnitude of hydration
numbers. Exchange of the open structure of pure water for the more
compact structure of the hydration sheath is the cause of lower
compressibility of the electrolyte solution compared to pure water and of
lower apparent volumes of the ions in solution in comparison with their
effective volumes in the crystals. Again, this method yields the overall
hydration number.
The fact that the water molecules forming the hydration sheath have
limited mobility, i.e. that the solution is to certain degree ordered, results in
lower values of the ionic entropies. In special cases, the ionic entropy can be
measured (e.g. from the dependence of the standard potential on the
temperature for electrodes of the second kind). Otherwise, the heat of
solution is the measurable quantity. Knowledge of the lattice energy then
permits calculation of the heat of hydration. For a saturated solution, the
heat of solution is equal to the product of the temperature and the entropy
of solution, from which the entropy of the salt in the solution can be found.
However, the absolute value of the entropy of the crystal must be obtained
from the dependence of its thermal capacity on the temperature down to
very low temperatures. The value of the entropy of the salt can then yield
the overall hydration number. It is, however, difficult to separate the
contributions of the cation and of the anion.
Various methods have yielded the following average values of the primary
hydration numbers of the alkali metal cations (the number of methods used
is given in brackets and the results are rounded off to the nearest integers):
Li+ 5 (5), Na+ 5 (5), K+ 4 (4), Rb + 3 (4), and for the halide ions: F" 4 (3),
Cl~ 1 (3), Br" 1 (3), I" 1 (2). The error is ±1 water molecule (except for
K + , where the error is ±2). For divalent ions the values vary between 10
and 14 (according to G. Kortiim). For illustration of the variability of the
results obtained by various methods, the values obtained for the Na+ ion
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from mobility measurements were 2-4, from the entropy 4, from the
compressibility 6-7, from molar volumes 5, from diffusion 1 and from
activity coefficients also 1. For the Cl~ ion, these methods yielded the values
(in the same order): 4, 3, 0, —1, 0, 0, 1. Of the divalent ions, for example,
solution of Mg2+ was measured by the mobility method, yielding a value of
10 to 13, entropy of 13, compressibility of 16 and activity coefficients of 5
(according to B. E. Conway and J. O'M. Bockris).
Remarkable data on primary hydration shells are obtained in nonaqueous solvents containing a definite amount of water. Thus, nitrobenzene
saturated with water contains about 0.2 M H2O. Because of much higher
dipole moment of water than of nitrobenzene, the ions will be preferentially
solvated by water. Under these conditions the following values of hydration
numbers were obtained: Li+ 6.5, H + 5.5, Ag+ 4.4, Na+ 3.9, K+ 1.5, Tl + 1.0,
Rb + 0.8, Cs + 0.5, tetraethylammonium ion 0.0, CIO4-O.4, NO^ 1.4 and
tetraphenylborate anion 0.0 (assumption).
1.2.4 Ion association
As already mentioned, the criterion of complete ionization is the
fulfilment of the Kohlrausch and Onsager equations (2.4.15) and (2.4.26)
stating that the molar conductivity of the solution has to decrease linearly
with the square root of its concentration. However, these relationships are
valid at moderate concentrations only. At high concentrations, distinct
deviations are observed which can partly be ascribed to non-bonding
electrostatic and other interaction of more complicated nature (cf. p. 38)
and partly to ionic bond formation between ions of opposite charge, i.e. to
ion association (ion-pair formation). The separation of these two effects is
indeed rather difficult.
The species appearing as strong electrolytes in aqueous solutions lose this
property in low-permittivity solvents. The ion-pair formation converts them
to a sort of weak electrolyte. In solvents of very low-permittivity (dioxan,
benzene) even ion triplets and quadruplets are formed.
The formation of an ion pair
A + + B"^±A + B-

(1.2.13)

is described by the association constant K.ASS and the degree of association
a.dSS

Some values of association constants are listed in Table 1.1.
The dependence of ion-pairing on the dielectric constant is illustrated in
the following example. The formation of K + CP ion pairs in aqueous KC1
solutions has not been demonstrated. In methanol (D = 32.6), for KC1,
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Table 1.1 Values of log K.ass for some ion pairs in aqueous solutions at 25°C
(according to C. W. Davies), where — indicates that ion pair formation could
not be proved
IT

Na+

K+

Ag+

TT

Ca 2+ Cu 2+

Fe 3+

OH
F"

-0.08

-0.7

—

—

—

NO3~
SO42~

—
0.6

-0.6
0.7
0.6
1.16
2.4
2.7

0.8
0.1
0.5
1.0
0.3
1.4
1.9

1.30
1.0

cr
Br-

2.3
0.4
3.2
4.4
-0.2
1.3
8.8

12.0
6.04
1.5
0.60
1.0

sP2 oO3 23 3

9

P2O74
P 3 O 10 5 "

3.1
3.9

—
-0.2
1.0
0.9

0.28
2.28
1.95
3.46
6.8
8.1

2.3
2.7

1.23
0.4
0.0
2.36

logK a s s = 1.15, so that at c = 0 . 1 m o l - d m 3 , 32 per cent of the KC1 is
present as K + C1~ pairs. In acetic acid ( D = 6.2), log Kass = 6.9, i.e. at the
same concentration aass = 99.9 per cent. A remarkable example is the
association of 3 x 10~ 5 M tetraisopentylammonium nitrate in pure water and
in pure dioxan (D = 2 . 2 ) . While in water the concentration of ion pairs is
negligible, the concentration of free nitrate ions in pure dioxan is 8 x
10~ 1 2 mol • d m " 3 . Thus, the free ions are practically absent in low permittivity solvents (D < 5).
J. Bjerrum (1926) first developed the theory of ion association. H e
introduced the concept of a certain critical distance between the cation and
the anion at which the electrostatic attractive force is balanced by the mean
force corresponding to thermal motion. The energy of the ion is at a
minimum at this distance. T h e method of calculation is analogous to that of
Debye and Hiickel in the theory of activity coefficients (see Section 1.3.1).
The probability Pi dr has to be found for the ith ion species to be present in
a volume element in the shape of a spherical shell with thickness dr at a
sufficiently small distance r from the central ion (index k).
When using the Boltzmann distribution, the relationship for the fraction
of ions of the ith kind dNj/Ni in this spatial element is
r

(1.2.15)

where z^ip is the potential energy of the ion (i.e. the electrostatic energy
necessary for transferring the ion from infinite distance). For small r values,
the potential ip can be expressed only in terms of the contribution of the
central ion, ip = zke/4jzer, so that the probability density Pt is then given by
the equation
d

ztzke2
*

\
)

(1.2.16)
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I

I
Distance r, nm

Fig. 1.6 Bjerrum's curves of probability: (1) uncharged
particles, (2) two ions with opposite signs (After C. W.
Davies)

whose shape is depicted (for ions k and i of opposite sign) in Fig. 1.6. A
sharp minimum lies at the critical distance rmin, obtained from Eq. (1.2.16)
using the condition d/^/dr = 0:
SjtekT

For aqueous solutions at 25°C, rmin = 3.057 x 10"10 ztzk (in metres), i.e.
about 0.3 nm, for a uni-univalent electrolyte and about 1.4 nm for a
bi-bivalent electrolyte. This distance is considered to be the maximum
distance beyond which formation of ion pairs does not occur.
Integration of Eq. (1.2.15) permits calculation of the fraction of ions
present in the associated state and thus the degree of association and the
association constant

•f

expy <\y

(1.2.18)

where y = 2rmjr and b = 2rmin/a, a being the distance of closest approach
of the ions. J. T. Denison and J. B. Ramsey, W. R. Gilkerson and R. M.
Fuoss obtained simplified expressions in the form
2

-In ztzke
AnkTa e AnkTae

(1.2.19)
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Bjerrum's theory includes approximations that are not fully justified: the
ions are considered to be spheres, the dielectric constant in the vicinity of the
ion is considered to be equal to that in the pure solvent, the possibility of
interactions between ions other than pair formation (e.g. the formation of
hydrogen bonds) is neglected and the effect of ion solvation during
formation of ion pairs is not considered (the effect of the solvation on
ion-pair structure is illustrated in Fig. 1.7).
Although the Bjerrum theory is thus not in general quantitatively
applicable, the concept of ion association is very useful. It has assisted in an
explanation of various phenomena observed in the study of homogeneous

Fig. 1.7 Possible hydration modes of an ion
pair: (A) contact of primary hydration shells,
(B) sharing of primary hydration shells, (C)
direct contact of ions
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catalysis, electrical mobility, the behaviour of polyelectrolytes, etc.
Ion pairs (A+B~) are formed in fused salts through a process in which the
cations or anions of the solvent and of the solute exchange positions in the
solvent lattice until the cations and anions occupy neighbouring positions. If
the solvent is denoted as XY, then this process can be expressed by the
scheme:

x + A + Y"
Y~
X+

Y X + Y"
X + Y"X +Y")(+Y"
+
+
+ X B~X ?± Y"A + B "X+^rx +
Y"X+ Y~
X + Y~X
CY"

According to M. Blander the association constant depends on the change in
the Gibbs energy, AG, during exchange of a solvent anion Y~, next to a
cation of the dissolved salt A + , for an anion of the dissolved salt B~
according to the relationship
lnl +-

=

-

^

(1-2.20)

where n is the coordination number of the cation A + . The energy AG is
proportional to the combination of the reciprocal values of the distances
between the centres of the corresponding pairs of ions (i.e. the sum of the
radii of these ions):
(1.2.21)
Clearly, it is the size of ions that is decisive in ion-pair formation.
Moreover, the coulombic interactions can extend even to more distant
neighbours. The Blander equation is then, of course, no longer applicable.
References
Ben-Nairn, A., Hydrophobic Interactions, Plenum Press, New York, 1980.
Bloom, H., and J. O'M. Bockris, Molten electrolytes, MAE, 2, 262 (1959).
Burger, K., Solvation, Ionic and Complex Formation Reactions in Non-aqueous
Solvents, Elsevier, Amsterdam, 1983.
Case, B., Ion solvation, Chapter 2 of Reactions of Molecules at Electrodes (Ed. N. S.
Hush), Wiley-Interscience, London, 1971.
Conway, B. E., Ionic Hydration in Chemistry and Biophysics, Elsevier, Amsterdam,
1981.
Davies, C. W., Ion Association, Butterworths, London, 1962.
Debye, P., Polar Molecules, Dover Publication Co., New York, 1945.
Denison, J. T., and J. B. Ramsey, /. Am. Chem. Soc, 11, 2615 (1955).
Desnoyers, J. E., and C. Jolicoeur, Ionic solvation, CTE, 5, Chap. 1 (1982).
Dogonadze, R. R., E. Kalman, A. A. Kornyshev, and J. Ulstrup (Eds), The
Chemical Physics of Solvation, Elsevier, Amsterdam, 1985.
Eisenberg, D., and W. Kautzmann, The Structure and Properties of Water, Oxford
University Press, Oxford, 1969.

28
Fuoss, R. M., and F. Accascina, Electrolytic Conductance, Intersceince Publishers,
New York, 1959.
Gilkerson, W. R., /. Chem. Phys., 25, 1199 (1956).
Inmann, D., and D. G. Lovering (Eds), Ionic Liquids, Plenum Press, New York,
1981.
Klotz, I. M., Structure of water, in Membranes and Ion Transport (Ed. E. E.
Bittar), Vol. I, John Wiley & Sons, New York, 1970.
Mamantov, G. (Ed.), Characterization of Non-aqueous Solvents, Plenum Press,
New York, 1978.
Marcus, Y., Ion Solvation, John Wiley & Sons, Chichester, 1986.
Papatheodorou, G. W., Structure and thermodynamics of molten salts, CTE, 5,
Chap. 5 (1982).
Samoilov, O. Ya., Structure of Aqueous Electrolyte Solutions and Hydration of Ions,
Consultants Bureau, New York, 1965.
Skarda, V., J. Rais, and M. Kyrs, /. Nucl. Inorg. Chem., 41, 1443 (1979).
Sundheim, G., Fused Salts, McGraw-Hill, New York, 1964.
Tanaka, N., H. Ohtuki, and R. Tamamushi (Eds), Ions and Molecules in Solution,
Elsevier, Amsterdam, 1983.
Tanford, C , The Hydrophobic Effect: Formation of Micelles and Biological
Membranes, 2nd ed., John Wiley & Sons, New York, 1980.
Tremillon, B., Chemistry in Non-aqueous Solvents, Reidel, Dordrecht, 1974.
1.3

Interionic Interactions

Thermodynamics describes the behaviour of systems in terms of quantities and functions of state, but cannot express these quantities in terms of
model concepts and assumptions on the structure of the system, intermolecular forces, etc. This is also true of the activity coefficients; thermodynamics defines these quantities and gives their dependence on the
temperature, pressure and composition, but cannot interpret them from the
point of view of intermolecular interactions. Every theoretical expression of
the activity coefficients as a function of the composition of the solution is
necessarily based on extrathermodynamic, mainly statistical concepts. This
approach makes it possible to elaborate quantitatively the theory of
individual activity coefficients. Their values are of paramount importance,
for example, for operational definition of the pH and its potentiometric
determination (Section 3.3.2), for potentiometric measurement with ionselective electrodes (Section 6.3), in general for all the systems where liquid
junctions appear (Section 2.5.3), etc.
The expression for the chemical potential of a component of a real
solution can be separated into two terms:
& -tf=

AjU, = RT \nxi + RT In y,= A^, i d +A M f

(1.3.1)

where Afiild = RT\nXi is the difference in the chemical potentials between
the standard and actual states, for ideal behaviour, and Apf is the
correction for the real behaviour, which can be identified with the
expression containing the activity coefficient. It can further be written for all
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AjU,'s that

i,f-(^f-£)
\

3nt

(1.3.2)

/T,p,nj*ni

Thus, the activity coefficient can be calculated if AGE is known; this is the
difference between the work of the reversible transition of the real system at
constant temperature and pressure from the standard to the actual state and
the work in the same process in the ideal system:
RT In Yi = (?^)

(1.3-3)

As has already been mentioned, to carry out such a calculation is not a
matter of thermodynamics, but requires adopting certain assumptions on
the structure of the system and on interactions between particles.
According to the statistical thermodynamics of solutions the logarithm of
the activity coefficient for an electrolyte solution can be expanded in the
series
In y± = <xx" + £*i + yx\ + • • •

(1.3.4)

where ny a> j3, . . . are constants (where a < 0, 0 < n < 1). These relationships have been verified experimentally. The term ax" describes the effect
of long-range interactions in electrolyte solutions (i.e. ion-ion interactions
in contrast to short-range dipole-dipole and ion-dipole interactions; see
Section 1.2.3). At medium concentrations, the value of this term is
comparable with that of the term fixly and at low concentrations up to
10~3 mol • dm" 3 the term ax" predominates. The aim of the theory of
electrolytes is to provide a theoretical interpretation of the coefficients in
Eq. (1.3.4). At low concentrations, the Debye-Hiickel theory is valid; this
theory neglects all types of interaction except for electrostatic, being
satisfied with calculation of the term ax". The Debye-Hiickel theory forms
the basis and is still the valid nucleus of all the other theories of strong
electrolytes, which are more or less elaborations or modifications of the
original concepts.
1.3.1

The Debye-Hiickel limiting law

In infinitely dilute solutions (in the standard state) ions do not interact,
their electric field corresponds to that of point charges located at very large
distances and the solution behaves ideally. As the solution becomes more
concentrated, the ions approach one another, whence their fields become
deformed. This process is connected with electrical work depending on the
interactions of the ions. Differentiation of this quantity with respect to nt
permits calculation of the activity coefficient; this differentiation is identical
with the differentiation 5GE/<9n/ and thus with the term RT In y,.
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The work connected with the mutual approach of the ions and deformation of their electric fields cannot be calculated directly. However, because
this work depends on a change in the thermodynamic functions of state, its
value depends only on the initial and final states, and the processes can be
separated into several steps. According to P. Debye and E. Hiickel this
separation is carried out so that the actual concentration change, i.e. the
actual approach of the ions, occurs with uncharged species. The ions are
supposed to be discharged in the standard state, i.e. they behave at the
concentration 1 mol • dm" 3 as if they were at infinite dilution. Work wl
connected with this process can be readily calculated, as discharging of
isolated ions is considered. The ion concentration is then changed from the
standard state to concentration c. This transition is connected only with
work corresponding to ideal behaviour, and not with electrical work. The
action of forces other than electrostatic interionic forces in the electrolyte
solution is neglected, as these are far more short-range interactions than
electrostatic forces. For recharging of the ions at concentration c electrical
work H>2 is expended. The calculation of work w2 is more complicated, as
this work is connected with the formation of a space charge. Debye and
Hiickel introduced the concept of an ionic atmosphere; i.e. an excess charge
due to ions with the opposite charge is concentrated around each ion and
the charge density is distributed in the ionic atmosphere according to the
Maxwell-Boltzmann distribution law. This excess charge is equal to the
charge of the ion considered (with opposite sign).
The Debye-Huckel theory yields the coefficient yc, but the whole
subsequent calculation is accompanied by numerous approximations, valid
only at high dilutions, so that in the whole region where the theory is valid it
may be assumed that yx~ ym~ ycFirst, electric work wx and w2 is calculated for a single ion species denoted
as k. For wx the same procedure as for the quantity w2 in the Born treatment
of solvation Gibbs energy (Eq. (1.2.5) will be used giving (e = Ds0))

where r is the distance from the centre of the ion.
At the final concentration c, the potential ipk at distance r is given not
only by the potential of the ion, ty\, but also by the potentials of the
surrounding ions. Debye and Hiickel assumed that a spherical ionic
atmosphere of statistically prevailing ions with opposite charge forms
around each ion, giving rise to the potential ipa. Thus y>k = ipok+ \pa. The
potential of the space charge density p is given by the Poisson equation
V2ii>= - -

(1.3.6)

where V2 is the Laplace operator, whose form depends on the coordinate
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system used. If the volume element dV contains dNt ions of sort / with
charge ztet the space charge density p, formed by ions of sort / is given as
A=^

,

(1.3.7)

If the origin of the coordinate system is located in the centre of the central
A:th ion, the number of particles dTV, in the volume dV is given by a
distribution function, expressed by Debye and Hiickel in terms of the
Boltzmann distribution law (cf. p. 215)
dA/i = Nt exp (

Z

^ )

dV

(1.3.8)

Here, k is the Boltzmann constant and Nt = N;/V is the total number of ions
of sort i divided by the total volume. Thus
(:^)

(L3.9)

The exponential is expanded in a series and, except for unity, only the
linear term is retained (this is permissible only when the electrostatic energy
e \Zi\pk\ is small compared with the energy of thermal motion kT):

(Here SA^z, = 0 because of the electroneutrality condition.) Equation
(1.3.10) is substituted into Eq. (1.3.6) and the Laplace operator is expressed
in polar coordinates (for the spherically symmetric problem):

(The important quantity K will be discussed later.) The general integral of
Eq. (1.3.11) is

where kx and k2 are integration constants determined from the boundary
conditions. If r—><*>, then t/^—>0, from which it follows that k2 = 0. The
constant kx is determined by substitution of the expression for ipk into Eq.
(1.3.10) for p. As the electroneutrality of the ion-ionic atmosphere system
is required, the integration of the space charge around the central ion over
the whole volume of the solution yields a charge of the same magnitude and
of the opposite sign to that of the central ion. The volume element dV is
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expressed in polar coordinates as dV = 4jrr2 dr. Thus,

j p dV = j Anr2p dr = - f Anr2 ^ £ tyz2^ dr

"* r dr = -zke

(1.3.13)

The Debye-Hiickel limiting law is the least accurate approximation to the
actual situation, analogous to the ideal gas law. It is based on the
assumption that the ions are material points and that the potential of
the ionic atmosphere is distributed from r = 0 to r—>oo. Within these limits
the last equation is integrated by parts yielding, for constant klf the value
ezk/Afte. Potential \pk is given by the expression
^

c

Aner

(1314)

After

Afte

After

4JTCL D

The final approximate form of Eq. (1.3.14) was again obtained by
expanding the exponential in a series and retaining only the linear term.
Obviously, the potential tpk can be expanded to give two terms, the first of
which {ezklAfter) describes the contribution of the central ion and the
second (eZk/AfteL^) the contribution of the ionic atmosphere.
The ionic atmosphere can thus be replaced by the charge at a distance of
LU = K~1 from the central ion. The quantity L D is usually termed the
effective radius of the ionic atmosphere or the Debye length. The parameter
K is directly related to the ionic strength /

/ = ii)Wr/z? = ^i;c|.z?
i=i

(1.3.15)

*=i

K2 = (2e2NA/ekT)I

(1.3.16)

When numerical values are assigned to the constants in Eq. (1.3.16), it gives
/ TD\
(

m

(1.3.17)

and, for water at 25°C,
L D = 9.6223 x 1(T 9 /- 1/2 m, or
L D = 0.30428/" 1/2nm
(The first value is valid for basic SI units, the second is more practical: / in
moles per cubic decimetre, L D in nanometres.) The radii of the ionic
atmosphere for various solution concentrations of a single binary electrolyte
(for which / = — \z+z_vc) are listed in Table 1.2.
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Table 1.2 Radii of ionic atmosphere L D (in nm) at various
concentrations of aqueous solutions at 25°C (according to Eq.
1.3.17)
Charge type of the electrolyte
c (mol • dm 3)
1(T5
io- 4
io- 3
1(T2

io-1
1

1-1

1-2

2-2

1-3

2-3

96.1
30.4
9.61
3.04
0.96
0.30

55.5
17.5
5.55
1.75
0.56
0.18

48.0
15.2
4.80
1.52
0.48
0.15

39.2
12.4
3.92
1.24
0.39
0.12

24.8
7.8

2.48
0.78
0.25
0.08

The work expended in recharging ion k is

0

^

^

The overall electrical work connected with the described process for ion k is
then
-zle2K

(1.3.19)

and, for all the ions present in volume of the solution Vy
Vp2rY

N 72

3
P

M3/2

Work Wel is then identified with the correction for non-ideal behaviour
AG E and the activity coefficient is obtained from the equation
(1.3.2!)
T,niitnk

Differentiation assuming that V is independent of n, (which is fulfilled for
point charges) yields

_.ogv

3nk
(1322)
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It is convenient to introduce
In 10 x 4jzV2(£kT)3/2

(1.3.23)

yielding the usual form of the equation for the activity coefficient (cf. p. 11):
log y* =-,4z 2 VZ

(1.3.24)

termed the Debye-Hilckel limiting law. Coefficient A has the numerical
value
A = 5.77057 x 10 4 (Dr)" 3/2

m3/2 • moP 1/2

= 1.82481 x 10\DT)-3/2

dm3/2 • mol"1/2

and, for water at 25°C,
A = 1.61039 x 10"2 m3/2 • mol" m
= 0.50925 dm 3/2 -mor 1/2
In these expressions, the first value is valid for basic SI units and the second
for / in moles per cubic decimetre substituted into Eq. (1.3.24). Equation
(1.3.24) is a very rough approximation and does not involve the individual
characteristics of ion k. It is valid for a uni-univalent electrolyte only up to
an ionic strength of 10~3 mol • dm" 3 (see also Fig. 1.8).
In view of the definition of the mean activity coefficient and of the
electroneutrality condition, v+z+= — v_z_, the limiting law also has the
form
logy ± =^z + z_V7

(1.3.25)

1.3.2 More rigorous Debye-Hiickel treatment of the activity coefficient
A more rigorous approach requires integration of Eq. (1.3.13) not over
the whole volume of the solution but over the effective volume after the
volume of the central ion has been excluded, as this region is not accessible
for the ionic atmosphere. Thus, integration is carried out from r = ay i.e. from
the distance of closest approach, equal to the effective ion diameter, which
is the smallest mean distance to which the centres of other ions can approach
the central ion. This value varies for various electrolytes (Table 1.3). In this
refined procedure the integration constant appearing in Eq. (1.3.13) attains
the value kx = [zkel4ne{\ + KO)\ exp {KO) and the potential \pk =
zke/4jt£[r(l + Ka)]'1 exp [ic(a — r)]. This expression can again be separated
into the contribution of the isolated central ion ip°k and the contribution of the
ionic atmosphere tya. As a result of the principle of linear field superposition, these two quantities can be added algebraically. The contribution of the
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Fig. 1.8 Dependence of the mean activity coefficient y±>c
of NaCl on the square root of molar concentration c at
25°C. Circles are experimental points. Curve 1 was calculated according to the Debye-Hiickel limiting law (1.3.25),
curve 2 according to the approximation aB = 1 (Eq.
1.3.32); curve 3 according to the Debye-Hiickel equation
(1.3.31), fl = 325nm; curve 4 according to the BatesGuggenheim approximation (1.3.33); curve 5 according to
the Bates-Guggenheim approximation + linear term
0.1 C; curve 6 according to Eq. (1.3.38) for a=0.4nm,
C = 0.055 dm 5 -mor 1
ionic atmosphere is then given by the expressions

TK

zke

Alter \l + Ka
K

zke

-1

(1.3.26)

(1.3.27)

because at a distance of r < a, no ion of the ionic atmosphere can be present
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Table 1.3 Effective ion diameters (According to B. E. Conway)
Ion
+

a (nm)
+

+

+

Rb , Cs , NH4 , Tl , Ag

+

0.25

K , cr, Br, r, o r , NO 2 -, NO 3 OH~, F " , CNS", NCO~, H S " , C1O 3 ", C1O 4 ", BrO 3 ~, IO 4 ", MnO 4 ",
HCOCT, citrate", CH 3 NH 3 +
Hg 2 2+ , SO 4 2 -, S 2 O 3 2 ", S 2 O 6 2 ", S 2 O 8 2 ", Se 4 2 ", CrO 4 2 ~, HPO 4 2 ~,
PO 4 3 ~, Fe(CN) 6 3 ~, Cr(NH 3 ) 6 3+ , Co(NH 3 ) 6 3+ , Co(NH 3 ) 5 H 2 O 3+ ,
NH 3 + CH 2 COOH, C 2 H 5 NH 3 +
N a \ CdCl + , C1O2", IO 3 ", HCO 3 ", H 2 PO 4 ~, H S ( V , H 2 AsO 4 -,
Pb 2 + , CO 3 2 ", SO 3 2 ", MoO 4 2 ", Co(NH 3 ) 5 Cl 2+ , Fe(CN) 6 NO 2 ",
CH 3 COO",
CH 2 C1COCT,
(CH 3 ) 4 N + ,
(C 2 H 5 ) 2 NH 2 + ,
NH 2 CH 2 COO"
Sr 2+ , Ba 2 + , Ra 2 + , Cd 2+ , Hg 2 + , S2~, S 2 O 4 2 ", WO 4 2 ", Fe(CN) 6 4 -,
CHC1 2 COO~, CC1 3 COO + , (C 2 H 5 ) 3 NH + , C 3 H 7 NH 3 +
Li + , Ca 2+ , Cu 2 + , Zn 2 + , Sn 2+ , Mn 2 + , Fe 2 + , Ni 2 + , Co 2 + , Co(ethylendiamine) 3 3+ , C 6 H 5 COO', C 6 H 4 OHCOCT, (C 2 H 5 ) 4 N + , (C 3 H 7 ) 2 NH 2 +
Mg 2+ , Be 2+
H + , Al 3 + , Fe 3 + , Cr 3+ , Sc 3+ , La 3 + , In 3 + , Ce 3 + , Pr 3+ , Nd 3 + , Sm 3+
Th 4 + , Zr 4 + , Ce 4 + , Sn 4+
+

0.3
0.35
0.4
0.45

0.5
0.6
0.8
0.9
1.1

and therefore the potential remains constant and equal to the value for
r = a.

In view of this equation the effect of the ionic atmosphere on the
potential of the central ion is equivalent to the effect of a charge of the same
magnitude (that is — zke) distributed over the surface of a sphere with a
radius of a + L D around the central ion. In very dilute solutions, LD » a; in
more concentrated solutions, the Debye length L D is comparable to or even
smaller than a. The radius of the ionic atmosphere calculated from the
centre of the central ion is then L D + a.
Work w2 can now be calculated and, from this value, the total electric
work Wel, found in an analogous way to that previously used for the case of
the limiting law, yielding
Ve2 Y Nz2 ln
W*i= - A
(! + K«) 3 V t

Ka

+ 2(*a)]

(L3.28)

(The expression in square brackets follows from the integral a3 J [q2/(l +
Ka)] dq after introducing the limits 0 and zke.)
The expression for the activity coefficient is calculated from the
differential dWjdnk (neglecting the dependence of V on nk) by substitution
into Eq. (1.3.21). Rearrangement yields
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where the constant A is identical with the constant in the limiting law and
/2P2N

\

m

()

The numerical value of this constant is
B = 1.5903 x 10 10 (D7r 1/2
= 502.90(DTym

m1/2 • mol"1/2

dm3/2 • mol" m • nm"1

and, for water at 25°C,
B = 1.0392 xl0 8 m 1 / 2 -mor 1 / 2
= 3.2864 dm3/2 • m o P m • nm"1
In the above two equations, the former value is valid for basic SI units
and the latter value for / in moles per cubic decimetre and a in nanometres.
The parameter a represents one of the difficulties connected with the
Debye-Hiickel approach as its direct determination is not possible and is, in
most cases, found as an adjustable parameter for the best fit of experimental
data in the Eq. (1.3.29). For common ions the values of effective ion radii
vary from 0.3 to 0.5. Analogous to the limiting law, the mean activity
coefficient can be expressed by the equation

where a is the average of the effective ion diameters of the cation a+ and for
the anion a_ (this averaging is the source of difficulties in cases of more
complicated systems like electrolyte mixtures). Equation (3.1.31) is a
definite improvement in comparison of the limiting law (Fig. 1.8). As the
constant B in the units mol~3/2 • nm"1 is about 3.3 the product aB being not
far from unity some authors employ a simplified equation (for aqueous
solutions at 25°C)
_Az+z_Vl
The Bates-Guggenheim equation

is also often used. Like the limiting law, the latter two equations do not
require any specific information on the ions considered; nonetheless,
they describe the y — I dependence more closely than the limiting law (see
Fig. 1.8).
If the ionic strength in concentrated aqueous or non-aqueous solutions is
expressed in terms of the molalities, then the constants A' = A\fp and
B1 = BVp are used, where p is the density of the solvent.
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1.3.3

The osmotic coefficient

The osmotic pressure of an electrolyte solution n can be considered as the
ideal osmotic pressure JZ* decreased by the pressure jrel resulting from
electric cohesion between ions. The work connected with a change in the
concentration of the solution is n dV = n* dV — JtcX dV. The electric part of
this work is then jre, dV = dWeU and thus JZCX = (dWel/dV)Ttn. The osmotic
coefficient (j> is given by the ratio jt/jt*, from which it follows that
jrcl

(dWc
(L3 34)

'

as the ideal osmotic pressure is jt* = kNAT £ ch In order to obtain
(dWJdV)T,n> Eq. (1.3.20) is differentiated, resulting in

Consider a dilute solution of a single electrolyte, so that £ cz = c + 4- c_,
c + z + + c_z_=0 and /=—5Z + z_c. Comparison of Eq. (1.3.35) with Eq.
(1.3.22) written for y± and with Eq. (1.3.23) yields the limiting relationship

p

(1.3.36)

For water at 0°C (the osmotic coefficient is mostly determined from
cryoscopic measurements),
1 _ ^ = -0.2658z+z_(vc)1/2

(1.3.37)

1.3.4 Advanced theory of activity coefficients of electrolytes
According to Eq. (1.3.31) log y should be a monotonous function of y/l
which obviously is not the case. A possible remedy of this situation would
be, for example, the introduction of an additional linear term on the
right-hand side of that equation,

In this equation, the coefficient C as well as the coefficient a must be taken
as adjustable parameters found experimentally. The result is shown in Fig.
1.8, curve 6. Otherwise a quite good approximation for ionic strengths up to
0.3 is achieved by putting C = — 0.lz+z_.
Thus, a suitable refinement of the Debye-Hiickel theory must provide
a theoretical interpretation of the term CI. Originally this term was
qualitatively interpreted as a salting-out effect: during solvation the ions
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orient solvent molecules so that the electrostatic forces leading to nonideality of the solution are weakened. The greater the concentration of ions,
the greater the portion of the solvent molecules that is oriented; the activity
coefficients again increase with increasing ionic strength.
Most authors have accounted for the mutual influence of ions and solvent
molecules only by assuming a firmly bound solvent sheath around the ion.
The structure of the bulk solvent and the influence of electrolyte concentration on this structure are not taken into consideration.
The necessity of considering the solvent sheath around the ions follows
from the fact that the effective ionic diameters a calculated from the
Debye-Hiickel equation (1.3.31) using the experimental activity coefficient
values are too large compared with the corresponding crystallographic
quantities. This led to the concept that Eq. (1.3.31) is valid for the activity
coefficients of the solvated ions that form a mixture with the remaining
'free' solvent differing from ideal behaviour only in the electrostatic
interaction between the solvated ions. If, on the other hand, the activity
coefficients are calculated from the experimental data, then the molality or
mole fraction is expressed in terms of the amount of anhydrous electrolyte
and all the solvent is considered as 'free'. This calculation yields a formal
activity coefficient for the unsolvated ions, whose existence is fictitious.
Thus, if the theoretical expressions for the activity coefficients are to be
compared with the experimental values, the values for the solvated species
must be recalculated to those for unsolvated species. This recalculation is
particularly important for concentrated solutions, where the decrease in the
amount of 'free' solvent is significant.
The method of calculating these values was proposed by R. A. Robinson
and R. H. Stokes. The Gibbs energy G of a system containing 1 mole of
uni-univalent electrolyte {nx = 1, total number of moles of ions being 2) and
n0 moles of solvent is expressed for solvated ions (dashed quantities) on one
hand and for non-solvated ions (without dash) on the other; it is assumed
that JJ,0 = A*o and that the hydration number h (number of moles of the
solvent bound to 1 mole of the electrolyte) is independent of concentration:

+M+ + M-

(1-3.39)

Chemical potentials are split up into standard and variable terms,
(*i° + ii°; + ju°_ + n°-)/RT + h^/RT

+ h Ina0 + 2In

+ In y+tX + In Y-,x = In y+ + In y'- (1-3.40)
For Ai0—»°°, all the logarithmic terms approach zero. Thus the combination
of the standard potentials given by the first terms in Eq. (1.3.40) equals
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zero, so that the mean activity coefficient is given by the equation
2In y±tX = 2In y'±tX-h\nao-2\nn°

+2 h
(1.3.41)
n +2
Robinson and Stokes identified the quantity 0.4343 In y±>JC with the expression on the left-hand side in Eq. (1.3.31). For the system considered here,
m=nl/n0M0 (where Mo is the molar mass of the solvent, for water
Mo = 0.018 kg/mol), so that
In [(/i0 + 2 - h)/(n0 + 2)] = In [(1 + 2Mom - hMom)/(l + 2Mom)]
and, according to Appendix A, y±tX = y ± > w (l + 2Mom). Hence,
log 7 ± , w = - 7 ^ ^ 7 7 - ^ / 2 log « 0 - l o g [1 +(2-/z)M o m]
As in view of Eq. (1.1.18) Ina0 = -(f>mMom and l»(2-h)Mom
(1.3.42) gives
log y±,m = DH + 0A343[<t)mMoh + (2 - h)M0]m

(1.3.42)
Eq.
(1.3.43)

where DH denotes the Debye-Hiickel term (1.3.31) while the second term
on the right-hand side corresponds to CI of Eq. (1.3.38).
The Robinson-Stokes equation (1.3.43) can be used to calculate the
parameters a and h from the measured values of y± m and 0 W . In this way
the hydration number can also be found, but only as the sum of the ion
hydration numbers of all the ions in the electrolyte 'molecule'. The
appropriate calculations have been carried out for a number of systems (see
Table 1.4). Equation (1.3.43) describes the experimental data up to
molalities of the order of units, so that it is formally very successful. Ionic
diameters vary from 0.35 to 0.62 nm. The calculated hydration numbers for
salts with a common anion retain the order expected for the cations of these
salts (H + > Li + > Na + > K+ > Rb + ), but do not retain the order expected for
the anions with a common cation (I~ > Br~ > Cl~). Furthermore, these numbers do not preserve additivity: for example /iNaci ~ ^KCI = 1.6, but /*Naci ~
hKl = 3.0. If it is assumed that chloride ions are practically not hydrated and
the whole hydration number of chloride salts is attributed to the cation,
then the numbers obtained are too large (e.g. 12 for CaCl2 and 13.7 for
MgCl2). If the radius of the solvated cation is estimated considering the
volume of bound solvent and this is added to the crystallographic radius of
the anion, numbers are obtained that exceed the suitable effective diameters
to a differing degree, depending on the type of electrolyte (e.g. by 0.07 nm
for uni-univalent and by 0.13 nm for uni-divalent electrolytes, etc.). This
discrepancy is explained by penetration of the anion solvation sheath into
the sheath of the cation (Fig. 1.7).
The contribution of short-range forces to the activity coefficient can be
described much better and in greater detail by the methods of the statistical
thermodynamics of liquids, which has already created several models of
electrolyte solutions. However, the procedures employed in the statistical
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Table 1.4

HC1
HBr
HI
HC1O4
LiCl
LiBr
Lil
L1CIO4
NaCl
NaBr
Nal
NaClO 4
KC1
KBr
KI
NH4C1
RbCl
RbBr

Values of the parameters a and h (Eq. 1.3.42). (According to
R. A. Robinson and R. H. Stokes)
h

a (nm)

8.0
8.6
10.6
7.4
7.1
7.6
9.0
8.7
3.5
4.2
5.5
2.1
1.9
2.1
2.5
1.6
1.2
0.9

0.447
0.518
0.569
0.509
0.432
0.456
0.560
0.563
0.397
0.424
0.447
0.404
0.363
0.385
0.416
0.375
0.349
0.348

Rbl
MgCl2
MgBr2
Mgl 2
CaCl2
CaBr 2
Cal 2
SrCl2
SrBr2
Srl 2
BaCl 2
BaBr 2
Bal 2
MnCl 2
FeCl 2
CoCl 2
NiCl2
Zn(QO 4 ) 2

h

a (nm)

0.6
13.7
17.0
19.0
12.0
14.6
17.0
10.7
12.7
15.5
7.7
10.7
15.0
11.0
12.0
13.0
13.0
20.0

0.356
0.502
0.546
0.618
0.473
0.502
0.569
0.461
0.489
0.558
0.445
0.468
0.544
0.474
0.480
0.481
0.486
0.618

thermodynamics of liquid mixtures are conceptually and mathematically
rather complicated so that the reader must be referred to special monographs on the subject. On the other hand, it matters little at this stage that
statistical thermodynamic procedures are so far lacking in the present
textbook. The derived equations have not yet even been worked out to an
experimentally verifiable form. In fact, the theory of ionic solutions should
yield an equation permitting calculation of the activity coefficients of ions on
the basis of knowledge of the structure of the ion considered and of all the
other components of the solution. The methods of statistical thermodynamics that would, in principle, be capable of carrying out this calculation
are developing rapidly and it seems that the future looks promising in this
area.
1.3.5

Mixtures of strong electrolytes

The derivation of the equations of the Debye-Huckel theory did not
require differentiation between a solution of a single electrolyte and an
electrolyte mixture provided that the limiting law approximation Eq.
(1.3.24), was used, which does not contain any specific ionic parameter. If,
however, approximation (1.3.29) is to be used, containing the effective ionic
diameter a> it must be recalled that this quantity was introduced as the
minimal mean distance of approach of both positive and negative ions to the
central ion. Thus, this quantity a is in a certain sense an average of effects of
all the ions but, at the same time, a characteristic value for the given central
ion.
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If the validity of Eq. (1.3.31) is assumed for the mean activity coefficient
of a given electrolyte even in a mixture of electrolytes, and quantity a is
calculated for the same measured electrolyte in various mixtures, then
different values are, in fact, obtained which differ for a single total solution
molality depending on the relative representation and individual properties
of the ionic components.
A number of authors have suggested various mixing rules, according to
which the quantity a could be calculated for a measured electrolyte in a
mixture, starting from the known individual parameters of the single
electrolytes and the known composition of the solution. However, none of
the proposed mixing relationships has found broad application. Thus, the
question about the dependence of the mean activity coefficients of the
individual electrolytes on the relative contents of the various electrolytic
components was solved in a different way.
The approach introduced by E. A. Guggenheim and employed by H. S.
Harned, G. Akerlof, and other authors, especially for a mixture of two
electrolytes, is based on the Br0nsted assumption of specific ion interactions: in a dilute solution of two electrolytes with constant overall
concentration, the interaction between ions with charges of the same sign is
non-specific for the type of ion, while interaction between ions with
opposite charges is specific.
Guggenheim used this assumption to employ Eq. (1.3.38) for the activity
coefficient of the electrolyte, where the product aB was set equal to unity
and the specific interaction between oppositely charged ions was accounted
for in the term CI. Consider a mixture of two uni-univalent electrolytes
AlBl and AnBn with overall molality m and individual representations
yY = mjm and yu = mu/m, where mx and mu are molalities of individual
electrolytes. According to Guggenheim,
In y, = -A* + [2y,6 u + (ftIU + 6 UI )(1 In Yn = -A* + [2(1 - y ) 6

+ (6

+

Vl)]m

^

K)y]m

where the fo's are specific interaction constants (blu is the parameter of the
interaction of Ax with Bu, bu is the parameter of the interaction of Ax with
Bl9 etc.) and>4* = lnlO>lV7/(l + V7).
Two limiting activity coefficients can be obtained from Eq. (1.3.44) for
each electrolyte:
lim In y, = In y? = -A* 4- (bu x + bx n)m
o
lim In y, = In y\ = -A* + 2bllm
lim In yu = In y n = -A* + (bu { 4- bY n)m
lim In Yn =

m

Yu = ~^* + 2 ^n n m

(1.3.45)
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Thus, lny? = lny n .
Coefficients or, and au are introduced, describing the combination of the
interaction constants:
m
!
o
(1-3.46)
In 10 «„ = 2bUM - V , - 6,.n = '" y " " '" y "
m
Combination of Eqs (1.3.44) to (1.3.46), introduction of molalities mY and
mn and conversion to decadic logarithms yield the equations
log yY = log y? + alml

= log y\ - <xxmYl

^

log Yu = log y?! + aumn = log y}T - auml
These relationships are termed the Harned rules and have been verified
experimentally up to high overall molality values (e.g. for a mixture of HC1
and KC1 up to 2mol-kg~ 1 ). If this linear relationship between the
logarithm of the activity coefficient of one electrolyte and the molality of the
second electrolyte in a mixture with constant overall molality is not fulfilled,
then a further term is added, including the square of the appropriate
molality:
log Y\ = log y,1 - ari/wn

$xm\x

^

log yu = log Yu ~ ocuml - /3nm?

Robinson and Stokes have demonstrated that, for simplifying assumptions,
the following relationship is valid between ar's and )3's:
(a,+ a II ) = fc-2rn(i8I + i8II)

(1.3.49)

where A: is a constant independent of the molality.
A particular case of electrolyte mixtures occurs if one electrolyte is
present in a large excess over the others, thus determining the value of the
ionic strength. In this case the ionic atmospheres of all the ions are formed
almost exclusively from these excess ions. Under these conditions, the
activities of all the ions present in the solution are proportional to their
concentrations, the activity coefficient being a function of the concentration
of the excess electrolyte alone.
The excess electrolyte is often termed the indifferent electrolyte. From the
practical point of view, solutions containing an indifferent electrolyte are
very often used in miscellaneous investigations. For example, when determining equilibrium constants (e.g. apparent dissociation constants, Eq.
1.1.26) it is necessary only to indicate the indifferent electrolyte and its
concentration, as they do not change when the concentrations of the
reactants are changed. Moreover, the indifferent electrolyte is important in
the study of diffusion transport (Section 2.5), for elimination of liquid
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junction potentials (Section 2.5.3) and in the investigations of electrochemical kinetics (Section 5.4).
1.3.6 Methods of measuring activity coefficients
Two types of methods are used to measure activity coefficients.
Potentiometric methods that measure the mean activity coefficient of the
dissolved electrolyte directly will be described in Section 3.3.3. However, in
galvanic cells with liquid junctions the electrodes respond to individual ion
activities (Section 3.2). This is particularly true for pH measurement
(Sections 3.3.2 and 6.3). In these cases, extrathermodynamical procedures
defining individual ion activities must be employed.
Thermodynamic methods also measure the activity coefficient of the
solvent (it should be recalled that the activity coefficient of the solvent is
directly related to the osmotic coefficient—Eq. 1.1.19). As the activities of
the components of a solution are related by the Gibbs-Duhem equation,
the measured activity coefficient of the solvent can readily be used to
calculate the activity coefficient of a dissolved electrolyte.
All methods based on osmotic phenomena lead directly to measurement
of activities; these include methods measuring the decrease in vapour
pressure above the solution, boiling point elevation, freezing point suppression and direct measurement of the osmotic pressure. Of these methods, the
most commonly used is the cryoscopic method; ebulioscopic and osmometric
methods are technically more complicated and are used less frequently.
Tensiometric methods are also often used, involving measurement of the
vapour pressure of the solvent above the pure solvent /?£ and above the
solution p0. The ratio of these two values, po/poy gives the activity of the
solvent in the solution. Various methods are used to measure vapour
pressure. Special tensiometers can be used to measure vapour pressure
directly in tensiometric measurements. Dynamic methods involve passing an
inert gas first through the pure solvent, then through a drying adsorbent,
further through the solution and then through another adsorbent; the ratio
of the amounts of solvent adsorbed on the two adsorbents equals the ratio
of the two vapour pressures. The isopiestic method involves placing two
solutions of various electrolytes B and C in a single solvent in a special cell
and bringing them into equilibrium through the gaseous phase. At osmotic
equilibrium, the two solutions have the same vapour pressure and the same
solvent activity; the molalities of the two solutions are measured at
equilibrium, raB and mc. If, for each value of the molality of one of the two
electrolytes, for example B, the concentration dependence of the osmotic
coefficient <j)B is also known, then <pc can be calculated from the equation
Methodically, there is no great difference between measuring the mean
activity coefficient in a solution of one electrolyte and measuring this
quantity in a mixture of electrolytes. Binary mixtures have been studied
most extensively. If osmotic methods are used, then the coefficients ocx and
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au can be calculated and, from these values, the activity coefficients using
the above relationships. If the Harned rule is not valid, then similar, more
complicated relationships are used that also contain the coefficients jSj and
j8n. If potentiometric methods are used, then the activity coefficients are
obtained directly, i.e. values of yY and y n for the given total molality and
relative abundances of the two electrolytes.
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1.4 Acids and Bases
The Arrhenius concept was of basic importance because it permitted
quantitative treatment of a number of acid-base processes in aqueous
solutions, i.e. the behaviour of acids, bases, their salts and mixtures of these
substances in aqueous solutions. Nonetheless, when more experimental
material was collected, particularly on reaction rates of acid-base catalysed
processes, an increasing number of facts was found that was not clearly
interpretable on the basis of the Arrhenius theory (e.g. in anhydrous
acetone NH3 reacts with acids in the absence of OH~ and without the
formation of water). It gradually became clear that a more general theory
was needed. Such a theory was developed in 1923 by J. N. Br0nsted and,
independently, by T. M. Lowry.
1.4.1 Definitions
The generalization was based on the introduction of the concept of
donor-acceptor pairs into the theory of acids and bases; this is a
fundamental concept in the general interpretation of chemical reactivity. In
the same way as a redox reaction depends on the exchange of electrons
between the two species forming the redox system, reactions in an
acid-base system also depend on the exchange of a chemically simple
species—hydrogen cations, i.e. protons. Such a reaction is thus termed
protolytic. This approach leads to the following definitions:
An acid HA is a substance capable of splitting off a proton:
A base B is a substance capable of bonding a proton:
B + H + ->BH +
Substances capable of splitting off a proton, i.e. proton donors, are termed
protogenic and, on the other hand, substances accepting protons, i.e. proton

46
accceptors, are protophilic. Some substances can exhibit both of these
properties, i.e. can either accept or donate a proton, and are termed
amphiprotic. The pairs HA — A and B — HB differ only by the presence or
absence of a proton (in the same way as the oxidized form differs from the
reduced form in a redox system only by the presence or absence of an
electron). The substances HA and A~ or B and BH + form a conjugate pair.
A strong acid is conjugate with a weak base and a strong base is conjugate
with a weak acid.
An important characteristic of the definitions should be noted: no
mention is made of the charge of species HA, A, B and HB. Acids and
bases can be either electrically neutral molecules or ions.
As free proton cannot exist alone in solution, reactions in which a proton
is split off from an acid to form a conjugate base cannot occur in an
isolated system (in a homogeneous solution although this is
possible in electrolysis (Section 5.7.1)). The homogeneous solution must
contain another base B n that accepts a proton from the acid HAr (acid HAX
is, of course, not conjugate with base B n ). It will be seen that this second
base can even be the solvent molecule, provided it has protophilic properties.
Acid-base reactions thus depend on the exchange of a proton between an acid
and a base that are not mutually conjugate^
HAl + B n ^ Ax + HB n

(1.4.1)

This scheme describes, in a uniform manner, all the reactions considered
in the classical (Arrhenius) theory as different processes, giving them
different names. They include, for example,
HC1 + NH3-> CP + NH 4 +
HC1 + H2O-> C\~ + H 3 O +
H2O + N H 3 ^ OH" + NH 4 +
H2O + H2O -> OH" + H 3 O +
H 3 O + + OH" -* H2O + H2O
NH4+ + H2O -> NH3 + H 3 O +
H2O + CH3COO~ -> OH~ + CH3COOH

Salt formation
Acid dissociation
Base dissociation
Autoionization
Neutralization
Hydrolysis
Hydrolysis

1.4.2 Solvents and self-ionization
To begin with, molecular solvents with high permittivities will be
considered. Classification of solvents on the basis of their permittivities
agrees roughly with classification as polar and non-polar, and the borderline
between these two categories is usually considered to be a relative dielectric
constant of 30-40. Below this value ion pairs are markedly formed. From
f As the acid-base equilibrium is dynamic the reaction HA + A*~ <=* A~ + HA*, where HA
and HA* are identical, unceasingly takes place at a high rate but has no influence on the
equilibrium properties of the system (cf. p. 99).
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the point of view of acid-base properties, solvents can be classified as
protic—containing a dissociable proton—and aprotic—not able to dissociate
a proton. This classification roughly corresponds to division on the basis of
whether the solvent molecules are or are not bonded by hydrogen bonds in
the liquid state.
Most protic solvents have both protogenic and protophilic character, i.e.
they can split off as well as bind protons. They are called, therefore,
amphiprotic. These include: water, alcohols, acids (especially carboxylic),
ammonia, dimethylsulphoxide and acetonitrile. Solvents that are protogenic
and have weak or practically negligible protophilic character include acid
solvents, such as sulphuric acid, hydrogen fluoride, hydrogen cyanide, and
formic acid.
Aprotic solvents are not protogenic, but can be protophilic, e.g. acetone,
1,4-dioxan, tetrahydrof uran,
dimethy Iformamide,
hexamethylphosphortriamide, propylene carbonate and sulpholane. Solvents that do not
participate in protolytic reactions, i.e. do not donate or accept a proton, are
usually chemically inert, such as benzene, chlorobenzene, chloroform,
tetrachloromethane, etc.
The molecules of amphiprotic solvents which are the most important will
be designated as SH. Self-ionization occurs to a small degree in these
solvents according to the equation
2HS^H 2 S + + S"

(1.4.2)

This equilibrium is characterized by the ion product of the solvent—
thermodynamic
(
or apparent

)

(

)
(1.4.3)

The activity of the solvent molecule HS in a single-component solvent is
constant and is included in ^ H s- The concentration of ions is mostly quite
low. For example, self-ionization occurs in water according to the equation
2H 2 O-^H 3 O + + OH~. The conductivity of pure water at 18°C is only
3.8 x 10~8Q"1 cm"1, yielding a degree of self-ionization of 1.4xlO~19.
Thus, one H 3 O + or OH~ ion is present for every 7.2 x 108 molecules of
water. Some values of Kus a r e listed in Table 1.5 and the temperature
dependence of the ion product of water Kw is given in Table 1.6.
The H2S+ ion is generally termed a lyonium ion and the S~ ion is termed
a lyate ion. The symbol H2S+ (for example H 3 O + , CH3COOH2+, etc.)
refers only to a 'proton solvated by a suitable solvent' and does not express
either the degree of solvation (solvation number) or the structure. For
example, two water molecules form the lyonium ion H 3 O + , termed the
oxonium (formerly hydronium or hydroxonium) ion, and the lyate ion
OH", termed the hydroxide ion.
The existence of the species, H 3 O + , was substantiated as early as in 1924
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Table 1.5

Self-ionization constants of solvents. (According to B. Tremillon)
Cation

Solvent

Anion
+

Acetamide
Acetonitrile
Acetic acid
Hydrofluoric acid
Formic acid
Hydrogen sulphide
Sulphuric acid
Ammonia

CH 3 CONH 3
CH 3 CNH +
CH 3 CO 2 H 2 +
H2F+
HCO 2 H 2 +
H 3 S 2+
H 3 SO 4 +
NH 4 +

Dimethylsulphoxide
Water
Ethanol
Ethanolamine
Formamide
Hydrazine
Methanol

C 2 H 6 SOH +
H3O+
C2H 5 OH 2 +
+
H 3 NC 2 H 4 OH
HCONH 3 +
N 2 H, +
CH 3 OH 2 +

°C

P^HS

14.6
19.6
14.9
10.7

CH 3 CONH
CH 2 CN
CH 3 CO 2
F
HCO 2 ~
HS~
HSO 4
HN2~

100
25
25
0
25
-78
25
25
-60
25
25
25
25
25
25
25

6.2

32.6
2.9

27.7
32

QH5SOHO
C 2 H 5 O~
H 2 NC 2 H 4 OHCONH"
N2H3"
CH 3 O

33.3
14.0
19.0
5.5

16.8
13

16.7

by M. Volmer by the isomorphism of the monohydrate, HC1O4H2O, with
NH4CIO4. The species present in the crystal obviously was H3O+-C1O4~. An
exact proof follows from the NMR spectra: the monohydrates of the
molecules of nitric, perchloric and sulphuric acids contain protons placed in
the apices of equilateral triangles while other structures would give quite
different spectra. The H 3 O + structure is hydrated by further three water
molecules, so that the most stable species are the H 9 O 4 + and H7O4~ ions:

H

V
A

•9:

H

.H

H
H

H

H

H

0

H.

H-O'
H
However, the symbols H 3 O + (often simply H + ) and OH will be retained in
this book.
Simple self-ionization cannot be assumed a priori. The situation is
sometimes more complicated, e.g.
3HClO4-> C12O7 + H 3 O + + C1O4"
In mixed solvents, the overall ion product is defined. For example, for a
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Table 1.6 Ion product of water at different
temperatures. (According to B. E. Conway)

<(°Q
0
5
10
15
20
25
30

P*w

'(°C)

P*w

14.9435
14.7338
14.5346
14.3463
14.1669
13.9965
13.8330

35
40
45
50
55
60

13.6801
13.5348
13.3960
13.2617
13.1369
13.0171

binary mixture of solvent HS with water, this product is
KHS.W =

([H2S+] + [H3O+])([S-] + [OH"])

(1.4.4)

and the equilibria
HS + OH ?±S" + H o
2
HS + H 3 O + ?±H 2 S + 4 H2O
+

2H2O ^ H 3 O - HOH2HS ?±H 2 S + 4 • S ~

(I)
(II)
(III)

(1.4.5)

(IV)

are established. The constant of the first reaction KY indicates whether water
is a stronger acid than the solvent HS, constant Ku indicates whether water
is a stronger base than solvent HS and constants Km and Klw indicate the
degree of self-ionization of the two liquids in the mixture. The ratios of the
concentrations of the ions
[S-]
[OH"]

, [HS]
'[H 2 O]'

[H 2 S + ]^
[H3O+]

[HS]
"[H 2 O]

(1.4.6)

thus depend on the relative strengths of HS and water as acids and bases
and on the composition of the mixture. Various situations can occur in this
system. If the acid-base properties of water and HS are roughly identical,
then definition (1.4.4) is valid; however, because the concentrations of the
molecules H2O and HS are given by the composition of the mixture,
the dependence of ^ H S w on the composition exhibits a maximum. If, on
the other hand, solvent HS is almost inert, Kx and Ku are small, the
concentrations of H 2 S + and S" can be neglected in Eq. (1.4.4) and the
expression becomes that for Kw of pure water. However, the concentration
of water molecules appearing in the equation for Kw decreases with
increasing concentration of the solvent HS (which acts as an inert diluent)
so that Kw decreases. If water is a sufficiently stronger acid than HS but HS
is a stronger base than water, then K1<1 while Kn>l, [H3O+] can be
neglected compared to [H2S+] and [S~] can be neglected compared to
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[OH"], so that #HS,W = [H2S+][OH~]. This situation occurs for a mixture of
hydrazine and water, where the equilibrium H2O + N2H4^±OH~ + N2H5+
is established. Other combinations of acid and base strengths can be
discussed in similar terms.
1.4.3 Solutions of acids and bases
In amphiprotic solvents protolysis of acids and bases takes place. This
reaction is also termed solvolysis, classically dissociation. The degree of
solvolysis depends on the nature of both the dissolved acid or base and on
the solvent.
The acid HA reacts with the solvent HS according to the reaction
HA + HS<F± A" + H 2 S + ,

(1-4.7)

with
_q(A-) fl (H 2 S + )
KA
~
fl(HA)
'

[A-][H2S+]
* "
[HA]
A

(1A8)

for aqueous solutions
_q(A>(H 3 + O)
*A~
«[HA]
'

[A-][H3O+]
*A~
[HA]

(1A9)

where KA is termed the true (thermodynamic) dissociation constant while
KA apparent dissociation constant of the acid. This constant gives the
strength of the acid in the given solvent: the larger the value of KA or K'A
(the smaller pKA and pKA), the stronger the acid. For the degree of
dissociation a [Eq. (1.1.31)] directly applies when setting [B+] =
[H2S+]([H3O+] in aqueous solutions).
The generally accepted measure of the acidity of any solution is the
logarithm of the activity of solvated protons times —1,
pH HS = -loga(H 2 S + )~ -log[H 2 S + ]

(1.4.10)

giving for aqueous solutions the important definition
pH=-logfl(H 3 O + )-log[H 3 O + ]

(1.4.11)

The subsequent text will be restricted to aqueous solutions and concentrations will be used instead of activities. Thus, the neutral point is given
by the condition [H2O+] = [OH"] = K'wm,
pH = ^p/C;

(1.4.12)

A weak dibasic acid H2A dissociates in two steps:
H2A 4- H2O *± HA~ + H 3 O +
2
+H 3 O +

( • • )
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with dissociation constants K[ and K2 and degrees of dissociation ax and
for which
[H2A]

1 - a,

+

(l +
1 - a2

-][HO
]
tJA][H
3O]

2

[HA~]

(1.4.14)

)

(simple consideration reveals that [H2A] = c(l - ax)y [HA"] = cax{\ - a2),
[A2~] = ca1a2, [H3O+] = ca1 + cala2, where c = [H2A] + [HA"] + [A 2 "]).
For a weak acid (K[> K2« 1) and not too dilute solution (aly a2« 1), the
last pair of equations simplifies to yield K\ ~ ca\ and K2 « cocxoc2y so that
[H 3 O + ] = cocx + cocxa2 - (K[c)m +

tf2

(1.4.15)

In most systems, K2< K\. Otherwise (e.g. the first two dissociation steps for
ethylenediaminetetraacetic acid—EDTA) the first hydrogen ion capable of
dissociation is stabilized by the presence of the second one and can
dissociate only when the second begins to dissociate. As a result both
hydrogen ions dissociate in one step.
As the second dissociation constant is often much smaller than the first,
a2« ocx « 1 and [H2S+] ~cocx = (K[c)m. Thus, the acid can be considered
as monobasic with the dissociation constant K[.
Solvolysis of base B
+ S~

(1.4.16)

with a dissociation constant

is usually formulated as dissociation of the cation of the base HB + so that
Eqs (1.4.8) and (1.4.9) apply for BH + = HA.
Obviously, for a conjugated acid-base pair
K'A(BH+)K{i = Ksu,

or

PK^

+ pK^ = pKSH

(1.4.18)

(for aqueous solutions at 25°C pA^A + P # B = 14).
The above treatment of moderately dilute acids and dibasic acids can be
used for analogous cases of bases. Table 1.7 lists examples of dissociation
constants of bases in aqueous solutions.
The concentration of lyonium or lyate ions cannot be increased arbitrarily. A reasonable limit for a 'dilute solution' can be considered to be a
molality of about 1 mol kg" 1 (e.g. in water, one mole of solute per 55 moles
of water). When the ratio is greater than 1:55, it is difficult from a
thermodynamic point of view to consider the system as a solution, but it
should rather be viewed as a mixture. This situation becomes increasingly
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Table 1.7 Dissociation constants of weak acids and bases at 25°C. (From
CRC Handbook of Chemistry and Physics)
Acid
Acetic acid
Benzoic acid
Boric acid (20°C)
Chloroacetic acid
Formic acid (20°C)
Phenol (20°C)
6>-Phosphoric acid
(first step)
o-Phosphoric acid
(second step)
o-Phosphoric acid
(third step)

p/CA(HA)
4.75
4.19
9.14
2.85
3.75
9.89
2.12
7.21

Base
Acetamide
Ammonia
Aniline
Dimethylamine
Hydrazine
Imidazol
Methylamine
Pyridine
Trimethylamine

pKA(BH+)
0.63
4.75
4.63
10.73
5.77
6.95
10.66
5.25
9.81

12.67

less favourable when the molecular weight of the solvent increases. The
range of reasonably useful values of pHHs in a given solvent is limited on
the acid side by the value pHHs = 0 ([H2S+]) = 1) and on the basic side by
the value pHHs = P^Hs (when [S~] = 1); the neutral point then lies in the
middle where pHHs = 2P^HSThe strongest acid that can be introduced into solution is the H2S+ ion
and the strongest base is the S~ ion. However, these ions can be added to
the solution only in the form of a molecule. There are three main
possibilities. If a strong acid is dissolved in solution, it quantitatively yields
protons that are immediately solvated to form H2S+ ions. The corresponding conjugate base cannot recombine with protons in a given solvent (e.g.
introduction of HC1 into solution yields Cl~ ions) since it has no basic
properties in this solvent. The value of pHHS is given directly by the
concentration of the dissolved strong acid cA according to the simple
relationship pH HS = ~logc A . If a strong base is dissolved whose conjugate
acid form cannot dissociate under the given conditions as bases such as
KOH in water or CH3COOK in glacial acetic acid (the K+ cation has no
dissociable hydrogen), the pHHs value is again given by the concentration of
the dissolved strong base, in this case according to the relationship
After discussing the general properties of an amphiprotic solvent several
examples will now be considered. As the Arrhenius concept took only
aqueous solutions into account it became a seemingly unambiguous basis for
the classification of individual chemical substances as strong or weak acids
or bases. However, the designation of a given substance as an acid or base,
weak or strong, lacks a logical foundation. Of decisive importance is the
behaviour of a given substance with respect to a given solvent, where it can
act as a strong or weak acid or base. This generalization follows from the
concepts of Br0nsted and Lowry.
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Water. The pH range that can reasonably be used extends from 0 to 14,
with the neutral point at pH 7. A solution with p H < 7 is acidic and with
pH > 7 is basic. The commonest strong acids are HC1O4, H2SO4, HC1 and
HNO3; strong bases include alkali metal and tetraalkylammonium
hydroxides.
Methanol and ethanol. The self-ionization reaction is
ROH2+ + RO~. The pHMe range is about 9.5 and the pHEt about 8.3.
HC1O4 continues to be a strong acid and HC1 becomes a 'medium strong'
acid (pKAMe = 1.2, p # A E t = 2.1). Acetic acid has the values of pKAMe =
9.7 and pKABt = 10.4, i.e. it is much weaker than in water. Strong bases
include the alkali metal alcoholates, as they introduce RO~ anions, the
conjugate base of alcohol. Water is a weak base in ethanol (pKA = 0.3).
Liquid ammonia. Self-ionization occurs according to the equation
2NH3*±NH4+ + NH2~ and the pH range at -60°C is 32 units. Acids that
are weak in water, such as acetic acid, are strong in ammonia and acids that
are very weak in water become medium strong in ammonia. Strong bases
include potassium amide, introducing NH2~ ions, while hydroxides are weak
bases (a KOH solution with a concentration of 10~2 mol dm"3 has a pHNH3
value of about 24.5).
If an amphiprotic solvent contains an acid and base that are neither
mutually conjugate nor are conjugated with the solvent, a protolytic
reaction occurs between these dissolved components. Four possible situations can arise. If both the acid and base are strong, then neutralization
occurs between the lyonium ions and the lyate ions. If the acid is weak and
the base strong, the acid reacts with the lyate ions produced by the strong
base. The opposite case is analogous. A weak acid and a weak base
exchange protons:
Strong acid + strong base
Weak acid + strong base
Strong acid + weak base
Weak acid 4- weak base

H 2 S + + S - - > ;>HS

(I)
HA + S "->i\ " + HS (II)
+
H 2 S + + B ^ 1^B + HS (HI)
HA + B-»]HB+ + A " (IV)
(1.4.19)

(Except for the last, these reactions are used in titrimetric neutralization
analysis.) Reactions (II) to (IV) can also proceed in the opposite direction.
This will be demonstrated on the well-known example of salt hydrolysis.
Reaction (II) could be the neutralization of acetic acid by potassium
hydroxide, yielding potassium acetate which can be isolated in the crystalline state. On dissolution in water the K+ cation is only hydrated in solution
but does not participate in a protolytic reaction. In this way, the weak base
CH3COO~ is quantitatively introduced into solution in the absence of an
equilibrium amount of the conjugate weak acid CH3COOH. Thus
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CH3COO~ reacts with water to form an equilibrium concentration of
CH3COOH molecules, corresponding to the K'A value for acetic acid in
water:
CH3COO- + H2O <± CH3COOH + OH"
, [CH3COOH][OH-] _
K^
a2Hc
(1.4.20)
KH
"
[CH3COO-]
~ KA(CH3COOH) " 1 - aH
(the degree of hydrolysis of the salt present at the concentration c is
orH = [OH-]/c = [CH3COOH]/c, [CH3COO"]/c = 1 - aH.) Because of this
hydrolysis reaction, the solution becomes alkaline. For small degrees of
hydrolysis ( a r H « l ) ,
(L4.21)
The concentration of oxonium ions increases with increasing strength of the
acid and the pH decreases.
The case of the salt of a weak base and strong acid is treated in an
analogous way. With decreasing strength of the base, the concentration of
oxonium ions increases and the pH decreases.
In the case of the salt of a weak acid and a weak base HAB, e.g.
ammonium acetate, hydrolysis of both the ions occurs:
2HAB + 2H2O ±± A + HA + BH + + B + H 3 O + + OH~
For a high degree of hydrolysis [HA] ~ c and [B] ~ c, where c is the overall
concentration of the salt. The electroneutrality condition gives [A~] +
[OH~] = [H3O+] + [BH + ]. Here the concentrations [A"] and [BH+] are
expressed by means of the acid dissociation constants KfA(HA) and
K'A(BH+) and the oxonium concentration. Finally, we have

[H3 ]=

°

pH = i[pK'A(HA) + pK'A(BH+)]

(1.4.22)

Thus, the relative strengths of the acid (small pKA(HA)) and of the base
(large p# A (BH + )) decide whether the solution becomes acidic or alkaline.
Sometimes, hydrolysis leads to complete transformation of the dissolved
substance, for example BC13 + H2O ^ B ( O H ) 3 + 3H3O+ 4- 3 d " (the solution is acidified by this reaction). Similarly, ammonolysis can occur, for
example BC13 + 6NH3^±B(NH2)3 + 3NH4+ + 3C1" (the solution is again
acidified and excess lyonium ions NH 4 + are formed); fluorolysis can also
take place, for example UO2F2 + 6HF^±UF 6 + 3H3O+ + 2F" (the solution
becomes alkaline as a result of the formation of lyate ions, F~).
Not only addition of acidic species supplying the ions, H 2 S + , but also of
acceptors of S~, typically of metal ions Mn+, results in a shift of the
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protolytic equilibrium towards the H2S+ ions, connected with consecutive
complex formation,
1)+

+ H2S+

MS 2 "- 2)+ + H 2 S +
etc.
Thus, the cation acts as a polybasic acid. Another case of consecutive
complex formation occurs if the solution contains a complexing agent, X,

(1.4.24)

with consecutive stability constants defined as
[MX,]
K

MX{ = 77777

7777T

(1.4.25)

[MX][X]
for i = 1, . . . , r (the charge of the species is not indicated). The more stable
the complex, the larger is the stability constant. Some examples are given in
Table 1.8.
Solutions formed by incomplete neutralization of a weak acid by a strong
base or a weak base by a strong acid (cases (II) and (III) in scheme 1.4.19)
are called buffers and have interesting properties which are particularly
important in many fields of chemistry and biology. Aqueous solutions will

Table 1.8 Consecutive stability constants, expressed as \ogKMXj, of
complexes of ammonia (A), ethylene diamine (B), diethylenetriamine
(C) and the anion of ethylenediaminetetraacetic acid (D 4 ~) at 20°C and
0 . 1 M K N O 3 as indifferent electrolyte. (According to J. Bjerrum and G.
Schwarzenbach)

MA
MA 2
MA,
MA 4
MA,
MA 6
MB
MB 2
MB,
MC
MC 2
MD 2 "

Mn 2+

Fe 2+

Co 2+

Ni 2+

Cu 2+

Zn 2+

Cd 2+

—
—
—
—
—
2.8
2.1
0.9
—
—
14.02

—
—
—
—
—
4.4
3.3
2.0
—
—
14.33

2.05
1.57
0.99
0.70
0.12
-0.14
6.0
4.9
3.2
8.1
6.0
16.31

2.75
2.20
1.69
1.15
0.71
-0.01
7.9
6.6
4.7
10.7
8.2
18.62

4.13
3.48
2.87
2.11
—
—
10.8
9.4
0.1
16.0
5.3
18.80

2.27
2.34
2.40
2.05
—
—
6.0
5.2
1.8
8.9
5.5
16.50

2.60
2.05
1.39
0.88
-0.32
-1.66
5.7
4.6
2.1
8.4
5.4
16.46
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be considered by way of illustration. Consider an aqueous solution of a
weak acid HA of concentration s = [HA] + [A~], to which potassium
hydroxide is added so that its final concentration in solution is b = [K + ]. The
K+ ions do not participate in the protolytic process and OH~ ions present
react with the acid HA to form water molecules and the conjugate base A~
(classically viewed, the salt KA). This reaction is practically quantitative,
because OH~ ions are a strong base in aqueous medium. Thus we can set
[A~] ~ 6 , i.e. the A~ anions formed by dissociation of the acid HA can be
neglected. Further, [HA] = s - [A~]~s - b, so that K'A = [U3O+]b/(s - b),
which yields
(1.4.26)

pH = pA^(HA) +

(see Fig. 1.9).
The case of a buffer consisting of a weak base and its acidic form (for
example, NH3 and NHJ") is treated in an analogous way. Equations of the
type of (1.4.26) are sometimes called the Henderson-Hasselbalch equations.
Buffering properties are exhibited by mixtures of weak acids (or bases)
and their salts with a composition such that the concentration of the weak
component and the salt are not too far apart. Thus, for b = \s, pH =
PATA(HA). The addition of a quite large amount of strong hydroxide or acid
to such a mixture results in a small pH change in the solution (see Fig. 1.9).
The buffering ability of a buffer solution is characterized by its buffering
capacity /?, which is a differential quotient indicating the change of
0.10
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Fig. 1.9 Dependence of pH on the buffer composition according to the
Henderson-Hasselbalch equation: (1) acidic buffer (Eq. 1.4.26); (2)
basic buffer. Calculation for K'A = K'B = 1(T4, s = 0.1 mol • dm 3
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I

r

Fig. 1.10 Dependence of the buffering capacity ft on the
pH of an acid buffer. Calculation according to Eqs
(1.4.27) for K'A = 10"4, s = 0.01 mol • dm 3

concentration of added strong acid or base in the solution, which is
necessary for a given change of pH (Fig. 1.10). On differentiation of
(1.4.26) we obtain
dfr
dpH

10

(1.4.27)

Thus, the buffering capacity depends on the composition of the buffer, i.e.
on the concentration of the salt a or b. The maximum value found by
differentiation of Eq. (1.4.27) with respect to a corresponds, for an acidic
buffer, to b = \s.
For practical purposes, a number of buffer mixtures have been proposed
that are useful for various pH ranges. Procedures for their preparation and
requirements on purity and definition of the chemicals used are given in
laboratory manuals and tables.
If the solvent is not protogenic but protophilic (acetone, dioxan,
tetrahydrofuran, dimethylformamide, etc.), self-ionization obviously does
not occur. Consequently, the dissolved acids are dissociated to a greater or
lesser degree but dissolved bases do not undergo protolysis. Thus, there can
exist only strong acids but no strong bases in these solvents. The pH is not
defined for a solution that does not contain a dissolved acid (i.e. in the pure
solvent or in the solution of a base). The pKA value can be defined but not

58
the pKB value, and there is no neutral point. If the solvent is neither
protogenic nor protophilic, then neither dissolved acids nor dissolved bases
are protolysed. Protolytic reactions can occur in such a solvent, but only
between dissolved acids and bases (that are not mutually conjugate).
If the dielectric constant of an amphiprotic solvent is small, protolytic
reactions are complicated by the formation of ion pairs. Acetic acid is often
given as an example (denoted here as AcOH, with a relative dielectric
constant of 6.2). In this solvent, a dissolved strong acid, perchloric acid, is
completely dissociated but the ions produced partly form ion pairs, so that
the concentration of solvated protons AcOH2+ and perchlorate anions is
smaller than would correspond to a strong acid (their concentrations
correspond to an acid with a pK'A of about 4.85). A weak acid in acetic acid
medium, for example HC1, is even less dissociated than would correspond
to its dissociation constant in the absence of ion-pair formation. The
equilibrium
HC1 + AcOH«± AcOH 2 + Cr *± AcOH2+ + Cl"

(1.4.28)

is established. If the constants
A;

ass

=

[AcOH 2 + Cr]
[HC1]
[AcOH2+Cl~]
[AcOH 2 + ][Cr]
[AcOH 2 + ][Cr]
[HC1] + [AcOH 2 + Cr]

are introduced, then
(1.4.30)
The protolytic reaction between two molecules must be formulated as the
formation of the pair
B + HA^BH+A~

(1.4.31)

that can react as a base with another acid HA,, or as an acid with another
base B n :
B,H + Ar + HA n <P* B,H + A,r + HA,
BjH+Ar + B n ^ B u H + A r + Bj

' '

Protolytic reactions can also occur in fused salts. The solvent participates
in these reactions provided that at least one of its ions has protogenic
and/or protophilic character. An example of a solvent in which the cation is
aprotic and the anion protophilic is ethylpyridinium bromide (m.p. 114°C).
The acid HA is protolysed in this solvent (HA + B r ~ ^ H B r + A").
Hydrogen bromide acts as a solvated proton and the acidity is expressed as
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pHBr = — log [HBr] and can be measured with a hydrogen electrode. In
ethylammonium chloride (m.p. 108°C) the cation is protogenic and selfionization occurs, C 2 H 5 NH 3 + + Cl~ <=±C2H5NH2 +HC1, with the ion product 10"8'1. Fused alkali-metal hydroxides with amphiprotic OH~ anion are
the most important of these solvents; the autoprotolysis follows the
equation 2OH~~«^H2O + O2~. Here, water is the strongest acid, corresponding to solvated protons, and O2~ is the strongest base. Metal cations
(added as hydroxides) behave as acids as they remove O2~ anions, forming
compounds that often precipitate.
So far acid-base reactions of molecules in the ground state of energy have
been discussed. The properties of these molecules can change considerably
in the electronically excited state (K. Weber, T. Forster, A. Weller, et al).
For example, in aqueous solution in the ground state, 2-naphthol has
pK'A = 9.5, while the value for the excited state is 2.5. Similarly for phenol,
in the ground state, pK'A = 10.0, while the value for the excited state is 3.6.
Thus, the strength of acids in these and a number of other cases increases by
several orders on excitation. Simultaneously, the pH of a solution calculated
from the concentrations of species corresponding to the conjugate pair
decreases by several pH units. This effect is termed the laser pH jump'.
The effect is studied by irradiating the solution with a short intense pulse
(usually provided by a laser—hence the name) and fast fluorescence or
absorption spectroscopy is employed to determine the concentrations of the
corresponding excited acid species and the conjugated base. If the spectroscopy is sufficiently resolved in time (with resolution of the order of
nanoseconds to picoseconds), the kinetics of the exchange of a proton
between the dissolved conjugate pair and the solvent can be studied. It has
been found that this is a very fast reaction (with a rate constant of the order
of 10 9 s- ! )1.4.4

Generalization of the concept of acids and bases

The most extensive generalization of the concept of acids and bases was
that proposed in 1938 by G. N. Lewis, who concluded that the Br0nsted
concept of limiting the group of acids to substances with a dissociable
hydrogen prevents the general understanding of the chemistry of acids, in
the same way as the early definition of oxidants as oxygen-containing
substances impeded the general understanding of oxidation-reduction
reactions. In view of this, he related the acidic and basic character of
substances to their electron structure by the following definition:
A base is a substance capable of acting as an electron-pair donor.
An acid is a substance capable of acting as an electron-pair acceptor.
According to this definition the group of bases practically includes just
about the same substances as the Br0nsted conception, but with a few
additions such as the inert gases (e.g. argon reacts as a base with boron
trifluoride). On the other hand, the category of acids is much wider than
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under the Br0nsted definition, as it includes species such as H + , HCl, A1C13,
SnCl3, SO2, SO3, O, Ag + , Be 2+ , Cu 2+ , etc.
The Lewis acids that also fulfil the Br0nsted definition form a special
group of protonic acids and can be formally considered to be the products of
neutralization of a proton by a base (for example Cl~).
The reaction between an acid and a base produces a coordination
compound (complex). In contrast to former theories, this is more an
addition than an exchange reaction. On the other hand, an exchange
reaction in the Lewis sense is the result of competition between two
acceptors for a single donor or between two donors for a single acceptor.
Thus the typical Br0nsted acid-base reaction HA + B«^A + HB is the
result of competition between two bases :A and :B for the acceptor H + . The
reactions (A1C13 <- A) + :B <± (A1C13 <-B) + :A are analogous. The classical
reactions depend on replacement of one base (Bx) by another (B n ):
HCl + NH3 -* NH 4 + + Cl"
HCl + H 2 O ^ H 3 O + + C r
H2O + NH3 -* NH 4 + + OH"
H2O + CH3COO~ -* CH3COOH 4- OH"

Salt formation
Dissociation
(1.4.33)
Dissociation
Hydrolysis

The Lewis concept permits inclusion of acids and oxidants in a single
group of electrophilic substances and bases and reductants in a single group
of nucleophilic substances. The only difference between acid-base and
redox reactions lies in the nature of the bond formed.
However, a wide generalization usually brings a number of complications.
The reactions between acids and bases have become so specific that they
evade mutual comparison and arrangement in a series according to their
strengths. Consequently, Lewis complemented his original definition by
further, purely phenomenological definitions that are not in any way related
to the theory of the structure of molecules and are based only on the
behaviour of substances during chemical reactions:
Bases are substances that (similar to OH~ ions) neutralize hydrogen ions
or some other acid.
Acids are substances that (similar to H + ions) neutralize hydroxide ions
or other bases.
Acids and bases have the following properties:
(a) The mutual neutralization reaction is fast and has low activation energy.
(b) Species of the same type can exchange with one another (e.g. one base
for another one).
(c) They can be titrated with the help of acid-base indicators.
(d) They catalyse chemical reactions.
These complementary definitions, however, do not solve the problems, as
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some of substances exhibit only one of the features required, whilst lacking
others, and thus their placing in the acid or base group is not certain.
The concept of 'hard' and 'soft' acids and bases ('HSAB') should also be
mentioned here. This is not a new theory of acids and bases but represents a
useful classification of Lewis acids and bases from the point of view of their
reactivity, as introduced by R. G. Pearson.
Hard acids (HA) have low polarizability and small dimensions, higher
oxidation numbers and the 'hardness' increases with increasing oxidation
number; they bind bases primarily through ionic bonds. Typical examples
are H + , Na + , Hg 2+ , Ca 2+ , Sn2+, VO 2+ , VO 2 2+ , (CH3)2Sn2+, A1(CH3)3, I 7+ ,
I 5+ , Cl 7+ , CO2, R3C+, SO3.
Soft acids (SA) are strongly polarizable, have low or zero oxidation
numbers, the 'softness' decreases with increasing oxidation number and if
groups with a large negative charge are also bonded to the central atom,
then the 'softness' increases; they bind bases primarily through covalent
bonds. Typical examples are Cu + , Ag + , Hg + , Cs + , Pd 2+ , Cd2+, Hg 2+ , Tl 3+ ,
T1(CH3)3, BH3, I + , Br + , HO 2 + , I2, Br2, O, Cl, Br, I, metal atoms, metals in
the solid phase.
Hard bases (HB) have low polarizability and strong Br0nsted basicity; in
the V, VI and VII groups of the periodic table, the first atom is always the
hardest and the hardness decreases with increasing atomic number in the
group. Typical examples are H2O, OH~, F", O 2 ", CH3COO~, SO42~, Cl",
CO32", NO 3 ", ROH, RCT, R2O, NH3, RNH2, N2H4.
Soft bases (SB) are strongly polarizable and generally have low Br0nsted
basicity. Typical examples are R2S, RSH, RS", I~, R3P, CN", CO, QH4,
C6H6, H , R .
Obviously, a number of substances cannot be classified exactly. Borderline acids include Fe 2+ , Sb 3+ , Ir 3+ , B(CH3)3, SO2, NO + , R 3 C + and C6H5+
and borderline bases include C6H5NH2, N3~, Br~, NO 2 ", and SO2~.
Simple laws govern the reactions of these substances: hard acids react
preferentially with hard bases and soft acids with soft bases. Mixing of
'unsymmetrical' complexes results in the reaction
HA—SB + SA—HB-^ HA—HB + SA—SB.

(1.4.34)

For example, the ether RO—C^ (of the HB—SA type) is split by hydrogen
iodide (of the HA—SB type) to yield ROH (the HB—HA type) and I—G^
(the SB—SA type).
It is obvious that the Lewis theory and the HSAB concept are very
important for the description of the mechanisms of chemical reactions;
however, for electrochemistry the Br0nsted theory is quite adequate.
1.4.5

Correlation of the properties of electrolytes in various solvents

It has already been mentioned several times that the strength of acids and
bases is expressed by their dissociation constants KA and KB. This is
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actually true if acids or bases are compared in a single solvent. For example,
in aqueous solutions values of KA of 1.38 x 1(T3, 1.74 x 10~5 and 4.27 x
10~7 have been found for chloroacetic acid, acetic acid and carbonic acid,
respectively; consequently, in (dilute) aqueous solutions chloroacetic acid is
two orders of magnitude stronger than acetic acid which is again two orders
stronger than carbonic acid. These values have no absolute significance.
They change on transfer to another solvent and even their order can
change. If, for example, the protolytic reaction CH3COOH + H2O <=*
CH3COO~ + H 3 O + occurred in acetic acid medium, with water as a
dissolved base, then the standard state to which the activities and
equilibrium constants are related would be changed. Comparison of the
acidity or basicity of solvents is just as difficult. For example, alcohols react
according to the equation ROH +H 3 O + ^±ROH 2 + + H2O. In dilute solutions (water concentration of less than 1 mol • dm" 3 ), the constant K' for
this reaction in methanol is equal to 8.6 x 10~3 and in ethanol, 3.9 x 10~3. If
these values were also valid in the vicinity of composition [ROH]/[H2O] =
1, then the ratio [ROH2+]/[H3O+] = /T[ROH]/[H2O] describing the proton
distribution between the alcohol and water would be small. Consequently,
water would have a greater affinity for protons than alcohol, i.e. would be
more basic. The opposite is true.
The effect of the medium (solvent) on the dissolved substance can best be
expressed thermodynamically. Consider a solution of a given substance
(subscript i) in solvent s and in another solvent r taken as a reference.
Water (w) is usually used as a reference solvent. The two solutions are
brought to equilibrium (saturated solutions are in equilibrium when each is
in equilibrium with the same solid phase—the crystals of the dissolved
substance; solutions in completely immiscible solvents are simply brought
into contact and distribution equilibrium is established). The thermodynamic equilibrium condition is expressed in terms of equality of the
chemical potentials of the dissolved substance in both solutions, jU,(w) =
fii(s)y whence

RT In ^

= tf(s) - p?(w) = AG&r g

(1 -4.35)

where jU°(s) and jU°(w) are the standard chemical potentials, identical with
the standard Gibbs energies of solvation. The quantity AG? r '^ s is the
change in the partial molar Gibbs energy of transfer of the dissolved
substance from the standard state in the reference solvent, w, to the
standard state in the solvent considered, s, and is termed the standard Gibbs
transfer energy. A negative value of the standard Gibbs energy of transfer
for a proton, AG&jJ?8 indicates that a proton is more stable in solvent s and
a positive value indicates that it is more stable in water.
Some authors prefer the coefficient y^Js to the transfer Gibbs energy; this
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coefficient is defined by the relationship

(iA36)

TF)

This coefficient has various names (medium effect, solvation activity
coefficient, etc.); the name recommended by the responsible IUPAC
commission is the transfer activity coefficient. In this book the effect of
solvation in various solvents will be expressed exclusively in terms of
standard Gibbs transfer energies.
In electrolytes, the ionic and the overall Gibbs transfer energies must be
distinguished. These quantities are defined in the usual manner. For
example, for the most usual type of electrolyte AB—»A + B,

AG?r',lT = A G £ r 8 + AG?r;Vs

(1.4.37)

The Gibbs energy of an ion changes on transfer from one solvent to
another primarily because the electrostatic interaction between ions and the
medium changes as a result of the varying dielecric constant of the solvent.
This can be expressed roughly by the Born equation (see Eq. 1.2.7),
i _

i\

(1A38)

Mostly, Ds < D w so that the Gibbs energy increases on transfer from water
to some other solvent.
The determination of the standard Gibbs energies of transfer and their
importance for potential differences at the boundary between two immiscible electrolyte solutions are described in Sections 3.2.7 and 3.2.8.
1.4.6

The acidity scale

An exact description of the acidity of solutions and correlation of the
acidity in various solvents is one of the most important problems in the
theory of electrolyte solutions. In 1909, S. P. L. S0rensen suggested the
logarithmic definition of acidity for aqueous solutions considering, at that
time, of course, hydrogen instead of oxonium ions (cf. Eq. (1.4.11))
pH = -log a(H 3 O + ) = -log [H 3 O + ] - log y(H 3 O + )

(1.4.39)

This notional definition of the pH scale can, however, not be used for
practical measurements, as it contains the activity coefficients of the
individual ions, y(H 3 O + ).
Under these conditions, an operational definition must be used, i.e. a
definition based on the method by which the quantity pH is measured.
Obviously, the operational definition must be formulated as closely as
possible to the 'absolute' equation (1.4.39). In this way, a practical scale of
pH is obtained that is very similar to the absolute scale but is not identical

20
Weight %H 2 S0 4
Fig. 1.11 Dissociation ranges of colour indicators for determination of the acidity function Ho
in H2SO4-H2O mixtures: (1) p-nitroaniline, (2) o-nitroaniline, (3) p-chloro-o-nitroaniline, (4)
/7-nitrodiphenylamine, (5) 2,4-dichloro-6-nitroaniline, (6) p-nitroazobenzene, (7) 2,6-dinitro-4methylaniline, (8) benzalacetophenone, (9) 6-bromo-2,4-dinitroaniline, (10) anthraquinone,
(11) 2,4,6-trinitroaniline. (According to L. P. Hammett and A. J. Deyrup)
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with it. This definition has changed somewhat over the years and the
definitions have now been unified (Pure Applied Chemistry, 57, 531, 1985).
As these definitions are based on pH measurement with the hydrogen
electrode they will be discussed in Section 3.3.2. For the same reason the
pH scales in non-aqueous solutions will be dealt with in Section 3.2.6.
For solutions of extreme acidity (e.g. the H 2 O-H 2 SO 4 mixture) the
acidity function Ho was introduced by L. P. Hammett as
Ho = pATA(BH+) + log - ^ - = -log aH+ - log - ^ C

BH+

(1.4.40)

YBH+

Here, KA(BH+) denotes the acid dissociation constant of a basic coloured
indicator B (for the theory, see Section 1.4.7).
If a given indicator is half dissociated, the value of Ho is equal to the
decadic logarithm of its acidity constant times — 1. For practical measurements an indicator may be used only in the range of its colour transition,
i.e. at most in the range of the ratio cB/cBH+ from 10 to 10"1. For a larger
interval of Ho values several indicators have to be used.
In view of the term containing activity coefficients, the acidity function
depends on the ionic type of the indicator. The definition of Ho is combined
with the assumption that the ratio YB/YBH+ is constant for all indicators of
the same charge type (in the present case the base is electroneutral; hence
the index 0 in // 0 ). Thus, the acidity function does not depend on each
individual indicator but on the series of indicators.
The acidity function is determined by successive use of a range of
indicators. Hammett and Deyrup started with /?-nitroaniline, the pKAx of
which in a dilute aqueous solution is 1.11 (the solvolysis constant has been
identified with the acidity constant). Since in a dilute aqueous solution,
=
7B YBH+ ~ 1 > the acidity function for the aqueous media goes over to the
pH scale. By means of p-nitroaniline, the acidity constant of another
somewhat more acidic indicator is obtained under conditions such that both
forms of each indicator are present at measurable concentrations. Then Ho
as well as the pKAl of the other indicator is determined by using Eq.
(1.4.40). By means of this indicator, values of Ho not accessible with
/?-nitroaniline may be reached. The Ho scale is further extended by using a
third indicator and its pKA3 is determined in the same way (see Fig. 1.11).
The concentration ratios are determined photometrically in the visual or
ultraviolet region. Figure 1.12 shows the dependence of Ho on the composition of the H2SO4-H2O mixture and was obtained as indicated above.
1.4.7 Acid-base indicators
The interest in colour indicators has recently increased as they are used
for the direct determination of pH (acid-base indicators) and free calcium
ions (fluorescent derivatives based on the calcium chelator EGTA as
metallochromic indicators) in biological systems at cellular level.
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100

Fig. 1.12 Acidity function H() for the mixture
H 2 SO 4 -H 2 O as a function of the composition.
(According to L. P. Hammett and M. A. Paul)

While the role of acid-base indicators in acidimetric titrations has been
surpassed by more advanced, automatic, potentiometric methods various
metallochromic indicators are still in use in complexometric analysis. Here
we shall deal only with acid-base indicators.
According to the early view of Ostwald, acid-base indicators are weak
acids or bases, the undissociated form of which differs in colour from the
ionic form. For example, the molecule of an indicator HI dissociates in
water according to the equation
HI + H2O = H 3 O + + I"
(1.4.41)
The equilibrium constant of this reaction in a dilute solution is
fH3O+][I-]
(1.4.42)
[HI]
whence
pH = pKi + log

[HI]
showing the dependence of the ratio [I ]/[HI] on pH.

(1.4.43)
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In a later conception due to Hantzsch, an indicator possesses two
tautomeric forms differing in colour, and at least one form functions as an
acid or base. If both tautomeric forms are capable of dissociation their ions
also differ in colour. However, the ions and molecules of the same form
show identical light absorption because such a small variation of the
structure of a molecule as the dissociation of a proton cannot cause a large
change in molecular property such as light absorption. For example,
phenolphthalein does not absorb visible light in the acid and neutral region,
but at pH > 8.2 one of its hydroxyl groups becomes ionized and, at the same
time, a tautomeric change takes place:
)H

(1.4.44)

Colourless form

Red form

The quinoid group

is a chromophore which absorbs light radiation in the whole visible region of
the spectrum except for the long wavelength range (red light). On
absorption by the quinoid system the light energy is dissipated in the form
of the energy of thermal movement of solvent molecules. However, in the
case of fluorescence indicators this energy is converted to light of different
wavelength which is recorded with a fluorescence spectrometer.
In the case of only one form of the indicator undergoing the tautomeric
change to a coloured form (this is the case of phenolphthalein anion) the
equilibrium between the original form of the indicator anion and its
tautomeric form is characterized by the tautomeric constant
KT = | ^ |

(1.4.45)

where I" is the coloured (in the case of phenolphthalein the quinoid) form
of the anion of the indicator. For K » 1
[I-]=s
(1.4.46)
where s is the overall concentration of the indicator. Thus, when substituting for [HI] =5 — [I~] into Eq. (1.4.41) an analogy of the HendersonHasselbalch equation (1.4.26) is obtained, which is the basis of the
determination of pH by means of acid-base indicators.
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The determination of intercellular pH is based on measurement of
fluorescence emitted by the fluorescence indicator, fluorescein. The starting
compound used for this purpose is fluorescein diacetate:

O—C—CH,

Fig. 1.13 pH maps of Saccharomyces cerevisiae
cell transferred from water to a 0.2 M buffer of
pH 3: (a) after 2min; (b) after 5 min; (c) after
20min. (Reproduced by permission of J. Slavik
and A. Kotyk)
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This substance penetrates into the cell where it is hydrolysed to fluorescein
through the action of the enzyme's esterases. The quantity of the fluorescent
quinoid form then depends on the local value of pH in the same way as in
the case of phenolphthalein. The intensity of the fluorescein radiation is
measured with a fluorescence microscope and then processed to a digital
image which is the basis of a map of pH distribution in the cell (Fig. 1.13).
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1.5 Special Cases of Electrolytic Systems
1.5.1 Sparingly soluble electrolytes
A great many electrolytes have only limited solubility, which can be very
low. If a solid electrolyte is added to a pure solvent in an amount greater
than corresponds to its solubility, a heterogeneous system is formed in
which equilibrium is established between the electrolyte ions in solution and
in the solid phase. At constant temperature, this equilibrium can be
described by the thermodynamic condition for equality of the chemical
potentials of ions in the liquid and solid phases (under these conditions,
cations and anions enter and leave the solid phase simultaneously, fulfilling
the electroneutrality condition). In the liquid phase, the chemical potential
of the ion is a function of its activity, while it is constant in the solid phase.
If the formula unit of the electrolyte considered consists of v+ cations and
v_ anions, then
v+iu+(s) + v_]U_(s) = v+fi°+(\) + v _ ^ ( l ) 4- v+RT In a+ + v_RT In a.
(1.5.1)
from which it follows that

, ? « : - - P - exp { V -'"° <*> - *°<'>' + " - ' " - < S > ' *° <•>')
I

RT

J

(1.5.2)

The product P, termed the (real or thermodynamic) solubility product, is a
constant dependent only on the temperature. The analogous (apparent)
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solubility product P', defined in terms of concentrations or molalities,
depends on the ionic strength. Obviously
P = P'yl

(1.5.3)

At ionic strengths where the activity coefficient decreases with increasing
ionic strength, the product P' increases because the product P is constant.
The solubility, csat, is the concentration of the saturated solution and thus
depends on the product P'. As c+ = v+c sat and c_ = v_c sat , then
<L5-4>

If the concentration of one of the ions is increased (for example c_) by
addition of its soluble salt (for example KC1 is added to a saturated AgCl
solution), then the solubility of the electrolyte, AgCl, as a whole is given by
the concentration of the ion present in the lower concentration (csat =
c+/v+). It can readily be seen that logc s a t =-(v_/v+) logc_ +
(l/v+) log P — log v+. The logarithm of the solubility thus decreases linearly
with the logarithm of the increasing concentration of the added ion. The
separations by precipitation in analytical chemistry is based on this principle.
Examples of solubility products are listed in Table 1.9. Similarly to the
dissociation constants, the solubility products are also dimensionless quantities. However, because of the choice of the standard state, their values
numerically correspond to units of moles per cubic decimetre.
The solubility product is measured by determining the ion concentrations
by a suitable analytical method and the results are extrapolated to zero ionic
strength, where P' = P.
1.5.2

Ampholytes

Ampholytes are substances which, according to the acidity of the
medium, act either as acids or as bases. Such a case has already been disTable 1.9 Solubility products P of some sparingly soluble salts. (According to B. E.
Conway)
Salt

'CO

CdS
Ca(COO) 2
CoS
CuS
Cu2S
Cu 2 I 2
Mg(OH) 2
Hg2Cl2
Hg2Br2

25
25
20
25
25
18
25
19.2
19.2

Salt

P
1.14 x
1.78 x
3x
3x
8.5 x
5.0 x
4.6 x
5.42 x
3.9 x

io- 2 8
lO' 9
io- 2 6
1 Q -38

io- 4 5
10' 1 2
lO' 2 4
10' 1 9
10' 2 3

Hg 2 I 2
Hg 2 CrO 4
AgCl
AgBr
Agl
Ag 2 S
AgCNS
T1C1
Til

'CO

P

19.2
25
25
25
25
25
25
25
25

1.05 x
2.0 x
1.8 x
6.5 x
1.0 x
3x
1.44 x
2.25 x
6.47 x

10 - 1 9
10 - 9
10 - 1 0
10 - 1 3
10 - 1 6
10 - 5 2
10 - 1 2
10 - 4
10 - 8
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cussed as the anions of a two-protonic acid possess amphiprotic properties.
For example, the hydrogen sulphite anion reacts in two ways: in alkaline
medium as an acid, HSO3~ + H 2 O^SO 3 2 ~ + H 3 O + , while in acidic medium as a base, HSO3~ + H2O«=*H2SO3 + OH". As an ampholyte, however, such a substance is usually considered whose neutral molecule HP has
both the acidic and basic functions. In an aqueous solution the following
equilibria are established:
HP + H 2 O*±H 3 CT + P H 2 P + + H 2 O^±H 3 O + + HP

l

' '

j

with acid dissociation constants
Kx=—-

and
aHP

K2 = —

(1.5.6)

«H2P+

This simple treatment is applicable to cases where HP is a real neutral
molecule. Although typical examples of ampholytes are amino acids, in
which case the equilibrium (1.5.5) would be written
NH2RCOOH + H2O «± H 3 O + + NH2RCOO~
NH 3 + RCOOH + H2O *±NH2RCOOH + H 3 O +

^" 5 " 7 ^

However, in aqueous solutions the amino acids will have undergone internal
ionization:
NH2RCOOH<=>NH3+RCOCT

(1.5.8)

This equilibrium lies almost completely to the right-hand side, so that the
NH2RCOOH molecules are practically absent from the solution. A particle
of the type NH3+RCOO~ is called an amphion (zwitterion). The internal
ionization is proven by several empirical facts:
(a) The amino acids have a large dipole moment.
(b) The acidic dissociation reactions described by (1.5.6) and (1.5.7) have
the constants Kl ~ 10"10 and K2~ 10~2, whereas based upon values for
acetic acid and ammonia, the constants should be of the order of 10~5
and 10~9 for glycine; this difference cannot be attributed to the
replacement of hydrogen in the acetic acid molecule by the amine group
or, to replacement of hydrogen in the NH3 molecule by the residue of
acetic acid, CH2COOH.
(c) By blocking the basic functional group (e.g. in the reaction of glycine
with formaldehyde) the acidity increases strongly and approaches that
of the fatty acids.
In view of this, the protolytic equilibria may be formulated as
NH/RCOCT + H 2 O^NH 2 RCOCT + H 3 O +
NH 3 + RCOOH + H2O *± NH 3 + RCOO" + H3O+

^"5 ' ^
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with acid dissociation constants
fl

NH3+RCOOH

From (1.5.10) we may conclude that the constant Kx does not characterize the acidity of the carboxyl group but of the NH3+ group, and vice
versa for K2. The deviations from the accepted values of the acid
dissociation constants of acetic acid and ammonium ion may be attributed to
the influence of the constitution of the ionic forms of the amino acid. The
increase in acidity of the carboxyl group is caused by the neighbouring
positive charge of —NH3+, while the negative charge of —COO" is the
cause of the increase in basicity of the amine group. The values of the
dissociation constants K[ and K2 are listed in Table 1.10.
An important quantity characterizing the amino acids, peptides and
proteins is the isoelectric point, which is the value of pH at which the
ampholytes do not migrate in an electrical field. This occurs when
W

NH3+RCOOH

=

m

NH 2 RCOO-

(1.5.11)

From (1.5.5) we obtain for a dilute solution
„

v

m

2

KxK2 = aU3O+-

m

^H3O+^NH2RCQQ-

NH 2 RCOQ-7NH 2 RCOO-

«—NH 3 + RCOOH7NH 3 + RCOOH

m

/ 1

c 1->\

(1.5.12)

NH 3 + RCOOH

Using the condition (1.5.11) for the isoelectric point we have (subscript /
Table 1.10 Dissociation constants of amino acids at 25°C.
(According to B. E. Con way)
Amino acid
Glycine
Alanine
a-Amino-n -butyric acid
Valine
oc-Amino-n -valeric acid
Leucine
Isoleucine
Norleucine
Serine
Proline
Phenylalanine
Tryptophane
Methionine
Isoserine
Hydroxyvaline
Taurine"
jS-Alanine
For —SO3H.

P*2
2.34
2.34
2.55
2.32
2.36
2.36
2.36
2.39
2.21
1.99
1.83
2.38
2.28
2.78
2.61
1.5
3.60

9.60
9.69
9.60
9.62
9.72
9.60
9.68
9.76
9.15
10.60
9.13
9.39
9.21
9.27
9.71
8.74
10.19
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denoting the isoelectric point)
(1.5.13)
At the isoelectric point, the acid dissociation equals the base dissociation.
The degrees of dissociation ocx and oc2 are defined in such a way that
^ N H 3 + R C O O - = S(l

-

OCX - QC2)

(1.5.14)

)-=sa2
where s is the overall concentration of the ampholyte. From the definitions
of Kx and K2 and from (1.5.14) we obtain

At the isoelectric point or, = # 2 = (ar)7, so that on eliminating a from Eqs
(1.5.15) we obtain Eqs (1.5.13).
Furthermore, at the isoelectric point the total dissociation, ax + a2, is at
its minimum. This sum may be obtained from Eqs (1.5.15) so that on
differentiating with respect to flH3o+ we have, for activity coefficients except
that of H 3 O + equal to unity,
ar2) = 2flH3
H 3 O+

whence, after some rearrangement, Eq. (1.5.13) is again obtained. The
course of dissociation is shown schematically in Fig. 1.14.
The degree of dissociation at the isoelectric point can be found by
calculating aH3o+ from Eq. (1.5.15), putting ocx = oc2 = (a)f«1
and substituting into (1.5.13). In a dilute solution
|

(1-5.17)

Assuming the sensitivity of the determination of a at the isoelectric point as
1 per cent, the isoelectric point will appear as a real 'point', if (a)I > 10~2,
that is KJK2> 10"4, whereas for (or) 7 <10" 2 , that is KJK2< IO~4, a
definite interval of pH obeys the isoelectric condition (see Fig. 1.14).
1.5.3 Polyelectrolytes
Polyelectrolytes are macromolecular substances whose molecules have a
large number of groups that are ionized in solution. They are termed
macroions or poly ions and are studied most often in aqueous solutions.
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Fig. 1.14

Dissociation of an ampholyte. (A) pK[ = 8, pA^2 = 6; (B) pK[ = 9,
pK'2 = 2. Calculation according to Eq. (1.5.15)

Small counterions (gegenions) ensure electroneutrality. For example, the
sodium salt of polyacrylic acid is ionized in solution to form polyanions and
the corresponding number of sodium cations:
'— CH—CH—\

0=0 I +
The fact that one of the ions has large dimensions affects the electrochemical properties of the system compared with the corresponding low-molecular
system. On the other hand, the presence of an electric charge affects the
behaviour in solution of the macromolecular system compared to the
corresponding system without electric charge.
Two extreme types of polyanions can be distinguished. In the first, the
main chain is flexible and can assume a large number of different
conformations so that the overall shape of the ion depends on the solvent.
In some solvents (called 'bad'), they are rolled up to form a relatively rigid
'random coil', while in others ('good') the coil is more or less expanded.
This type includes most synthetic polyelectrolytes such as the following
acids:
Polyacrylic
Polymethacrylic
CH3
(_CH2-CH-)W
COOH

(-CH2—C—)„
COOH
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Polyvinylsulphonic
(_CH2-CH-)n

Polystyrenesulphonic
(-CH 2 -CH-),,

SO3H

C6H4

SO3H
(the first two are weak in aqueous solutions while the other two are strong).
In copolymers of maleic acid with styrene, two acid groups are always
separated by one or more styrene units, so that a dibasic poly acid is formed:
(—CH2—CH— C H — C H

)„

C6H5 COOH COOH
Analogously, a tribasic poly acid can be represented by the copolymer of
maleic acid with acrylic acid:
(—CH2—CH

CH

CH—)„

COOH COOH COOH
Polymetaphosphoric acid is an example of an inorganic poly acid:

while polyvinylamine is an example of a weak polybase:
(-CH2-CH-)n
NH2
A second type of poly ion assumes stable, specific conformation. This
group includes many natural poly electrolytes. For example, the side chains
of proteins have a large number of acidic and basic ionizable groups. The
resultant sign and amount of charge of the polyion depends on the pH (the
species being a polyampholyte). The tertiary structure of the globular
protein is so stable that it is not denatured even at a high value of the
overall charge. Another example is the native form of deoxyribonucleic
acid, whose double helix is quite stable in solution; the polyion acts in
solution as a rigid rod. The difference in behaviour between polyion with a
fixed shape and that of low-molecular-weight ions in solution depends only
on their size and their overall charge.
The behaviour in solution of the first type of polyions compared with that
of uncharged molecules is more involved in that the coil expansion is
affected not only by the solvent but also by the electric field formed by the
polyion itself, by the counterions and by the ions of other low-molecularweight electrolytes, if present in the solution. Infinite charge dilution cannot
be achieved by diluting the poly electrolyte solution, as a local high-intensity
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Fig. 1.15 A schematic representation of a polyacid solution including polyanions©,
anions of an added low molecular electrolyte O and positive counterions #

electric field remains inside the macroion, attracting a corresponding number
of counterions (see the scheme in Fig. 1.15). Thus, the concept of the ionic
strength of the solution lacks sense as an infinitely dilute solution of a
polyelectrolyte does not behave ideally at any conditions and cannot be
considered to be in the standard state. On the other hand, mutual repulsion
of charges on the chain can lead to considerable chain expansion, which
could not be achieved by transfer of the uncharged macromolecules from a
'bad' to a 'good' solvent.
The shape of any macromolecule with a flexible chain, both uncharged
and charged, i.e. the degree of expanding or rolling-up the random coil, is
characterized by the parameter h, corresponding to the distance between
the ends of the original chain from which the coil is formed. The probability
that the ends will lie at a distance h is characterized by the probability
density w(h) derived in textbooks on macromolecular chemistry by statistical methods on the basis of various models with various simplifying
assumptions. In the resultant equations the number of basic segments in the
macromolecule, Z, and their length, b> is taken into account and the actual
system is described more or less accurately (and the equations are more or
less complex) depending on the accuracy of the model employed. For
polyelectrolytes, w(h) consists of the a priori probability wo(h),
corresponding to the uncharged macromolecule, and the Boltzmann factor,

77
containing the excess electrostatic Gibbs energy AGf,(/*):
w(h) dh = wo(h) exp ( ~ A ^ l ( / l ) ) d*

(1.5.18)

The distribution of distance h is characterized either by the most probable
value hmax, defined by the condition dw(/i)/d/* = 0, or by the mean square
of distance h, defined in the usual manner, h2 = $h2w(h) dh/$w(h) dh. The
ratio (hmax)2/h2 gives the width of the distribution. The closer this value is to
unity, the narrower the distribution. This ratio is equal to \ for the simplest
model in statistics, the 'random walk'.
The problem is then reduced to determining the energy AGfj, which again
depends on the model. The simplest concept (W. Kuhn, A. Katchalsky, et
al.) is to place half of the total charge Q at one end of the polyion and the
other half at the other end, from which it follows that AGf,(/i) = Q2/4eh,
where e is taken at a first approximation to be the macroscopic permittivity
of water. Another greatly simplified model, corresponding to a certain
degree to globular proteins, considers the polyion as a spherically symmetrical charge cloud. The electrostatic contribution to the excess Gibbs energy
affects the thermodynamic, rheological, transport, and other properties of
polyelectrolytes. Here, only dissociation equilibria will be considered
briefly.
Consider a molecule of a carboxylic polyacid with degree of polymerization N, bearing N ionizable groups, n of which are actually ionized. K'n is
the dissociation constant for the ionization of an acidic group bound to an
n-times ionized molecule; K^ is the dissociation constant of the group that
splits off the first proton and therefore has not yet been affected by the
electric field of the other already ionized groups. The expression — kT\n KQ
gives the Gibbs energy change due to ionization of a neutral molecule. The
value of —kT\nK'n differs from this expression by the electric work
necessary for removal of a further proton from the field of an n-fold ionized
molecule. If the electric charge of an rt-times ionized molecule is AG^, this
work is equal to dG^/dn. Then we have
-kT In K'n = -kT In K'Q + ~
(1.5.19)
dn
Except at the first stage in neutralization titration, i.e. for small values of n,
all the molecules in solution are found experimentally to be ionized to the
same degree a = n/N. Then
is*

rx_f o + i

ri-i o + i

(*\ < on\
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Thus, the dissociation equilibrium is affected by the ionic strength,
temperature and dielectric constant of the solvent as well as by the
parameter h (involved in AGfj). On the other hand, the term dG^/dn does
not depend on the degree of polymerization (except for very small values of
n). The degree of polymerization does not affect, for example, the course of
the potentiometric titration of a poly acid.
For a dibasic poly acid, where, of the total of TV units, nx are ionized to the
first stage and n2 to the second stage, then simultaneously

\niox
r

&

2(n 2 +l)

lnlOxfl^T

r

u

In 10 x kT 3{nx + n2)

Here, /? is the average distance between two neighbouring doubly ionized
monomeric units and e is the effective dielectric constant.
For a polyampholyte we have
pH = pKlitA - log

ocA
\-aB
aB

In 10 x kT dnA
1
SG
In 10 x kT

(1.5.23)

where K'QA and K^B are the acid dissociation constants of the monomeric
unit of the ampholyte, aA = nA/NA and aB = nB/NB, where nA and nB are
numbers of ionized acid and basic groups and NA and AfB are total numbers
of ionizable acid and basic groups, respectively. These equations are,
however, invalid in the vicinity of the isoelectric point where large attractive
forces act inside the molecules. A result of this is a decrease of the solubility
and coagulation of the polyampholyte.
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Chapter 2
Transport Processes in Electrolyte
Systems
Since water as solvent plays the role of a medium where electrolytic displacements
take place we shall be able to state for sure, together with Wiedemann, Beetz and
Quincke, that the electrical resistance of a solution consists of resistances to
movement enforced upon the components of the solution by water particles, by the
components themselves and perhaps by the undecomposed molecules of the
electrolyte. To separate these various hindrances will be no easy task, particularly
because, as stressed by Quincke, they are not necessarily constant but can, for
example, depend on the condition of the solution. Even from this standpoint the
process of conduction will be, in general, still very complicated.
The discussion becomes different when restricted to dilute solutions. In this case
one must arrive at the conclusion which essentially helps to simplify the phenomena:
In a dilute solution the conductivity depends (besides on the number of dissolved
molecules) only on the transported components being independent of their mutual
associations. Thus, the more the number of water molecules prevails over those of
the electrolyte the more pronounced is the influence exerted by the water molecules
on the ions and the less their mutual friction.
F. Kohlrausch, 1879

2.1

Irreversible Processes

In a homogeneous medium of an electrolyte solution, an ionic liquid or a
solid electrolyte under conditions of constant pressure and temperature,
mechanical, electrostatic and short-range forces act on the individual
particles in solution, but these forces average out in time. The effect of
these forces is reflected in the activity values of the individual components
of the system.
Let us consider another situation where a force (or forces) is not
compensated on a time average. Then the particles upon which the force is
exerted become transported in the medium. This 'translocation' phenomenon changes with time. Particle transport, of course, also occurs under
equilibrium conditions in homogeneous media. Self-diffusion is a process
that can be observed and its velocity can be measured, provided that a
gradient of isotopically labelled species is formed in the system at constant
composition.
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The forces leading to transport of matter in the system are connected with
the transfer of impulse during collisions between particles, with the effect of
external mechanical forces and gravitation on the whole system or part
thereof and with the effect of the electrostatic field on the impulse of the
particles. The manifestation of forces defined in this manner in the course of
transport phenomena can be treated quantitatively by statistical mechanics.
However, a different approach is usually employed. These uncompensated
mechanical and electrical forces are expressed in terms of 'phenomenological driving forces'. The response of the system to these forces is then
described in terms of the fluxes of the corresponding thermodynamic
quantities. The flux (or flux intensity by some authors) is defined as the
amount of substance, energy or charge passing through a unit area in a unit
time. If a single driving force X acts on one species of particles the
corresponding flux is
= LX

(2.1.1)

where L is the phenomenological coefficient, a scalar quantity corresponding to a generalized conductance or to the reciprocal of a generalized
resistance. Onsager broadened this simple formulation to include the case
where the fluxes of n thermodynamic quantities are the result of n different
driving forces. Assuming that the system is not far from equilibrium, the
fluxes J, are linear functions of the driving forces (linear irreversible
thermodynamics):
(2.1.2)
k

Accordingg to the Onsager assumption, the square matrix of the ph<enomenoiopical
nological coefficients
coefficients
L 22

L2n
(2.1.3)

is symmetrical. Thus, the reciprocity relationship
Lik = Lki

(2.1.4)

is valid.
Four basic transport phenomena can be distinguished:
1. Diffusion—transport of matter as a result of differing values of the
chemical potential of a given component at various sites within the
system, or in the system and its surroundings. Obviously, the particles
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present in a given volume at a site of lower concentration have a lower
probability to come to the same volume at a site of higher concentration
than in the opposite case, where the particles at a site of higher
concentration come to the site of lower concentration.
2. Heat conduction—the transport of energy resulting from temperature
gradients in the system or difference in temperature, between the system
and its surroundings. Heat conduction arises from the fact that, while the
number of particles per volume unit is identical at various sites in the
system, they have different impulses.
3. Convection—the transport of mass or energy as a result of streaming in
the system produced by the action of external forces. These include
mechanical
forces
{forced convection) or
gravitation, if
there are density gradients in the system {natural or free convection).
4. Conduction of electric current—transport of charge and mass as the result
of the motion of elecrically charged particles in an electric field.
Chemical reactions in the system are irreversible processes, affecting
transport processes, as they result in the formation and disappearance of
components of the system and in the release or consumption of thermal
energy.
The rate of a chemical reaction (the 'chemical flux'), / ch , in contrast to the
above processes, is a scalar quantity and, according to the Curie principle,
cannot be coupled with vector fluxes corresponding to transport phenomena, provided that the chemical reaction occurs in an isotropic medium.
Otherwise (see Chapter 6, page 450), chemical flux can be treated in the
same way as the other fluxes.
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2.2

Common Properties of the Fluxes of Thermodynamic Quantities

Consider a linear tube with cross-section A and length /, filled with a
material, and assume that changes in the considered thermodynamic
quantity can occur only along the length of the tube (i.e. the 'mantle' of
the tube is insulated, the ends being permeable for the thermodynamic
quantities). Flux / is a function of coordinate x (see Fig. 2.1).
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Fig. 2.1 Balance of fluxes in a linear system

The tube contains the thermodynamic quantity in an amount M (amount
of a substance, thermal energy, etc.), which has a density (concentration,
energy density, etc.) ip(x) at each point in the tube defined by the
relationship

where V is the volume of the system. It thus holds for M that
M = A I ydx
(2.2.2)
Jo
The change in amount M in the whole tube per unit time is given by the
relationship

f

4fdc

[/(/W(0)M

(2.2.3)

Jo at

at

Consider a section of the tube with length Ax; inside this section and in
its vicinity, J is a continuous function of x. If an amount J(x)AAt flows into
this section at point x in time At and an amount J(x + Ax)A At at point
x + Ax, then its change in volume A Ax is given as
rx + Ax 3 ^

A
Jx

— dxAt = -A[J(x
dt

+ AJC) - J(x)]At

(2.2.4)

Dividing both sides of t h e equation by A Ax At a n d taking t h e limit yields
the continuity relation

T h e general case of a three-dimensional body enclosed by a surface S will b e
treated using vector analysis. T h e time change in t h e a m o u n t M is given by
the relationship

— = -<j)JdS

(2.2.6)
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The normal vector dS points out of the body and J > 0 for a quantity flowing
out of the body; thus the right-hand side of Eq. (2.2.2) must be negative in
sign. Obviously,
3M
(dip
= —dV
dt J dt

V(2.2.7)

In view of the Gauss-Ostrogradsky theorem

<|>JdS=[di\
divJdV

(2.2.8)

substitution into Eq. (2.2.6) gives
\^-dV
J

at

= - fdivJdK

(2.2.9)

j

and differentiation with respect to V yields the continuity equation
-^=-divJ
(2.2.10)
dt
If in the system the thermodynamic quantity is formed (e.g. by chemical
reaction) at a rate of pi units of quantity per unit volume and unit time, then
Eq. (2.2.10) must be completed to yield
-^- = - d i v J + pi

(2.2.11)

For thermodynamic quantities other than the amount of substance, the
quantity ip can be expressed by the equation
dM

dMdw
(2.2.12)

where m is the amount of the quantity M per unit of mass (e.g. energy per
kilogram), w denotes mass and p is the density of the substance present in
the system. Equation (2.2.11) then takes the form
^

/i

(2.2.13)
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2.3

Production of Entropy, the Driving Forces of Transport Phenomena

If the system considered is closed and thermally insulated, then its
entropy increases during a transport phenomenon

f>0

(2.3.1)

If the system is neither closed nor thermally insulated, then the change in
the entropy with time consists of two quantities: of the time change in the
entropy as a result of processes occurring within the system St and of
entropy changes in the surroundings, caused by transfer of the entropy from
the system in the reversible process S"e

£--£ + £

v

(2.3.}2)

dt
dt dt
If we consider a system of infinitesimal dimensions, then the entropy
balance can be described directly by Eq. (2.2.13):

p^=-divJ5 + a
(2.3.3)
at
where s is the entropy of the system, related to 1 kg of substance, Js is the
entropy flux and o is the rate of entropy production per unit volume. The
first term on the right-hand side of this equation corresponds to — dSJdt and
the second to dSJdt in Eq. (2.3.2). The rate of entropy formation for a
single transport process (Eq. 2.1.1) is given as
o = ~3X = ^LX2

(2.3.4)

(unit J m ' V 1 ^ 1 ) . X is the absolute value of the vector of the driving
force X. Generally,

o = ^ 2 J,X; = ^ 2 2 UXiX*

(2.3.5)

Some authors use the dissipation function <l> (unit J m~3 s"1):
< D = - 7 a = - 2 2 LikX,Xk
i

(2.3.6)

k

The rate of entropy production is always positive in the present case,
since transport processes are irreversible in nature, i.e. always connected
with irreversible losses (dissipation) of energy.
The simplest case of a flux and a driving force is shown in the conduction
of electric current. This process is governed by Ohm's law for the current
density:
(2.3.7)
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where K is the conductivity and (f> is the electric potential, or for a system
with a single coordinate x,
dd)
j= K

~ lhc

(Z3 8)

*

In a unit volume, the passage of current produces heat:
^

(2.3.9)

the rate of entropy production having always a positive value:

f

(2.3.10)

In addition to the transport of charge, the current flow in an electrolyte is
also accompanied by mass transport. The migration flux of species i is given
by the equation
J/,migr = -u&FCi grad 0

(2.3.11)

where ut is the mobility^ of the particle (the velocity of the particle under
the influence of unit force, in units of NT1 • mol • m • s"1), zt its charge
number and c, its concentration. For the migration flux, the driving force is
the molar electric energy gradient multiplied by —1, that is
Xmigr=-z,Fgrad0

(2.3.12)

The corresponding phenomenological coefficient is then given by the
relationship
L migr = W/-c,

(2.3.13)

The flux of charge, connected with the mass flux of the electrically
charged species, is given by Faraday's law for the equivalence of the current
density and the material fluxes:
j = S^J/

(2.3.14)

Thus, in the case of migration material fluxes (Eq. 2.3.11) it holds for the
partial current density (the contribution of the ith ion to the overall current
density) that
j , = -UiZJF2^rgrad 0
(2.3.15)
tThe term mobility is used to describe the influence of the drag of the medium on the
movement of a particle caused by an unspecified force (the unit of w, is, for example,
mol. m s ^ N " 1 ) which may be diffusivity (diffusion coefficient) with a chemical potential
gradient as the driving force and electrolytic mobility connected with the electric field.
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where Ut is the electrolytic mobility of the ith ion
U^WFut

(2.3.16)

The total current density is
J

=

2^i h== 2J ^it J/ >m i gr

= - X Ut \zi\Fc, grad <p = -K grad <j>

(2.3.17)

I

where K is the conductivity of the system, i.e. this result is identical with Eq.
(2.3.7).
Fick's first law,
J , , d i f f = - A grade,

(2.3.18)

//,diff=-A^

(2.3.19)

or

is an empirical relationship for diffusion. Here, Dt is the diffusion coefficient
of the ith component of the system. The concentration gradient cannot be
used as a driving force for formulation of the rate of entropy production
according to Eq. (2.3.5). Similarly to migration, the gradient of the partial
molar Gibbs energy (chemical potential) multiplied by —1 is selected as the
driving force. Equation (2.3.13) is again used for the phenomenological
coefficient. The same value of ut can be used for migration and diffusion
only in dilute solutions. We set
J«,diff = -UiCi grad & = -RTut grad c,

(2.3.20)

Comparison with Eq. (2.3.18) yields the relationship for the diffusion
coefficient
D^RTUi

(2.3.21)

The ratio of the diffusion coefficient and the electrolytic mobility is given by
the Nernst-Einstein equation (valid for dilute solutions)
Dt

RT

The convection flux along the x coordinate,
Ji = civx

(2.3.23)

is the amount of substance contained in a column of height vx (the velocity
of the medium) and unit base. The general form of Eq. (2.3.23) is
J«.conv = Cl-V

(2.3.24)

For the sake of completeness, the equation for the heat conduction (the
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Fourier equation) can be introduced:
Jth=-Agradr

(2.3.25)
2

1

expressing the dependence of the heat energy flux (J • cm" • s" ) as a
function of the thermal conductivity A and temperature gradient.
Finally, the scalar flux of the chemical reaction is
Jch = ^=LA

(2.3.26)

where § is the extent of reaction, the phenomenological coefficient L is a
function of the rate constant of the reaction and concentrations of the
reactants and A is the affinity of the reaction. The affinity of the chemical
reaction A is the driving force for the chemical flux.
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2.4 Conduction of Electricity in Electrolytes
2.4.1 Classification of conductors
According to the nomenclature introduced by Faraday, two basic types of
conductors can be distinguished, called first and second class conductors.
According to contemporary concepts, electrons carry the electric current in
first class conductors; in conductors of the second class, electric current is
carried by ions. (The species carrying the charge in a given system are called
charge carriers.)
The properties of electronic conductors follow from the band theory of
the solid state. The energy levels of isolated atoms have definite values and
electrons fill these levels according to the laws of quantum mechanics.
However, when atoms approach one another, their electron shells interact
and the positions of the individual energy levels change. When the set of
atoms finally forms a crystal lattice, the original energy levels combine to
form energy bands; each of these bands corresponds to an energy level in
the isolated atom. Each energy level in a given band can contain a
maximum of two electrons.
When some of the energy bands at a given temperature are completely
occupied by electrons and bands with higher energy are empty, and a
large amount of energy is required to transfer an electron from the highest
occupied energy band to the lowest unoccupied band, the substance is an
insulator.
Metals are examples of the opposite type of solid substance. The
conductivity band, corresponding to the highest, partially occupied energy
levels of the metal atom in the ground state, contains a sufficient number of

Fig. 2.2 Band structure of a semiconductor. eg denotes the energy gap (width of the forbidden band)
electrons even at absolute zero of temperature to produce the typical high
conductivity of metals. These loosely bound electrons form an 'electron
gas'. Under the influence of an external electric field, their originally
random motion becomes oriented. It should be pointed out that the increase
in the electron velocity in the direction of the electric field is much smaller
than the average velocity of their random motion.
Semiconductors form a special group of electronic conductors. These are
substances with chemically bonded valence electrons (forming a 'valence'
band); however, when energy is supplied externally (e.g. by irradiation),
these electrons can be excited to an energetically higher conduction band
(see Fig. 2.2). A 'forbidden' band lies between the valence and conductivity
bands. The energy difference between the lowest energy level of the
conductivity band and the highest level of the valence band is termed the
band gap sg (the width of the forbidden band).
Electric current is conducted either by these excited electrons in the
conduction band or by 'holes' remaining in place of excited electrons in the
original valence energy band. These holes have a positive effective charge.
If an electron from a neighbouring atom jumps over into a free site (hole),
then this process is equivalent to movement of the hole in the opposite
direction. In the valence band, the electric current is thus conducted by
these positive charge carriers. Semiconductors are divided into intrinsic
semiconductors, where electrons are thermally excited to the conduction
band, and semiconductors with intentionally introduced impurities, called
doped semiconductors, where the traces of impurities account for most of
the conductivity.
If the impurity is an electron donor (for germanium and silicon, group V
elements, e.g. arsenic or antimony), then a new energy level is formed
below the conduction band (see Fig. 2.3A). The energy difference between
the lowest level of the conductivity band and this new level is denoted as sd.
This quantity is much smaller than the energy gap ed. Thus electrons from
this donor band pass readily into the conductivity band and represent the
main contribution to the semiconductor conductivity. As the charge carriers
are electrons, i.e. negatively charged species, these materials are termed
n-type semiconductors.
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excess negative charge

Fig. 2.3 Schematic structure of a silicon semiconductor of (A) n type and (B) /?
type together with the energy level array. (According to C. Kittel)

If, on the other hand, the impurity is an electron acceptor (here, elements
of group III), then the new acceptor band lies closely above the valence
band (see Fig. 2.3B). The electrons from the valence band pass readily into
this new band and leave holes behind. These holes are the main charge
carriers in p-type semiconductors.
Compared with metals, semiconductors have quite high resistivity, as
conduction of current requires a supply of activation energy. The conductivity of semiconductors increases with increasing temperature.
Germanium provides a good illustration of conductivity conditions in
semiconductors. In pure germanium, the concentration of charge carriers is
rte = 2 x 1013 cm"3 (in metals, the concentration of free electrons is of the
order of 1022cm~3). The intrinsic conductivity of germanium is about the
same as that of pure (conductivity) water, K = 5.5 x 108 Q~l cm"1 at 25°C.
In strongly doped semiconductors, the concentration of charge carriers can
increase by up to four orders of magnitude, but is nonetheless still
comparable with the concentration of dilute electrolytes.
Ionic (electrolytic) conduction of electric current is exhibited by electrolyte solutions, melts, solid electrolytes, colloidal systems and ionized
gases. Their conductivity is small compared to that of metal conductors and
increases with increasing temperature, as the resistance of a viscous medium
acts against ion movement and decreases with increasing temperature.
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A special class of conductors are ionically and electronically conducting
polymers (Sections 2.6.4 and 5.5.5).
2.4.2 Conductivity of electrolytes
This part will be concerned with the properties of electrolytes (liquid or
solid) under ordinary laboratory conditions (i.e. in the absence of strong
external electric fields). The electroneutrality condition (Eq. 1.1.1) holds
with sufficient accuracy for current flow under these conditions:

2^, = 0

(2.4.1)

i

where ct are the concentrations of ions / and z, are their charge numbers.
The basic equations for the current density (Faraday's law), electrolytic
mobility and conductivity are (2.3.14), (2.3.15) and (2.3.17).
The conductivity
K = ^ z2F2uiCi = 2 N FUiCi
/

(2.4.2)

i

in dilute solutions is thus a linear function of the concentrations of the
components and the proportionality constants are termed the (individual)
ionic conductivities:
li = zJP2ui = \zi\FUi

(2.4.3)

Consider a solution in which a single strong electrolyte of a concentration
c is dissolved; this electrolyte consists of v+ cations B 2+ in concentration c+
and v_ anions Az~ in concentration c__. Obviously
v+z+ = -v_z_ = v_ |z_|

(2.4.4)

and
c. c_
c= — = —

(2.4.5)

Substitution into Eq. (2.4.2) yields
K = z2+F2u+v+c + Z2-F2u_v_c
= (U+ + U_)z+v+Fc = (U+ + UJ) |z_| v_Fc

(2.4.6)

The quantity
(U+ + U_)z+v+F = (U+ + I/_) |z_| v_F = - = A
(2.4.7)
c
is called the molar conductivity, which is as shown below, a concentrationdependent quantity except in an ideal solution (in practice at high dilution).
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For first class conductors, the conductivity is a constant characterizing the
ability of a given material at a given temperature to conduct electric current.
However, for electrolyte solutions, it depends on the concentration and is
not a material constant. Thus the fraction A = K/C is introduced; however, it
will be seen below that the constant characterizing the ability of a given
electrolyte to conduct electric current in solution is given by the limiting
value of the molar conductivity at zero concentration. The main unit of
molar conductivity is Q" 1 • m2 • mol"1, corresponding to K in Q" 1 • m"1 and
c in mol • m~3. However, units of Q" 1 • cm2 • mol"1 are often used. If units
of Q" 1 • cm"1 are simultaneously used for K and the usual units of
mol • dm"3 for the concentration, then Eq. (2.4.7) becomes
(2A8)

When reporting the molar conductivity data, the species whose amount is
given in moles should be indicated. Often, a fractional molar conductivity
corresponding to one mole of chemical equivalents (called a val) is
reported. For example, for sulphuric acid, the concentration c can be
expressed as the 'normality', i.e. the species ^H2SO4 is considered.
Obviously, A(H2SO4) = 2A(^H2SO4). Consequently, the concept of the
'equivalent conductivity' is often used, defined by the relationship
A* = - ^ - = —^— = (U+ + UJ)F = At + A*

(2.4.9)

where A* = A+/z+ and A* = A_/|z_| (cf. Eq. 2.4.3). It follows that, for our
example of sulphuric acid, A*(H2SO4) = A(^H2SO4) = ^A(H2SO4).
Combination of Eqs (2.3.15) and (2.3.17) yields
j^-^gradtf)

(2.4.10)

where tt is the transport (transference) number; giving the contribution of
the ith ion to the total conductivity K, that is

j

for a single (binary) electrolyte,

U+ + U.

At + A!

t/_

A*

(2.4.12)

For a solution of a weak electrolyte of total concentration c, dissociating
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to form v+ cations and v_ anions and with a degree of dissociation or, we
have, considering Eqs (2.4.6) and (2.4.9),
K = a(U+ + U-)z+v+Fc = <x(U+ + (7_) |z_| v_Fc
A = a(U+ + UJ)z+ v+F = a(U+ + UJ) |z_| v_F
A* = a(U+ + UJ)F

(2.4.13)

The behaviour of real solutions approaches that of ideal solutions at high
dilution. The molar conductivity at limiting dilution, denoted A0, is
A0 = z+v+F(U°+ +U°.) = |z_| V-F(U°+ + U°.) = v+k°+ + v_A°_
*o
*o
(2.4.14)
This equation is valid for both strong and weak electrolytes, as a = 1 at the
limiting dilution. The quantities A?= \zt\ FU® have the significance of ionic
conductivities at infinite dilution. The Kohlrausch law of independent ionic
conductivities holds for a solution containing an arbitrary number of ion
species. At limiting dilution, all the ions conduct electric current independently; the total conductivity of the solution is the sum of the contributions of
the individual ions.
Because of the interionic forces, the conductivity is directly proportional
to the concentration only at low concentrations. At higher concentrations,
the conductivity is lower than expected from direct proportionality. This
decelerated growth of the conductivity corresponds to a decrease of the
molar conductivity. Figure 2.4 gives some examples of the dependence of

0.3

Fig. 2.4 Dependence of molar conductivity of strong electrolytes on the square root of concentration c. The dashed
lines demonstrate the Kohlrausch law (Eq. 2.4.15)
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the molar conductivity of strong electrolytes on the concentration. It can be
seen that even at rather low concentrations, the limiting molar conductivity
is still not attained.
A special branch of the theory of strong electrolytes deals with the
dependence of the electrical conductivity of electrolytes on concentration
(see Section 2.4.3). For very low concentrations, Kohlrausch found empirically that
A = A°-Ax 1/2

(2.4.15)

(k is an empirical constant), i.e. the dependence of A on cm is linear.
Interionic forces are relatively less important for weak electrolytes
because the concentrations of ions are relatively rather low as a result of
incomplete dissociation. Thus, in agreement with the classical (Arrhenius)
theory of weak electrolytes, the concentration dependence of the molar
conductivity can be attributed approximately to the dependence of the
degree of dissociation a on the concentration. If the degree of dissociation
«~^

(2.4.16)

is substituted into the equation for the apparent dissociation constant K',
then the result is

sometimes called the Ostwald dilution law. In a suitably linearized form,
this equation can be used to calculate the quantities K' and A0 from
measured values of A and c. However, the resulting values of K' are not
thermodynamic dissociation constants; the latter can be found from
conductivity measurements by a more complicated procedure (see Section
2.4.5). Figure 2.5 illustrates, as an example, the dependence of the molar
conductivity on the concentration for acetic acid compared with hydrochloric acid.
While the molar conductivity of strong electrolytes A0 can be measured
directly, for determination of the ionic conductivities the measurable
transport numbers must be used (cf. Eq. (2.4.12)). Table 2.1 lists the values
of the limiting conductivities of some ions in aqueous solutions.
2.4.3 Interionic forces and conductivity
The influence of interionic fores on ion mobilities is twofold. The
electrophoretic effect (occurring also in the case of the electrophoretic
motion of charged colloidal particles in an electric field, cf. p. 242) is caused
by the simultaneous movement of the ion in the direction of the applied
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400

Fig. 2.5 Dependence of
the molar conductivity of
the strong electrolyte (HCl)
and of the weak electrolyte
(CH3COOH) on the square
root of concentration

0.1

Table 2.1 Ionic conductivities at infinite dilution (Q 1 • cm2 • mol *) at various
temperatures. (According to R. A. Robinson and R. H. Stokes)
Temperature (°<^)
Ion
H+
OH"
Li +
Na +
K+
Rb +
Cs +

cr
Br~
r

0

5

15

225.0
105.0
19.4
26.5
40.7
43.9
44.0
41.0
42.6
41.4

250.10

300.60

—

—

22.76
30.30
46.75
50.13
50.03
47.51
49.25
48.57

30.20
39.77
59.66
63.44
63.16
61.41
63.15
62.17

18
315
171

32.8
42.8
63.9
66.5
67

66.0
68.0
66.5

25

35

45

55

349.81
198.30
38.68
50.10
73.50
77.81
77.26
76.35
78.14
76.84

397.0

441.4

483.1

—

—

48.00
61.54
88.21
92.91
92.10
92.21
94.03
92.39

58.04
73.73
103.49
108.55
107.53
108.92
110.68
108.64

100

630
450
68.74 115
86.88 145
119.29 195

124.25
123.66 —
126.40 212
127.86
125.44 —
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Fig. 2.6 Electrophoretic effect. The ion
moves in the opposite direction to the ionic
atmosphere

electric field and of the ionic atmosphere in the opposite direction (Fig.
2.6). Both the central ion and the ions of the ionic atmosphere take the
neighbouring solvent molecules with them, which results in a retardation of
the movement of the central ion.
For very dilute solutions, the motion of the ionic atmosphere in the
direction of the coordinates can be represented by the movement of a
sphere with a radius equal to the Debye length LU = K~1 (see Eq. 1.3.15)
through a medium of viscosity r/ under the influence of an electric force
zteExy where Ex is the electric field strength and zt is the charge of the ion
that the ionic atmosphere surrounds. Under these conditions, the velocity of
the ionic atmosphere can be expressed in terms of the Stokes' law (2.6.2) by
the equation
(2.4.18)
The electrolytic mobility of the ionic atmosphere around the ith ion can
then be defined by the expression
zte
6;rr/LD

6jrNAr]Lr>

(2.4.19)

This quantity can be identified with deceleration of the ion as a result of
the motion of the ionic atmosphere in the opposite direction, i.e.
(2.4.20)
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Fig. 2.7 Time-of-relaxation effect. During the
movement of the ion the ionic atmosphere is
renewed in a finite time so that the position of
the ion does not coincide with the centre of the
ionic atmosphere

The time-of-relaxation effect (see Fig. 2.7) originates in a certain time
delay (relaxation) required for the renewal of the spherical symmetry of the
ionic atmosphere around the central ion moving under the influence of an
applied electric field. The disappearance of the ionic atmosphere after
removal of the central ion, similar to its formation, is an exponential
function of time; in fact, both of these processes are complete after twice
the relaxation time, which is of the order of 10~7 to 10~9 s, depending on the
electrolyte concentration. If the central ion moves under the influence of an
external electric field, it becomes asymmetrically located with respect to the
centre of the ionic atmosphere. Thus the time average of the forces of
interaction of the ionic atmosphere with the central ion is not equal to zero.
The external electric field is decreased by the relaxation electric field, as it is
oriented in the opposite direction to the external force. Although the
relaxation time is several orders of magnitude smaller than the time
required for the central ion to pass through the ionic atmosphere (about
10~3s), its effect is important because the strength of the electric field
formed by the ionic atmosphere (~105 V • cm"1) is greater than the strength
of the external electric field. Thus, even small changes in the symmetry of
the ionic atmosphere have a measurable effect acting against that of the
external electric field.
The mathematical theory of the time-of-relaxation effect is based on the
interionic electrostatics and the hydrodynamic equation of flow continuity.
It is the most involved part of the theory of strong electrolytes. Only the
main conclusions will be given here.
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The first approximate calculation was carried out by Debye and Hiickel
and later by Onsager, who obtained the following relationship for the
relative strength of the relaxation field AE/E in a very dilute solution of a
single uni-univalent electrolyte

In the ideal case, the ionic conductivity is given by the product
Because of the electrophoretic effect, the real ionic mobility differs from the
ideal by ALf, and equals U° + AC/,. Further, in real systems the electric field
is not given by the external field E alone, but also by the relaxation field
AE, and thus equals E + AE. Thus the conductivity (related to the unit
external field E) is increased by the factor (E + AE)/E. Consideration of
both these effects leads to the following expressions for the equivalent ionic
conductivity (cf. Eq. 2.4.9):

(2.4.22)

+
and for the overall equivalent conductivity of the electrolyte
A* = F(U°+ + AU+ + l/L + Al/_)(l + — )
- F[{U°+ + U°_)(l + ^ \ + AU+ + AU_1

(2.4.23)

We shall introduce FU°+ = X°+, FU°- = X0_ and F(U% +l/L) = A°. The

resulting Onsager's expression (2.4.21) completed by the term 1 + BaVc in
the denominator introduced by Falkenhagen (cf. Eq. (1.3.31)) takes both
effects of interionic forces at higher concentrations into account:
V = A'0-(B I A° + 3

2

)

r

^ -

(2.4.24)

where
p2K

B
1

2

12n(2 + y/2)NAeRTVc
6JZNAY)VC

^
\2n{\ + V2)(eRT)3'2

3jtNArj(£RT)m

The validity of Eq. (2.4.24) for uni-univalent electrolytes has been verified
up to a concentration of 0.1 mol • dm"3. If the ionic radius is not involved in
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Eq. (2.4.24) (i.e. the product BaVc is cancelled), then the Onsager limiting
law is obtained
A = A0 - (B.A0 + B2)\fc

(2.4.26)

which is an analogy of the Debye-Hiickel limiting law. In the same way it is
valid for rather dilute solutions (see Fig. 2.4, dashed line). The ratio of the
molar conductivities at moderate and limiting dilutions is the conductivity
coefficient given for rather dilute solutions by the relation
yA = 1 - (fli + B2lA°)Vc

(2.4.27)

In an analogous way, for a weak uni-univalent electrolyte the Onsager
limiting law has the form
A = or[A° - (BiA0 + B2)Vac]

(2.4.28)

The ratio of the equivalent conductivity at a given concentration to the
limiting equivalent conductivity then is
A/A°=ary A

(2.4.29)

These relations are used in the precise form of Ostwald's dilution law
(2.4.17).
Equations (2.4.27) and (2.4.28) are employed for conductometric determination of dissociation constants and solubility products.
2.4.4 The Wien and Debye-Falkenhagen effects
The conductivities of strong electrolytes do not depend on the strength of
the electric field for weak fields (of the order of 10 4 V-m~ 1 ). At high
electric field strengths (of about 10 7 V-m~ 1 ), Wien observed a significant
increase in the conductivity (Fig. 2.8). This effect increases at higher
concentrations and at a higher charge number of the electrolyte ions and
approaches a limiting value with increasing electric field. This phenomenon
is a result of the high ion velocities, preventing rearrangement of the ionic
atmospheres during motion. Thus an ionic atmosphere is not formed at all
and both the electrophoretic and relaxation effects disappear.
The conductivity also increases in solutions of weak electrolytes. This
'second Wien effect' (or field dissociation effect) is a result of the effect of
the electric field on the dissociation equilibria in weak electrolytes. For
example, from a kinetic point of view, the equilibrium between a weak acid
HA, its anion A" and the oxonium ion H 3 O + has a dynamic character:
HA + H2O <=± H 3 O + + A"
where kd is the rate constant for dissociation and kT is the rate constant for
recombination of the anion with a hydronium ion. Their ratio yields the
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10

20
Electric field, 104V.cm1

Fig. 2.8 The Wien effect shown by the percentage increase of
equivalent conductivity in dependence on the electric field in
Li3Fe(CN)6 solutions in water. Concentrations in mmol • dm"3 are
indicated at each curve

sociation constant for a weak acid
(2.4.30)

e bond between the hydrogen atom and the anion is primarily electrotic in character, so that the acid molecule has the character of an ion pair
a certain extent. As demonstrated by Onsager, the rate of dissociation of
ion pair increases in the presence of an external electric field, while the
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rate of formation of this ion pair is not affected by the presence of an
external field. The value of kd thus increases in the presence of a field, as
does KA. A weak electrolyte is therefore dissociated to a greater degree in
strong electric fields and its conductivity increases.
Debye and Falkenhagen predicted that the ionic atmosphere would not
be able to adopt an asymmetric configuration corresponding to a moving
central ion if the ion were oscillating in response to an applied electrical
field and if the frequency of the applied field were comparable to the
reciprocal of the relaxation time of the ionic atmosphere. This was found to
be the case at frequencies over 5 MHz where the molar conductivity
approaches a value somewhat higher than A0. This increase of conductivity
is caused by the disappearance of the time-of-relaxation effect, while the
electrophoretic effect remains in full force.

2.4.5 Conductometry
Determination of the conductivity of electrolyte solutions. The resistance
of second class conductors is measured by the bridge method, similar to
measurement of the resistance of first class conductors. Usually, alternating
current is used, to avoid polarization of the electrodes (see Chapter 5). This
involves certain technical difficulties, connected with the necessity of
compensating the capacity and inductive components of the resistors and
also with the fact that current can pass through the capacity coupling
between the circuit and ground; similarly, strong magnetic fields produce
induction effects. Direct current can only be used if a suitable unpolarizable
electrode can be found for the given system (see page 209). Therefore, most
often an a.c. supply of audio-frequency and an amplitude of a few millivolts
is used.
The bridge method is based on various modifications of the well-known
Wheatstone bridge.
Instruments for exact measurements usually have a sinusoidal current
source and an electronic balance detector. The circuit is made as symmetrical as possible to avoid stray coupling.
During measurement, the conductivity cell is filled with an electrolyte
solution; this cell is usually made of glass with sealed platinum electrodes.
Various shapes are used, depending on the purpose that it is to serve.
Figure 2.9 depicts examples of suitable cell arrangements. The electrodes
are covered with platinum black, to avoid electrode polarization. The
electrodes are placed close to one another in poorly conductive solutions
and further apart in more conductive solutions.
For an evaluation of measurements the conductivity cell is calibrated with
a solution of a known conductivity. Both the electrolyte and the solvent
must be carefully purified.
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A

B

Fig. 2.9 Conductometric cells for (A) low and (B) high conductivity solutions

2.4.6

Transport numbers

Transport (transference) numbers are defined by Eqs (2.4.11) and
(2.4.12). The experimental arrangement shown in Fig. 2.10 can be used to
demonstrate this concept. In the cathode and anode compartments the
electrolyte concentration is maintained homogeneous by stirring. The
connecting tube is narrow, so that it contains a negligible amount of
electrolyte compared with that in the electrode compartments. The electric
field is homogeneously distributed and mass transfer occurs only through
migration at sufficiently high field strengths. If the charge Q passes through
this electrolysis cell, then Q/z+F moles of cations are discharged on the
cathode and Q/\z-\F moles of anions on the anode. An amount of
QtJ\z-\ F moles of anions migrates from the cathode space to the anode
space and Qt+/z+F moles of cations in the opposite direction. Thus the
cathode compartment will be depleted by a total of An+>c = Qt_/z+F moles
of cations and A n _ c = Qf_/|z_| F moles of anions, and the anode compartment by An+ A = Qt+/z+F moles of cations and An_ A = Qt+/\z_\ F moles

H

\-

Fig. 2.10 Schematic design of a cell for the determination of transport numbers from measurements of the
concentration decrease in electrode compartments
(Hittorf s method)
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of anions. As it obviously holds that n+ = \z_\n and n_ = z+n for the
amounts of cations n+, anions n_ and salt n, respectively, then the decrease
in the amount of the salt is Anc = Qt_/z+ |z_| F and AnA = Qt+/z+ |z_| F.
Thus the decrease in the amount of salt in the cathode compartment is
proportional to the transport number of the anion and the decrease in the
amount of salt in the anode compartment is proportional to the transport
number of the cation,
t+ =

—A—
Anc + AnA

and

f_ =

—
Anc + AnA

(2.4.31)

Thus, the transport number can be found from measurement of the
decrease in the amount of the salt in the electrode compartments.
In view of Eq. (2.4.9), for a strong electrolyte,
1*

'

+=

1*

=

FTT A^

7*

3*

and

=

=

'- r T r X ^

(2A32)

and

'- = f r

(2-4-33)

and, for a weak electrolyte,

'+ = 7 ^

These equations are used to determine ionic conductivities.
The transport numbers thus depend on the mobilities of both the ions of
the electrolyte (or of all the ions present). This quantity is therefore not a
characteristic of an isolated ion, but of an ion in a given electrolyte. Table
2.2 lists examples of transport numbers. It can be seen from the table that
the transport numbers also depend on the electrolyte concentration. The
following rules can be derived from experimental data:
(a) If the transport number is close to 0.5, it depends only very slightly on
the concentration.
(b) If the transport number for the cation is less than 0.5, then it decreases
with increasing concentration (and, simultaneously, t_>0.5 increases
with increasing concentration); and vice versa.
These rules are based on the theory of conductivity of strong electrolytes
accounting for the electrophoretic effect only (the relaxation effect terms
outbalance each other).
The methods for determination of transport numbers include the Hittorf
method and the concentration cell method (p. 121).
The Hittorf method is based on measuring the concentration changes at
the anode and cathode during electrolysis. These changes can be found by a
sensitive analytical method, e.g. conductometrically for a suitable cell
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Table 2.2 Transport numbers of cations at various concentrations
(mol • dm" 3 ). Relative accuracy 0.02 per cent. (According to B. E.
Conway)
c
Electrolyte
HC1
CH.COONa
CH3COOK
KNO3
NH4CI
KC1
KI
KBr
AgNO 3
NaCl
LiCl
CaCl2
|Na 2 SO 4
±K2SO4
^LaCl3
|K 4 Fe(CN) 6
3-K3Fe(CN)6

0

0.01

0.02

0.05

0.10

0.20

0.8209
0.5507
0.6427
0.5072
0.4909
0.4906
0.4892
0.4849
0.4643
0.3963
0.3364
0.4380
0.386
0.479
0.477
—
—

0.8251
0.5537
0.6498
0.5084
0.4907
0.4902
0.4884
0.4833
0.4648
0.3918
0.3289
0.4264
0.3848
0.4829
0.4625
0.515
—

0.8266
0.5550
0.6523
0.5087
0.4906
0.4901
0.4883
0.4832
0.4652
0.3902
0.3261
0.4220
0.3836
0.4848
0.4576
0.555
—

0.8292
0.5573
0.6569
0.5093
0.4905
0.4899
0.4882
0.4831
0.4664
0.3876
0.3211
0.4140
0.3829
0.4870
0.4482
0.604
0.475

0.8314
0.5594
0.6609
0.5103
0.4907
0.4898
0.4883
0.4833
0.4682
0.3854
0.3168
0.4060
0.3828
0.4890
0.4375
0.647
0.491

0.8337
0.5610
—
0.5120
0.4911
0.4894
0.4887
0.4841
—
0.3821
0.3112
0.3953
0.3828
0.4910
0.4233
—
—

arrangement. Transport numbers can be found by using Eq. (2.4.31) from
the overall change in electrolyte contents in the anode and cathode
compartments.
Correct transport numbers could be obtained from concentration changes
in the electrode compartments only if the ions were not hydrated in the
aqueous solution. When they are hydrated the accompanying water
molecules remain in the electrode compartment during discharge of the
ions. Accordingly, the measured decrease in electrolyte concentration at the
electrode is greater (or smaller) than would correspond to simple charge
transport. If n+ molecules of water are bound to each cation n_ and to each
anion, then W moles of water are transported by a charge passage
corresponding to 1 F:
W = n+t+ - n_t_

(2.4.34)

If the cation is more hydrated, then W is a positive number; if the anion is
more hydrated, then W is a negative number and water is transported to the
anode. Transport numbers calculated from measured concentration changes
involving transport of water by solvated ions are sometimes called Hittorf
(//) numbers; those corrected for the transport of water are called true
transport numbers (*,-). These two types of transport numbers are related by
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the following expressions:
cW
rW
t+ t + + a n d
'- = ' ! - * ,
(2.4.35)
55.5z+v+
55.5 |z_| v_
If water is transported to the cathode, then W>0, t+>t+ and *_<*!_. If
water is transported to the anode, then W <0, t+<t'+ and t_>t'_. Ion
solvation can be determined from measured true and Hittorf transport
numbers. The value of W can be found experimentally by adding a
non-electrolyte (e.g. sucrose) to the solution. As it is assumed that this
substance does not migrate in the electric field, W is determined by
measuring changes in its concentration in the electrode compartment after
electrolysis. It is evident from Eq. (2.4.34) that, even when the true
transport numbers and the values of W are known, it is not possible to
determine the absolute values of hydration numbers, but only relative
values under certain assumptions (e.g. that the bromide ion is not
hydrated).
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2.5 Diffusion and Migration in Electrolyte Solutions
The passage of current through electrolytes as treated in Section 2.4 did
not involve any transient phenomena. During migration the current and the
potential difference were assumed constant. During the measurement,
transient phenomena appear only in connection with electrode charging or
with reactions at the electrodes from which electric charge is transferred
into the electrolyte. One of the aims of experimental methods is to
eliminate this effect during measurements.
On the other hand, it is characteristic for diffusion processes that they
usually involve time changes of the concentrations of the diffusing substances, so that they have a transient character. Steady state is a result of a
prior transient phenomenon that is inherent in the diffusion process itself.
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It is characteristic for the actual diffusion in electrolyte solutions that the
individual species are not transported independently. The diffusion of the
faster ions forms an electric field that accelerates the diffusion of the slower
ions, so that the electroneutrality condition is practically maintained in
solution. Diffusion in a two-component solution is relatively simple (i.e.
diffusion of a binary salt—see Section 2.5.4). In contrast, diffusion in a
three-component electrolyte solution is quite complicated and requires the
use of equations such as (2.1.2), taking into account that the flux of one
electrically charged component affects the others.
A simple case is the diffusion of a single type of ion in a solution
containing a sufficient excess of an indifferent electrolyte (see page 116),
which then occurs in the same way as in the case of a non-electrolyte.
Isotope (tracer) diffusion has the same character, where a concentration
gradient of the radioactive isotope of an ion, present in a much lower
concentration, is formed in a solution with a much larger, constant salt
concentration.
2.5.1 The time dependence of diffusion
We will first consider the simple case of diffusion of a non-electrolyte.
The course of the diffusion (i.e. the dependence of the concentration of the
diffusing substance on time and spatial coordinates) cannot be derived
directly from Eq. (2.3.18) or Eq. (2.3.19); it is necessary to obtain a
differential equation where the dependent variable is the concentration c
while the time and the spatial coordinates are independent variables. The
derivation is thus based on Eq. (2.2.10) or Eq. (2.2.5), where we set ip = c
and substitute from Eq. (2.3.18) or Eq. (2.3.19) for the fluxes. This yields
Fick's second law (in fact, this is only a consequence of Fick's first law
respecting the material balance—Eq. 2.2.10), which has the form of a
partial differential equation
^ = D div grad c = DV2c
(2.5.1)
at
where V2 is the Laplace operator (for its form in Cartesian and spherical
coordinates, see footnote p. 109). When the concentration is a function of
coordinate x alone, Fick's first law has the most common form:

and the second law is then

In order to integrate the partial differential equations (2.5.1) or (2.5.3) it
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is necessary to choose suitable initial and boundary conditions, i.e. to define
a model of a certain experiment. The initial condition describes the
concentration conditions of the system at the beginning of the diffusion
process. The values of the concentrations or material fluxes (which are
proportional to concentration gradients) at the boundary surfaces of the
system or at concentration discontinuities inside the system are described by
the boundary conditions.
For illustration, consider the simplest type of diffusion, described by the
partial differential equation (2.5.3), also called linear diffusion. The system
will be represented by an infinite tube closed at one end (for x = 0) and
initially filled with a solution with concentration c°. Diffusion is produced by
very fast removal (e.g. by precipitation or an electrode reaction) of the
dissolved substance at the x = 0 plane (the reference plane). The initial
concentration c° is retained at large distances from this reference plane
(x—>oo). The initial condition is thus
x > 0,
and the boundary conditions are
JC = O,

t = 0,

(2.5.4)

c = c°

t>0,

c = 0

(2.5.5)

c = c°

Solution of the differential equation (2.5.3) together with the initial and
boundary conditions (2.5.4) and (2.5.5) yields the relationship
(2.5.6)
where the error function erf y is defined by the equation
erf y =
Table 2.3 Error function erf (x) = (2/VJT) Jj e"y2 dy
X

erf(jc)

X

erf(x)

0
0.1
0.2
0.3
0.4
0.5
0.6
0.7
0.8
0.9
1.0

0.000
0.113
0.223
0.329
0.428
0.521
0.604
0.678
0.742
0.797
0.843

1.1
1.2
1.3
1.4
1.5
1.6
1.7
1.8
1.9
2.0

0.880
0.910
0.914
0.952
0.966
0.976
0.984
0.989
0.993
0.995

For x < 0.1 in sufficient approximation erf (x) = 1. 128JC - 0.376*
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0.05
Distance! cm

Fig. 2.11 Concentration distribution in the case of linear diffusion with
c = 0 for x = 0 (see Eq. 2.5.6), where D = 10"'
• s , time in seconds
is indicated at each curve and the effective diffusion layer thickness is
shown for t = 100 s
(see Table 2.3). Figure 2.11 depicts the concentration distribution. It can be
seen from Eq. (2.5.6) that the ratio c/c° is independent of the concentration
but only depends on the distance from the reference plane, on the time and
on the diffusion coefficient. Assuming that the solution of the diffusing
substance is dilute, the diffusion coefficient does not depend on its
concentration.
The material flux through the reference plane is given by the concentration gradient for x = 0. In the present case the concentration gradient is
dc
dx'~

{nDtf

4Dt)

(2.5.7)

and the concentration gradient at the reference plane is then
(2.5.8)
Obviously, the material flux decreases with increasing time and, finally, for
t—><*> approaches zero.
If a tangent to the curves in Fig. 2.11 is drawn at the origin, it intersects
the straight line c = c° at a distance of

6 D = (nDt)1/2

(2.5.9)
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termed the diffusion layer thickness. It is a measure of the region that is
depleted by the diffusion process.
Another example is linear diffusion, with a prescribed concentration
gradient at the reference plane, i.e. a prescribed material flux through the
reference plane. This type of diffusion transport is important mainly for
electrode processes (see Section 5.4). The point of interest in this case is the
concentration at the reference plane. In the simplest case, the material flux
is constant, so that the boundary condition for x=0 (Eq. 2.5.5) can be
replaced by
= 0,

t>0,

D^ =
dx

(2.5.10)

The resultant concentration distribution (Fig. 2.12) is given by the equation
2

\

K

/

x

(
The error function complement erfcy is defined by the relationship
erfcy = 1 — erf y. The concentration at the reference plane c* is
c* = c°- 2Ktm(jzD)-m

(2.5.12)

Clearly, the concentration at the reference plane decreases to zero after

0.002

0.004
Distance, cm

0.006

0.008

Fig. 2.12 Concentration distribution for linear diffusion and constant
concentration gradient at the reference plane x = 0 (Eq. 2.5.11), where
- - • - " ' D = 1 0 - 5 c m 2 - s - \ c° = 5 x 10~5 mol • cnT 3
(T = 1.83 s)
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time

c°\ 2
This case is an example of a time-restricted process as it cannot proceed
after the instant t=x (the concentration would assume negative values).
Time r is termed the transition time.
Consider a tube of length / containing a solution of concentration c 2 , with
one end (x = 0) rinsed with a solution of concentration cx and the other
(JC = /) with a solution of concentration c2. In contrast to the previous
example, after a period of time steady state will be reached, characterized by
the relationship

f =0

(2.5.14)

for f—»oo. The boundary conditions for the ordinary differential equation
d2c
D-5 =0

(2.5.15)

are
'

C Cl

~

(2.5.16)

C = C2

X = /,

The solution of this system is then
x x

(2.5.17)

The material flux at the steady state 7st is constant at every point in
the system:
^

^

(2.5.18)

As a last example in this section, let us consider a sphere situated in a
solution extending to infinity in all directions. If the concentration at the
surface of the sphere is maintained constant (for example c = 0) while the
initial concentration of the solution is different (for example c = c°), then
this represents a model of spherical diffusion. It is preferable to express the
Laplace operator in the diffusion equation (2.5.1) in spherical coordinates
for the centro-symmetrical case.t The resulting partial differential equation
2
) + (d2/dz2) = (d2/dr2) + (d/dr)(2/r), where r is the distance from
the origin (located at the centre of the sphere).

110
is then
dc

(d2c

2 3c

r>r0,

t = 0,

c = c°

r = r0,

t>0,

c=0

r ^oo,

t>0,

c = c°

(2.5.19)

where r0 is the radius of the sphere.
The concentration gradient for r = r0 is given by the equation
(dc\
—

c°
c°
=-7=^+-

(2.5.20)

The concentration gradient will obviously assume the steady-state value for
t»rl/nDy
dr/r=ro

r0

Thus the time during which the transport process attains the steady state
depends strongly on the radius of the sphere r0. The steady state is
connected with the dimensions of the surface to which diffusion transport
takes place and does, in fact, not depend much on its shape. Diffusion to a
semispherical surface located on an impermeable planar surface occurs in
the same way as to a spherical surface in infinite space. The properties of
diffusion to a disk-shaped surface located in an impermeable plane are not
very different. The material flux is inversely proportional to the radius of
the surface and the time during which stationary concentration distribution
is attained decreases with the square of the disk radius. This is especially
important for application of microelectrodes (see page 292).
Further examples of diffusion processes characterized by boundary
conditions connected with specific electrode processes will be considered in
Section 5.4.
2.5.2

Simultaneous diffusion and migration

Consider a dilute electrolyte solution containing s components (nonelectrolytes and various ionic species) in which concentration gradients of
the components and an electric field are present. The material flux of the ith
component is then given by a combination of Eqs (2.3.11) to (2.3.20):
J, = -ut(RT grad ct + c^F grad <j>)

(2.5.22)

This relationship can be expressed in the form
J,-=-!*,•<:,• grad

ft

(2.5.23)

Ill
where the driving force for the simultaneous diffusion and migration is the
gradient of the electrochemical potential /i, = jU, + z{F(^. The concept of the
electrochemical potential is discussed in detail in Section 3.1.1.
Equations (2.3.11), (2.3.16) and (2.3.18) can be combined to give
J, = -Dt grad c, - - ^ UiCi grad 0

(2.5.24)

or, for transport with respect to coordinate x alone,
h - - A -*

:—r UiCj —

djc
= -RTu,---

\zt\
dc
djc

dx
d(t>
ZiFutCi-^
dx

(2.5.25)

Equations (2.5.22) and (2.5.25) are called the Nernst-Planck equations.
Substitution for J, from Eq. (2.5.24) into Faraday's law (2.3.14) yields the
equation
j = - S ZiFDt grad c, - 2 \zt\ FU& grad 0

(2.5.26)

which, combined with the conductivity relationship (2.4.2), yields
j = - 2 ZiFDi grad ct - K grad </>

(2.5.27)

The electric potential gradient is thus given by the sum of two
expressions:
Is

—j
grad <t> =
K

2 ZiFDf grad c,
K

i=1

= grad 0 o h m + grad 0diff

(2.5.28)

The first of these is the ohmic potential gradient, characteristic for charge
transfer in an arbitrary medium. It is formed only when an electric current
passes through the medium. The second expression is that for the diffusion
potential gradient, formed when various charged species in the electrolyte
have different mobilities. If their mobilities were identical, the diffusion
electric potential would not be formed. In contrast to the ohmic electric
potential, the diffusion electric potential does not depend directly on the
passage of electric current through the electrolyte (it does not disappear in
the absence of current flow).
2.5.3

The diffusion potential and the liquid junction potential

If all the changes taking place in the system occur along the direction of
the x axis, then Eqs (2.5.28), (2.4.2), and (2.4.11) yield a relationship for
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the diffusion potential gradient
S

A A,

DT

d0

Ki i = l

_

RT*

Z U

' '

d C i / 6 X

DT

Z

^

'"'C'

d

m

C

</d*

A l i=l

tt d In cf

(2.5.29)

The electric potential difference between two points (2 and 1) in the
electrolyte during diffusion is thus given by the equation
DT

A0diff
=((pp22-<t>
-<t>l=l= -—\
-—\
diff =

/"2

S

*

E --dInc
d I n c 77

(2.5.30)

where the integration limits refer to the solution composition at points 1 and
2. In general the value of A$diff is influenced by the way in which the c/s
and ff-'s depend on x. The transport number for a dilute solution is not a
function of the concentration only in the case of a single binary salt (see Eqs
2.4.12), so that in this case the diffusion potential is given by the equation
A0diff =

z+-(z+-z.)t+RT
c(l)
—
—In—

(2.5.31)

where c(l) and c(2) are the concentrations at points 1 and 2.
The potential difference formed at the junction of two electrolytes with
different but constant composition and dissolved in the same solvent is very
important in electrochemical measurements. Solutions can come into contact
either directly (a suitable experimental arrangement must be used to
prevent mixing through convection—see below) or can be separated by a
diaphragm with sufficiently large pores. This diaphragm can be a glass frit,
ceramic disk, etc., and is permeable for all the components of the system
and simply prevents mechanical mixing. Thus, the system consists of two
solutions, where the concentration is constant everywhere, and of a
transition region at their contact, where diffusion occurs. This region has a
thickness of d and is either free or enclosed in the pores of a diaphragm:
Solution 11 diaphragm | solution 2
x =p
x =q
Here, x is the coordinate normal to the diaphragm, so that d = q —p. The
liquid junction potential A0 L is the diffusion potential difference between
solutions 2 and 1. The liquid junction potential can be calculated for more
complex systems than that leading to Eq. (2.5.31) by several methods. A
general calculation of the integral in Eq. (2.5.30) is not possible and thus
assumptions must be made for the dependence of the ion concentration on x
in the liquid junction. The approximate calculation of L. J. Henderson is
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often used, assuming that the ion concentration in the liquid junction varies
linearly with x between the values in the two solutions:
ct(x) = Ci(p) + [cXq) — C;(p)] —

(2.5.33)

Substitution into Eq. (2.5.30) yields
RT

Uu^c^-cApWd

+ c^p)}

Y.zjuj{[Cj(q)-cJ(p)]x/d

+ Ci

7 =1

1= 1

D_

E ZiUtlCiiq) ~ Ci(p)]

T

E zjutCii

?

E Z^M^CK?)-^)]

E z?^

/=i

1=1

whre d = q —p is the thickness of the liquid junction.
Although the Henderson formula depends on a number of simplifications
and also employs ion concentrations rather than activities, it can nonetheless be used for estimation of the liquid junction potential up to moderate
electrolyte concentrations, apparently as a result of compensation of errors.
If there is only a single uni-univalent electrolyte with a common anion or
cation on both sides of the liquid junction and the concentration of both
electrolytes is the same, e.g.
O.IMKCI

O.IMHCI

solution 1 solution 2
then Eq. (2.5.34) is reduced to the form (Lewis-Sargent equation)

=± RT

V

U+{2) +=V-{2)

± 1RT A(2)

"

where the symbols 1 and 2 designate the electrolytes in solutions 1 and 2
and the A's are the molar conductivities at the given electrolyte concentrations. The minus sign holds when the electrolytes have a common anion and
the plus sign holds for a common cation. The Henderson equation for a
constantly varying electrolyte mixture approximately approaches conditions
for a liquid junction with free diffusion (see Fig. 2.13).
The general Planck's solution of the liquid-junction potential is based on
the assumption that the fluxes of ions in the liquid junction are in a steady
state. As the mathematical treatment is rather space-consuming the reader
is recommended to inspect a more recent treatment of this by W. E. Morf
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to sample
solution
^

^

_

to waste

A

to reference
^L^electrode

P

i

x

bridge

\ c e r a m i c plug

B

Fig. 2.13 Examples of liquid junctions: (A) liquid junction
with 'free' diffusion is formed in a three-way cock which
connects the solution under investigation with the salt bridge
solution; (B) liquid junction with restrained diffusion is
formed in a ceramic plug which connects the salt bridge with
the investigated solution

(Anal. Chem.y 49, 810, 1977). Planck's model corresponds to the liquid
junction formed inside rather thin-pore diaphragms (Fig. 2.13B).
However, useful arrangements are made to practically eliminate the
diffusion potential, i.e. reduce it to the smallest possible value, in
potentiometric measurements not concerned directly with measuring the
liquid junction potential, e.g. pH measurements, potentiometric titrations,
etc. This is achieved by using a salt bridge connecting the two solutions,
consisting, for example, of a tube closed at both ends by a porous material
and usually filled with a saturated solution of potassium chloride, ammonium nitrate, or sodium formate (if the presence of chloride or
potassium ions is undesirable). The theoretical basis for the use of these salt
bridges is that the ions of the bridge solutions are present in a large excess
compared with the ions in the electrode compartments, and thus are almost
solely responsible for the charge transport across the two boundaries. As
the transport numbers of the cations and anions of these excess electrolytes
are almost identical, the two newly formed diffusion potentials are small and
act in opposite directions, so that the final diffusion potential is negligible.
For example, the diffusion potential at the contact between 0.1 and
0.01 M HC1 is about 40 mV. If a salt bridge containing a saturated potassium
chloride solution is placed between the two solutions, the diffusion
potential is about 3 mV on the side with the more dilute solution and about
5 mV on the side with the more concentrated solution. The final potential
difference is about 2 mV, which is insignificant in many applications.
In potentiometric measurements the simplest approach to the liquidjunction problem is to use a reference electrode containing a saturated
solution of potassium chloride, for example the saturated calomel electrode
(p. 177). The effect of the diffusion potential is completely suppressed if the
solutions in contact contain the same indifferent electrolyte in a sufficient
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excess, which increases the overall conductivity of the solutions (cf. Eq.
2.5.28).
2.5.4

The diffusion coefficient in electrolyte solutions

As demonstrated in the preceding section, an electric potential gradient is
formed in electrolyte solutions as a result of diffusion alone. Let us assume
that no electric current passes through the solution and convection is absent.
The Nernst-Planck equation (2.5.24) then has the form:
J, = - A grad c, - - ^ UiCi grad 0dif

(2.5.36)

Substitution from Eq. (2.3.22) into Eq. (2.5.36) yields the following
relationship for dilute solutions:
D zF
Jt = - A grad c, - - ^ -

Ci

grad 0 dif

(2.5.37)

For a single electrolyte, Eqs (2.5.37) and (2.3.14) for y = 0 and Eqs
(2.4.4) and (2.4.5) yield the equation

where D+ and D_ are the diffusion coefficients of the cation and anion.
The overall material flux of the electrolyte
J = —= —
(2.5.39)
v + v_
where v+ and v_ are the stoichiometric coefficients of the anion and of the
cation in the salt molecule. From Eqs (2.5.37) to (2.5.39) we then obtain
Z)+D_(v+ + v_)
v_D+ + v + D_ 5

v

;

Diffusion of a single electrolyte ('salt') is thus characterized by an
effective diffusion coefficient

Replacement of the diffusion coefficients by the electrolytic mobilities
according to Eq. (2.3.22) yields the Nernst-Hartley equation:
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It could be expected for less dilute solutions that an expression for the
effective diffusion coefficient could be derived theoretically from Eq.
(2.5.42) by using correction terms for U+ and U_ taken from the
Debye-Huckel-Onsager theory of electrolyte conductivities. However, it
has been demonstrated experimentally that this approach does not lead to a
correct description of the dependence of the diffusion coefficient on the
concentration. The mobility of ions in the diffusion process varies far less
with changes in the concentration than when charge is transported in an
external electric field, and the effect of the concentration on the mobility
can be either retarding, zero or accelerating, depending on the type of salt
(increasing concentration always reduces ion mobility in an external electric
field). This difference between the two transport phenomena is a result of
the fact that diffusion is connected with the movement of cations and anions
in the same direction, so that faster species are retarded by slower species,
and vice versa, whereas during electric current flow, oppositely charged ions
move in opposite directions and the two types of ions retard one another.
The electrophoretic effect caused by the retardation of the movement of the
central ion by the moving ionic atmosphere is thus of a different magnitude
in diffusion. The time-of-relaxation effect is completely absent, as the
symmetry of the ionic atmosphere is not disturbed during diffusion.
As mentioned, the gradient of the diffusion electric potential is suppressed
in the case of diffusion of ions present in a low concentration in an excess of
indifferent electrolyte ('base electrolyte'). Under these conditions, the simple
form of Fick's law (2.3.18) holds for the diffusion of the given ion. The
Table 2.4 Diffusion coefficients D x 106 (cm2 • s l) determined by means of polarography or chronopotentiometry at various indifferent electrolyte concentrations
c (mol • dm"3) at 25°C. The composition of the indifferent electrolyte is indicated for
each ion. (According to J. Heyrovsky and J. Kuta)
Pb 2+

Tl +

Ag +
c

KNO3

KNO3

KC1

NaCl

0.01
0.1
1.0
3.0

15.85
15.32
15.46

18.2
16.5

17.4
15.7
13.5

17.7
15.0
9.2

KNO3

KC1

KNO3

KC1

8.76
8.28
8.02

8.99
8.67
9.20
8.14

6.90
6.81

8.15
7.15
7.90
7.90

IO 3 -

Zn 2+

Cd2+

Fe(CN)6 •-

Fe(CN) 6 3 -

c

KNO3

KC1

NaOH

KC1

NaCl

KC1

KC1

0.01
0.1
1.0
3.0

6.60
6.38
6.20

6.76
6.73
7.23
7.69

6.54
5.13
4.18

10.15
9.89
9.36

10.01
8.92
7.24

6.50
6.50
6.20

7.84
7.62
7.63
7.36
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Table 2.5 Diffusion coefficients (cm2 • s l x 10 5) of electrolytes in aqueous solutions at various concentrations c (mol • dm~ 3 ). (According to H. A. Robinson and
R. H. Stokes)
Temperature

c

Electrolyte

(°C)

0

0.001

0.002

0.003

0.005

0.007

0.010

LiCl
NaCl
KC1
KC1
KC1
RbCl
CsCl
LiNO,
NaNO 3
KC1O4
KNO,
AgNO 3
MgCl2
CaCl2
SrCl2
BaCl2
Li2SO4
Na 2 SO 4
Cs2SO4
MgSO4
ZnSO 4
LaCl3
K 4 Fe(CN) 6

25
25
20
25
30
25
25
25
25
25
25
25
25
25
25
25
25
25
25
25
25
25
25

1.366
1.610
1.763
1.993
2.230
2.051
2.004
1.336
1.568
1.871
1.928
1.765
1.249
1.335
1.334
1.385
1.041
1.230
1.569
0.849
0.846
1.293
1.468

1.345
1.585
1.739
1.964
—
—
2.013
—
—
1.845
1.899
—
1.187
1.263
1.269
1.320
0.990
1.175
1.489
0.768
0.748
1.175
—

1.337
1.576
1.729
1.954
—
2.011
2.000
—
1.535
1.841
1.884
—
1.169
1.243
1.248
1.298
0.974
1.160
1.454
0.740
0.733
1.145
—

1.331
1.570
1.722
1.945
2.174
2.007
1.992
1.296
—
1.835
1.879
1.719
1.158
1.230
1.236
1.283
0.965
1.147
1.437
0.727
0.724
1.126
1.213

1.323
1.560
1.708
1.934
2.161
1.995
1.978
1.289
1.516
1.829
1.866
1.708
—
1.213
1.219
1.265
0.950
1.123
1.420
0.710
0.705
1.105
1.184

1.318
1.555
—
1.925
2.152
1.984
1.969
1.283
1.513
1.821
1.857
1.698
—
1.201
1.209
—
—
—
—
—
—
1.084
—

1.312
1.545
1.692
1.917
2.144
1.973
1.958
1.276
1.503
1.790
1.846
—
—
1.188
—
—
—
—
—
—
—
—
—

diffusion coefficient, of course, depends on the concentration of the
indifferent electrolyte.
A similar situation occurs in tracer diffusion. This type of diffusion occurs
for different abundances of an isotope in a component of the electrolyte at
various sites in the solution, although the overall concentration of the
electrolyte is identical at all points. Since the labelled and the original ions
have the same diffusion coefficient, diffusion of the individual isotopes
proceeds without formation of the diffusion potential gradient, so that the
diffusion can again be described by the simple form of Fick's law.
Experimental methods for determining diffusion coefficients are described
in the following section. The diffusion coefficients of the individual ions at
infinite dilution can be calculated from the ionic conductivities by using Eqs
(2.3.22), (2.4.2) and (2.4.3). The individual diffusion coefficients of the ions
in the presence of an excess of indifferent electrolyte are usually found by
electrochemical methods such as polarography or chronopotentiometry (see
Section 5.4). Examples of diffusion coefficients determined in this way are
listed in Table 2.4. Table 2.5 gives examples of the diffusion coefficients of
various salts in aqueous solutions in dependence on the concentration.
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2.5.5 Methods of measurement of diffusion coefficients
Both steady-state and non-steady-state methods are used in the determination of diffusion coefficients. In the steady-state methods (dc/dt = 0)
the flux J and the concentration gradient dc/Sx are measured directly and
the diffusion coefficient D is calculated according to Fick's first law, often
without assuming that D is constant. In non-steady-state methods, all the
parameters of diffusion flux change with position and time and thus
equations resulting from integration of Fick's second law must be employed
with various boundary conditions, depending on the experimental arrangement. In integration, when necessary, a suitable form of the function D(x, t)
must be assumed. Usually the diffusion coefficient is assumed to be constant
and thus the final integrated equations can be used only for small
concentration ranges in which the change in the diffusion coefficient can be
neglected.
A steady-state method. In the diaphragm method the diffusion process is
restricted to a porous diaphragm (a glass frit with a pore size of about
lOjUm, separating compartments 1 and 2 of volumes V1 and V2 (cf. Eq.
(2.5.18). The diaphragm is the actual diffusion space with an effective
cross-section of pores A and an effective length /. The compartments are
filled with solutions of concentrations c? and c2 at the start of the
experiment, and are thoroughly stirred during the experiment. After a short
time the solutions penetrate into the pores of the diaphragm and the
solution diffuses from 1 to 2 if c\>c\. In the steady state there is no
accumulation of the solute in the pores of the diaphragm, i.e. the same
amount of solute which leaves the compartment 1 in a certain time interval
passes into the compartment 2. The flux of the substance is constant through
the entire thickness of the diaphragm but it decreases with time because the
concentration difference between compartments 1 and 2 decreases. After
the experiment has been running for a certain time, the contents of both
compartments are analysed and the concentrations c[ and c2 are determined.
From these data we may compute the average value of the diffusion
coefficients between the concentrations (c? + c[)/2 and (c2 + c2)/2.
The time dependence of the concentration in 1 and 2 is obtained by
solving the differential equations

Integration using the relationship VxcQx + V2c2 = Vxcx + V2c2 yields

where At is the time interval during which concentrations c} and c2 assume
values c[ and c2, respectively.

Fig. 2.14 The scheme of the cylindrical lens method for diffusion coefficient measurement: (1) the source with the
horizontal slit; (2) the condenser supplying a bandle of parallel beams; (3) the cuvette with a refraction index gradient
where the beams are deflected; (4) the objective lens focusing the parallel beams to a single point; (5) the optical
member with an oblique slit and a cylindrical lens; (6) the photosensitive material
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Non-steady-state methods. The most frequently used methods belonging
to this category are the optical methods. The experiment is usually arranged
so that the boundary and initial conditions are fulfilled for linear diffusion in
a limited space (tube) with one end closed and impermeable for the
diffusing substance (Ddc/dx = 0) and the other end in contact with
constantly stirred pure solution. After an initial delay the gradient of the
refractive index dn/dx which is directly proportional to the concentration
gradient is measured at several points of the cuvette. A parallel beam of
light incident upon the cuvette at a right angle to the direction of the
concentration gradient will be deflected in a direction towards the region of
larger refractive index and the angle of deflection will be directly proportional to the concentration gradient. The resulting dependence of this
deviation on the position in the cuvette (Fig. 2.14) is then analysed on the
basis of theoretical relationships.
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2.6 The Mechanism of Ion Transport in Solutions, Solids, Melts and
Polymers
Diffusion is one of the most important natural processes. The varying rate
of diffusion yields an excellent characteristic of individual states of aggregation. While diffusion coefficients in gases are of the order of 10"1 cm2 • s~\
those in solutions are of the order of 10~ 5 cm 2 -s~ 1 and, in solids, of
The mobility of a species w, is a parameter connecting diffusion and
migration processes. This section will be concerned primarily with the
qualitative theory of mobility, which has characteristic properties for
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transport in dilute electrolyte solutions in electrically neutral liquids, in
melts (ionic liquids) and in solid substances.
2.6.1 Transport in solution
The transport of dissolved species in a solvent occurs randomly through
movement of the Brownian type. The particles of the dissolved substance
and of the solvent continuously collide and thus move stochastically with
various velocities in various directions. The relationship between the
mobility of a particle, the observation time r and the mean shift (x2) is
given by the Einstein-Smoluchowski equation (in three-dimensional case)

The value of the mean shift of an ion (r 2 ) does not change markedly, even
when a not exceedingly large electric field (<105 V • m"1) is applied to the
studied system.
The dissolved species are located within the quasicrystalline solvent
structure and vibrate around equilibrium positions. After several hundred
vibrations they attain a sufficiently great energy to permit a jump to a
neighbouring position in the quasicrystalline lattice if a sufficiently large free
space is available. Thus, the frequency of jumps depends on the energy
required to release a species from its equilibrium position and on the energy
required to form a 'hole' in a neighbouring position in the solvent. For
simple ions, the frequency of these jumps in common solvents is about
1010-10n s"1 at normal temperatures.
When an electric field is applied, jumps of the ions in the direction of the
field are somewhat preferred over those in other directions. This leads to
migration. It should be noted that the absolute effect of the field on the
ionic motion is small but constant. For example, an external field of
l V - m " 1 in water leads to ionic motion with a velocity of the order of
50 nm • s"1, while the instantaneous velocity of ions as a result of thermal
motion is of the order of 100 m • s"1.
The velocity of motion of the particles depends on their dimensions and
shape, on the interaction (e.g. association) between the solvent molecules
and finally on the interaction between particles of the dissolved substance
and solvent molecules. Consider the simplest case, where the molecule of
the dissolved substance is much larger than the solvent molecule, is
spherical and the interaction between the solute molecules and the solvent is
negligible. Then the motion of the particles of the solute can be considered
as the motion of spherical particles with radius r, through a viscous medium
with viscosity coefficient r\. The velocity v is then described by the Stokes
law.
^

(2.6.2)
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where f, is the force acting on the particle. For diffusion, this velocity
corresponds to the material flux; thus similar considerations as those
employed for convection mass flux (Eq. (2.3.24)) lead to the relationship
= c,-vdif

(2.6.3)

where vdif is the diffusion velocity.
In Eq. (2.6.2), f, is the force acting on a single particle, whereas in Eq.
(2.3.20) grad \i is the force acting on 1 mole of particles. Thus,

Substitution of Eq. (2.6.4) into (2.6.2) and then into (2.6.3) yields
_

gradji,-

(J/)dif - - 7

TT

(2.6.5)

6nr\rN
leading to the Stokes-Einstein equation for the diffusion coefficient,
A =7

kT

(2.6.6)

and to the relationship for the electrical mobility
^

(2.6.7)

The values derived in this way for the diffusion coefficients exhibit
surprising agreement with the experimental values, even for small ions,
better than a coincidence in the order of magnitude. More detailed
theoretical analysis indicates that the formation of 'holes' required for
particle jump is analogous to the formation of holes necessary for viscous
flow of a liquid. Consequently, the activation energy for diffusion is similar
to that for viscous flow.
Wirtz et al. obtained better agreement for the diffusion coefficients than
that yielded by Eq. (2.6.6), by considering the change in viscosity in the
vicinity of the diffusing particle. The semiempirical equation has the form
kT
D=——

(2.6.8)

where £ is the microviscosity factor
£ = 0.16 + 0 . 4 -

(2.6.9)

with rL as the effective radius of a solvent molecule, obtained from the
molar volume.
Using the statistical mechanical theory, Longuet-Higgins and Pople
obtained a correlation function for the velocities in a liquid consisting of
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rigid spheres. McGall, Douglas and Anderson modified this correlation
function to yield an expression for the diffusion coefficient
(2.6.10)
where § is the fraction of the total volume occupied by solvent molecules.
It follows from Eqs. (2.6.6), (2.6.8) and (2.6.10) that the presence of the
solvent has two effects on the ionic mobility: the effect of changing viscosity
and that of changing the ionic radius as a result of various degrees of
solvation of the diffusing particles. If the effective ionic radius does not
change in a number of solutions with various viscosities and if ion
association does not occur, then the Walden rule is valid for these solutions:
= constant

(2.6.11)

Arj= constant

(2.6.12)

or
As the radii of solvated ions show no striking difference, the diffusion
coefficients for individual ions in water vary in the range 5 x 10~10 to
2 x l ( T 9 m 2 - s - 1 ( 5 x l ( r 6 c m 2 s - 1 to 2 x 10" 5 cm 2 s- 1 , cf. Table 2.4) and
their electrolytic mobilities U{ in the range 2 x 10"8 to 10~7 m2 • s"1 • V" 1 .
The oxonium ion H 3 O + in aqueous solutions has a very different diffusion
coefficient value, about five times higher than would be expected on the
basis of its dimensions. Similarly, the hydroxide ion also has a much larger
diffusion coefficient value than predicted. Analogously, the mobilities of the
H3SO4+ and HSO4~ ions in concentrated sulphuric acid are 50 and 100 times
higher than those of the other ions. This effect is explained by the fact that
the lyonium and lyate ions need not migrate through a protic solvent, but
'move' through exchange of a proton between neighbouring solvent
molecules (the so-called Grotthus mechanism of charge transport). It should
be recalled that Grotthus knew nothing about ions when he developed his
theory of electrolytic decomposition (1809), but assumed that the transport
of hydrogen and oxygen in solution during the electrolysis of water occurs
through alternate splitting of the water molecule, shift of the atoms of
hydrogen and oxygen produced and reformation of a water molecule.
According to contemporary concepts, a proton acts as a quantum
mechanical species during transfer between two neighbouring molecules
(see Fig. 2.15) and the actual transfer occurs as a result of tunnelling
through a potential energy barrier between the initial and final states of the
system: H 3 O + + H2O—»H2O + H 3 O + . However, tunnelling can occur only
when both species are favourably oriented. The activation energy for proton
transfer depends on the rotation energy of a water molecule. This concept
of proton transfer between two water molecules is analogous to the transfer
of an electron between the oxidized and reduced forms of an ion, for
example Fe 3+ + e ^ F e 2 + , or to the transfer of an electron between an
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Fig. 2.15 Transport of protons in
water. Proton tunnelling is a fast
process but water molecules must
first rotate to the position where the
transfer is possible
electrode and these species (see Section 5.3.1). The energy required for an
orientation of the water molecule suitable for proton transfer plays a role
similar to the reorganization energy of the solvation shell involved in these
processes.
Eigen pointed out that the mobility of a proton in ice at 0°C is about 50
times larger than in water. In ice, H2O molecules already occupy fixed
positions suitable for accepting a proton, so that the proton mobility is
directly proportional to the rate of tunnelling.
2.6.2 Transport in solids
Diffusion and migration in solid crystalline electrolytes depend on the
presence of defects in the crystal lattice (Fig. 2.16). Frenkel defects originate
from some ions leaving the regular lattice positions and coming to interstitial
positions. In this way empty sites (holes or vacancies) are formed, somewhat
analogous to the holes appearing in the band theory of electronic conductors (see Section 2.4.1).
Ions are transferred in the lattice in three ways:
1. By a shift of an ion from one interstitial position to another
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Fig. 2.16 (A) Schottky and (B) Frenkel
defects in a crystal
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2. By a shift of an ion from a stable position into an interstitial position and
of another ion from an interstitial position into the hole formed
3. By a shift of an ion from a stable position into a neighbouring hole,
forming a new vacancy
Current is conducted by the Frenkel mechanism, e.g. in silver halides,
where the charge carrier is the silver ion (transport number tAg+ = 1).
Impurities in crystals favour the Frenkel mechanism. Important materials
with high conductivity depending on the Frenkel mechanism include
/J-alumina, a ceramic material with the composition Na 2 OllAl 2 O 3 . The
structure of j3-alumina (see Fig. 2.17) consists of a compact arrangement of
blocks of the y-phase of aluminium oxide of a thickness of four oxygen
layers and of a spinel structure. These blocks are separated by bridging
layers, containing only oxygen and sodium ions. Each bridging layer
contains only one-fourth as many oxygen atoms as the compact layer in
blocks. These are arranged so that the sodium ions are located in relatively
small concentrations in tunnels between the oxygen ions, where they can
migrate relatively freely, leading to the unusually high conductivity of
j3-alumina. The conductivity mechanism depends on the Frenkel defects in
the bridging layer (interstitial oxygen ions close to interstitial aluminium
ions in the compact block).
Other ceramic ion conductors similar to /3-alumina were introduced by
Goodenough et al. in 1976; they belong to the so-called Nasicon family.
Nasicon is a solid solution of the composition Na3Zr2Si2PO12, exhibiting a
Na + conductivity of 0.2S/cm at 300°C. Numerous Nasicon derivatives,
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Fig. 2.17 A scheme of /3-alumina
structure. The gaps between blocks
of j8-phase A12O3 function as bridging layers sparsely populated by
oxygen (O) and sodium (•) ions.
(According to R. A. Huggins)
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containing Sc, Cr, Fe, In, Yb, Ti, V . . . , etc. were also prepared and
characterized as promising solid conductors for high-temperature batteries.
The Nasicon structure is composed of two ZrO 6 octahedra and three
(P/Si)O4 tetrahedra in a rather loose packing with opened conduction
channels. Sodium cations are distributed inside these channels in two
symmetrically non-equivalent positions, Na(l) and Na(2), but only some of
the available positions are occupied. The migration of Na + ions through
these channels is therefore rather easy and the observed ionic conductivities
are higher by orders of magnitude in comparison with those of other
ceramic conductors.
In some ionic crystals (primarily in halides of the alkali metals), there are
vacancies in both the cationic and anionic positions (called Schottky
defects—see Fig. 2.16). During transport, the ions (mostly of one sort) are
shifted from a stable position to a neighbouring hole. The Schottky
mechanism characterizes transport in important solid electrolytes such as
Nernst mass (ZrO 2 doped with Y 2 O 3 or with CaO). Thus, in the presence of
10 mol.% CaO, 5 per cent of the oxygen atoms in the lattice are replaced by
vacancies. The presence of impurities also leads to the formation of
Schottky defects. Most substances contain Frenkel and Schottky defects
simultaneously, both influencing ion transport.
For Schottky defects in an ionic crystal with a cubic lattice, the diffusion
coefficient is given by the relationship, e.g. for a cation,
D = WPp

(2.6.13)

where a is the distance between the closest cation and anion, fi is the
fraction of vacancies in the total number of cations and p is the probability
of the jump of a vacancy per second, given as
(2.6.14)
where v is the vibrational frequency of the cations and e] is the activation
energy for a jump.
Crystals with Frenkel or Schottky defects are reasonably ion-conducting
only at rather high temperatures. On the other hand, there exist several
crystals (sometimes called 'soft framework crystals'), which show surprisingly high ionic conductivities even at the room or slightly elevated
temperatures. This effect was revealed by G. Bruni in 1913; two well known
examples are Agl and Cul. For instance, the ar-modification of Agl (stable
above 146°C, sometimes denoted also as ^-modification') exhibits at this
temperature an Ag + conductivity (t+ = 1) comparable to that of a 0 . 1 M
aqueous solution. (The solid-state Ag + conductivity of ar-Agl at the melting
point is actually higher than that of the melt.) This unusual behaviour can
hardly be explained by the above-discussed defect mechanism. It has been
anticipated that the conductivity of or-Agl and similar crystals is described
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by a qualitatively different transport model, the so-called disordered
sub-lattice motion.
Every ionic crystal can formally be regarded as a mutually interconnected
composite of two distinct structures: cationic sublattice and anionic sublattice, which may or may not have identical symmetry. Silver iodide
exhibits two structures thermodynamically stable below 146°C: sphalerite
(below 137°C) and wurtzite (137-146°C), with a plane-centred I" sublattice. This changes into a body-centred one at 146°C, and it persists up to
the melting point of Agl (555°C). On the other hand, the Ag+ sub-lattice is
much less stable; it collapses at the phase transition temperature (146°C)
into a highly disordered, liquid-like system, in which the Ag + ions are easily
mobile over all the 42 theoretically available interstitial sites in the I~
sub-lattice. This system shows an Ag + conductivity of 1.31 S/cm at 146°C
(the regular wurtzite modification of Agl has an ionic conductivity of about
10~3 S/cm at this temperature).
Attempts have been made to lower the temperature of appearance of the
sub-lattice motions. It was found that substitution in the I~ sub-lattice of
Agl, e.g. by WO|~, stabilizes this structure up to rather low temperatures:
crystals of (AgI)1_A.(Ag2WO4)A. show, for x = 0.18, an Ag + conductivity of
0.065 S/cm at 20°C. Addition of cationic species, for instance in Ag2HgI4,
Ag4RbI6, and Ag7[N(CH3)4]I8 has a similar effect.
Lanthanum fluoride (and fluorides of some other lanthanides) has an
unusual type of defect (see Section 6.3.2), namely Schottky defects of the
molecular hole type (whole LaF3 molecules are missing at certain sites).
Charge carriers (F~) are formed as the result of interaction of LaF3 with this
hole, leading to dissociation with formation of LaF2+ and F~.
Only the alkali metal ions are mobile in oxygen-containing glasses such
as the silicates or borates of the alkali metals. The relatively large free space
in the glass permits a jump from one oxygen atom to another with
simultaneous charge transfer between the oxygens forming bridges between
the silicon or boron atoms.
Similarly, as in the transport of ions in electrolyte solutions, random ion
motion predominates over ordered motion in the direction of the field
during the passage of electric current through solid substances.
2.6.3 Transport in melts
The mobility of ions in melts (ionic liquids) has not been clearly
elucidated. A very strong, constant electric field results in the ionic motion
being affected primarily by short-range forces between ions. It would seem
that the ionic motion is affected most strongly either by fluctuations in the
liquid density (on a molecular level) as a result of the thermal motion of
ions or directly by the formation of cavities in the liquid. Both of these
possibilities would allow ion transport in a melt.
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2.6.4 Ion transport in polymers
Ion conducting polymers (polymer electrolytes) attract increasing attention not only from the academic point of view, but also for their prospective
applications in batteries, sensors, electrolysers and other practical devices.
Although the ion conducting polymers can formally be regarded as 'solid
electrolytes', the mechanism of ion transport is different from that in the
above-discussed inorganic crystals with lattice defects, and it resembles the
ion transport in liquid media. This follows from the fact that ions are
transported in a polymeric host material, which is essentially not as rigid as
the defect crystal of the classical inorganic solid electrolyte, i.e. the host
motions or rearrangements virtually contribute to the ion transport as well.
The ion conducting polymers therefore present a special class of electrolytes
with features intermediate between those of solid (defect crystals) and liquid
(solutions, melts) electrolytes. The ion conducting polymers contain,
besides the organic polymeric backbone, ions in more or less strong
interactions with the polymer, and in some cases also solvent molecules.
Ion solvating polymers. Polymers that are conducting even in the dry
state, i.e. without attached solvent molecules, are termed ion solvating {or
ion-coordinating) polymers. These contain electronegative heteroatoms
(prevailingly oxygen, sometimes also nitrogen, sulphur, or phosphorus),
which interact with cations by donor-acceptor bonds similar to those in
solvated ions in solutions. The complexes of ions with polymers are simply
formed by dissolving inorganic salts in suitable polymeric hosts. The most
important solvating polymeric hosts are two polyethers: poly(ethylene
oxide) (PEO) and poly(propylene oxide) (PPO):

—CH—CH2—O—
CH3
PEO

PPO

Lithium perchlorate is dissolved in PEO owing to the coordination of Li+
cation by oxygen atoms in the polymeric chain. The complex thus formed
has the helical structure (Fig. 2.18), and exhibits ionic conductivities of up
tol(T 4 S/cmat60 o C.
The mechanism of ion transport in such systems is not fully elucidated,
but it is presumably dependent on the degree of crystallinity of the
polymeric complex (which further depends on the temperature and the salt
type). The ionic conductivity was initially attributed to cation hopping
between fixed coordination sites in the depicted helical tunnel, i.e. in the
crystalline part of the polymer.
A more detailed analysis revealed, however, that the cation hopping
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Fig. 2.18 Structure of a poly(ethylene)
oxide-LidO 4 complex

between vacant sites along crystalline regions in the polymer has only
marginal significance for ion transport. The main arguments are: (1)
completely amorphous polymers are also conducting, usually even better
than the crystalline ones, and (ii) not only cations, but also anions are the
mobile species in ion-solvating polymers. (For instance, the Li+ transport
number in the PEO-LiClO4 complex is in the region of only 0.2-0.35, and
drops, moreover, with increasing Li/PEO ratio.) The preconception of an
immobile polymer host skeleton is also far from reality, especially for
amorphous polymers.
The transition between crystalline and amorphous polymers is characterized by the so-called glass transition temperature, Tg. This important
quantity is defined as the temperature above which the polymer chains have
acquired sufficient thermal energy for rotational or torsional oscillations to
occur about the majority of bonds in the chain. Below Tg, the polymer chain
has a more or less fixed conformation. On heating through the temperature
Tg, there is an abrupt change of the coefficient of thermal expansion (or),
compressibility, specific heat, diffusion coefficient, solubility of gases,
refractive index, and many other properties including the chemical
reactivity.
In polymer electrolytes (even prevailingly crystalline), most of ions are
transported via the mobile amorphous regions. The ion conduction should
therefore be related to viscoelastic properties of the polymeric host and
described by models analogous to that for ion transport in liquids. These
include either the 'free volume model' or the 'configurational entropy
model'. The former is based on the assumption that thermal fluctuations of
the polymer skeleton open occasionally 'free volumes' into which the ionic
(or other) species can migrate. For classical liquid electrolytes, the free
volume per molecule, uf, is defined as:

v{=v- v0

(2.6.15)

where v is the average volume per molecule in the liquid and v0 is the van
der Waals' volume of the molecule. For polymers, the free volume, uf, can
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also be expressed as:
vf=vg[k + a(T-TJ]

(2.6.16)

where vg is the volume per molecule at the glass transition temperature, Tg,
a is the thermal expansion coefficient of the polymer, and A: is a
non-dimensional constant. The ion transport in the polymer is conditioned
by the formation of sufficiently large voids in the polymeric skeleton. The
probability of this process, p, decreases exponentially with the total-to-free
volume ratio, v/v{:
p=exp(-v/vf)

(2.6.17)

Equations (2.6.16) and (2.6.17) can be rearranged to the form:
p =exp[-B/(r-r0)]

(2.6.18)

where B and To are constants (To is usually 20-50°C lower than 7^).
Using Eq. (2.6.18) the temperature dependence of various transport
properties of polymers, such as diffusion coefficient D, ionic conductivity a
and fluidity (reciprocal viscosity) 1/rj are described, since all these quantities
are proportional to p. Except for fluidity, the proportionality constant
(pre-exponential factor) also depends, however, on temperature,
D~Tm;

o~T-m'p;

1/rj-p

(2.6.19)

Another quasi-thermodynamical model of ion transport in polymers is
based on the concept of minimum configurational entropy required for
rearrangement of the polymer, giving practically identical a — T and D — T
dependences as the preceding model.
The common disadvantage of both the free volume and configuration
entropy models is their quasi-thermodynamic approach. The ion transport is
better described on a microscopic level in terms of ion size, charge, and
interactions with other ions and the host matrix. This makes a basis of the
percolation theory, which describes formally the ion conductor as a random
mixture of conductive islands (concentration c) interconnected by an
essentially non-conductive matrix. (The mentioned formalism is applicable
not only for ion conductors, but also for any insulator/conductor mixtures.)
The main conclusion of the percolation theory is that there exists a critical
concentration of the conductive fraction (percolation threshold, c0), below
which the ion (charge) transport is very difficult because of a lack of
pathways between conductive islands. Above and near the threshold, the
conductivity can be expressed as:
o=o0(c-c0)"

(2.6.20)

where the exponent n is about 1.2-1.5, depending on the spatial dimensionality of the system under study.
Besides the poly ether-based polymer electrolytes, the nitrogen analogues
(polyimines) were also extensively studied. Various other oxygen-containing
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polymers were further used, e.g. polyesters, polymers containing oxygen
heterocycles, crown ethers, etc. Most of the studied polymer electrolytes are
reasonably conducting at elevated temperatures, typically 60-100°C.
Recently, proton conductors based on PEO complexes with anhydrous
acids or acid salts, such as H3PO4 or NH4HSO4 were prepared; they show
conductivities in the range 10~5-10~4S/cm even at the room temperature.
Other highly conducting ion-solvating polymers contain etheric solvating
groups on an inorganic polymeric skeleton, either phosphazene or
siloxane. The former have been prepared by chlorine substitution in
poly(dichlorophosphazene), (—N=PC12—)„. Some phosphazene derivatives show very low glass transition temperatures, and are thus regarded
as promising ion-solvating polymers. The best known representative is
poly[bis(methoxyethoxyethoxide)] phosphazene:
O—(CH2)2—O—(CH2)2—O—CH3
(_N=P_)n
O—(CH2)2—O—(CH2)2—O—CH3
also abbreviated as MEEP. This polymer forms complexes with
Li+CF3SOJ, exhibiting a room-temperature ionic conductivity of up to
l(T 4 S/cm.
The ion solvating polymers have found application mainly in power
sources (all-solid lithium batteries, see Fig. 2.19), where polymer electrolytes offer various advantages over liquid electrolyte solutions.
Polymer gels and ionomers. Another class of polymer electrolytes are
those in which the ion transport is conditioned by the presence of a
low-molecular-weight solvent in the polymer. The most simple case is the
so-called gel polymer electrolyte, in which the intrinsically insulating
polymer (agar, poly(vinylchloride), poly(vinylidene fluoride), etc.) is
swollen with an aqueous or aprotic liquid electrolyte solution. The polymer
host acts here only as a passive support of the liquid electrolyte solution, i.e.
ions are transported essentially in a liquid medium. Swelling of the polymer
by the solvent is described by the volume fraction of the pure polymer in the
gel (Vp). The diffusion coefficient of ions in the gel (Dp) is related to that in
the pure solvent (Do) according to the equation:
Dp = A) exp [-kVp/(l - Vp)]

(2.6.21)

where k is a constant.
Another example of ion conducting polymer/ion/solvent systems are
polyelectrolytes based on ion-exchange polymers, also called ionomers. The
ionic conductivity of ion-exchange polymers is usually very low in the dry
state, but increases abruptly by orders of magnitude upon addition of a
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small amount of a liquid solvent (several molecules per one immobilized
ionic group). The most important representatives of ionomers are sulphonated fluoropolymers, such as Nafion:

where m is about 13.
This material was first synthesized in the middle 1960s by E.I. Du Pont de
Nemours and Co., and was soon recognized as an outstanding ion conductor
for laboratory as well as for industrial electrochemistry. The perfluorinated
polymeric backbone is responsible for the good chemical and thermal
stability of the polymer. Nafion membrane swollen with an electrolyte
solution shows high cation conductivity, whereas the transport of anions is
almost entirely suppressed. This so-called permselectivity (cf. Section 6.2.1)
is a characteristic advantage of Nafion in comparison with classical
ion-exchange polymers, in which the selective ion transport is usually not so
pronounced.
Thanks to its high stability and permselectivity, Nafion has been used as a
Na+ conductor in membrane electrolysis of brine in the chlor-alkali
industry. This application was introduced in the early 1980s and is by far the
most important use of ionomer membranes.
Materials similar to Nafion containing immobilized —COO" or —NR3+
groups on a perfluorinated skeleton were also synthesized. These are
available in the form of solid membranes or solutions in organic solvents;
the former can readily be used as solid electrolytes in the so called solid
polymer electrolyte (SPE) cells, the latter are suitable for preparing
ion-exchange polymeric films on electrodes simply by evaporating the
polymer solution in a suitable solvent.
The first Nafion-SPE cells were constructed in the later 1960s, i.e. long
before the industrial membrane electrolysis of brine. These cells have a
typical thin-layer arrangement with swollen membrane functioning as an
electrolyte without additional separate liquid phases. A Nafion membrane
acts here as a separator of hydrogen and oxygen catalytic electrodes and
simultaneously as a solid electrolyte conducting H + ions formed at the
anode. The interelectrode spacing is very narrow, typically about 0.3 mm;
minimizing ohmic losses and permitting relatively high current densities to
be attained.
Inhibition of anion transport in Nafion was attributed to the inhomogeneous structure of the ion exchange sites in the polymer network
(Gierke cluster network model). It was found that Nafion contains (even in
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Fig. 2.19 Scheme of an all-solid lithium battery with PEO based
electrolyte

the dry state) discrete hydrophilic regions, separated by narrow hydrophobic channels. The hydrophilic regions are formed by a specific aggregation
of the ionogenic side chains on the perfluorinated backbone, whereas the
channels are composed of hydrophobic fluorocarbon chains (see the
polymer formula above). The individual macromolecular chains are thus
interconnected by the embedded clusters into a more complicated supramolecular network (Fig. 2.20). This, moreover, explains why Nafion and
related materials are practically insoluble in water, in spite of the absence of
regular interchain bonds as in classical cross-linked ion-exchange polymers
(e.g. polystyrene sulphonate).
By swelling with aqueous electrolyte, cations (and, to lesser extent, also
anions) penetrate together with water into the hydrophilic regions and form
spherical electrolyte clusters with micellar morphology. The inner surface of
clusters and channels is composed of a double layer of the immobilized
—SO^ groups and the equivalent number of counterions, M + . Anions in
the interior of the clusters are shielded from the —SO^ groups by
hydrated cations and water molecules. On the other hand, anions are thus

- S O 3 M double layer

electrolyte cluster

Fig. 2.20 The Gierke model of a cluster network
in Nafion. Dimensions are expressed in nm. The
shaded area is the double layer region, containing
the immobilized —SO3 groups with corresponding
number of counterions M + . Anions are expelled
from this region electrostatically
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'trapped' inside the clusters owing to the high electrostatic barrier in the
hydrophobic channel where the shielding effect is suppressed. This makes it
clear why the channels are preferentially conductive for cations, i.e. the
polymer membrane (despite the presence of free anions) is not anionconducting.
Diffusion of cations in a Nafion membrane can formally be treated as in
other polymers swollen with an electrolyte solution (Eq. (2.6.21). Particularly illustrative here is the percolation theory, since the conductive sites can
easily be identified with the electrolyte clusters, dispersed in the nonconductive environment of hydrophobic fluorocarbon chains (cf. Eq.
(2.6.20)). The experimental diffusion coefficients of cations in a Nafion
membrane are typically 2-4 orders of magnitude lower than in aqueous
solution.
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2.7
2.7.1

Transport in a Flowing Liquid
Basic concepts

Processes involving transport of a substance and charge in a streaming
electrolyte are very important in electrochemistry, particularly in the study
of the kinetics of electrode processes and in technology. If no concentration
gradient is formed, transport is controlled by migration alone; convection
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Fig. 2.21 Prandtl and Nernst layer formation
at the boundary between a solid plate and
flowing liquid (c* = 0)

has no effect. The opposite situation where concentration gradients are
formed during transport has interesting characteristics; if transport through
migration can be neglected (e.g. at a sufficiently high concentration of an
indifferent electrolyte), transport is controlled by diffusion in the streaming
liquid, i.e. convective diffusion is involved.
To a major part this chapter will consider processes occurring in a steady
state, i.e. where dcjdt = 0. It will be simultaneously assumed that the liquid
is incompressible. A change in its velocity occurs close to the boundary with
a solid phase or with another liquid. This is because the molecules of a
liquid in direct contact with the solid phase have the same velocity as the
solid phase. In other words, their velocity relative to the solid phase is zero.
It is therefore convenient to use a reference frame that is fixed with respect
to the solid phase. Viscosity forces act on the layers of the liquid that are
further apart from the phase boundary, forming a velocity distribution in
the liquid, depicted in Fig. 2.21 for liquid flowing along a solid plate. A
tangent drawn from the origin to the curve of the dependence of the
tangential velocity component, vx, on the distance y from the plate
intercepts the straight line vx = Vo at a distance <50. The quantity 50 is termed
the thickness of the hydrodynamic or Prandtl layer. It should be pointed out
that <50 is a function of the distance from the leading edge of the plate, /. As
/ increases, the quantity <50 also increases; the liquid also moves in a
direction perpendicular to the plate, away from the plate with velocity vy.
If diffusion occurs towards the surface of the plate, the motion of the
liquid at a distance from the surface inside the hydrodynamic layer is
sufficient to maintain the original concentration in the bulk of the solution,
c°. A decrease of the concentration to a value c* at the phase boundary
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(in Fig. 2.21 c* = 0) occurs only in a thin layer within the Prandtl layer, with
thickness 6 < d0. The concentration c* is attained in the immediate vicinity
of the interface and is determined by its properties (e.g. for transport to an
electrode, the electrode potential is decisive—see Section 5.3). The quantity
S is termed the thickness of the Nernst layer. For a steady-state concentration gradient in the immediate vicinity of the phase boundary we have

The steady-state distribution of the concentration of the diffusing substance
at the phase boundary is termed the Nernst layer.t
For the material flux (cf. Eq. 2.5.18) we have
Jy=^r (c° - c*) = K(C° - c*)

(2.7.2)

where D is the diffusion coefficient and K = D/6 is the mass transfer
coefficient (this term is employed in chemical and electrochemical
engineering).
2.7.2 The theory of convective diffusion
The material flux during convective diffusion in an indifferent electrolyte
(grad 0 — 0) can be described by a relationship obtained by combination of
Eqs (2.3.18) and (2.3.23):
J = Jdif + Jconv = -D grad c + cv
(2.7.3)
where Jdif is the diffusion and Jconv the convection material flux.
Equation (2.2.10) for ip = c and the incompressibility condition
divv = 0
(2.7.4)
yield
-^ = DV2c - v grad c

(2.7.5)

or, for the steady state,
DV2c - v grad c = 0
In Cartesian coordinates, this equation becomes
(d2c d2c d2c\ ( Be
dc
y
\dx
dy dz I \ dx
dy

(2.7.6)
3c\
dz)

f Nernst studied the theory of heterogeneous reactions around the year 1900 and assumed that
the flow of a liquid along a phase boundary with a solid phase involves formation of an
immobile liquid layer at this surface. A steady-state concentration gradient is then formed
within this layer as a result of diffusion in the limited space (see Eq. 2.5.18). In fact, the
diffusion process has the character of convective diffusion everywhere as a result of the velocity
distribution in the hydrodynamic layer.
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The assumption of a steady state corresponds to laminar flow of the
liquid. This is fulfilled only under certain conditions (limited velocity of the
liquid, smooth phase boundary between the flowing liquid and the other
phase, etc.). Otherwise, turbulent flow occurs, where the local velocity
depends on time, pulsation of the system, etc. Mathematically the turbulent
flow problem is a very difficult task and it is often doubtful whether, in
specific cases, it is possible to obtain any solution at all.
Liquid flow originates from the effect of various forces. In forced
convection, these are mechanical forces acting, e.g. on a piston forcing the
liquid into a vessel, or a stirrer transferring the impulse to a liquid in a
vessel, etc. In this manner, pressure gradients are formed in the solution,
resulting in motion of the liquid. Natural {free) convection results when
density changes are produced in the solution as a result of concentration
changes produced by transport processes. It is the force of gravity that
causes natural convection and produces hydrostatic pressure gradients in
solution that are different from conditions in a liquid of constant density
that is at rest.
The relationship between the motion of a viscous liquid and the
mentioned forces is given by the Navier-Stokes equation
— + (v grad)v = - - grad/? + vV2v + g ^ P Po^
(2.7.8)
dt
p
p
where p is the variable liquid density, p 0 is the density of the liquid at rest,
v is its kinematic viscosity (v = r]/p), gis the acceleration of gravity and p is
the difference between the total pressure and the hydrostatic pressure. The
right-hand side of this equation describes the pressure gradient for forced
convection, the effect of viscosity forces and the effect of gravitation during
natural convection. For sufficiently intense forced convection, the effect of
natural convection can be neglected. These conditions are assumed in the
subsequent discussion. As it is assumed that the liquid is incompressible, the
continuity equation (2.7.4) is valid.
In forced convection, the velocity of the liquid must be characterized by a
suitable characteristic value V{), e.g. the mean velocity of the liquid flow
through a tube or the velocity of the edge of a disk rotating in the liquid,
etc. For natural convection, this characteristic velocity can be set equal to
zero. The dimension of the system in which liquid flow occurs has a certain
characteristic value /, e.g. the length of a tube or the longitudinal dimension
of the plate along which the liquid flows or the radius of a disk rotating in
the liquid, etc. Solution of the differential equations (2.7.5), (2.7.7) and
(2.7.8) should yield the value of the material flux at the phase boundary of
the liquid with another phase, where the concentration equals c*.
If a rigorous solution to this problem is at all possible, it consists of two
parts:
(a) Solution of the hydrodynamic part of the problem in order to obtain a
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relationship for the flow velocity as a function of the spatial coordinates
(i.e. solution of Eq. (2.7.8) with suitable boundary conditions) and
(b) Solution of Eq. (2.7.6) or Eq. (2.7.7) on the basis of a known
relationship for v, or for vx, vy and vz
This approach is possible only if density gradients are not formed in the
solution as a result of transport processes (e.g. in dilute solutions).
Otherwise, both differential equations must be solved simultaneously—a
very difficult task.
Two examples will now be given of solution of the convective diffusion
problem, transport to a rotating disk as a stationary case and transport to a
growing sphere as a transient case. Finally, an engineering approach will be
mentioned in which the solution is expressed as a function of dimensionless
quantities characterizing the properties of the system.
As a rotating disk is a very useful device for many types of electrochemical research, convective diffusion to a rotating disk, treated theoretically by
V. G. Levich, will be used here as an example of this type of transport
process. Consider a disk in the xz plane, rotating around the y axis with
radial velocity co (see Fig. 2.22). If the radius of the disk is sufficiently larger

Fig. 2.22 Distribution of streamlines of the liquid
at the surface of a rotating disk. Above: a side
view; below: a view from the direction of the disk
axis. (According to V. G. Levich)
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than the thickness of the hydrodynamic layer, then the change of flow at the
edge of the disk can be neglected. Solution of the hydrodynamic part of the
problem, carried out by von Karman and Cochrane, indicates that the
thickness of the hydrodynamic layer is not a function of the distance from
the centre of the disk y; its value in centimetres is given by the relationship
1/2

(2.7.9)
The velocity of the liquid in the direction perpendicular to the surface of the
disk in centimetres per second is described by the equation
vy = -0.51co3/2y-y2y2

(2.7.10)

It will be assumed that the concentration gradient in the direction
perpendicular to the surface of the disk is much greater than in the radial
direction. Then Eq. (2.7.7) reduces to the form
d2c

dc _
The boundary conditions are
y-><*>,

dc/dy=Q,

c = c°

For c in moles per cubic centimetre and D in square centimetres per
second, the solution to this problem has the form

(p\

= 0.62D-1/3v-1/6a>1/2(c° - c*)

(2.7.12)

and
J=-D(^)

=0.62D2/3v-l/6<ol/2(c°-c*)

(2.7.13)

The thickness of the Nernst layer (see Eq. 2.7.1) is
6 = 1.6lD1/3vl/6co-l/2
Convective diffusion to a growing sphere. In the polarographic method
(see Section 5.5) a dropping mercury electrode is most often used.
Transport to this electrode has the character of convective diffusion, which,
however, does not proceed under steady-state conditions. Convection
results from growth of the electrode, producing radial motion of the
solution towards the electrode surface. It will be assumed that the thickness
of the diffusion layer formed around the spherical surface is much smaller
than the radius of the sphere (the drop is approximated as an ideal spherical
surface). The spherical surface can then be replaced by a planar surface

140

Fig. 2.23 Movement of the solution towards an expanding sphere modelled by a
prism with an expanding plane as a base. When the base expands from the original
area A ^ Q D , (equal to Aotf3) to the area A2B2C2D2 (AQt^3) then the point in the
solution originally at a distance xx must move to the distance x2 in order to keep a
constant volume of the prism Vo (i.e. to preserve the condition of the incompresssibility of the solution, see Eq. 2.7.4). This model fits the actual situation only
when the distance xx is small {xx
AJ±)

increasing in size according to the same laws as those governing the growth
of the surface of a sphere, while the solution phase is modelled by a prism
with an expanding plane as base. Let us first determine the velocity of a
point in the solution at the distance x from the surface (Fig. 2.23).
The original spherical surface increases as a result of an increase in its
volume at a constant velocity u. The area of the surface of the sphere at
time t is given by the relationship A = (4jt)V3(3ut)2/3 = A0t2/3, where Ao is
the area at time t = \. From the incompressibility of the liquid it follows for
volume Aoxt2/3 that
(2.7.14)
= constant
Differentiation of Eq. (2.7.14) with respect to time gives

dx
v =— =

2x

(2.7.15)

Substitution into Eq. (2.7.5) respecting only changes along the x coordinate
yields the Ilkovic differential equation
dt

(2.7.16)

with the initial condition c = c° and the boundary condition for x = 0,
c = c*. Solution of this equation yields

where 7Hn is the material flux for linear diffusion (cf. Eq. 2.5.8). The
increase in the rate of transport through convection is expressed by the
coefficient (7/3)1/2. This result is only an approximation based on simplifica-
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tions in the derivation of Eq. (2.7.16). J. Koutecky gave a rigorous solution
for diffusion to a growing sphere in the form of a power series. His solution
has the form
/ = -v/-/ lin (l + 1.04a-lDl/2t1/e)
where a = (A0/4JZ)1/2
f=ls.
2.7.3

(2.7.18)

in centimetres is the radius of the sphere at time

The mass transfer approach to convective diffusion

In hydrodynamic problems it is an advantage to transform all variables
into dimensionless parameters by 'scaling' each variable, using constants
characterizing the dimensions and other properties of a given system. Thus,
in the differential equations describing the systems, these constants are
combined into dimensionless numbers or criteria. This formulation of the
problem is very convenient because a process may be characterized in a
much more general way by using the dimensionless criteria and, furthermore, in more complicated cases it is possible to find the properties of a
system using a small model and then to apply the results to a large device
keeping the criteria constant.
In consideration of the hydrodynamic problem alone, it is usually
attempted to characterize the studied system by three quantities, the
characteristic length / (e.g. the length of the plate in the direction of the
flowing liquid or the radius of a rotating disk), the velocity of the flowing
liquid outside the Prandtl layer Vo and the kinematic viscosity v.
The Cartesian coordinates of the system, x, y and z, are referred to the
characteristic length / and the components of the velocity vx, vy and vz
within the Prandtl layer are referred to the characteristic velocity Vo,
-t=X,

^=Y,

y= Z

^=VU

(2.7.19)
(2.7.20)

where u = x} y, z. When the first and third terms on the right-hand side of
Eq. (2.7.8) are neglected, the Navier-Stokes equation is obtained in
Cartesian coordinates as three equations:
dX

y

dY

z

dZ

Vol

The dimensionless number appearing in Eq. (2.7.21),
— = Re
is called the Reynolds number.

(2.7.22)
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Its value, among others, characterizes the flow of the liquid in the system.
For not very large Reynolds numbers the flow is laminar, which means that
the velocity is stationary and its change monotonic in a perpendicular
direction to the phase boundary between the phase boundary and the region
of maximum relative velocity of the liquid. For very large values of Re the
flow becomes turbulent. The value of the Reynolds number characterizing
the start of turbulent flow depends strongly on the properties of the system.
Thus, for example, in the case of a liquid flowing along a smooth plate the
critical value is Re —1.5 x 103. However, this limiting value may be
considerably decreased by attaching various obstacles to the surface or by
roughening the surface.
It holds approximately for the thickness of the Prandtl layer that
<50~/VRe

(2.7.23)

In order for the flow along the boundary to come to a steady state, it is
necessary that R e » l . It follows from the form of Eq. (2.7.21) that the
solution for the flow rate can be expressed as a function of dimensionless
quantities:
Vu =fu(X, Y, Z, Re)

(2.7.24)

The concentration of the transported substance c is converted to a
dimensionless form, C = c/(c° — c*). Then the equation for convective
diffusion at a steady state (2.7.7) can be converted by using Eqs (2.7.19) and
(2.7.20) to the form

The quantity
-^- = Pe

(2.7.26)

is the Peclet number. The ratio of the Peclet and Reynolds numbers is
called the Schmidt number,
Pe

v

,

The solution of Eq. (2.7.25) as the gradient of the dimensionless
concentration C with respect to the dimensionless coordinate Y
(perpendicular to the phase boundary) for Y = 0 is then given by the
relationship

(!£)

=<t>(X,Y,Re,Sc)

(2.7.28)
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Experimental measurements yield the mean value of the material flux JY,
independent of the coordinates X and Y. If a further dimensionless
parameter, the Sherwood number, is introduced,

then Eqs (2.7.1) and (2.7.28) yield the criterial equation
Sh = F(Sc, Re)

(2.7.30)

For the thickness of the Nernst layer we have (cf. Eq. 2.7.2)

6

=i

(2731)

--

In convective diffusion to a rotating disk, the characteristic velocity Vo is
given by the product of the disk radius r, as a characteristic dimension of the
system, and the radial velocity a>, so that the Reynolds number is given by
the equation
Re =

cor2

(2.7.32)

It follows from Eq. (2.7.29) for / = r, and Eqs (2.7.13), (2.7.27) and (2.7.32)
that
Sh = 0.62 Re1/2Sc1/3

(2.7.33)

When the relationship between the material flux and the parameters of
the system can be calculated directly by solution of the appropriate
differential equations, the criterion equation (2.7.30) has little significance.
However, this is not possible in the great majority of practical systems, and
thus the empirically determined criterial equation is of general validity for
physically similar systems. It can form a basis for designing larger
equipment on the basis of experiments with model systems.
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Chapter 3
Equilibria of Charge Transfer
in Heterogeneous Electrochemical
Systems

Again, the consideration of the electrical potential in the electrolyte, and
especially the consideration of the difference of potential in electrolyte and
electrode, involve the consideration of quantities of which we have no apparent
means of physical measurement, while the difference of potential in pieces of metal
of the same kind attached to the electrodes is exactly one of the things which we can
and do measure.
J. W. Gibbs, 1899
3.1

Structure and Electrical Properties of Interfacial Regions

In contrast to the previous chapters, dealing with the electrochemical
properties of a single phase, this and the next three chapters will be
concerned with electrochemical systems consisting of two or more phases in
contact, at least one of which is an electronic or electrolytic conductor. The
second phase may be either another electrolytic conductor (this case will be
considered the most extensively), or another electronic conductor, a
dielectric or a vacuum.
Two phases in contact are separated by a surface called a phase boundary
or interface (Fig. 3.1). The interface is unambiguously defined, for example,
in the case of a metal-electrolyte solution interface. Surprisingly enough,
even in the case of a liquid-liquid interface where the liquids are partially
miscible the transition from one phase to the other is rather sharp.
The term 'interface' will be distinguished from a related term, the
interfacial region or interphase. This term denotes the region between the
two phases where the properties vary markedly in contrast to those in the
bulk of the phases. In the case of electrically conducting phases, charge
distribution occurs in this region.
The main criterion of the electrochemical properties of the interface is
whether electric charge can pass sufficiently rapidly across it in both
directions, or whether it is impermeable to charge transfer and thus has the
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properties of a capacitor without leakage. For the first type of interface, the
electrical potential difference between the two phases is a result of charge
transfer across the interface; these interfaces are termed non-polarizable. In
this case, charge transfer involves the transfer of electrons from a metal
conductor to an electron acceptor in the second phase, the emission of
electrons into a liquid phase with formation of solvated electrons, the
transfer of ions from one phase into the other and similar processes
occurring in the opposite direction. In the second situation, charge
distribution occurs through charging of the two phases with opposite charges
from an external source, unequal adsorption of ions with opposite charges
on the two sides of the interface (including purely electrostatic attraction
and repulsion of ions at the boundary between oppositely charged phases),
adsorption and orientation of molecular dipoles and polarization of species
in the inhomogeneous force field in the interfacial region. Such an
interface is termed polarizable. The term electrical (electrochemical) double
layer is often used for the corresponding interface. An electrical double
layer is, of course, present even at non-polarizable interfaces. In this case,
however, it cannot be charged (i.e. charge separation cannot be attained) by
introduction of charge from an external source, but only through charge
transfer across the interface. The electrical double layer will be dealt with in
Chapter 4.
This chapter will include equilibria at non-polarizable interfaces for a
metal or semiconductor phase-electrolyte system (a galvanic cell in the
broadest sense) and for two electrolytes (the solid electrolyte-electrolyte
solution interface, or that between two immiscible electrolyte solutions).
3.1.1

Classification of electrical potentials at interfaces

The distribution equilibrium for uncharged species distributed between
two phases is determined by the equality of the chemical potentials of the
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components in the two phases. The chemical potential of the ith component
in phase a is defined by the relationship (cf. Section 1.1.3)

(£U
where G' is the Gibbs energy, V is the internal energy of phase a and nt is
the amount of the given component (in moles). According to an alternative
definition, the chemical potential is a measure of the work that must be
done under otherwise constant conditions for reversible transfer of one
mole of uncharged species from the gaseous state with unit fugacity
(assigned purely conventionally as zero on the chemical potential scale) into
the bulk of the given phase.
If one mole of charged particles is to be transferred from the given
reference state, further specified by the absence of an electric field, into the
bulk of an electrically charged phase, then work must be expended not only
to overcome chemical bonding forces but also to overcome electric forces.
The work expended is given by jkif termed the electrochemical potential by
Guggenheim and also defined by Eq. (3.1.1), where G' and U' are replaced
by G and U; these are analogous to G' and U' and apply to an electrically
charged phase.
In general, the electrochemical potential cannot be separated into
chemical and electrical components, as the chemical interaction of a species
with its environment is also electric in nature. Nonetheless, the separation
of the electrochemical potential is frequently made according to the
equation
ft^.

+ zlty

(3.1.2)

In this equation, the second term describes purely electrostatic work,
connected with an infinitely slow transfer of charge zF from infinity in a
vacuum into the bulk of the second phase, i.e. to a point with electric
potential <j>. Here only electric charge is transferred, not a material species
with which it might be connected. The ratio of this work to the transferred
charge is equal to the inner electrical potential <p of the given phase.
Equation (3.1.2) would imply separation of the effect of short-range
forces (also including dipole interactions) and of the individual ionic
atmospheres, related to \iiy from the long-range forces related to 0,
identical with purely coulombic interaction between excess charges. It will
be seen later that such splitting, although arbitrary, is very useful.
The inner electrical potential (p may consist of two components. Firstly,
the phase may possess some excess electrical charge supplied from outside.
This charge produces an outer electrical potential ip. This is defined as the
limit of the ratio w/q for q—»0, where w is the work expended for the
infinitely slow transfer of charge q from an infinite distance to a point in the
vacuum adjacent to the surface of the given phase and just outside the range
of image forces. A particle transferred from this point further on in the
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direction of the other phase must overcome the effect of electric forces
in the interphase. This component is called the surface electrical
potential %.
The component % is defined as the limit of the ratio w'/q for q—»0,
where w' is the work expended in the transfer of charge q, from a point at
which the outer electrical potential ip is defined, into the bulk of the phase.
The surface potential x consists of the contributions of ions present in the
interphase x(ion) and contributions from dipoles oriented in this region
(3.1.3)
(It should be recalled that the term 'surface potential' is used quite often in
membranology in rather a different sense, i.e. for the potential difference in
a diffuse electric layer on the surface of a membrane, see page 443.) It holds
that (/> = ip + x ( t m s equation is the definition of the inner electrical
potential 0). Equation (3.1.2) can then be written in the form
fiL^M + zFip + zFx

(3.1.4)

For uncharged species z = 0 and /2f- = \it. The first term in Eq. (3.1.2) is
thus the chemical potential of a charged species in the phase considered.
If two phases oc and /?, with common species /, are brought into contact,
then for uncharged species the tendency to pass from phase oc into phase j3 is
expressed by the difference ^(a) — jU,()3), and for charged species by the
difference &{&) — £/(|8). For equilibrium of uncharged species, ju^ar) =
jM/(j8), while the condition for equilibrium of charged species is

fc(a) = |S,03)

(3.1.5)

The result of the establishment of phase equilibrium is the formation of
differences of inner and outer potentials of both phases. These differences
are defined by the equations

*™-*™

(3.1.6)

t

(3.1.7)
It should be noted that phase equilibrium can be attained for charged
species through far smaller transfer of particles from one phase into the
other than for uncharged species, as the potential difference formed,
0(/3) — 0(ar), decreases the original tendency for transfer between the two
phases much faster than the changes in the original chemical potentials. The
difference of the inner electrical potentials of the phases, A^0, is also called
the Galvani potential difference and the analogous difference of the outer
electrical potentials, A^/T/;, is termed the Volta potential difference.

148

3.1.2

The Galvani potential difference

Equations (3.1.5) and (3.1.6) hold for any contact equilibrium of two
phases with a common charged species. This species must be exchanged
sufficiently rapidly between the two phases, so that the applicability of Eq.
(3.1.5) is dependent on species i being transferred very quickly from phase
a to phase jS and back again.
It should be noted that the Galvani potential difference consists of the
contribution of ions g(ion) and of the oriented dipoles g(dipole):
A£tf> = A^(ion) + Afe(dipole)

(3.1.8)

In solid-state physics, the electrochemical potential of the electron fie(a)
is mostly replaced by the equivalent energy of the Fermi level eF. While the
electrochemical potential is usually related to one mole of particles, the
Fermi energy is related to a single electron, so that
iWe=£FNA

(3.1.9)

The lowest level of the conduction band for metals Vc and the highest level
of the valence band for semiconductors is very often used as a reference
point for the energies of the Fermi levels; in this book, however, the energy
of a free electron at rest in a vacuum will be used as the reference point for
the scale of the Fermi levels (cf. Fig. 3.2.).
The occupation of the energy levels of the conduction band in metals is
described by the Fermi function
(3.1.10)

exp kT

where e is the energy of the given level. The Fermi energy corresponds to
£-0-

£>0-

METAL

£-0-

N-TYPE

P-TYPE

SEMICONDUCTOR

SEMICONDUCTOR

vacant
levels

Fig. 3.2 Fermi level of isolated phases, metal, w-type semiconductor and
p-type semiconductor, in a vacuum
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reference vacuum level

a

Fig. 3.3 Fermi level of two metals in contact: (A) situation before the
contact when both phases have different Fermi levels, e£(ar) and e£(/3);
(B) after coming into contact both the phases assume the same Fermi
level, eF

the just half-filled level. For semiconductors, the Fermi level lies in the
forbidden band between the conductance and valence bands depending on
the presence of donor and acceptor levels.
At the contact of two electronic conductors (metals or semiconductors—
see Fig. 3.3), equilibrium is attained when the Fermi levels (and thus the
electrochemical potentials of the electrons) are identical in both phases. The
chemical potentials of electrons in metals and semiconductors are constant,
as the number of electrons is practically constant (the charge of the phase is
the result of a negligible excess of electrons or holes, which is incomparably
smaller than the total number of electrons present in the phase). The values
of chemical potentials of electrons in various substances are of course
different and thus the Galvani potential differences between various metals
and semiconductors in contact are non-zero, which follows from Eq. (3.1.6).
According to Eq. (3.1.2) the electrochemical potential of an electron in
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phase a is
jUe(<*) = jUe(tf) — F(j)(a)

(3.1.11)

Thus, for the Galvani potential difference between the metals a and /3 we
have
; p e («)-^ e (fl)

(3_Ll2)

If an electronic conductor is in contact with an electrolyte solution
containing the components of a simple redox system consisting of the ionic
species Ox (charge numbers zOx) and Red (charge number zRed)
Ox + ze = Red
(3.1.13)
where z = zOx — zRed (Fig. 3.4) then the relationship for the energy of the
Fermi level in the solution eF(J3) can be formulated as follows. The occupied
reference vacuum level

Ox

/7e(/3)
Red

reference vacuum level

a

Fig. 3.4 A metal in contact with a solution of an oxidation-reduction system.
(A) Situation before the contact when the electrochemical potential of
electrons in the electronic conductor (fi%a) = £F(<*)) has a different value
from the electrochemical potential of electrons in the oxidation-reduction
system. (B) When the phases are in contact the electrochemical potential of
electrons becomes identical in both a and ($ by charge transfer between them
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energy levels are considered to be electron donor levels in the reduced
form, Red, whose number is proportional to the activity of the reduced
form, 0Red> while the unoccupied energy levels can be identified with the
electron acceptor levels in the oxidized form, Ox. Their number is
proportional to the activity of the oxidized form, aOx. For the equilibrium of
reaction (3.1.13) we have
/ W £ ) + z£e(j3) = £Red(j3)

(3.1.14)

Equation (3.1.2) and the definition of the chemical potential yield the
equation for the electrochemical potential of species / with activity «/(/?) and
charge z, in phase jS in the form

fc(j8) = tffft) + RT\n at(P) + z,-/W)

(3.1.15)

In view of Eqs (3.1.13) and (3.1.14)
—

i

i

-

T

\r~ /

V

Combination of Eqs (3.1.2) and (3.1.16) yields a relationship for the
Galvani potential difference between the metal and the solution,
= <t>{cc) — <t>(P)
(3.1.17)
zF
zF
We shall look more closely at this equation. On one hand, the standard
chemical potentials of Ox and Red depend on their standard Gibbs
solvation energies, AG^ox and AG° Red, and, on the other hand, on the
standard Gibbs energy of ionization of Red in the gas phase, AG|}on Red. This
quantity is connected with the ionization potential of Red, / Rcd , which is,
however, a sort of enthalpy so that it must be supplemented by the entropy
term, — TAS®on Ked. Thus, Eq. (3.1.17) is converted to the form
/Red - rASL,Red - AG(s),Red(j3) + zii%a)
zF
(3.1.18)
When the species common to the metal and the solution are metal ions
Mz+, which are rapidly exchanged between the two phases, Eqs (3.1.5) and
(3.1.15) readily yield the relationship for the Galvani potential difference
between the metal and the solution

The equilibrium
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exists in the metal phase, so that the standard chemical potential of the
metal ions in the metal phase can be expressed as
I*M'+(<X) = J"M(*) + z+Pi%a)
Substitution into Eq. (3.1.19) yields

(3.1.20)

V°M"(P) . RT

+ — In aM*+(P)

zr+

z+r

(3.1.21)

If two electrolyte solutions in immiscible solvents are in contact and contain
a common ion Bz+ and the anions are not soluble in the opposite phase,
then the relationship for the Galvani potential difference follows from Eq.
(3.1.5):
z+F

z+F

laB^(a)i

When a solid electrolyte is in contact with an electrolyte solution, with
common anion A z ~(z_<0), then the Galvani potential difference between
the solid electrolyte and the solution is given by the equation
(3.L23)
Finally, consider a metal (ar)-solid electrolyte (jS)-electrolyte solution
(y) system where the solid electrolyte and the electrolyte solution contain a
common anion A~ and the metal and the solid electrolyte contain a
common cation B + (for simplicity, only univalent ions are considered). The
potential difference between phase a (metal) and phase y (solution) is
RT.

The chemical potential of insoluble salt BA, fiBA, depends on its solubility
product according to the relationship (cf. Section 1.5.1)
&A = RT In PBA + MB+(y) + ^ - ( y )

(3.1.25)

so that Eq. (3.1.24) can be rearranged to give
A"<t> =

&

&

RT
+ — In
— IIn aA-(y)
BA - —
In P
P BA
j

y

RT

RT

\naA(y)

(3.1.26)

Two solid electrolytes in contact with a common ion show behaviour
analogous to two metals in contact.
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As pointed out by J. W. Gibbs in 1875, thermodynamic procedures
cannot be used to measure Galvani potential differences between chemically
different phases (see page 144). Thus Eqs (3.1.12), (3.1.17), (3.1.18), (3.21)
to (3.1.24) and (3.1.26) cannot be directly verified by measuring equilibrium
quantities. However, their derivation was not pointless, because, as will be
shown in Section 3.2, they have a form analogous to the relationships for
equilibrium electrode potentials, consisting of several Galvani potential
differences.
Equilibrium measurements can be used only to determine the Galvani
potential differences between chemically identical phases, which is strictly
possible only for two identical electronic conductors. Then
A£0=^

(3.1.27)

as the 'chemical' parts of the electrochemical potential are identical.
Potentiometric measurements (see Section 3.3.1) yield the differences A0
for conditions expressed by Eq. (3.1.27). It will be demonstrated later that
useful relationships have been deduced for potential differences between
phases of different chemical composition on the basis of certain extrathermodynamic assumptions. This is especially true for measurements in
solutions with liquid junctions (see Sections 2.5.3 and 3.1.4) and direct
measurement of the potential difference between two immiscible electrolyte
solutions (Section 3.2.8).
3.1.3

The Volta potential difference

The outer electrical potential of a phase is the electrostatic potential given
by the excess charge of the phase. Thus, if a unit electric charge is brought
infinitely slowly from infinity to the surface of the conductor to a distance
that is negligible compared with the dimensions of the conductor considered
(for a conductor with dimensions of the order of centimetres, this distance
equals about 10~4cm), work is done that, by definition, equals the outer
electric potential ip.
In contrast to differences in the inner potentials (the Galvani potential
difference), the difference in the outer potentials A^xp (the Volta potential
difference or the contact potential) and the real potential at can be
measured. The real potential at is defined as
(3.1.28)
The electrochemical potential can thus also be defined by the equation
)
(3.1.29)
The real potential of electron times — 1, — ae(a)y is termed the electron work
function O(ar). It should be realized that all these cases involve measurement of differences between two states. Since, however, one of these states
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Table 3.1 Electron work function <£e(a) of some metals. (From J. Holzl, F. K.
Schultze and H. Wagner)
Metal (with the
Miller indices of the
crystal face)
Ag(100)
Ag(llO)
Ag(lll)
Cs

Cu (100)
Cu(lll)
Cu(110)
Cu(112)

Oe(or) (eV)
4.64 ± 0.02
4.52 ±0.02
4.74
2.00

K

4.59 ±0.03
4.94 ± 0.05
4.48 ± 0.03
4.53 ± 0.03
2.26

Na

2.46

Rb

2.05
4.8 + 0.6xl0~ 4 T
4.15 + 2 x l ( T 4 T
4.00 + 2.6 xlO~ 4 T

Ta(110)
Ta(lll)
Ta(lll)

Method
Photoelectric
Photoelectric
Photoelectric
Contact potential
versus Ta (110)
Photoelectric
Photoelectric
Photoelectric
Photoelectric
Contact potential
versus Ta (110)
Contact potential
versus Ta (110)
Photoelectric
Thermionic emission
Thermionic emission
Thermionic emission

is assigned a zero value by convention (as mentioned above, this value is
assigned to a point infinitely far away from all the conductors), then we can
say that potentials or, and ip are measurable just as if they were absolute
values. However, both the inner potential and the Galvani potential
difference cannot be measured in the sense of 'absolute' values using purely
thermodynamic procedures.
As a function of the surface potential %, the electron work function for a
given material depends on the state of the surface of that material
(adsorption, the presence of surface compounds, etc.). For crystalline
substances (see Table 3.1), various crystal faces have various electron work
function values, which can be measured for single crystals. For poly crystalline substances, the final value of the electron work function depends on
the contribution of the individual crystal faces to the entire area of the
phase and the corresponding electron work functions; the final value of the
work function, however, is strongly dependent on the experimental method
used for the measurement.
The electron work function is very important for the physics of the solid
phase and for its application to electronics. In electrochemistry, it is
especially important for electrode processes involving adsorption of some of
the species participating in the electrode reaction.
If two different, electrically uncharged phases are brought into contact,
then the electrochemical potentials of their electrons become equal (i.e.
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vacuum
— free surface
phase a

phase (5

Fig. 3.5 The significance of the contact potential
(Volta potential difference) A£V between two metals in
contact. (According to S. Trasatti and R. Parsons)

their Fermi levels are brought to the same level—see Fig. 3.2). An electrical
double layer is formed on the contact surface and the outer potentials of the
free surfaces of both phases attain different values; i.e. a Volta potential
difference (contact potential) is formed between them—see Fig. 3.5.
Measurement yields both the differences between the outer potentials and
the work functions (real potentials). If two phases oc an /? with a common
species (index i) come into contact, at equilibrium &(<*) = /*,•(/}), that is
(Xi{a) — ai(P) = ZiFApij). These quantities are mostly measured using the
vibrating condenser, thermoionic, calorimetric, and photoelectric methods.
The principle of the vibrating condenser method, originally proposed by
Thomson, is depicted in Fig. 3.6. Space A between the metal phases a, a'

p

G

r
a
1

ex

A

P
i

Fig.
3.6 Thomson's
vibrating
condenser
method. A, space filled
with an inert gas at low
pressure; P, potentiometer; G, null instrument
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and /? is filled with an inert gas at very low pressure. Phases a and /? are in
contact. Phases a and oc' are chemically identical. As they are surrounded
by the same medium, x(a) = X(a') an< ^ b°th the chemical potentials
and the electron work functions are identical for both these phases, that is
jUe(ar) = jUe(ar'); ac(a) = ae(a'). The outer potentials of phases a' and (3 are
different, reflected in the fact that current flows through galvanometer G on
a change in the distance between oc' and /3 or on ionization of atoms of the
gas (e.g. by irradiation with a radioactive substance) in space A. This
current can be compensated by the voltage U derived from potentiometer P,
for which
U = 4>(a) - 0("') = -F-\jie(*)

-

fie(a'))

(3.1.30)

The condition at equilibrium is that il>(a') = ip(P) and fie(a) = jUe(/3) (the
latter equation describes the condition for contact equilibrium between the
electrons in phase a and jS). The measured compensating voltage \J,
U = F-\ac(a)

- ajfi)) = y{a) - </>(£)

(3.1.31)

thus yields both the difference of the electron work functions and the
difference of the outer electrical potentials of the two phases in contact, a
and p.
The surface of the phases must be clean (one of the greatest experimental
difficulties of this method); otherwise, the values of % would change along
with the electron work functions.
The presence of impurities between phases oc and ]8 in contact implies the
introduction of a new phase (y). If current / passes and this new phase
has resistance R, then a further potential drop RI appears in the system.
However, at equilibrium the presence of phase y has no effect on the
measured results, as it still holds that jWe(ar) = jUe(/J) = jUe(y). Similarly, the
final equation is not affected by the fact that the leads and coils of the
potentiometer are not made of the same metal as phase a'. It can also be
readily seen that the validity of Eq. (3.1.31) is retained even in the presence
of a new phase y between phase a or phase a' and the potentiometer.
The difference in the outer potentials between the metal and the
electrolyte solution is measured similarly. In Fig. 3.6, phase /? will now
designate an electrolyte solution in contact with the metal phase a. Also
here jUe(ar) = jUe(ar') and ip(a') = ^(P), and U is again expressed by Eq.
(3.1.30); however, jUe(or):?tiue(j8) as the communicating species between
phases a and /J are not electrons but metal ions, M z+ . Thus,
£+(") = M 0 )

(3.1.32)

where the subscript + refers to the metal cations. However, in phase a,
tiM(a) = fi+{a) + z+fie(a)

(3.1.33)

The subscript M refers to metal ions. An analogous procedure to that
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employed above yields
F

Z+F

= V>(")-V(0)

(3-1.34)

Thus the compensating voltage U yields the difference between the outer
electrical potentials of the metal and the solution with which it is in contact.
The thermionic method is based on thermoemission of electrons in a
diode. At elevated temperatures, metals emit electrons that are collected
at a gauze electrode placed opposite the metal surface and charged to a high
positive potential. C. W. Richardson has given the following relationship for
the saturation current /s:
(^)

(3.1.35)

The temperature dependence of the current / s yields the electron work
function —ac.
The calorimetric method is based on measuring the energy that must be
supplied to the metal to maintain stationary emission of electrons. When a
metal wire is heated to a high temperature, no electron emission starts
unless the anode is connected to a high voltage source. Then, sudden
emission of electrons produces a sharp temperature decrease as a result of
energy consumption for release of the electrons. The difference between the
amount of energy required to heat the wire to a certain temperature with
and without electron emission depends on the work function for the
electrons of the given metal at that temperature.
The photoelectric method is based on the photoelectric effect. The kinetic
energy of the electrons emitted during illumination of a metal with light
having a frequency v obeys the Einstein equation
\mv2 = hv- hv0 = hv- —

(3.1.36)

where v0 is the limiting frequency below which no photoemission takes
place. The product of this frequency with the Planck's constant h gives the
work function for a single electron, which can be determined when the
wavelength of the light irradiating the metal is continuously changed.
3.1.4

The EMF of galvanic cells

A galvanic cell is a system that can perform electrical work when its
energy is consumed at the expense of chemical or concentration changes
that occur inside the system. There are also systems analogous to galvanic
cells based on conversion of other types of energy than chemical or osmotic
into electrical work. Photovoltaic electrochemical cells will be discussed in
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Section 5.9.2. Thermogalvanic cells where electrical work is gained from
heat transfer will not be considered in this book and the reader is advised to
inspect Agar's monograph quoted on page 169.
The electrode is considered to be a part of the galvanic cell that consists
of an electronic conductor and an electrolyte solution (or fused or solid
electrolyte), or of an electronic conductor in contact with a solid electrolyte
which is in turn in contact with an electrolyte solution. This definition differs
from Faraday's original concept (who introduced the term electrode) where
the electrode was simply the boundary between a metal and an electrolyte
solution.
For example, consider a system in which metallic zinc is immersed in a
solution of copper(II) ions. Copper in the solution is replaced by zinc which
is dissolved and metallic copper is deposited on the zinc. The entire change
of enthalpy in this process is converted to heat. If, however, this reaction is
carried out by immersing a zinc rod into a solution of zinc ions and a copper
rod into a solution of copper ions and the solutions are brought into contact
(e.g. across a porous diaphragm, to prevent mixing), then zinc will pass into
the solution of zinc ions and copper will be deposited from the solution of
copper ions only when both metals are connected externally by a conductor
so that there is a closed circuit. The cell can then carry out work in the
external part of the circuit. In the first arrangement, reversible reaction is
impossible but it becomes possible in the second, provided that the other
conditions for reversibility are fulfilled.
In the reversible case, the total change of the Gibbs energy during the
reaction occurring in the cell will be transformed into electrical work, while
in the irreversible case the electric work will be smaller and can be zero. For
reversible behaviour in a galvanic cell two requirements need to be fulfilled;
there must be material and energetic reversibility. Most practical galvanic
cells, however, show a certain degree of irreversibility.
Material reversibility can be demonstrated by balancing the EMF of the
cell with an equal and opposite electrical potential difference from a
potentiometer, and then causing the reaction in the cell (the cell reaction) to
proceed, first in one direction and then in the reverse direction, by adjusting
the balancing electrical potential difference to be greater than and then less
than the cell EMF.
Energetic reversibility is achieved when the same amount of electrical
work is supplied from the cell reaction proceeding in one direction as is
gained from the reaction proceeding to the same degree in the opposite
direction.
Reversible operation of the cell requires that no other process occurs in
the cell than that connected with the current flow. An electrochemical
process that need not be always connected with the passage of current is the
dissolution of a metal in an acid (e.g. zinc in sulphuric acid in the Volta cell)
or the dissolution of a gas in an electrolyte solution (e.g. in a cell consisting
of hydrogen and chlorine electrodes, hydrogen and chlorine are dissolved
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and hydrogen chloride can be formed in solution even without current flow;
this reaction, however, is strongly inhibited kinetically). Another process
that can occur in the absence of current passage is diffusion. In a
concentration cell (see Section 3.2.1), the concentrations of the two solutions
can be equalized, even in the absence of current passage, through diffusion
alone. However, this part will consider cells for which both of the criteria of
thermodynamic reversibility are satisfied.
The irreversible processes described must not occur even on open circuit. In
a reversible cell, a definite equilibrium must be established and this may be
defined in terms of the intensive variables in a similar way to the description
of phase and chemical equilibria of electroneutral components.
Further, the passage of a finite amount of charge corresponds to a certain
degree of energetic irreversibility, as the electrical work is converted into
Joule heat because of the internal resistance of the cell and also in the
external circuit; in addition, electrode processes involve a certain overpotential (see Chapter 5). Thus, the cell can work reversibly only on
passage of negligible current, i.e. when the difference between the balancing
external voltage and the EMF of the cell approaches zero.
It should be noted that the reversibility of the galvanic cell has so far
been considered from a purely thermodynamic point of view. 'Reversible
electrode processes' are sometimes considered in electrochemistry in a
rather different sense, as will be described in Chapter 5.
A galvanic cell is usually depicted in terms of chemical symbols. The
phase boundary is designated by a vertical line. For aqueous solutions, the
dissolved substances and their concentrations are indicated, and for
non-aqueous solutions, also the solvent. For example, the cell
Hg, Zn(12%) | ZnSO4(sat.), Hg2SO4(sat.) | Hg

(3.1.37)

consists of a zinc amalgam electrode and a mercury electrode; the common
electrolyte is a saturated solution of zinc and mercury sulphates.
As has already been mentioned, the EMF (the electromotive force) of a
cell is given by the potential difference between leads of identical metallic
material. In view of this, a galvanic cell is represented schematically as
having identical metallic phases at either end.
The phases in the scheme are always numbered from the left to the right,
but the cell can be depicted graphically in two ways. For example, there are
two possibilities for the Daniell cell:
1 2
3
4 1'
2+
2+
Zn | Zn | Cu | Cu | Zn
1 2
3
4 1'
Cu | Cu24" | Zn2+ | Zn | Cu

W

K

'

The choice between (a) and (b) is not specified, but does determine the sign
of the EMF of the cell. This quantity is always defined so that the electrical
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potential of the last phase on the left (1) is subtracted from that of the last
phase on the right (1'). Thus, for the two given schemes of the Daniell cell,
2sa = —Eb. For practical reasons it is preferable to place the positive electrode on
the right, as in scheme (a).
This section will consider only 'chemical galvanic cells' in which the
chemical energy is converted to electrical energy.
The cell reaction is the sum of the electrochemical reactions taking place
at both electrodes. The cell reaction may be written in two ways which are
dependent on the sequence of phases in the graphical scheme of the cell.
The representation of the cell reaction should correspond to the flow of positive
charge through the cell (in a graphical scheme) from left to right:
Cu2+ + Zn -> Cu + Zn 2+
2+

Cu + Zn -> Cu

2+

+ Zn

(c)
(d)

Thus, Eq. (c) corresponds to scheme (a) and Eq. (d) to scheme (b). The
flow of the charge is due to the chemical forces described by the affinity of the
cell reaction, and at the same time to the electrical forces measured by the
electrical potential difference. The affinity of the reaction is given by the
algebraic sum of the chemical potentials of all the substances participating in
the reaction multiplied by the corresponding stoichiometric coefficients
(which are positive for reactants and negative for products); it is thus given
by the decrease in the Gibbs free energy of the system — AG. The sign of
the affinity, however, is reversed when the reaction is written in the
opposite direction. Thus, for reactions (c) and (d),
-AGc=+AGd

(3.1.38)

If the reaction in the cell proceeds to unit extent, then the charge nF
corresponding to integral multiples of the Faraday constant is transported
through the cell from the left to the right in its graphical representation.
Factor n follows from the stoichiometry of the cell reaction (for example
n = 2 for reaction c or d). The product nFE is the work expended when the
cell reaction proceeds to a unit extent and at thermodynamic equilibrium
and is equal to the affinity of this reaction. Thus,

^

and

Eb = =j^

(3.1.39)

Considering that (-AG d ) > 0 when (—AGC) < 0, then it is apparent that the
sign of the EMF depends on the direction in which the scheme of the cell is
written and, consequently, on the direction in which the reaction is written.
The EMF is positive when the reaction and the scheme are formulated so as
to correspond to a spontaneous reaction (the reaction would occur
spontaneously in the direction indicated if the cell were short-circuited).
Thus cell (a) has a positive EMF and cell (b) a negative one.
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Consider a galvanic cell consisting of hydrogen and silver chloride
electrodes:
Pt | H2 | HCl(c) | AgCl(s) | Ag | Pt

(3.1.40)

In this cell, the following independent phases must be considered: platinum,
silver, gaseous hydrogen, solid silver chloride electrolyte, and an aqueous
solution of hydrogen chloride. In order to be able to determine the EMF of
the cell, the leads must be made of the same material and thus, to simplify
matters, a platinum lead must be connected to the silver electrode. It will be
seen in the conclusion to this section that the electromotive force of a cell
does not depend on the material from which the leads are made, so that the
whole derivation could be carried out with different, e.g. copper, leads. In
addition to Cl~ and H 3 O + ions (further written as H + ), the solution also
contains Ag + ions in a small concentration corresponding to a saturated
solution of silver chloride in hydrochloric acid. Thus, the following scheme
of the phases can be written (the parentheses enclose the species present in
the given phase):
1

2
3
|
solution(H
Pt(e)|| H 2

4

5

1'

-,Ag + )|AgCl(Ag + ,C1")l Ag(Ag+ ,e) 1 Pt(e)
(3.1.41)

The electrodes employed will be considered in greater detail in Section 3.2.
Here it is sufficient that this cell can yield electrical energy, because the cell
reaction
^H2(2) + AgCl(4)-> H+(3) + CT(3) + Ag(5)

(3.1.42)

takes place spontaneously.
Depending on the processes occurring during the cell reaction at the
individual electrodes, the cell reaction can be separated into two half-cell
reactions formulated as reduction by electrons. For the cell reaction
described by Eq. (3.1.42), these reactions are
AgCl(4) + e = Ag(5) + Cl~(3)
+

H (3) + e = iH2(2)

(3.1.43)
(3.1.44)

Subtraction of reaction (3.1.44) from reaction (3.1.43) yields reaction
(3.1.42).
The EMF, E, is given by the difference in the inner potentials of phases V
and 1:
E = <t>(l')-<t>(l)

(3.1.45)

If this EMF is compensated by an external electrical potential difference of
the same magnitude and of opposite polarity, then no current flows and the
system is at equilibrium. The phase equilibria of communicating species are
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described as
£Ag+,4 = MAg+,5;

fici,3 = Aci-,4;

Ae,l = ]Ue,5

(3.1.46)

In the solid phases we have

^Ag,5 = Z^Ag+,2 + Ae,2

For the hydrogen half-cell reaction (Eq. 3.1.44),
2 ^ 3 +2 ^ =^,2

(3.1.48)

All the electrochemical potentials are expanded by using Eq. (3.1.1) into
the chemical potential and the inner electrical potential; the difference
(3.1.45) is then found from Eqs (3.1.46) to (3.1.48), to be
FE = -jUH+,3 - Ma ,3 ~ MAg,5 + MAgCl,4 + 2j^H2,2

(3.1.49)

The right-hand side of this equation expresses the affinity of reaction
(3.1.42). In general, for a cell reaction proceeding according to a given
stoichiometric equation with stoichiometric factors v, and with transfer of
charge equal to nF> that
- A G = - 2 v,ju, = nFE

(3.1.50)

If the galvanic cell drives an external current, it supplies work to its
surroundings. For a reversible system, the difference between the external
electrical potential difference and the EMF approaches zero and, in the
limiting case, these two potentials differ in sign only. Thus, the electrical
work supplied to the surroundings is given by the expression nFE = — AG,
i.e. the decrease in the Gibbs free energy of the system.
It follows from Eq. (3.1.50) that the product nFE can be expressed by the
Gibbs-Helmholtz equation:
/dE\
nFT(
^
(ar)
\^* '

(3.1.51)
p,composition

If the dependence of the EMF on the temperature is known, then the
reaction enthalpy AH of the reaction proceeding outside the cell can be
found. Cells with a positive EMF, E, and a negative temperature quotient
dE/dT release heat in addition to electrical energy during reversible
processes
-TAS

= -nFTl — \
\ul

(3.1.52)

/ p composition

where A5 is the entropy change of the cell reaction.
When producing electrical current on reversible operation, the cells with
both positive E and dE/dT absorb heat from their surroundings, as then
-AH>nFE.
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If the dependence of the EMF of a cell on temperature is known, the
same value of the reaction enthalpy AH can be determined as if the reaction
took place outside the cell.
3.1.5

The electrode potential

Equation (3.1.50) can be developed further. Consider once again cell
(3.1.40), together with Eq. (3.1.49). We shall assume that hydrogen gas is
under standard pressure;t in addition, metallic silver, solid silver chloride
and gaseous hydrogen at standard pressure are selected as standards, that is
MH 2 , 2 O = 1) = /*H 2 ,

i"Ag,5 = i" Ag

and

MAgCl,4 = i^

Since also
MH+(W) = ju?I+(w) + RT In a H + (w),

Mcr(w) = fiMw) + RT
+

and flH (w)flci-(w)

=

ln

«ci-(w),

0±,HCI(W),

f C ( w ) + f*Mw)

we can write

FE = - ^ ( w ) ~ A*ci-(w) - 2RT ln a±tHCi(w)
2iKH

(3.1.53)

(where the symbol w indicates that the substances are present in aqueous
solution). It is further assumed that the HC1 activity in cell (3.1.40) equals
unity. The quantity
HU")

+ & (w) + H° - H ° g - - V H 2

is the standard EMF of the cell. In the present case where the electrode on
the left in the graphical scheme is the standard hydrogen electrode, E° is
termed the standard electrode potential. Standard electrode potentials are
denoted as E° with a subscript in which the initial substances in the half-cell
reaction are given first, separated from the products by a slanted line; e.g.
the standard potential of the silver-silver chloride electrode is designated as
£Agci/Ag,ci-- For typographical reasons, however, it is prefable to include
the reactants in parentheses as follows:
£Agc,/Ag,cr - £°(AgCl + e = Ag + Cl") - £AgC,/Ag,cr

(3.1.55)

It follows directly from the definition of the standard potential that, for the
hydrogen electrode,
£H+/H 2

= E\H+ + e = ^H2) - E°H+/H2 = 0

(3.1.56)

If the equilibrium constant of the cell reaction is denoted as K, then it
t It follows from Section 1.3.1 that the expression for the chemical potential must contain the
pressure referred to the standard pressure; thus p = 1 corresponds to standard pressure,
102 kPa. The activities in these expressions are also dimensionless and correspond to units of
moles per cubic decimetre because of the choice of the standard state.
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follows from Eq. (3.1.50) and from the equation for the standard reaction
Gibbs energy change AG° = -RT In K that
E°=(RT/F)\nK

(3.1.57)

The relationships of the type (3.1.54) and (3.1.57) imply that the standard
electrode potentials can be derived directly from the thermodynamic data
(and vice versa). The values of the standard chemical potentials are
identified with the values of the standard Gibbs energies of formation,
tabulated, for example, by the US National Bureau of Standards. On the
other hand, the experimental approach to the determination of standard
electrode potentials is based on the cells of the type (3.1.41) whose EMFs
are extrapolated to zero ionic strength.
For example, the tabulated values for the reactants of the cell
reaction (3.1.42) are AG°nAgci) = -109.68 kJ • moP 1 and AG / 0 (Ha , w) =
-131.14 kJ-mol" 1 , both at 298.15 K.t By definition, the standard Gibbs
energies of formation of H 2 and Ag are equal to zero. Thus, the standard
potential of the silver-siiver chloride electrode is equal to
£Agci/Ag,cr = (-1.0968 x 105 + 1.3114 x 105): 9.648 x 104 = 0.2224 V.
It should be noted that Eq. (3.1.52) can be obtained from the expression
for the Galvani potential difference formulated in Section 3.1.2. The
designation of the phases in the symbols for the individual Galvani potential
differences in cell (3.1.41) will be given in brackets. The overall EMF, E> is
given by the expression

E= 0(1')- 0(1)
= 0(1') - 0(5) + 0(5) - 0(4) + 0(4) - 0(3) + 0(3) - 0(1)
= A^'0 + A^0 + A^0 + A?0
(3.1.58)
The relationship for the individual Galvani potential differences can be
obtained from Eqs (3.1.12), (3.1.24) and (3.1.17) so that Eq. (3.1.58) is
converted to the form (pH2=l)
/ig(Pt) - pg(Ag)
h

-pV(Ag)
+

RT,
- -=- In ac,-(3)
r

M°H+(3)--i/x°H2(2) + /i°(Pt)
t

&

RT
—In aH+
t

2RT

i.e. a relationship identical with Eq. (3.1.53). The correct formulation of the
relationships for the Galvani potential differences leads to the same results
tThe data have been recalculated from the previous standard pressure of 1.01325 x 105 to
105 Pa and those determined for unit activity on the molal scale to unit activity on molar scale
(cf. Appendix A).
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as the procedure following from Eq. (3.1.39) or from Eqs (3.1.45) to
(3.1.49).
It should be noted that all terms concerning the electrons in the metals as
well as those connected with the metals not directly participating in the cell
reaction (Pt) have disappeared from the final Eq. (3.1.49). This result is of
general significance, i.e. the EMFs of cell reactions involving oxidationreduction processes do not depend on the nature of the metals where those
reactions take place. The situation is, of course, different in the case of a
metal directly participating in the cell reaction (for example, silver in the
above case).
For cell reactions in general, both approaches yield the equation for the
EMF:
RT
E = E°

ln£
(3.1.60)
nr
where E° is the standard EMF (standard cell reaction potential), n is the
charge number and Q is the quotient of the activities of the reactants in the
cell reaction raised to the appropriate stoichiometric coefficients; this
quotient has the same form as the equilibrium constant of the cell reaction.
For practical reasons it is often useful to separate the EMF of a galvanic
cell into two terms and assign each of them to one of the electrodes. The
half-cell reactions provide a basis for unambiguous separation. The equation
for the overall EMF is converted to the difference between two expressions,
in which the expression corresponding to the electrode on the left is
subtracted from the expression corresponding to the electrode on the right.
Thus, for example, it follows for Eq. (3.1.59), with inclusion of a term
containing the relative hydrogen pressure, that
^ - ( w ) - RT In qcl-(w)
ln/7H2 + PH+(W) + RT In

(3.1.61)
The terms £Agci/Ag,ci- and EH+/H2 are designated as the electrode
potentials. These are related to the standard electrode potentials and to the
activities of the components of the system by the Nernst equations. By a
convention for the standard Gibbs energies of formation, those related to
the elements at standard conditions are equal to zero. According to a
further convention, cf. Eq. (3.1.56),
JI2,+(W) - AG}>(H+, w) = 0

(3.1.62)

Then
)

(3.1.63)
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It follows from Eqs (3.1.53) and (3.1.55) that
RT
EAgcuAg,ci- = ^Agci/Ag,ci- - — In «cr(w)
r
RT
RT
ln H
Euvu2 = ~y{naH+~JP
^ 2

(3.1.64)
(3.1.65)

which are the Nernst equations. They will be discussed in detail in Section
3.2. It should be recalled that, in contrast to standard electrode potentials,
which are thermodynamic quantities, the electrode potentials must be
calculated by using the extrathermodynamic expressions described in
Sections 1.3.1 to 1.3.4. The electrode potentials do not have the character
of Galvani potential differences, but are simply operational quantities
permitting simple calculation or interpretation of the EMF of a galvanic cell
and are well suited to the application of electrochemistry in analytical
chemistry, technology and biology.
In the subsequent text the half-cell reactions will be used to characterize
the electrode potentials instead of the cell reactions of the type of Eq.
(3.1.42) under the tacit assumption that such a half-cell reaction describes
the cell reaction in a cell with the standard hydrogen electrode on the
left-hand side.
The EMF of a cell is calculated from the electrode potentials (expressed
for both electrodes with respect to the same reference electrode) as the
difference of the potentials of these electrodes written on the right and left
in the scheme:
^cell = ^rhs — ^lhs

(3.1.66)

In practice, it is very often necessary to determine the potential of a test
(indicator) electrode connected in a cell with a well defined second
electrode. This reference electrode is usually a suitable electrode of the
second kind, as described in Section 3.2.2. The potentials of these
electrodes are tabulated, so that Eq. (3.1.66) can be used to determine the
potential of the test electrode from the measured EMF. The standard
hydrogen electrode is a hydrogen electrode saturated with gaseous hydrogen
with a partial pressure equal to the standard pressure and immersed in a
solution with unit hydrogen ion activity. Its potential is set equal to zero by
convention. Because of the relative difficulty involved in preparing this
electrode and various other complications (see Section 3.2.1), it is not used
as a reference electrode in practice.
The term 'electrode potential' is often used in a broader sense, e.g. for
the potential of an ideally polarized electrode (Chapter 4) or for potentials
in non-equilibrium systems (Chapter 5).
Similar to electrode potentials, standard electrode potentials have so far
been referred to the standard hydrogen electrode (SHE). These data are
thus designated by 'vs. SHE' after the symbol V, that is £Agci/Ag,ci- =

167
0.2224 V vs. SHE. Sometimes electrode potentials are referred to other
reference electrodes, such as the saturated calomel electrode (SCE), etc.
So far, a cell containing a single electrolyte solution has been considered
(a galvanic cell without transport). When the two electrodes of the cell are
immersed into different electrolyte solutions in the same solvent, separated
by a liquid junction (see Section 2.5.3), this system is termed a galvanic cell
with transport. The relationship for the EMF of this type of a cell is based
on a balance of the Galvani potential differences. This approach yields a
result similar to that obtained in the calculation of the EMF of a cell without
transport, plus the liquid junction potential value A0 L . Thus Eq. (3.1.66)
assumes the form
£cell = £rhs - £.hs + A0 L

(3.1.67)

However, in contrast to the EMF of a galvanic cell, the resultant
expressions contain the activities of the individual ions, which must be
calculated by using the extrathermodynamic approach described in Section
1.3.
Concentration cells are a useful example demonstrating the difference
between galvanic cells with and without transfer. These cells consist of
chemically identical electrodes, each in a solution with a different activity of
potential-determining ions, and are discussed on page 171.
It is very often necessary to characterize the redox properties of a given
system with unknown activity coefficients in a state far from standard
conditions. For this purpose, formal {conditional) potentials are introduced,
defined in terms of concentrations. Definitions are not given unambiguously
in the literature; the following would seem most suitable. The formal
(conditional) potential is the potential assumed by an electrode immersed in
a solution with unit concentrations of all the species appearing in the Nernst
equation; its value depends on the overall composition of the solution. If
the solution also contains additional species that do not appear in the Nernst
equation (indifferent electrolyte, buffer components, etc.), their concentrations must be precisely specified in the formal potential data. The formal
potential, denoted as EOf, is best characterized by an expression in
parentheses, giving both the half-cell reaction and the composition of the
medium, for example £°'(Zn 2+ 4- 2e = Zn, 10"3M H2SO4).
Coming back to equations for Galvani potential differences, (3.1.11) to
(3.1.26), we find that equation (3.1.67) can be written in the form
£cci = A^220 - Agj'0 + A0 L

(3.1.68)

where A™20 is the Galvani potential difference between the right-hand side
electrode and the solution S2 in which it is immersed and A™'0 is the
analogous quantity for the left-hand side electrode. When the left-hand side
electrode is the standard electrode and A0 L is kept constant (see page 114),
then Ecell can be identified with a formal electrode potential given by the
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approximate relationship
+ constant

(3.1.69)

Electrode potentials are relative values because they are defined as the
EMF of cells containing a reference electrode. A number of authors have
attempted to define and measure absolute electrode potentials with respect
to a universal reference system that does not contain a further metalelectrolyte interface. It has been demonstrated by J. E. B. Randies, A. N.
Frumkin and B. B. Damaskin, and by S. Trasatti that a suitable reference
system is an electron in a vacuum or in an inert gas at a suitable distance
from the surface of the electrolyte (i.e. under similar conditions as those for
measuring the contact potential of the metal-electrolyte system). In this
way a reference system is obtained that is identical with that employed in
solid-state physics for measuring the electronic energy of the bulk of a
phase.
The system
M;|S|M|Mr

(3.1.70)

where M is the studied electrode metal, S is the electrolyte solution and
Mr = M^ is the reference electrode metal, has the EMF
E = [<KMr) - <KM)] + [<KM) - <HS)] + [<KS) - <HMr)] (3.1.71)
Examination of Eq. (3.1.12) yields
0(Mr) - 0(M) = —

—

(3.1.72)

*-<Zf!\

(3.1.73,

so that substitution into Eq. (3.1.69) yields

Thus the EMF has been separated into two terms, each containing a
quantity related to a single electrode. If the surface potential of the
electrolyte #(S) is added to each of the two expressions in brackets in Eq.
(3.1.73), then the expression for the EMF contains the difference in the
absolute electrode potentials; for the absolute electrode potential of metal
M we have
£M(abs) = A£V - ^ ^ + Z(S)
(3.1.74)
t
This quantity corresponds to the minimal work required to transfer an
electron from the bulk of metal M through the electrolyte solution into a
vacuum. Equation (3.1.74) can be readily modified to yield (cf. the
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definition of the electron work function on page 153)

£M(abs) = —4r-^ + A£V

(3.1.75)

F
Both quantities, the electron work function Oe(M) and the contact
potential of the metal-electrolyte system A^T/J, are measurable quantities.
Unfortunately, as shown by Trasatti, because of water adsorption both
these values cannot escape a certain ambiguity. The absolute electrode
potential of the standard hydrogen electrode is most often reported as
4.44 ± 0.02 V. Recent studies showed, however, that values between 4.2
and 4.8 V can also be considered.
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3.2

Reversible Electrodes

Although from the thermodynamic point of view one can speak only
about the reversibility of a process (cf. Section 3.1.4), in electrochemistry
the term reversible electrode has come to stay. By this term we understand
an electrode at which the equilibrium of a given reversible process is
established with a rate satisfying the requirements of a given application. If
equilibrium is established slowly between the metal and the solution, or is
not established at all in the given time period, the electrode will in practice
not attain a defined potential and cannot be used to measure individual
thermodynamic quantities such as the reaction affinity, ion activity in
solution, etc. A special case that is encountered most often is that of
electrodes exhibiting a mixed potential, where the measured potential
depends on the kinetics of several electrode reactions (see Section 5.8.4).
As demonstrated in Section 3.1, electrode equilibrium is a distribution
equilibrium of charged species (including the electron) between the metal
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and the solution, so that both phases must have at least one charged species
in common. The chemical potentials of this species in the two phases then
determine the magnitude of the potential difference between the metal and
the solution. Thus, the concept of a reversible electrode does not include
the limiting case where the concentration of the species determining the
electrode potential is zero in one of the phases (see Chapter 4).
We will now consider the principal electrodes that may be considered
reversible, and some of their combinations in galvanic cells. Reversible
electrodes may be divided into three groups:
1. Electrodes of the first kind. These include cationic electrodes (metal,
amalgam and, of the gas electrodes, the hydrogen electrode), at which
equilibrium is established between atoms or molecules of the substance
and the corresponding cations in solution (see Eqs 3.1.21 and 3.1.65),
and anionic electrodes, at which equilibrium is established between
molecules and anions.
2. Electrodes of the second kind. These electrodes consist of three phases.
The metal is covered by a layer of its sparingly soluble salt, usually with
the character of a solid electrolyte, and is immersed in a solution
containing the anions of this salt. The solution contains a soluble salt of
this anion. Because of the two interfaces, equilibrium is established
between the metal atoms and the anions in solution through two partial
equilibria: between the metal and its cation in the sparingly soluble salt
and between the anion in the solid phase of the sparingly soluble salt and
the anion in solution (see Eqs (3.1.24), (3.1.26) and (3.1.64)).
3. Oxidation-reduction electrodes. An inert metal (usually Pt, Au, or Hg)
is immersed in a solution of two soluble oxidation forms of a substance.
Equilibrium is established through electrons, whose concentration in
solution is only hypothetical and whose electrochemical potential in
solution is expressed in terms of the appropriate combination of the
electrochemical potentials of the reduced and oxidized forms, which then
correspond to a given energy level of the electrons in solution (cf. page
151). This type of electrode differs from electrodes of the first kind only
in that both oxidation states can be present in variable concentrations,
while, in electrodes of the first kind, one of the oxidation states is the
electrode material (cf. Eqs 3.1.19 and 3.1.21).
Ion-selective electrodes are based on membrane systems and will be dealt
with in Section 6.3.
3.2.1

Electrodes of the first kind

Electrodes of the first kind can be divided into anionic and cationic. The
system of a gas electrode includes a gas interacting with a suitable metal or
semiconductor surface in the cell reaction. However, gas electrodes can also
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be considered as oxidation-reduction electrodes, as one of the forms can be
a gas dissolved, perhaps in small concentration, in the solution. In amalgam
electrodes, the metal is present as an amalgam. The electrode potential then
also depends on the gas pressure or on the activity of the metal in the
amalgam.
The potential of a cationic electrode of the first kind corresponding to the
half-cell reaction
M2+ + z+e = M
is described by the Nernst equation
E = E° +

RT

lna+

(3.2.1)

z+F
where z+ is the number of electrons required for reduction of one metal ion,
i.e. its charge number (e.g. zinc in a solution of zinc(II) ions, copper in a
solution of cupric ions, silver in a solution of silver(I) ions, etc.). It can
readily be demonstrated by the procedure described in Section 3.1 (page
163) that the standard potential of a cationic electrode is given by the
expression
(3.2.2)

z+F

The standard potentials of some electrodes of the first kind are listed in
Table 3.2.
The combination of two electrodes of the same material differing only in
the solution concentration yields a concentration cell, for example
Ag | AgNO3(c1) | AgNO3(c2) | Ag

(3.2.3)

Combination of Eqs (2.5.33), (3.1.67) and (3.2.1) and rearrangement (the
concentrations in Eq. (2.5.33) are replaced by the activities) yields the EMF
for a concentration cell with transport in the form (for z+ = z_ = 1):
^ RTt a+1
RT a+l
RT a_x
E = — ln^-f + - r ln^-f_--ln-- 1
F

0+2

F

0+2

F

0_

(3.2.4)

2

When eliminating the liquid junction potential by one of the methods
described in Section 2.5.3, we obtain a concentration cell without transport.
The value of its EMF is given simply by the difference between the two
electrode potentials. More exactly than by the described elimination of the
liquid junction potential, a concentration cell without transport can be
obtained by using amalgam electrodes or electrodes of the second kind.
In amalgam electrodes, the metal is dissolved in mercury, so that not only
the concentration of metal cations in the solution but also the concentration
of metal in the amalgam is variable. The potential of an amalgam electrode
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Table 3.2 Standard potentials of electrodes of the first
kind at 25°C. (From the CRC Handbook of Chemistry and
Physics, recalculated to the standard pressure of 102 kPa)
Electrode
+

Li /Li
Rb + /Rb
Cs + /Cs
K + /K
Ba 2+ /Ba
Sr2+/Sr
Ca 2+ /Ca
Na + /Na
Mg22+/Mg
Be 7Be
A13+/A1
Zn 2+ /Zn
Fe 2+ /Fe
Cd 2+ /Cd
In 3+ /In
T1+/T1
Sn2+/Sn
Pb 2+ /Pb
Cu 2+ /Cu
Hg 2+ /Hu
Ag + /Ag

E°(V)
-3.0403
-2.98
-2.92
-2.931
-2.912
-2.89
-2.868
-2.71
-2.372
-1.847
-1.662
-0.7620
-0.447
-0.4032
-0.3384
-0.336
-0.1377
-0.1264
0.3417
0.851
0.7994

Electrode

£°(V)

OH/O 2 (g)

0.401
1.35793
2.866

cr/ci2(g)

F~/F2(g)

is given as
£ = E° + ^ l n ^
(3.2.5)
zF
a
where a is the activity of the metal in the amalgam and a+ is the activity of
its ions in the solution. Combination of two amalgam electrodes with the
same activity of cations in solution and different activities of the metal in the
amalgam yields a different type of concentration cell, for example
K,Hg( fll ) | KCl(m) | K,Hg(«2)
with

(3.2.6)
RFy ax
£ =— lnF
a2

If ax >a2, then short circuiting of this cell results in potassium dissolution at
the left-hand electrode and incorporation into the amalgam at the righthand electrode. Amalgam electrodes can be used as reversible electrodes,
even for metals as reactive as the alkali metals, especially in some
non-aqueous solvents.
Theoretically, the most important cationic electrode of the first kind is the
hydrogen electrode. This is a gas electrode at which equilibrium is
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established between hydrogen and oxonium ions in solution through a
platinum electrode coated with platinum black. This coating is obtained by
electrolytic deposition of platinum from an acidic solution of hexachloroplatinic(IV) acid and is saturated with hydrogen at a specific (usually
atmospheric) pressure, pHr The platinum black has a double function.
Firstly, its high specific surface area ensures the presence of a sufficient
amount of hydrogen atoms adsorbed on the electrode; secondly, it
facilitates rapid establishment of the equilibrium between the oxonium ions
and elemental hydrogen (cf. Section 5.7.1). The hydrogen must be carefully
purified to remove traces of sulphur(II), arsenic and mercury compounds
that would poison the electrode (cf. Section 5.7.2).
The potential of the standard hydrogen electrode, i.e. the potential value
at / ? H 2 = 1 and aH3O+ = l is set by convention as zero (cf. Eqs 3.1.62 and
3.1.65). It can be seen from Eq. (3.1.65) that, when the activity of hydrogen
ions increases tenfold, the potential of the hydrogen electrode increases by
2.303RT/F = 0.0591 V at 25°C. If the hydrogen pressure increases tenfold,
then the potential decreases by 2.303RT/2F = 0.0295 V. Variation of the
hydrogen pressure in the range of ±5 per cent corresponds to a potential
change from +0.63 to —0.66mV; these differences are negligible for some
measurements.
The hydrogen electrode is one of the electrodes suitable for pH
measurements. If a hydrogen electrode saturated at unit pressure is
combined with a reference electrode, then the EMF of this cell (where the
reference electrode is written on the left-hand side in the scheme of the cell)
is given by the equation
E = £ H +/H 2 ~ ^ref = - 1 —=

lOg «H+ ~ ^ref

(3.2.7)

t
and thus
PU

~~

(E + Eref)F
2.303*7

(318)

It would appear from Eq. (3.2.8) that the pH, i.e. the activity of a single
type of ion, can be measured exactly. This is not, in reality, true; even if the
liquid junction potential is eliminated the value of Eref must be known. This
value is always determined by assuming that the activity coefficients depend
only on the overall ionic strength and not on the ionic species. Thus the
mean activities and mean activity coefficients of the electrolyte must be
employed. The use of this assumption in the determination of the value of
Eref will, of course, also affect the pH value found from Eq. (3.2.8). Thus,
the potentiometric determination of the pH is more difficult than would
appear at first glance and will be considered in the special Section 3.3.2.
The hydrogen electrode can be used to measure pH values over the whole
pH region. However, it is not applicable to reducing or oxidizing media or
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Fig. 3.7 A simple immersion
hydrogen electrode

in the presence of substances that act as catalytic poisons for platinum
black. Poisoning of the electrode (p. 173) is indicated by fluctuation of the
electrode potential which differs from the value predicted by the Nernst
equation.
Hydrogen electrodes can be constructed in variously shaped cells according to the purpose. An example is given in Fig. 3.7. The measurement is
described in detail in practical manuals. However, for practical measurements, the glass electrode (Section 6.3) is employed.
The potential of an anionic electrode of the first kind is given by the
relationship
— \na.
Z-F

(3.2.9)

where z_ is the charge number of the corresponding anion (z_ < 0). The
equation also often contains a term including the effect of the gas pressure
on a gas anionic electrode of the first kind.
The chlorine electrode contains gaseous chlorine in equilibrium with
atomic chlorine adsorbed on the platinum black and a solution of chloride
ions. Its potential is given by the equation
RT
—rl
t

RT

—
t

(3.2.10)

The chlorine electrode behaves reversibly, i.e. electrode equilibrium is
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Table 3.3 Standard electrode potentials in eutectic melts
referred to a chlorine reference electrode. (According to
R. W. Laity)
-E ;°(V)
System
2+

Mn /Mn
Cd 2+ /Cd
T1+/T1
Co 2+ /Co
Pb 2+ /Pb
Cu + /Cu
Ag + /Au

KCl-NaCl, 450°C

KCl-LiCl, 450°C

2.135
1.535

2.065
1.532
1.586
1.207
1.317
1.067
0.853

1.277
1.352
1.145
0.905

established rapidly; however, side reactions also occur to a small degree: the
attack on the platinum electrode by chlorine and the reaction of chlorine
with water (C12 + H2O*±HOC1 4- H + + Cl"), which can be suppressed in
sufficiently acidic medium.
In chloride melts, the chlorine electrode (with graphite instead of
platinum) is used as a reference electrode (see Table 3.3).
Anionic electrodes of the first kind are rarely used in practice; other,
more important, sorts of electrode exhibiting a reversible response to anions
are the electrodes of the second kind.
3.2.2 Electrodes of the second kind
The expression for the potential of electrodes of the second kind on the
hydrogen scale can be derived from the affinity of the reaction occurring in a
cell with a standard hydrogen electrode. For example, for the silver chloride
electrode with the half-cell reaction
AgCl(s) + e = Ag + C r

(3.2.11)

^Agci/Ag = ^Agci/Ag — — l n 0 c r

(3.2.12)

The same expression is obtained if electrodes of the second kind are
considered as electrodes of the first kind, where the activity of the metal
cations depends on the solubility product of the given insoluble salt (cf. Eq.
3.1.26):
RT
=

EAg+/Ag + ~TT In ^Agci

(3.2.13)

It can be seen from this equation that the solubility product of silver
chloride can be calculated from the known standard potentials of the silver
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and silver chloride electrodes. Besides the silver chloride electrode the
following electrodes belong to this group:
The calomel electrode:
KCl(m) | Hg2Cl2(s) | Hg
RT
EHg2ci2/Hg = ^H g2 ci 2 /H g - — In acr

(3.2.14)

The mercurous sulphate electrode:
K2SO4(m) | Hg2SO4(s) | Hg
RT
^Hg2so4/Hg = ^Hg2so4/Hg ~ ~

In «so 4 2 -

(3.2.15)

The mercuric oxide electrode:
KOH(m) | HgO(s) | Hg
RT
^Hgo/Hg = ^Hgo/H g

~ In

flOH-

(3.2.16)

The latter does not yield a completely reproducible potential; equilibrium is
established after about two days. Nonetheless, it is often used in research on
technically important galvanic cells working in alkaline media.
The described electrodes, and especially the silver chloride, calomel and
mercurous sulphate electrodes are used as reference electrodes combined
with a suitable indicator electrode. The calomel electrode is used most
frequently, as it has a constant, well-reproducible potential. It is employed
in variously shaped vessels and with various KCl concentrations. Mostly a
concentration of KCl of 0.1 mol • dm" 3 , 1 mol • dm"3 or a saturated solution
is used (in the latter case, a salt bridge need not be employed); sometimes
3.5 mol • dm"3 KCl is also employed. The potentials of these calomel
electrodes at 25°C are as follows (according to B. E. Conway):
0.1 M KCl | Hg2Cl2(s) | Hg
0.3337 V
1 M KCl | Hg2Cl2(s) | Hg
0.2812 V
KCl(sat.) | Hg2Cl2(s) | Hg
0.2422 V
Table 3.4 Standard potentials of electrodes
of the second kind. (From the CRC Handbook of Chemistry and Physics, recalculated
to the standard pressure 102 kPa)
Electrode

E° (V)

HgO, O H / H g
AgCl, Cr/Ag
Hg2Cl2, CP/Hg
Hg2SO4, SO42 /Hg
PbO2, PbSO4, SO42~/Pb

0.0975
0.22216
0.26791
0.6123
1.6912
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A

B

C

D

Fig. 3.8 Various types of reference electrode vessels: (A) laboratorytype calomel electrode; (B), (C) portable calomel electrodes, (D) a
Ag/AgCl micropipette with a KC1 electrolyte immobilized with agar in
the tip of the capillary

The silver chloride electrode is preferable for precise measurements. The
standard potentials of some electrodes of the second kind are listed in Table
3.4. Various electrode constructions are shown in Fig. 3.8.
In addition to their use as reference electrodes in routine potentiometric
measurements, electrodes of the second kind with a saturated KC1 (or, in
some cases, with sodium chloride or, preferentially, formate) solution as
electrolyte have important applications as potential probes. If an electric
current passes through the electrolyte solution or the two electrolyte
solutions are separated by an electrochemical membrane (see Section 6.1),
then it becomes important to determine the electrical potential difference
between two points in the solution (e.g. between the solution on both sides
of the membrane). Two silver chloride or saturated calomel electrodes are
placed in the test system so that the tips of the liquid bridges He at the
required points in the system. The value of the electrical potential difference
between the two points is equal to that between the two probes. Similar
potential probes on a microscale are used in electrophysiology (the tips of
the salt bridges are usually several micrometres in size). They are termed
micropipettes (Fig. 3.8D.)
3.2.3 Oxidation-reduction electrodes
Oxidation-reduction electrodes, abbreviated to redox electrodes, consist
of an inert metal (Pt, Au, Hg) immersed in a solution containing two forms
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of a single substance in different oxidation states. The metal merely acts as a
medium for the transfer of electrons between the two forms (cf. Section
3.1.2). The redox electrode potential can be derived in an analogous
manner as for the previous types of electrodes (cf. Eq. (3.1.17)). For the
cell reaction
Ox + ze = Red

(3.2.13)

where z is the number of electrons necessary for reduction of one particle of
Ox we obtain the Nernst equation
(3.2.17)
aRcd
This equation has been verified experimentally by Peters and is sometimes
named after him.
For example, for the system F e 3 + - F e 2 + the Nernst equation is
£FC3+/Fe2+ = £ FC 3 +/Fc2+ + — In —
F

(3.2.18)

aFe2+

In the half-cell reaction
Ox + m H + + ze = Red + nX
(3.2.19)
the change in the oxidation state is only displayed in the particles Ox and
Red which may also function as acids or bases or as coordination
compounds X denoting the ligand. Under these circumstances the Nernst
equation has the form
^ox/Red = £ox,Red + (RT/zF)

In -

^

(3.2.20)

The quinhydrone electrode (Section 3.2.5) is an example for such a more
complicated redox reaction.
The standard potential is a measure of the reducing or oxidizing ability of
a substance. If E{{>E\> then system 1 is a stronger oxidant than system 2
(similarly for metals, metal 1 would be more noble than metal 2), i.e. in an
experiment in the bulk where originally « Rc d,i=«ox,i and flRed,2 = «ox,2
equilibrium would be established for which aRed,i > #ox,i and tfRed,2 < #ox,2The formal potential of a reduction-oxidation electrode is defined as the
equilibrium potential at the unit concentration ratio of the oxidized and
reduced forms of the given redox system (the actual concentrations of these
two forms should not be too low). If, in addition to the concentrations of
the reduced and oxidized forms, the Nernst equation also contains the
concentration of some other species, then this concentration must equal
unity. This is mostly the concentration of hydrogen ions. If the concentration of some species appearing in the Nernst equation is not equal to unity,
then it must be precisely specified and the term apparent formal potential is
then employed to designate the potential of this electrode.

179

E°-0.05

E*0.05

E°
Electrode potential, Y

Fig. 3.9 Graphical representation of Eq. (3.2.21) with n indicated at each
curve

Equation (3.2.17) can be expressed in terms of the degree of oxidation ocy
if the activities are set equal to the concentrations:
^Ox/Red •

- Ox/Red '

a

zF

I-a

(3.2.21)

This equation is depicted graphically in Fig. 3.9. Differentiation of the
potential E with respect to a yields the following relationship at the point

* = £:
ART
-•

\da/a=
m

(3.2.22)

The slope of the tangent to the curve at the inflection point where a = \ is
thus inversely proportional to the number of electrons n. The E-oc curves
are similar to the titration curves of weak acids or bases (pH-ar). For
neutralization curves, the slope dpH/dar characterizes the buffering capacity
of the solution; for redox potential curves, the differential dE/da
characterizes the redox capacity of the system. If a = ^ for a buffer, then
changes in pH produced by changes in a are the smallest possible. If a = \
in a redox system, then the potential changes produced by changes in a are
also minimal (the system is 'well poised').
It can be seen from Eq. (3.2.21) that, if the solution contains one of the
forms, oxidized or reduced, in zero concentration, then the potential would
attain infinite absolute value. These extreme values change to finite values
in the presence of a trace of the other form. This always occurs as a result of
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Table 3.5 Standard oxidation-reduction potentials.
(From the CRC Handbook of Chemistry and Physics)
Half-cell reaction

O2 + H2O + 2e <± HO2~ + OH"
TiOH3+ + H + + e *± Ti3+ + H2O

Ferricinium + + e<^ ferrocene
I2 + 2e*±2r
F e 3+ + e«±Fe2+
HO2~ + H2O + 2e *± 3OH~
Fe(phenanthroline)33+ + e *±
Fe(phenanthroline)32+
3+
Tl + 2e<P*Tl+
Mn3+ + e ^ M n 2 +

-0.407
-0.255
-0.076
-0.055
0.151
0.153
0.358
0.400
0.5353
0.771
0.878
1.147
1.2152
1.5413
1.610

charge transfer from the electrode double layer to the component present in
solution.
The standard potentials of some redox systems are listed in Table 3.5.
3.2.4

The additivity of electrode potentials, disproportionation

Electrode potentials are determined by the affinities of the electrode
reactions. As the affinities are changes in thermodynamic functions of state,
they are additive. The affinity of a given reaction can be obtained by linear
combination of the affinities for a sequence of reactions proceeding from the
same initial to the same final state as the direct reaction. Thus, the principle
of linear combination must also be valid for electrode potentials. The
electrode oxidation of metal Me to a higher oxidation state z+>2 can be
separated into oxidation to a lower oxidation state z+fl and subsequent
oxidation to the oxidation state z+>2. The affinities of the particular
oxidation processes are equivalent to the electrode potentials £2_0, £i-o>
and E2-i'.
_ -AG2_p
(z)F
(3 123)

-
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It follows from the additivity of affinities, — AG2_() = — AG2_i — AG^Q, that
(z+,2 - z+>1)E§_i = z + , 2 ^_ 0 - z+>1£?_o

(3.2.24)

This relationship (sometimes called Luther's law) for the transfer of several
electrons permits us to calculate one redox potential if the others are
known. Obviously, this is an analogy of the Hess law in thermodynamics.
Equation (3.2.24) is not restricted to the case where the lowest oxidation
state is a metal.
Consider the reactions
A + e<^B

and

B + e<=±C

(3.2.25)

The sum of these reactions yields a reaction termed disproportionation:
aB

(3.2.26)

where K is the disproportionation constant. An inert electrode immersed in
a solution containing species A, B and C will attain a potential corresponding to both of equilibria (3.2.25):
E = £°A,B + ^ l n ^ = Elc + ^ l n ^
(3.2.27)
F aB
F
ac
If the system initially contains only form C with concentration c0, to which
the oxidant is added, then the overall degree of oxidation is (3 = (2[A] +
[B])/c0. If activities are set equal to concentrations, then the potential E can
be expressed in terms of j8:

+

*L
2F

/3l±[(j3l) + 4j3(2/W
-j3 + 1 ± [03 - I) 2 + 4)3(2 - j3)*:]1/2

l

'

This dependence is shown in Fig. 3.10. The usual dependence for n = 2 is
obtained for complete disproportionation, that is K » 1. With decreasing K,
the E~P curve changes and at K = \ assumes the usual shape for n = 1. For
small K values three inflection points appear on the curve. This situation
often occurs for organic quinones. Form B is then termed the semiquinone.
A typical inorganic redox system of this type involves the equilibrium
between metallic copper and copper(II) ions. In the absence of a complexformer the disproportionation constant is large and a solution of Cu+ ions is
very unstable. However, in the presence of ammonia, copper(I) ions are
bonded in a complex, constant K decreases and the E-(3 curve exhibits
three inflection points.
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-8
0.8
1.2
Overall oxidation degree,/3

1.6

2.0

Fig. 3.10 Dependence of the potential function v = (2F/2.3RT) • [E K£A,B + £B,C)] on the overall oxidation degree J3 for a system with
disproportionation. The semiquinone formation constant K' = l/K is indicated at each curve

3.2.5 Organic redox electrodes
Quinhydrone, a solid-state associate of quinone and hydroquinone,
decomposes in solution to its components. The quinhydrone electrode is an
example of more complex organic redox electrodes whose potential is
affected by the pH of the solution. If the quinone molecule is denoted as Ox
and the hydroquinone molecule as H2Red, then the actual half-cell reaction
Ox + 2e *± Red2"

(3.2.29)

is accompanied by reactions between the hydroquinone anion Red2" and
the solvent. Hydroquinone is a weak dibasic acid, with the dissociation
constants

(3.2.30)

[HRed ]
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For the quinhydrone electrode, the equation for the electrode potential has
the form
PT

[Hvl

(3.2.31)
where EOr is the formal potential. The concentration of the anion
of the reduced form is substituted from the equation for the dissociation
constants and from the equation for the overall concentration of hydroquinone, c Red ,
, = [H2Red] + [HRecT] + [Red2"]

so that [Red2"] = cRedA:;A:2/([H+]2 + K[[H+] + K[K'2) and

\n([H]

+ K[[H] + K[K£

(3.2.33)

As [Ox] = c Red for quinhydrone, the second term on the right-hand side of
this equation equals zero and the first and third are combined in the
constant E^h. The fourth term is simplified in different pH ranges as follows:
(a) In an acid medium, [ H + ] 2 » K\K'2 + K[[H% so that

fH
(b) If K[[H+] »[H+]2

(3.2.34)

+ K[K'2, then

£ qh = * q h + ~\n K\ - ^ ^ P H
(3.2.35)
It
Lt
(c) In a rather alkaline region K[K'2» K[[H+] + [H + ] 2 , dissociation is
complete and the potential is independent of pH:
RT

Eqb = E*u + — \nK[K2

(3.2.36)

At

Thus a plot of the dependence of Eqh on the pH (Fig. 3.11) will yield a
curve with three linear regions (the second of which is poorly defined), with
slopes of 0.0591, 0.0295 and 0 (at 25°C). The intersections of each two
neighbouring extrapolated linear portions yield the pK[ and pA^ values, as
follows from comparison of Eqs (3.2.34) to (3.2.36).
Figure 3.12 gives examples of the dependence of the apparent formal
potential on the pH for other organic systems (see also p. 465).

184
I

I

I

!

10
pK,
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Fig. 3.11 The dependence of the potential of the quinhydrone
electrode £qh(V) on pH. The straight line (1) corresponds to Eq.
(3.2.34), (2) to (3.2.35) and (3) to (3.2.36)

In cases where the potential of an inert electrode, in the presence of the
redox system of interest, is established slowly, another redox system may
then be added as a 'mediator'. The latter system should react rapidly with
the former and quickly establish an equilibrium at the electrode. As a very
small amount of the mediator is added, concentration changes in the
measured system compared to the original state can be neglected. Suitable
mediators are Ce 4+ -Ce 3+ , methylene blue-leucoform, etc.
Standard redox potentials can be determined approximately from the
titration curves for suitably selected pairs of redox systems. However, these
curves always yield only the difference between the standard potentials and
a term containing the activity coefficients, i.e. the formal potential. The
large values of the terms containing the activity coefficients lead to a
considerable difference between the formal potential and the standard
potential (of the order of tens of millivolts).
3.2.6 Electrode potentials in non -aqueous media
While the laws governing electrode potentials in non-aqueous media are
basically the same as for potentials in aqueous solutions, the standardization
in this case is not so simple. Two approaches can be adopted: either a
suitable standard electrode can be selected for each medium (e.g. the
hydrogen electrode for the protic medium, the bis-diphenyl chromium(II)/
bis-diphenyl chromium(I) redox electrode for a wide range of organic
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Fig. 3.12 The dependence on pH of the oxidation-reduction
potential for cOx = cRcd: (1) 6-dibromphenol indophenol, (2) Lauth's
violet, (3) methylene blue, (4) ferricytochrome c/ferrocytochrome
c, (5) indigo-carmine
solvents or, for example, the chlorine electrode for some melts—cf. Section
3.2.1), or, on the other hand, all the potentials can be related to the
aqueous standard hydrogen electrode on the basis of a suitable convention.
The first approach is based on the discussion in Section 3.1.5 and requires
no further explanation.
To decide whether a unified electrode potential scale is of some
advantage, consider cells (3.1.40) in both aqueous medium and in protic
medium s:
Pt|H2|HCla±,w|AgCl|Ag|Pt
Pt|H2|HClfl±,s|AgCl|Ag|Pt
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The EMFs of these cells are given by the relationships
£(w) =

s

s

2

RT
- —
— In
In a±,Hci(w)
(3.2.37)

vj

in tf±,HCI(,SJ

(3.2.38)
It is assumed that the activities are based on the same concentration scale
and that limC|_>0flf7c/= 1. For 0±>Hci(s) = 0±,HCI(W), the difference between
E(s) and E(w) is given by the relationship

tr,H,

+AG t r , c l -

where A G ^ ^ is the overall standard Gibbs energy of transfer of HC1 from
water to the solvent s and A G ? ; ^ and AG^cr 8 are the individual standard
Gibbs energies of transfer of H + and Cl~ from water to the solvent s (Eq.
1.4.35). It should be noted that, so far, the derivation has been concerned
with the transfer of a species between two pure solvents, so that in this case,
the standard Gibbs transfer energy will be somewhat different from the
values measured for distribution equilibria. This type of standard Gibbs
transfer energy must be determined on the basis of the solubility of the
given electrolyte, present as a solid or gaseous phase, in equilibrium with
each of the pair of solvents.
The derivation for equilibrium between a solution and a gaseous phase is
based on the Henry law constant kif defined on page 5. The standard Gibbs
energy of the transfer of HC1 from a solution into water is
= RT In ( ^ Y ^ \

(3.2.40)

For the transfer equilibrium between a solution and a solid phase of the
electrolyte BA it holds that
A G - T = RT in (%&)
\PBA(S)/

= 2RTln " • ^ W
m BA (s)r ± (s)

(3.2.41)

where the P B A' S a r e the solubility products, the mBA's the solubilities and
y±'s the mean activity coefficients in each of the two phases.
As separation of the standard Gibbs transfer energy of the electrolyte as a
whole into the individual contributions for the anion and the cation can, of
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course, not be carried out by a thermodynamic procedure, a suitable
extrathermodynamic assumption must be selected.
A suitable extrathermodynamic approach is based on structural considerations. The oldest assumption of this type was based on the properties
of the rubidium(I) ion, which has a large radius but low deformability. V.
A. Pleskov assumed that its solvation energy is the same in all solvents, so
that the Galvani potential difference for the rubidium electrode (cf. Eq.
3.1.21) is a constant independent of the solvent. A further
assumption was the independence of the standard Galvani potential of the
ferricinium-ferrocene redox system (H. Strehlow) or the bis-diphenyl
chromium(II)-bis-diphenyl chromium(I) redox system (A. Rusina and G.
Gritzner) of the medium.
While the validity of these assumptions has been criticized, that adopted
by A. J. Parker has received the widest acceptance, i.e. that tetraphenylarsonium tetraphenylborate (Ph4AsPh4B),

yields ions with the same standard Gibbs energy of solvation in the same
medium. In other words, the standard Gibbs energy for the transfer of the
tetraphenylarsonium cation and of the tetraphenylborate anion between an
arbitrary pair of solvents is always the same (called the TATB assumption),
that is

The structure of the ions, where the bulky phenyl groups surround the
central ion in a tetrahedron, lends validity to the assumption that the
interaction of the shell of the ions with the environment is van der Waals in
nature and identical for both ions, while the interaction of the ionic charge
with the environment can be described by the Born approximation (see
Section 1.2), leading to identical solvation energies for the anion and cation.
The determination of the standard Gibbs transfer energy for an arbitrary
ion and arbitrary pair of solvents is based on the determination of the
solubility product of Ph4AsPh4B in both solvents or on the determination of
the distribution coefficient of Ph4AsPh4B between the two solvents. These
experimental data then yield the standard Gibbs energies for the individual
ions, Ph4As+ and Ph4B~. If, for example, the standard Gibbs energy is to be
determined for the transfer of the arbitrary cation C + between a pair of
solvents, the experimental data are determined for the salt CPh4B and the
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required quantity is found from the equation
PTJ(3.2.43)
These quantities can be used to rearrange the equation for the EMF of a
cell in non-aqueous medium into the form of a difference between the
electrode potentials on the hydrogen scale for aqueous solutions with
additional terms.
Equations (3.2.37), (3.2.38) and (3.2.39) yield the potential of the
silver-silver chloride electrode in non-aqueous medium
^Agci/Ag,ci-(s) =

—

—

-p
r

—

A /^*0,w—*s

—In acr (s)
t

nj1

= £A8c,/Ag,cr(w)

j ^ - - — In a a -(s)
(3.2.44)
r
r
and, considering Eq. (3.1.56), the potential of the hydrogen electrode in the
same medium (/? = 1),
£H+/H2(S)

H2

=

tlAL

^
t

~ + — In aH+(s)
t
(3.2.45)

I

1

Thus, these relationships can be used to define a pH scale for nonaqueous protic media, consistent with the pH scale for aqueous solutions.
For standard hydrogen pressure, the potential of the hydrogen electrode
depends on the pH(s) according to the relationship
£H+/H2(S)

= -2303RT/F

pH(s)

(3.2.46)

Equation (3.2.45) then gives
pH(s) = -log aH+(s) - 0.4343AG?r'JTTs

(3.2.47)
+

The values of the standard Gibbs transfer energies for H then determine
the solvent affinity for protons.
3.2.7 Potentials at the interface of two immiscible electrolyte solutions
The procedure described in the preceding section can form a basis for
unambiguous determination of the Galvani potential difference between two
immiscible electrolyte solutions (the Nernst potential) considering Eqs
(3.1.22) and (1.4.34), e.g. for univalent ions,

where the upper sign is valid for a cation and the lower sign for an anion
and A(p° is the standard potential difference for the transfer of ion / from
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Table 3.6 Standard Gibbs transfer energies and standard
electric potential differences of transfer
Ion
(a) Water-nitrobenzene
Li +
Na +
Ca 2+
Sr 2+
H+
Ba 2+
K+
Rb +
Cs +
Me 4 N +
Bu 4 N +
Ph 4 As +

cr
Br~
NO 3 -

rPicrate
Tetraphenylborate
(b) Water-dichloroethane
Me 4 N +
Bu 4 N +
Ph 4 As +

cr
Br"
rPicrate

(kJ-moP1)

(V)'

-38.4
-34.5
-68.3
-67.2
-32.5
-63.3
-24.3
-19.9
-15.5
-3.4
24.2
35.9
-30.5
-28.5
-24.4
-18.8
4.6
35.9

0.389
0.358
0.354
0.348
0.337
0.328
0.252
0.206
0.161
0.035
-0.251
-0.372
-0.316
-0.295
-0.253
-0.195
0.048
0.372

-17.6
21.8
35.1
-46.4
-39.3
-26.4
-6.7

0.182
-0.225
-0.364
-0.481
-0.408
-0.273
-0.069

phase /} to phase oc. The values of these quantities and the standard Gibbs
energies for the transfer of ions from nitrobenzene or 1,2-dichloroethane
into water are listed in Table 3.6. The values of standard Gibbs transfer
energies in the water/organic solvent give a quantitative meaning to the
terms, hydrophilic and hydrophobic. For hydrophilic ions AG? r 'J~^»0 and
the opposite relation is valid for hydrophobic ions. Sometimes the ions with
their standard Gibbs transfer energies around zero are called
'semihydrophobic'.
Consider a system of two solvents in contact in which a single electrolyte
BA is dissolved, consisting of univalent ions. A distribution equilibrium is
established between the two solutions. Because, in general, the solvation
energies of the anion and cation in the two phases are different so that the
ion with a certain charge has a greater tendency to pass into the second
phase than the ion of opposite charge, an electrical double layer appears at
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the interface (see Section 4.5.3) and a Galvani potential difference is formed
between the two phases, called the distribution potential. The value of the
distribution potential follows from Eq. (3.2.48). If the activities of the
cation and anion in a given phase are set equal to one another and
equations of this type calculated once for cations, and then for anions, are
added, it follows that
AG

'

A G

(3.2.49)

The distribution potential A£0distr is thus independent of the ion
concentration.
Potential differences at the interface between two immiscible electrolyte
solutions (ITIES) are typical Galvani potential differences and cannot be
measured directly. However, their existence follows from the properties of
the electrical double layer at the ITIES (Section 4.5.3) and from the kinetics
of charge transfer across the ITIES (Section 5.3.2). By means of potential
differences at the ITIES or at the aqueous electrolyte-solid electrolyte
phase boundary (Eq. 3.1.23), the phenomena occurring at the membranes
of ion-selective electrodes (Section 6.3) can be explained.
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3.3

Potentiometry

Potentiometry is used in the determination of various physicochemical
quantities and for quantitative analysis based on measurements of the EMF
of galvanic cells. By means of the potentiometric method it is possible to
determine activity coefficients, pH values, dissociation constants and solubility products, the standard affinities of chemical reactions, in simple cases
transport numbers, etc. In analytical chemistry, potentiometry is used for
titrations or for direct determination of ion activities.
3.3.1 The principle of measurement of the EMF
The EMF of a galvanic cell is a thermodynamic equilibrium quatity. Thus,
the potential of a cell must be measured under equilibrium conditions, i.e.
without current flow. The measured EMF must be compensated by a known
external potential difference. The measurement of the EMF of a cell is thus
based on determination of a potential difference that exactly compensates
the measured potential difference so that no current passes. This is easily
achieved by the Poggendorf compensation method (see Fig. 3.13).
At present, potentiometry is performed primarily using electronic instruments with solid-state elements. The EMF can be measured by compensation measurement using a transistor voltmeter, i.e. according to the scheme
in Fig. 3.13, where the galvanometer is replaced by an amplifier and meter.
A second possibility is to measure the tiny current passed on connecting
the cell with a large external resistance. Typical instruments of this kind
consist of three parts. The first part is the input circuit, acting as an
impedance transducer. Mostly MOSFET elements or capacity diodes are
used here. The second part contains a power amplifier, permitting the use of
a meter with large energy consumption. Depending on whether the EMF
measured by using an a.c. amplifier is modulated in the input circuit (by a
d.c. amplifier), an electronic demodulation circuit must be connected in the
second part to rectify the amplified alternating voltage. The third part is
the indicator with a digital display.
If a cell is to be used as a potential standard, then it must be prepared
as simply as possible from chemicals readily available in the required purity
and, in the absence of current passage, it must have a known, defined,
constant EMF that is practically independent of temperature. In this case
the efficiency, power, etc., required for cells used as electrochemical power
sources is of no importance. The electrodes of the standard cell must not be
polarizable by the currents passing through them when the measuring circuit
is not exactly compensated.
The mostly used Weston cell consists of mercurous sulphate and cadmium
amalgam electrodes:
Hg | Hg2SO4(s) | 3CdSO4.8H2O(sat.) | Cd,Hg(12.5 weight % Cd)

(3.3.1)
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Fig. 3.13 Poggendorfs compensation circuit.
A uniform resistance wire is connected at its
ends (points a and b) to a stable voltage source
(e.g. a storage battery). A part of this voltage
between one end of the potentiometric wire
and the sliding contact c is fed into the other
circuit containing the measured source of
voltage Ex, the null instrument G and the key.
If no current flows through G the electrical
potential difference compensates the EMF, Ex.
The voltage fed to the potentiometric wire is
calibrated by means of a standard cell, usually
Weston cell, Es by means of the same compensation procedure

3.3.2 Measurement of pH
The potentiometric measurement of physicochemical quantities such as
dissociation constants, activity coefficients and thus also pH is accompanied
by a basic problem, leading to complications that can be solved only if
certain assumptions are accepted. Potentiometric measurements in cells
without liquid junctions lead to mean activity or mean activity coefficient
values (of an electrolyte), rather than the individual ionic values.
The EMF of the cell
Ag | AgCl(s) | buffer,KCl(m) | H2,Pt

(3.3.2)

suitable for pH measurements is given by an expression containing the
mean activity
log aH3O+ = 0A343F/RT(E +

- log (mcrycl-)

(3.3.3)

The pH value obtained in this way is accompanied by an error resulting
from the approximation used for the calculation of y c r . Although this error
may be small in dilute solutions, the pH values obtained in this manner are
not exactly equal to the values corresponding to the absolute definition of
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the pH in Eq. (1.4.39). The pH values given by this absolute definition
cannot, in principle, be exactly measured.
For current practice, the described method of pH measurement is too
tedious. Moreover, not hydrogen but glass electrodes are used for routine
pH measurements (see Section 6.3). Then the expression for the EMF of
the cell consisting of the glass and reference electrodes contains a constant
term from Eq. (6.3.10), in addition to the terms present in Eq. (3.3.3); this
term must be obtained by calibration. Further, a term describing the liquid
junction potential between the reference electrode and the measured
solution must also be included.
In view of these difficulties an operational definition of pH has been
introduced (cf. Section 1.4.6). This definition is based on the concept that
the pH is measured with a hydrogen electrode, combined to the measuring
galvanic cell with a suitable reference electrode. The reference electrode
solution is connected with the solution of the hydrogen electrode through a
salt bridge with KC1 of at least 3.5 mol • kg"1 concentration. The hydrogen
electrode is immersed first into the test solution X with pH(X) and the EMF
E(X) is measured, and then into a standard solution S of pH(S),
corresponding to potential E(S). It is assumed that the dependence of E on
the pH is linear with the Nernst slope, 2.303RT/F. Under these conditions,
(3.3.4)

Now the origin of the scale must be defined, i.e. a pH value must be
selected for a standard (as close as possible to the value expected on the basis
of definition 1.4.46). A solution of potassium hydrogen phthalate with a
molality of 0.05 mol-kg" 1 has been selected as the reference value pH
standard (RVS).
The pH of the saturated solution of potassium hydrogen phthalate
containing chloride molarity m cl - is given by the equation
p H = -0.4343F(£ + £Ag/AgC1) + log [m c l -y c r ]
(3.3.5)
where E is the EMF of the cell (3.3.2). The first two terms on the right-hand
side can be measured. If the pH of the cell (3.3.2) is determined for various
values of m c r and if the sum of these two terms if plotted vs m cl -, a nearly
linear dependence is obtained which may easily be extrapolated to zero
concentration of chloride ions. For the pH(RVS), the pH of the standard
phthalate solution alone, we have then
pH(RVS) = - lim [0.4343F(E + E Ag/AgC1 )/ J Rr-logm C i-]+ lim log yc, .
mci~—*0

m cl —>0

(3.3.6)
The value of lim log y cl - may not be put equal to zero, as the overall ionic
strength of the solution is not equal to zero, but it may be calculated using
the Bates-Guggenheim equation (1.3.35). The values of pH(RVS) obtained
in this way are listed in Table 3.7.
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Table 3.7 Values of pH(RVS) for the reference value
standard of 0.05 mol • kg"1 potassium hydrogen phthalate at
various temperatures

°c

pH(RVS)

°C

pH(RVS)

°C

pH(RVS)

0
5
10
15
20
25
30

4.000
3.998
3.997
3.998
4.001
4.005
4.011

35
37
40
45
50
55
60

4.018
4.022
4.027
4.038
4.050
4.064
4.080

65
70
75
80
85
90
95

4.097
4.116
4.137
4.159
4.183
4.210
4.240

For practical measurements, six further solutions were measured as
primary standards and fifteen additional solutions as operational standards
(the difference between these two types of standards lies in the presence or
absence of a liquid junction; they need not be distinguished for routine
measurements).
In practice, the pH is mostly measured with a glass electrode (see
Section 6.3), connected with a calomel electrode (see Section 3.2.2). The
measuring system is calibrated by using a single standard S, with a pH(S)
value lying as close as possible to the pH(X) value. The pH(X) value is then
calculated from £(S), E(X) and pH(S) by Eq. (3.3.4). It is preferable to use
two standards Si and S2, selected so that p H ^ ) is smaller and pH(S2) larger
than pH(X) (both the pH(S) values should be as close to pH(X) as
possible). The value of pH(X) is then calculated from the usual formula for
linear interpolation:
E(S2)-E(Sl)

(3.3.7)

Analogously to water, standards are measured for a mixture of methanol
and water (50 per cent by weight) as well as for heavy water, pD =
-loga(D 3 O + ).
An operational approach to the determination of the acidity of solutions
in deuterium oxide (heavy water) was suggested by Glasoe and Long. This
quantity, pD, is determined in a cell consisting of an aqueous (H2O) glass
electrode and a saturated aqueous calomel reference electrode on the basis
of the equation
= pHpHmeter reading

0.4

(3.3.8)

where the subscript pHmeter reading denotes the pH value indicated on the
conventional pHmeter.
Determination of the pH in non-aqueous solvents is discussed in Section
3.2.7.
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3.3.3 Measurement of activity coefficients
Mean activity coefficients can be measured potentiometrically, mostly in a
concentration cell with or without transfer. Consider, for example, the cell
(with a non-aqueous electrolyte solution)
Ag | AgCl(s) | KCl( mi ) | K,Hg | KCl(m2) | AgCl(s) | Ag
On passing a positive charge from the left to the right in the graphical
scheme of this cell, silver is oxidized to form silver chloride; potassium
passes through the amalgam into the other solution. Here, silver chloride is
reduced to metallic silver and chloride ions. The overall reaction is the
transfer of KC1 from a region of higher concentration to a region of lower
concentration, so that the EMF of the cell is given by the equation
^
F

a

- ^
a

(3.3.9)

±,2

where a2± = aK+acr is the mean activity of KC1. On rearrangement we
obtain
2RT
2RT
——\na±l=——\na±2
r
r
J T2T

+E
OUT

= —— In ra2 +
In y ± 2 + E
(3.3.10)
F
F
The concentration of solution 1 is kept constant while E is measured for
different concentrations of solution 2. The expression (2RT/F) In m2 + E is
plotted against ra2. The value of the ordinate at point ra2 = 0 yields the
term (2RT/F) lna ±>1 as In y ±)2 = 0 at this point. Once the value of a±l is
known, then Eq. (3.3.10) and the measured E values can be used to
calculate the actual mean activity of the electrolyte at an arbitrary
concentration.
3.3.4 Measurement of dissociation constants
The dissociation constants of acids and bases are determined either
exactly, by means of a suitable cell without liquid junction and without
measuring the pH directly, or approximately on the basis of a pH
measurement in a cell with liquid junction, the potential of which is reduced
to a minimum with the help of a salt bridge. In the former case we shall use,
for example, the cell
Pt,H2(/?H2 = 1) I HA(m1),NaA(m2),NaCl(m3) | AgCl(s) | Ag
whose EMF is given by the expression (where H 3 O + is replaced by H + for
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simplicity)
RT

1

,

(3.3.11)

- — in (aH+acr)

The dissociation constant, KA, of the acid HA is given by the equation
„ 7H + 7A7HA

(3.3.12)

7HA

where the apparent dissociation constant KA can be found, for example,
conductometrically. It holds for the individual concentrations that
mC\- —

= mx — (m H + —
- mOH- =

so that
m2
(3.3.13)
4- Kv//mH+
m1If the activity aH+ is substituted from Eq. (3.3.11) into Eq. (3.3.10) then
rearrangement yields
:A (3.3.14)
2.303RT
yAm
The concentration in the second term on the left-hand side of this equation
is expressed in terms of the known analytical concentrations, mly m2 and
m3, and of the concentration m H + , calculated from the apparent dissociation

-4.755

"--4.760-

.1
-4.765

0.05

Fig. 3.14 An extrapolation graph for determination of the thermodynamic dissociation constant of acetic acid using Eq. (3.3.14)
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constant using Eq. (3.3.13). A series of measurements of E is carried out for
a single mxlm2 ratio and varying sodium chloride concentrations ra3. Then
the expression on the left-hand side of Eq. (3.3.14) is plotted against V7 and
the dependence is extrapolated to /—»0. The intercept on the ordinate axis
yields the value of — log KA (see Fig. 3.14). However, the value of E°AgCl/Ag
must be the same as that employed for standard pH measurements.
References
Bates, R. G., Determination of pH. Theory, Practice. John Wiley & Sons, New

York, 1973.
Covington, A. K., R. G. Bates and R. A. Durst, Definition of pH scales, standard
reference values, measurement of pH and related terminology, Pure AppL Chern.,
57, 531 (1985).
Glasoe, P. K., and F. A. Long, Use of glass electrode to measure acidities in
deuterium oxide, /. Phys. Chem., 64, 188 (1960).
Harned, H. S., and B. B. Owen, The Physical Chemistry of Electrolytic Solutions,

Reinhold, New York, 1950.
Robinson, R. A., and R. H. Stokes, Electrolyte Solutions, Butterworths, London,
1959.
Serjeant, E. P., Potentiometry and Potentiometric Titrations, John Wiley & Sons,
New York, 1984.
Wawzonek, S., see page 190.

Chapter 4
The Electrical Double Layer
Metal-solution interfaces lend themselves to the exact study of the double layer
better than other types because of the possibility of varying the potential difference
between the phases without varying the composition of the solution. This is done
through the use of a reference electrode and a potentiometer which fixes the
potential difference in question. In favourable cases there is a range of potentials for
which a current does not flow across the interface in a system of this kind, the
interface being similar to a condenser of large specific capacity. The capacity of this
condenser gives a fairly direct measure of the electronic charge on the metallic
surface, and this, in turn, leads to other information about the double layer. No such
convenient and informative procedure is possible with other types of interfaces.
D. C. Grahame, 1947

4.1

General Properties

In the interphase the cohesion forces binding the individual particles
together in the bulk of each condensed phase are significantly reduced.
Particles that had a certain number of nearest neighbours in the bulk of the
phase have a smaller number of such neighbours at the interface. However,
particles from the other phase can also become new neighbours. This
change in the equilibrium of forces affecting particles at the interface can
lead to a new lateral force, termed the interfacial tension. In addition, the
interphase usually has different electrical properties than the bulk phase.
The situation becomes relatively simple when the phase is electrically
charged. The free charge is then centred in the interphase. Orientation of
dipoles in the interphase can also lead to a change in the electrical
properties. Further charges can enter the interphase through adsorption of
ions and/or dipoles. Excess charge in the interphase resulting from the
presence of ions, electrons and dipoles produces an electric field. The region
in which these charges are present is termed the electrical double layer.
The presence of electrical charge affects the interfacial tension in the
interphase. If one of the phases considered is a metal and the other is an
electrolyte solution, then the phenomena accompanying a change in the
interfacial tension are included under the term of electrocapillarity.
While the formation of an electrical double layer at interfaces is a general
phenomenon, the electrode-electrolyte solution interface will be considered
198
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first. If the electrode has a charge of <2(m), then this charge is distributed
uniformly over the interface with the solution. If part of the electrode is not
immersed in the solution and is in contact with the air, then the portion of
the charge corresponding to the surface in contact with the air is negligible,
as this interface has minute capacitance. The great majority of the charge is
located at the metal-solution interface.
Excess charge in the metal <2(m) must be compensated in the solution by
a charge of the same magnitude but of opposite sign. This charge is
attracted from the solution by electrostatic forces. The general relationship
e(m) + G(s) = 0

(4.1.1)

is then valid, where Q(m) is the charge corresponding to the surface area A
of the interface on the electrode side and Q(s) is the charge in that part of
the double layer in the solution.
According to the oldest hypothesis, put forward by H. L. F. Helmholtz,
the electrical double layer has the character of a plate condenser, whose
plates are represented by homogeneously distributed charge in the metal
and ions of the opposite charge lying in a parallel plane in the solution at a
minimal distance from the surface of the metal. According to modern
conceptions, the electron cloud in the metal extends to a certain degree into
the region of the layer of solvent molecules in the immediate vicinity of the
metal surface. In this layer, the dipoles of the solvent molecules are
oriented to various degrees towards the metal surface. Ions can gather in
the solution portion of the interphase as a result of the electrostatic field of
the electrode ('electrostatic adsorption'). They can also, however, be
adsorbed specifically on the electrode through van der Waals, hydrophobic
and chemical forces.
If they are less polar than the solvent molecules, uncharged molecules
from the solution can also be adsorbed and replace solvent molecules that
were originally in direct contact with the electrode.
In the electrode-solution interphase, the adsorption of these substances is
also affected by the influence of the electric field in the double layer on their
dipoles. Substances that collect in the interphase as a result of forces other
than electrostatic are termed surface-active substances or surfactants.
In the simple case of electrostatic attraction alone, electrolyte ions can
approach to a distance given by their primary solvation sheaths, where a
monomolecular solvent layer remains between the electrode and the
solvated ions. The plane through the centres of the ions at maximum
approach under the influence of electrostatic forces is called the outer
Helmholtz plane and the solution region between the outer Helmholtz plane
and the electrode surface is called the Helmholtz or compact layer.
Quantities related to the outer Helmholtz plane are mostly denoted by
symbols with the subscript 2.
However, electrostatic forces cannot retain ions at a minimal distance
from the electrode, as thermal motion continually disperses ions to a greater

200
distance from the phase boundary. In this way the Gouy or diffuse layer is
formed, i.e. the region between the outer Helmholtz plane and the bulk of
the solution. When only electrostatic forces act on the ions, the entire
charge is concentrated in this diffuse layer (see Fig. 4.1).
The charge accumulated by specific adsorption is partly compensated by a
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Fig. 4.1 Structure of the electric double layer and electric potential distribution
at (A) a metal-electrolyte solution interface, (B) a semiconductor-electrolyte
solution interface and (C) an interface of two immiscible electrolyte solutions
(ITIES) in the absence of specific adsorption. The region between the electrode
and the outer Helmholtz plane (OHP, at the distance x2 from the electrode)
contains a layer of oriented solvent molecules while in the Verwey and Niessen
model of ITIES (C) this layer is absent
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change in the charge in the diffuse layer. A plane through the centres of the
adsorbed ions is termed the inner Helmholtz plane (and quantities connected with this plane are denoted by the subscript 1).
In order to be able to derive the basic relationships between quantities
characterizing the electrical double layer, the concept of an ideal polarized
electrode must be introduced. Reversible electrodes, considered in Chapter
3, are characterized by a potential that, at equilibrium at a given
temperature and pressure, is unambiguously determined by the composition of the solution and electrodes, i.e. by the appropriate activities. If a
charge is passed through an ideal reversible electrode, processes occur that
immediately restore the original equilibrium; in this sense, such an electrode
is an ideal non-polarizable electrode. In contrast, an ideal polarized
electrode can assume an arbitrary potential difference versus a reference
electrode by the application of an external voltage source and maintain this
potential difference even after the voltage source is disconnected. Similarly
to the EMF of a reversible galvanic cell, this potential is an equilibrium
quantity, as will be demonstrated in Section 4.2. In contrast to a galvanic
cell, the potential of an ideal polarized electrode can be arbitrarily changed
through a change in its charge without disturbing the electrode from the
equilibrium state. Thus this electrode has one degree of freedom more than
a non-polarizable electrode whose potential is determined by the composition of the solution. An ideal polarized electrode is equivalent to a perfect
condenser without leakage.
The difference between an ideal polarized and ideal non-polarizable
electrode is best demonstrated in terms of the original Lippmann definition.
The surface charge density of an ideal polarized electrode o(m) is equal to
the charge, Qy that must be supplied to the electrode from a voltage source
so that its original potential against a reference electrode is maintained
during a reversible increase in its surface area by one area unit. Charge
a(m) is, of course, a function of the potential of the ideal polarized
electrode and can even equal zero. For an ideal non-polarizable electrode,
no charge need be supplied from an external source during a reversible
increase in its surface area. Clearly, an electrode whose potential is
determined by the given ions or oxidation-reduction system in solution has
the properties of a condenser (with leakage), as an electrical double layer
with a certain capacity is formed at its surface. Nonetheless, for a very slow
increase in the surface of an ideal non-polarizable electrode, the half-cell
reaction! is a sufficient source of charge for loading the electrical double
layer. The supply of charge from an external source is then unnecessary for
maintenance of a constant electrode potential.
Real electrodes, at which at least one electrode reaction occurs or can
occur with finite velocity (see Chapter 5), exhibit behaviour between that of
fThis term is used deliberately, rather than 'electrode reaction' (Chapter 5), as a thermodynamically reversible process is involved.
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ideal polarized and ideal non-polarizable electrodes, especially during
current passage.
Another definition of an ideal polarized electrode is based on the
practical form of this electrode. At an ideal polarized electrode either no
exchange of charged particles takes place between the electrode and the
solution or—if thermodynamically feasible—exchange occurs very slowly as
a result of the large activation energy.
Grahame gives the mercury electrode in a 1 M KC1 solution as a suitable
example of a nearly ideal polarized electrode. At a potential of —0.556 V
(versus the normal calomel electrode) the following reactions can occur:
2Hg^Hg 2 2 + + 2e, K+ + Hg + e*±K,Hg and 2Cr«±Cl 2 + 2e. However,
the concentration of mercury (I) ions in solution is equal to 10~36 mol • dm"3,
that of potassium in the amalgam equals to 10~45 mol • dm"3 and the partial
pressure of chlorine is 10"57Pa. Clearly, such minute quantities will not
measurably influence the electrode potential. A further possible reaction,
2H2O + 2e«±H2 + 2OH~, corresponding to a relatively large partial pressure of hydrogen of 1.6 Pa, practically does not occur at the given potential
because of the high overpotential of hydrogen. Thus, this electrode fulfils
almost perfectly the condition that no transfer of charged particles occurs
between the electrode and the solution.
Under real conditions it is very difficult to fulfil the condition of constant
electrode charge after disconnecting the external source. For example, a
negatively charged electrode is discharged by the reduction of traces of
impurities such as metal ions or oxygen.
Electrical double layers are also characteristic of the semiconductorelectrolyte solution, solid electrolyte or insulator-electrolyte solution interface and for the interface between two immiscible electrolyte solutions
(ITIES) (Section 4.5).
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4.2

Electrocapillarity

The interfacial tension at an interface is a force acting on a unit length of
the interface against an increase in the interface area. The region around
the interface in which interfacial tension is produced is very narrow.
Tolman, Kirkwood and Buff state that this distance is only about 0.10.3 nm for the liquid-vapour interface, corresponding to a monolayer at the
surface of the liquid, still affecting the next nearest layer. In order to derive
a relationship that would qualitatively characterize the formation of
interfacial tension at the interface between two homogeneous singlecomponent phases, the following cycle will be considered. First a free
surface area of A is formed in each of phases a and /?. These surfaces are
then brought into contact, forming the interphase s. The work required to
separate these two phases and to return the system to the original state is
— yA, where y is the interfacial tension. Thus,
yA = AG(or) + AG(j8) - AG(s)

(4.2.1)

where AG(ar) and AG(/J) are the Gibbs energies required for reversible
separation (i.e. the formation of two free surfaces A) of the phases a and jS
both divided by two. AG(s) is the Gibbs energy required for interrupting
the contact between phases a and jS. The AGs are given by the equations

AG(j8) = (-K03) - n.08)] ^
AG(s) = [ec(s) + ev(s)]N(sM

+ et(fi)
(4.2.2)

where no(a) and no((i) are the numbers of nearest neighbours that the
particle has in the bulk of phases a and jS, respectively, ns(a) and ns(fi) are
the numbers of nearest neighbours from phase a or /? that the particle has at
the interface, ec(a) and ec(/J) are the bond energies between this particle
and its nearest neighbour, £r's are the energies required for rearrangement
of the particle in the interphase in order to be able to form a bond to a
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particle in the neighbouring phase, ew(a), ev(j8), and £v(s) are the changes
in the thermal vibrational energies of the particle at the interface as a result
of formation of the free surface and contact between the phases, N(a) and
N(p) are the numbers of particles per unit surface area for the free surface
of phases a and /3, £c(s) is the bond energy between the particles of phases
a and jS in the interphase and N(s) is the number of such bonds per unit
surface area at the interphase. If we assume that N(a) = N((3) = N(s)9 that
species at the surface have only one free bond (n0-ns=l)
and that ec» er,
£v, then
(s)

(4.2.3)

This expression can be roughly interpreted as the difference between the
Gibbs energy of adhesion of the two phases and the sum of the Gibbs
energies of cohesion for the two phases.
These considerations can also be used to derive the Dupre equation,
where AG(s) is the Gibbs energy of adsorption of the solvent per unit area
of the metal surface:
AG(s) = y m / a + y 1 / a - y

(4.2.4)

where ym/a is the interfacial tension of the metal-air interface, y1/a is the
interfacial tension of the solution-air interface and y is the interfacial
tension of the metal-solution interface.
Now the relationship between the interfacial tension and the composition
of the two phases in contact will be analysed thermodynamically by using
the approach of J. W. Gibbs.
The interphase can be considered as a particular phase s of thickness h.
This phase differs from the homogeneous phases only in that the effect of
pressure is accompanied by the effect of the interfacial tension y. Consider a
rectangle with sides h (perpendicular to the interphase) and / (parallel with
the interphase) located perpendicular to the interphase. The force acting on
the rectangle is not equal to the product phi (as for an area in the bulk of
the solution) but phi — yl. If the volume of the interphase V(s) is increased
by dV(s) by increasing the thickness of the interphase by dh, then area
A = V(s)/h increases by cL4. The overall work, Wy connected with this
process consists of volume work accompanying the increase in the thickness
of the interphase and volume and surface work connected with an increase
of the surface area:
W(s) = -pA dh + {-ph + y) cL4 = -p dV(s) + y dA

(4.2.5)

Because of this formation, a different definition of the enthalpy must be
introduced for the interphase, differing from the usual expression for a
homogeneous phase:
H(s) = U(s) + pV(s) - yA

(4.2.6)
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where U(s) is the internal energy of the interphase. For the differential
Gibbs energy of the interphase we have
dG(s) = d[//(s) - TS(s)]
= dU(s) + p dV(s) - V(s) dp - y dA - A dy
- T dS(s) - 5(s) dT + 2 ft d^i(s)
(4-2.7)
/=o
where nf-(s) is the amount of the ith component of the system in phase s and
n is the total number of components. As
dU(s) + p dV(s) -ydA-T

dS(s) = 0

(4.2.8)

it follows that
dG(s) = ~S(s) dT + V(s) dp - A dy + J) pg dnt(s)

(4.2.9)

/=0

The appropriate Gibbs-Duhem equation has the form
n

-5(s) dT + V(s) dp - A dy - 2 n,-(s) d^ = 0

(4.2.10)

i=0

Introduction of the surface concentrations of the components,
T*=^

(4.2.11)

yields together with the relation V(s)/A = h
dy = - ^

dT + h dp - 2 r ; dju,

(4.2.12)

This relationship is termed the Gibbs adsorption equation.
It is often useful (e.g. for dilute solutions) to express the adsorption of
components with respect to a predominant component, e.g. the solvent.
The component that prevails over m components is designated by the
subscript 0 and the case of constant temperature and pressure is considered.
In the bulk of the solution, the Gibbs-Duhem equation, £, nt d/if = 0, is
valid, so that
-dju0=E-diu/

(4.2.13)

;=i ^0

The sum in Eq. (4.2.12) can be modified using the relationship

i=0

1=1

(4.2.14)

o

n0

/
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The surface excess of component / over component 0 is designated as F,:
F, = F * - — F£

(4.2.15)

and the Gibbs adsorption equation assumes the form
n

dy = - ^ r , d/i,

(4.2.16)

In very dilute solutions, where n0 » niy F, ~ F*.
When the adsorbed components are electrically charged, then the partial
molar Gibbs energy of the charged component depends on the charge of the
given phase, and thus the chemical potentials in the above relationships
must be replaced by the electrochemical potentials. The Gibbs adsorption
isotherm then has the form
n

d y = - 2 rfdft

(4.2.17)

The interfacial tension always depends on the potential of the ideal
polarized electrode. In order to derive this dependence, consider a cell
consisting of an ideal polarized electrode of metal M and a reference
non-polarizable electrode of the second kind of the same metal covered with
a sparingly soluble salt MA. Anion A~ is a component of the electrolyte in
the cell. The quantities related to the first electrode will be denoted as m,
the quantities related to the reference electrode as m' and to the solution as
1. For equilibrium between the electrons and ions M + in the metal phase,
Eq. (4.2.17) can be written in the form (s = n — 2)
dy = - F e d|Ue(m) - FM+ d ^ ^ m )
s

s

- 2 rf- djU/O) - F 2 I>, d<£(l)
i=i

(4.2.18)

1=1

The overall potential difference E and the potential of the reference
electrode E(mf) are given by the equations
E = - — [jMe(m) - /ie(ni')] = EP ~ E(m')
(4.2.19)

£(m') = E°(m') - ^r l n *A-(1) = £°(m') - \r foA-(0 " PA 0)]
where Ep is the electrode potential of the ideal polarized electrode on the
hydrogen scale (this is a generalization of the electrode potential; see
Section 3.1.5).
The surface charge densities a(m) for the metal phase and a(l) for the
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solution phase are expressed by the relationships
a(m) = (r M+ - Te)F
*
aQ) = -a(m) = Fjlzlrl

(4.2.20)

1= 1

jUM+(m)

It holds in the metal phase that jUM(m) =
4- jUe(m) and in the salt
phase MA (denoted r) that //MAO) = /WO) + £ A -(r). As fiM(m) and / / M A W
are constants and because at equilibrium jUA-(r) = /iA-(l), jUM+(r) = MM+(m')>
it follows that
d£M+(m) + dAc(m) = 0
d£M+(m') + d/iA-(l) = < W 0 )

F d0(l)

dA(m') = 0

l

' '

'

Combination of Eqs (4.2.20) and (4.2.21) with Eq. (4.2.18) yields
dy = ^

[d£c(m) - d£c(m') + djiA-(l)] - t r, d^-(l)

(4.2.22)

/=i

r

It can further be seen from Eq. (4.2.19) that [djfte(m) - djfte(m')]/F =
-dEp + dE(m') and also that d£(m') = -djuA (1)/F. The dependence of the
interfacial tension on the electrode potential is then given by the GibbsLippmann equation,
dy = -a(m) d£ p - £ T, d,u,(l)

(4.2.23)

i= l

The dependence of the interfacial tension on the potential is termed the
electrocapillary curve. It is convex to the axis of potential and often
reminiscent of a parabola (see Fig. 4.2).
The first differential of this curve yields the surface charge density
a(m) = -a(l):
=a(m)

-\HF)

(4 2 24)

- -

p, T,u

The second differential of the electrocapillary curve yields the differential
capacity of the electrode, C:
(

_C

(4225)

This quantity is, in general, a function of the electrode potential.
An important point on the electrocapillary curve is its maximum. It
follows from Eq. (4.2.24) that a(m) = a(\) = 0 at the potential of the
electrocapillary maximum.
This potential is termed the zero-charge potential and is denoted as Epzc.
In earlier usage, this potential was also called the potential of the
electrocapillary zero; this designation is not suitable, as Epzc is connected
with the zero charge a(m) rather than the zero potential.
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Fig. 4.2 Electrocapillary curves of 0.1 M aqueous solutions of KF, KC1, KBr,
KI and K2SO4 obtained by means of the drop-time method (page 233). The
slight deviation of the right-hand branch of the SO42" curve is caused by a
higher charge number of sulphate. (By courtesy of L. Novotny)

Further, the concept of the integral capacity K will be introduced:
Ep — Epzc JEi

F —F
p

P

CdE

(4.2.26)

ZC

The differential capacity is given by the slope of the tangent to the curve of
the dependence of the electrode charge on the potential, while the integral
capacity at a certain point on this dependence is given by the slope of the
radius vector of this point drawn from the point Ep = Epzc.
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The zero-charge potential is determined by a number of methods (see
Section 4.4). A general procedure is the determination of the differential
capacity minimum which, at low electrolyte concentration, coincides with
Epzc (Section 4.3.1). With liquid metals (Hg, Ga, amalgams, metals in
melts) Epzc is directly found from the electrocapillary curve.
As a material function, the zero-charge potential of various metals (and
even of different crystallographic faces of the same metal) extends over a
wide range of values (Table 4.1). How it is related to other material
functions like the electron work function 4>e has not yet been elucidated.
However, S. Trasatti found two empirical equations, one for sp metals with
the exception of Ga and Zn (i.e. for Sb, Hg, Sn, Bi, In, Pb, Cd, Ti),
£pzc(H2O) = 4>e/F - 4.69 V versus SHE, and the other one for the transition metals (Ti, Ta, Nb, Co, Ni, Fe, Pd), Epzc = 3>e/F - 5.01 V versus SHE.
For solutions of simple electrolytes, the surface excess of ions can be
determined by measuring the interfacial tension. Consider the valencesymmetrical electrolyte BA (z+ = —Z- = z). The Gibbs-Lippmann equation
then has the form
- d y = a(m) AE + F A d,uA (1) + I V <W(1)

(4.2.27)

while
a(l) = zF(IV " TA ) = a(m)
(4.2.28)
Substitution of this equation into Eq. (4.2.27) and incorporation of the
relationship djuB+(l) + djUA-(l) = RT d In (aB+aA-) = RT d In a\ yields

-dy = a(m)[d£p + jdfiA (1)] + r B
(4.2.29)
where EA is the potential of an ideal polarized electrode related to the
potential of a reference electrode reversible to anions A", EA = Ep — E^A/A
+ (RT/F) In aA-. For the surface excess FB+ we have
< 4

"

0 )

In this manner, the surface excess of ions can be found from the
experimental values of the interfacial tension determined for a number of
electrolyte concentrations. These measurements require high precision and
are often experimentally difficult. Thus, it is preferable to determine the
surface excess from the dependence of the differential capacity on the
concentration. By differentiating Eq. (4.2.30) with respect to EA and using
Eqs (4.2.24) and (4.2.25) in turn we obtain the Gibbs-Lippmann equation
1 da(m)
RTd\na2±
1
d2a(m)
RTdEAd\na2±

dFB+
dEA'
1 dC
RTd\na2±

d2FB+
3E

(4.2.31)

Table 4.1 Zero-charge potentials (vs. SCE). (According to A. N. Frumkin)
Electrode

Epzc(y)

PbO2
Au(llO)
Pt(H)
C(act.)
Cu
Sb
Hg

1.60
-0.05
-0.12
-0.17
-0.19
-0.39
-0.435

Fe
Sn
Bi(lll)
Ag(lll)
Ag(100)
Ag(llO)
Pb
Ga
In
Tl
Cd

-0.61
-0.62
-0.66
-0.695
-0.870
-0.975
-0.80
-0.85
-0.89
-0.95
-0.99

Electrolyte
5 mM H 2 SO 4
5 mM N a F

0.025 mMH 2 SO 4
0.5 M Na 2 SO 4 + 5 HIM H 2 SO 4
O.lMNaOH
2 mM KC1O4
All NaF
5 mM H 2 SO 4
1 mM K 2 SO 4
10 mM KF
5 mM KPF 6

5 m M KPF 6
5 mM KPF 6

1 mM NaF
lMNaC10 4 + 0.1 M HC10 4
3 mM N a F
1 mM N a F

1 mM NaF

Method of measurement
Differential capacity minimum
Differential capacity minimum
Electrokinetic potential
Ion adsorption
Contact (wetting) angle
Differential capacity minimum
Electrocapillarity
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum
Electrocapillarity
Differential capacity minimum
Differential capacity minimum
Differential capacity minimum

Data for different Ag faces were taken from A. Hamelin, L. Stoicoviciu, L. Doubova, and S. Trasatti, Surface Science
Letters, 201, L498 (1988).
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Double integration with respect to EA yields the surface excess FB+;
however, the calculation requires that the value of this excess be known,
along with the value of the first differential dTB+/dEA for a definite
potential. This value can be found, for example, by measuring the
interfacial tension, especially at the potential of the electrocapillary maximum. The surface excess is often found for solutions of the alkali metals on
the basis of the assumption that, at potentials sufficiently more negative
than the zero-charge potential, the electrode double layer has a diffuse
character without specific adsorption of any component of the electrolyte.
The theory of diffuse electrical double layer is then used to determine FB+
and dTB+/dEA (see Section 4.3.1).
In practical measurements, the differential capacity values are determined
with respect to a reference electrode connected to the studied electrolyte
through a salt bridge. The measured data are then recalculated for an
anionic reference electrode by adding the value RT/F In a2± to the Ep value.
Figure 4.3 gives an example of the measured values of the surface excess for
an electrolyte that is not adsorbed (KF) and that is adsorbed (KC1). It can
be seen that, at potentials Ep < -0.8 V (vs. NCE), the curves for the surface
excesses for both electrolytes merge, indicating that the two salts behave
identically in this region of electrode potentials (because chloride ions are
no longer adsorbed, the double layer is diffuse).
The quantity dy/d\na2± at the potential of the electrocapillary maximum
is of basic importance. As the surface charge of the electrode is here equal
to zero, the electrostatic effect of the electrode on the ions ceases. Thus, if
no specific ion adsorption occurs, this differential quotient is equal to zero
and no surface excess of ions is formed at the electrode. This is especially
true for ions of the alkali metals and alkaline earths and, of the anions,
fluoride at low concentrations and hydroxide. Sulphate, nitrate and perchlorate ions are very weakly surface active. The remaining ions decrease the
surface tension at the maximum on the electrocapillary curve to a greater or
lesser degree.
In the case of a specific ('superequivalent') adsorption we have

where Fsalt is the surface excess for both components of the electrolyte. One
of them may be specifically adsorbed and the second compensates the
corresponding excess charge by its excess charge of opposite sign in the
diffuse layer.
References
Frumkin, A. N., Potentials of Zero Charge (in Russian), Nauka, Moscow, 1979.
Frumkin, A. N., O. A. Petrii, and B. B. Damaskin, Potential of zero charge, CTE,
1, 221 (1980).
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Fig. 4.3 Surface charge of the mercury electrode a(m) (JUC • cm 2) and
surface charges due to cations (FrB+) and anions ( F r A ) in 0.1 M KCl and
0.1 M KF at 25°C. (According to D. C. Grahame)
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4.3

Structure of the Electrical Double Layer

The thermodynamic theory of electrocapillarity considered above is
simultaneously the thermodynamic theory of the electrical double layer and
yields, in its framework, quantitative data on the double layer. However,
further clarification of the properties of the double layer must be based on a
consideration of its structure.
At present it is impossible to formulate an exact theory of the structure of
the electrical double layer, even in the simple case where no specific
adsorption occurs. This is partly because of the lack of experimental data
(e.g. on the permittivity in electric fields of up to 109 V • m"1) and partly
because even the largest computers are incapable of carrying out such a
task. The analysis of a system where an electrically charged metal in which
the positions of the ions in the lattice are known (the situation is more
complicated with liquid metals) is in contact with an electrolyte solution
should include the effect of the electrical field on the permittivity of the
solvent, its structure and electrolyte ion concentrations in the vicinity of the
interface, and, at the same time, the effect of varying ion concentrations on
the structure and the permittivity of the solvent. Because of the unsolved
difficulties in the solution of this problem, simplifying models must be
employed: the electrical double layer is divided into three regions that
interact only electrostatically, i.e. the electrode itself, the compact layer and
the diffuse layer.
On the basis of this model, the overall differential capacity C for a system
without specific adsorption, i.e. if the compact layer does not contain ions,
is divided into two capacities in series, one corresponding to the compact
layer Cc and the other to the diffuse layer Cd:

It is assumed that the quantity Cc is not a function of the electrolyte
concentration c, and changes only with the charge a, while Cd depends both
on a and on c, according to the diffuse layer theory (see below). The
validity of this relationship is a necessary condition for the case where the
adsorption of ions in the double layer is purely electrostatic in nature.
Experiments have demonstrated that the concept of the electrical double
layer without specific adsorption is applicable to a very limited number of
systems. Specific adsorption apparently does not occur in LiF, NaF and KF
solutions (except at high concentrations, where anomalous phenomena
occur). At potentials that are appropriately more negative than Epzc, where
adsorption of anions is absent, no specific adsorption occurs for the salts of
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Li + , Na + and K+ and the ions of some alkaline earths (cf. Fig. 4.3).
4.3.1

Diffuse electrical layer

The diffuse layer is formed, as mentioned above, through the interaction
of the electrostatic field produced by the charge of the electrode, or, for
specific adsorption, by the charge of the ions in the compact layer. In
rigorous formulation of the problem, the theory of the diffuse layer should
consider:
(a) The individual ion dimensions
(b) The effect of the electric field in the diffuse layer on the dielectric
properties of the solvent
(c) The effect of the ions on the dielectric properties of the solvent
A rigorous solution of this problem was attempted, for example, in the
'hard sphere approximation' by D. Henderson, L. Blum, and others. Here
the discussion will be limited to the classical Gouy-Chapman theory,
describing conditions between the bulk of the solution and the outer
Helmholtz plane and considering the ions as point charges and the solvent
as a structureless dielectric of permittivity e. The inner electrical potential
0(1) of the bulk of the solution will be taken as zero and the potential in the
outer Helmholtz plane will be denoted as 0 2 - The space charge in the
diffuse layer is given by the Poisson equation
divD=-/9

(4.3.2)

where D is the electrical displacement given by the product of the
permittivity of the solution and of the electric field grad 0. If e is not a
function of the coordinates and a linear problem is involved (i.e. if in the
diffuse layer the potential 0, charge density p and ion concentrations c, are
functions only of the coordinate x perpendicular to the outer Helmholtz
plane), then Eq. (4.3.2) becomes
d2d>
p
div grad 0 = —*f = - ax
e

(4.3.3)

The space charge density is given by the sum of the charges of all the ions
present:
P = i(d)<t>ZiF

(4.3.4)

where (c,)^ denotes concentration at potential 0. At equilibrium, the
electrochemical potential of any ion in any point of the solution is constant,
(jU/)^ = (jU/)^=0- K, to a first approximation, the activities are replaced by
concentrations, then

**? + RT In (c,)*=o = tf + RT In (c,)* + ztF(t>
o exp

(~^RT)

(4 3 5)

' -
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Substitution for (c,)^ from Eq. (4.3.5) into Eq. (4.3.4) and then for p in
Eq. (4.3.3) yields the Poisson-Boltzmann differential equation

Z
dx

e

"<P

4P\

=IJ

(4-3-6)

with the boundary conditions d0/d* = 0, (p = 0 for x—>o°. This differential
equation can be readily solved after multiplying both sides by d0/dx\
Integration from x to infinity then gives (the concentration in the bulk of the
solution being denoted as ct rather than (c^^o)

while from the outer Helmholtz plane x = x2 to infinity

The Gauss theorem
(—)

=—

(4.3.8)

allows calculation of the charge ad in a column with unit cross-section in the
diffuse layer:
(4.3.9)
If this equation is employed for a solution of a single valence-symmetrical
electrolyte {z+ = z_ = z)> then

(4.3.10)
ad = -V8£K7csinh ( ^ )

(4.3.11)

Thus, for water and a temperature of 25°C, after substitution for the
constants, when concentrations are expressed in moles per cubic decimetre,
it follows that ad = 11.72c"2 sinh (19.46z02), [iC • cm"2. The quantity a d
expresses the total charge per square centimetre in the diffuse layer. If no
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specific adsorption occurs, i.e. if no ions are present within the compact part
of the double layer, then ad = a(l) = — a(m).
For small (f)2«RT/F, in Eq. (4.3.11) all the terms in the infinite series
for the hyperbolic sine except the first can be neglected, so that
(4.3.12)
where Lu = {eRTl2c)ml2F is the Debye length (see Eq. 1.3.17). Under
these conditions, the diffuse layer acts as a plate capacitor with charge ad
and thickness LD.
The differential capacity of the diffuse layer is defined by the relationship
C d = — dajd(t>2. According to this definition we obtain, from Eq. (4.3.11),
(4.3.13)
The total differential capacity can be either measured directly (see Section
4.4) or calculated from Eq. (4.2.25). Because d[0(m) - 0(1)] = d£ p , the
differential capacity of the diffuse layer Cd can be calculated from Eq.
(4.3.13), with substitution of the potential </)2 from Eq. (4.3.11). As for zero
specific adsorption qd = —q(m), the potential <f>2 is given by the relationship
" -

2RT
A
sinrT1 '
zF

o(m)
v
'

RT
<4-3-i4>
Figure 4.4 depicts the dependence of (f)2 on E - Epzc (the 'rational
potential') for various electrolyte concentrations.
The charge density on the electrode a(m) is mostly found from Eq.
(4.2.24) or (4.2.26) or measured directly (see Section 4.4). The differential
capacity of the compact layer Cc can be calculated from Eq. (4.3.1) for
known values of C and Cd. It follows from experiments that the quantity Cc
for surface inactive electrolytes is a function of the potential applied to the
electrode, but is not a function of the concentration of the electrolyte. Thus,
if the value of Cc is known for a single concentration, it can be used to
calculate the total differential capacity C at an arbitrary concentration of
the surface-inactive electrolyte and the calculated values can be compared
with experiment. This comparison is a test of the validity of the diffuse layer
theory. Figure 4.5 provides examples of theoretical and experimental
capacity curves for the non-adsorbing electrolyte NaF. Even at a concentration of 0.916 mol • dm"3, the Cd value is not sufficient to permit us to
set C « Cc.
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Fig. 4.4 The dependence of the potential difference in the
diffuse layer on the difference E — Epzc (the rational potential)
for various concentrations of the surface inactive electrolyte
KF. (According to R. Parsons)

According to Eq. (4.3.13) the differential capacity of the diffuse layer Cd
has a minimum at 4>2 = 0, i-e. at E = Epzc. It follows from Eq. (4.3.1) and
Fig. 4.5 that the differential capacity of the diffuse layer Cd has a significant
effect on the value of the total differential capacity C at low electrolyte
concentrations. Under these conditions, a capacity minimum appears on the
experimentally measured C-E curve at E = Epzc. The value of Epzc can thus
be determined from the minimum of C at low electrolyte concentrations
(millimolar or lower).
This theory of the diffuse layer is satisfactory up to a symmetrical
electrolyte concentration of 0.1mol-dm~ 3 , as the Poisson-Boltzmann
equation is valid only for dilute solutions. Similarly to the theory of strong
electrolytes, the Gouy-Chapman theory of the diffuse layer is more readily
applicable to symmetrical rather than unsymmetrical electrolytes.
4.3.2

Compact electrical layer

The structure of the compact layer depends on whether specific adsorption occurs (ions are present in the compact layer) or not (ions are absent
from the compact layer). In the absence of specific adsorption, the surface
of the electrode is covered by a monomolecular solvent layer. The solvent
molecules are oriented and their dipoles are distorted at higher field
strengths. The permittivity of the solvent in this region is only an
operational quantity, with a value of about 12 at the Epzc in water,

-0.5

-1.0

-1.5

-2.0

Electrode potential^

Fig. 4.5 Dependence of the differential capacity C
(JUF • cm"2) of a mercury electrode in 0.916 M NaF (O) and
in 1 mM NaF (•) on the electrode potential (vs. NCE). The
curves correspond to calculations according to Eqs (4.3.1)
and (4.3.13); curve 1 as Cc, curve 2 as C = (1/CC+ 1/Cd)~\
(According to D. C. Grahame)
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decreasing to as little as 6 at potentials more distant from Epzc (for the
mercury-water interface; these values vary with the electrode metal).
It can be seen from Fig. 4.5 that a maximum (or 'hump') appears at
potentials somewhat more positive than the potential of the electrocapillary
maximum on the differential capacity-potential curve. This capacity maximum can be explained by postulating that, in the corresponding potential
range, the orientation of the water molecules is minimal, i.e. the permittivity is maximal; at more positive potentials, the water dipoles are oriented
so that their negative ends (i.e. the oxygen atoms) are directed towards the
electrode surface while at more negative potentials this orientation is
reversed. The disagreement between the potential of the 'hump' and the
potential of the electrocapillary maximum is apparently a result of weak
chemical interaction between the water molecules and the surface of the
electrode. It should be noted that the dependence of the differential
capacity for some mercury-solvent interfaces is simpler than that for water
(e.g. for methanol or formic acid) and for others is more complicated
(propylene carbonate, dimethylsulphoxide, sulpholane, etc.). In water, the
hump disappears at higher temperatures.
The picture of the compact double layer is further complicated by the fact
that the assumption that the electrons in the metal are present in a constant
concentration which discontinuously decreases to zero at the interface in the
direction towards the solution is too gross a simplification. Indeed,
Kornyshev, Schmickler, and Vorotyntsev have pointed out that it is
necessary to assume that the electron distribution in the metal and its
surroundings can be represented by what is called a 'jellium': the positive
metal ions represent a fixed layer of positive charges, while the electron
plasma spills over the interface into the compact layer, giving rise to a
surface dipole. This surface dipole, together with the dipoles of the solvent
molecules, produces the total capacity value of the compact double layer.
Specific adsorption occurs, i.e. ions enter the compact layer, in a
considerable majority of cases. The most obvious result of specific adsorption is a decrease and shift in the maximum of the electrocapillary curve to
negative values because of adsorption of anions (see Fig. 4.2) and to
positive values for the adsorption of cations. A layer of ions is formed at the
interface only when specific adsorption occurs.
By means of the thermodynamic theory of the double layer and the
theory of the diffuse layer it is possible to determine the charge density ox
corresponding to the adsorbed ions, i.e. ions in the inner Helmholtz plane,
and the potential of the outer Helmholtz plane 0 2 in the presence of specific
adsorption.
The charge density of specifically adsorbed ions (assuming that anions are
adsorbed specifically while cations are present only in the diffuse layer) for a
valence-symmetrical electrolyte (z+ = —z_ = z) is
ax = -zF(TA

- r A -, d ) = - z / T A - f l

(4.3.15)
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where TA d is the surface anion concentration in the diffuse layer.
Depending on its sign, the charge of the specifically adsorbed anions either
increases or decreases the charge of the metal part of the double layer,
<j(m). The resultant charge, given by the sum ox 4- cr(m), affects the double
layer electrostatically. As
CFJ + a(m) = -od

(4.3.16)

Eq. (4.3.11) assumes the form
ox + a(m) = ySeRTc sinh ——

(4.3.17)

\ 2.RT /

and Eq. (4.3.14) becomes
2RT

(4 3 18

-- >

The adsorbed ions (anions are considered) are located at the inner
Helmholtz plane. In describing the distribution of the electrical potential in
the compact layer, the discrete structure of the charge in this layer must be
considered, rather than continuous charge distribution, as was pointed out
by O. A. Essin, B. V. Ershler, and D. C. Grahame. The inner Helmholtz
plane is no longer an equipotential surface. As demonstrated by A. N.
Frumkin, the potential at the centre of the adsorbed ion plays the greatest
role in the determination of the adsorption energy of ions. Ershler called
this the micropotential. More exactly, it is the potential at the point where
the given ion is adsorbed after subtracting the value of the coulombic
potential formed by this ion.
If the solution is considered to be a good electric conductor, then it is
useful to introduce the concept of electric image induced in an arbitrary
conductor when a point charge is located close to its surface. The electric
image has the opposite charge with the same absolute value as the point
charge and is situated inside the conductor at the same distance from the
surface as the original charge on the other side of the interface. The discrete
negative charges induce a positive image charge in the solution, which is
reflected on the outer Helmholtz plane (Fig. 4.6). The actual electric cloud
of ions behind the outer Helmholtz plane is compressed so that it can be
replaced by this electric image.
The introduction of the concept of the micropotential permits derivation
of various expressions for the potential difference produced by the adsorbed
anions, i.e. for the potential difference between the electrode and the
solution during specific adsorption of ions. It has been found that, with
small coverage of the surface by adsorbed species, the micropotential
depends almost linearly on the distance from the surface. The distance
between the inner and outer Helmholtz planes is denoted as xx_2 and the
distance between the surface of the metal and the outer Helmholtz plane as
x2. The micropotential, i.e. the potential difference between the inner and
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Fig. 4.6 The adsorbed anion
A induces a positive charge
excess at the outer Helmholtz
plane, which can be represented as its image A'. The
plane of imaging is identical
with the outer Helmholtz
plane. (According to B. B.
Damaskin, O. A. Petrii and
V. V. Batrakov)

outer Helmholtz planes, (fri — <t>2, for the simple case of the electrocapillary
maximum, where there is no effect of the electrode charge, is given
approximately by the equation

<t>\- 0 2 =

- <t>2]

(4.3.19)

In view of the assumed linear dependence of the electrical potential in the
whole compact layer, the above authors derived the following expression for
0(m) — (j)2 when cr(m) = 0:
(4.3.20)
where ec is the permittivity in the compact layer, differing from the
permittivity in the bulk of the solution. For (j)1 — (f>2 and for (f>x alone the
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substitution from Eq. (4.3.20) into Eq. (4.3.19) gives

( 4

-

3

-

2 1 )

X

2

The adsorption of ions is determined by the potential of the inner
Helmholtz plane <f)ly while the shift of Epzc to more negative values with
increasing concentration of adsorbed anions is identical with the shift in
<t>(m). Thus, the electrocapillary maximum is shifted to more negative
values on an increase in the anion concentration more rapidly than would
follow from earlier theories based on concepts of a continuously distributed
charge of adsorbed anions over the electrode surface (Stern, 1925). Under
Stern's assumption, it would hold that <p(m) = <t>\ (where, of course, (pl no
longer has the significance of the potential at the inner Helmholtz plane).
According to Ershler, 0X must appear in the expression for the
electrochemical potential of ions adsorbed on the inner Helmholtz plane. If
their electrochemical potential is expressed by the equation
ft,! = tf + RT In TiA + A G ^ + z,F0,

(4.3.22)

which is equal to the electrochemical potential for the same kind of ions in
the bulk of the solution (the activity of the ions in solution is at and the
potential 0(1) is again set equal to zero), then the equation for the
adsorption isotherm is obtained:
^)(^)

(4.3.23)

Here AGads is in the standard Gibbs energy change due to specific
adsorption. To a first approximation, this quantity can be considered
independent of the activity of the adsorbed ions; in general, AGads is a
function of the electrode charge and, at a given electrode charge (cr(m) = 0
in the present case), is constant. The surface charge density ox for adsorbed
anions with charge number z_ = — 1 is given by the expression
Ox = -FT-A = Ka- exp ( - ^ j

(4.3.24)

Taking logarithms of Eq. (4.3.24) and differentiating with respect to
yields
\3lnaJa(m)

UnaJ a ( m )

L+

RT\d In a J

o(m)

!\ 1

F L1 \d\na J

a,J
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From Eq. (4.3.26) the potential (j)1 at the electrocapillary maximum can be
calculated:
F J

L\

cma_ /a(m)

The integration constant is found from the condition that 0i = 0 2 for the
limiting value of the expression <91n |a 1 |/31n«_->0 and c^—>0 (see Eq.
4.3.21).
If, for simplicity, 0 2 is neglected in Eqs (4.3.19) to (4.3.21) (valid for
higher electrolyte concentrations), then
0i«—0(m)

and

a ^ —0(m)

(4.3.28)

0(m))

(4.3.Zy)

Substitution into Eq. (4.3.24) yields
0(jn) = —K a_ exp I
where K' = x1_2K/ec. Hence
9 log a_

(2.303RT/F)x2/Xl_2
1 - (/ir/F)(jc 2 /jc 1 _ 2 )l/0(m)

^

^

As mentioned above, the quantity 0(m) is identified with the shift in the
potential of the electrocapillary maximum during adsorption of surfaceactive anions. For large values of this shift (0(m) »RT/F)
30(m)

2.303RT x2 ^
F
xx_2

2.303RT
zF

Indeed, for adsorption of iodide, Essin and Markov found a shift in the
electrocapillary maximum d(f)/d\oga_ of approximately —100 mV, in
agreement with the theory.
At potentials far removed from the potential of zero charge, the electrical
properties of the compact layer are determined by both the charge of the
adsorbed ions and the actual electrode charge. The simplest model for this
system is one which assumes independent action of these two types of
charge. The quantity 0(m) — 0 2 can then be separated into two parts,
[0(m) — 0 2 ] a(m ) and [0(m) — 0 2 ] a i , each of which is a function of the
corresponding charge alone:
0(m) - 0 2 = [0(m) - 0 2 ] a ( m ) + [0(m) - 0 2 ] a i

(4.3.32)

These two potential differences can both be expressed in terms of the
corresponding charges and two integral capacities:

0(m) - 0 2 = , „ ,m + -£—

(4.3.33)

224

It follows from the measurement that the quantity (/Q a ( m ) is a function of
the charge <Hm)> but not of the concentration and the sort of the
electrolyte. The quantity (Kc)Ol changes with charges a(m) and ox and has
different values for different electrolytes (70 \iV • cm"2 in iodide solutions,
120 //F • cm"2 in chloride solutions).
Opinions differ on the nature of the metal-adsorbed anion bond for
specific adsorption. In all probability, a covalent bond similar to that
formed in salts of the given ion with the cation of the electrode metal is not
formed. The behaviour of sulphide ions on an ideal polarized mercury
electrode provides evidence for this conclusion. Sulphide ions are adsorbed
far more strongly than halide ions. The electrocapillary quantities (interfacial tension, differential capacity) change discontinuously at the potential at
which HgS is formed. Thus, the bond of specifically adsorbed sulphide to
mercury is different in nature from that in the HgS salt. Some authors have
suggested that specific adsorption is a result of partial charge transfer
between the adsorbed ions and the electrode.
4.3.3 Adsorption of electroneutral molecules
Electroneutral substances that are less polar than the solvent and also
those that exhibit a tendency to interact chemically with the electrode
surface, e.g. substances containing sulphur (thiourea, etc.), are adsorbed on
the electrode. During adsorption, solvent molecules in the compact layer
are replaced by molecules of the adsorbed substance, called surface-active
substance (surfactant).t The effect of adsorption on the individual electrocapillary terms can best be expressed in terms of the difference of these
quantities for the original (base) electrolyte and for the same electrolyte in
the presence of surfactants. Figure 4.7 schematically depicts this dependence for the interfacial tension, surface electrode charge and differential
capacity and also the dependence of the surface excess on the potential. It
can be seen that, at sufficiently positive or negative potentials, the surfactant
is completely desorbed from the electrode. The strong electric field leads to
replacement of the less polar particles of the surface-active substance by
polar solvent molecules. The desorption potentials are characterized by
sharp peaks on the differential capacity curves.
For molecules with small dipoles, the adsorption region is distributed
symmetrically around the potential of the electrocapillary maximum.
However, if chemisorption interaction occurs between one end of the dipole
(e.g. sulphur in thiourea) and the electrode, the adsorption region is shifted
to the negative or positive side of the electrocapillary maximum.
The basic quantity in the study of adsorption is the surface excess of the
surface-active substance. In the formation of a monomolecular film of the
t Surfactants also include a number of ions with hydrophobic groups, such as tetraalkylammonium ions with long-chain alkyl groups or dodecylsulphate.
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Fig. 4.7 Schematic dependence of the quantities y y°, a"°a, C" - C and T on the electrode potential. The
quantities with the superscript 0 refer to a surface-inactive electrolyte while those without a superscript refer
to an electrolyte containing a dissolved surfactant. (According to R. Parsons)
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adsorbed substance, the maximum value of the surface excess Fmax is
attained at complete coverage of the interface. The relative coverage ©, an
important term, is defined by the relationship
(4.3.34)
-I m a x

The fact that the electrocapillary quantities are measured relative to their
value in the base electrolyte can also be expressed in the formulation of the
Gibbs-Lippmann equation. If quantities referred to the base electrolyte are
primed and quantities referred to the studied surface-active substance are
denoted by the subscript 1, then
d(y' - y) = djr = -[a'(m) - a(m)] d£ p
; - r,) d^-(l) + I\ dMl(l)

(4.3.35)

i=2

where Jt = yf-y is the surface pressure of the adsorbed surface-active
substance. This is the force acting on a unit length in the direction of an
increase of the interface area, i.e. against the surface tension. The Gibbs
adsorption isotherm can be derived from Eq. (4.3.65):

Tr-ip-)

(4.3.36)

which acquires the following form for dilute solutions:

Equation (4.3.37) can be used to determine the function F1 = T^Cj), which
is the adsorption isotherm for the given surface-active substance. Substitution for cx in the Gibbs adsorption isotherm and integration of the
differential equation obtained yields the equation of state for a monomolecular film Yx = T^Jt).
The simplest adsorption isotherm is that of Henry's law (linear adsorption
isotherm),
r 1 = /8c1

(4.3.38)

where j3 is the adsorption coefficient. Substitution into Eq. (4.3.37) and
integration yields
Jt = RTT1

(4.3.39)

a two-dimensional analogy of the 'ideal gas law'.
The limited number of free sites for the adsorbed substance on the
surface is considered by the Langmuir isotherm,
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The basic assumption of the Langmuir adsorption isotherm is that the
adsorbed molecules do not interact. This condition is not always fulfilled for
adsorption, particularly on electrodes. The Frumkin adsorption isotherm
includes interaction between molecules in the adsorption film,
0'ci=~exp(-«0)

(4.3.41)

where the interaction coefficient a has a positive value for attraction
between molecules and consequent favouring of adsorption, and a negative
value for repulsion between molecules. It can be seen that the Langmuir
adsorption isotherm is a special case of the Frumkin adsorption isotherm for
a = 0, and for low surface coverage (0—>0) both are simplified into the
linear adsorption isotherm (see Fig. 4.8).
The adsorption coefficient /J or /?' is a function of the standard Gibbs
adsorption energy alone when the molecules do not interact and the
adsorption occurs without limitation, i.e. at very low electrode coverage.
This dependence is expressed by the relationship
(4.3.42)

Fig. 4.8 The Frumkin adsorption isotherm. The value of the
interaction coefficient a is indicated at each curve. The
transition in the metastable region is indicated by a dashed
line
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The surface of a solid electrode is not homogeneous; even an apparently
smooth surface as observed in an optical microscope contains corners and
edges of the crystal structure of the metal and dislocations, i.e. sites where
the regular crystal structure is disordered (see Section 5.5.5).
Adsorption on a physically heterogeneous surface differs from that on a
physically homogeneous surface. The heat of adsorption and Gibbs energy
of adsorption differ from one site to another, and the sites with the lowest
Gibbs energy of adsorption are occupied first. M. Temkin derived an
adsorption isotherm considering a physically heterogeneous surface. The
derivation was based on the assumption of a continuously heterogeneous
surface, where the free energy of adsorption per unit fraction dS of a unit
surface area increases linearly with increasing S (the unit surface is divided
into elements dS, each of which is considered to be homogeneous):

dAG ads =ordS

(4.3.43)

where AGads is the value of the Gibbs adsorption energy for S = 0,
A^ads + a for S = 1. If it is assumed that adsorption proceeds according to
the Langmuir isotherm on each homogeneous, planar element, then the
covered fraction of planar element dS is
(4 344)

T+7fc

*

where

(4.3.45)

For the overall coverage 6 we have

0 = ffl(S)dS = — In

1 + /? C
o

;

,

,

(4.3.46)

which is the basic form of the Temkin isotherm. In the central region of the
isotherm, where /3{)c » 1»/3 0 c exp (—a/RT)y a simpler form can be used,
called the logarithmic isotherm,
RT
0 = — \npoc

(4.3.47)

The standard Gibbs energy of adsorption AG^s is mostly a function of
the electrode potential. In the simplest model, the adsorption of a neutral
substance can be conceived as the replacement of a dielectric with a larger
dielectric constant (the solvent) by a dielectric with a smaller dielectric
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constant (the surfactant) in a plate condenser, corresponding to the
electrode double layer. On the basis of this model, A. N. Frumkin and J. A.
V. Butler derived a theoretical relationship for the dependence of AG^s on
the electrode potential:
AGSds = (AGads)max + a(Ep - £ max ) 2
(4.3.48)
where £ max is the potential at which the quantity -AG a d s has the maximum
value (a >0). Substitution for -AG^ ds into Eq. (4.3.42) yields
(4.3.49)
The appearance of peaks on the differential capacity curves can be derived
from this potential dependence in the following manner. The GibbsLippmann equation (see Eq. 4.2.23) gives
(^)

(4.3.50)

Differentiation with respect to Ep yields

Hence for the simplest case of a linear adsorption isotherm

^rf^

=

fji

(4.3.52)

Integration from cx = 0 to cx = c gives
(4.3.53)
where C" is the differential capacity of the electrode for cx = 0. The
dependence of capacity C on the concentration and on the electrode
potential is determined by the quantity d2fildE2p, which, considering Eq.
(4.3.49), is given by the relationship
d2p/3E2p = 2apo/(RT)[2a(Ep - Em)2/(RT) - 1] exp [-a(Ep - Emax)2/(RT)]
(4.3.54)
Thus, the dependence of the differential capacity on the potential in this
case has a minimum and two maxima. The potential minimum has a value
of Ep = Emax. As d2f}/dEl<0 in the vicinity of the minimum, it follows
from Eq. (4.3.53) that the differential capacity decreases with increasing
concentration c in this region. The potentials of the maxima, given by the
relationship Ep = £ max ± ^3RT/2a, lie symmetrically on either side of £ max .
A qualitatively similar picture would be obtained for a more complex
isotherm (see Fig. 4.9), but the peak potentials would depend on the
surfactant concentration.
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1.0

1.5

Electrode potential^

Fig. 4.9 Dependence of the differential capacity of a mercury electrode
on the electrode potential Ep (vs. NCE) in a solution of 0.5 M NaF.
Concentrations of f-C5HnOH: (1) 0, (2) 0.01, (3) 0.02, (4)
0.04 mol • d m 3 . (According to B. B. Damaskin)

The above relationships were derived for low electrode coverages by the
adsorbed substance, where a linear adsorption isotherm could be used.
Higher electrode coverages are connected with a marked change in the
surface charge. The two-parallel capacitor model proposed by Frumkin and
described by the equation
a = a o ( l - e ) + a1e
(4.3.55)
describes this situation. Here a0 is the surface charge in the absence of the
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surfactant and ox is the surface charge for complete coverage of the
electrode by the surfactant.
The described adsorption phenomena are characteristic for electrodes of
sp metals. Transition metal electrodes are usually connected with irreversible chemisorption phenomena, discussed in Section 5.7.
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4.4

Methods of the Electrical Double-layer Study

Of the quantities connected with the electrical double layer, the interfacial tension y, the potential of the electrocapillary maximum £ pzc , the
differential capacity C of the double layer and the surface charge density
q(m) can be measured directly. The latter quantity can be measured only in
extremely pure solutions. The great majority of measurements has been
carried out at mercury electrodes.

Fig. 4.10 Capillary electrometer. The basic
component is the cell consisting of an ideally
polarized electrode (formed by the mercury
meniscus M in a conical capillary) and the
reference electrode R. This system is connected
to a voltage source S. The change of interfacial
tension is compensated by shifting the mercury
reservoir H so that the meniscus always has a
constant position. The distance between the
upper level in the tube and the meniscus h is
measured by means of a cathetometer C. (By
courtesy of L. Novotny)
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G. Lippmann introduced the capillary electrometer to measure the surface
tension of mercury (Fig. 4.10). A slightly conical capillary filled with
mercury under pressure from a mercury column (or from a pressurized gas)
is immersed in a vessel containing the test solution. The weight of the
mercury column of height h is compensated by the surface tension according
to the Laplace equation
p=^~hpHgg

(4.4.1)

where p is the hydrostatic pressure at the mercury meniscus, r is the radius
of the capillary, p H g is the density of mercury and g is the standard
acceleration of gravity. Both the polarized electrode and the reference
electrodes are connected to a suitable external voltage source. The precise
position of the meniscus in the capillary is adjusted by using a microscope.
If the potential is changed, the interfacial tension of the electrode also
changes and the original position of the meniscus is restored by the change
in height h.
The dropping electrode method was suggested by B. Kucera. The
arrangement is similar to the Lippmann method, but the height of the
column h is sufficiently great for the mercury to drop from the end of the
capillary. The mercury drops are then collected and weighed or, as the flow
rate of mercury through the capillary may easily be determined, the
drop-time is measured. Prior to dropping off, the mercury drop at the tip of
the capillary with radius r is held by the force Inry. It thus falls off when its
weight w in solution is such that it equals the force 2nry\
- — )g = 2jtry

(4.4.2)

PHg/

where p so , is the density of the solution. This equation is not exactly obeyed
by the dropping electrode, but, nonetheless, Kucera's method can be used
as a relative method. The measuring apparatus must be calibrated by means
of a standard solution with a known y-E dependence.
The wetting (contact) angle method is used for solid surfaces. If a gas
bubble sticks to a metal surface, then the individual interfacial tensions are
distributed as shown in Fig. 4.11. It holds at equilibrium that
7sg = Ysi + 7ig cos 6

(4.4.3)

where 6 is the wetting angle.
The quantity ysl is a function of the electrode potential, the quantity ylg is
independent of the potential and ysg should not depend on the potential,
provided that the surface is dry below the bubble. As there is always a trace
of moisture below the bubble in this arrangement, the value of ysg changes
slightly with potential, but far less than ysI. The further the electrode
potential is from the potential of the electrocapillary maximum, the more ysl
decreases, i.e. cos 6 increases and the wetting angle 6 decreases. Obviously,
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Fig. 4.11 Interfacial tensions between a
solid, liquid and gaseous phase, ygs, yls
and ygl. 6 denotes the wetting angle
this method cannot be used to find absolute ysl values, but is at least useful
for determining Epzc.
The differential capacity can be measured primarily with a capacity
bridge, as originally proposed by W. Wien (see Section 5.5.3). The first
precise experiments with this method were carried out by M. Proskurnin and
A. N. Frumkin. D. C. Grahame perfected the apparatus, which employed a
dropping mercury electrode located inside a spherical screen of platinized
platinum. This platinum electrode has a high capacitance compared to a
mercury drop and thus does not affect the meaurement, as the two
capacitances are in series. The capacity component is measured for this
system. As the flow rate of mercury is known, then the surface of the
electrode A (square centimetres) is known at each instant:
A = 0.S5m2/3t2/3

(4.4.4)

1

where m is the flow rate of mercury (g • s" ) and t is the time elapsed since
the beginning of formation of the drop. The capacitance of the system is
proportional to this surface area. The values of the components of the
bridge have to reach a balance during the droptime, and the time from the
beginning of formation of the drop is measured, i.e. from detachment of the
previous drop up to bridge balancing.
The surface charge of the electrode can be determined directly, e.g. from
the polarographic charging current. During the growth of the drop
electrode, its capacitance increases, as does its charge. The charge that must
be supplied to the electrode at constant potential produces the charging
(capacity) current. The instantaneous value of this current is given, with
reference to Eq. (4.4.4), as
, x cL4
da(m)
7 c =a(m) — + A — ^

(4.4.5)

In most inorganic electrolytes at constant potential cx(m) = constant,
giving for the instantaneous electrode charge
<2(t) = f Ic df = 0.85m 2/ ¥ /3 a(m)
(4.4.6)
Jo
The potential of the electrocapillary maximum can be found from the
electrocapillary curve while the Paschen method is an alternative. In this
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case a mercury jet is injected into the solution, which has been thoroughly
purified and deoxygenated. In the absence of a sufficiently fast electrode
reaction the potential of this mercury electrode indicates Epzc. The Paschen
method is especially suitable for dilute solutions.
The surface excesses of solution components can be determined from
electrocapillary measurements using the Gibbs-Lippmann equation (see
Eq. 4.2.23) or the Gibbs adsorption isotherm (Eq. 4.3.36). Nonthermodynamic methods have been proposed for study of surfactant
adsorption, especially of high-molecular-weight organic substances, based
on Frumkin's two-parallel capacitor model. Differentiating Eq. (4.3.55) with
respect to Ep gives
C = C0(l - O) + C,® + (a, - a0) ^ -

(4.4.7)

d£p

where Co is the differential capacity in the base electrolyte alone and Cx is
the differential capacity for complete electrode coverage by the surfactant.
As we can set d 0 / d £ p ~ O at potentials sufficiently distant from the
desorption potential, the relative electrode coverage is then
(4.4.8)

Other methods, based on kinetic methods of measuring surface excesses,
will be discussed in Section 5.7.
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4.5 The Electrical Double Layer at the Electrolyte-Non-metallic Phase
Interface
4.5.1 Semiconductor-electrolyte interfaces
The interfaces between a semiconductor and another semiconductor (e.g.
the very important pin junction, the interface between p- and n-type
semiconductors), between a semiconductor and a metal (the Schottky
barrier) and between a semiconductor and an electrolyte are the subject of
solid-state physics, using a nomenclature different from electrochemical
terminology.
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The basic difference between metal-electrolyte and semiconductorelectrolyte interfaces lies primarily in the fact that the concentration of
charge carriers is very low in semiconductors (see Section 2.4.1). For this
reason and also because the permittivity of a semiconductor is limited, the
semiconductor part of the electrical double layer at the semiconductorelectrolyte interface has a marked diffuse character with Debye lengths of
the order of 10~4-10"6cm. This layer is termed the space charge region in
solid-state physics.
The description of the properties of this region is based on the solution of
the Poisson equation (Eqs 4.3.2 and 4.3.3). For an intrinsic semiconductor
where the only charge carriers are electrons and holes present in the
conductivity or valence band, respectively, the result is given directly by Eq.
(4.3.11) with the electrolyte concentration c replaced by the ratio n°/NA,
where n°c is the concentration of electrons in 1 cm3 of the semiconductor in a
region without an electric field (in solid-state physics, concentrations are
expressed in terms of the number of particles per unit volume).
For doped semiconductors, it is assumed that the charge density in the
semiconductor, e.g. of type ny is
p(x) = e[ne(x)-n°]

(4.5.1)

where ne(x) is the concentration of electrons and n°c is the electron
concentration in the absence of an electric field, practically equivalent to the
concentration of electron donors in the semiconductor. This is identical to
the concentration of positive ions, independent of the field in the semiconductor. It is assumed that the concentration of electron acceptors is much
larger than the concentration of electron donors and of electrons and holes
for the original undoped intrinsic semiconductor.
It follows from Eq. (4.3.5) that
(4.5.2)
where <j)sc is the inner potential of the bulk of the semiconductor. The
procedure on page 214 can be used to yield
(4.5.3)
Equation (4.5.3) gives, for (j>«kT/e
(4.3.12)
d<l>/dx = [ekT/(2e2n°e)]m(<t>

with respect to Eqs (4.3.8) and
- 0 SC ) = ( 0 - 0 SC )/L SC

(4.5.4)

where Lsc is the Debye length in the semiconductor.
In view of Eqs (4.3.8) and (4.5.3), where 0 — 0SC is replaced by the
overall potential difference between the bulk semiconductor and the
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interface, 0SC - 0S = Af0, we find for the surface charge of the semiconductor

^

^

^

f

(4.5.5)

The overall Galvani potential difference between the bulk of the
semiconductor and the bulk of the electrolyte solution can be separated into
three parts:
Ar<£ = Af 0 + A|0 + Al2(j)

(4.5.6)

where Af$ is the potential difference between the bulk of the semiconductor and the semiconductor-electrolyte interface, A|0 is the potential
difference in the compact layer (i.e. between the interface and the outer
Helmholtz plane) and A?0 is the potential difference between the outer
Helmholtz plane and the bulk of the electrolyte solution. Obviously,

(4.5.7)
where £ sc , Ex and Ex are the electric field strengths in the semiconductor, in
the compact layer and in the diffuse layer in the electrolyte, respectively, Lx
is the Debye length in the solution, dx is the thickness of the compact layer
and £sc, £H a n d £i are the permittivities of the semiconductor, compact layer
and electrolyte, respectively. At sufficiently large electrolyte concentrations,
the second and third terms in parentheses in Eq. (4.5.7) can be neglected.
Under these conditions, the Galvani potential difference between the
semiconductor and the electrolyte solution is given by the potential
difference in the space charge region (diffuse layer) in the semiconductor,
which also holds for larger potential differences than RTIF.
The distribution of charge carriers in the space charge region of an ft-type
semiconductor is shown in Fig. 4.1. It is assumed that the semiconductor
contains not only electrons (majority charge carriers) but also much lower
concentrations of holes (minority charge carriers). If the negative potential
of an ft-type semiconductor electrode increases, then the negative charge of
the electrode increases through an increase in the concentration of electrons
in the interphase (accumulation layer). As the electron energy in the space
charge region e(p(x) depends on the distance from the interface, the energy
bands bend downwards in the direction towards the interface in the
negatively charged space charge region (Fig. 4.12A).
When the surface charge decreases to zero, the energy bands become
horizontal. The corresponding flat-band potential A * 0 ^ is an analogy of the
zero-charge potential Epzc (Fig. 4.12B).
When the difference A^C0 - A* 0 ^ becomes positive, the interphase is
depleted of majority charge carriers (electrons in this case) forming a
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Fig. 4.12 Dependence of concentrations of negative charge carriers (« e ) and positive charge carriers (« p ) on distance from the
interface between the semiconductor (sc) and the electrolyte solution (1) in an «-type semiconductor. These concentration
distributions markedly differ if the semiconductor/electrolyte potential difference AfQ is (A) smaller than the flat-band
potential Ar0 f b , (B) equal to the flat-band potential, (C) larger and (D) much larger than the flat-band potential. nD denotes
the donor concentration. (According to Yu. V. Pleskov)
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depletion or Mott-Schottky layer (Fig. 4.12C). However, Eq. (4.5.5) is a
simplification, as it neglects the presence of minority charge carriers, which
was originally very low. The following relationship holds between the
concentration of electrons and the concentration of holes np:
npnc = nl

(4.5.8)

where n0 is the concentration of electrons in the same semiconductor in the
absence of impurities and of an electric field inside the semiconductor, i.e.
in the corresponding intrinsic semiconductor. According to the quantum
theory of semiconductors, the quantity n0 is given by the relationship
n0 =

-3

exp

where m e is the electron mass, h is the Planck constant and eg is the width
of the forbidden band.
For a sufficiently large potential increase, the charge in the interphase
finally corresponds to the minority charge carriers (Fig. 4.12D). The greater
the width of the forbidden band eg, the broader is the potential range A\c<j>
in which the space charge region has the character of a depletion layer, i.e.
is formed by ionized impurity atoms.
It should be noted that the study of the properties of an electrical double
layer at semiconductor electrodes corresponds to study of the cell (in the
simplest formulation)
M | S | electrolyte solution | M

(4.5.10)

where M denotes the metal phase and S is the semiconductor. The
electrolyte solution has a composition such that the interface with the metal
is unpolarizable. An electrical double layer is formed at the interface
between the metal and the semiconductor (called the Schottky barrier), but
this interface is unpolarized, so that
Am0 = [Me(s) - jUe(m)]/e

(4.5.11)

The discussion of Eq. (4.5.7) has shown that the potential of a polarized
semiconductor electrode at sufficiently high electrolyte concentrations is
Ep « Af 0 + constant

(4.5.12)

In Eq. (4.5.5), describing an rc-type semiconductor strongly doped with
electron donors, the first and third terms in brackets can be neglected for
the depletion layer (Alc(f)»kT/e).
Thus, the Mott-Schottky equation
is obtained for the depletion layer,
asc = Vlenle Af<j>

(4.5.13)

The differential capacity of an Ai-type semiconductor electrode in the
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Mott-Schottky approximation is
Q(JS
C

(4.5.14)

The Mott-Schottky plot following from Eqs (4.5.12) and (4.5.14) is the
relationship
2
C"2 = —5- £ p + constant
(4.5.15)
which can be used to determine the concentration of electron donors
It has so far been assumed that the semiconductor-electrolyte interphase
does not contain either ions adsorbed specifically from the electrolyte or
electrons corresponding to an additional system of electron levels. These
surface states of electrons are formed either through adsorption (the
Shockley levels) or through defects in the crystal lattice of the semiconductor (the Tamm levels). In this case—analogously as for specific adsorption
on metal electrodes—three capacitors in series cannot be used to characterize the semiconductor-electrolyte interphase system and Eq. (4.5.6) must
include a term describing the potential difference for surface states.
The presence of surface states results in a certain compression of the
space charge region and leads to a decrease in the band bending.
The situation of the electric double layer at a semiconductor/electrolyte
solution interface affected by light radiation will be dealt with in Section
5.10.
4.5.2 Interfaces between two electrolytes
The electrical double layer has also been investigated at the interface
between two immiscible electrolyte solutions and at the solid electrolyteelectrolyte solution interface. Under certain conditions, the interface
between two immiscible electrolyte solutions (ITIES) has the properties of
an ideally polarized interphase. The dissolved electrolyte must have the
following properties:
(a) The electrolyte in the aqueous phase, BXAX (assumed to dissociate
completely to form cation B ^ and anion A ^ ) , is strongly hydrophilic,
while the electrolyte in the organic phase, B2A2 (completely dissociated
to cation B 2 + and anion A2~), is strongly hydrophobic. These properties
can be expressed quantitatively by the conditions for the distribution
coefficients between water and the organic phase k^°Ax and k^°Al:
<oAl«l,
^ A 2 » 1
(b) The equilibria of the exchange reactions
Bi+(w) + B2+(o) ^± Bj+(o) + B2+(w)
Ar(w) + A 2 -(o)«±Ar(o) + A2~(w)

(4.5.16)

y- - )
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are shifted to the left. In other words, the standard potential difference
between water and the organic phase for the transfer of the cation of
the aqueous phase and the anion of the organic phase must be as
positive as possible and the corresponding potential difference for the
cation of the organic phase and the anion of the aqueous phase must be
as negative as possible. In addition, there must be a sufficiently large
difference between the less positive value of A™ 0? for the first pair and
the less negative value for the second pair (cf. Section 3.2.8).
Under these conditions, the potential difference between the two phases
AQ0 can be changed by charge injection from an external electric current
source. The appropriate experimental arrangement is shown in Fig. 5.18.
E. J. W. Verwey and K. F. Niessen described the electric double layer at
ITIES using a simplifying assumption that consists of only two diffuse
electric layers, each in one of the phases (see Fig. 4.1C). The overall
potential difference between the two phases, A^^, is thus given by the
relationship
A:0 = 0 2 (o)-0 2 (w)
(4.5.18)
where the potential differences in the diffuse layers, 02(o) and 02(w), are
defined such that the potential in the bulk of the phase is subtracted from
the potential at the interface. The terms <j)2{o) and $2(w) are given by Eq.
(4.3.14), where the appropriate permittivity, e(w) or e(o), is substituted for
each phase, along with the electrolyte concentrations c(w) and c(o). As the
surface charges a(w) and a(o) are equal except for the sign (cf. Eq. 4.1.1),
Eqs (4.5.18) and (4.3.14) can be used to calculate the dependence of $2(o)
and 02(w) on A ^ . The electrical double layer has, of course, a similar
structure when a single electrolyte is present in the distribution equilibrium
in the system.
It is interesting that the experimentally measured zero-charge potential is
practically identical with the value of A™ 0 = 0, calculated using the TATB
assumption (3.2.64). This fact helps to justify the use of this assumption.
The electrical double layer at the solid electrolyte-electrolyte solution
interface has been studied primarily in colloid suspensions, especially for
silver halides. The potential difference between the solid and liquid phases
can be changed by changing the concentration of the 'potential-determining
ions', i.e. either the silver or halide ions. In solid oxide suspensions,
hydrogen ions act as potential-determining ions. The zero-charge potential
of this system can be found from the dependence of the electrophoretic
mobility (see Section 4.5.4) on the concentration of potential-determining
ions, i.e. it corresponds to zero electrophoretic mobility. With this type of
interface the structure of the electrical double layer depends to a marked
degree on the preparation and thus also on the final structure of the solid
phase. Two cases are most often observed:
(a) Ions are adsorbed from solution on the surface of the solid phase and
counter ions form a diffuse layer.
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(b) The electrical double layer has a structure similar to ITIES, but the
diffuse layer in the solid becomes a simple Helmholtz layer because of
the high concentration of ions.
It should, however, be noted that the electrical double layer at the
metal-fused electrolyte interface does not have this character, in spite of the
ion concentration being high. In this system, the space charge includes
several ion layers at the interface.
4.5.3 Electrokinetic phenomena
The adsorption of ions at insulator surfaces or ionization of surface
groups can lead to the formation of an electrical double layer with the
diffuse layer present in solution. The ions contained in the diffuse layer are
mobile while the layer of adsorbed ions is immobile. The presence of this
mobile space charge is the source of the electrokinetic phenomena.^
Electrokinetic phenomena are typical for insulator systems or for a poorly
conductive electrolyte containing a suspension or an emulsion, but they can
also occur at metal-electrolyte solution interfaces.
Consider a solid surface in contact with a dilute electrolyte solution. The
plane where motion of the liquid can commence is parallel to the outer
Helmholtz plane but shifted in the direction into the bulk of the solution.
The electric potential in this plane with respect to the solution is termed the
electrokinetic potential £(|£| ^ |$2|)«

Of the four electrokinetic phenomena, two (electroosmotic flow and the
streaming potential) fall into the region of membrane phenomena and will
thus be considered in Chapter 6. This section will deal with the electrophoresis and sedimentation potentials.
If the electric field E is applied to a system of colloidal particles in a
closed cuvette where no streaming of the liquid can occur, the particles
will move with velocity v. This phenomenon is termed electrophoresis. The
force acting on a spherical colloidal particle with radius r in the electric field
E is 4^rerE02 (for simplicity, the potential in the diffuse electric layer is
identified with the electrokinetic potential). The resistance of the medium is
given by the Stokes equation (2.6.2) and equals 6jrr/rv. At a steady state of
motion these two forces are equal and, to a first approximation, the
electrophoretic mobility v/E is

In closer approximations, correction must be made for conductivity effects
(relaxation and electrophoretic) and for the real shape of the particles. Thus,
the velocity of electrophoretic motion depends on the composition of the
t This term must be distinguished from the concept of electrochemical kinetics, discussed in
Chapter 5.
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solution, on the properties of the surface of the particles and also on the
charge of the particles themselves. If ampholytic particles are involved, then
it also depends markedly on the pH, as the particles obtain a charge through
dissociation that is dependent on the pH. This fact was utilized by A.
Tiselius to develop an electrophoretic method that is especially useful for
proteins. At a given pH various proteins are ionized to a different degree
and also have different mobilities. The original single sharp boundary
between a solution of a protein mixture in a suitable buffer and the pure
buffer separates into several boundaries in an electric field, corresponding to
differently mobile components. Thus electrophoresis permits analysis of a
mixture of proteins without destructive chemical reactions. The experimental methods for determining the boundary position in either classical or free
electrophoresis are the same as in the study of diffusion (see Section 2.5.5).
In addition, electrophoresis can be carried out by saturating a suitable
porous carrier, e.g. filter paper, with a pure buffer and applying the studied
solution as spots or bands. The evaluation methods are analogous to those
used in paper chromatography. Electrophoresis can be used preparatively to
separate the components of a mixture, to concentrate fine suspensions in
solution, etc.
A further electrokinetic phenomenon is the inverse of the former
according to the Le Chatelier-Brown principle: if motion occurs under the
influence of an electric field, then an electric field must be formed by motion
(in the presence of an electrokinetic potential). During the motion of
particles bearing an electrical double layer in an electrolyte solution (e.g. as
a result of a gravitational or centrifugal field), a potential difference is
formed between the top and the bottom of the solution, called the
sedimentation potential.
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Chapter 5
Processes in Heterogeneous
Electrochemical Systems
In the case of electrodes with low overpotential the process of molecular hydrogen
evolution is particularly more complicated than with electrodes showing high
overpotential where a single assumption of slow discharge step could successfully
elucidate all experimental results. It can be taken for sure, however, that in the case
of electrodes with low overpotential it is necessary to consider, as a slow step, the
process of removal of molecular hydrogen from the electrode together with the
discharge process.
A. N. Frumkin, V. S. Bagotzky, and Z. A. Iofa, 1952
5.1

Basic Concepts and Definitions

This chapter will be concerned with the kinetics of charge transfer across
an electrically charged interface and the transport and chemical processes
accompanying this phenomenon. Processes at membranes that often have
analogous features will be considered in Chapter 6. The interface that is
most often studied is that between an electronically conductive phase
(mostly a metal electrode) and an electrolyte, and thus these systems will be
dealt with first.
A system consisting of two electrodes in an electrolyte medium is called
an electrolytic cell. It should be realized here that there is no basic difference
between the concepts of a 'galvanic cell' and an 'electrolytic cell'. In
common usage, the term 'galvanic cell' is understood to refer to a system in
the absence of current flow (it can be at equilibrium, as mentioned in the
previous chapter, or only in a steady state, as will be demonstrated in
Section 5.8.4 on mixed potentials) or to a system that yields electric work to
its surroundings; an 'electrolytic cell' is then a system receiving energy from
its surroundings to carry out the required chemical conversions. In fact,
however, a given system sometimes can have both functions depending on
the electrical potential difference between the electrodes.
If an electrode reaction at a given electrode results in the transfer of a
positive electric charge from the electrolyte to the electrode material or a
negative charge from the electrode material to the electrolyte, then the
corresponding current is defined as cathodic (/c) and the process is termed a
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cathodic reaction or reduction. In the opposite case, the current is termed
anodic (/a) and the process is an anodic reaction or oxidation. The terms
cathode and anode have already been defined in Section 1.1.1. For example,
in a Daniel cell (see Section 3.1.4), the cathode is the copper electrode
when the cell carries out work; if the applied voltage is greater than the
equilibrium value, current flows in the opposite direction and the cathode
becomes the zinc electrode at which zinc ions are reduced. According to the
IUPAC convention, anodic current is considered to be positive and cathodic
current to be negative.
Generally, an electrode that is macroscopically characterized by a smooth
surface actually contains many steps and other microscopic irregularities.
The real (physical) electrode surface Ar is thus mostly larger than the
geometric (macroscopic) surface Ag. The current density is usually defined
as the current divided by the geometric surface area. The ratio of the real
and geometric surface areas is termed the roughness factor, / R = AT/Ag. The
physical and geometric surface areas are identical at mercury and other
liquid electrodes.
The flow of electric current through the electrolytic cell is connected with
chemical, electrochemical and physical processes which, as a whole, are
termed the electrode process. The main electrochemical step in the electrode
process is the actual exchange of charged species between the electrode and
the electrolyte, which will be termed the electrode reaction (charge transfer
reaction). Substances participating directly in the charge transfer reaction
are termed electroactive. These substances can be either soluble or insoluble
in the electrolyte or electrode material. Common basic types of electrode
reactions are as follows:
1. Reduction processes where the electrode is the cathode:
(a) Reduction of ions or complexes to a lower oxidation state, the
reduction of inorganic or organic molecules; the reduced form
remains in solution.
(b) Deposition of ions or complexes on the electrode with formation of a
metallic or gaseous phase or of an amalgam.
(c) Reduction of insoluble compounds or surface films with formation of
a metal phase or an amalgam or an insoluble phase with different
composition.
2. Oxidation processes in which the electrode is an anode:
(a) Oxidation of ions, complexes or molecules to a soluble higher
oxidation state.
(b) Oxidation of the electrode material with formation of soluble ions or
complexes.
(c) Oxidation of the electrode material with formation of insoluble
anodic films or oxidation of insoluble films or other insoluble
substance to form insoluble substances with a higher oxidation state.
Of these electrode reactions, two—one oxidation and one reduction—
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form a pair in a reversible charge transfer reaction (e.g. the deposition of
metal ions with subsequent amalgam formation and ionization of the
amalgam with formation of metal ions in solution).
A more fundamental classification considers the character of the charge
transfer between the electrode and the electroactive substance:
1. The transfer of electrons or holes between the electrode and the
electroactive substance present in solution.
2. Transfer of metal ions from the electrolyte into the electrode and vice
versa.
3. Emission of electrons from the electrode into the solution with formation
of solvated electrons and the subsequent reaction between the solvated
electrons and the electron 'scavenger' in solution.
These processes have various characteristic properties when they occur at
metallic or semiconductor electrodes and if they occur between partners
(electroactive substances or electrons or holes in the electrode) that are in
the ground or the excited state.
The basic condition for electron transfer in cathodic processes (reduction)
to an electroactive substance is that this substance (Ox) be an electron
acceptor. It must thus have an unoccupied energy level that can accept an
electron from the electrode. The corresponding donor energy level in the
electrode must have approximately the same energy as the unoccupied level
in the substance Ox.
On the other hand, in oxidation processes, the electroactive substance
Red must have the character of an electron donor. It must contain an
occupied level with energy corresponding to that of some unoccupied level
in the electrode. Oxidation occurs through transfer of electrons from the
electroactive substance to the electrode or through the transfer of holes
from the electrode to the electroactive substance.
Thus, an electrode redox reaction occurs according to the scheme
Red + unoccupied level *± Ox + occupied level

(5.1.1)

This situation is depicted in Fig. 5.1. The occupied level in the substance
Red2 has an energy corresponding to the unoccupied level in the electrode.
Thus, oxidation can occur (either through the transfer of an electron e~ to
the electrode or of a hole h + from the electrode). On the other hand, the
unoccupied level in the substance Oxx has too high an energy, so that it does
not correspond to any of the occupied levels in the electrode as all these
levels lie below the Fermi level £F, while the energy of the unoccupied level
of the substance Oxt is far above this level. Reduction can thus not occur.
The situation is the opposite for the substances Red2 and Ox2.
As was demonstrated in Section 3.1.2, the energy of the Fermi level is
identical with the electrochemical potential of an electron in the metal. A
change in the inner potential of the electrode phase by A(p (attained by
changing the potential difference of an external voltage source by AE =
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metal
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Fig. 5.1 Transfer of an electron (or a hole) between the
electrode and the electroactive substance in solution.
(According to H. Gerischer)

i.e. by polarizing the electrode to the potential E + AE) can shift eF to
higher or lower energies. If £F is shifted towards the occupied level in Ox!
(that is A(j> is negative), then reduction of Oxl is made easier and oxidation
of Redi becomes more difficult (or even completely impossible if eF is
shifted sufficiently above the energy of Red t ). A decrease in eF (through a
positive A0) towards the occupied level in Red2 has the opposite effect.
Obviously, oxidation and reduction occur simultaneously in the vicinity of
the equilibrium potential (where the Fermi levels in the metal and solution
are close to one another).
Conditions are somewhat more complicated at semiconductor electrodes.
In contrast to metal electrodes, where the donor and acceptor levels are
concentrated in a single energy band, the Fermi level for semiconductors
lies in the forbidden band (see Figs 2.3 and 3.2), where there are no
electron energy levels. Consequently, in the vicinity of the equilibrium
potential where the electrochemical potentials of the electrons in solution
and in the metal (i.e. the Fermi level) are identical, no charge transfer
occurs (provided that there are no electronic surface states at the interface;
see Section 4.5.1). Charge transfer requires a large change in A0, where the
occupied electronic level in Red attains the level of the conductivity band in
the semiconductor or the unoccupied level in Ox attains the level of the
valence band. It should be recalled that the electrons and holes participate
in charge transfer in the vicinity of the semiconductor-electrolyte interface,
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where their energy is different from that in the bulk of the semiconductor as
a result of band 'bending' (see Sections 4.5.1 and 5.10.4).
Conditions at the interface between two immiscible electrolyte solutions
(ITIES) are analogous to those at the electronic conductor-electrolyte
interface. The charge carriers passing across the interface are primarily ions
and they are transferred to a region where they have a lower electrochemical potential. The transfer of electrons from the species Redj in one phase
requires that the second phase contain the species Ox2 with an unoccupied
acceptor level with similar or lower energy compared with the donor level in
Redx. A change in the electrochemical potential of the ions or electrons can
be achieved through a change in the potential difference between the two
phases.
The presence of a concentration gradient of electroactive substances at
the phase boundary between the electrode and the solution or between two
electrolytes, the presence of an electric field and, finally, the effect of
mechanical forces all lead to transport processes, described in Chapter 2. It
should be pointed out that investigations in electrochemical kinetics are
usually carried out with solutions containing an excess of indifferent
electrolyte compared to the electroactive substance, to exclude the effect of
migration. The rule for the equivalence between the material flux of the
charged species and the electric current (Eq. 2.3.14) is a general formulation of the Faraday law. In its classical form, this rule is connected with a
special case, i.e. material flux through the electrode-solution interface. In
this special case the Faraday law deals with equivalence between the
material yield in an electrode reaction and the charge passed:
1. The amount of substance converted in the electrolysis is proportional to
the charge passed.
2. The amounts of various substances converted by a given charge
correspond to the ratio of the chemical equivalents of these substances.
The electric current connected with chemical conversion is termed the
faradaic current in contrast to the non-faradaic current required to charge
the electrical double layer. The equation for the electrode reaction is
formulated similarly to that for the half-cell reaction (Section 3.1.4); for the
cathodic reaction, the electrons are placed on the left-hand side of the
equation and, for the anodic reaction, on the right-hand side.
Consider the electrode reaction of metal deposition:
Mn+ + ne-^M

(5.1.2)

If current / flows through the solution for time ty then the charge It is
passed, corresponding to a transfer of —It/F moles of electrons. If the
relative atomic mass of the metal is M, then a total amount of
(5.1.3,
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is discharged. This equation follows directly from Eq. (2.3.14) for a single
substance where zt = n and I=jA, where A is the area of the electrode
surface.
If no side reactions occur at the electrode that would participate in the
overall current flow, then the Faraday law can be used not only to
measure the charge passed (i.e. in coulometres; see Section 5.5.4) but also
to define the units of electric current and even to determine Avogadro's
constant.
If the electrolyte components can react chemically, it often occurs that, in
the absence of current flow, they are in chemical equilibrium, while their
formation or consumption during the electrode process results in a chemical
reaction leading to renewal of equilibrium. Electroactive substances mostly
enter the charge transfer reaction when they approach the electrode to a
distance roughly equal to that of the outer Helmholtz plane (Section 5.3.1).
It is, however, sometimes necessary that they first be adsorbed. Similarly,
adsorption of the products of the electrode reaction affects the electrode
reaction and often retards it. Sometimes, the electroinactive components of
the solution are also adsorbed, leading to a change in the structure of the
electrical double layer which makes the approach of the electroactive
substances to the electrode easier or more difficult. Electroactive substances
can also be formed through surface reactions of the adsorbed substances.
Crystallization processes can also play a role in processes connected with the
formation of the solid phase, e.g. in the cathodic deposition of metals.
In electrode processes, the overall ('brutto') reaction must be distinguished from the actual mechanism of the electrode process. For example, by
a cathodic reaction at a number of metal electrodes, molecular hydrogen is
formed, leading to the overall reaction
2H3O+ + 2e-^ H2 + 2H2O

(5.1.4)

The electroreduction of aldehydes and ketones often involves the formation
of dimeric hydroxy derivatives—pinacols:
2C6H5CHO + 2e 4- 2 H + ^ C6H5CHOH.CHOHC6H5

(5.1.5)

The deposition of cadmium in the form of an amalgam from a cadmium
cyanide solution involves the overall reaction
Cd(CN)42~ + 2e-» Cd + 4CN~

(5.1.6)

However, this formulation yields very little information on the actual
course of the reaction, i.e. of which partial processes it consists. This
set of partial processes is termed the mechanism of the electrode reaction.
In the first case, the electrode reaction at some electrodes involves the
formation of an adsorbed hydrogen atom, followed by the recombination
reaction:
H 3 O + + e-+ H(ads) + H2O
(5 1 7)}
K
2H(ads)-*H 2
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(this process can occur through other mechanisms; see Section 5.7.1). In the
second case, the reduction
C6H5CHO + H + -» C6H5C+HOH
C6H5C+HOH + e ^ C6H5CHOH

(5.1.8)

2C6H5CHOH-^ C6H5CHOH.CHOHC6H5
occurs at the mercury electrode under suitable conditions (pH, potential).
The deposition of cadmium from its cyanide complex at a mercury electrode
is analogous. A solution containing cyanide ions in a concentration of
1 mol • dm"3 contains practically only the Cd(CN)42~ complex. This complex
cannot participate directly in the electrode reaction and thus the Cd(CN)2
complex enters the electrode reaction in a given potential range; the
equilibrium concentration of this complex in solution is small. The reaction
scheme can then be written as
Cd(CN)42" ^ Cd(CN)3~ + CN" «± Cd(CN)2 + 2CN~
Cd(CN)2 + 2 e ^ Cd(Hg) + 2CN~

(5.1.9)

It is obvious that the electrode process in general is more complicated
than would appear from simple overall schemes of electrode processes. It
often happens that the substances that are the initial components in the
overall reaction are not those that participate in the actual electrode
reaction; the latter are rather different substances in chemical equilibrium
with the initial components.
The case where the overall reaction involves several electrode reactions is
even more general. An example is the reaction of quinone (Q) at a platinum
electrode. This process occurs at pH < 5 according to the scheme

Two chemical equilibria participate in this process and, in addition, stepwise
charge transfer reactions occur. The product of the first electrode reaction
undergoes a further electrode reaction.
Electrochemical kinetics is part of general chemical kinetics and has a
similar purpose: to determine the mechanism of the electrode process and
quantitatively describe its time dependence. Mostly the study involves
several stages. Firstly it is necessary to determine the reaction path, i.e. to
determine the mechanism of the actual electrode reaction (for more detail,
see Section 5.3.1), and the partial steps forming the overall electrode
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process. The next task involves finding the step that is the slowest and,
therefore, controls the overall rate of the process, i.e. the current. The
other, faster steps are then not apparent as the appropriate equilibrium is
established (e.g. in the chemical reaction or the electrode reaction) or
because they are negligible (e.g. convective diffusion in connection with a
very slow charge transfer reaction, where the concentration gradient formed
is removed by stirring the solution).
For more complex electrode mechanisms, it is useful to designate the
individual steps by symbols: E for an electrode reaction and C for a
chemical reaction. Thus, the mechanisms of the process (5.1.7) are denoted
as EC, of (5.1.9) as CE, of (5.1.8) as CEC and of (5.1.10) as CECE.
In electrochemical kinetics, the concept of the electrode potential is
employed in a more general sense, and designates the electrical potential
difference between two identical metal leads, the first of which is connected
to the electrode under study (test, working or indicator electrode) and the
second to the reference electrode which is in a currentless state. Electric
current flows, of course, between the test electrode and the third, auxiliary,
electrode. The electric potential difference between these two electrodes
includes the ohmic potential difference as discussed in Section 5.5.2.
If current passes through an electrolytic cell, then the potential of each of
the electrodes attains a value different from the equilibrium value that the
electrode should have in the same system in the absence of current flow.
This phenomenon is termed electrode polarization. When a single electrode
reaction occurs at a given current density at the electrode, then the degree
of polarization can be defined in terms of the overpotential. The overpotential r\ is equal to the electrode potential E under the given conditions minus
the equilibrium electrode potential corresponding to the considered electrode reaction Ee:
rj = E-Ec

(5.1.11)

However, the value of the equilibrium electrode potential is often not well
defined (e.g. when the electrode reaction produces an intermediate that
undergoes a subsequent chemical reaction yielding one or more final
products). Often, an equilibrium potential is not established at all, so that
the calculated equilibrium values must often be used.
It should also be recalled that, for many electrodes in various solutions,
the open circuit electrode potential, i.e. the electrode potential in the
absence of current flow, is not the thermodynamic equilibrium but rather a
mixed potential, discussed in Section 5.8.4.
Polarization is produced by the slow rate of at least one of the partial
processes in the overall electrode process. If this rate-controlling step is a
transport process, then concentration polarization is involved; if it is the
charge transfer reaction, then it is termed charge transfer polarization, etc.
Electrode processes are often classified on this basis.
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5.2
5.2.1

Elementary Outline of Simple Electrode Reactions
Formal approach

The basic relationships of electrochemical kinetics are identical with those
of chemical kinetics. Electrochemical kinetics involves an additional parameter, the electrode potential, on which the rate of the electrode reaction
depends. The rate of the electrode process is proportional to the current
density at the studied electrode. As it is assumed that electrode reactions
are, in general, reversible, i.e. that both the anodic and the opposite
cathodic processes occur simultaneously at a given electrode, the current
density depends on the rate of the oxidation (anodic) process, va, and of the
reduction (cathodic) process, vC9 according to the relationship
j = nF(va-vc)

(5.2.1)

where n is the charge number of the electrode reaction appearing in the
general equation
2 v/(r Red, <± 2 v,.oOx, + ne

(5.2.2)

where Red, and Ox, are the reactants and v, r and v, o are the stoichiometric
coefficients.
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The rates of the partial anodic and cathodic processes at a given electrode
potential can often be expressed by the relationships

(5.2.3)
v

vc=K n c, ' °
where ka is the potential-dependent rate constant of the anodic process, kc
is the potential-dependent rate constant of the cathodic process, c, is the
concentration of reactant i, and the order of the electrode reaction with
respect to the ith reactant, v/ta or v /c , is given by the relationships
v, a = —
dlnu c

(5.2.4)

In more complicated reactions, the reaction orders v / a and v, c need not
and often do not correspond to the stoichiometric coefficients vir and vio.
In contrast to the latter, the reaction orders can often be fractional or even
negative. The concentration of a given reactant can sometimes appear in the
expressions for both the anodic and the cathodic reaction rates.
If it is known which of the reactions determine the rate of the overall
complex electrode process, then the concept of the stoichiometric number of
the electrode process v is often introduced. This number is equal to the
number of identical partial reactions required to realize the overall
electrode process, as written in an equation of type (5.2.2).t If the rate
constant of this partial rate-determining reaction is /ca, then ka — k'Jv. Thus,
for example, if the first of reactions (5.1.7) is the rate-determining step in
the overall electrode process (5.1.4) then the stoichiometric number has the
value v = 2.
5.2.2

The phenomenological theory of the electrode reaction

As the generality of equations of type (5.2.3) should not be exaggerated
(e.g. in the presence of strong adsorption, such as in electrocatalytic
processes, they are no longer valid), the basic features of electrochemical
kinetics will be explained by using the simple electrode reaction
Red<^Ox + Aze

(5.2.5)

t A different formulation would be: the stoichiometric number gives the number of identical
activated complexes formed and destroyed in the completion of the overall reaction as
formulated with charge number n.
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The rate of the oxidation reaction (i.e. the amount of substance oxidized
per unit surface area per unit time) is given by the relationship (cf. Eq.
5.2.3)
Va = kaCRed

(5.2.6)

and the rate of the reduction reaction by the relationship
vc = kccOx

(5.2.7)

The oxidized and reduced forms can be dissolved in the electrolyte but
can also be present as a solid phase (metal, insoluble compound). In the
latter case, the concentration of these electroactive substances is constant
and is set by convention equal to unity. The reduced form can also be
dissolved in the form of an amalgam in mercury representing the electrode
material.
The rate of the electrode process—similar to other chemical reactions—
depends on the rate constant characterizing the proportionality of the rate
to the concentrations of the reacting substances. As the charge transfer
reaction is a heterogeneous process, these constants for first-order processes
are mostly expressed in units of centimetres per second.
Similarly as for chemical reactions, the rate constants of the electrode
reactions can be written in terms of the Arrhenius equation
(5.2.8)
(5.2.9)
where Pa and Pc are the pre-exponential factors which are independent of the
electrode potential, and A/?a and AHC are the activation enthalpies of the
oxidation (anodic) and reduction (cathodic) electrode reactions, respectively. The wavy line indicates that these quantities depend on the electric
potential difference between the electrode and the solution, A0 = 0(m) —
0(1). Since, according to Eq. (3.1.69), this quantity is identical, except for a
constant, with the electrode potential, A$ = E •+• constant, the activation
enthalpy depends on the electrode potential. As demonstrated in a number
of experiments, the rate of the electrode reaction is approximately an
exponential function of the electrode potential; the rate of the cathodic
(reduction) electrode reaction increases towards negative electrode potential values, while the rate of the anodic (oxidation) electrode reaction
increases with increasing (positive) electrode potential. This dependence of
the rate of the electrode reaction on the electrode potential appears in a
simple functional dependence of the activation enthalpy. Thus, in an
approximation, the activation enthalpy of the cathodic reaction is expressed
as
AHC = A//° + ocnFE

(5.2.10)
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where or is a constant termed the charge transfer coefficient. In general,
however, this quantity is also a function of the electrode potential (see
Section 5.3).
The functional dependence of the activation energy of the anodic
electrode reaction can be derived as follows. According to the definition of
the rate of the electrode reaction, the partial current density
(5.2.11)

Kcd

corresponds to the anodic electrode reaction and t h e current density
-jc = nFkccOx

(5.2.12)

to the cathodic electrode reaction. The overall current density is given by
the relationship
) = / a +/c = nF(kacRed

- kccOx)

(5.2.13)

In the absence of current (/ = 0), the system is in equilibrium but the
electrode reactions nonetheless proceed. Thus, similar to chemical equilibria, the electrode equilibria have a dynamic character. Under equilibrium
conditions
(5.2.14)
Substitution of Eqs (5.2.8), (5.2.9) and (5.2.10) into this equation yields

P e x p

^

l ~ R T — )

C o x

(5215)

and, after rearrangement,

aE.^=.^+«Iln&+SI,n^
nF

nF

nF

(5.2.16)
Fa

nF

c Red

The equilibrium electrode potential is given by the Nernst equation (cf.
3.2.17),
E

E° +

lln ^
£ °+' +
lln ^
(5.2.17)
nF
aRed
nF cRed
where EOr is the formal potential of the half-cell reaction (5.2.5) (cf. Section
3.1.5). These equations satisfy Eqs (5.2.8) and (5.2.9) when
A# a = A/fa* - (1 - a)nFE

(5.2.18)

Obviously 0 < a r < l . For the conditional (formal) electrode potential we
obtain

^ - ^ - ^ g

(5.2,9)
P"
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If the system is at equilibrium at the formal potential, cOx = ^Red (see Eq.
5.2.14) and thus
ka = kc = k^

(5.2.20)

The quantity k^ is termed the conditional (formal) rate constant of the
electrode reaction. It follows from Eqs (5.2.8), (5.2.9), (5.2.10) and (5.2.18)
that

Substitution for Paexp(-AH°JRT)
and Pcexp(-AH°JRT)
from these
equations into Eqs (5.2.8) and (5.2.9), considering Eqs (5.2.10) and
(5.2.18), yields the equations for the dependence of the rate constant on the
electrode potential:

[»-^< E - £ "»]

(5.2.22)

A further substitution from these equations into Eq. (5.2.13) yields the
fundamental equation of electrochemical kinetics:

(5.2.24)
In addition to the thermodynamic quantity EOr, the electrode reaction is
characterized by two kinetic quantities: the charge transfer coefficient a and
the conditional rate constant fc"0". These quantities are often sufficient for a
complete description of an electrode reaction, assuming that they are
constant over the given potential range. Table 5.1 lists some examples of the
constant A:°. If the constant k^ is small, then the electrode reaction occurs
only at potentials considerably removed from the standard potential. At
these potential values practically only one of the pair of electrode reactions
proceeds which is the case of an irreversible or one-way electrode reaction.
As mentioned above, at equilibrium two opposing currents pass through
the electrode, with absolute values termed the exchange current. The
exchange current density j0 can be expressed at an arbitrary value of the
equilibrium potential as a function of the concentrations of the oxidized and

Table 5.1

Conditional electrode reaction rate constants k^ and charge transfer coefficients a. (From R. Tamamushi)

System

Cu(NH 3 ) 2 2 + +2e^Cu(Hg)

Electrolyte
solution
1 M HCIO4
1 M HCIO4
1 M H2SO4

Electrode

Method

Ag
Hg
C paste
Hg

25
25
25
20

IMKCI
0.5MHC1O4
IMHCI
1MKNO3
1.1MHC1O4
IMKOH

Hg
Pt
C
Pt
Hg
Pt

20
25
21
35
24 ± 2
20

2.1 x KT4
9 x 10~6
1.2 x l O ' 4
6.6 X10- 2
1.3
1.2 x H T 2

—
0.50
0.59
0.49
0.28
—

1 M HC1O4
1 M tartaric
acid
1 M HC1O4
1 M HC1O4
0.014 M NaNO3
1.05MNaNO3

Hg
Hg

22
20

2.0
9 x 10- 3

0.50
—

Hg
Hg
Hg
Hg

22
20
22
22

1.8
3.2 x l O ' 3
5 x 10-2
3 x 10- 3

—
0.52
0.25-0.30
0.25-0.30

1MNH3,

1 M NH4C1
Fe

3+

+e+±Fe

2

0.025 ± 0.005
0.35 ±0.03 0.14 ±0.02
3.8 x 1 0 4
0.28
1.1 x l 0 ~ 2
—

Chronopotentiometry
Faradaic impedance
Current-potential curve
Faradaic impedance
Faradaic impedance
Current-potential curve
Current-potential curve
Faradaic rectification
Faradaic rectification
Voltammetry at rotating
disk electrode
Faradaic impedance
Faradaic impedance
Faradaic impedance
Faradaic impedance
Polarography
Polarography
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reduced forms of the electroactive substance. Equation (5.2.24) gives

[

^

]

(5.2.25)

Substitution for E - EOr from the Nernst equation (3.2.14) or (5.2.17) yields
^

(5.2.26)

The charge transfer coefficient a can be found from the dependence of ; 0 on
cOx or cRed.
It is often useful to express the current density as a function of the
overpotential rj = E — Ee (cf. Eq. 5.1.11) and of the exchange current
density. On substituting for k^ from Eq. (5.2.26) and for E - EOr,
RT
E - E0' = r, + — In (cOx/cRed)

(5.2.27)

into Eq. (5.2.24) we obtain the equation

(see Fig. 5.2). The j — rj dependence is termed the polarization curve
(voltammogram). If the overpotential is small (r}<RT/nF), then, on
expanding the exponential function and neglecting all the terms in the series
except the first two, we have
^

(5-2.29)

The value of the exchange current determines the deviation of the
electrode potential from the equilibrium value during the current flow. The
greater the deviation, the slower the electrode reaction. It follows from Eq.
(5.2.29) that

The reciprocal value of this differential quotient,
P

_ RT
nFj0

(5.2.31)

has the dimensions of resistance; it is termed the polarization resistance at
the equilibrium potential. This resistance is referred to the unit electrode
area.

1

260
1

' /-

1

8/

i

I

—

/0.75

4-

/

I

1°

^^*--~~~

-

f

-

-4-

-8

-0.08

0.5

-0.04

1
1
0
0.04
Overpotential tyV

1
0.08

Fig. 5.2 Dependence of the relative current
density j/j0 on the overpotential rj according to
Eq. (5.2.28). Various values of the charge
transfer coefficient a are indicated at each
curve. Dashed curves indicate the partial current densities (Eqs 5.2.11 and 5.2.12 for a =
0.5). (According to K. Vetter)

Plotting the overpotential against the decadic logarithm of the absolute
value of the current density yields the Tafel plot' (see Fig. 5.3). Both
branches of the resultant curve approach the asymptotes for
\ri\»RT/F.
When this condition is fulfilled, either the first or second exponential term
on the right-hand side of Eq. (5.2.28) can be neglected. The electrode
reaction then becomes irreversible (cf. page 257) and the polarization curve
is given by the Tafel equation
= a+b\og\j\

(5.3.32)
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Fig. 5.3 Tafel diagrams for the cathodic and the anodic current density for
a = 0.25 and y0 = 1(T4 A • cm"2
For an anodic process, the quantities a and b are given by the relationships
a— —
b =

2.3RT
log/o
— a)nF

2.3RT
1 - oc)nF

(5.2.33)

(5.2.34)

and for cathodic processes,
2.3 RT
<*=
=-log/ 0
ocnF
b= -

(5.2.35)

2.3RT
ocnF

Very often, the value of the formal electrode potential E'o is not known
for an irreversible electrode reaction. The overpotential rj cannot, therefore,
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be determined and the Tafel equation is then used as an operational
formula in the form
E = a + blog\j\

(5.2.36)

It is often useful to replace this equation by Eq. (5.2.24) modified for an
irreversible process (occurring at large overpotentials), which has the
following form for cathodic processes:

j = -nFk^ exp [

^

/ ocn¥E\
= -nFkcony exp ^ - - ^ - J c O x

}

- jc O x
(5.2.37)

The quantity /cconv = k°~ txp(anFEOt/RT)
is the value of the rate constant
of the electrode reaction at the potential of the standard reference electrode
and will be termed the conventional rate constant of the electrode reaction.
It can be found, for example, by extrapolation of the dependence (5.2.36)
to E = 0, as
,

_ -Q')E=O

^conv ~

j7

(t.

,

yj.Z,.Jo)

The existence of the exchange current was clearly demonstrated by Pleskov
and Miller on experiments with a solution containing metal ions labelled
with a radioactive isotope. The solution was in contact with a dilute
unlabelled amalgam of the same metal. The electrode reaction (proceeding
in absence of an external voltage imposed on the metal) involved exchange
of the labelled ions for unlabelled atoms in the amalgam. The rate of
enrichment of the amalgam by the labelled isotope and its dependence on
the concentrations of the solution and amalgam were completely in
agreement with the relationship derived for the exchange current (5.2.26).
The experiments were carried out under strong stirring, to suppress the
effect of diffusion on the rate of the electrode process.
An electrode reaction in which the oxidized form accepts more than one
electron usually proceeds as a series of one-electron reaction steps. As will
be demonstrated below, if the formal potentials of these partial electrode
reactions satisfy certain conditions, then the electrode reaction simulates the
transfer of several electrons in one step (Eq. 5.2.5) and obeys Eq. (5.2.24).
An example is the two-electron reaction of substance Au converted to
substance A3 by the transfer of two electrons, where the reaction occurs
through the unstable intermediate A2:
A, + e *=^± A2

(5.2.39)

*a,l

A2 + e *=^± A 3

(5.2.40)
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The charge transfer reaction (5.2.39) is characterized by the formal
electrode potential £?', the conditional rate constant of the electrode
reaction kf and the charge transfer coefficient ocly while the reaction
(5.2.40) is characterized by the analogous quantities E2', kf and a2. If the
rate constants of the electrode reactions, which are functions of the
potential, are denoted as in Eqs (5.2.39) and (5.2.40) and the concentrations of substances A l5 A2 and A3 are cu c2 and c3, respectively, then
- - = kc,\C\ + kcac2 - kalc2 - kaac3
(5.2.41)
r
The concentration of the unstable intermediate A2 is obtained from the
steady-state condition,
dc2
— = 0 = kcAcx - kcac2 - kaJc2 + kaac3

(5.2.42)

Substitution for c2 in Eq. (5.2.41) yields
J
^r

=

kcikc2
/

(5.2.43)

c

^c,2 ' ^a,l

^c,2 ~» ^ a , l

It will be assumed that in a given potential range
£a,l«£c,2

(5.2.44)

This condition expresses the fact that reaction (5.2.39) determines the rate
of the overall process. On neglecting kal in the denominator of Eq.
(5.2.43), substitution of

(5.2.45)

yields
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Introduction of new constants

= kY exp I

RT J
(5.2.47)

converts Eq. (5.2.46) to Eq. (5.2.24) for n = 2. A similar result would be
obtained if the rate of the overall reaction were controlled by the reaction
(5.2.40). Thus, assuming the validity of Eqs. (5.2.42) and (5.2.44), the
stepwise transfer of electrons can formally yield the same dependence of the
current on the potential as for direct transfer of several electrons in one
step.
This is a very common case in irreversible, multielectron electrode
reactions. The rate-controlling process is often the first step in which, for
example, a single electron is accepted, while the other reactions connected
with the acceptance of further electrons are very fast and the rate of the
reverse (here oxidation) reaction is negligible. Equation (5.2.46) gives

The overall charge number of the electrode reaction is then n> while the
exponential term in the rate constant of the electrode reaction has a form
corresponding to a one-electron reaction. If the value of EOf is not known,
then the conventional rate constant of the electrode reaction is introduced,
kcony = kf'exp(alFE%'/RT),
so that Eq. (5.2.48) can be expressed in the
form
j = - nFkcony exp ( - ~ " ) c i

(5.2.49)

If the single-electron mechanism has not been demonstrated to be the
rate-controlling process by an independent method, then, in the publication
of the experimental results, it is preferable to replace the assumed quantity
ocx by the conventional value cm, provided that the charge number of the
overall reaction is known (e.g. in an overall two-electron reaction it is
preferable to replace 0^ = 0.5 by or = 0.25). If the independence of the
charge transfer coefficient on the potential has not been demonstrated for
the given potential range, then it is useful to determine it for the given
potential from the relation for a cathodic electrode reaction (cf. Eq. 5.2.37):
2.3*rdlog|/|

a

^^F^E~

(5 250)

-
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A similar relationship is valid for the charge transfer coefficient of the
anodic electrode reaction, a,a.
The determination of the activation energies of electrode reactions is
especially important for the theory of electrode reactions and for study of
the relationship between the structure of the reacting substances and the
electrode reaction rates.
Several descriptions of electrode reaction rates discussed on the preceding
pages and the difficulty to standardize electrode potential scales with respect
to different temperatures imply several definitions of activation energies of
electrode reactions. The easiest way to determine this quantity, for example,
for an irreversible cathodic process, employs Eqs (5.2.9), (5.2.10) and
(5.2.12) at a constant electrode potential,
AH°c+anFE

A//*
(5Z51)

This apparently simple expression is actually only conventional; it must be
realized that the electrode potential at various temperatures does not differ
by only an additive constant when it is referred to different standard
reference electrodes, but also by the product of the change in the
temperature and the temperature coefficient of this additive constant (see
Section 3.1.4). Often, however, the actual value of the activation energy at
constant potential AH\ is not of interest, but rather its increase AAi/f,
giving the change in the activation energy between two members, e.g. in a
homologous series of electroactive substances (see Section 5.9.1). This
quantity does not depend on the electrode potential if the charge transfer
coefficient a is constant for the electrode process in the studied group of
substances. In this case

_AAfl?AAHf
(( 5 2 25522))
dT ) E RT2
RT2
The standard activation energy of the electrode reaction Hi is defined as

Equation (5.2.21) gives
d In fc° _ AHl - (1 - a)nFEOf AH°C + cmF£0'
57 "
RT2
~
RT2

(5.2.54)

Elimination of E 0 ' from this equation yields
Hi = aAHl + (1 - a)AH()c
(5.2.55)
The third type of activation energy is the activation energy at constant
overpotential (rj »RT/F), defined by the equation
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Table 5.2

Activation energies of electrode reactions (From R. Tamamushi and
from A. A. Vlcek)
Electrolyte
solution

System

Electrode

A/Z^kJ-moP 1 )

Cu(NH3)22+ + 2e +± Cu(Hg)

1 M NH 3 ,
1 M NH4C1

Hg

20.9

Ei^ + e^Eu"
MnO4~ + e +± MnO42~
Tl+ + e*±Tl(Hg)

IMKCI
IMKOH

Hg
Pt
Hg

37.6
19.6
8.0

Hg
Hg
Hg

32.6
59.0
53.0"

V ni + e+±V n
VIV + e«±V m
Co(NH3)63+ + e *± Co(NH3)62+

0.33 M K2SO4
5 mM H2SO4
1 M HC1O4
0.1MH2SO4
0.14MHC1O4

1.26MNaClO4
a

AH\; E = 0.333 V vs. SHE.

For an anodic process, this quantity is given by a relationship following from
Eqs (5.2.28), (5.2.26), (5.2.53) and (5.2.55):
AHl = AHl - (1 - a)nFrj

(5.2.57)

and for a cathodic process by the relationship
AHl = AHl + cmFri

(5.2.58)

Table 5.2 lists examples of the activation energies of electrode reactions.
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5.3 The Theory of Electron Transfer
5.3.1 The elementary step in electron transfer
This part is concerned with discussion of the reaction mechanism in a
narrower sense, i.e. the 'microscopic' elementary step in the electrode
reaction, connected with the transfer of a single electron between the

267
electrode and the oxidized or reduced form of the electroactive substance.
The possibility of adsorption interaction between the electrode and the
electroactive substance is excluded.
The contemporary theory of chemical reactions attempts to describe
similar microscopic steps on the basis of construction of the potential energy
hypersurface of the reacting system if the applicability of the BornOppenheimer approximation can be assumed. In this approximation, also
called the adiabatic approximation, the nuclear motion of the atoms
(forming the molecules of the reactants and products) is supposedly
independent of the motion of the electrons forming the electron shells of
these atoms. The path of the reacting system across this hypersurface is
termed the system trajectory. An advantageous system trajectory passing
through a minimum in the valley of the energies of the reactants and
products and through a saddle point on the hypersurface is the reaction path
of the system. Obviously, construction of the potential energy hypersurface
of the system encounters numerous difficulties and is possible only in the
simplest case (reactions in the gaseous state). Thus, the discussion of
elementary processes is often limited to discussion of energy profiles, based
on a cross-section through the hypersurface along the estimated reaction
pathway, where the resultant diagram, the reaction profile, describes only
the dependence of the potential energy on the reaction coordinate. The
reaction coordinate indicates the change of a single space coordinate of the
system during the reaction.
Attempts were made to quantitatively treat the elementary process in
electrode reactions since the 1920s by J. A. V. Butler (the transfer of a
metal ion from the solution into a metal lattice) and by J. Horiuti and M.
Polanyi (the reduction of the oxonium ion with formation of a hydrogen
atom adsorbed on the electrode). In its initial form, the theory of the
elementary process of electron transfer was presented by R. Gurney, J. B.
E. Randies, and H. Gerischer. Fundamental work on electron transfer in
polar media, namely, in a homogeneous redox reaction as well as in the
elementary step in the electrode reaction was made by R. A. Marcus (Nobel
Prize for Chemistry, 1992), R. R. Dogonadze, and V. G. Levich.
In polar media, the strong solvation interaction between the ions and
solvent dipoles, with an energy of the order of 10-102kJ • mol"1, must be
considered for electron transfer between the electrode and the electroactive
ion, or between two components of the redox system in solution. Thus,
charge transfer is connected with a marked change in the solvation shell,
and the activation energy of this transfer depends on the momentary
configuration of the solvation shell given by its thermal fluctuations.
A comparison of the transfer between two species in a vacuum and in the
condensed phase reveals marked differences. Figure 5.4A depicts the energy
levels of an electron in two species, where level eA in species A is occupied
and level eB in species B is empty. If these levels had different energies, as
indicated in the figure, then the non-radiant energy transfer would be
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£r A (x 0 ,i)
£B(x0li)

Fig. 5.4 Electron transfer in vacuo and in solution. (A) When the electron
donor and the proton acceptor have very different corresponding energy
levels the electron transfer is impossible. (B) When the reaction partners
are present in a solution, then a change in their configuration can bring
their corresponding energy levels close together (dashed line) so that
electron transfer is possible. (C) An analogous situation is in the system of
an electrode and an electroactive particle in solution

connected with an energy change that would have to appear instantaneously
(during 10"15-10"16s) in the kinetic energy of the reacting species.
However, such a rapid change of velocity of the particles is impeded by the
inertia of the particles, so that electron transfer between levels of different
energies is highly improbable. It becomes probable only when both the
levels have approximately the same energy. This condition is termed the
Franck-Condon principle (isoenergetic electron transfer). It is also valid for
electron transfer in solution (where it was applied first by W. F. Libby), but
in this case the time-dependent interaction of the electron donor or acceptor
with the solvent dipoles plays a decisive role (Fig. 5.4B). Thus, by the
momentary configuration of the solvation shell, which determines both eA
and eB> the system can approach the situation eA ~ eB (although in the
ground state £ A ^ £ B ) - This is also true of the system consisting of an
electron in the electrode and an electron in the electroactive particle in
solution (Fig. 5.4C). Here, the energy level of the electron in the electrode
is given by the Fermi level (the participation of excited states will be
considered later).
The development of the theory of the rate of electrode reactions (i.e.
formulation of a dependence between the rate constants k.A and kc and the
physical parameters of the system) for the general case is a difficult
quantum-mechanical problem, even when adsorption does not occur. It
would be necessary to consider the vibrational spectrum of the solvation
shell and its vicinity and quantum-mechanical interactions between the
reacting particles and the electron at various energy levels in the electrode.
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Configuration ol nuclei
Fig. 5.5

Energy profile of the transition of the reactant R to the
product P. (According to R. A. Marcus)

The limitation of the problem to a single energy profile is depicted in Fig.
5.5 as a symbolic dependence of the potential energy of the reacting system
on the reaction coordinate.
If, according to the Marcus theory, the system passes rapidly through the
region of intersection of the potential energy curves for the initial state (R)
and for the final state (P), then there is insufficient time for the electron
transfer, so that the system mostly passes through the intercept into the
upper part of the R curve; the probability of electron transfer is low,
characterizing non-adiabatic electron transfer. When the system passes
through the intercept region slowly (i.e. with a slow change in the
configuration of the atomic nuclei), then electron transfer almost always
occurs. This is characteristic of adiabatic electron transfer.
The slow process is termed reorganization of the system. According to
Marcus, the following contributions are involved:
(a) Changes in the energy and entropy of the internal structure of the
species as a result of changes in the bond lengths and angles
(b) Changes in the size of the reacting particle
(c) Changes in the vibrational and orientational polarization of the vicinity
of the particle
Further considerations will deal only with the simple case where the slow
process involves a change in the solvation shell of the reacting species, e.g.
for the Fe3+(aq) and Fe2+(aq) ions.
The applicability of the assumption of an adiabatic process depends on
the vibration frequency of the slow system (i.e. of the solvation shell). The
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criterion is the quantity kT/hco, where fi is Planck's constant divided by 2n
and co is the angular frequency of vibration. At laboratory temperature
kT/hco =* 10~13. For the vibration of the solvent shell co«kT/h while for
the vibration of the electron shell co » kT/ft, which means that the electron
transfer can be considered as adiabatic. Under these conditions, a further
simplification is possible as the whole problem can be treated classically, the
vibrations of the solvation shell being discussed in terms of a set of classical
harmonic oscillations.
In order to describe properly the electron transfer between the electroactive ion B z+ and the electrode
Bz+(l) + e(m)-*B (2 - 1)+ (l)

(5.3.1)

the following assumptions are necessary:
(a) The solvation shells of the ions Bz+ and B (2 ~ 1)+ vibrate harmonically
with identical frequency co> so that the potential energies of both
solvation shells can be expressed by identical mutually shifted
parabolas.
(b) Quantum-mechanical effects need not be considered in the region
around the activated complex (in the vicinity of the intersection of the
two parabolas).
(c) The kinetic energy of the system is identical in the initial and final
states.
(d) Only electrons from the Fermi level in the electrode and from the redox
system in the solution in the ground state participate in the electrode
reaction.
(e) The concentrations of the ions Bz+ and B (2 ~ 1)+ are equal to unity.
The profile of the potential energy Ep of the reacting system in
dependence on the reaction coordinate x is shown in Fig. 5.6. The curve
denoted as R corresponds to the initial state of the system. The coordinates
of its minimum, i.e. the ground state of the system, are xQ(i), 0. The curve
for the final state P is shifted by a value corresponding to the difference
between the final and initial energies of the electronic subsystem, AEC. The
coordinate xo(f) corresponds to the minimum on the potential curve for the
final state. The potential energy of the initial state of the system is given by
the equation
Ep:i = ^mco2[x-x0(i)]2

(5.3.2)

(where m is the effective mass of the vibrating system) and the energy of the
final state by the equation
£P,f = \mco\x - jco(f)]2 + A£ e

(5.3.3)

At the intercept, the quantities Ep{ and Ep{ are equal to the activation
enthalpy of the cathodic electrode reaction A//c. The corresponding
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Fig. 5.6 Dependence of th
the potential energy Ep of
the system
m on the reaction coordinate x during electron transfer.
f
AHC is
i the
h cathodic
h d i activation
i i energy,
JC* the reaction coordinate corresponding to the intersection of R and P, AEC the change in the electronic
energy from the ground states of the system and ET
the reorganization energy

reaction coordinate is given by the equation
AHC = \mio\xx

- jco(i)]2 = \mcD2[xx - x o (f)] 2

(5.3.4)

Thus,
X — 21-toW ~ •*ol.l/'J "*" ^^el-^OVl/ ~

(5.3.5)

Substitution into Eq. (5.3.4) yields
AH =

(Et + AEe)2
AEV

(5.3.6)

where Er is the reorganization energy of the system,
(5.3.7)

The difference between the electronic energies of the final and initial states
must include the energy of ionization of the ion B (z ~ 1)+ in vacuo (where its
ionization potential is complemented by the entropy term TA5,), the
interaction energy of the ions B 2+ and B (z ~ 1)+ with the surroundings, i.e.
the solvation Gibbs energies, and finally the energy of an electron at the
Fermi level in the electrode. These quantities can be expressed most simply
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in terms of the electrochemical potentials of the appropriate species (cf. Eq.
3.1.17 and 3.1.18):
AEe = ti&MV

- ^ B - ( I ) " ^e(m) + F[0(m) - 0(1)]

(5.3.8)

0

where pi ' denotes the 'formal' chemical potentials (for unit concentrations).
It is assumed for simplicity that metal m is also the material of the
standard hydrogen electrode, for which (cf. Eq. 3.1.61):

>±M!n>

(5.3.9)

Substitution of 0(1) into Eq. (5.3.8) together with the relationship 0(m) 0(m') = E yields
AEe = F(E-EOf)

(5.3.10)

Or

where E is the formal electrode potential of the redox electrode reaction
defined by Eq. (5.3.1) (formulated as a reversible reaction),

.o,

^Ox/Red =

f&-'>+0) ~ f & + 0 ) ~+ p k O ) ~ W g )
t

~-

i n
(5.3.11)

Equation (5.3.6) then assumes the form
~£°"/Red)]2
(5.3.12)
4ET
The general relationship for the activation energy including both the
electrode reaction and the chemical redox reaction as derived by Marcus in
the form

&±^±^>!

(5 .3. 13 )

where vvr and wp are the works required to bring the reactants together and
to separate the products and AG° is the standard Gibbs energy change for
the reaction. For electrode reactions, the quantities wr and wp appear in the
effect of the electrical double layer on the rate of the electrode reaction (see
Section 5.3.2).
If the effect of the electrical double layer is neglected (e.g. at higher
indifferent electrolyte concentrations), the rate constant of the cathodic
reaction is approximately given by the equation
kc = rspa)K exp (^ -

J

where rs is the geometric mean of the radii of the oxidized and of the
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reduced form of the electroactive species, r — (rslrs?2)1/2, p is the number of
electronic states per unit area in the conductivity band of the electrode, a) is
the vibrational frequency of the molecule in the solvation sheath and K is
the transmission coefficient, with a value of K ~ 1 for an adiabatic process
and K «1 for a non-adiabatic process. As it is assumed that the electron is
transferred to a species whose centre lies in the outer Helmholtz plane, the
volume concentration of the reactants is converted by the factor 2rs to the
surface concentration. The density of the electronic states available for the
transfer reaction is estimated as p/2. This is a considerable simplification; in
a more exact approach, the quantity p should be multiplied by the Fermi
function (Eq. 3.1.10), ^ ( m ) - F0(m) = fie(m) in Eq. (5.3.8) should be
replaced by the energy of an electron level e and the whole expression
should be integrated with respect to e. However, the more precise solution
would not lead to a great improvement because of the great many other
simplifications involved in the present treatment.
In the same way the equation for the rate constant of the anodic reaction
is obtained:

[J

~ ^Ox/Red)] ]

(5.3.15)
ARTEr
J
The charge transfer coefficient defined by Eq. (5.2.50) is given with
respect to Eq. (5.2.12) as
ka = rspo)K exp

(5.3.16)
and is in general not a constant quantity. This is apparent from Fig. 5.7,
0
-2
-4

1
-6
-8
-0.4

-0.2

0

0.2

0.4

Overpotential ^,V
Fig. 5.7 Dependence of the rate constant of the cathodic reaction Fe 3+ +
e-H>Fe2+ in 1 M HC1O4 on the overpotential. (According to J. Weber, Z.
Samec and V. Marecek)
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depicting the dependence of the rate constant of the cathodic reduction of
Fe3+(aq) ions on the potential.
Very often the reorganization energy is rather large (the barrier for the
process is high), ET»F \E - Eox/Rcd\, and Eq. (5.3.14) attains a simplified
form,

[£/4

+

^Er-£—>]

(5.3.17)

which is identical with Eq. (5.2.23) for fc° = rspcojcexp {-EJ4RT), n = \
and a = \. It should be recalled that the value a = \ is connected with the
assumption of a single harmonic oscillator with the same frequency in the
initial and final states of the electrode reaction. In the general case when
this assumption is not fulfilled, the charge transfer coefficient can assume
various values between 0 and 1, as given in the description of the
phenomenological theory (Section 5.2). At a sufficiently large value of the
quantity A£ e , the intercept between the curves R and P approaches the
minimum on the curve of the final state P and, according to Eq. (5.3.16),
the charge transfer coefficient approaches unity. In this situation, however,
as shown by L. I. Krishtalik, the electrons from the region above the Fermi
level will participate in the process so that a further increase in AEe will not
result in a shift of the intercept in Fig. 5.6 along curve P to the right. On the
contrary, the activation energy will increase in the same way as A£ e
increases, i.e. the charge transfer coefficient retains the value of unity. This
barrierless state has been observed for a number of electrode processes, e.g.
for the hydrogen evolution reaction at mercury (see page 355).
The above-described theory, which has been extended for the transfer of
protons from an oxonium ion to the electrode (see page 353) and some more
complicated reactions was applied in only a limited number of cases to
interpretation of the experimental data; nonetheless, it still represents a
basic contribution to the understanding of electrode reactions. More
frequently, the empirical values n, A:° and a (Eq. 5.2.24) are the final result
of the investigation, and still more often only fcconv and an (cf. Eq. 5.2.49)
or the corresponding constant of the Tafel equation (5.2.32) and the
reaction order of the electrode reaction with respect to the electroactive
substance (Eq. 5.2.4) are determined.
5.3.2

The effect of the electrical double-layer structure on the rate of the
electrode reaction

The electrode reaction occurs in the region where by the influence of the
electrode charge an electric field is formed, characterized by the distribution
of the electric potential as a function of the distance from the electrode
surface (see Section 4.3). This electric field affects the concentrations of the
reacting substances and also the activation energy of the electrode reaction,
expressed by the quantities wr and wp in Eq. (5.3.13). This effect can be
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explained in terms of the phenomenological theory (Section 5.2.2) by the
procedure proposed by A. N. Frumkin. In the electrode reaction the
reacting particles approach the electrode to the smallest possible distance
they can reach without adsorption, i.e. to the outer Helmholtz plane. The
concentrations of reacting particles at this distance from the electrode, c'Ox
and c Red , are given by Eq. (4.3.5) as
/
zOxFct>2\
Cox = c O x e x p ^ - RT )
ZRedF<t>2

= c R e d exp

I"

(z O x - n)F(j)2l

L

RT

J

The value of the electric potential affecting the activation enthalpy of the
electrode reaction is decreased by the difference in the electrical potential
between the outer Helmholtz plane and the bulk of the solution, 02> so that
the activation energies of the electrode reactions are not given by Eqs
(5.2.10) and (5.2.18), but rather by the equations
AHC = AH° + anF(E - 4>2)
V

S }

(5.3.19)

A// a = AH°a - (1 - a)nF(E - <t>2)
Under these conditions, Eq. (5.2.24) becomes
,^f

[(1 —a)nF(E
K

j = zFk^xp ^

exp

-

— d)2 2 —E°')l
}

RT

f

(2:

~^)^02l
^2 '
RT

- ] exp [ - > OxO x

*

[

anF(E - $2- £°')-|

I

RT

exp

/

J I~
(5.3.20)

where ; ( 0 2= 0) i s the current density given by Eq. (5.2.24).
Figure 5.8 depicts the experimental Tafel diagram in log \j\ — E
coordinates for the electrode reaction of the reduction of oxygen in
0 . 1 M N H 4 F and 0 . 1 M N H 4 C 1 at a dropping mercury electrode (after
correction for the concentration overpotential, described in Section 5.4.3).
As the reduction of oxygen to hydrogen peroxide is a two-electron process
(see Eq. 5.7.7) with the rate controlled by the transfer of the first electron,
where ka = 0, it can be described by a relationship formed by combination
of Eqs (5.2.48) and (5.3.20):

pf<E-^-';0'>].

(5.3.21)

-160

-240

-320

Electrode potential, vs.NCE,mV

Fig. 5.8 Tafel diagram for the reaction O2 + 2e—»H2O2 on the mercury electrode for oxygen
concentration of 0.26 mmol • dm~3.
• 0.1 M NH4F, dependence of current density / o n E;
C 0.1 M NH4F, dependence of y on E — 0 2 ;
3 0.1 M NH4C1, dependence of; on E\
O 0.1 M NH4CI, dependence of; on E — <p2By means of the Frumkin correction, identical Tafel diagrams for different media are obtained.
(According to J. Kuta and J. Koryta)

-1.2

-1.4

-1.6

Electrode potential E,V

Fig. 5.9 Tafel diagram for the reaction S2O82 + 2e^> 2SO22 at a mercury electrode. Electrolyte: 1 mM Na2S2O8
and varying concentrations of NaF: (1) 3, (2) 5, (3) 7, (4) 10, (5) 15, (6) 20mmol • dm 3. (According to A. N.
Frumkin and O. A. Petrii)
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Correction for the effect of the potential difference in the diffuse layer is
carried out by plotting log |/| against E — (j)2 rather than against E. It can be
seen from Fig. 5.8 that the corrected curves are identical for both
electrolytes.
The effect of the electrical double layer on the reduction of polyvalent
anions such as S2O82~ is especially conspicuous. Here it holds that
az -zOx<l.
At potentials corresponding to a negatively charged electrode
(E<Epzc), the potential of the outer Helmholtz plane is 0 2 <O and its
absolute value in dilute solutions increases with increasing negative potentials. This leads to a paradoxical situation: the rate of the cathodic reaction
decreases with increasing negative potential (see Fig. 5.9).
The Frumkin theory of the effect of the electrical double layer on the rate
of the electrode reaction is a gross simplification. For example, the
electrode reaction does not occur only at the outer Helmholtz plane but also
at a somewhat greater distance from the electrode surface. More detailed
considerations indicate, however, that Eq. (5.3.20) can still be used to
describe the effect of the electrical double layer as a good approximation.
Various approaches to the theory of electrode reactions with participation
of adsorbed react ants are beyond the scope of the present book. The effect
of of the electrical double layer is negligible for chemisorption (see Section
4.3.3 and 5.7.1).
For semiconductor electrodes and also for the interface between two
immiscible electrolyte solutions (ITIES), the greatest part of the potential
difference between the two phases is represented by the potentials of the
diffuse electric layers in the two phases (see Eq. 4.5.18). The rate of the
charge transfer across the compact part of the double layer then depends
very little on the overall potential difference. The potential dependence of
the charge transfer rate is connected with the change in concentration of the
transferred species at the boundary resulting from the potentials in the
diffuse layers (Eq. 4.3.5), which, of course, depend on the overall potential
difference between the two phases. In the case of simple ion transfer across
ITIES, the process is very rapid being, in fact, a sort of diffusion
accompanied with a resolvation in the recipient phase.
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5.4
5.4.1

Transport in Electrode Processes
Material flux and the rate of electrode processes

Material changes occurring during electrolysis at electrodes lead to mass
transport throughout the whole system. The mathematical treatment of
electrode processes involves relationships between the concentrations, their
gradients and the current densities, corresponding to the rates of processes
occurring directly at the electrodes (primarily the rates of electrode
reactions), as boundary conditions for the differential equation describing
transport processes in the electrolyte, formulated in Chapter 2. Sometimes
(small currents, strong mixing), the concentration changes are so small that
the effect of transport phenomena can be neglected.
According to Faraday's law, the current passing through the electrode is
equivalent to the material flux of electroactive substances. The disappearance of electroactive substances in the electrode reaction is considered
as their transport through the electrode surface. Consequently, only
diffusion and migration but not convection flux need be considered at the
electrode surface, as the electrode is impenetrable to the solution
components.
Assume that both the initial substances and the products of the electrode
reaction are soluble either in the solution or in the electrode. The system
will be restricted to two substances whose electrode reaction is described by
Eq. (5.2.1). The solution will contain a sufficient concentration of
indifferent electrolyte so that migration can be neglected. The surface of the
electrode is identified with the reference plane, defined in Section 2.5.1. In
this plane a definite amount of the oxidized component, corresponding to
the material flux /Ox and equivalent to the current density /, is formed or
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disappears in unit time. The reduced form participates in the reverse
process, connected with the material flux / Red . When both forms are present
in solution
j = nFJOx = -nFJRcd

(5.4.1)

j=-nFDOx[—-\

=nFDKed[——\

\ OX /x=o

(5.4.2)

\ OX /x=o

In general, for a larger number of electroactive substances, the partial
current densities corresponding to the individual substances are additive.
It is necessary to clarify the meaning of the distance, x = 0, from the
electrode. We must remember that the concentration changes resulting from
transport processes appear up to distances considerably larger than the
dimensions of the electrical double layer (the space charge region, i.e. the
region of the diffuse electrical layer, is mostly spread out to a distance of at
most several tens of nanometres). Thus 'zero' distance from the electrode
corresponds to points lying just outside the diffuse electrical layer. At this
distance, the concentrations of the electroactive substances are not yet
affected by the space charge. The influence of the surface charge is shown,
however, in the rate constants of the electrode reactions which appear in the
boundary conditions (see Section 5.3.2).
The current density corresponding to the electrode reaction (5.2.1) is
described by Eq. (5.2.13). Combination of Eqs (5.2.13) and (5.4.2) yields
dc
^

x

Z

=

^cCOx ~~ ^aCRed

(5.4.3)

kacRed

(5.4.4)

If the rates of the electrode reactions are large and the system is fairly close
to equilibrium (the electrode potential is quite close to the reversible
electrode potential), then the right-hand sides of Eqs (5.4.3) and (5.4.4)
correspond to the difference between two large numbers whose absolute
values are much larger than those of the left-hand sides. The left-hand side
can then be set approximately equal to zero, A:ccOx — k3icKcd ~ 0, and in view
of Eqs (5.2.14) and (5.2.17),
c

r(£-£°>F]
=
exp
—
Red

rk

(5A5)

which is a form of the Nernst equation. The electrode reaction thus
proceeds approximately at equilibrium (this is often termed a 'reversible'
electrode process).
When A —> o° or A —>0, then cRed—»0 or cOx—*0. A limiting current is then
formed on the polarization curve that is independent of the electrode
potential (see page 286). If the initial concentration, e.g. of the oxidized
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component, equals c°, then the equations of the limiting diffusion current
density yd are obtained for various types of diffusion and convective
diffusion; these equations follow from Eqs (2.5.8), (2.7.12) and (2.7.17)
after multiplication of the right-hand sides by — nF.
In the general case, the initial concentration of the oxidized component
equals Cox ar*d that of the reduced component c Red . If the appropriate
differential equations are used for transport of the two electroactive forms
(see Eqs 2.5.3 and 2.7.16) with the corresponding diffusion coefficients, then
the relationship between the concentrations of the oxidized and reduced
forms at the surface of the electrode (for linear diffusion and simplified
convective diffusion to a growing sphere) is given in the form
(5.4.6)
For the sake of simplicity, it will further be assumed that c Red = 0.
For the boundary conditions (5.4.5), i.e. the prescribed ratio of the
concentrations of the two forms, we may use the transformation
-A(D Ox /D Red ) 1/2 cg
1 + A(DOx/DRed)l/2
Together with the boundary condition (5.4.5) and relationship (5.4.6), this
yields the partial differential equation (2.5.3) for linear diffusion and Eq.
(2.7.16) for convective diffusion to a growing sphere, where D = DOx and
c° = CoJ[l +k(DOx/DRed)1/2]. As for linear diffusion, the limiting diffusion
current density is given by the Cottrell equation

jd=-nFclx(^}

(5.4.8)

and, for convective diffusion to a growing sphere (cf. Eq. (2.7.17)), by the
Ilkovic equation of instantaneous current,
jd = -nFc0Ox(7DoJ3jtt)1/2

(5.4.9)

the current density at an arbitrary potential for a 'reversible' electrode
process is
/ =

l + A(Poxd/£>Red)1/2

(5A10)

whence

Ox)

I J

v

}

where / and / d are the currents corresponding to the current densities / and
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For j = i/d, the half-wave potential Em is obtained:
Em_E

+ —ll

(5.4.12)

As the ratio of the diffusion coefficients in Eq. (5.4.12) is mostly very close
to unity, Em~EOf.
For a 'slow' electrode reaction (boundary conditions 5.4.3 and 5.4.4)
the substitutions, Eq. (5.4.6), kJkc = X, c = [1 + A(DOx/DRed)1/2]cOx
-A(DOx/Z)Red)1/2^ox and D = DOJ[1 + X(DOx/DKcd)m] convert the boundary conditions (5.4.3) and (5.4.4) to the form
= 0,

dc
D — = kcc
dx

t > 0,

(5.4.13)

while the partial differential equations (2.5.3) and (2.7.16) preserve their
original form. The solution of this case is

anF(E-EOfY
RT

-1 exp (Q2t) erfc (Qtm)

(5.4.14)

where

anF(E - E0')
RT
(see Fig. 5.10)
For large values of Qtm,

k

exp

(1 - a)nF(E - E0')
RT

this solution goes over to the diffusion-
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Fig. 5.10 Dependence of Y = j/(nFcOxk^) exp [anF(E - E°')/RT] on Q2t and
Qtm. (According to W. Vielstich and H. Gerischer)
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controlled case (Eq. 5.4.10). On the other hand, for small values of Qtm,
the rate of the process is controlled by the rate of the electrode reaction
alone,
j=

-nFkcc°Ox

(5.4.15)

The case of the prescribed material flux at the phase boundary, described
in Section 2.5.1, corresponds to the constant current density at the
electrode. The concentration of the oxidized form is given directly by Eq.
(2.5.11), where K= -j/nF. The concentration of the reduced form at the
electrode surface can be calculated from Eq. (5.4.6). The expressions for
the concentration are then substituted into Eq. (5.2.24) or (5.4.5), yielding
the equation for the dependence of the electrode potential on time (a
chronopotentiometric curve). For a reversible electrode process, it follows
from the definition of the transition time r (Eq. 2.5.13) for identical
diffusion coefficients of the oxidized and reduced forms that
T l/2

_

(5.4.16)
(see Fig. 5.11). For an irreversible electrode reaction (A:a = 0),
(5.4.17)
QX

1
01

I
"1

i
+ 0.2

Fig. 5.11 Chronopotentiometric curves for a reversible electrode reaction (Eq. 5.4.16) in E-t
(upper curve) and E-tV2 (lower curve) coordinates.
T denotes the transition time
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5.4.2 Analysis of polarization curves (voltammograms)
Electrode processes are often studied under steady-state conditions, for
example at a rotating disk electrode or at a ultramicroelectrode. Polarography with dropping electrode where average currents during the droptime
are often measured shows similar features as steady-state methods. The
distribution of the concentrations of the oxidized and reduced forms at the
surface of the electrode under steady-state conditions is shown in Fig. 5.12.
For the current density we have (cf. Eq. (2.7.13))
= nFD0xdol[(c0x)x=o

/ =
— nFKOx[(cOx)x==()

(

- c°Ox]

— cO)

(5.4.18)

f

dc A\
dc*
——— j

= -nFZ)Red6Red[(cRed)JC=0 - cRed]

= -nF/cRed[(cRed)JC=0 ~ cLd]

(5.4.19)

where <5Ox and <5Red are the thicknesses of the Nernst layer for the reduced
and oxidized forms and KOX and ic Red are the mass transfer coefficients.
Again, the case c Red = 0 will be considered. The limiting cathodic current

Fig. 5.12 Steady-state concentration distribution of the oxidized
and of the reduced form of an oxidation-reduction system in the
neighbourhood of the electrode
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density is
jd=-nFKOxc°Ox

(5.4.20)

For the concentration at the surface of the electrode, Eq. (5.2.24)
assumes the form

J-{

[ f f >
[ ^ < f f ^ ] } (5.4.21)

giving, after substitution for (cOx);t=0 and (c Red ) A . =o from Eqs (5.4.18) and
(5.4.19) and rearrangement,

This equation describes the cathodic current-potential curve (polarization
curve or voltammogram) at steady state when the rate of the process is
simultaneously controlled by the rate of the transport and of the electrode
reaction. This equation leads to the following conclusions:
1. Limiting current. As the negative electrode potential increases, the
right-hand side decreases to zero and the current density j approaches
the limiting value ; d . The limiting diffusion current does not depend
either on the potential of the electrode or on the rate of the electrode
reaction as it is controlled by convective diffusion alone. According to
Eq. (5.4.20), it is directly proportional to the concentration of electroactive substance; this fact forms the basis of the application of limiting
currents to analytical chemistry. The coefficient KOX is a function of
stirring; e.g. in the case of the rotating disk electrode (Eq. 2.7.13)
KOX = 0.62DZlv~l/6(om

(5.4.23)
3

where the concentration is expressed in mol • cm" , D Ox in cm2 • s"1,
y=rj/p
in cm2 • s"1 with co in rad • s"1. The limiting current density
apparently increases with increasing stirring rate (for the rotating disk
electrode, it is proportional to the square root of the number of
revolutions per second).
2. Reversible polarization curve (voltammogram). If the value of k^ is so
large that the first term on the right-hand side of Eq. (5.4.12) is much
larger than the second term, even when j approaches yd, then

E = E°'+ — In ^

+ — iJ-^i

(5.4.24)

v
nF
KOX
nF
j
This is the equation of a reversible polarization curve. The anodic
polarization curve of the reduced form obeys an identical equation
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Fig. 5.13 Steady-state voltammograms: (1) reversible voltammogram (Eq. 5.4.24); (2) quasireversible voltammogram (Eq.
5.4.22) for /c° = 10~4cm • s"1; (3) irreversible voltammogram
5
1
(Eq. 5.4.26) for ° = l(T cm • s" . E°'' = -0AV, a = 0.3,
4

= 2 x 10~4 cm • s"1, ; d = 10~4 A • cm"

containing the anodic limiting current. This curve corresponds to the case
that equilibrium is established at the surface of the electrode between the
reduced and oxidized forms according to the Nernst equation. The
dependence of the current density on the potential is not a function of
k°~. The reversible polarization curve has the form of a wave (see Fig.
5.13, curve 1). The half-wave potential is given as
In

Em = E
nF

(5.4.25)
KOX

This value is close to the formal electrode potential and independent of
the convection velocity. The plot of log (;d —j)/j versus E is linear with
the slope nF/2.303RT.
3. Irreversible polarization curve (voltammogram). If the value of k^ is so
small that the first term on the right-hand side of Eq. (5.4.22) is much
smaller than the second term, even when / approaches ; d , then the
equation assumes the form

KO

(5.4.26)

This irreversible polarization curve also has the shape of a wave (see Fig.
5.13, curve 3) with the limiting current density yd. The half-wave
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potential is
RT
k^
£ 1/2 = £ ° ' + — I n
ant
KOX

(5.4.27)

or, considering the definition of A:conv in Eq. (5.2.37),
RT

k

i\ ±

a

conv

/ c

El/2 = — - In
ocnF

A

/-* o \

(5.4.28)
KOX

When increasing the rate of stirring the half-wave potential of a
reduction reaction is shifted to more negative values.
Obviously, in the case of a cathodic reaction, the process at more
positive potentials (at the 'foot' of the wave) is reversible while at more
negative potentials irreversible. Increasing rate of stirring makes the
irreversibility more pronounced.
The constants characterizing the electrode reaction can be found from
this type of polarization curve in the following manner. The quantity k^
is determined directly from the half-wave potential value (Eq. 5.4.27) if
EOf is known and the mass transfer coefficient KOX is determined from the
limiting current density (Eq. 5.4.20). The charge transfer coefficient a is
determined from the slope of the dependence of In [(/d —j)/j] on E.
At current densities well below the limiting value, j can be neglected
against yd in the numerator of the expression after the logarithm in Eq.
(5.4.26); rearrangement then yields
RT
RT
E

E

°'+

l

C

1

* ^

l

I/I

<5A29)

This is the Tafel equation (5.2.32) or (5.2.36) for the rate of an
irreversible electrode reaction in the absence of transport processes.
Clearly, transport to and from the electrode has no effect on the rate of
the overall process and on the current density. Under these conditions,
the current density is termed the kinetic current density as it is controlled
by the kinetics of the electrode process alone.
4. The quasireversible case. When Eq. (5.4.22) cannot be simplified
as described under alternatives 2 and 3, then it should be considered that
the first term on its right-hand side increases compared to the second
term as the potential becomes more positive and decreases at more
negative potentials. As the velocity of convection increases, the second
term increases compared to the first term.
For the sake of a practical analysis of the polarization curve the
exponential dependence of the electrode reaction rate constant need not be
assumed. Then the more general form of Eq. (5.4.22) can be written as
1

— " - ~ (I " exp [nF(E - Em)/RT]}

nFkcc°Ox j

jd

(5.4.30)
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This expression can be used to determine kc directly by extrapolation for
/d"*00- F° r example in the case of the rotating disk this is achieved by
means of the plot of; versus co~1/2.
In the case of an irreversible reaction the exponential term in Eq. (5.4.30)
is negligible against unity.
5.4.3 Potential-sweep voltammetry
The transient method characterized by linearly changing potential with
time is called potential-sweep {potential-scan) voltammetry (cf. Section
5.5.2). In this case the transport process is described by equations of linear
diffusion with the potential function
vt

(5.4.31)

entering the potential-dependent parameters of boundary conditions
(5.4.3)-(5.4.5). Here Ex is the initial potential (t = 0) and v is the
polarization rate dE/dt. The resultant I-E curve usually has a characteristic
shape of a 'peak voltammogram' (see Fig. 5.14). At higher potentials than
that of the peak the curve approaches the j ~ t~m dependence (Eq. (5.4.8)),
while the part prior to the peak corresponds to a process dependent on
electrode potential (electrode reaction or Nernst's equilibrium) and

Potential E - E°v V
Fig. 5.14 Peak voltammogram (curve 1, j(t) — E dependence) and convoluted
voltammogram (curve 2, F(t) — E dependence) for the reversible case

no=—z

j(u)
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diffusion. The peak current density follows the Randles-Sevcik equation
;'P = 0A52(nF)3/2(RT)-m(Dv)mc°Ox

(5.4.32)

The peak potential (corresponding to the peak current) for a cathodic
reversible process is shifted by
AE = l.lRT/nF

(5.4.33)

to more negative potentials in comparison with the reversible half-wave
potential (Eq. (5.4.12)).
A transformation of the peak voltammogram to the sigmoidal shape
shown in the preceding section, Fig. 5.13, is achieved by the convolution
analysis method proposed by K. Oldham. The experimental function
j(t) =j[^(E — Ej)/v] is transformed by convolution integration
l/2 m
Jt~l/2m\f [j(u)/(t-u)
[j(u)/(t - u)
]
F(t) =
= Jt]du

(5.4.34)

to a current function F(t) whose dependence on potential (Fig. 5.14, curve
2) can be treated in the same way as the polarization curve in the preceding
section.
5.4.4

The concentration overpotential

The effect of transport phenomena on the overall electrode process can
also be expressed in terms of the concentration or transport overpotential.
The original concentration of the oxidized form cOx decreases during the
cathodic process through depletion in the vicinity of the electrode to the
value (COX)A:=0 a n d , similarly, the concentration of the reduced form cRed
increases to the value (cRed)x=0. It follows from Eqs (5.4.18), (5.4.19) and
(5.4.20) that
(r

x

_ r o (*

\COx)x=0 —cOx\±~~

J\
. J

Jd c

'

c

( Red)x=0

= C

Red( 1 ~ "

(5.4.35)
j

where j d c is the cathodic limiting current density, given by Eq. (5.4.20), and
j d a is the anodic limiting diffusion current density, given by the relationship
7d,a ~ "^^Red^Red

^J.4.J0J

The overpotential of an electrode process (Eq. (5.1.11)) is given in the
case of a simple first-order electrode reaction as
,, = E - ET = E - EOf - — l n ^

(5.4.37)
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This equation can be expanded to give

]+^>VT^.~"X

(5-4.38)

ij = f?r+?|c
(5.4.39)
The first two terms on the right-hand side of this equation express the
proper overpotential of the electrode reaction rjr (also called the activation
overpotential) while the last term, t]c, is the EMF of the concentration cell
without transport, if the components of the redox system in one cell
compartment have concentrations (cOx)x=0 and (cKcd)xss0 and, in the other
compartment, CQX and c^ed. The overpotential given by this expression
includes the excess work carried out as a result of concentration changes at
the electrode. This type of overpotential was called the concentration
overpotential by Nernst. The expression for a concentration cell without
transport can be used here under the assumption that a sufficiently high
concentration of the indifferent electrolyte suppresses migration.
By substitution of Eq. (5.4.37) into Eq. (5.4.21) and rearrangement we
obtain
0

i\l

J

CRed

Substitution from Eqs (5.2.26) and (5.4.35) into Eq. (5.4.40) finally yields
the equation

This is the basic relationship of electrode kinetics including the concentration overpotential. Equations (5.4.40) and (5.4.41) are valid for both
steady-state and time-dependent currents.
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5.5

Methods and Materials

The study of electrochemical kinetics includes measurement of various
electrical data but, at the same time, it needs information on reaction
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products and on the situation in the interphase. Thus, electrochemical
methodology includes genuine electrochemical methods, analysis of the
products of these processes, methods based on interaction of electromagnetic radiation, electrons or other charged species with the electrolysed
system or with the electrode itself, etc.
Electrochemical methods have been described in a number of excellent
monographs (e.g. Bard and Faulkner, Albery, the Southampton Electrochemistry Group, etc., see page 253). Thus, only the general characteristics of
these methods will be given here. They mostly provide information on the
functional relationships between the current density, electrode potential,
time passed since the beginning of the electrolysis and sometimes also the
total charge passed through the system. The use of these methods is
connected with two main problems:
1. Elimination of the ohmic electric potential difference in the electrolytic
cell
2. Selection of a fixed or programmed electric variable
The electrode material and its pretreatment considerably influence the
course of the electrode process. The importance of non-electrochemical
methods is constantly increasing as a result of the development of
experimental techniques.
5.5.1

The ohmic electrical potential difference

The origin of the ohmic potential difference was described in Section
2.5.2. The ohmic potential gradient is given by the ratio of the local current
density and the conductivity (see Eq. 2.5.28). If an external electrical
potential difference AV is imposed on the system, so that the current / flows
through it, then the electrical potential difference between the electrodes
will be
AV = Ex - E2 + AV ohm = Ex - E2 + IRt

(5.5.1)

where Ex and E2 are the electrode potentials, &Vohm = IRt is the ohmic
electrical potential difference and /?, is the resistance of the electrolytic cell,
measured between the surfaces of the two electrodes. This approach
involves the average values of these quantities; the electrode potential and
ohmic electrical potential difference values can exhibit local variations in
actual systems.
In the case of a cylindrical electrolytic cell with electrodes forming bases
of the cylinder the ohmic potential difference is
AVohm = Ipl/S

(5.5.2)

where / is the current, p the resistivity of the electrolyte, / the height and S
the cross-section of the cylinder. Electrolytic cells with more diversified
forms require more complicated approaches. For a centrosymmetrical
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system, we have
dR = pdr/4jir2

(5.5.3)

and for the increment of the ohmic potential difference
dAVohm = Ipdr/4jtr2

(5.5.4)

The ohmic potential difference in an electrolytic cell consisting of a spherical
test electrode, termed, for a small radius r0, ultramicroelectrode, in the
centre and another very distant concentrical counter-electrode is given by
the equation
0

(5.5.5)

Since the current is
I = 4jirlj

(5.5.6)

where j is the current density, the resulting expression for the ohmic
potential difference is
*Vohm = r0pj

(5.5.7)

Obviously, the ohmic potential difference does not depend on the distance
of the counterelectrode (if, of course, this is sufficiently apart) being
'situated' mainly in the neighbourhood of the ultramicroelectrode. At
constant current density it is proportional to its radius. Thus, with
decreasing the radius of the electrode the ohmic potential decreases which is
one of the main advantages of the ultramicroelectrode, as it makes possible
its use in media of rather low conductivity, as, for example, in low
permittivity solvents and at very low temperatures. This property is not
restricted to spherical electroides but also other electrodes with a small
characteristic dimension like microdisk electrodes behave in the same way.
The kinetic investigation requires, as already stated in Section 5.1, page
252, a three-electrode system in order to programme the magnitude of the
potential of the working electrode, which is of interest, or to record its
changes caused by flow of controlled current (the ultramicroelectrode is an
exception where a two-electrode system is sufficient).
Figure 5.15 shows a simple arrangement of the three-electrode system.
The reference electrode R is usually connected to the electrolytic cell through
a liquid bridge, terminated by a Luggin capillary which is generally filled
with the solution being investigated. The tip of the Luggin capillary is
placed as close as possible to the surface of the electrode, A, whose
potential is to be measured (the test, working or indicator electrode). In the
simple case of measurement of stationary voltammograms, the electrode
potential is measured with a voltmeter with a high resistance P. The
current passing through the system is controlled by the potential source C
and the resistance P. If this resistance is much higher than the resistance of
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Fig. 5.15 Basic circuit for the
electrode potential measurement
during current flow: A is working
(indicator, test), B, auxiliary and
R, reference electrode connected
by means of the Luggin capillary
(arrow) and P, potentiometer.
The constant current source consists of a battery C and a variable
high-resistance resistor R'
the electrolytic cell, then the current is given by the ratio of the voltage of
source C and resistance Rf.

5.5.2

Transition and steady -state methods

The classification of methods for studying electrode kinetics is based on
the criterion of whether the electrical potential or the current density is
controlled. The other variable, which is then a function of time, is
determined by the electrode process. Obviously, for a steady-state process,
these two quantities are interdependent and further classification is unnecessary. Techniques employing a small periodic perturbation of the
system by current or potential oscillations with a small amplitude will be
classified separately.
The controlled-potential methods require special experimental instrumentation for elimination of the ohmic potential difference, called the
potentiostat (see Fig. 5.16). The programmed voltage between the indicator
electrode and the tip of the Luggin capillary is taken from a suitable source
and fed to the input of the potentiostat. The current from the potentiostat
with feedback control then flows between the working and auxiliary
electrodes. There are two main types of potentiostat differing in their
applications. High-power potentiostats control the potential of an electrode
through which a strong current passes that changes only slowly with time. It
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Fig. 5.16 Block diagram of a potentiostatic network: for A, B and R see
Fig. 5.15; P is a potentiostat based on
an operational amplifier, G, generator
of programmed voltage and Z,
recorder

is used in preparative electrolysis, in research on galvanic cells, etc. Fast
potentiostats are used in the kinetic study of electrode processes where
there are great variations in the current density during short time intervals
reaching fractions of a millisecond. The main factor limiting the usefulness
of this type of potentiostat is charging of the electrical double layer through
the ohmic resistance of the electrolytic cell at the beginning of the pulse.
The study of processes at ITIES and in membrane electrochemistry
requires elimination of two ohmic potential differences, achieved with a
four-electrode potentiostat, 'voltage-clamp' (Fig. 5.17).
Various types of controlled-potential pulsing are shown in Fig. 5.18. The
simplest case is the single-pulse potentiostatic method (Fig. 5.18A). The
current-time (I-t) curves obtained by this method have already been
described in Section 5.4.1, Eq. (5.4.10) and (5.4.14).
The double-pulse potentiostatic method (Fig. 5.18C) is suitable for
studying the products or intermediates in electrode reactions, formed in the
A pulse by means of the B pulse. For example, if an electroactive substance
is reduced in pulse A and if pulse B is sufficiently more positive than pulse
A, then the product can be reoxidized. The shape of the I-t curve in pulse
B can indicate, for example, the degree to which the unstable product of the
electrode reaction is changed in a subsequent chemical reaction.
Methods employing individual linear or triangular pulses {potentialsweep, triangular pulse and cyclic voltammetry, sometimes also called
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Fig. 5.17 A four-electrode potentiostatic
circuit (voltage clamp). Rx and R2 are reference electrodes with Luggin capillaries (arrows) attached as close as possible to the
membrane or ITIES (dashed line), Bx and B2
are auxiliary electrodes, Pt and P2 potentiostats, G programmed voltage generator and
Z recorder

potentiodynamic methods; Fig. 5.18D, E and G) yield information on the
I-E dependence. Cyclic voltammetry involves the study of the curve
obtained after a greater number of pulses, when a steady voltammogram is
obtained. A certain disadvantage of these popular methods is the fact that
the processes occurring at a given potential can depend on those that occur
at preceding potentials (i.e. on the history of the electrode). Various types
of voltammetry with triangular pulses are applied to study the reaction
products because each peak observed on the I-t curve usually corresponds
to a definite electrode process. This is especially useful in the study of
processes at solid electrodes, which are almost always complicated by
adsorption (see Section 5.7) and where quantitative analysis of the given
kinetic problem is often very difficult.
The term, polarography, is most often used for voltammetry with
dropping mercury electrode (DME—Fig. 5.19A), which also belongs to
potentiostatic methods, as practically constant potential is applied to the
electrode during the drop growth. The corresponding average current is
automatically recorded as a function of the slowly increasing potential. This
method was discovered by J. Heyrovsky (Nobel Prize for Chemistry, 1959).
Because of low current densities, the ohmic potential drop can often be
neglected and a three-electrode system is not necessary. The same electrode
can act as the auxiliary electrode and the reference electrode (sometimes a

296

time

time

time

time

time

time

TL
1
.2

1

t
time

Fig. 5.18 Potentiostatic methods: (A) single-pulse method, (B), (C)
double-pulse methods (B for an electrocrystallization study and C for the
study of products of electrolysis during the first pulse), (D) potential-sweep
voltammetry, (E) triangular pulse voltammetry, (F) a series of pulses for
electrode preparation, (G) cyclic voltammetry (the last pulse is recorded),
(H) d.c. polarography (the electrode potential during the drop-time is
considered constant; this fact is expressed by the step function of
time—actually the potential increases continuously), (I) a.c. polarography
and (J) pulse polarography
large-surface area calomel electrode or mercury sulphate electrode is used).
The average current at the dropping mercury electrode ( / ) is given by the
relationship
Adt

(5.5.8)

where j is the instantaneous current density, tx is the drop-time and A is the
instantaneous surface area of the electrode (see Eq. 4.4.4). If the
approximate equation (5.4.9) is used, then the Ilkovic equation is obtained
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instead of the current density. The quantities ; and jd must be replaced by
(/) and </ d ), KOX and icRed by KOX and KRed (kOx/kRed = (DOJDKed)V2) and
k^ by the product k^(A), where (A) is the mean area of the electrode (in
cm2):
(A)=0.51m2l3,2/3,2/3
t

(5.5.11)

with m in g • s l and tx in s.
The theory of voltammetry with rotating disk electrode (RDE) was
described in Sections 2.7.2 and 5.4.1.
The properties of the voltammetric ultramicroelectrode {UME) were
discussed in Sections 2.5.1 and 5.5.1 (Fig. 5.19). The steady-state limiting
diffusion current to a spherical UME is
Id = 4jtnFDrQc0

(5.5.12)

while to a hemispherical UME placed on an insulating support
Id = 2jtnFDroco

(5.5.13)

coaxial cable

earth

B

- soldered joint

copper wire
glass tube -

epoxide resin
soldered joint •

hole tor epoxide
injection
• Wollaston wire

Fig. 5.19 Electrodes used in voltammetry. A—dropping mercury electrode
(DME). R denotes the reservoir filled with mercury and connected by a plastic
tube to the glass capillary at the tip of which the mercury drop is formed.
B—ultramicroelectrode (UME). The actual electrode is the microdisk at the tip
of a Wollaston wire (a material often used for UME) sealed in the glass tube
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For a disk UME situated in the plane of the insulating support
Id = 4nFDroco

(5.5.14)

The non-steady state situation at UME represents a comparatively simple
problem at a spherical electrode while it is very difficult to solve in the case
of a disk electrode.
When comparing these three voltammetric electrodes they show different
performance with respect to the purpose of their use.
1. With a DME, clean surface is quite easy to achieve whereas with the
other electrodes a special treatment of the surface is required in order to
obtain reproducible results (page 307). Even in solutions containing
surfactants, the amount adsorbed at DME can be controlled (cf. Section
364).
2. The mass transfer coefficient for both RDE and UME can be varied in a
large interval while in the case of DME it is much smaller and also the
possibility of changing it is rather restricted.
3. In contrast to DME, the charging of the electric double layer makes no
problem with RDE and UME.
4. The work with both DME and RDE requires the use of a base
(supporting or indifferent) electrolyte, the concentration of which is at
least twenty times higher than that of the electroactive species. With
UME it is possible to work even in the absence of a base electrolyte. The
ohmic potential difference represents no problem with UME while in the
case of both other electrodes it must be accounted for in not sufficiently
conductive media. The situation is particularly difficult with DME.
Usually no potentiostat is needed for the work with UME.
5. The area of the electrode can easily be measured with DME and RDE
while in the case of very small UME it is often difficult to determine.
6. The high overpotential of hydrogen is an advantage of DME while this
property can be exploited only with mercury-covered RDE and UME.
On the other hand, the dissolution of mercury at rather low positive
potentials is a disadvantage of DME which is not shared by RDE and
UME made of nobler metals than mercury.
In differential pulse polarography, the dropping mercury electrode is
polarized by a sequence of pulses as shown in Fig. 5.18J. The difference
between the currents flowing during several milliseconds before and at the
end of a pulse is attenuated and recorded as function of the applied
polarizing voltage, the charging current being thus eliminated. The resultant
dependence of the current on the potential has the form of a peak, whose
'height' is proportional to the concentration. The high sensitivity of this
method ensures it an important position in electroanalysis.
The rotating ring disk electrode can be used to study the products of the
electrode reaction (Fig. 5.20). The products of the electrode reaction at the
disk are carried by convective diffusion to the ring where they undergo a
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ring

Teflon

Fig. 5.20 The ring disk
system. Sometimes the
disk and the ring are
made
of
different
metals

further electrode reaction. The polarization curve at the ring is measured as
a function of the current at the disk.
The simplest of the methods employing controlled current density is
electrolysis at constant current density, in which the E-t dependence is
measured (the galvanostatic or chronopotentiometric method). The instrumentation for this method is much less involved than for controlledpotential methods. The basic experimental arrangement for galvanostatic
measurements is shown in Fig. 5.15, where a recording voltmeter or
oscilloscope replaces the potentiometer. The theory of the simplest applications of this method to electrode processes was described in Section 5.4.1
(see Eqs 5.4.16 and 5.4.17).
Similar to potentiostatic methods, the main problem in the galvanostatic
method is connected with charging of the electrode. This is especially true
for high current densities where only part of the charge is consumed as the
faradaic current and the rest is employed for charging the double layer, so
that the main condition for this method is not fulfilled. This disadvantage
can partly be removed by first applying a short impulse of strong current to
charge the electrode double layer and then employing a weaker constant
current (the galvanostatic double-pulse method).
The potential-decay method can be included in this group. Either a
current is passed through the electrode for a certain period of time or the
electrode is simply immersed in the solution and the dependence of the
electrode potential on time is recorded in the currentless state. At a given
electrolyte composition, various cathodic and anodic processes (e.g. anodic
dissolution of the electrode) can proceed at the electrode simultaneously.
The sum of their partial currents plus the charging current is equal to zero.
As concentration changes thus occur in the electrolyte, the rates of the
partial electrode reactions change along with the value of the electrode
potential. The electrode potential has the character of a mixed potential
(see Section 5.8.4).
In the closely related coulostatic method based on injection of a charge
from a small condenser into an electrode in equilibrium with a redox
system. The resulting time dependence of the electrode potential originates
from the discharging of the electrical double layer by electrode reactions
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that were initially in equilibrium. The resultant E-t dependence is a
function of the differential capacity of the electrode and the parameters of
the electrode reaction. The advantage of this method is that no external
current passes through the system so that no complicated instrumentation is
required for elimination of the ohmic drop.
5.5.3 Periodic methods
If the working electrode-reference electrode-auxiliary electrode system
is polarized in a potentiostatic circuit (see page 293) by alternating voltage
with angular frequency co and small amplitude AE (AE<5mV), E +
AE sin cot, then an alternating current, / = A/ sin (cot + 0), is obtained,
where 6 is the phase angle. The electrode (or, in fact, the whole electrolytic
cell) thus acts as an impedance (called the faradaic or electrochemical
impedance) Z = Z' - )Z" = RS- j/(<oCs), where j = V 11 !, and Rs and Cs are
the resistance and capacitance in series connection. For the phase angle 6
we have
0 = arctan (Z"/Zf)

(5.5.15)

In an analysis of an electrode process, it is useful to obtain the
'impedance spectrum'—the dependence of the impedance on the frequency
in the complex plane, or the dependence of Z" on Z', and to analyse it by
using suitable equivalent circuits for the given electrode system and
electrode process. Figure 5.21 depicts four basic types of impedance spectra
and the corresponding equivalent circuits for the capacity of the electrical
double layer alone (A), for the capacity of the electrical double layer when
the electrolytic cell has an ohmic resistance RB (B), for an electrode with a
double-layer capacity CD and simultaneous electrode reaction with polarization resistance Rp(C) and for the same case as C where the ohmic resistance
of the cell RB is also included (D). It is obvious from the diagram that the
impedance for case A is
coCL

for case B,
Z = RB--±r

(5.5.17)

O)Cr>

for case C,
1 + a)2ClR2P

1 + co2ClRl

(5.5.18)

and, finally, for case D,
Z

*

E +

l + a;2C2Dfl2p

l + co2C2uR2p

(5 519)

'
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Fig. 5.21 Basic types of impedance spectra and of corresponding equivalent
circuits (Eqs 5.5.16 to 5.5.19). (According to R. D. Armstrong et al)

The calculation becomes more difficult when the polarization resistance
RP is relatively small so that diffusion of the oxidized and reduced forms to
and from the electrode becomes important. Solution of the partial
differential equation for linear diffusion (2.5.3) with the boundary condition
D(dcRcd/dx) = -D(dOx/dx) = A/sin cot for a steady-state periodic process
and a small deviation of the potential from equilibrium is

RTAI
AE = n2FW/2

sin

( 5 - 5 - 20 )

showing that the potential is behind the current by the phase angle 6 = 45°.
When the rate of the electrode reaction is measurable, being characterized by a definite polarization resistance RP (Eq. 5.2.31), the electrode
system can be characterized by the equivalent circuit shown in Fig. 5.22.
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Fig. 5.22 Equivalent circuit of
an electrode with diffusing electroactive substances. W is the
Warburg impedance (Eq. 5.5.21)
Here W is the Warburg impedance corresponding to the diffusion process
W

RT
( 1
% W 9 7 ^ b r ^ +

1
o

\

ni/2

( l - j ) = <7c»-1/2(l-j). (5.5.21)

The impedance of the whole system is given as
1

(5.5.22)

The resulting dependence of Z" on Z' (Nyquist diagram) is involved but for
values of Rp that are not too small it has the form of a semicircle with
diameter Rp which continues as a straight line with a slope of unity at lower
frequencies (higher values of Z' and Z"). Analysis of the impedance
diagram then yields the polarization resistance (and thus also the exchange
current), the differential capacity of the electrode and the resistance of the
electrolyte.
The impedance can be measured in two ways. Figure 5.23 shows an
impedance bridge adapted for measuring the electrode impedance in a
potentiostatic circuit. This device yields results that can be evaluated up to a
frequency of 30 kHz. It is also useful for measuring the differential capacity
of the electrode (Section 4.4). A phase-sensitive detector provides better
results and yields (mostly automatically) the current amplitude and the
phase angle directly without compensation.
A modification of faradaic impedance measurement is a.c. polarography,
where a small a.c. voltage is superimposed on the voltage polarizing the
dropping mercury electrode (Fig. 5.181).
5.5.4 Coulometry
If all the constants in the expression for the limiting diffusion current are
known, including the diffusion coefficient, then the number of electrons
consumed in the reaction can be found from the limiting current data.
However, this condition is often not fulfilled, or the limiting diffusion
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Fig. 5.23 A bridge for electrode impedance
measurement in potentiostatic arrangement. D is
the bridge balance detector and E the variable
d.c. voltage source. For A, B and R see Fig. 5.15.
(According to R. D. Armstrong et al)

current cannot be measured at all. The coulometric method is then used to
determine the electrochemical equivalent of the electroactive substance. In
this method, the change of the concentration of the electroactive substance
is measured in dependence on the current passed through the electrolytic
cell. The amount of charge is determined as the time integral of the current.
The electrolysis efficiency must be 100 per cent, i.e. the charge passed
must be consumed only in the studied electrode reaction. There are four
possible sources of error:
(a) Electrolysis of water. The range of useful potentials is determined by
the potentials of oxygen and hydrogen evolution.
(b) Dissolution of the electrode material. This occurs particularly in
complexing media and leads to an increase of the anodic or decrease of
the cathodic current.
(c) Subsequent electrode reaction of the products of electrolysis.
(d) Electrode reduction of dissolved atmospheric oxygen.
Potentiostatic coulometry is mostly employed in the investigation of
electrode processes. In this case, the current has to be directly proportional
to the concentration of the electroactive substance:
/ = AKC = —dm/dtzF

(5.5.23)
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where c is the instantaneous concentration of the electroactive species,
dm/dt is the amount of substance reduced per unit time, A is the area of the
electrode and K is a proportionality constant; / and c are functions of time
because of the solution being exhausted by the electrode process. If the
volume of the solution is V, then c = m/V and a first-order differential
equation
dm/m = -A/(zFV) dt

(5.5.24)

is obtained, the solution of which gives an exponential dependence of
current on time. The plot of log/ versus t has the slope — KA/ZFV, giving
the value of z. A uniform concentration in the cell is maintained by stirring.
Investigation of intermediates of an electrode reaction and rapid determination of the electrochemical equivalents may be achieved by means of
thin-layer electrolytic cell only about 10 urn thick, consisting of two
platinum electrodes which are the opposing spindle faces of an ordinary
micrometer.
5.5.5

Electrode materials and surface treatment

Metals are the most important electrode materials. Because of the readily
renewable surface of mercury electrodes, they have been for several
decades and, to a certain degree, still remain the most popular material for
theoretical electrochemical research. The large-scale mercury electrode also
plays a substantial role in technology (brine electrolysis) but the general
tendency to replace it wherever possible is due to the environmental
harmfulness of mercury.
At mercury electrodes the geometric and actual surface areas are
identical. There is no site on the electrode that is energetically preferable to
any other site (except for the deposition of heterogeneous patches). Except
at rather positive potentials, the mercury electrode is usually not covered
with a film of insoluble oxides or other compounds.
A liquid gallium electrode has similar properties to the mercury electrode
(at temperatures above 29°C), but it has a far greater tendency to form
surface oxides.
Mercury electrodes require far less maintenance than solid metal electrodes. Especially for the dropping mercury electrode, a noticeable amount of
impurities present in the solution at low concentrations (<10~5 mol • dm"3)
cannot appreciably reach the surface of the electrode through diffusion
during the drop-time (see Section 5.7.2).
Solid metal electrodes with a crystalline structure are different. The
crystal faces forming the surface of these electrodes are not ideal planes but
always contain steps (Fig. 5.24). Although equilibrium thermal roughening
corresponds to temperatures relatively close to the melting point, steps are a
common phenomenon, even at room temperature. A kink {half-crystal
position—Fig. 5.24c) is formed at the point where one step ends and the
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Fig. 5.24 Crystalline metal face: (a) ad-atom, (b) ad-atom cluster, (c) a kink
(half-crystal position), (d) atom at the step, (e) atom in the kink, (f) vacancy,
(g) vacancy cluster. (According to E. Budevski)

next begins, which is of great importance in crystal growth. In addition to
steps, the crystal plane also contains individual metal atoms {ad-atoms,
Fig. 5.24a) and ad-atom clusters (Fig. 5.24b). A. Kossel and I. Stranski have
stated that the individual atoms in the crystal plane have different energies
depending on their degree of contact with the other atoms of the crystal.
The atoms inside the crystal have the lowest energy, as would be expected,
followed by the atoms incorporated in the crystal plane and then by atoms
in steps and in kinks and by ad-atoms.
In addition, in the great majority of cases metal crystals contain
irregularities in the crystal lattice, termed dislocations. The role of screw
dislocations will be considered in Section 5.8. In this type of dislocation, the
individual atomic planes in the crystal are mutually translocated by a small
angle, so that a wedge-shaped step arises from the crystal surface (Fig.
5.25). A single-crystal electrode without dislocations can be made by the
method described by E. Budevski et al. A silver single crystal is fused in a
glass tube with a capillary opening. This electrode is used as the cathode in
the electrolysis of AgNO3 by direct current with a small superimposed a.c.
component. The front face then grows as a perfect, dislocation-free face,
filling the cross-section of the capillary, usually approximately 0.2 mm in
diameter.
Fundamental studies of the electrolyte solution/solid electrode interface
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Fig. 5.25 A screw dislocation

can only be made by using well-defined single crystal electrodes. This
additionally requires not only electrochemical methods of characterization,
but also other methods supplying detailed structural information (LEED,
STM, etc., see Section 5.5.6).
Solid metal electrodes are usually polished mechanically and are sometimes etched with nitric acid or aqua regia. Purification of platinum group
metal electrodes is effectively achieved also by means of high-frequency
plasma treatment. However, electrochemical preparation of the electrode
immediately prior to the measurement is generally most effective. The
simplest procedure is to polarize the electrode with a series of cyclic
voltammetric pulses in the potential range from the formation of the oxide
layer (or from the evolution of molecular oxygen) to the potential of
hydrogen evolution (Fig. 5.18F).
The most important electrode material is platinum. Its widespread
electrochemical use follows from its relatively high chemical inertness and
electrocatalytic properties. The available potential window of platinum (the
potential region where there is comparatively small faradaic current flow) is
the interval from about 0 to +1.6 V versus SHE in acidic aqueous
electrolytes; the negligible hydrogen overpotential of platinum makes it
ideally suitable for the preparation of a standard hydrogen electrode (see
Section 3.2.1). Platinum electrode is in aqueous electrolytes quickly
covered, according to the polarization voltage, either with adsorbed
hydrogen or surface oxide; only in a narrow potential interval (from 0.4 to
0.8 V versus SHE, the so-called 'double layer region') the Pt surface might
be considered almost free from adsorbed or chemisorbed species. In
practice, however, anions or organic impurities are always adsorbed even in
this potential region. The Pt surface particularly interacts with double bonds
in organic molecules. Chemisorption of electroactive olefinic molecules has
also been employed for the preparation of chemically modified electrodes
(see below).
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Platinum electrodes are made usually from polycrystalline metal; the
crystal planes at the surface include both the (111) and (100) faces in
approximately equal proportions. The electrochemical properties of Pt(lll)
and Pt(100) faces are not identical. (Generally, the physical properties of
individual metal crystal faces, such as work function, catalytic activity, etc.,
are different.)
Cyclic voltammetry studies of single-crystal platinum electrodes in acidic
aqueous electrolytes showed that the two characteristic peaks of hydrogen
adsorption/desorption on platinum (see Fig. 5.40) correspond in fact to
reactions at two different crystal faces: the peak at lower potential to
Pt(lOO) and the other one to Pt(lll).
The opposite case to Pt single crystal are electrodes whose surface area
has been increased by covering with platinum black. This so-called
platinized platinum electrode (see page 173) shows up to 1000 x higher
physical surface area than the geometric surface area (the ratio of these two
quantities is called roughness factor, see page 246). An increase in the
physical surface area (roughness factor) of the electrode results in decreasing the relative coverage with surface-active impurities. The roughness
factor of a single- crystal electrode is theoretically equal to one, but this
value can hardly be achieved in view of microscopic imperfections of the
real crystal face (see Fig. 5.24). A bright polycrystalline platinum electrode
shows a roughness factor 1.3-3 depending on the level of polishing.
The second most widely used noble metal for preparation of electrodes is
gold. Similar to Pt, the gold electrode, contacted with aqueous electrolyte,
is covered in a broad range of anodic potentials with an oxide film. On the
other hand, the hydrogen adsorption/desorption peaks are absent on the
cyclic voltammogram of a gold electrode in aqueous electrolytes, and the
electrocatalytic activity for most charge transfer reactions is considerably
lower in comparison with that of platinum.
Semiconductors. In Sections 2.4.1, 4.5 and 5.10.4 basic physical and
electrochemical properties of semiconductors are discussed so that
the present paragraph only deals with practically important electrode
materials. The most common semiconductors are Si, Ge, CdS, and GaAs.
They can be doped to p- or n-state, and used as electrodes for various
electrochemical and photoelectrochemical studies. Germanium has also
found application as an infrared transparent electrode for the in situ infrared
spectroelectrochemistry, where it is used either pure or coated with thin
transparent films of Au or C (Section 5.5.6). The common disadvantage of
Ge and other semiconductors mentioned is their relatively high chemical
reactivity, which causes the practical electrodes to be almost always covered
with an oxide (hydrated oxide) film.
The surface reactivity is especially pronounced under illumination of the
semiconductor electrode with photons of an energy greater than the band
gap. The photogenerated minority carriers (electrons or holes) may react
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with the electrode material to cause its photodecomposition, usually called
photocorrosion (for electrochemical corrosion, see Section 5.8.4). It appears
with both p-type semiconductors (surface reduction), and n-type semiconductors (surface oxidation), but it is practically more important in the latter
case. The photocorrosion reactions can be demonstrated, e.g., on Si and
CdS as follows:
(a) Cathodic photocorrosion of p-type materials
p-Si + 4e" + 2 H 2 O ^ SiH4 + 4OH"

(5.5.25)

(b) Anodic photocorrosion of n-type materials
n-Si + 4h+ + 2 H 2 O ^ SiO2 + 4H +
n-CdS + 2 h + ^ Cd2+ + S

(5.5.26)

Here, the electrons are denoted e~ and the holes h + .
The stability of n-Si, n-Ge, n-CdS, and n-GaAs photoanodes against
photocorrosion increases in the presence of a solution species that reacts
rapidly enough with photogenerated holes to compete with the surface
oxidation. An alternative way is to cover the semiconductor electrode with
an electronically conducting polymer film, such as polyvinylferrocene,
polypyrrole, polyaniline, Nafion/tetrathiafulvalene, etc. These films are
capable of efficiently capturing photogenerated holes and transport them to
the solution, where they undergo a useful redox reaction (photoelectrosynthesis). The removal of photogenerated holes suppresses not only
the photocorrosion, but also electron-hole recombination within the illuminated semiconductor, which increases the quantum yield of the photoelectrochemical process. Protection of p-type semiconductors by the mentioned conductive films is also possible; it enhances, for example, the rate of
H2 evolution at semiconductor photocathodes.
Various other semiconductor materials, such as CdSe, MoSe, WSe, and
InP were also used in electrochemistry, mainly as n-type photoanodes.
Stability against photoanodic corrosion is, naturally, much higher with
semiconducting oxides (TiO2, ZnO, SrTiO3, BaTiO3, WO3, etc.). For this
reason, they are the most important n-type semiconductors for photoanodes. The semiconducting metal oxide electrodes are discussed in more
detail below.
Metal oxides. Noble metals are covered with a surface oxide film in a
broad range of potentials. This is still more accentuated for common metals,
and other materials of interest for electrode preparation, such as semiconductors and carbon. Since the electrochemical charge transfer reactions
mostly occur at the surface oxide rather than at the pure surface, the study
of electrical and electrochemical properties of oxides deserves special
attention.
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The electronic conductivity of metal oxides varies from values typical for
insulators up to those for semiconductors and metals. Simple classification
of solid electronic conductors is possible in terms of the band model, i.e.
according to the relative positions of the Fermi level and the
conduction/valence bands (see Section 2.4.1).
A transition behaviour between a semiconductor and a metal can also be
observed with metal oxides. This occurs when the Fermi level of the
semiconductor is shifted (usually by heavy doping) into the conduction or
valence band. This system is called degenerate semiconductor. If there exists
a sufficient density of electronic states above and below thus shifted Fermi
energy, the degenerate semiconductor can behave in contact with an
electrolyte as a quasimetal electrode (e.g., with the charge transfer
coefficient a close to 0.5, cf. Section 5.2.8). The quasimetallic behaviour of
a degenerate semiconductor electrode is also conditioned by a sufficient
capacity of the electronic states near the Fermi energy. Assuming, for
simplicity, the double layer at the semiconductor/electrolyte interface as a
parallel plate capacitor, whose capacity is independent of the potential
difference across the electric double layer, the charge asc corresponding to a
potential difference A|0 applied across the Helmholtz layer of thickness d is
(cf. Section 4.5.1)
osc = As2<t>£80/d

(5.5.27)

If the charge asc is fully accommodated by electronic states near the Fermi
energy, no space charge is formed in the electrode phase, and any voltage
applied to the electrode appears exclusively across the Helmholtz layer, i.e.
the system behaves like a metal.
Degeneracy can be introduced not only by heavy doping, but also by high
density of surface states in a semiconductor electrode (pinning of the Fermi
level by surface states) or by polarizing a semiconductor electrode to
extreme potentials, when the bands are bent into the Fermi level region.
Another possibility of the appearance of a quasimetallic behaviour of
metal oxides occurs with thin oxide films on metals. If the film thickness is
sufficiently small (less than ca. 3 nm), the electrons can tunnel through the
oxide film, and the charge transfer actually proceeds between the level of
solution species and the Fermi level of the supporting metal (Fig. 4.12).
Although the band model explains well various electronic properties of
metal oxides, there are also systems where it fails, presumably because of
neglecting electronic correlations within the solid. Therefore, J. B. Goodenough presented alternative criteria derived from the crystal structure,
symmetry of orbitals and type of chemical bonding between metal and
oxygen. This 'semiempirical' model elucidates and predicts electrical properties of simple oxides and also of more complicated oxidic materials, such
as bronzes, spinels, perowskites, etc.
There is a number of essentially non-conducting metal oxides acting as
passive layers on electrodes; the best known example is A12O3. Metals that
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form insulating oxide films by anodic bias (e.g. Al, V, Hf, Nb, Ta, Mo) are
termed 'valve metals' (cf. Section 5.8.3).
Some insulating oxides become semiconducting by doping. This can be
achieved either by inserting certain heteroatoms into the crystal lattice of
the oxide, or more simply by its partial sub-stoichiometric reduction or
oxidation, accompanied with a corresponding removal or addition of some
oxygen anions from/into the crystal lattice. (Many metal oxides are,
naturally, produced in these mixed-valence forms by common preparative
techniques.) For instance, an oxide with partly reduced metal cations
behaves as a n-doped semiconductor; a typical example is TiO2.
Titanium dioxide is available as rutile (also in the form of sufficiently
large single crystals) or anatase (only in polycrystalline form). Third
modification, brookite, has no significance for electrode preparation. Pure
rutile or anatase are practically insulators, with conductivities of the order
of 10~13S/cm. Doping to n-type semiconducting state is performed, for
example, by partial reduction with gaseous hydrogen, or simply by heating
at temperatures about 500°C. This is accompanied by a more or less deep
coloration of the originally white material, and by an increase of the
electronic conductivity by orders of magnitude. Semiconducting titanium
dioxide is one of the most important electrode materials in photoelectrochemistry (see Section 5.9.2).
Another example of a non-stoichiometric, n-semiconducting oxide is
PbO2. This has been extensively studied as a positive electrode material for
lead/acid batteries. Lead dioxide occurs in two crystal modifications,
orthorhombic ar-PbO2, and more stable tetragonal j3-PbO2; both polymorphs show high electronic conductivity of the order of 102 S/cm, and a
typical mixed-valence Pb(II)/Pb(IV) composition with the O/Pb ratio in the
range about 1.83-1.96. If the lead dioxide is prepared in an acidic aqueous
medium (as in a lead/acid battery), the oxygen deficiency is partly
introduced by replacement of O by OH, i.e. a more correct formula of this
material is
Pb(IV)(1_;t/2)Pb(II);c/2H;cO2
Both modifications of PbO2 occur in the lead/acid battery in the approximate ratio of a I(3 — 1/4. The standard potential of the ar-PbO2/PbSO4 redox
couple in acidic medium is Eo= 1.697 V (for the /? modification by about
10 mV lower). Although the lead dioxide is thermodynamically unstable in
contact with water, its relatively high oxygen overvoltage is responsible for a
reasonable kinetic stability. A PbO2 layer supported by Pb is suitable for
anodic oxidations of various inorganic and organic substances, since it is
stable against further oxidation and its ohmic resistance is negligible.
Another class of conducting oxides are degenerate semiconductors,
obtained by heavy doping with suitable foreign atoms. Two oxides, n-SnO2
(doped with Sb, F, In) and n-In2O3 (doped with Sn), are of particular
interest. These are commercially available in the form of thin optically
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transparent films on glass (Nesa, Nesatron, Intrex-K, etc.). Typical layer
thickness is several hundreds of nm, and resistivities of up to 5-20
Q/square. (Note: the unit 'Q/square' follows from the fact that the
resistance of a uniform film on square support is independent of the size of
the square, if we measure the resistance in direction parallel to the square.)
The electrochemical properties of conducting SnO2 and related materials
have been studied especially by T. Kuwana et al. Optically transparent SnO2
electrodes have found interesting applications in spectroelectrochemistry
(see Section 5.5.6). Similar to PbO2, these electrodes exhibit relatively high
oxygen overpotential and a good anodic stability, especially in acidic
medium. Their thermal stability is also satisfactory, i.e. SnO2 can be utilized
in electrolytes such as eutectic melts. The available potential window is,
nevertheless, limited at the cathodic side by irreversible reduction of the
oxide to the metal.
High electrical conductivity is also attained in oxides with very narrow,
partially filled conduction bands; the best known example is RuO2. This
material has a conductivity of about 2-3 104S/cm at the room temperature,
and metal-like variations with the temperature. Some authors consider
RuO2 and similar oxides as true metallic conductors, but others describe
them rather as n-type semiconductors.
RuO2 is an important electrode material for industrial anodic processes.
Special attention is deserved by the so-called dimensionally stable anodes
(DSA) invented by H. B. Beer in 1968. These are formed by a layer of a
microcrystalline mixture of TiO2 and RuO2 (crystallite size less thn 0.1 /im)
on a titanium support (Fig. 5.26). This material is suitable as anode for
chlorine and oxygen evolution at high current densities. For industrial
chlorine production, it replaced the previously used graphite anodes. These

titanium
substrate

Fig. 5.26 Beer-De Nora dimensionally stable electrode with a
RuO2-TiO2 layer
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were rapidly 'burnt' by evolved O2 and Cl2, and thus the cathode-anode
spacing gradually increased, which caused an unwanted increase of voltage
during prolonged electrolysis.
Carbon. The electronically conductive carbons are derived from the hexagonal crystalline modification—graphite.
(Note: Electronic conductivity, and even superconductivity at ca. 10 K,
was observed with a new carbon polymorph, buckminsterfullerene, synthesized in 1990. Electrochemical and photoelectrochemical properties of a
semiconducting diamond electrode were studied by Pleskov.)
Graphite is a thermodynamically stable form of elemental carbon below
approximately 2600 K at 102MPa; its crystallographic description is D ^ P63/mmc, unit cell constants: a{) = 245.6 pm, co = 670.8 pm. It shows a
marked anisotropy of electronic conductivity: in the c-direction around
1 S/cm (increasing with temperature as with semiconductors), but in the
a-direction around 105S/cm (decreasing with temperature as with metals).
The latter value can further be increased to a 106 S/cm level by intercalation
with AsF5 or SbF5 (see the discussion of intercalation compounds below).
At least one of the graphite intercalation compounds (C8K) is a superconductor at low temperature.
Large single crystals of graphite are rare; therefore, graphite is employed
in polycrystalline form (solid blocks, paste electrodes, suspensions, etc.).
Nevertheless, some carbons prepared by chemical vapour deposition
(pyrolytic carbons) match the properties of a graphite single crystal. The
supported layer of pyroiytic graphite is actually polycrystalline, but the
individual crystallites show a high degree of preferred orientation with
carbon hexagons parallel to the surface of the substrate. This is especially
true with the so-called highly oriented pyrolytic graphite (HOPG), prepared
from ordinary pyrolytic graphite by heat treatment under simultaneous
compressive stress (stress annealing) around 3500°C. A HOPG contains
well-ordered crystallites, whose angular scatter is typically less than 1°.
The faces parallel to the plane of carbon hexagons (100), also called basal
planes, show chemical and electrochemical properties significantly different
from those of the perpendicular (edge) planes (110). The latter contain
unsaturated carbon atoms (dangling bonds), which are highly active, for
example, against oxidation with oxygen, both chemical and electrochemical.
The structure of thus formed surface oxides on carbons is very complex, but
it can be derived from the common oxygen functional groups known from
organic chemistry: carboxyl, hydroxyl, and carbonyl. These occur on the
oxidized carbon surface either individually or in various combinations:
surface anhydride, ether, lactone, etc. (see Fig. 5.27). Surface carbonyls
(quinones) are reversibly reducible; further anodic oxidation of graphite and
carbons occurs through intermediates such as mellithic acid to finally give
CO2.
The basal plane of graphite (or HOPG) is essentially free from surface
oxygen functionalities. This is manifested by almost flat, featureless
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Fig. 5.27 Oxygen functional groups on the edge plane of
graphite

voltammetric curves in aqueous electrolytes, and relatively low charging
currents. Unlike platinum, the basal plane HOPG virtually does not adsorb
anions and most organic substances. Some molecules, such as phtalocyanines or porphyrines, form, however, n-n complexes with graphite, and
are thus strongly adsorbed, being oriented parallel to the basal plane.
The most popular carbon material for electrochemistry is probably the
glass-like carbon. (This term is preferable to the common names 'glassy
carbon' and 'vitreous carbon', which are actually trade marks and should
not be used as terms.) Glass-like carbon is prepared by pyrolysis of suitable
polymers, e.g. polyfurfurylalcohol or phenolic resins. If the heating programme is properly controlled, the gaseous by-products of pyrolysis evolve
sufficiently slowly and the final product is a monolithic, hard carbon,
showing very low porosity and permeability to liquids and gases.
Glass-like carbon is, in contrast to graphite, isotropic in electrical
conductivity and other physico-chemical properties. This explains its
structure, characterized by randomly oriented strips (lamellae) of pseudographitic layers of carbon hexagons. The lamellae occasionally approach the
graphitic interlayer spacing (335 pm), forming extremely small graphitic
regions with crystalline dimensions L a , Lc of the order of 1-10 nm. These
regions are interconnected by a non-graphitic carbon material as shown in
Fig. 5.28. A similar three-dimensional network of graphitic microcrystallites
can also be found in other forms of 'amorphous' carbon, and, according to
the forces needed for breaking the network crosslinks (orientation of
crystallites), we can classify almost all the solid carbons as hard (nongraphitizable) and soft (graphitizable) ones. Most polycrystalline carbons,
including glass-like carbon, show an increase of electrical conductivity with
increasing temperature; they can be regarded as intrinsic semiconductors
with a band-gap energy of several tens to hundreds meV.
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Fig. 5.28

Structure of glass-like carbon. (According to G. M. Jenkins and K.
Kawamura)

Carbon electrodes are widely used in electrochemistry both in the
laboratory and on the industrial scale. The latter includes production of
aluminium, fluorine, and chlorine, organic electrosynthesis, electrochemical
power sources, etc. Besides the use of graphite (carbons) as a virtually inert
electode material, the electrochemical intercalation deserves special attention. This topic will be treated in the next paragraph.
In spite of the high effort focused on the carbon electrochemistry, very
little is known about the electrochemical preparation of carbon itself. This
challenging idea appeared in the early 1970s in connection with the cathodic
reduction of poly(tetrafluoroethylene) (PTFE) and some other perfluorinated polymers. The standard potential of the hypothetical reduction of
PTFE to elemental carbon:
(CF2)n + 2e" + 2H + -> Cn + 2HF

(5.5.28)

estimated from the Gibbs free energies of formation (cf. Sections 3.1.4 and
3.1.5) equals 1.00 V at 25°C. The reductive carbonization of PTFE is,
therefore, thermodynamically highly favoured, and it indeed occurs at the
carbon/PTFE interface in aprotic liquid or solid electrolytes. The produced
elemental carbon is termed electrochemical carbon. It is reversibly dopable
(reducible) under insertion of supporting electrolyte cations into the carbon
skeleton.
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It should be emphasized that the electrochemical carbonization proceeds,
in contrast to all other common carbonization reactions (pyrolysis), already
at the room temperature. This fact elucidates various surprising physicochemical properties of electrochemical carbon, such as extreme chemical
reactivity and adsorption capacity, time-dependent electronic conductivity
and optical spectra, as well as its very peculiar structure which actually
matches the structure of the starting fluorocarbon chain. The electrochemical carbon is, therefore, obtained primarily in the form of linear polymeric
carbon chains (polycumulene, polyyne), generally termed carbyne. This can
be schematically depicted by the reaction:
F F F F

F" F" F~ F"

_ l _ l ( _ l( _ l( _ ^
~~^f"~ f~~ f~~ f~"
* =O=C-C~C_

(5.5.29)

F F F F
F" F" F" F~
The product of the reaction (5.5.29) is, however, unstable against subsequent interchain crosslinking and insertion of supporting electrolyte
cations. The electrochemical carbonization of fluoropolymers was recently
reviewed by L. Kavan.
Insertion (intercalation) compounds. Insertion compounds are defined as
products of a reversible reaction of suitable crystalline host materials with
guest molecules (ions). Guests are introduced into the host lattice, whose
structure is virtually intact except for a possible increase of some lattice
constants. This reaction is called topotactic. A special case of topotactic
insertion is reaction with host crystals possessing stacked layered structure.
In this case, we speak about 'intercalation' (from the Latin verb intercalare,
used originally for inserting an extra month, mensis intercalarius, into the
calendar).
The intercalated guest molecules have a tendency to fill up completely the
particular interlayer space in the host crystal, rather than to occupy
randomly distributed interstitial sites between the layers. A peculiarity of
intercalation is that the sequence of filled and empty interlayer spaces is
very often regular, i.e. the structure of intercalation compounds consists of
stacked guest layers interspaced between a defined number of the host
layers. The number of host layers corresponds to the so-called stages of
intercalation compounds. Stage 1 denotes successively stacked host and
guest layers, stage 2 denotes a system with two host layers between one
guest layer, etc. This is schematically depicted in Fig. 5.29.
Graphite crystal is the best known host material for intercalation reactions. The host layers are clearly defined by planes of carbon hexagons, also
called graphene layers. (The term 'graphene' has been derived by analogy
with condensed aromatic hydrocarbons: naphthalene, anthracene, tetracene, perylene, etc.). In contrast to other host materials (e.g. inorganic
sulphides), graphite also forms compounds with high stage numbers
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(10,11,. . ,). Intercalation of some guest species, such as alkali metals, can
simply be performed via a chemical reaction of a gaseous reactant with
graphite.
Some other guest species (e.g. H2SO4, HC1O4 and other inorganic acids),
however, do not react spontaneously with graphite, but the intercalation can
be induced by an auxiliary oxidizing or reducing agent. The redox reaction
promo ting intercalation can also be performed electrochemically; the
advantage of electrochemical intercalation is not only the absence of any
foreign chemical agent and the corresponding reaction by-products, but also
a precise control of potential, charge and kinetics of the process.
The electrochemical intercalation into graphite leads in the most simple
case to binary compounds (graphite salts) according to the schematic
equations:
Cn + M + + e"-> M + C~

(5.5.30)

Cn + A - - e ^ C A -

(5.5.31)

In the first case, the graphite lattice is negatively charged and the electrolyte
cations, M + (alkali metals, N R | , etc.) compensate this charge by being
inserted between the graphene layers. In the second case, anions, A"
(CIOJ, AsF^, BF4", etc.) are analogously inserted to compensate the
positive charge of the graphite host.
Reactions (5.5.30) and (5.5.31) proceed prevailingly during intercalation
from solid or polymer electrolytes (cf. Section 2.6) or melts. When using
common liquid electrolyte solutions, a co-insertion of solvent molecules
(and/or intercalation of solvated ions) very often occurs. The usual products
of electrochemical intercalation are therefore ternary compounds of a
general composition:
M+(Solv)>;C-

or

C(Solv) y A~

The electrochemical intercalation of HSO4 anions together with H2SO4
was described by Thiele in 1934. The composition of the product of
prolonged anodic oxidation of graphite in concentrated sulphuric acid is
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and it is the stage 1 intercalation compound. By a very rapid heating of this
compound, the intercalate vaporizes and forces the graphene layers apart,
like in an accordion. The product is called exfoliated graphite', it exhibits
various peculiar properties, for example, up to hundred times smaller
density than graphite. It is used, for example, in the preparation of graphite
foils.
The electrochemical intercalation/insertion has not only a preparative
significance, but appears equally useful for charge storage devices, such as
electrochemical power sources and capacitors. For this purpose, the
co-insertion of solvent molecules is undesired, since it limits the accessible
specific faradaic capacity.
The electrochemical intercalation/insertion is not a special property of
graphite. It is apparent also with many other host/guest pairs, provided that
the host lattice is a thermodynamically or kinetically stable system of
interconnected vacant lattice sites for transport and location of guest
species. Particularly useful are host lattices of inorganic oxides and
sulphides with layer or chain-type structures. Figure 5.30 presents an
example of the cathodic insertion of Li+ into the TiS2 host lattice, which is
practically important in lithium batteries.
The concept of electrochemical intercalation/insertion of guest ions into
the host material is further used in connection with redox processes in
electronically conductive polymers (polyacetylene, polypyrrole, etc., see
below). The product of the electrochemical insertion reaction should also be
an electrical conductor. The latter condition is sometimes by-passed, in
systems where the non-conducting host material (e.g. fluorographite) is
finely mixed with a conductive binder. All the mentioned host materials
(graphite, oxides, sulphides, polymers, fluorographite) are studied as
prospective cathodic materials for Li batteries.
From this point of view, fluorographite, (CF^)^ with J C ^ I , deserves

Fig. 5.30 Insertion of Li+ between TiS2 host
layers. (According to C. A. Vincent et aL)
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special attention. It is a covalent non-conductive compound whose structure
is characterized by parallel planes of sp3 carbon atoms in trans-linked
perfluorinated cyclohexane chairs. The electrochemical reduction of fluorographite in a lithium cell was originally considered as a simple defluorination with the formation of LiF and elemental carbon. Further studies
revealed, however, that the primary process, controlling the discharge rate
and the cell voltage, is an electrochemical Li+ intercalation between the
layers in the fluorographite lattice. A typical product of this reaction is a
ternary intercalation compound containing the co-inserted solvent molecules, Solv:
The electrochemical properties of fluorographite are also interesting in
connection with the electrolysis of melted KF-2HF, which is used for
industrial production of fluorine. Fluorine is here evolved at the carbon
anode, which is spontaneously covered with a passivating layer of fluorographite; hence it causes an undesired energy loss during the electrolysis.
Chemically modified electrodes. Chemical and/or electrochemical surface
pretreatments are always needed in order to get reproducible data on solid
electrodes (see page 307); they are mostly focused on the removal of surface
impurities (oxides). The 'activation' of solid electrodes by (electro)chemical
pretreatment is, however, a complex and not well understood process. For
instance, recent studies by scanning tunnelling microscopy demonstrated
that the common pretreatment of a platinum electrode by a series of cyclic
voltammetric pulses in the potential range of H 2 /O 2 evolution (see page
307) cannot simply be regarded as chemical 'purification' from adsorbed
species, since it is accompanied with marked changes in surface topography.
A qualitatively new approach to the surface pretreatment of solid
electrodes is their chemical modification, which means a controlled attachment of suitable redox-active molecules to the electrode surface. The
anchored surface molecules act as charge mediators between the elctrode
and a substance in the electrolyte. A great effort in this respect was
triggered in 1975 when Miller et al. attached the optically active methylester
of phenylalanine by covalent bonding to a carbon electrode via the surface
oxygen functionalities (cf. Fig. 5.27). Thus prepared, so-called 'chiral
electrode' showed stereospecific reduction of 4-acetylpyridine and ethylphenylglyoxylate (but the product actually contained only a slight excess of
one enantiomer).
A large selection of chemical modifications employing the surface oxygen
groups on carbon and other electrode materials (metals, semiconductors,
oxides) has been presented. For instance, surfaces with a high concentration
of OH groups (typically SnO2 and other oxides) are modified by
organosilanes:
[S]—OH + Cl—SiR3-» [S]—O—SiR3

(5.5.32)
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where [S] stands for electrode surface, and the radical R might bear various
electroactive species, such as ferrocene, viologenes, porphyrins, etc. Surfaces with OH groups can also be modified via l,3,5-trichloro-2,4,6-triazine
as a coupling agent. This further reacts with alcohols, amines, Grignard
reagents, etc. Another method employes the surface carboxylic groups on
carbon electrodes, usually activated by conversion to acylchloride with
SOC12, followed by esterification or amidization in order to anchor the
desired electroactive species.
In an ideal case the electroactive mediator is attached in a monolayer
coverage to a flat surface. The immobilized redox couple shows a
significantly different electrochemical behaviour in comparison with that
transported to the electrode by diffusion from the electrolyte. For instance,
the reversible charge transfer reaction of an immobilized mediator is
characterized by a symmetrical cyclic voltammogram ( £ p c - E pa = 0; ypa =
~7pc= l/pl) depicted in Fig. 5.31. The peak current density, / p , is directly
proportional to the potential sweep rate, v\
jp = n2F2Tv/ART

(5.5.33)

where T is the surface coverage of electroactive species, which might simply
be determined from the voltammetric charge per unit electrode area (area
of the peak, see Fig. 5.31):
T=Q/nF

(5.5.34)

or, alternatively, by non-electrochemical techniques of surface analysis
(Section 5.5.6).
Besides the charge transfer reactions of the immobilized mediator, the

potential

- -y

Fig. 5.31 Cyclic voltammogram of
a chemically modified electrode
with a monolayer of a reversible
mediator. The shaded area corresponds to the charge Q
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mediated electron transfer to a solution species has to be considered. A
practically important situation occurs when the mediated electron transfer is
faster than the charge transfer reaction of the same solution species on a
bare electrode. If the charge transfer reaction at the electrode surface
(which regenerates the original form of the mediator) is also faster, we
speak about an electron-transfer-mediated electrocatalysis.
Since 1975, hundreds of papers dealing with chemically modified electrodes have appeared in the literature. The initial effort in this topic was
reviewed by Murray in 1984. In subsequent years, the interest in surface
modification gradually decreased. The reason might be that the rather
demanding preparative techniques of chemical modification result, naturally, in a product possessing all the disadvantages of a two-dimensional
(monolayer) system. The number of the redox-mediator turnovers, needed
for sufficiently high electrode currents, is, therefore, relatively very large.
For instance, the mediated current of 1 A/cm 2 would require (for a typical
mediator coverage F = 10~10mol/cm2), the turnover rate nt:
n^j/FT^lO's-1

(5.5.35)

which is beyond the practically available values. The surface modified
electrodes may also be rapidly deactivated by the mediator desorption or
decomposition as well as by adsorption of impurities from the electrolyte.
Therefore, recent interest has been focused prevailingly on electrodes
modified by a multilayer coverage, which can easily be achieved by using
polymer films on electrodes. In this case, the mediated electron transfer to
solution species can proceed inside the whole film (which actually behaves
as a system with a homogeneous catalyst), and the necessary turnover rate is
relatively lower than in a monolayer.
A discussion of the charge transfer reaction on the polymer-modified
electrode should consider not only the interaction of the mediator with the
electrode and a solution species (as with chemically modified electrodes),
but also the transport processes across the film. Let us assume that a
solution species S reacts with the mediator Red/Ox couple as depicted in
Fig. 5.32. Besides the simple charge transfer reaction with the mediator at
the interface film/solution, we have also to include diffusion of species S in
the polymer film (the diffusion coefficient D Sp , which is usually much lower
than in solution), and also charge propagation via immobilized redox
centres in the film. This can formally be described by a diffusion coefficient
Dp which is dependent on the concentration of the redox sites and their
mutual distance (cf. Eq. (2.6.33).
The charge propagates in the film by electron hopping between the
polymer Red/Ox couples. This is controlled by the electrode potential only
in a close proximity of the electrode; in more distant sites, the charge
transport is driven by a concentration gradient of reduced or oxidized
mediators. The observed faradaic current density, j F , is a superposition of
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Solution

Fig. 5.32 Scheme of the reduction of a solution species
Sox within the polymer film. Electron transfer is mediated by the immobilized redox active sites Red/Ox

these two contributions: diffusion of S and electron hopping in the film:
jF/nF = DSp(ds/dx)0 - Dp(dr/djc)0

(5.5.36)

(s and r are the concentrations of species S and Red/Ox sites, respectively).
The solution of Eq. (5.5.36) may differ for various particular situations and
boundary conditions, but we can phenomenologically describe the mediated
charge transfer process in the polymer film by an effective heterogeneous
rate constant kp and the concentration of S in solution, cs:
jF/nF = kpcs

(5.5.37)

The redox active polymer films might bear the mediator group attached
either covalently to the polymer backbone (polyvinylferrocene, Ru(II)
complexes of polyvinylpyridine, etc.) or electrostatically within the ionexchange polymer (e.g. in Nafion, cf. Section 2.6).
Polymer films on electrodes have been prepared by various techniques;
the most simple one is dip coating, i.e. adsorption of a preformed polymer
from its solution. Another method consists in spreading and evaporating the
polymer solution on the electrode. More uniform films are obtained by spin
coating, which means evaporating on a rotating electrode. Polymer films
have also been prepared by plasma polymerization, but the product is
mostly ill-defined, owing to complicated side reactions introduced by
high-energy particles in the plasma. Electrochemical polymerization deserves special attention and will be treated in the next section.
Modification of electrodes by electroactive polymers has several practical
applications. The mediated electron transfer to solution species can be used
in electrocatalysis (e.g. oxygen reduction) or electrochemical synthesis. For
electroanalysis, preconcentration of analysed species in an ion-exchange film
may remarkably increase the sensitivity (cf. Section 2.6.4). Various
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applications appeared also in corrosion protection, sensors, display devices,
photoelectrochemistry, etc.
Electronically conducting polymers. The world-wide interest in electronically conducting polymers has been triggered in 1977/8, when Heeger,
MacDiarmid, Shirakawa, and others have studied the oxidation and
reduction reactions of poly acetylene,
(-CH=CU-)n
This polymer occurs as trans- or a less stable ds-isomer. (The ds-isomer
can be converted to trans- by heating.) Both isomers are intrinsic semiconductors with conductivities around 10~9 S/cm (cis) and 10~6 S/cm (trans).
Polyacetylene can partly be oxidized or reduced with considerable
increase in conductivity, up to 12 orders of magnitude. Oxidation or
reduction of polyacetylene can be performed either chemically or electrochemically; this process is often termed p- or n-doping. In both cases,
the polymer backbone is virtually intact except for accumulating positive
(p-doping) or negative (n-doping) charge. This charge is compensated by
ions of opposite sign, which are inserted into the polymer backbone either
from a chemical dopant or from a supporting electrolyte.
The concept of p- and n-doping of polymers is similar to that of p- and
n-doping of inorganic semiconductors, but it is, in fact, not equivalent. For
instance, doping of silicon means that several atoms in the lattice of silicon
are replaced by heteroatoms such as As or B (cf. Section 2.4, and Fig. 2.3).
These sites are virtually electroneutral as long as they dissociate to form free
electrons or holes and ionized heteroatoms (e.g. As + or B~). On the other
hand, doping of polyacetylene and other conjugated polymers means
oxidation (p-doping) or reduction (n-doping) of the polymer skeleton
associated with insertion of a corresponding number of anions (cations) into
the polymer matrix. This can formally be described by Eqs (5.5.30) and
(5.5.31) (where Cn stands for the polymer).
The individual macromolecular chains of conducting polymers agglomerate into more complicated structures, usually fibrous. The electronic
conductivity of this system is a superposition of the conductivity of the
individual fibres (chains) and that due to electron hopping between these
domains. The latter is usually much lower, i.e. it controls the total
conductivity of the system.
The electron hopping differs from the conventional solid-state conduction
in that the charge transfer does not take place in the conduction band, but
between localized states within the energy gap. This can be described by
Mott's model of variable range electron hopping. This model was originally
considered for non-crystalline inorganic semiconductors, such as amorphous
germanium or chalcogenide glasses, but it is readily applicable also to
conducting polymers and other amorphous or pseudoamorphous solids with
microheterogeneous distribution of conductive and insulating regions (a
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typical example is glass-like carbon, see Fig. 5.28, and other 'amorphous
carbons'). Mott's model follows from the preconception that the distance of
electron hops varies with temperature and energy of the electron. Accordingly, the temperature dependence of conductivity of polymers (glass-like
carbon, etc.) can be expressed by the equation:
t- — A <=*YT> (cIh-Tn\
iv ~~ -*i CAIJ I C / /v x

(*>> ^ 1Q\
I

I J. J.

JOI

where A is a constant and e is the activation energy of hopping. The
exponent n is usually 1/4 or 1/3 (it is the reciprocal of the effective
dimensionality of the space in which the charge transport occurs).
The charge transport in a conjugated chain and the interchain hopping is
explained in terms of conjugation defects (radical or ionic sites), called
solitons and polarons. Several possible conjugation defects are demonstrated in Fig. 5.33 on the example of trans -polyacetylene.
A soliton is an electroneutral radical site with a spin equal to 1/2
connected to the rest of the chain by somewhat longer bonds; the charge
and the bond lengths are, however, disturbed also in the close surroundings
of the defect, hence the soliton extends over about 15 (—CH—) units. If we
remove or add an electron to the soliton, a zero spin and the corresponding
charge appears (charged soliton). Two neutral solitons can recombine and
the chain defect is cancelled. On the other hand, charged and neutral
solitons in neighbouring sites form a stable pair called polaron. Both the
solitons and polarons are mobile along the chain, but a soliton, unlike a
polaron, moves virtually without overcoming energy barriers. If the number
trans- polyacetylene

soliton

charged soliton

polaron

bipolaron

Fig. 5.33 Conjugation defects in trans -polyacetylene
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of polarons in the chain increases, they can interact basically in two ways:
two polarons can either form two charged solitons or a new stable zero-spin
defect called bipolaron.
The electronic band structure of a neutral polyacetylene is characterized
by an empty band gap, like in other intrinsic semiconductors. Defect sites
(solitons, polarons, bipolarons) can be regarded as electronic states within
the band gap. The conduction in low-doped polyacetylene is attributed
mainly to the transport of solitons within and between chains, as described
by the 'intersoliton-hopping model (IHM)'. Polarons and bipolarons are
important charge carriers at higher doping levels and with polymers other
than polyacetylene.
There exist numerous conjugated macromolecules showing high electronic conductivities after doping. Materials thus prepared are also termed
'synthetic metals' (their significance is documented, for example, by the
existence of a journal of the same name). This section presents only a very
brief summary of this constantly growing field. Further information can be
found in numerous reviews and monographs; the most representative ones
are listed below.
All important electronically conducting polymers, except perhaps for
polyacetylene, can be prepared electrochemically by anodic oxidation of the
monomers. The reaction is initiated by splitting off two hydrogen atoms
from the monomer molecule (H—M—H), which subsequently polymerizes
by interconnecting thus activated sites:
nH—M—H-+ H—(M)*—H + {In - 2)H + + (2w - 2)e"

(5.5.39)

According to this scheme, the consumption of positive charge should be
close to 2F/mol of monomer. Experimental values for various monomers
are considerably higher, in the range from 2.1 to 2.7. This is due to the fact
that the dehydrogenation of the monomer generally occurs at more positive
potentials than the p-doping of the polymer thus prepared. Therefore, the
produced polymer is oxidized immediately after its formation (p-doped)
with the consumption of a non-stoichiometric, additional positive charge:
H—(M)n—H + nyAT-+ H—(M)7+—W-nyAT + nye~

(5.5.40)

where y is the so-called doping level (y —0.1-0.7).
Both the mentioned reactions proceed in parallel. The mechanism of
electrochemical polymerization is not completely elucidated, but obviously
the first step of the polymerization, i.e. the formation of a dimer,
H—M—M—H, is rate-determining. As soon as the dimer is formed, it
further oxidizes more easily to the trimer and higher oligomers, since the
oxidation potential of the oligomer gradually decreases with increasing
polymerization degree, n. The polymerization reaction is, therefore, accelerated at a constant electrode potential as the polymer chain grows.
Several examples of conducting polymers that can be electrochemically
doped are quoted in Table 5.3.
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Table 5.3 Examples of electronically conducting polymers, y is the
level of electrochemical doping and K is the maximum electrical
conductivity. Except for polyacetylene and polyparaphenylene, only
p-doping is considered
Polymer
Polyacetylene
n-doped
p-doped

Repeat unit

y

K (S/cm)

0.09
0.05

100
1000

0.44
0.1

100
100
500

— CH=CH—

Polyparaphenylene
n-doped
p-doped

~\

Polypyrrole

_JI

J_

0.4

Polyaniline

—M

V-NH-

0.2

Polythiophene

—^

JL_

0.2

V = y

7~

190

The monomer and lower oligomers are soluble in the electrolyte, but with
increasing polymerization degree the solubility decreases. After attaining
some critical value, an insoluble film is formed on the anode. Lower
(soluble) oligomers can also diffuse from the electrode into the bulk of the
electrolyte, hence the faradaic yield of electrochemical polymerization is, at
least in the primary stages, substantially lower than 100 per cent.
The ideal electropolymerization scheme (Eq. (5.5.39)) is further complicated by the fact that lower oligomers can react with nucleophilic substances
(impurities, electrolyte anions, and solvent) and are thus deactivated for
subsequent polymerization. The rate of these undesired side reactions
apparently increases with increasing oxidation potential of the monomer,
for example, in the series:
aniline < pyrrole < thiophene < furan < benzene
The nucleophilic reaction with the solvent is of crucial importance.
Monomers with lower oxidation potentials (aniline and pyrrole) can easily
be polymerized even in aqueous electrolytes. For monomers with higher
oxidation potentials, aprotic solvents must be used, such as acetonitrile
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propylene carbonate, dichloromethane, etc. (Benzene can be polymerized
only in rather unusual electrolytes.) Side reactions with the solvent as well
as its own oxidation, however, cannot be excluded even in aprotic
electrolytes where they impair the electrochemical properties of the
product. A more elegant way to polythiophene and similar polymers is
therefore polymerization starting from oligomers, such as 2,2'-bithiophene
(whose oxidation potential is by about 0.4 V lower than that of thiophene).
The best known electrochemically prepared polymer is polypyrrole. The
oxidation potential of pyrrole is about 0.5 V versus SHE; that of polypyrrole
is about —0.3 V versus SHE. The oxidative polymerization and p-doping
proceeds, therefore, rather easy. On the other hand, the n-doping of
polypyrrole has not been so far realized. The electrochemical polymerization has been performed with a large selection of electrodes (Pt, carbon,
metal oxides) and electrolytes ranging from aqueous solutions to molten
salts. Under suitable experimental conditions, a free-standing film of
polypyrrole can be stripped off from the anode. This forms a basis of an
industrial production of polypyrrole foils, invented by the BASF company.
Polypyrrole foils have been studied as charge storing materials for batteries;
further prospective applications range from polymeric sensors and electrochemic devices to antistatic foils for packing and other use.
Pyrrole derivatives substituted in positions 1-, 3-, or 4- have also been
electrochemically polymerized (positions 2- and 5- must be free for
polymerization). Besides homopolymers, copolymers can also be prepared
in this way. Other nitrogen heterocycles that have been polymerized by
anodic oxidation include carbazole, pyridazine, indole, and their various
substitution derivatives.
In contrast to pyrrole and carbazole, the electrochemical polymerization
of aniline takes place both at the ring and nitrogen positions. The
polymerization is initiated in acidic medium by the formation of an aniline
radical cation, whose charge is localized mainly on the nitrogen atom. The
monomer units are then connected by C—N bonds in para positions
(head-to-tail coupling) as depicted in Fig. 5.34A. This form is termed
leucoemeraldine (or leucoemeraldine base) and it is essentially nonconducting in both the base and protonized forms (Fig. 5.34B). Strong
oxidation of leucoemeraldine base leads to a non-conductive semiquinonic
form called pernigraniline base (Fig. 5.34C). Pernigraniline is a rather
unusual form of poly aniline; it was synthesized in a pure form only recently
by chemical oxidation.
The common form of polyaniline is a 1:1 combination of alternating
reduced (A) and oxidized (C) units; it is termed emeraldine (or emeraldine
base). The emeraldine base is essentially non-conductive, but its conductivity increases by 9-10 orders of magnitude by treating with aqueous
protonic acids. The conductive form of polyaniline can therefore be roughly
depicted as a 1:1 combination of alternating A and D units.
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-2n(H«e")

Fig. 5.34 Schematic representation of the oxidation/reduction
and acidobasic reactions or polyaniline

5.5.6 Non-electrochemical methods
While methods employing radiaoactive tracer techniques have become a
classical tool for the study of adsorption on electrodes, optical methods for
the study of electrodes and processes occurring on them at an atomic or
molecular level have undergone enormously rapid progress, which is
characteristic for the contemporary development of electrochemistry.
Most suitable are methods studying the interphase between the electrode
and the electrolyte solution under the same conditions as those employed in
electrochemical methods, i.e. in situ. In the first place methods employing
electromagnetic radiation in the microwave, infrared, visible, ultraviolet,
X-ray and y-radiation regions belong to this group. The radiation can pass
more or less efficiently through the electrolyte, through the material of the
electrochemical cell (window), and even through the electrode without a
decrease in its intensity below the detection limit.
The methods of electron and ion optics (Table 5.4) employing a beam of
slow electrons or ions (with energies up to 104eV) for excitation of the
system have found many applications in the study of the surfaces of solid
electrodes. The very small mean free path of a beam of slow electrons or
ions, of the order of 1-10 nm in solids and 100 nm in gases at atmospheric
pressure, results in the very high surface sensitivity of these methods. On the
other hand, however, its application is limited to an ex situ study of the
electrode surface in an ultra high vacuum, i.e. at pressures below 10~6Pa.
Various experimental procedures have been proposed for anaerobic transfer
of the electrode from the electrolyte solution to an ultra high vacuum, if
necessary with an intact double layer, but without the bulk electrolyte
(electrode emersion). In spite of substantial success, e.g. in the study of
the adsorbed anions on an immersed gold electrode polarized to various
potentials, it is apparent that transfer of the electrode from the electrolyte

Table 5.4

Method
XPS
AES
EMP
HIXE
PIXE
SIMS
ISS
RBS

Basic methods of surface analysis (e = electron, I = ion, hv = photon, other abbreviations are explained in the
text)
Exciting
particle

Detected
particle

Information
depth (nm)

Detection
limit (at.%)

Lateral
resolution (jum)

Range of
elements

Bond
information

hv

e
e
hv

1-3
0.4-3
103

0.1-1
0.1-1
0.1

1000
0.1-10
1

>Na

V

;;>

103

5

3-1000

>Na

+

( +)
++

e
I
I
I
I

hv
I
I
I

0.3-1
0.3-1
3-103

io- -io
5

10"
0.1

3

100
100
1-3

Destructibility
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solution to an ultra high vacuum spectrometer is the most sensitive
operation in the whole procedure of a surface analysis of electrodes.
Methods employing electromagnetic radiation. The interaction of electromagnetic waves with the electrode, the electrolyte or the interphase
between them can be connected with a change in the amplitude, phase,
frequency and direction of wave propagation. Evaluation of these changes
often yields very detailed information on the studied object. Some methods
(e.g. ESR, absorption or luminescence spectroscopy in the ultraviolet and
visible regions) are more suitable studying electrochemically generated
substances in solution, while others (e.g. reflection spectroscopy, ellipsometry, Mossbauer spectroscopy and X-ray diffraction) are applied to the
study of changes of the electrode surface or in the immediate vicinity of the
surface. The boundary between the two types of methods is not a sharp one,
as procedures have been developed that are suitable for obtaining both
types of information (e.g. Raman spectroscopy).
A change in the amplitude of the excitation radiation occurs especially
during the non-elastic interaction of photons with a substance, connected
with the transfer of a defined quantum of energy; methods measuring this
change are termed spectroscopic methods. Relatively, the smallest energy
quantum corresponds to the energy difference between two states differing
in the spin of the unpaired electron, whose degeneracy has been removed
by the action of an external magnetic field. These processes are studied by
methods termed electron spin {paramagnetic) resonance, ESR (or EPR). Of
substances with an unpaired electron, transition metal compounds and free
radicals can be studied. Electrochemistry is concerned mainly with the study
of organic radicals formed during redox processes at electrodes or in
subsequent chemical reactions, often in non-aqueous solvents. With the
ESR method, radicals in electrolytes at concentrations as low as
10~8 mol • dm"3 can be detected in a wide lifetime range. Very unstable
radicals can also be studied indirectly, by conversion to a more stable
radical by the spin-trapping method. ESR measurements can readily be
carried out in situ, and the term SEESR (simultaneous electrochemical ESR)
is sometimes used. The shape and hyperfine structure of the ESR lines also
yields information on the structure of radicals, ion association, solvation,
etc. In practice, even the information on the mere fact that the product or
intermediate in an electrode process is a radical is valuable and can be of
great importance in the discussion of the mechanism of the electrode
process. The ESR method has been quite extensively used in electrochemistry in the study of substances in the electrolyte phase, while less
attention has been paid to the study of paramagnetic sites on the electrode
itself.
Electrochemically generated products can be readily characterized by in
situ measurement of their absorption spectra in the ultraviolet and visible
regions. Optically transparent electrodes (OTEs) prepared from thin layers
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of metals or semiconductors on glass or polymer supports play a key role in
these investigations. Alternatively, very fine, transparent metal mesh can be
used as an electrode. Absorption spectra can be advantageously studied by
means of a working electrode in a thin-layer system (with a thickness of
about 0.05-0.5 mm), where electrolysis of all the bulk electrolyte lasts only
a few seconds (thin-layer spectroelectrochemistry).
Under certain conditions, the product of the electrode process can be
studied by using electrochemically generated luminescence. This phenomenon occurs when the reactants generated at the electrode or in a subsequent
chemical reaction have such high free energy that they can interact to form
products in electronically excited states. If these states are capable of
radiative relaxation, then they can be identified according to their luminescence spectra. Reactants for luminescence studies can be generated in two
ways, either subsequently on a single electrode polarized, e.g. by a
rectangular or sinusoidal voltage, or simultaneously, e.g. at a rotating ring
disk electrode. Electrochemically generated luminescence finds wide application in the study of organic substances and radicals and also of some
complexes of transition metals (for example, Ru(bpy) 3 2+ , where bpy =
bipyridine). This method is especially useful in determining the mechanisms
of electrochemical processes.
The most important methods used in in-situ studies of electrode surfaces
are various modifications of reflection spectroscopy in the ultraviolet through
infrared regions. For electrochemical applications, the specular reflection
(at smooth electrode surfaces) is much more important than the diffuse
reflection from matt surfaces. The reflectivity, R, of the electrode/
electrolyte interface is defined by:
R=I/I0

(5.5.41)

where Io is the intensiy of incident radiant energy, and / is the intensity of
that reflected from the interface (some authors distinguish the term 'reflectivity'
for specular reflection and 'reflectance' for diffuse reflection.)
Specular reflection of electromagnetic radiation at the (electrochemical)
interface is generally described by Fresnel equations. Supposing the most
simple case that both the electrolyte and electrode are transparent and differ
only in their refractive indexes, nx and n2, the reflectivity for normal
incidence of the radiation equals:
R = [(n2-n1)/(n2

+ nl)]2

(5.5.42)

and R = 1 for grazing incidence. At other angles of incidence 0 < 6 <90°,
the reflectivity of radiation polarized normal and parallel to the plane of
reflection is different, the former increases monotonously from value given
by Eq. (5.5.42) to unity, but the latter goes through minimum at angle 6h
(so called Brewster angle):
0 b = arctan {n2lnx).

(5.5.43)
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The approximate picture of a transparent electrochemical interface is
rather far from the actual situation. Nevertheless, the Fresnel equations are
valid also for absorbing media, if one uses the complex refractive indexes,
Nk:
Nk = nk-i(aX/4jz),
k = l,2
(5.5.44)
(or is absorption coefficient of the medium and A wavelength). In this case,
Eq. (5.5.42) is replaced by
R = [(n- I) 2 + n2a2X2/Sjt2]/[(n + I) 2 + n2a2X2l%n2\

(5.5.45)

where n=njn2 is the relative refractive index. Equation (5.5.45) demonstrates the fact that strongly absorbing materials, like metals, are also
strongly reflecting, with /?—»1 even at the normal incidence.
The most important situation occurs when a film of different optical
properties is formed at the electrode surface. In this case, theory predicts
that the R value can be changed, even for non-absorbing films, as a result of
existence of a third phase with different refractive index interspaced
between the electrode and electrolyte. Therefore, the entire observed
decrease in reflectivity R is not necessarily caused by the absorption of
radiation in the film. This approximation, is, however, reasonably acceptable when the film is supported by a highly reflective phase, such as smooth
metal electrode.
In general, two basic experimental arrangements of reflective spectroelectrochemistry are possible:
(a) The excitation beam passes first through a window in the electrochemical cell, then through the electrolyte and is finally reflected from the
surface of the electrode back into the electrolyte phase (specular
external reflectance). There is a sufficient number of suitable substances for the preparation of electrodes, electrolytes and windows for
working in the ultraviolet and visible regions. More problems are
encountered in the infrared region, as practically all electrolytes absorb
infrared radiation so strongly that external reflection spectra can be
studied only in cells with a very thin (1-10 \xm) layer of electrolyte
between the window (usually Si, Ge, ZnSe, CaF2) and the electrode.
(b) The excitation beam passes through the electrode material and is
reflected once or twice from the interface with the electrolyte back into
the electrode material (internal or attenuated total reflection). This
method requires the use of an optically transparent electrode. Internal
reflectance of infrared radiation can be studied, for example, on a
germanium electrode; other materials such as carbon and various
metals have such high absorption coefficients for infrared radiation that
they can be used in only very thin layers (5-30 nm) fixed to transparent
support materials. Vacuum deposited gold layer on a Ge electrode is
the most common arrangement. In practice, a compromise between the
electrical conductivity and infrared absorbance must always be found.

333

The relative changes in reflectance at the electrode are usually very small,
typically of the order of 10~4-10~2 per cent, and thus a special technique
must be used to measure these differences; this is based primarily on signal
modulation and lock-in detection. The simplest modulation method is based
on mechanical interruption of the excitation light beam; this approach has a
disadvantage in that it in no way increases the surface sensitivity of
reflectance spectroscopy. Thus it is preferable to employ signal modulation
by periodic changes in the electrode potential (electrochemically modulated
reflectance spectroscopy). A further approach to modulation involves
application of polarized excitation radiation. This modulation depends on
periodic changes in the polarization plane of the radiation between the
directions perpendicular to and parallel to the plane of reflection of the
beam. This method also increases the surface sensitivity of reflectance
spectroscopy as a result of application of specific selection rules for the
reflectance of polarized light from the electrode surface. In addition, the
measurement is carried out at constant potential and the information on the
electrode surface is not distorted by changes that could occur during
potential modulation.
The third approach to reflectance studies at the electrochemical interface
presents Fourier transformation spectroscopy. This method is used in the
infrared spectral region, where standard commercial instruments (with only
minor laboratory modifications) are readily applicable. The most common
experimental technique is known as SNIFTIRS (subtractively normalized
interfacial Fourier transformation infrared spectroscopy). It is based on the
measurement of external reflectance, /?w at a working potential of the
electrode, £ w , and is compared to external reflectance, R, at a potential E,
where no significant charge transfer reaction takes place. The plot of
(Rv/-R)/R = AR/R versus wavenumber contains therefore only the characteristic features introduced by the potential change, whereas the
potential-independent infrared absorptions (electrolyte window, and vibrational structures intact by the charge transfer reaction) are numerically
cancelled. Negative-going peaks correspond to the increase in concentration
of species generated at the working potential Ew and vice versa.
Reflectance spectroscopy in the infrared and visible ultraviolet regions
provides information on electronic states in the interphase. The external
reflectance spectroscopy of the pure metal electrode at a variable potential
(in the region of the minimal faradaic current) is also termed 'electroreflectance'. Its importance at present is decreased by the fact that no satisfactory
theory has so far been developed. The application of reflectance spectroscopy in the ultraviolet and visible regions is based on a study of the
electronic spectra of adsorbed substances and oxide films on electrodes.
Infrared reflectance spectroscopy provides information on the vibrational
states in the interphase. It can be interpreted in terms of molecular
symmetry, force constants and chemical bond lengths. The intensity of the
spectral peaks of the adsorbed molecules is determined both by standard
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selection rules and also by specific surface selection rules, differentiating
various directions of the polarization of radiation and molecular orientation
with respect to the surface of the electrode. Infrared reflectance spectroscopy has been used, for example, to study the structure of water in the
electrical double layer, adsorption of H2 and CO on a platinum electrode
and the adsorption of intermediates in the oxidation of organic substances
on Pt, Au, Rh and Pd electrodes. The spectra can be interpreted in terms of
the symmetry changes in the molecules in the electrochemical interface,
bonding to the electrode surface, aggregation, etc.
An example of the SNIFTIRS study of a Pt electrode in contact with 0.5 M
LiClO4 in propylene carbonate (PC) is demonstrated in Fig. 5.35. The
reference potential, E was 2 V versus Li/Li + , the working potential, £ w was
3.2 V versus Li/Li + . Anodic oxidation of PC is clearly apparent at these
conditions; it is accompanied by the relative intensity drop of the C = O
stretching vibration at 1785 cm"1 (from the intact PC), and increase of the
C=O stretching vibration at 1766 cm"1 (from the oxidized PC). The
oxidation products are further characterized by several new negative going
peaks in the 1000-1800 cm"1 region, whereas the content of CH3 groups
remains unchanged by oxidation. The most characteristic oxidation product
of PC is molecular CO2 identified at 2342 cm"1. The onset of PC oxidation
(CO2 formation) was detected by SNIFTIRS already at 2.1 V versus Li/Li + ,
which indicates that propylene carbonate is much less stable against
oxidative decomposition than it was formerly believed on the basis of
electrochemical methods (anodic currents at the platinum electrode in the
mentioned electrolyte are practically negligible in the interval 2-4 V versus
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Fig. 5.35 SNIFTIRS spectrum from a polished Pt electrode
in 0.5 M LiClO4 in propylene carbonate. Reference potential:
2.00 V versus Li/Li + electrode; working potential 3.20 V
versus Li/Li + electrode. According to P. Novak et al.
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The absorption of radiation at the electrochemical interface can be
studied by a number of methods—not only optically by the reflection or
transmission technique but also by direct measurement of the energy
released during radiationless relaxation of excited states. The simplest
version is based on measuring temperature changes in the region around an
intermittently irradiated electrode—called photothermal spectroscopy.
Alternatively, periodic temperature changes of the electrode can be
monitored in terms of periodic changes in its dimensions; these can be
measured with a piezoelectric detector. The most commonly employed
method involves measurement of the intensity of an acoustic signal formed
by periodic pressure changes in the region around the intermittently
irradiated electrode—termed photoacoustic (or optoacoustic) spectroscopy
or PAS (OAS). In this method, the excitation radiation is modulated with
an acoustic frequency of 101-103Hz, and detection is carried out with a
microphone. The photothermal and photoacoustic spectroscopic methods
have a great advantage over reflectance and transmission techniques in their
minimal requirements on electrode preparation; the electrode can be
opaque, can have a rough surface, etc. Photoacoustic spectroscopy and
related techniques can be used from the ultraviolet to infrared regions; only
the ultraviolet and visible regions have so far been used in electrochemical
applications. Interpretation of the spectra is similar to that for absorption or
reflectance spectroscopy in the same region. Specific applications include a
study of the efficiency of photoelectrochemical conversion of energy at
semiconductor electrodes.
The reflectance of light waves from the electrode surface involves a
change not only in the amplitude but also in the phase of the reflected
radiation. The method termed ellipsometry is based on the fact that, during
reflection from the electrode, linearly polarized light is changed into
elliptically polarized light. The polarized light incident on the electrode
surface can be considered as consisting of two superimposed light waves
with the same frequency and phase but polarized perpendicularly and
parallel to the plane of incidence. After reflection from the surface, these
two waves are, in general, out of phase and their amplitudes are changed
compared to those of the incident radiation. The interference of these two
reflected waves produces elliptically polarized light or, in special cases
(waves with the same amplitude and phase-shifted by JT/2), circularly
polarized light. The phase shift and the ratio of the amplitudes and thus the
corresponding optical parameters of the surface can be found experimentally. The capability to determine the thickness of surface oxide films on
electrodes and the kinetics of their growth in situ is most important in
electrochemical applications of this method. Surface films can be studied
with sufficient sensitivity in a wide range of thicknesses, starting with
submonolayers. Ellipsometry was also applied to the study of the electrical
double layer.
Raman spectroscopy is certainly one of the most important optical
methods employed in electrochemistry. This method is based on an analysis
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of non-elastically scattered radiation in the ultraviolet and visible regions.
Interaction with vibrational states in the scattering medium leads to a slight
decrease (or increase) in the frequency of the scattered radiation compared
to the incident radiation. As a result of specific selection rules, this method
yields structural bonding data complementary to the data obtained by other
vibrational spectroscopic methods, especially infrared. The low intensity of
the scattered light and the low shift of the frequency make it essential that
the excitation radiation have very precisely defined frequency and high
intensity; at present, lasers are exclusively used for this purpose. When the
frequency of the excitation radiation is identical with that of the electronic
absorption band of the studied molecule, a marked increase in the intensity
of the Raman effect is observed, exploited in Raman resonance spectroscopy. Compared to infrared spectroscopy, the use of Raman spectroscopy
in electrochemistry is favoured by the high transparence of the electrolyte in
the ultraviolet and visible regions, enabling measurements in situ.
Compared to electronic spectra in the ultraviolet and visible regions, Raman
spectra of electrochemically generated substances are characterized by high
chemical selectivity and thus far greater capabilities in the study of
mechanistic and kinetic problems. An optical multichannel analyser can be
used to study spectra with a high time resolution, i.e. at various stages
during the change of the electrode potential.
A study of the adsorption of pyridine on a silver electrode first
demonstrated that, under suitable conditions, Raman spectroscopy can even
be sufficiently sensitive for the study of substances adsorbed on electrodes,
where a modification called surface enhanced Raman spectroscopy (SERS)
was used. The adsorption of various molecules on a silver electrode is
accompanied by an enormous increase in the intensity of the Raman
scattered radiation—by up to 106-fold compared to the intensity in the
homogeneous phase. The surface enhancement effect led to great interest
during the 1970s among theoreticians and experimentalists, including
non-electrochemists. In spite of considerable effort, no satisfactory theoretical basis for this effect has yet been found. The amplification factor depends
on the wavelength of the exciting radiation and also very strongly on the
electrode material. In addition to the silver electrode, which is mostly used,
copper (an increase of about 105) and gold (about 104) electrodes are also
suitable for these studies. In addition, some silver alloys or other materials
can also be used, whose surface has been modified by a small amount of
silver. Increases in the Raman scattering radiation have also been reported
for Ni, Pd, Cd, Hg, Pt and Al electrodes.
Methods employing X-rays and y-radiation are used less often in electrochemistry. The possibility of using X-ray diffraction for in situ study of the
electrode surface was first demonstrated in 1980. This technique has long been
used widely as a method for the structural analysis of crystalline substances. Diffraction patterns that are characteristic for the electrochemical
interface can be obtained by using special electrochemical cells and elec-
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trodes. The electrode can also be studied in situ by measuring absorption of
X-ray radiation. The extended X-ray absorption fine structure (EXAFS)
method is based on the excitation of core-level electrons and, in addition to
elemental analysis, permits study of the electronic structure of surfaces. The
EXAFS method requires a quite intense source of X-ray radiation,
preferably a synchrotron.
Mossbauer spectroscopy can be used for in situ study of electrodes
containing nuclei capable of resonance absorption of y radiation; for
practical systems, primarily the 57Fe isotope is used (passivation layers on
iron electrodes, adsorbed iron complexes, etc.). It yields valuable information on the electron density on the iron atom, on the composition and
symmetry of the coordination sphere around the iron atom and on its
oxidation state.
Methods employing electron and ion beams. Of the methods employing a
beam of electrons or ions for excitation of the sample and/or detection of
the signal, various surface analysis methods are of greatest importance.
Qualitative and semiquantitative elemental analysis of the electrode surface
is more or less routine for practically all the elements in the periodic system.
Nonetheless, the individual methods vary, among other factors, in their
sensitivity for various elements, information depth (i.e. the thickness of the
sample layer yielding a detectable signal) and lateral resolution. The latter is
determined by the surface area of the sample irradiated by the excitation
beam. With a beam of charged species, sufficiently intense radiation can be
obtained even for focusing to very small cross-sections, which is the
principle of microanalysis (microprobes). Scanning of the surface of the
sample by the excitation beam yields the distribution of the elements over
the sample surface (scanning microanalysis).
The basic methods of surface analysis are listed in Table 5.4. The X-ray
photoelectron spectroscopic (XPS) method, also termed electron spectroscopy for chemical analysis (ESCA), one of the most frequently used
methods, is based on the determination of the kinetic energy of the
electrons emitted from the core levels in a photoelectric process. The energy
of the core levels is assessed with the help of the kinetic energy of the
photoelectrons. These energies unambiguously characterize the given atom.
The measurement is quite precise (with an error of about 10"1 eV) and thus
not only can elemental analysis be carried out but also fine changes in the
core level energies produced by changes in the electron densities due to the
formation of chemical bonds, i.e. chemical shifts, can be studied. Photoelectron spectroscopy can indicate, for example, various oxidation states of
a metal in oxide films on the electrode; it is widely used in the study of
chemically modified electrodes and substances adsorbed on electrodes. The
XPS method yields information on several monolayers of atoms in the
surface. In practice, it is often necessary to analyse deeper layers in the
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sample; the standard procedure involves a destructive technique of ion
sputtering, i.e. depth profiling.
Auger electron spectroscopy (AES) is a further important method of
surface analysis. It is based on the non-radiative relaxation of vacant core
levels, connected with the emission of electrons (the Auger phenomenon).
Measurement of the kinetic energy of emitted Auger electrons permits
determination of the core level energies including chemical shifts. The
spectra are more difficult to interpret than XPS spectra, as the electron
reorganization occurs among three energy levels. Thus, the energy of the
Auger electron (in contrast to the energy of a photoelectron) does not
depend on the excitation energy employed. In the AES method, the core
level can be excited by any type of radiation with sufficient energy;
excitation using electrons is used most often and in general permits much
better lateral resolution than excitation using photons. Auger electron
spectroscopy is also often combined with depth profiling. It is employed in
electrochemistry for similar purposes as XPS, e.g. to study oxide films,
adsorption, corrosion, etc.
A complementary phenomenon to the emission of Auger electrons is the
emission of characteristic X-ray radiation (radiative relaxation of the vacant
core level). The probability of emission of X-ray radiation is greater for
heavier elements and, on the other hand, the probability of the Auger
phenomenon increases for lighter elements. The electron microprobe (EMP)
employs excitation by characteristic X-ray radiation using a focused beam of
electrons. This is not a surface method in the strictest sense, as the
information depth is much greater than for XPS and AES. A disadvantage
of electron excitation of X-ray spectra is the relatively high background of
X-ray bremsstrahlung, decreasing the sensitivity of the analysis. The
bremsstrahlung background can be considerably suppressed by excitation of
X-ray spectra using an ion beam {proton-induced X-ray emission, PIXE, or
helion-induced X-ray emission, HIXE).
The impact of an ion beam on the electrode surface can result in the
transfer of the kinetic energy of the ions to the surface atoms and their
release into the vacuum as a wide range of species—atoms, molecules, ions,
atomic aggregates (clusters), and molecular fragments. This is the effect of
ion sputtering. The SIMS {secondary ion mass spectrometry) method deals
with the mass spectrometry of sputtered ions. The SIMS method has high
analytical sensitivity and, in contrast to other methods of surface analysis,
permits a study of isotopes. In materials science, the SIMS method is the
third most often used method of surface analysis (after AES and XPS); it
has so far been used only rarely in electrochemistry.
Methods based on the study of the scattering of an ion beam also belong
among techniques for analysis of surfaces that have been used only
occasionally in electrochemistry. The ion-scattering spectroscopic (ISS)
method studies the scattering of slow ions (with energy up to 1 keV). The
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scattering of fast ions (with energy of about 1 MeV) has been studied by the
Rutherford backscattering spectroscopic (RBS) method. The scattering of
ions from a surface can be described over the whole energy range as an
elastic binary collision. Determination of the energy and angle of the
scattered ions yields, in the first place, information on the mass of the
surface atoms, i.e. elemental analysis. The RBS method is especially useful
for the detection of heavy atoms at an electrode made of a light element. It
is employed for non-destructive analysis of depth concentration profiles.
In addition to the above methods, yielding primarily semiquantitative
elemental analysis of the surface, further methods of electron and ion optics
are suitable for the study of electrochemical systems. The diffraction of slow
electrons (low energy electron diffraction, LEED) is widely employed for
structural investigation of single-crystal electrodes. In contrast to X-ray
diffraction, the LEED method yields information only on the twodimensional surface structure. The LEED method is used to study clean
surfaces and substances adsorbed on crystalline surfaces. An interesting
structural change ('surface reconstruction') is often observed after contact of
the electrode with the electrolyte. A disadvantage of the LEED method
compared to X-ray diffraction is the necessity of working ex situ.
The electrochemistry of modified electrodes occasionally employs a rather
special method of electron spectroscopy—inelastic electron tunnelling spectroscopy (IETS)—based on precise measurement of the electrical conductivity of an electrode covered with an oxide layer and possibly with other
adsorbed substances, in dependence on the voltage. The electrons 'see' the
layer of oxide or adsorbed molecules as a potential barrier that can be
overcome by tunnelling. At a definite potential, a characteristic change in
the conductivity is observed, resulting from non-elastic interaction of the
tunnelling electrons with the vibrational levels in the studied layer of oxide
or adsorbates on the electrode. The IETS method thus yields analogous
data to those obtained from the other vibrational spectroscopic methods.
The non-elastic tunnelling phenomenon is not limited by the selection rules
of vibrational spectroscopy and thus bands can be observed that are active
in both the Raman and infrared spectra. The IETS method has an
advantage in its ability to study very thin surface layers on the electrodes
and, last but not least, in the quite simple instrumentation (e.g. it is not
necessary to work in a vacuum). Measurements can be carried out,
however, only ex situ and on a limited number of materials. The aluminium
oxide-covered electrode is most advantageous.
As mentioned above, the methods based on detection of electrons or ions
or probing the electrode surface by these particles are generally handicapped by the necessity to move the studied electrode into vacuum, i.e. to
work ex-situ. There are, however, two important exceptions to this rule:
electrochemical mass spectrometry and electrochemical scanning tunnelling
microscopy.
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Electrochemical mass spectrometry was recently introduced for direct
study of the products of electrochemical processes. For this purpose, an
electrochemical cell is connected to the vacuum chamber of a mass
spectrometer by a porous Teflon membrane. This membrane is at the
electrolyte side covered by a layer of porous platinum serving as a working
electrode. When the pore size is suitably selected, the solvent molecules do
not pass through the hydrophobic Teflon membrane, but some molecules
generated at the platinum electrode (e.g. H2, O2, NO, NO2, CO2) can
penetrate through the membrane, and are subsequently detected by the
mass spectrometer. The analytical response is rather fast, typically < 0.5 s,
which allows the measurement of mass-potential curves in parallel with
usual current-potential diagrams. According to the used potential regime,
we can distinguish the mass spectrometric cyclic voltammetry, MSCV (with
triangular potential changes) or differential electrochemical mass
spectrometryp, DEMS (with square-wave potential changes). The electrochemical mass spectrometry seems promising, especially for the study of anodic
oxidation of organic substances. For instance, the detection of CO2 during
anodic oxidation of propylene carbonate is a suitable complementary
method to SNIFTIRS (see the example discussed on page 334).
Electrochemical scanning tunnelling microscopy (ESTM) has recently
been recognized as a powerful technique for in-situ characterization of the
topography of electrode surfaces extending to the atomic level. This method
was originally developed for the study of conducting surfaces in vacuum, but
is readily applicable also to surfaces in gaseous or liquid environment. The
latter application was first demonstrated in 1986 on graphite in aqueous
solutions. The principle of ESTM is very simple: it is based on electron
tunnelling between the studied electrode surface and a tip of sharply
pointed wire, which is placed in close vicinity above the studied surface. The
tunnelling current decreases exponentially with the distance of the tip from
the surface (roughly by an order of magnitude for every distance increase by
0.1 nm). A significant tunnelling current flows therefore only between
several atoms at the apex of the tip and the nearest atoms in the examined
surface. The exponential decay of the tunnelling current with distance
enables one to measure the vertical position of the tip with a precision in the
order of 0.01 nm. By sweeping the tip across the studied surface, an image
of its topography with a comparable vertical resolution can be obtained (the
lateral resolution is about 0.2 nm).
The experimental set-up usually utilizes a piezoelectric tripod as a support
of the tip (Fig. 5.36). This is movable vertically and laterally over the
examined surface; the vertical distance is fixed by a feedback loop to a
constant tunnelling current at each point of the scan. The contours of the
surface are thus visualized by voltage changes needed to move the
piezoelectric tripod to a desired position.
The in-situ ESTM was utilized for studying adsorbed or underpotential-
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Fig. 5.36 Scheme of a scanning tunnelling microscope
deposited atoms or molecules on metal and semiconductor electrodes,
effects of surface reconstruction and electrochemical roughening, etc. The
latter was demonstrated, for example after successive oxidation and
reduction of the electrode surface in aqueous electrolytes, which is widely
used for 'activation' of Au or Pt electrodes. Fundamental ESTM studies are
performed prevailingly with single-crystal electrodes.
The ESTM experiment provides actually five measurable quantities:
tunnelling current, / at the applied voltage, Uy and three dimensions, x, y,
z. The standard STM can therefore easily be modified by recording the local
l-Uy U-Zy.ox I-z characteristics (z is vertical distance of the tip from the
electrode surface). Plot of dl/dU or d//dz versus x and y brings additional
information on the electronic and chemical surface properties (local work
functions, density-of-states effects, etc.), since these manifest themselves
primarily as I-U dependences. The mentioned plots are basis of the
scanning tunnelling spectroscopy (STS).
Other techniques derived from tunnelling microscopy are based on the
measurement of small repulsive forces (down to 10~9N) acting on a
diamond tip attached on the gold foil. These forces originate from repulsion
of individual atoms between the tip and the examined surface {atomic force
microscope, AFM). Unlike standard tunnelling microscopy, the AFM is not
confined only to electrically conducting samples. Other methods based on
the concept of a force microscopy are laser force microscope (LFN) which
works with attractive rather than repulsive forces, and magnetic force
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microscope (MFM). The use of these methods in electrochemistry is so far
only marginal. Electrochemical background has, however, a recently
developed scanning ion conductance microscope (SICM). In this case, the
sample is immersed in an electrolyte bath and scanned by a fine electrolytefilled micropipette while measuring the ion current between two silver
electrodes placed in the bath and inside the micropipette. The obtained
resolution (ca. 10 nm) makes possible to monitor, for example, ion currents
flowing through individual channels in biological membranes.
Radioactive tracer techniques. In electrochemistry, the procedure is
essentially the same as in studies of chemical reactions: the electroactive
substance or medium (solvent, electrolyte) is labelled, the product of the
electrode reaction is isolated and its activity is determined, indicating which
part of the electroactive substance was incorporated into a given product or
which other component of the electrolysed system participated in product
formation. Measurement of the exchange current at an amalgam electrode
by means of a labelled metal in the amalgam (see page 262) is based on a
similar principle.
These techniques are especially useful for studies of the adsorption of
reactants, intermediates and products of electrode reactions. The simplest
case corresponds to adsorption that is so strong that the electrode can be
removed from the solution, rinsed and its activity measured without
interference from desorption. When this procedure is impossible, the
activity of the adsorbate can be measured by the 'electrode lowering
method'. The radioactive counter is placed under the bottom of the cell,
which is made of a plastic foil. The electrode can be located at large
distances from the bottom or can be placed so close to the bottom that only
a thin layer of solution remains beneath it. The radioactivity values at the
two electrode positions permit determination of the adsorbate activity. This
procedure can be repeated many times, thus supplying data on the kinetics
of the adsorption process.
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5.6 Chemical Reactions in Electrode Processes
Chemical reactions accompanying the electrode reaction can be classified
from three points of view. They can be sufficiently fast so that they proceed
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in equilibrium or they are slow enough to constitute a rate-controlling step.
Another classification is based on their position with respect to the electrode
reaction.
5.6.1

Classification

There are an infinite number of combinations here, only some of which
will be considered (the individual steps are denoted by symbols as described
on page 252):
/ 1 + / 2 ^ ± R ^Lt
C(a)

p

(CE)

(a)

E(a)

R <=^± M ?=± P
E(b)
R ^ P i + P2

(EC) (b)

(5.6.1)

C(b)
(EC) (c)

C(c)
Case (a) If the chemical reaction preceding the electrode reaction, C(a),
and the electrode reaction itself, E(a), are sufficiently fast compared to
the transport processes, then both of these reactions can be considered as
equilibrium processes and the overall electrode process is reversible (see
page 290). If reaction C(a) is sufficiently fast and E(a) is slow, then C(a)
affects the electrode reaction as an equilibrium process. If C(a) is slow,
then it becomes the rate-controlling step (a detailed discussion is given in
Section 5.6.3).
Case (b) Reaction E(b) is sufficiently fast; then a chemical reaction
subsequent to the electrode reaction, C(b), is either an equilibrium or
rate-controlling step. If E(b) is sufficiently slow, then C(b) has no effects
whatever its rate.
Case (c) A chemical reaction C(c) parallel to the electrode reaction has an
effect only when E(c) is sufficiently fast.
Cases (a) and (c) for relatively slow chemical reactions are particularly
interesting when the electrode reaction is fast and unidirectional, so that the
concentration of substance R at the surface of the electrode approaches
zero. Then characteristic limiting kinetic currents are formed on the
polarization curves.
The third approach to classification considers the interaction of substances
undergoing chemical reactions with the electrode. The reactions considered
in this section are either volume reactions or heterogeneous reactions with
weak interaction with the electrode surface; such reactions occur often at
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mercury electrodes. Reactions with strong chemisorption interaction will be
considered in Section 5.7.
5.6.2 Equilibrium of chemical reactions
A typical example is protonation preceding the electrode reaction
A + H 3 O + ±± AH + + H2O
(5.6.2)
characterized by the dissociation constant K':
K

[A][H3O+]
~ [AH + ]

(5A3)

If substance AH + participates in an irreversible electrode reaction
AH + + e ^ A H
the current density is given by the equation
j = -Fkcony

exp y -

where c = cA + cAH+- If aH3O+«K'
(5.6.5) assumes the form

aFE

\
)

and therefore cAH+«cA,
/

(5.6.4)

aFE\

then Eq.

c

j = -Fkcony exp (^ - -^rJcH 3 o+ —

(5.6.6)

with an overall reaction order of 2.
The deposition of a metal from a complex also involves equilibria in
solution between the free metal ions, the complexed ions and the
complexing agent. The formation of the complex MXZ+ from the metal ion
Mz+ and complexing agent X is characterized by the consecutive stability
constants (Section 1.4.3)

so that the solution contains various proportions of the complexes MX2+,
MX| + , • • •, MXzn+ in addition to the free metal ions. Both the free and the
complexed ions can participate in the electrode reaction. Under equilibrium
conditions described by Eqs (5.6.7), the following electrode reactions can
occur according to H. Gerischer:

M+ X

(5.6.8)
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Each sort of complex including the free ions has a characteristic electrode
reaction rate constant (for example, kcMX., / = 0, 1,. . ., n).
Consider the relatively simple case where the chemical reactions of
formation and dissociation of the complexes are sufficiently fast so that
equilibrium among the complexes, free ions and complexing agent is
maintained everywhere in the electrolyte during the electrolysis. The rate of
deposition of the metal is then determined by the electrode reaction of the
complex MX,-, for which the product kcMX.cMX. is, at the given potential, the
largest for all the complexes.
5.6.3 Chemical volume reactions
According to the theory developed by R. Brdicka and K. Wiesner, a
chemical reaction prior to the electrode reaction acts as the rate-controlling
step in the electrode process when the electrode reaction disturbs the
chemical equilibrium in solution and renewal of this equilibrium is not
sufficiently fast. This effect extends to a certain depth in the solution as
concentration changes resulting from the electrode reaction are propagated
by diffusion. According to J. Koutecky and R. Brdicka, the differential
equation describing diffusion to an electrode with a simultaneous chemical
reaction is given by combination of the second Fick law and the equation for
the reaction rate (this idea first appeared in a paper by A. Eucken).
Consider a system of two substances participating in a reversible reaction
B <=• A

(5.6.9)

with the equilibrium constant K = k2/kl. The substance A is present in a
marked excess over substance B (K»1), so that its concentration is
practically not changed by the electrode process. The substance B undergoes an irreversible electrode reaction with the rate constant
kc = k^ exp [ - anF(E - E°')/RT]
(see Eq. 5.2.23). The differential equation and boundary and initial
conditions for substance B are
dc
d^c
— = D — f + Jt^CA-ZCce)
Cfl

t = 0, x > 0:
t > 0, x = 0:

cB = cA/K
D(dcB/dx) = kccB

After a sufficiently long time interval (t»l/k1K),
established (dcB/dt = 0), giving
D ^

(5.6.10)

CfX

+ k1(cA-KcB)

=0

a steady state is
(5.6.11)
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with the solution

-'Vf)]
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<">

Figure 5.37 depicts the stationary distribution of the electroactive
substance (the reaction layer) for &c—»<». The thickness of the reaction layer
is defined in an analogous way as the effective diffusion layer thickness (Fig.
2.12). It equals the distance \i of the intersection of the tangent drawn to the
concentration curve in the point x = 0 with the line c = cA/K,
(5.6.13)
The current density is given by the equation
(5.6.14)
which describes the polarization curve of a kinetic current, controlled by the
electrode reaction and the steady state of the chemical volume reaction and
diffusion. For kc»^JkxKDy the limiting current density is obtained:
(5.6.15)

]\ = zFcA

i
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/
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Fig. 5.37 Steady-state concentration distribution (reaction layer) in the
case of a chemical volume reaction preceding
an electrode reaction (q
(Eq.
((5.6.12));
) )
\ k
k x = 0.04
004 s"11, D = 10~55cm • s \\ \i is the
K = 10\
effective reaction layer thickness
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This relationship forms the basis for the method of determining the rate
constants of fast chemical reactions from the kinetic current.
A similar procedure can be employed for subsequent and parallel
chemical reactions and for higher-order reactions.
The reduction of formaldehyde at a mercury electrode is an example of a
system in which a chemical reaction precedes the electrode reaction.
Formaldehyde is present in aqueous solution as the hydrated form (as
dihydroxymethane), which cannot be reduced at a mercury electrode. This
form is in equilibrium with the carbonyl form

According to R. Brdicka and K. Vesely the carbonyl form of formaldehyde is reduced and the limiting kinetic current is given by the rate
of the chemical volume reaction of dehydration. An analogous situation
occurs for the equilibria among complexes, metal ions and complexing
agents if the rates of complex formation and decomposition are insufficient to preserve the equilibrium. A simple example is the deposition
of cadmium at a mercury electrode from its complex with nitrilotriacetic
H N + ^ C O O H = H3X. Here, a single X3~ species is bound in the
COOH
complex. According to J. Koryta, equilibrium in solution in the pH range
from 3 to 5 can be described by the equation
Cd2+ + HX2~ <=^± CdX" + H +

(5.6.17)

The symbols kf and kd are the rate constants for the formation and
dissociation of the complex. The equilibrium constant of reaction (5.6.17) is
given by the relationship
KC6xK3 = ^

(5.6.18)

Kd

where KCdX is the stability constant of the complex and K3 is the third
dissociation constant of the acid. If only free metal ions react in the given
potential range at the electrode and the rate of the electrode reaction of the
complex is negligible, then the constants in Eq. (5.6.15) for the limiting
kinetic current are given as
k\ = /cdcH3o+
(5.6.19)
where cHX2- is the concentration of the complexing agent, present in excess
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so that its concentration in the electrolyte does not change during the
electrolysis.
A chemical reaction subsequent to a fast (reversible) electrode reaction
(Eq. 5.6.1, case b) can consume the product of the electrode reaction,
whose concentration in solution thus decreases. This decreases the overpotential of the overall electrode process. This mechanism was proposed by
R. Brdicka and D. H. M. Kern for the oxidation of ascorbic acid, converted
by a fast electrode reaction at the mercury electrode to form dehydroascorbic acid. An equilibrium described by the Nernst equation is established at the electrode between the initial substance and this intermediate
product. Dehydroascorbic acid is then deactivated by a fast chemical
reaction with water to form diketogulonic acid, which is electroinactive.
If a chemical reaction regenerates the initial substance completely or
partially from the products of the electrode reaction, such case is termed a
chemical reaction parallel to the electrode reaction (see Eq. 5.6.1, case c).
An example of this process is the catalytic reduction of hydroxylamine in
the presence of the oxalate complex of TiIV, found by A. Blazek and J.
Koryta. At the electrode, the complex of tetravalent titanium is reduced to
the complex of trivalent titanium, which is oxidized by the hydroxylamine
during diffusion from the electrode, regenerating tetravalent titanium,
which is again reduced. The electrode process obeys the equations

Ti m + NH2OH

solution

> TiIV + O H ' + NH2

(5.6.20)

The NH2 radical rapidly reacts with excess oxalic acid required to form the
oxalate complexes of titanium.
Partial regeneration of the product of the electrode reaction by a
disproportionation reaction is characteristic for the reduction of the uranyl
ion in acid medium, which, according to D. H. M. Kern and E. F. Orleman
and J. Koutecky and J. Koryta, occurs according to the scheme

2UO 2 + -^UO 2 2+ + UIV (products)

(5.6.21)

5.6.4 Surface reactions
Heterogeneous chemical reactions in which adsorbed species participate
are not 'pure' chemical reactions, as the surface concentrations of these
substances depend on the electrode potential (see Section 4.3.3), and thus
the reaction rates are also functions of the potential. Formulation of the
relationship between the current density in the stationary state and the
concentrations of the adsorbing species in solution is very simple for a linear
adsorption isotherm. Assume that the adsorbed substance B undergoes an
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irreversible electrode reaction with the rate constant kc and is simultaneously formed at the electrode by a reversible heterogeneous reaction
from the electroinactive substance A (see Eq. 5.6.9). The equilibrium
constant for this reaction is K = k2/kx. In contrast to the system considered
above, the quantities kx and k2 are the rate constants of surface reactions.
The substance A is present in solution and is adsorbed on the electrode
according to the linear adsorption isotherm
r A = /?cA

(5.6.22)

where F A is the surface concentration and c A is the bulk concentration of
substance A, and /? is the adsorption coefficient. At steady state,

-ATB) = 0

(5.6.23)

so that the current density / and limiting current density jx for A:c—» o° follow
the equations
nr

kc +kxK

jl/nF=k1pcA

(5.6.24)

If relationship (5.2.23) is used for kc and relationship (4.3.49) for /3, then a
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Fig. 5.38 Reduction of 10~ 3 M phenylglyoxylic acid at the
mercury streaming electrode in acetate and phosphate
buffers containing 1 M KNO3: (1) pH 5.02, (2) pH 5.45, (3)
pH 5.85, (4) pH 6.25. The curves 2, 3 and 4 are shifted by
0.2 V, 0.4 V and 0.6 V with respect to curve 1. The first
wave is controlled by the surface protonation reaction while
the second is a direct reduction of the acid anion. (According to J. Koryta)
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j-E curve with a peak is obtained. This phenomenon is typical for a number
of cases where the protonized electroactive form is formed by a surface
reaction with protons (see Fig. 5.38).
References
Bard, A. J., and L. R. Faulkner, see page 290.
Brdicka, R., V. Hanus, and J. Koutecky, General theoretical treatment of
polarographic kinetic currents, in Progress in Polarography (Eds P. Zuman and I.
M. Kolthoff), Vol. 1, p. 145, Interscience, New York, 1962.
Heyrovsky, J., and Kuta, see page 343.
Gerischer, H., and K. J. Vetter, Reaction overpotential (in German), Z. Physik.
Chemie, 197, 92 (1951).
Koryta, J., Diffusion and kinetic currents at the streaming mercury electrode, Coll.
Czech. Chem. Comm., 19, 433 (1954).
Koryta, J., Electrochemical kinetics of metal complexes, AEy 6, 289 (1967).
Koutecky, J., and J. Koryta, The general theory of polarographic kinetic currents,
Electrochim. Acta, 3, 318 (1961).
Southampton Electrochemistry Group, see page 253.
5.7

Adsorption and Electrode Processes

As mentioned in Section 5.1, adsorption of components of the electrolysed solution plays an essential role in electrode processes. Adsorption
of reagents or products or of the intermediates of the electrode reaction or
other components of the solution that do not participate directly in the
electrode reaction can sometimes lead to acceleration of the electrode
reaction or to a change in its mechanism. This phenomenon is termed
electrocatalysis. It is typical of electrocatalytic electrode reactions that they
depend strongly on the electrode material, on the composition of the
electrode-solution interphase, and, in the case of single-crystal electrodes,
on the crystallographic index of the face in contact with the solution.
Adsorption can also have the opposite effect on the rate of the electrode
reaction, i.e. it can retard it. This is termed inhibition of the electrode
reaction.
5.7.1

Electrocatalysis

A typical adsorption process in electrocatalysis is chemisorption, characteristic primarily for solid metal electrodes. The chemisorbed substance is
often chemically modified during the adsorption process. Then either the
substance itself or some fragment of it is bonded chemically to the
electrode. As electrodes mostly have physically heterogeneous surfaces (see
Sections 4.3.3 and 5.5.5), the Temkin adsorption isotherm (Eq. 4.3.46) is
suitable for characterizing the adsorption.
The basic characteristics of electrocatalysis will be demonstrated on
several examples, in the first place on the electrode processes of hydrogen,
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i.e. reduction of protons present in a proton donor, primarily oxonium ion
or water, and oxidation of molecular hydrogen to form a proton that
subsequently reacts with the solvent or with the lyate ion (in water forming
the oxonium ion or the water molecule).
The electrochemical evolution of hydrogen has long been one of the most
studied electrochemical processes. The mechanism of this process and the
overpotential involved depend on the electrode material; here the overpotential is defined as the difference between the electrode potential at
which hydrogen is formed at the given current density and the equilibrium
potential of the hydrogen electrode in the given solution. Indeed Eq.
(5.2.32) was formulated by J. Tafel as an empirical relationship for the
evolution of hydrogen. The quantity a can also be a function of the
hydrogen ion activity and of the composition of the solution in general. The
electrocatalytic character of this process follows from the marked dependence of the constants of the Tafel equation for the cathodic process on the
electrode material (Table 5.5). The cathodic process (and in the opposite
direction, the anodic process) has either an EC or an EE mechanism (two
subsequent electrode reactions, one of the original reactant and the other of
the intermediate). It consists of two steps, in the first of which adsorbed
hydrogen is formed from the reactants (H 3 O + or H2O):
H 3 O + + e*±H d + H2O
(

* *}

This process is often called the Volmer reaction (I). In the second step,
adsorbed hydrogen is removed from the electrode, either in a chemical
reaction
2Hads^H2

(5.7.2)

(the Tafel reaction (II)) or in an electrode reaction ('electrochemical
desorption'),
Hads + H 3 O + + e«±H 2 4- H2O

(5.7.3)

(the Heyrovsky reaction (III)).
First, we shall discuss reaction (5.7.1), which is more involved than simple
electron transfer. While the frequency of polarization vibration of the media
where electron transfer occurs lies in the range 3 x 1010 to 3 x 1011 Hz, the
frequency of the vibrations of proton-containing groups in proton donors
(e.g. in the oxonium ion or in the molecules of weak acids) is of the order of
3 X 1012 to 3 x 1013 Hz. Then for the transfer proper of the proton from the
proton donor to the electrode the classical approximation cannot be
employed without modification. This step has indeed a quantum mechanical
character, but, in simple cases, proton transfer can be described in terms of
concepts of reorganization of the medium and thus of the exponential
relationship in Eq. (5.3.14). The quantum character of proton transfer
occurring through the tunnel mechanism is expressed in terms of the

354

Table 5.5 Constants a and b of the Tafel equation and the probable mechanism of
the hydrogen evolution reaction at various electrodes with H3O+ as electroactive
species (tfH3o+ ~ !)• (According to L. I. Krishtalik)
Cathode material
Pb
Tl
Hg
Cd
In
Sn
Zn
Bi

—a

b

Mechanism

1.52-1.56
1.55
1.415
1.40-1.45
1.33-1.36
1.25
1.24

0.11-0.12
0.14
0.116
0.12-0.13
0.12-0.14
0.12
1.12
0.11
0.11
0.10
0.12
0.10-0.14
0.10-0.12
0.12-0.13
0.15
0.10-0.14
0.03
0.10-0.14
0.12-0.13
0.03
0.03
0.03-0.04
0.10-0.12
0.10
0.11
0.11
0.19
0.15
0.12-0.018

I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III
I(s),III

1.1

Ga(l)
(s)
Ag
Au
Cu
Fe
Co
Ni

Pt (anodically activated)
(large /)
(poisoned)
Rh (anodically activated)
Ir (anodically activated)
Re
W
Mo

Nb (unsaturated with H)
(saturated with H)
Ta (unsaturated with H)
(saturated with H)
Ti

1.05
0.90
0.95
0.65-0.71
0.77-0.82
0.66-0.72
0.67
0.55-0.72
0.05-0.10
0.25-0.35
0.47-0.72
0.05-0.10
0.05-0.10
0.15-0.21
0.58-0.70
0.58-0.68
0.92
0.78
1.2

1.04
0.82-1.01

UI(s)
I,III(s)
I(s),?
IJI(s)
UI(s)
I,H(s)
I,III(s)
I,III(s)
I,HI(s)
IJII(s)
I,III(s)
I,III(s)
I,III(s)

I indicates the Volmer mechanism (Eq. 5.7.1), II the Tafel mechanism (Eq. 5.7.2) and III the
Heyrovsky mechanism (Eq. 5.7.3). The slowest step of the overall process is denoted (s).

transmission coefficient,
*«exp

-—

—^r2)

(5.7.4)

where m is the mass of the proton or its isotope, h is Planck's constant, (ox is
the vibrational frequency of the bond between the proton and the rest of the
molecule of the proton donor, cof is the vibrational frequency of the bond
between the hydrogen atom and the metal and r is the proton tunnelling
distance. When the hydrogen atom is weakly adsorbed, the vibrational
frequency of the hydrogen-metal bond w{ is small and the proton tunnelling
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distance r is large and thus K is very small. Consequently, in the evolution of
hydrogen at metals that adsorb hydrogen atoms very weakly, such as Hg,
Pb, Tl, Cd, Zn, Ga and Ag, reaction (5.7.1) is the rate-controlling step. At
high overpotentials, Eq. (5.3.17) is valid for the dependence of the rate
constant on the potential. At lower overpotentials (at very small current
densities) barrierless charge transfer occurs (see page 274), as indicated in
Fig. 5.39.
Distinct adsorption of hydrogen can be observed with electrodes with a
lower hydrogen overpotential, such as the platinum electrode. This phenomenon can be studied by cyclic voltammetry, as shown in Fig. 5.40 for a
poly crystalline electrode. The potential pulse begins at E = 0.0 V, where the
electrode is covered with a layer of adsorbed hydrogen. When the potential
is shifted to a more positive value, the adsorbed hydrogen is oxidized in two
anodic peaks in the potential range from 0.1 to 0.4 V. At even more positive
potentials, no electrode process occurs and only the current for electrode
charging flows through the system. This is especially noticeable at high
polarization rates. The potential range from 0.4 to 0.8 V is termed the
double-layer region. At potentials of E > 0.8 V, 'adsorbed oxygen' begins to
form, i.e. a surface oxide or a layer of adsorbed OH radicals. This process is
characterized by a drawn-out wave. Evolution of molecular oxygen starts at
a potential of 1.8 V. When the direction of polarization is reversed, the
oxide layer is first gradually reduced. This process has a certain activation
energy and occurs at more negative potentials than the anodic process. The
reduction of oxonium ions, accompanied by adsorption, occurs at the same
potentials as the opposite anodic process. If this experiment is carried out
on the individual crystal faces of a single-crystal electrode (see Fig. 5.41),

Fig. 5.39 Tafel plot of hydrogen evolution at a mercury
cathode in 0.15 M HC1, 3.2 M KI
electrolyte at 25°C. (According
to L. I. Krishtalik)
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Electrode potential vs.SHE,V

Fig. 5.40 Cyclic voltammogram of a bright platinum electrode in 0.5 M H2SO4.
Geometrical area of the electrode 1.25 x 10~3cm2, periodical triangular potential
sweep (dE/dt = 30 V • s"1), temperature 20°C, the solution was bubbled with
argon. (By courtesy of J. Weber)

then the picture changes quite markedly. The shape of the voltammetric
curve is also affected strongly by the procedure of annealing the electrode
prior to the experiment. There are also very marked differences between
the first voltammetric curve and the curve obtained after repeated pulsing.
All these features are typical for electrocatalytic phenomena.
It was demonstrated by R. Parsons and H. Gerischer that the adsorption
energy of the hydrogen atom determines not only the rate of the Volmer
reaction (5.7.1) but also the relative rates of all three reactions (5.7.1) to
(5.7.3). The relative rates of these three reactions decide over the
mechanism of the overall process of evolution or ionization of hydrogen and
decide between possible rate-determining steps at electrodes from different
materials.
The effect of adsorption on the electroreduction of hydrogen ions, i.e. the
Volmer reaction, is strongly affected by the potential difference in the
diffuse electrical layer (Eq. 5.3.20).
In the presence of iodide ions, the overpotential at a mercury electrode
decreases, although the adsorption of iodide is minimal in the potential
region corresponding to hydrogen evolution. The adsorption of iodide
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Fig. 5.41 A single-crystal sphere of platinum (magnification 100x). It is prepared
from a Pt wire by annealing in an oxygen-hydrogen flame or by electric current
and by subsequent etching. The sphere is then cut parallel to the face with a required Miller index to obtain a single-crystal electrode. (By courtesy of E. Budevski)

retards the electrode process at other electrodes with large hydrogen
overpotentials, such as the lead electrode.
Hydrogen is evolved from water molecules in alkaline media at mercury
and some other electrodes.
As the adsorption energy increases, the rate of the Volmer reaction can
increase until equilibrium is attained and the rate of the process is
determined by either the Tafel or the Heyrovsky reaction. However, it is
more probable for kinetic reasons that the Tafel reaction will occur at
electrodes that form a moderately strong bond with adsorbed hydrogen
(e.g. at platinum electrodes, at least in some cases). Electrodes that adsorb
hydrogen strongly such as tungsten electrodes, are in practice completely
covered with adsorbed hydrogen over a wide range of electrode potentials.
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The Tafel reaction would require breaking the adsorption bonds to two
hydrogen atoms strongly bound to the electrode, while the Heyrovsky
reaction requires breaking only one such bond; this reaction then determines the rate of the electrode process.
The isotope effect (i.e. the difference in the rates of evolution of
hydrogen from H2O and D2O) on hydrogen evolution is very important for
theoretical and practical reasons. The electrolysis of a mixture of H2O and
D2O is characterized, like in other separation methods, by a separation
factor

where cH/cu is the ratio of the atomic concentrations of the two isotopes.
The separation factor is a function of the overpotential and of the electrode
material. The reacting species are H 3 O + and H 2 DO + in solutions with low
deuterium concentrations. The S values for mercury electrodes lie between
2.5 and 4, for platinum electrodes with low overpotentials between 3 and 4
and, at large overpotentials, between 7 and 8.
The overpotential of hydrogen at a mercury electrode decreases sharply
in the presence of readily adsorbed, weak organic bases (especially
nitrogen-containing heterocyclic compounds). A peak appears on the
polarization curves of these catalytic currents. The hydrogen overpotential is
decreased as oxonium ions are replaced in the electrode reaction by the
adsorbed cations of these compounds, BH ads + . The product of the reduction
is the BHads radical. Recombination of these radicals yields molecular
hydrogen and the original base. The evolution of hydrogen through this
mechanism occurs more readily than through oxonium ions. The decrease in
the catalytic current at negative potentials is a result of the desorption of
organic compounds from the electrode surface.
The electrode processes of oxygen represent a further important group of
electrocatalytic processes. The reduction of oxygen to water
O2 + 4H + + 4e<=±2H2O

(5.7.6)

has a standard potential determined by calculation from thermodynamic
data as +1.227 V. The extremely low exchange current density prevents
direct determination of this value. The simultaneous transfer of four
electrons in reaction (5.7.6) is highly improbable; thus the reaction must
consist of several partial processes. The non-catalytic electroreduction of
oxygen at a mercury electrode will now be compared to the catalytic
reduction at a silver electrode. J. Heyrovsky demonstrated that the stable
intermediate in the reduction at mercury is hydrogen peroxide. Figure 5.42
depicts the voltammogram (polarographic curve) for the reduction of
oxygen at a dropping mercury electrode. The first wave corresponds to the
reduction of oxygen to hydrogen peroxide and the second to the reduction
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Fig. 5.42 Electrode reactions of oxygen and hydrogen peroxide at
mercury (dropping electrode) and silver (rotating disk electrode): (1)
reduction of O2 to H2O2 (first wave) and of H2O2 to H2O (second wave) in
1 M CH3COOH, 1 M CH3COONa electrolyte at Hg electrode, (2) reduction
of O2 in 0.1 M NaOH at Ag electrode, (3) oxidation of H2O2 to O2 and
reduction of H2O2 to H2O in 0 . 1 M NaOH at rotating Ag electrode.
(According to M. Bfezina, J. Koryta and M. Musilova)
of hydrogen peroxide to water. The first of these processes
O 2 + 2H+ + 2e«±H 2 O 2

(5.7.7)

has a standard electrode potential of 0.68 V and the second reaction
H 2 O 2 4- 2H + 4- 2e<=*2H2O

(5.7.8)

has a potential of 4-1.77 V. Reaction (5.7.7) occurs at a mercury electrode
with an overpotential in acidic and neutral media and reaction (5.7.8) is
always associated with very high overpotentials. A more detailed analysis
revealed that reaction (5.7.7) corresponds to a multistep process, described
by Eqs (5.2.39) to (5.2.48). The rate is determined by the transfer of the
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first electron, forming the superoxide anion:
O2 + e*±O 2 -

(5.7.9)

The next reactions are connected with the transfer of an additional electron
and of hydrogen ions:
O2 +H + «±HO 2
(5.7.10)
These reactions proceed very rapidly, so that the overall reaction corresponds to the transfer of two electrons. As reaction (5.7.9) is very slow in
acid and neutral media, the electrode reaction is irreversible and the
polarization curve does not depend on the concentration of hydrogen ions.
In weakly alkaline media, reoxidation of HO2~ begins to occur. At pH > 11,
the polarization curve at a dropping mercury electrode becomes reversible.
In this way, the process proceeds in water and water-like solvents. On the
other hand, for example in carbonate melts, the step following after the
reaction (5.7.9) is the slow reaction O2~ + e = O22~.
The reduction of hydrogen peroxide at a mercury electrode is also a
stepwise electrode reaction, where the second step once again is fast, so that
the observed electrode reaction corresponds to the transfer of two electrons:
H2O2 + e - ^

OH + OH"

The first step in this reaction is connected with breaking of the O—O
bond, with a markedly unsymmetrical energy profile (a — 0.2). Other
reactions connected with a similar bond breakage have an analogous course,
e.g. the reduction of cystine at a mercury electrode.
Curve 2 in Fig. 5.42 depicts the reduction of oxygen at a silver rotating
disk electrode. The first wave, corresponding to almost four electrons, can
be attributed to reaction (5.7.6), being a result of the catalytic reduction of
hydrogen peroxide formed as an intermediate in the presence of surface
silver oxide. This process occurs quite rapidly at potentials more positive
than the reduction potential of oxygen alone. The peak on the voltammetric
curve is formed because of the reduction and thus disappearance of the
catalytically active surface oxide. A further increase in the current corresponds to the non-catalytic reduction of hydrogen peroxide, which occurs
at high overpotentials such as that on mercury.
The behaviour of hydrogen peroxide alone (Fig. 5.42, curve 3) is in
agreement with this explanation; the catalytic reduction obeys Eq. (5.7.8) at
potentials more positive than the non-catalytic oxidation. The voltammetric
curve obtained is characterized by a continuous transition from the anodic
to the cathodic region. The process occurring at negative potentials is then
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only the reduction of H2O2, proceeding analogously as in the reduction of
oxygen (curve 2).
The anodic evolution of oxygen takes place at platinum and other noble
metal electrodes at high overpotentials. The polarization curve obeys the
Tafel equation in the potential range from 1.2 to 2.0 V with a b value
between 0.10 and 0.13. Under these conditions, the rate-controlling process
is probably the oxidation of hydroxide ions or water molecules on the
surface of the electrode covered with surface oxide:
OH(ads) + e
or

H 2 O(ads)^ OH(ads) + H + + e

(5.7.12)
(5.7.13)

This is followed by a fast reaction, either
2OH(ads)^ O(ads) + H2O
or

(5.7.14)

OH(ads)^ O(ads) + H + + e

(5.7.15)

2O(ads)-»O 2

(5.7.16)

and, finally,

At more positive potentials, processes occur that depend on the composition of the electrolyte, such as the formation of H2S2O8 and HSO5 in
sulphuric acid solutions, while the CIO; radical is formed in perchloric acid
solutions, decomposing to form C1O2 and O2. The formation of ozone has
been observed at high current densities in solutions of rather concentrated
acids.
5.7.2 Inhibition of electrode processes
Electrode processes can be retarded (i.e. their overpotential is increased)
by the adsorption of the components of the electrolysed solution, of the
products of the actual electrode reaction and of other substances formed at
the electrode. Figure 5.43 depicts the effect of the adsorption of methanol
on the adsorption of hydrogen at a platinum electrode (see page 353).
The integral of the anodic current over the range of potentials including
both peaks of the adsorption of hydrogen, as well as the integral
corresponding to the cathodic current, is equal to the charge Qm = —FTm,
where Tm is the maximal surface concentration of hydrogen atoms. When
another substance is also adsorbed on the electrode (here, methanol), with
a surface concentration that does not change during the potential pulse, this
substance prevents adsorption of hydrogen at sites that it occupies. If the
curve of the hydrogen peaks is integrated under these circumstances, a
different Q'm value is obtained. If one molecule of adsorbate occupies one
site for hydrogen adsorption, then the relative coverage of the electrode by
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Fig. 5.43 Influence of methanol adsorption on the hydrogen adsorption
at a bright platinum electrode in 0.5 M H 2 SO 4 . This is the same electrode
as in Fig. 5.40 polarized by a single potential sweep (dE/df = 30 V • s 1 )
from E = 0.5V to E = — 0.1V. Concentration of methanol (in
mol • dm~3 from bottom to top): 0, 10~4, 10~\ 10~2, 10~\ 5. Methanol
was adsorbed at £" = 0.5 V during 2min (the equilibrium coverage was
achieved), t = 20°C. (By courtesy of J. Weber)
the adsorbed substance is
0 =

Qm-Q'm

(5.7.17)

The dependence of the relative coverage of the platinum electrode with
methanol on its concentration in solution indicates that the adsorption of
methanol obeys the Temkin isotherm (4.3.46).
The anodic oxidation of molecular hydrogen dissolved in the electrolyte
at a Pt electrode consists of several steps: the transport of hydrogen
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molecules to the electrode, their dissociation with simultaneous adsorption
of atomic hydrogen on the electrode (reversed Tafel reaction (5.7.2)) and its
subsequent oxidation. The shape of the polarization curve depends on
which of these processes is slowest. The adsorption of hydrogen is affected
by the adsorption of anions, occurring at positive potentials. The adsorbed
anions, especially iodide, decrease both the adsorption energy and the
maximal amount of hydrogen adsorbed. The effect of iodide is analogous to
that of substances termed cathodic poisons, such as mercury ions, trivalent
arsenic or cyanide ions. The retarding effect of adsorbed anions is especially
apparent for the anodic ionization of hydrogen dissolved in solution at a
platinum electrode. Figure 5.44 shows the voltammograms for this process
at a rotating disk electrode. In the vicinity of the equilibrium potential, this
process is controlled by convective diffusion (see Eqs 5.4.20 and 5.4.23); at
slightly more positive potentials a limiting current appears that is then
independent of the potential. At much more positive potentials, the surface
process is retarded by the adsorption of sulphate anions and becomes the

I

0.5

1.0
Overpotential,V

1.5

Fig. 5.44 The voltammogram of molecular hydrogen at a rotating bright
platinum disk electrode in 0.5 M H2SO4, pHl = 105 Pa, 25°C. The rotation speed
^ ( s 1 ) is indicated at each curve. (According to E. A. Aykazyan and A. I.
Fedorova)
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rate-controlling step in place of diffusion. The higher the rotation rate of the
electrode, the sooner the transition occurs between the transport-controlled
process and the surface-controlled process. The current increase at 1.6 V
corresponds to platinum 'surface oxide' formation.
The electrocatalytic oxidation of lower aliphatic compounds such as
alcohols, aldehydes, hydrocarbons and formic and oxalic acid at platinumgroup electrodes has a number of typical features. The chemisorption
process usually involves the dissociation of several hydrogen atoms from the
original molecule and a so-far not completely identified intermediate (often
termed 'reduced carbon dioxide' for the reactions of methanol, formaldehyde and formic acid) remains adsorbed on the electrode. At electrode
potentials higher than 0.35 V (versus a hydrogen electrode located in the
same solution and saturated with hydrogen at standard pressure) all the
hydrogen atoms formed during chemisorption are oxidized anodically. The
adsorbed intermediate can be oxidized at potentials higher than +0.4 V; the
larger the coverage by the adsorbed intermediate, the higher the threshold
potential of the anodic oxidation. This phenomenon can be explained by the
'pair mechanism' of the anodic process, proposed by S. Gilman. Water
molecules in the vicinity of the adsorbed intermediate are highly polarized,
facilitating their oxidation. The OH radicals formed then immediately
attack this intermediate in a surface reaction. At a constant potential, the
rate of this process decreases because the number of sites available for
oxidation of water gradually diminishes. However, if a pulse of increasing
positive potential is applied to the electrode, then the oxidation of water
resulting in OH radical formation is accelerated by increasing the potential
and the rate of the overall electrode process is enhanced, as shown for
methanol in Fig. 5.45. Clearly, the rate of the process at low potentials
decreases with increasing concentration of methanol owing to the retarding
effect of electrode coverage with the intermediate. In contrast, at higher
potentials, the rate of the process increases with increasing concentration
(the oxidation of water is so fast that the overall rate increases with
increasing surface coverage).
So far, several examples have been given of the inhibition of electrocatalytic processes. This retardation is a result of occupation of the catalytically more active sites by electroinactive components of the electrolyte,
preventing interaction of the electroactive substances with these sites. The
electrode process can also be inhibited by the formation of oxide layers on
the surface and by the adsorption of less active intermediates and also of the
products of the electrode process.
The inhibition of electrode processes as a result of the adsorption of
electroinactive surfactants has been studied in detail at catalytically inactive
mercury electrodes. In contrast to solid metal electrodes where knowledge
of the structure of the electrical double layer is small, it is often possible to
determine whether the effect of adsorption on the electrode process at
mercury electrodes is solely due to electrostatics (a change in potential 02)

Electrode potential vs.SHE

Fig. 5.45 Single-sweep voltammogram of oxidation of methanol in 0.5 M H2SO4, with the same electrode and
the same conditions of methanol adsorption as in Fig. 5.43. Concentrations of methanol (mol • dm"3): (1) 0, (2)
10"4, (3) 10-*, (4) 10~2, (5) HT1. (By courtesy of J. Weber)
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or is the result of some other type of inhibition. The steric effect where the
sufficiently close approach of the electroactive substance to the electrode is
inhibited is typical for large surface-active molecules. The adsorbed layer of
surfactant replacing the layer of water molecules covering the surface of the
electrode prevents the reacting species and their solvation shells from
forming a configuration suitable for the electrode reaction (see Section 5.3).
This leads to a decrease in the value of the rate constant of the electrode
reaction. For example, in the case of an irreversible electrode reaction with
a rate constant kc and adsorption of an uncharged surfactant, we have
fcc = fc0(l-O) +

fc1

(5.7.18)

where k0 and kY are the rate constants for the electrode reaction at
unoccupied and occupied sites of the electrode surface, respectively. For the
adsorption of surface-active ions, these quantities are also a function of the
surface coverage 0.
It is very simple to determine the value of 0 = F/F m for a strongly
adsorbed substance in electrolysis with a dropping mercury electrode. If a
much smaller amount of substance is sufficient for complete electrode
coverage than available in the test solution, then the surface concentration
of the surface-active substance F is determined by its diffusion to the
electrode.
The total amount M adsorbed on the electrode in time t (A is the surface
of the electrode according to Eq. (4.4.4) and F is the surface excess in moles
per square centimetre) is given as

M = 0.85Fm2/V/3 =

IDJ^A

A At

(5.7.19)

p
Jo
\dx/x=0
where Dp(dcp/dx)x=0 is the material flux of the surface-active substance to
the electrode, corresponding to the limiting current density and given
according to Eq. (2.7.17) by the relationship

where cp is the concentration of the surface-active substance, Dp is its
diffusion coefficient and c° is its concentration in the bulk of the solution.
The surface concentration at time t is given by the equation deduced by J.
Koryta:
F = 0.74c£(Dp01/2

(5.7.21)

If complete coverage of the electrode Fm is practically attained at time 0,
then

rm

\e)

(5.7.22)
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Time,s

Fig. 5.46 The dependence on time of the instantaneous
current / at a dropping mercury electrode in a solution of
0 . 0 8 M C O ( N H 3 ) 6 C 1 3 + 0 . 1 M H 2 S O 4 + 0 . 5 M K2SO4 at

the

electrode potential where - / « — / d (i.e. the influence of
diffusion of the electroactive substance is negligible): (1) in
the absence of surfactant; (2) after addition of 0.08%
polyvinyl alcohol. The dashed curve has been calculated
according to Eq. (5.7.23). (According to J. Kuta and I.
Smoler)

The value of Fm can be calculated from Eq. (5.7.21) where F approaches Fm
at time t = 6. The instantaneous polarographic current /ads controlled by the
rate of the irreversible electrode reaction of substance A is as follows:
/ ads = zFkcAcOx = 0.85zFkom2/3t2/3\

r

m1/2i

1- L
\0/

\cOx
J

(see Eq. 5.7.18), assuming that kx = 0 and that the current is so small that
diffusion of the electroactive substance can be neglected; / is the current in
the absence of the surface-active substance. Figure 5.46 shows the time
dependence of the instantaneous current in the absence and presence of the
surface-active substance.
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5.8

Deposition and Oxidation of Metals

Sections 5.6.2 and 5.6.3 dealt with the deposition of metals from
complexes; these processes follow the simple laws dealt with in Sections 5.2
and 5.3, particularly if they take place at mercury electrodes. The
deposition of metals at solid electrodes (electrocrystallization) and their
oxidation is connected with the kinetics of transformation of the solid phase,
which has a specific character. A total of five different cases can be
distinguished in these processes:
1. The deposition occurs at an electrode of a different metal or other
conductive material (e.g. graphite).
2. The deposition occurs at an electrode of the same metal.
3. The metal is ionized in the anodic process to produce soluble ions.
4. The metal is anodically oxidized to ions that react with the components
of the solution to yield an insoluble compound forming a surface film on
the electrode.
5. A component of the solution participates in the anodic oxidation of the
metal, so that the metal is converted directly into a surface film.
These processes either lead to the formation of a new solid phase or the
original solid phase grows or disappears. In addition to the electrochemical
laws discussed earlier, this group of phenomena must be explained on the
basis of the theory of new phase formation (crystallization, condensation,
etc.).
The basic properties of electrocrystallization can best be illustrated by the
example of the deposition of a metal on an electrode of a different material
(case 1).
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5.8.1

Deposition of a metal on a foreign substrate

The formation of a new phase requires that the system be metastable,
such as a supersaturated vapour prior to condensation, a supersaturated
solution prior to crystallization, etc. The metastable situation of the system
required for the formation of a new phase through an electrode reaction is
brought about by the overpotential. At a suitable value of the excess energy
in the system nuclei of the new phase are formed. If these nuclei are too
small, then they become unstable as a result of the relatively high surface
energy and decompose spontaneously. If their dimensions exceed a certain
critical value, which is a function of the excess energy of the system, then
they begin to grow spontaneously. Their formation requires a sufficiently
large fluctuation of the variables of state of the system or the presence of
sites at the interface at which nuclei can be formed with an overall decrease
in the surface energy. The nucleation belongs to those processes where the
individual events (of stochastic nature) occurring on the molecular level can
be observed because of amplifying by subsequent macroscopic processes.
Assume that current is passed either through the total nucleus surface
area or through part thereof, such as the edge of a two-dimensional nucleus
of monoatomic thickness. The transition of the ion M z+ to the metallic state
obeys the equation for an irreversible electrode reaction, i.e. Eqs (5.2.12),
(5.2.23) and (5.2.37). The effect of transport processes is neglected. The
current density at time t thus depends on the number of nuclei and their
active surface area. If there is a large number of nuclei, then the
dependence of their number on time can be considered to be a continuous
function. For the overall current density at time t we have
-r)vndr

(5.8.1)

where A = zFkexp(—azFrj/RT)cMz+ and A is the active surface area of a
single nucleus. The rate of nucleation vn = dNjdt then gives the increase in
the number of nuclei per unit time.
The simplest case occurs when a number of nuclei N° is formed at the
beginning of the process and does not change with time (instantaneous
nucleation). This is the case when the electrolysis is carried out by the
double-pulse potentiostatic method (Fig. 5.18B), where the crystallization
nuclei are formed in the first high, short pulse and the electrode reaction
then occurs only at these nuclei during the second, lower pulse. A second
situation in which instantaneous nucleation can occur is when the nuclei
occupy all the active sites on the electrode at the beginning of the
electrolysis.
For instantaneous nucleation Eq. (5.8.1) assumes the form
(5.8.2)
Hemispherical nuclei will be considered; this case is important for the
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deposition of liquid metal such as Hg on a platinum or graphite surface. The
subsequent derivation can be used as an approximation for the general case
of three-dimensional nuclei. The growth of the volume of the nucleus V(t)
is described by the equation
(5.8.3)
where Vm is the molar volume of the deposited metal. Simple geometric
considerations and Eq. (5.8.2) yield
j= -

z2fZ

V

/

This relationship is valid when the growing nuclei do not overlap.
Otherwise, the rate of growth of the surface gradually decreases. However,
usually the dependence of the current on time in the initial stage is used as a
diagnostic criterium for the type of nucleus and nucleation. The simplest
case of progressive nucleation with a constant rate K> Eq. (5.8.1) then gives
.

IJTVIKW

The calculation for the important case of two-dimensional nuclei growing
only in the plane of the substrate will be based on the assumption that these
are circular and that the electrode reaction occurs only at their edges, i.e.
on the surface, 2nrh9 where r is the nucleus radius and h is its height (i.e.
the crystallographic diameter of the metal atom). The same procedure as
that employed for a three-dimensional nucleus yields the following relationship for instantaneous nucleation:
J

zFT

and for progressive nucleation with constant rate K,
JlhX2Kt2

where Fm is the surface concentration of the metal in the compact
monolayer (mol • cm"2).
In this case the effect of overlapping of the individual nuclei can be simply
expressed in terms of the statistical Kolmogorov-Avrami theory, where the
right-hand side of Eq. (5.8.6) is multiplied by the factor exp(—
NlX2t2lz2F2T2m)

and that of Eq. (5.8.7) by the factor

(-jTKX2t3/3z2F2T2m).

The properties of the crystal nucleus are a function of its surface energy,
its dimensions and the energy of adhesion to the substrate. The equilibrium
form of a crystal with the nth plane lying on the substrate is described by
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the Gibbs-Wulff-Kaischew equation
Yxhl =Y2h2='--={Yn-p)hn

(5.8.8)

where y, is the specific surface energy, numerically equal to the surface
tension of the ith crystal plane, hx is the distance of this plane from the
centre of the crystal and j8 is the standard Gibbs energy of adhesion of the
nth crystal plane to the substrate. The equilibrium thickness of the crystal
(i.e. the distance of the highest point or upper plane of the crystal from the
substrate) decreases with increasing adhesion energy, until the threedimensional crystal is finally replaced by a monolayer (i.e. a twodimensional crystal). If /3>2y n , then the surface layer of adsorbed atoms
(Fig. 5.24), termed by M. Volmer ad-atoms ( r < F m ) , is more stable than
the compact surface of the given metal. Consequently, ad-atoms of the
metal can be deposited at a potential that is lower than the electrode
potential of the corresponding metal electrode in the given medium
(underpotential deposition). Underpotential-deposited ad-atoms exhibit remarkable electrocatalytic properties in the oxidation of simple organic
substances.
The nucleation rate constant (Eq. (5.8.5)) K depends on the size of the
critical crystallization nucleus according to the Volmer-Weber equation
(5.8.9)
where the preexponential factor kn is a function of the number of sites on
the substrate where the deposited atom can be accommodated and of the
frequency of collisions of the ion M z+ with this site. The Gibbs energy for
the formation of a critical spherical nucleus with negligible adhesion energy
can be described using the Kelvin equation for the Gibbs energy of a critical
nucleus in the condensation of a supersaturated vapour:
_

16jtV2my3

G

( 5 8 1 0 )

where y is the surface energy, p is the pressure of the supersaturated vapour
and p0 is that of the saturated vapour. The Gibbs energy of supersaturation
RT\np/p0 can be replaced by the electrical overpotential energy zFt],
yielding

?>Z F 7]

(5.8.11)

The rate of three-dimensional nucleation is described in general by the
experimentally verified dependence
—k-y

log K = —-f2 + k2

n

(5.8.12)
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while that of two-dimensional nucleation by
log* =

5.8.2

l

+ k2

(5.8.13)

Electrocrystallization on an identical metal substrate

It was mentioned on page 306 (see Fig. 5.24) that, even at room
temperature, a crystal plane contains steps and kinks (half-crystal positions). Kinks occur quite often—about one in ten atoms on a step is in the
half-crystal position. Ad-atoms are also present in a certain concentration
on the surface of the crystal; as they are uncharged species, their
equilibrium concentration is independent of the electrode potential. The
half-crystal position is of basic importance for the kinetics of metal
deposition on an identical metal substrate. Two mechanisms can be present
in the incorporation of atoms in steps, and thus for step propagation:
(a) The ion M 2+ is reduced to an ad-atom that is transported to the step by
surface diffusion and then rapidly incorporated in the half-crystal
position.
(b) The electrode reaction occurs directly between the metal ion and the
kink, without intermediate formation of ad-atoms.
In the first case, the rate of deposition depends on the equilibrium
concentration of ad-atoms, on their diffusion coefficient, on the exchange
current density and on the overpotential. In the second case, the rate of
deposition is a function, besides of the geometric factors of the surface,
of the exchange current and the overpotential. This mechanism is valid, for
example, in the deposition of silver from a AgNO3 solution.
Formation of subsequent layers can occur either in the way of formation
of a single nucleus which then spreads undisturbed over the whole face or
by formation of other nuclei before the face is completely covered
(multinuclear multilayer deposition). Now let us discuss the first case in
more detail.
The basic condition for experimental study of nucleation on an identical
surface requires that this surface be a single crystal face without screw
dislocations (page 306). Such a surface was obtained by Budevski et al.
when silver was deposited in a narrow capillary. During subsequent
deposition of silver layers the screw dislocations 'died out' so that finally a
surface of required properties was obtained.
Further deposition of silver on such a surface is connected with a cathodic
current randomly oscillating around the mean value
(l)=zFKNmA

(5.8.14)

where Nm is the number of atoms per unit surface and A the surface area of
the electrode. The individual current pulses are shown in Fig. 5.47.
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Fig. 5.47 Deposition of silver on (100) face of
a silver electrode in absence of screw dislocations. A—time dependence of current pulses,
B—probability distribution of the occurrences
of pulses in the time interval r

Obviously, the nucleation is a randon process which is amplified by
subsequent deposition of many thousands of silver atoms before the surface
is completely covered (if integrated over the time interval of monolayer
formation the current in each pulse corresponds to an identical charge).
Such an amplification of random processes is the only way they can be
observed. This situation is quite analogous, for example, to radioactive
decay where a single disintegration is followed, in a Geiger tube, by the flow
of millions of electrons.!
In electrochemistry similar phenomena are observed, for example, with
the formation of insoluble films on electrodes or with ion selective channel
formation in bilayer lipid membranes or nerve cell membranes (pages 377
and 458).
At low overpotentials, the silver electrode prepared according to Budevski et al. behaves as an ideal polarized electrode. However, at an
overpotential higher than —6 mV the already mentioned current pulses are
observed (Fig. 5.48A). Their distribution in the time interval r follows the
Poisson relation for the probability that N nuclei are formed during the time
interval r
p(T\ = \(KT)N/N\] exp (—KT)

(5.8.15)

The validity of the Poisson distribution for silver nucleation is demonstrated
in Fig. 5.48B. The assumption for this kind of treatment is that the nucleus
formation is irreversible and that the event is binary consisting of a
discontinuous process (nucleus formation) and a continuous process (flow of
t Because of discontinuous microstructure of all natural systems all processes occurring in
nature are essentially stochastic (random) and what we observe are only outlines of the
phenomena like the average current value in Eq. (5.8.14).
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Fig. 5.48 A scheme of the spiral growth of a crystal.
(According to R. Kaischew, E. Budevski and J.
Malimovski)

time). In the case of silver deposition, the dependence of the nucleation rate
constant K on the overpotential rj follows Eq. (5.8.13).
Another approach to stochastic processes of this kind is the observation
of the system in equilibrium (for example, of an electrode in equilibrium
with the potential determining system). The value of the electrode potential
is not completely constant but it shows irregular small deviations from the
average value E,
E{t) = E+x{t)

(5.8.16)

where E is the constant average value and x{i) the fluctuating part, the
noise. For the experimentalist the noise seems to be an unwelcome nuisance
as he is interested in the 'deterministic' average value; however, the
'stochastic' data x{t) can surprisingly bring a lot of useful information.
The noise can be described by means of two approaches, namely, in the
time domain and in the frequency domain. For the time domain approach
the characteristic value is the well-known mean square deviation from the
value over the time T,

= 1/TJ [x(t)-X]2dt

(5.8.17)

with Dm = root mean square (rms).
The frequency domain description is based on the Fourier integral
transformation of the signal in the time domain into the frequency domain,

= Joo x(t)exp(-ja)t)dt

(5.8.18)

J

By this transformation, an important set of values, the power spectrum,
)\2

(5.8.19)
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is obtained. The analysis of the power spectrum, the aim of which is, for
example, to determine the characteristic constants of the processes from
which the noise stems will not be discussed here and the reader is
recommended to inspect the relevant papers listed on page 384.
The electrocrystallization on an identical metal substrate is the slowest
process of this type. Faster processes which are also much more frequent,
are connected with ubiquitous defects in the crystal lattice, in particular with
the screw dislocations (Fig. 5.25). As a result of the helical structure of the
defect, a monoatomic step originates from the point where the new
dislocation line intersects the surface of the crystal face. It can be seen in
Fig. 5.48 that the wedge-shaped step gradually fills up during electrocrystallization; after completion it slowly moves across the crystal face and
winds up into a spiral. The resultant progressive spiral cannot disappear
from the crystal surface and thus provides a sufficient number of growth

Fig. 5.49 A microphotograph of low pyramid formation during electrocrystallization of Ag on a single crystal Ag surface. (By courtesy of E. Budevski)
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sites. Consequently, growth no longer requires nucleation and continues at
a low overpotential. Repeated spiral growth forms low pyramids, with a
steepness increasing with increasing overpotential. Figure 5.49 depicts a
quadratic pyramid on an Ag(100) face. Macroscopic growth on a single
crystal substrate is called epitaxy.
The kinetics of electrocrystallization conforms to the above description
only under precisely defined conditions. The deposition of metals on
polycrystalline materials again yields products with polycrystalline structure,
consisting of crystallites. These are microscopic formations with the structure of a single crystal.
Whiskers are sometimes formed in solutions with high concentrations of
surface-active substances. These are long single crystals, growing in only
one direction, while growth in the remaining directions is retarded by
adsorption of surface-active substances. Whiskers are characterized by quite

Fig. 5.50 Spiral growth of Cu from a 0.5 M CUSO 4 + 0.5 M
H2SO4 electrolyte, 25°C, current density 15 mA • c m 2 ,
magnification 1250x. (From H. Seiter, H. Fischer, and L.
Albert, Electrochim. Acta, 2, 97, 1960)
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high strength. From solutions of low concentration metals are often
deposited as dendrites at high current densities.
Macroscopic growth during electrocrystallization occurs through fast
movements of steps, 10~4-10~5cm high, across the crystal face. Under
certain conditions, spirals also appear, formed of steps with a height of a
thousand or more atomic layers, so that they can be studied optically (Fig.
5.50).
5.8.3 A nodic oxidation of metals
The anodic dissolution of metals on surfaces without defects occurs in the
half-crystal positions. Similarly to nucleation, the dissolution of metals
involves the formation of empty nuclei (atomic vacancies). Screw dislocations have the same significance. Dissolution often leads to the formation of
continuous crystal faces with lower Miller indices on the metal. This
process, termed facetting, forms the basis of metallographic etching.
Anodic oxidation often involves the formation of films on the surface, i.e.
of a solid phase formed of salts or complexes of the metals with solution
components. They often appear in the potential region where the electrode,
covered with the oxidation product, can function as an electrode of the
second kind. Under these conditions the films are thermodynamically
stable. On the other hand, films are sometimes formed which in view of
their solubility product and the pH of the solution should not be stable.
These films are stabilized by their structure or by the influence of surface
forces at the interface.
Thus films can be divided into two groups according to their morphology.
Discontinuous films are porous, have a low resistance and are formed at
potentials close to the equilibrium potential of the corresponding electrode
of the second kind. They often have substantial thickness (up to 1 mm).
Films of this kind include halide films on copper, silver, lead and mercury,
sulphate films on lead, iron and nickel; oxide films on cadmium, zinc and
magnesium, etc. Because of their low resistance and the reversible electrode
reactions of their formation and dissolution, these films are often very
important for electrode systems in storage batteries.
Continuous (barrier, passivation) films have a high resistivity (106Q • cm
or more), with a maximum thickness of 10~4cm. During their formation,
the metal cation does not enter the solution, but rather oxidation occurs at
the metal-film interface. Oxide films at tantalum, zirconium, aluminium
and niobium are examples of these films.
If the electrode is covered with a film, then anodic oxidation of the metal
does not involve facetting. The surface of the metal either becomes more
rough (if the film is discontinuous) or becomes very lustrous (continuous
films). Films, especially continuous films, retard the electrode reaction of
metal oxidation. The metal is said to be in its passive state.
Film growth (and its cathodic dissolution) is controlled by similar laws as
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1

2
Time,ms
Fig. 5.51 Successive growth of three calomel
layers at an overpotential of 40 mV on a mercury electrode. Electrolyte 1 M HC1. (According
to A. Bewick and M. Fleischmann)

metal deposition, i.e. oxidation in half-crystal positions, nucleation and
spiral growth, all playing analogous roles. An example is the kinetics of
formation of a calomel film on mercury (Fig. 5.51). The time dependence of
the current obeys approximately the relationship for the progressive
formation of two-dimensional nuclei (see Eq. (5.8.7) and the following text
on page 370). However, further nucleation and the formation of a second
and a third layer occur on a partly formed monolayer. Dendrites are
sometimes formed during macroscopic growth of oxide layers (Fig. 5.52).
This phenomenon is particularly unfavourable in batteries.
Nucleation in continuous films sometimes occurs at less positive potentials
than those for metal dissolution (Al,Ta) and metal is thus always in a
passive state. Again, on other metals (Fe,Ni) nuclei are formed at more
positive potentials than those corresponding to anodic dissolution. The
potential curve for an iron electrode in 1 M H2SO4 at an increasingly positive
potential has the shape depicted in Fig. 5.53 (the Fe-Fe 3+ curve). The
electrode is first in an active state where dissolution occurs. An oxide film
begins to form at the potentials of the peak on the polarization curve (called
the Flade potential, EF) and the electrode becomes passivated; a small
corrosion current, ; corr , then passes through the electrode. Oxygen is formed
at even more positive potentials. The Flade potential depends on the pH of
the solution and on admixtures in the iron electrode. With increasing
chromium content, the Flade potential is shifted to more negative values
and the current at the peak decreases. This retardation of the oxidation of
the electrode leads to the anticorrosion properties of alloys of iron and
chromium.
The rate-controlling step in the growth of a multimolecular film is the
transport of metal ions from the solution through the film. Diffusion and
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Fig. 5.52 PbO2 dendrite growth at a lead electrode. Current density
0.3 mA • cm"2. (From G. Wranglen, Electrochim. Acta, 2, 130, 1960)

Electrode potential (-E)
oxygen
evolution

passive
state

active
state

Fig. 5.53 Anodic processes at an iron electrode. (According to K. J. Vetter)
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migration control this transport when the electric field in the film is not very
strong. If the electrochemical potential of an ion in the film in the steady
state decreases with increasing distance from the surface of the electrode,
then the current passing through the film (cf. Eq. 2.5.23) is given as
(5.8.20)
where \ix is the electrochemical potential of the ion at the film-electrolyte
interface, JU2 is the value at the metal-film interface and / is the thickness of
the film. If the film is insoluble then

j = k2ft

(5.8.21)

Solution of the differential equation obtained by combining Eqs (5.8.20)
and (5.8.21) yields the Wagner parabolic law of film growth,
I2 = kt

(5.8.22)

A strong electric field is formed in very thin films (with a thickness of
about 10~5cm) during current flow. If the average electrochemical potential
difference between two neighbouring ions in the lattice is comparable with
their energy of thermal motion, kT, then Ohm's law is no longer valid for
charge transport in the film. Verwey, Cabrera, and Mott developed a theory
of ion transport for this case.
If the energy of an ion in the lattice is a periodic function of the interionic
distance, then the minima of this function correspond to stable positions in
the lattice and the maxima to the most unstable positions. The maxima are
situated approximately half-way between two neighbouring stable positions.
If there is an electric field in the film, A0//, where A0 is the electric
potential difference between the two edges of the film, then a potential
energy difference of zFaA(p/l is formed between two neighbouring ions. In
these expressions, z is the charge number and a is the distance between two
neighbouring ions. The energies corresponding to the transfer of an ion
from two neighbouring rest positions to the energy maximum are the
activation energies for transport of an ion in the direction and against the
direction of the field. Analogous considerations to those employed in the
derivation of the basic relationship for electrode kinetics (Section 5.2) yield
the relationship for the current density, given by the difference between the
rates of these two processes:

In very strong fields, where the electric energy of the ion is much larger than
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the energy of thermal motion (zFaA<f>/l »RT),

then
(5824)

which is the exponential law of film growth. On the other hand, if
zFaA<j>/l«RT, then, on expanding the exponentials, we obtain the
equation
A l

( 5 8 2 5 )

i.e. Ohm's law. The significance of the constant k follows directly from Eq.
(5.8.25):
A?7V

zFa

(5.8.26)

where K is the conductivity of the film.
5.8.4

Mixed potentials and corrosion phenomena

As demonstrated in Section 5.2, the electrode potential is determined by
the rates of two opposing electrode reactions. The reactant in one of these
reactions is always identical with the product of the other. However, the
electrode potential can be determined by two electrode reactions that have
nothing in common. For example, the dissolution of zinc in a mineral acid
involves the evolution of hydrogen on the zinc surface with simultaneous
ionization of zinc, where the divalent zinc ions diffuse away from the
electrode. The sum of the partial currents corresponding to these two
processes must equal zero (if the charging current for a change in the
electrode potential is neglected). The potential attained by the metal under
these conditions is termed the mixed potential, Emix. If the polarization
curves for both processes are known, then conditions can be determined
such that the absolute values of the cathodic and anodic currents are
identical (see Fig. 5.54A). The rate of dissolution of zinc is proportional to
the partial anodic current.
In contrast to the equilibrium electrode potential, the mixed potential is
given by a non-equilibrium state of two different electrode processes and is
accompanied by a spontaneous change in the system. Besides an electrode
reaction, the rate-controlling step of one of these processes can be a
transport process. For example, in the dissolution of mercury in nitric acid,
the cathodic process is the reduction of nitric acid to nitrous acid and the
anodic process is the ionization of mercury. The anodic process is controlled
by the transport of mercuric ions from the electrode; this process is
accelerated, for example, by stirring (see Fig. 5.54B), resulting in a shift of
the mixed potential to a more negative value, E'mix.
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Fig. 5.54 Mixed potential. (A) Zinc dissolution in acid medium. The partial
processes are indicated at the corresponding voltammograms. (B) Dissolution
of mercury in nitric acid solution. The original dissolution rate characterized
by (1) the corrosion current ja is enhanced by (2) stirring which causes an

383

Processes associated with two opposing electrode processes of a different
nature, where the anodic process is the oxidation of a metal, are termed
electrochemical corrosion processes. In the two above-mentioned cases, the
surface of the metal phase is formed of a single metal, i.e. corrosion occurs
on a chemically homogeneous surface. The fact that, for example, the
surface of zinc is physically heterogeneous and that dissolution occurs
according to the mechanism described in Section 5.8.3 is of secondary
importance.
The dissolution of zinc in a mineral acid is much faster when the zinc
contains an admixture of copper. This is because the surface of the metal
contains copper crystallites at which hydrogen evolution occurs with a much
lower overpotential than at zinc (see Fig. 5.54C). The mixed potential is
shifted to a more positive value, E'm^x, and the corrosion current increases.
In this case the cathodic and anodic processes occur on separate surfaces.
This phenomenon is termed corrosion of a chemically heterogeneous
surface. In the solution an electric current flows between the cathodic and
anodic domains which represent short-circuited electrodes of a galvanic cell.
A. de la Rive assumed this to be the only kind of corrosion, calling these
systems local cells.

An example of the process of a passivating metal is the reaction of
tetravalent cerium with iron (see Fig. 5.54D). Iron that has not been
previously passivated dissolves in an acid solution containing tetravalent
cerium ions, in an active state at a potential of Emix2- After previous
passivation, the rate of corrosion is governed by the corrosion current ja and
the potential assumes a value of Emixl.
For the corrosion phenomena which are of practical interest, the cathodic
processes of reduction of oxygen and hydrogen ions are of fundamental
importance, together with the structure of the metallic material, which is
often covered by oxide layers whose composition and thickness depend on
time. The latter factor especially often prevents a quantitative prediction of
the rate of corrosion of a tested material.
Electrochemical corrosion processes also include a number of processes in
organic chemistry, involving the reduction of various compounds by metals
or metal amalgams. A typical example is the electrochemical carbonization
of fluoropolymers mentioned on p. 316. These processes, that are often
described as 'purely chemical' reductions, can be explained relatively easily
on the basis of diagrams of the anodic and cathodic polarization curves of
the type shown in Fig. 5.54.
Fig. 5.54 (caption continued)
increase of the transport rate of mercuric ions from the metal surface. (C)
Effect of copper admixture on zinc dissolution. The presence of copper
patches on zinc surface increases the rate of hydrogen evolution. (D)
Oxidation of iron in the solution of Ce4+. On passivated iron the oxidation
rate is low (/a) while iron in active state dissolves rapidly (j'a). According to K.
J. Vetter
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A mixed potential can also be established in processes that do not involve
metal dissolution. For example, the potential of a platinum electrode in a
solution of permanganate and manganese(II) ions does not depend on the
concentration of divalent manganese. Anodic oxidation of manganese(II)
ions does not occur, but rather anodic evolution of oxygen. The kinetics of
this process and the reduction of permanganate ions determine the value of
the resulting mixed potential.
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5.9

Organic Electrochemistry

As this broad subject has been treated in a great many monographs and
surveys and falls largely in the domain of organic chemistry, the treatment
here will be confined to several examples.
The tendency of an organic substance to undergo electrochemical
reduction or oxidation depends on the presence of electrochemically active
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groups in the molecule, on the solvent, on the type of electrolyte and
especially on the nature of the electrode. While oxidation processes at the
mercury electrode are limited to hydroquinones and related substances,
radical intermediates formed by cathodic reduction (e.g. in the potentiostatic double-pulse method) and some substances forming complexes with
mercury, almost all organic substances can be oxidized under suitable
conditions at a platinum electrode (e.g. saturated aliphatic hydrocarbons in
quite concentrated solutions of sulphuric or phosphoric acid at elevated
temperatures).
The reduction of organic substances requires the presence of a jr-electron
system, a suitable substituent (e.g. a halogen atom), an electron gap or an
unpaired electron in the molecule.
The electrode reaction of an organic substance that does not occur
through electrocatalysis begins with the acceptance of a single electron (for
reduction) or the loss of an electron (for oxidation). However, the
substance need not react in the form predominating in solution, but, for
example, in a protonated form. The radical formed can further accept or
lose another electron or can react with the solvent, with the base electrolyte
(this term is used here rather than the term 'indifferent' electrolyte) or with
another molecule of the electroactive substance or a radical product. These
processes include substitution, addition, elimination, or dimerization reactions. In the reactions of the intermediates in an anodic process, the
reaction partner is usually nucleophilic in nature, while the intermediate in a
cathodic process reacts with an electrophilic partner.
According to G. J. Hoijtink, aromatic hydrocarbons are usually reduced
in aprotic solvents in two steps:
>2-

(5.9.1)

The first step is so fast that it can hardly be measured experimentally,
while the second step is much slower (probably as a result of the repulsion
of negatively charged species, R" and R2", in the negatively charged diffuse
electric layer). The reduction of an isolated benzene ring is very difficult and
can occur only indirectly with solvated electrons formed by emission from
the electrode into solvents such as some amines (see Section 1.2.3). This is a
completely different mechanism than the usual interaction of electrons from
the electrode with an electroactive substance.
In the presence of a proton donor, such as water, radical anions accept a
proton and the reaction scheme assumes the form
R

+H«RH
(5.9.2)

RH
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In the oxidation of aromatic substances at the anode, radical cations or
dications are formed as intermediates and subsequently react with the
solvent or with anions of the base electrolyte. For example, depending on
the conditions, 1,4-dimethoxybenzene is cyanized after the substitution of
one methoxy group, methoxylated after addition of two methoxy groups or
acetoxylated after substitution of one hydrogen on the aromatic ring, as
shown in Fig. 5.55, where the solvent is indicated over the arrow and the
base electrolyte and electrode under the arrow for each reaction; HAc
denotes acetic acid.
J. Heyrovsky and K. Holleck and B. Kastening pointed out that the
reduction of aromatic nitrocompounds is characterized by a fast oneelectron step, e.g.
(5.9.3)

—NO2

This reduction step can be readily observed at a mercury electrode in an
aprotic solvent or even in aqueous medium at an electrode covered with a
suitable surfactant. However, in the absence of a surface-active substance,
nitrobenzene is reduced in aqueous media in a four-electron wave, as the
first step (Eq. 5.9.3) is followed by fast electrochemical and chemical
reactions yielding phenylhydroxylamine. At even more negative potentials
phenylhydroxylamine is further reduced to aniline. The same process occurs
at lead and zinc electrodes, where phenylhydroxylamine can even be
oxidized to yield nitrobenzene again. At electrodes such as platinum, nickel
or iron, where chemisorption bonds can be formed with the products of the
CN
CH.CN
cyanation

Et4NCN,Pt

CH30H
methoxylation

KOH,Pt

HAc
KAc,Pt

OAc
acetoxylation

Fig. 5.55 Different paths of anodic oxidation dependent on electrolyte composition. (According to L. E. Eberson and N. L. Weinberg)
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reduction of nitrobenzene, azoxybenzene and hydrazobenzene are produced
as a result of interactions among the adsorbed intermediates. If azobenzene
is reduced in acid medium to hydrazobenzene, then the product rearranges
in a subsequent chemical reaction in solution to give benzidine.
An example of dimerization of the intermediates of an electrode reaction
is provided by the reduction of acrylonitrile in a sufficiently concentrated
aqueous solution of tetraethylammonium p -toluene sulphonate at a mercury
or lead electrode. The intermediate in the reaction is probably the dianion
CH 2 =CHCN + 2 e ^ CH2—CHCN

(5.9.4)

which reacts in the vicinity of the electrode with another acrylonitrile
molecule
CH2—CHCN + CH 2 =CHCN-* NCCHCH2CH2CHCN
(5.9.5)
(-)
(-)
NCCHCH2CH2CHCN + 2H 2 O-^ NC(CH2)4CN + 2OH~
finally to form adiponitrile (an important material in the synthesis of Nylon
606).
Carbonyl compounds are reduced to alcohols, hydrocarbons or pinacols
(cf., for example, Eq. 5.1.8), where the result of the electrode process
depends on the electrode potential.
The electrocatalytic oxidation of methanol was discussed on page 364. The
extensively studied oxidation of simple organic substances is markedly
dependent on the type of crystal face of the electrode material, as indicated
in Fig. 5.56 for the oxidation of formic acid at a platinum electrode.
M. Faraday was the first to observe an electrocatalytic process, in 1834,
when he discovered that a new compound, ethane, is formed in the
electrolysis of alkali metal acetates (this is probably the first example of
electrochemical synthesis). This process was later named the Kolbe reaction,
as Kolbe discovered in 1849 that this is a general phenomenon for fatty
acids (except for formic acid) and their salts at higher concentrations. If
these electrolytes are electrolysed with a platinum or irridium anode,
oxygen evolution ceases in the potential interval between +2.1 and +2.2 V
and a hydrocarbon is formed according to the equation
2 R C O O " ^ R2 + 2CO2 + 2e

(5.9.6)

In addition to hydrocarbons, other products have also been found,
especially in the reactions of the higher fatty acids. In steady state, the
current density obeys the Tafel equation with a high value of constant
6—0.5. At a constant potential the current usually does not depend very
much on the sort of acid. The fact that the evolution of oxygen ceases in the
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Fig. 5.56 Triangular-pulse voltammograms of oxidation
of 0.1 M formic acid in 0.5 M H2SO4 at various faces of a
single-crystal platinum electrode, 22°C, dE/dt =
50 mV • s"1. (According to C. Lamy)
potential range where the Kolbe reaction proceeds can be explained in two
ways. The anion of the fatty acid or an oxidation intermediate may block
the surface of the electrode (cf. page 361), or as a second alternative, the
acid may react with an intermediate of anodic oxygen evolution, which then
cannot occur. The mechanism of this interesting process has not yet been
completely elucidated; the two main hypotheses are illustrated in the
following schemes:
RCOO--*RCOOadsRCOO a d s "-> RCOO a d s + e
RCOO a d s ->R a d s + CO 2
(5-9-7)
Rads"* products, for example R 2
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and
products, for example R2

i
RCOCT

> R + CO2 + e

RCOCT + 2e

> R+ + CO2

(5.9.8)

further products
Similarly as for other chemical reactions, the activation energy for the
electrode reactions of organic substances depends on the nature and
position of the substituents on the aromatic ring of an organic molecule. As
the standard potentials are not known for many of these mostly irreversible
processes and as they were mainly investigated by polarography, their basic
data is the half-wave potential (Eq. 5.4.27). The difference of the half-wave
potential of the tested substance, i, and of the reference substance (which is,
for example, non-substituted) for the same type of electrode reaction (e.g.
nitrogroup reduction) is given by the equation
RT
k^
Ew - £i/2,ref = AE1/2 = AE0' + — - In - ^
(5.9.9)
anF k^f
We assume that neither the preexponential factor of the conditional
electrode reaction rate constant nor the charge transfer coefficient changes
markedly in a series of substituted derivatives and that the diffusion
coefficients are approximately equal. In view of (5.2.52) and (5.2.53),
(5.9.10)
where AAHl is the difference between the activation energies of the
electrode reactions of substance i and of the reference substance. R. W.
Brockman and D. E. Pearson, S. Koide and R. Motoyama and P. Zuman
applied the Hammett equation, originally deduced for chemical reactions, to
electrode processes. In this concept the activation energy or standard Gibbs
energy of a reaction where members of a homologous series participate is
given by the relationship
AAHl = 0:0/,
(5 9 11)
where py and p) characterize the type of the reaction and ok the substituent.
The values of ok which are the same for all reaction types have been listed
by L. Hammett. Thus, for the series of half-wave potentials of the same
electrode reaction type we have
(5.9.12)
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where p" characterizes the electrode reaction type (reduction of the nitro,
aldehydic, chlorine, etc., group) and ok the substituent (mainly in the para
or meta position on the benzene ring).
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5.10
5.10.1

Photoelectrochemistry
Classification of photoelectrochemical

phenomena

Photoelectrochemistry studies the effects occurring in electrochemical
systems under the influence of light in the visible through ultraviolet region.
Light quanta supply an extra energy to the system, hence the electrochemical reactions, which are thermodynamically or kinetically suppressed in the
dark, may proceed at a high rate under illumination. (There also exists an
opposite effect, where the (dark) electrochemical reactions lead to highly
energetic products which are able to emit electromagnetic radiation. This is
the principle of 'electrochemically generated luminescence', mentioned in
Section 5.5.6.) Two groups of photoelectrochemical effects are traditionally
distinguished: photogalvanic and photovoltaic.
The photogalvanic effect is based on light absorption by a suitable
photoactive redox species (dye) in the electrolyte solution. The photoexcited dye subsequently reacts with an electron donor or acceptor process,
taking place in the vicinity of an electrode, is linked to the electrode
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reaction which restores the original form of the dye. The cycle is terminated
by a counterelectrode reaction in the non-illuminated compartment of the
cell. Both electrode reactions may (but need not) regenerate the reactants
consumed at the opposite electrodes. The photopotential and photocurrent
appear essentially as a result of concentration gradients introduced by an
asymmetric illumination of the photoactive electrolyte solution between two
inert electrodes. Therefore, any photogalvanic cell can, in principle, be
considered as a concentration cell.
The photovoltaic effect is initiated by light absorption in the electrode
material. This is practically important only with semiconductor electrodes,
where the photogenerated, excited electrons or holes may, under certain
conditions, react with electrolyte redox systems. The photoredox reaction at
the illuminated semiconductor thus drives the complementary (dark)
reaction at the counterelectrode, which again may (but need not) regenerate
the reactant consumed at the photoelectrode. The regenerative mode of
operation is, according to the IUPAC recommendation, denoted as
'photovoltaic cell' and the second one as 'photoelectrolytic cell'. Alternative
classification and terms will be discussed below.
The term 'photovoltaic effect' is further used to denote nonelectrochemical photoprocesses in solid-state metal/semiconductor interfaces (Schottky barrier contacts) and semiconductor/semiconductor {pin)
junctions. Analogously, the term 'photogalvanic effect' is used more
generally to denote any photoexcitation of the d.c. current in a material
(e.g. in solid ferroelectrics). Although confusion is not usual, electrochemical reactions initiated by light absorption in electrolyte solutions should be
termed 'electrochemical photogalvanic effect', and reactions at photoexcited
semiconductor electodes 'electrochemical photovoltaic effect'.
The boundary between effects thus defined is, however, not sharp. If, for
instance, light is absorbed by a layer of a photoactive adsorbate attached to
the semiconductor electrode, it is apparently difficult to identify the
light-absorbing medium as a 'solution' or 'electrode material'. Photoexcited
solution molecules may sometimes also react at the photoexcited semiconductor electrode; this process is labelled photogalvanovoltaic effect.
The electrochemical photovoltaic effect was discovered in 1839 by A. E.
Becquerelt when a silver/silver halide electrode was irradiated in a solution
of diluted HNO3. Becquerel also first described the photogalvanic effect in a
cell consisting of two Pt electrodes, one immersed in aqueous and the other
in ethanolic solution of Fe(ClO4)3. This discovery was made about the same
time as the observation of the photovoltaic effect at the Ag/AgX electrodes.
The term 'Becquerel effect' often appears in the old literature, even for
denoting the vacuum photoelectric effect which was discovered almost 50
years later. The electrochemical photovoltaic effect was elucidated in 1955
by W. H. Brattain and G. G. B. Garrett; the theory was further developed
t Father of Antoine-Henri Becquerel, the famous French physicist and discoverer of
radioactivity.
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in detail by H. Gerischer. The photogalvanic effect was first interpreted in
1940 by E. Rabinowitch, and more recently studied by W. J. Albery, M. D.
Archer and others.
Besides the classification of photoelectrochemical effects (cells) according
to the nature of the light-absorbing system, we can also distinguish them
according to the effective Gibbs free energy change in the electrolyte, AG:
1. AG = 0: Regenerative photoelectrochemical cell. The reactants consumed
during the photoredox process (either in homogeneous phase or at the
semiconductor photoelectrode) are immediately regenerated by subsequent electrode reactions. The net output of the cell is an electrical
current flowing through the cell and an external circuit, but no
permanent chemical change in the electrolyte takes place.
2. AG =£ 0: Photoelectrosynthetic cell. The products of the homogeneous or
heterogeneous photoredox process and the corresponding counterelectrode reactions are sufficiently stable to be collected for later use.
Practically interesting is the endoergic photoelectrosynthesis (AG > 0 ) ,
producing species with stored chemical energy (fuel). The most important example is the splitting of water to oxygen and hydrogen. The
exoergic process (AG<0) is also called photocatalytic, since the light
provides only the activation energy for the reaction, which is otherwise
thermodynamically possible even in the dark. Although no chemical
energy is stored, useful products can sometimes result; an example is the
synthesis of NH3 from N2 and H 2 .
5.10.2

Electrochemical photoemission

In contrast to semiconductors, metals are usually not active as photoelectrodes owing to the fast thermal recombination of photogenerated
charge carriers in the metal. The only light-stimulated charge transfer
process at the electrolyte/metal electrode interface is photoemission of
electrons. It is, in principle, similar to the conventional photoelectric effect
in vacuum, i.e. it takes place under illumination with photons of sufficiently
short wavelengths to overcome the binding energy of electron in the metal.
Photoelectrons, emitted from the metal electrode into the electrolyte
solution, are rapidly solvated and subsequently captured by a reducible
solution species. The electrochemical photoemission was studied mostly at
mercury electrode, first by M. Heyrovsky. The dependence of the photoemission current on the radiation frequency differs from that of a conventional vacuum photoemission. Gurevich et al. deduced the relationship:
Ic = A(hv-hv0-eE)5/2

(5.10.1)

where / c is the photocurrent, A is a constant, hv is the energy of the light
quantum, hv0 is the threshold energy for photoemission at zero charge
potential, e is the electron charge, and E is the electrode potential.
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5.10.3 Homogeneous photoredox reactions and photogalvanic effects
The photogalvanic effects are initiated by a homogeneous photoredox
reaction of an electrolyte redox system with a suitable photoexcited organic
or organometallic substance (dye), S. The photon absorption produces a
short-lived, electronically excited dye molecule, S*:

whose structure and physicochemical properties are different. The conversion
of 5* back to 5 proceeds by various radiative and non-radiative relaxation
processes, which are characterized by a pseudo-first-order rate constant, kb.
Its reciprocal value defines the lifetime of the excited state, r0:
ro=l/kb

(5.10.2)

(the fraction of the S* molecules, deactivated during the time r 0 , equals
1 — e~l — 63%). Only excitations of electrons from the highest occupied
molecular orbital (HOMO) to the lowest unoccupied molecular orbital
(LUMO), which produce reasonably long-lived S* molecules are practically
important. This is schematically depicted in Fig. 5.57.
Most of the ground-state molecules contain all the electrons paired. (The
0 2 molecule is an important exception to this rule.) The excited molecule
may occur in two states, either with none or two unpaired electrons; these
states are called excited singlet, 5X, or excited triplet, Tx. The latter state is,
according to the Pauli rule, energetically favoured and its lifetime is higher
by orders of magnitude, since the reactions with singlet molecules as well as
radiative relaxation (phosphorescence) are spin-forbidden.
The photoexcited S*{TX) molecule may have a sufficiently long lifetime to
diffuse some distance in the electrolyte solution and to take part in a

e o (vacuum) - -

LUMO

HOMO

S(S 0 )

S*(S1)

Fig. 5.57 Electronic excitation of a molecule
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bimolecular homogeneous reaction with a molecule acting as electron donor
(D) or acceptor (A). In the first case, we speak about reductive quenching:
S* + D ^ S ~ + D+
(5.10.3)
and in the second case, about oxidative quenching:
S*+A^S++A~
(5.10.4)
Photoredox reactions involving excited singlet molecules, 5*(5X) are relatively rare owing to short lifetimes r0; one exception is the molecule of
oxonine (oxygen analogue of thionine, see below) possessing relatively long
singlet lifetime (2.4 ns) and also small quantum yield of a non-radiative
Sl-^ 7i conversion (intersystem crossing), about 3 • 10~3. Oxonin, therefore,
reacts photochemically, e.g. with Fe 2+ via the excited singlet state.
Figure 5.57 demonstrates that the photoexcited molecule S* exhibits, in
both spin states, a lower ionization potential (IP*) and a higher electron
affinity (EA*) in comparison with that of the ground state 5 molecule (IP,
EA). Consequently, the photoexcited molecule 5* is a better oxidizing as
well as reducing agent than the ground state molecule, S. Neglecting the
entropy and pressure changes, we can express the relative change of the
standard redox potential of the S/S~ couple as follows:
E0(S/S~) - E0(S*/S~) = -(AG - ^G*)|F - -ejF

(5.10.5)

and analogously:
E°(S+/S) - E°(S+/S*) - ejF

(5.10.6)

£ex is the excitation energy of 5 (mostly of the first triplet state, S*{TX)). The
actual changes of the redox potentials introduced by photoexcitation are
dramatic (cf. Table 5.6). Thus, the photoexcited molecule S* is a powerful
redox reactant to drive various unusual redox reactions in the electrolyte.
Table 5.6 Properties of three typical photoredox-active molecules, bpy denotes 2,2' bipyridine, TMPP is tetra Nmethylpyridine porphyrin; Amax is the wavelength of the absorption maximum, e is the extinction coefficient at Amax, cpT is the
quantum yield of the formation of the excited triplet state, r0 is
its lifetime, and EQ are standard redox potentials

^max

e [cm2iumor1]
<PT

r 0 [jus]

E0(S/S')[V]
E0(S+/S)[V]
E0(S*/S-)[V]
E0(S+/S*)[V]
1

Thionine*

Ru(bPy)r

ZnTMPP+

599
56
0.55
7.7
0.192
—
1.4
—

452
14
1.0
0.6
-1.28
1.26
0.84
-0.86

560
16
0.90
655
—
1.2
—
-0.6

pH = 2 (redox potentials of the system thionine/semithionine).
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The participation of 5* molecules in homogeneous redox processes is
mainly controlled by their short lifetimes. The lifetime of 5* is shortened by
a bimolecular redox reaction (5.10.3) or (5.10.4) as follows:
(kT is a rate constant of the quenching reaction and c is a concentration of
the reactant D or A). Equation (5.10.7) can be rearranged to a more
practical form:
TQ/ T = 1

/v.sv^

v^• J-0. o)

where Ksv = rokr is the so-called Stern-Volmer constant.
Figure 5.58 presents a general scheme of photogalvanic cells based on
reductive (a) or oxidative (b) quenching of 5*. These cells are regenerative
if D and A are two forms of the same redox couple (D + = A and D =A~),
otherwise the products D + and A~ accumulate in the electrolyte and the cell
is photoelectrosynthetic.
Some properties of three typical photoredox-active dyes are summarized
in Table 5.6. The most important photogalvanic system is based on the
photoredox reaction of thionine with Fe 2+ . It was first studied by E.
Rabinowitch in 1940 and recently optimized by J. W. Albery et al. The
structural formula of thionine, Thi+ and its reduction products (Sem+,
Leu2+) are as follows:

N2N

NH3+

H,N + '

The photoexcited thionone, *Thi + is reduced by Fe 2 + to the unstable
semithionine (Sem + ) which further disproportionates to Thi + and the
doubly reduced form of thionine, leucothionine (Leu 2 + ):
*Thi Fe
2Sem +

2+

+ H + ^ > Sem + + Fe 3 +
2+
Leu

(5.10.9)
(5.10.10)
The anodic reaction (taking place in the illuminated cell compartment) is a
two-electron process regenerating the initial form of Thi + :
Leu 2+ -* Thi+ + 2e" + 3H +

(5.10.11)
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transparent electrode
photogalvanic electroly
dark electrode

i

I

(a)
(b)
Fig. 5.58 Scheme of a photogalvanic cell. The homogeneous photoredox process
takes place in the vicinity of the optically transparent anode (a) or cathode (b)
The two-electron oxidation of the dye is not very common; other dyes
usually undergo one-electron redox reactions. The cathodic reaction (taking
place in the non-illuminated cell compartment) regenerates the complementary redox system:
Fe 3+ + e"-»Fe 2 +
(5.10.12)
According to the reactions (5.10.9)-(5.10.12), we can classify this cell as a
regenerative (AG = 0) photogalvanic cell based on reductive quenching
(Fig. 5.58a). Good performance of the iron-thionine cell is conditioned by
the generation of *Thi+ (and Leu2+) in close vicinity (below ca. 1 jum) of
the anode; this can be achieved by using an optically transparent (e.g.
SnO2) anode as a window (Fig. 5.58). The selectivity of the anode and
cathode for the desired reactions (5.9.24) and (5.9.25) may be further
increased by selecting the proper electrode materials or by chemical
modification of the anode.
A regenerative photogalvanic cell with oxidative quenching (Fig. 5.58b) is
based, for example, on the Fe 3+ -Ru(bpy)| + system. In contrast to the
iron-thionine cell, the homogeneous photoredox process takes place near
the (optically transparent) cathode. The photoexcited *Ru(bpy)l+ ion
reduces Fe3+ and the formed Ru(bpy)3+ and Fe 2+ are converted at the
opposite electrodes to the initial state.
More complicated photogalvanic cells may employ two light absorbing
systems: one in the cathodic process and the other in the anodic process. An
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interesting example is a cell with two different chlorophyll-based absorbers.
The cathodic process starts by photoexcitation of a modified natural
chloroplast with deactivated photosystem II (PS II—for terminology of
photosynthetic processes see page 469). The remaining PS I reduces, for
example, anthraquinone-2-sulphonate. The regenerative cycle of PS I is
linked to tetramethyl-p-phenylenediamine which is cycled at the cathode.
The complementary anodic process is O2 evolution by the action of a second
chloroplast system with active PS II; electrons from photoexcited PS II are
transferred to the tetramethyl-p-phenylenediamine and the cycle is terminated by its oxidation at the anode. The whole cell resembles photosynthesis,
the net output being O2 and reduced anthraquinone-2-sulphonate (cf.
Section 6.5.2).
The efficiency of the photocurrent generation in practical photogalvanic
cells is generally low, since it is limited by short lifetimes of the excited
dyes, parasitic electron transfer reactions, etc.
The importance of the photogalvanic effect rests in basic electrochemical
research of homogeneous photoredox reactions. To this purpose, original
experimental techniques have been developed, e.g. voltammetry with an
optically transparent rotating disk electrode. The photoexcitation of reactants makes the study of redox reactions possible in a considerably broader
region of the Gibbs free energy changes than with the ground-state
reactants. This brings interesting conclusions, for example, for the formulation of a more general theory of electron transfer, preparation of compounds in less-common oxidation states, etc.
5.10.4 Semiconductor photoelectrochemistry and photovoltaic effects
Basic properties of semiconductors and phenomena occurring at the
semiconductor/electrolyte interface in the dark have already been discussed
in Sections 2.4.1 and 4.5.1. The crucial effect after immersing the
semiconductor electrode into an electrolyte solution is the equilibration of
electrochemical potentials of electrons in both phases. In order to quantify
the dark- and photoeffects at the semiconductor/electrolyte interface, a
common reference level of electron energies in both phases has to be
defined.
Let us choose, as an arbitrary reference level, the energy of an electron at
rest in vacuum, e0 (cf. Section 3.1.2). This reference energy is obvious in
studies of the solid phase, but for the liquid phase, the Trasatti's conception
of 'absolute electrode potentials' (Section 3.1.5) has to be adopted. The
formal energy levels of the electrolyte redox systems, £REDOX, referred to
£(), are given by the relationship:
£REDOX = " ^ R E D O X

- kT In (cox/cred) + £SHE

(5.10.13)

where £R E DOX is the standard redox potential of the particular redox system
and cox, cred the concentrations of the oxidized and reduced forms,
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respectively. £SHE is the energy level of the standard hydrogen electrode
referred to e0 (see Section 3.1.5).
The energy levels of several redox couples as well as the positions of the
band edges of typical semiconductors in equilibrium with aqueous electrolyte (pH 7) are compared in Fig. 5.59.
The electrochemical potential of an electron in a solid defines the Fermi
energy (cf. Eq. 3.1.9). The Fermi energy of a semiconductor electrode (eF)
and the electrolyte energy level (VREDOX) are generally different before
contact of both phases (Fig. 5.60a). After immersing the semiconductor
electrode into the electrolyte, an equilibrium is attained:
(5.10.14)

— £REDOX

The equilibration proceeds by electron transfer between the semiconductor
and the electrolyte. The solution levels are almost intact ( £ R E D O X £
REDOX)> since the number of transferred electrons is negligible relative to
the number of the redox system molecules (cox and cred). On the other hand,
the energy levels of the semiconductor phase may shift considerably. The
region close to the interface is depleted of majority charge carriers and the
energy bands are bent upwards or downwards as depicted in Fig. 5.60b.
The equilibrium potential between the bulk of the semiconductor and the
bulk of the electrolyte (Galvani potential, Af$) is expressed by Eq. (4.5.6).
e(eV)
0
-4
Li7Li

-3

LiVLi(Hg)

-2

I

- -1
- -2
- -3

Zn27Zn

+

H /H2(pH7)

SHE _

4

TQ

Fe37Fe2+ _

--5

_L
O2/H2O(pH7)

Ce /Ce

GaP

--6

"ii
F 2 /F"

_

Si

GaAs

1

CdS

--7
TiO2

SrTiO,

Fig. 5.59 The energies of several redox couples (eTedox), and the lower edge
of the conduction band (ec) and the upper edge of the valence band (ev) of
typical semiconductors. The positions of band edges are given for semiconductors in equilibrium with aqueous electrolyte at pH 7
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(b)

(a)

(c)

\

Fig. 5.60 The semiconductor/electrolyte interface (a) before equilibration
with the electrolyte, (b) after equilibration with the electrolyte in the dark,
and (c) after illumination. The upper part depicts the n-semiconductor and the
lower the p-semiconductor

This potential is related to the electrode potential, E (apart from an additive
constant depending on the definition of the reference potential). The first
term in Eq. (4.5.6), Af (j> characterizes the band bending
eAfcj) = esc - ec = el - ey

(5.10.15)

where esc and ec are the energies of the lower edge of the conduction band at
the surface and in the bulk, respectively, and el and ey are analogous
energies of the upper edge of the valence band. The positions of esc and el
are determined by the Helmholtz electric layer, hence they remain fixed as
long as A|0 is not changed. External changes of the electrode potential, Ey
manifest themselves as changes of Afcf), at a certain electrode potential (the
flatband potential, E^), the band bending disappears, Af0 = 0.
For a more detailed description of the semiconductor/electrolyte interface, it is convenient to define the quasi-Fermi levels of electrons, eFe and
holes, eFp,
= £c(x) + kT In [ne(x)/(Nc - ne(x))]

(5.10.16)

eFtP(x) = ey(x) - kT In [(np(x)/(Ny - np(x))]

(5.10.17)

£FAX)

and analogously
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yvc and Nw are the effective densities of electronic states in the corresponding
band edges which can be expressed as follows:
Nc = (2jtmekT/h2)3/2;

Ny = (2jtmpkT/h2)3/2

(5.10.18)

me and mp are the effective masses of electron and hole, respectively; ne(x)
and np(x) are the carrier concentrations defined by Eqs (4.5.1), (4.5.2) and
(4.5.8). In equilibrium, both quasi-Fermi levels are equal:
eFtC(x) = eFtP(x) = eF

(5.10.19)

for any x > 0. Combining Eqs (5.10.16)-(5.10.19) and assuming nc « Nc and
ftp«Nv, we can easily derive the equilibrium equations (4.5.8) and (4.5.9).
Upon illumination, photons having energy higher than the band gap
(eg = ec — £v) are absorbed in the semiconductor phase and the electronhole-pairs (e~/h+) are generated. This effect can be considered equivalent
to the photoexcitation of a molecule (Fig. 5.57) if we formally identify the
HOMO with the ec level and LUMO with the £v level. The lifetime of
excited e~/h+ pairs (in the bulk semiconductor) is defined analogously as
the lifetime of the excited molecule in terms of a pseudo-first-order
relaxation (Eq. 5.10.2).
The undesired recombination of the photogenerated e~/h+ pairs is
considerably suppressed if the charge carriers are photogenerated in the
space charge region or in its close vicinity accessible by diffusion of excited
electrons or holes during their lifetime. In this case, electrons and holes are
separated by the electric field of the space charge as depicted in Fig. 5.60c.
The charge separation is apparently conditioned by the band bending, hence
the potential Af(f) must be more positive (n-semiconductors) or more
negative (p-semiconductors) than the flatband potential E^.
Under illumination, the electrons and holes within the space charge layer
are no more in equilibrium defined by Eq. (5.10.19), i.e. the levels *eFe(jt)
and *eFp(x) are different in this region. The concentration of the minority
carriers near the surface is increased dramatically in comparison with the
equilibrium value, hence the quasi-Fermi level of the minority carriers
shows complicated dependence on x (Fig. 5.60c). On the other hand, the
quasi-Fermi level of the majority charge carriers remains practically flat and
is only shifted relative to eF. This shift occurs generally towards the initial
value £p, i.e. the band bending decreases (Fig. 5.60c). The potential change
(AZsph) corresponding to the shift of the bulk Fermi level *eF relative to eF
is called photopotential. It can simply be determined as a difference of the
potentials measured by using an ohmic contact at the backside of the
illuminated (£ L IGHT) and non-illuminated (£ D A R K ) semiconductor
electrode:
AEph = {lie) |e? - eF| = |£ L I G H T -

^DARKI

(5.10.20)

The photopotential can also be expressed in terms of the relative change in
the minority carrier density, Anmin, introduced by photoexcitation. By using
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Eqns (5.10.16), (5.10.17) and (5.10.20) we obtain
(5.10.21)
Anmjn°min)
The magnitude of the photopotential is also related to light intensity and to
the value of EDAKK. The value of EL1GHT cannot obviously exceed the
flatband potential. At £ DARK = E^, the photopotential drops to zero which
can be used for a simple measurement of the flatband potential.
The photopontential also approaches to zero when the semiconductor
photoelectrode is short-circuited to a metal counterelectrode at which a fast
reaction (injection of the majority carriers into the electrolyte) takes place.
The corresponding photocurrent density is defined as a difference between
the current densities under illumination, /LIGHT and in the dark, /DARK7Ph — I/LIGHT

(5.10.22)

/DARK I

The photocurrent density (;ph) is proportional to the light intensity, but
almost independent of the electrode potential, provided that the band
bending is sufficiently large to prevent recombination. At potentials close to
the flatband potential, the photocurrent density again drops to zero. A
typical current density-voltage characteristics of an n-semiconductor electrode in the dark and upon illumination is shown in Fig. 5.61. If the
electrode reactions are slow, and/or if the e~/h+ recombination via
impurities or surface states takes place, more complicated curves for/LIGHT
result.
The photocurrent is cathodic or anodic depending on the sign of the
minority charge carriers injected from the semiconductor electrode into the
electrolyte, i.e. the n-semiconductor electrode behaves as a photoanode and

u

o

1

-/LIGHT

^^.

-/DARK

.•max
-/ph
^ph
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^

—•~~~

j

E

"Eft

Fig. 5.61 Current density-potential characteristics of n-semiconductor electrode in the
dark and upon illumination
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ANODE

Fig. 5.62 Scheme of a photovoltaic cell with nsemiconductor photoanode
the p-semiconductor electrode as a photocathode. The most common
photovoltaic cells are based on the combination of a semiconductor
photoanode and a metal cathode (Fig. 5.62). Cells with a metal anode and a
semiconductor photocathode or with a semiconductor photoanode and a
semiconductor photocathode have, however, also been described.
The potential which controls the photoelectrochemical reaction is generally not the photopotential defined by Eqs (5.10.20) and (5.10.21) (except
for the very special case where the values of *£v, £REDOX and the initial
Fermi energy of the counterelectrode are equal). The energy which drives
the photoelectrochemical reaction, £R can be expressed, for example, for an
n-semiconductor electrode as
eR = eg -

- (sc - eF)

(5.10.23)

This energy is consumed to overcome the overpotentials of the electrode
reactions (rja, rjc), the IR drop in the external circuit and electrolyte, and it
might partly be converted into the free energy, AG, of stable products (if
any) of the endoergic electrochemical reaction:
£R = e(r?a + ??c + IR) + AG/NA

(5.10.24)

The electrochemical cell can again be of the regenerative or electrosynthetic type, as with the photogalvanic cells described above. In the
regenerative photovoltaic cell, the electron donor (D) and acceptor (A) (see
Fig. 5.62) are two redox forms of one reversible redox couple, e.g.
Fe(CN)2~/4~, I 2 /I", Br 2 /Br", S2~/Sx~, etc. the cell reaction is cyclic
(AG = 0, cf. Eq. (5.10.24) since D+=A and D=A~). On the other hand, in
the electrosynthetic cell, the half-cell reactions are irreversible and the
products (D+ and A~) accumulate in the electrolyte. The most carefully
studied reaction of this type is photoelectrolysis of water (D+ = O2 and
y4~ = H2). Other photoelectrosynthetic studies include the preparation of
S2OI , the reduction of CO2 to formic acid, N2 to NH3, etc.
The photoelectroiysis of water was first studied in 1971 by A. Fujisima
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and K. Honda, who used a n-TiO2 photoanode and a Pt counterelectrode.
From the band positions and the formal energy levels of the H + /H 2 and
O2/H2O couples (Fig. 5.59), it is, nevertheless, apparent that the cell:
n-TiO2 |aqueous electrolyte| Pt

(5.10.25)

does not provide sufficient voltage for photoelectrolysis of water (1.229 V)
since the energy level of hydrogen electrode at pH 7 is about 0.2 V above
the conduction band edge (this difference remains constant also at other pH
values since both energy levels show the same Nernstian shift with pH). The
missing voltage has, therefore, to be supplied either from an external source
(photoassisted electrolysis of water) or by immersing the electrodes into
electrolytes of different pH values (photoanode in alkaline and cathode in
acidic electrolyte, the electrolytes being separated by a suitable membrane).
The direct photoelectrolysis of water requires that the ey level be below
the O2/H2O level and the ec level be above the H + /H 2 level. This condition
is satisfied, e.g. for CdS, GaP, and several large-band gap semiconductors,
such as SrTiO3, KTaO3, Nb2O5 and ZrO2 (cf. also Fig. 5.59). From the
practical points of view, these materials show, however, other specific
problems, e.g. low electrocatalytic activity, sensitivity to photocorrosion
(CdS, GaP), and inconvenient absorption spectrum (oxides).
The world-wide effort in photo(electro)chemical splitting of water started
in the 1970s. It was motivated by two factors: (1) the oil crisis which
stimulated the research in the solar energy conversion, and (2) the optimism
connected with the 'hydrogen economy'. At present, however, the conversion of solar energy via photo(electro)lysis of water as well as the use of
hydrogen as a medium for the energy storage and transport do not seem to
compete seriously with the currently available energy resources.
5.10.5 Sensitization of semiconductor electrodes
The band-gap excitation of semiconductor electrodes brings two practical
problems for photoelectrochemical solar energy conversion: (1) Most of the
useful semiconductors have relatively wide band gaps, hence they can be
excited only by ultraviolet radiation, whose proportion in the solar spectrum
is rather low. (2) the photogenerated minority charge carriers in these
semiconductors possess a high oxidative or reductive power to cause a rapid
photocorrosion.
Both these disadvantages can be overcome by sensitization. In this case,
the light is not absorbed in the semiconductor phase, but in an organic or
organometallic photoredox active molecule (sensitizer, S), whose excitation
energy is lower than eg. The sensitizer might either be dissolved in the
electrolyte or adsorbed at the semiconductor surface. If the redox levels of
the sensitizer in the ground and excited states are properly positioned
relative to the ec and £v levels, a charge injection from the photoexcited
sensitizer (S*) might occur. The photoexcited molecule reacts at the
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Fig. 5.63 Scheme of a photoelectrochemical cell with
sensitized semiconductor anode
interface to form the oxidized, S + (reduced, S ) ground-state form via the
majority charge carrier injection into the conduction (valence) band of the
n- (p-) type semiconductor electrode.
Practically more important is the sensitization of the n-type semiconductor electrode (Fig. 5.63). The depicted scheme is virtually equivalent to that
in Fig. 5.62; the only exception is that the 'hole' is not created in the valence
band but formally in the sensitizer molecule.
The charge injection from the sensitizer, S*, dissolved in the electrolyte
solution, might formally be considered as a photogalvanic process. The S*
molecules must be able to diffuse to the semiconductor surface during their
lifetime, r 0 . Assuming the usual lifetime, T O ^ 1 0 ~ 6 to 10" 4 s and the
diffusion coefficient, D of 10~ 5 cm 2 /s, the effective diffusion distance of S*,
(5D (see Eq. 2.5.9) is very small:
<5D = (jtDr)V2

— 56 nm

(5.10.26)

Let us assume that the electrolyte is illuminated through the semiconductor electrode as shown in Fig. 5.58 (this is, in principle, possible since the
semiconductor is transparent for wavelengths X>hcleg at which the
sensitizer absorbs the radiation). The relative intensity of radiation transmitted to the distance <5D is given by the Lambert-Beer law:
log (/// 0 ) = -8cdD

(5.10.27)

where e is the extinction coefficient of S and c its concentration. The
light-harvesting efficiency 0 L is defined as:
<pL = (1 -1/I o ) = 1 -

10~ £ C 6 D

(5.10.28)

For a typical extinction coefficient e — 107cm2/mol (cf. Table 5.6) and
c = 1 M, the calculated, (pL values (Eqs (5.9.42) and (5.9.44)) are only ca. 12
per cent. The number of active S* molecules is further reduced by the
quantum yield of the formation of the triplet state cpT (cf. Table 5.6) and the
quantum yield of the injection of the majority charge carriers from S* into
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the semiconductor electrode (<p,). Thus, the overall quantum yield of
photocurrent (IPCE = incident photon to current efficiency) is a product of
all the three quantities:
IPCE = <pL • cpT • <p,

(5.10.29)

It actually denotes the number of electrons flowing through the interface per
one photon impinging on it, IPCE is usually considered for monochromatic
light (radiant power, P, in W/cm2) whose wavelength (A) matches the
wavelength of the absorption maximum of the sensitizer, Amax. A more
practical equation for IPCE can easily be derived by combining the
photocurrent density, ; p h with the radiant power and wavelength:
IPCE =jphhc/XPe

(5.10.30)

where c is the velocity of light.
The light-harvesting efficiency of an electrode covered with an adsorbed
sensitizer can be expressed in the form similar to Eq. (5.10.28):
<p L =l-10- £ a d s r >

(5.10.31)

where £ads is the extinction coefficient of adsorbed sensitizer, T is the surface
concentration of the adsorbate (in mol/cm2 of the physical surface area) and
r is the roughness factor of the electrode. The latter is defined as the ratio of
physical to geometrical surface areas (polycrystalline materials, such as
semiconducting oxides may achieve the r values of about 102-103). The
extinction coefficient, eads, can be approximated by the usual extinction
coefficient of the solution, e (in cm2/mol).
For a typical monomolecular coverage, T— 10"1() mol/cm2, an electrode
roughness factor r = 1000 and an extinction coefficient e a d s = 107cm2/mol,
the light-harvesting efficiency is, in comparison to the preceding case, very
high, cpL = 90 per cent. Moreover, the adsorbed sensitizer is in intimate
contact with the semiconductor surface, hence the conditions for charge
injection from S* into the semiconductor are almost ideal (c^—>100 per
cent).
The most successful sensitizers so far tested are complexes of Ru(II) with
various derivatives of 2,2' bipyridine, e.g. 2,2'-bipyridine 4,4'-dicarboxylic
acid (L). The Ru(II)L3 complex is adsorbed from an aqueous solution of
suitable pH value to oxidic semiconductors via electrostatic bonds between
—COO~ groups of the ligands and the positively charged (protonized)
semiconductor surface.
The sensitization of n-TiO2 by RuL3 was studied in detail by M. Gratzel et
al. The photoelectrochemical reaction is initiated by an electron injection
into the conduction band of TiO2:
*Ru(II)L3-> Ru(III)L3 + ec-b(TiO2)

(5.10.32)

The standard redox potential of Ru(III)L 3 /Ru(II)L 3 equals 1.56 V( protonated form). Even energetically highly demanding processes, such as
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oxidation of water to oxygen (E{)= 1.229V) and bromide to Br2 (Eo =
1.0873 V) are thermodynamically possible. Two reactions deserve special
attention, since they enable the construction of highly efficient regenerative cells
2Ru(III)U- + 21" -> 2Ru(II)U- 4-I2,
2Ru(III)U- + 2Br"-* 2Ru(II)L^" 4- Br2,

IPCE (450 nm) - 70%
IPCE (450 nm) - 55%

The best parameters of the I~/I2 cell were achieved by using a
non-aqueous electrolyte and the anatase electrode of nanometer-sized
particles, sensitized with Rul^ju - (NC)Ru(CN)(bpy)2)2. In 1991, B.
O'Regan and M. Gratzel described a cell attaining parameters competitive
to commercial, solid-state photovoltaic devices.
5.10.6 Photoelectrochemical solar energy conversion
The solar spectrum corresponds roughly to the radiation of a black body
at the temperature 5750 K. If we denote the photon flux in the wavelength
interval from A to (A + dA) (in photons/m2 s) as /(A), the total solar power
flux (in W/m2) is given as:
Ps = hc\ /(A)dA

(5.10.33)

The power flux corrected for atmospheric absorptions equals about
1 kW/m2 if the Sun stands at zenith and the sky is clear. This situation is
customarily labelled AM 1 (one standard air mass).
The total world consumption of energy (ca. 3.1020 J/year) can be met by
converting the solar energy impinging on about 0.01 per cent of the Earth's
surface, which is about 0.3 per cent of the desert areas. The research on
solar energy conversion is further encouraged by the existence of natural
photosynthesis, which provides all the fossile energy resources of the Earth.
The natural photosynthesis transforms about 0.1 per cent of the solar energy
impinging on the Earth, but the energy conversion in green plants is not as
efficient as that attained by currently available photovoltaic cells and other
artificial devices.
The solar energy conversion efficiency is defined as:
CE = Pout/Ps

(5.10.34)

where Fout is the maximum power output of the cell per unit illuminated
area. For a regenerative photoelectrochemical cell, the maximum value of
Pout has to be derived from the photocurrent/potential characteristic of the
cell (Fig. 5.64). The quality of the cell is also described by the so-called fill
factor,/:
J ~~ i out/V./ph

y™hax

ZA£

-'ph )

\p.L\J.oJ)

where
is the maximum photocurrent density (at short circuit) and
AZs™hax is the maximum photovoltage (at open circuit).
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Jph

Fig. 5.64 Photocurrent density-voltage
characteristics of the regenerative photoelectrochemical cell. The shaded area is the
maximum output power, Pout

Any quantum device, including photoelectrochemical cell, is in principle
not able to absorb (and convert) light whose wavelength is longer than a
certain threshold, Ag. This wavelength corresponds to the photon energy
equal to the excitation energy of the photoactive molecule (with photogalvanic effects or sensitized semiconductors) or to the band gap of the
semiconductor photoelectrode:
he

he

(5.10.36)

The theoretically convertible fraction of the solar power equals:

AJ o

dA

(5.10.37)

The plot of CE = Pout/Fs (from Eqs (5.10.33) and (5.10.37)) versus Ag for
AM 1.2 is shown in Fig. 5.65 (curve 1). It has a maximum of 47 per cent at
1100 nm. Thermodynamic considerations, however, show that there are
additional energy losses following from the fact that the system is in a
thermal equilibrium with the surroundings and also with the radiation of a
black body at the same temperature. This causes partial re-emission of the
absorbed radiation (principle of detailed balance). If we take into account
the equilibrium conditions and also the unavoidable entropy production, the
maximum CE drops to 33 per cent at 840 nm (curve 2, Fig. 5.65).
Besides the mentioned thermodynamic losses, there always exist kinetic
losses arising from the competitive non-radiative quenching of the excited
state. For instance in photovoltaic devices, the undesired thermal recom-

408

CE (7o)
s^

/

/

40 -

-1
-

/
/

/

/

-

30 /

/

/
/

20 -

X

/

/ /

/

*

*

#s^^

X

Si

I f /

I I /

>w

x

I I /

//

*2

. ^ ^ - ^

/

x

>

/

\
\

/ / y GaP
10

Ge

r

/
500

1000

1500

Xg (nm)
Fig. 5.65 Dependence of the solar conversion efficiency (CE)
on the threshold wavelength (Ag) for a quantum converter at
AM 1.2. Curve 1: Fraction of the total solar power convertible
by an ideal equilibrium converter with no thermodynamic and
kinetic losses. Curve 2: As 1 but the inherent thermodynamic
losses (detailed balance and entropy production) are considered. Continuous line: Efficiency of a regenerative photovoltaic cell, where the thermodynamic and kinetic losses are
considered. The values of Ag for some semiconductors are also
shown (according to J. R. Bolton et al.)

bination of photogenerated e /h+ pairs is prevented by a band bending.
This leads to the necessary charge separation, but is also paid by additional
energy losses (cf. Eq. 5.10.23), which can be estimated as about 0.6-0.8 eV
per photon.
The theoretical solar conversion efficiency of a regenerative photovoltaic
cell with a semiconductor photoelectrode therefore depends on the model
used to describe the thermodynamic and kinetic energy losses. The CE
values, which consider all the mentioned losses can generally only be
estimated; the full line in Fig. 5.65 represents such an approximation.
Unfortunately, the materials possessing nearly the optimum absorption
properties (Si, InP, and GaAs) are handicapped by their photocorrosion
sensitivity and high price.
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Chapter 6
Membrane Electrochemistry and
Bioelectrochemistry
Not only electric currents in muscles and nerves but particularly even the
mysterious effects occurring with electric fish can be explained by means of the
properties of semipermeable membranes.
W. Ostwald, 1891
6.1

Basic Concepts and Definitions

The discovery of galvanic electricity (i.e. electrical phenomena connected
with the passage of electric current) by L. Galvani in 1786 occurred
simultaneously with his study of a bioelectrochemical phenomenon which
was the response of excitable tissue to an electric impulse. E. du
Bois-Reymond found in 1849 that such electrical phenomena occur at the
surface of the tissue, but it was not until almost half a century later that W.
Ostwald demonstrated that the site of these processes are electrochemical
semipermeable membranes. In the next decade, research on semipermeable
membranes progressed in two directions—in the search for models of
biological membranes and in the study of actual biological membranes.
The search for models of biological membranes led to the formation of
a separate branch of electrochemistry, i.e. membrane electrochemistry.
The most important results obtained in this field include the theory and
application of ion-exchanger membranes and the discovery of ion-selective
electrodes (including glass electrodes) and bilayer lipid membranes.
The study of biological membranes led to the conclusion that the great
majority of the processes in biological systems occur at cell and organelle
membranes. The electrochemical aspects of this subject form the basis of
bioelectrochemistry, dealing with the processes of charge separation and
transport in biological membranes and their models, including electron and
proton transfer in cell respiration and photosynthesis as well as ion transport
in the channels of excitable cells. The electrokinetic phenomena (electrical
double layer, interfacial tension of cells and organelles, cell membrane
extension and contraction, etc.) also belong to this field. Bioelectrochem410
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istry includes the more classical subjects of the thermodynamics and kinetics
of redox processes of components of biological systems at electrodes.
This chapter will deal with the basic properties of electrochemical
membranes in general and the membrane aspects of bioelectrochemistry in
particular. A number of bioelectrochemical topics was discussed in Sections
1.5.3 and 3.2.5.
6.1.1 Classification of membranes
In contrast to mechanics, where the term membrane (Lat. membrana =
parchment) designates an elastic, two-dimensional plate, this term is used in
chemistry, biophysics and biology to designate a solid or liquid phase
(usually, but not always, with a thickness substantially smaller than its other
dimensions) separating two, usually liquid, phases. The transport (permeation) of the various components of both phases through the membrane
occurs at different rates relative to those in the homogeneous phases with
which the membrane is in contact. The membrane is consequently called
semipermeable.
The thickness of the membrane phase can be either macroscopic
('thick')—membranes with a thickness greater than micrometres—or microscopic ('thin'), i.e. with thicknesses comparable to molecular dimensions
(biological membranes and their models, bilayer lipid films). Thick membranes are crystalline, glassy or liquid, while thin membranes possess the
properties of liquid crystals (fluid) or gels (crystalline).
Depending on their structure, membranes can be separated into porous,
where matter is transported through pores in the membrane, and compact,
where the substance is transported either through the entire homogeneous
membrane phase or its homogeneous parts.
Membranes can be homogeneous, where the whole membrane participates in the permeation of a substance, or heterogeneous, where the active
component is anchored in a suitable support (for solid membranes) or
absorbed in a suitable diaphragm or acts as a plasticizer in a polymeric film.
Both of the latter cases are connected with liquid membranes. Biological
membranes show heterogeneity at a molecular level.
Membranes exhibiting selectivity for ion permeation are termed
electrochemical membranes. These membranes must be distinguished from
simple liquid junctions that are often formed in porous diaphragms (see
Section 2.5.3) where they only prevent mixing of the two solutions by
convection and have no effect on the mobility of the transported ions. It will
be seen in Sections 6.2 and 6.3 that the interior of some thick membranes
has properties analogous to those of liquid junctions, but that the mobilities
of the transported ions are changed.
6.1.2 Membrane potentials
A characteristic property of electrochemical membranes is the formation
of an electric potential difference between the two sides of the membrane,
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termed the membrane potential A$ M :
d
<H2)
solution 1 | membrane | solution 2
(6.1.1)
x=p
x=q
Similar to galvanic cells, the membrane potential is determined by subtracting the electric potential of the phase on the left from that of the phase on
the right, i.e.

A0 M -A?0 = <K2)-<H1)

(6.1.2)

For cell membranes, the intracellular liquid is usually denoted as solution 2,
while solution 1 is the extracellular liquid.
The formation of a membrane potential is connected with the presence of
an electrical double layer at the surface of the membrane. For a thick,
compact membrane, an electrical double layer is formed at both interfaces.
The electrical double layer at a porous membrane is formed primarily in the
membrane pores (see Section 6.2). The electrical double layer at thin
membranes is formed on both membrane surfaces. It is formed by fixed ions
on the surface of the membrane and the diffuse layer in the electrolyte.
Consider the simple case where both sides of the membrane are in contact
with a solution of symmetrical electrolyte BA in a single solvent and the
membrane is permeable for only one ionic species. In equilibrium its
electrochemical potential (Eq. (3.1.5)) in both solutions adjacent to the
membrane has the same value. Thus,

if the membrane is permeable for cation B z + and

if the membrane is permeable for anion Az~.
The membrane potential expressed by Eqs (6.1.3) and (6.1.4) is termed
the Nernst membrane potential as it originates from the analogous ideas as
the Nernst equation of the electrode potential (p. 165) and the equation of
the Nernst potential at ITIES (Eq. (3.3.50)).
Consider a system in which both solutions contain various ions for which
the membrane is permeable (diffusible ions) and one type of ion that, for
some reason (e.g. a macromolecular ion for a porous membrane), cannot
pass through the membrane (non-diffusible ion). The membrane is permeable for the solvent.
The equilibrium conditions for the diffusible ions are
fc(l,Pi) = £/(2,p2)

(6.1.5)
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This condition expresses the fact that the two solutions are under different
pressures, px and p2, as a result of their, in general, different osmotic
pressures. An analogous equation cannot be written for the non-diffusible
ion as it cannot pass through the membrane and the 'equilibrium'
concentrations cannot be established.
First, let us consider dilute solutions, where it is possible to set px = p2Then the electrochemical potentials in Eq. (6.1.5) are expanded in the usual
manner, yielding
^

0

(6.1.6)

a (2)
^

O

(6.1.7)

for the diffusible cation and

for the diffusible anion. Elimination of the terms containing the electric
potentials in these equations yields
(6.1.8)
i.e. for univalent, divalent, etc., cations and anions
a+{2)

11/2

\a2+{2)V12 ^

o + (l) La2+(1)J

La 3+ (1)J
(6.1.9)
=

-=A

La2_(2)J
La 3 _(2).
The constant A is termed the Donnan distribution coefficient.
In the simple case of a diffusible, univalent cation B + and anion A~ and
non-diffusible anion X~ present in phase 2, the condition of electroneutrality gives

For dilute solutions, activities can be replaced by concentrations in Eqs.
(6.1.9), yielding
c B+ (l)c A -(l) = cB+(2)cA-(2)
(6.1.11)
Equations (6.1.10) and (6.1.11) give

A more exact solution of the equilibrium conditions (Eq. 6.1.5) must
consider that the standard term /J° depends on the pressure, which is
different in the two solutions:
li°(T,p) = ii*(T,p)= fvdp
Jo

(6.1.13)
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where /i* is the limiting value of JU° at /?—»0 and v is the molar volume of
the component at pressure p. If the volume v is considered to be
independent of the pressure (more accurate calculations employ a linear
dependence) then
li°(T,p) = iA*(T) + vp

(6.1.14)

It can be readily seen that this procedure yields an equation whose left-hand
side is the same as that for Eqs (6.1.6) and (6.1.7) and whose right-hand
side is not equal to zero, but rather to v+(p\ — p2) or V-(pi — p2)Equations (6.1.6) and (6.1.7) yield the Donnan potential A0 D = A0 M in
the form
RT
A 0 D = ~ — ln A

(6.1.15)

The Donnan potentials contain the individual ionic activities and cannot be
measured by using a purely thermodynamic procedure. In the concentration
range where the Debye-Hiickel limiting law is valid, the ionic activities can
be replaced by the mean activities.
The membrane potentials are measured by constructing a cell with a
semipermeable membrane separating solutions 1 and 2:
Ag | AgCl, sat. KC11 solution 1 | solution 2 | sat. KC1, AgCl | Ag (6.1.16)
whose EMF is given by the sum of the membrane potential and the two
liquid junction potentials, which can usually be neglected.
Equations (6.1.3) and (6.1.4) could be derived from the relationships for
the liquid junction potential formed by a single salt (Eq. 2.5.31), assuming
that the anion mobility in Eq. (6.1.3) and the cation mobility in Eq. (6.1.4)
equal zero. The general case, i.e. that the membrane only changes the
transport number of the cation and anion, was solved by J. Bernstein at the
beginning of this century using a relationship analogous to Eq. (2.5.31),
which assumes the following form for a uni-univalent electrolyte:
, = (*_-*+) — l n - ^

(6.1.17)

where T+ and T_ are the transport numbers of the cation and anion in the
membrane, respectively, which are different from the corresponding values
in solution.
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6.2

Ion-exchanger Membranes

Ion-exchanger membranes with fixed ion-exchanger sites contain ion
conductive polymers (ionomers) the properties of which have already been
described on p. 128. These membranes are either homogeneous, consisting
only of a polyelectrolyte that may be chemically bonded to an un-ionized
polymer matrix, and heterogeneous, where the grains of polyelectrolyte are
incorporated into an un-ionized polymer membrane. The electrochemical
behaviour of these two groups does not differ substantially.
All ion-exchanger membranes with fixed ion-exchanger sites are porous to
a certain degree (in contrast to liquid membranes and to membranes of
ion-selective electrodes based on solid or glassy electrolytes, such as a single
crystal of lanthanum fluoride).
6.2.1 Classification of porous membranes
Depending on the pore size, porous membranes can be divided into three
groups:
(a) Membranes with wide pores are simply diaphragms limiting flow and
diffusion of the solutions with which the membrane is in contact. When
the diaphragm contains cylindrical pores with identical radii r and a
density N per unit area, then, in the ideal case, the material flux of the
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ith component of the solution through the diaphragm is given as
Jt = c,/v - N^jzDXRTy^i-y1

(6.2.1)

where c, is the concentration of the ith component, D, is its diffusion
coefficient, jUz is its electrochemical potential and 7V is the volume flux of
the solution:
J

y =d ^ = Njtr^dy1 ^

(6.2.2)

where dh is the mechanical permeability (permeability per unit pressure
gradient), rj is the viscosity of the solution, d is the thickness of the
membrane and P is the hydrostatic pressure. Equation (6.2.1) follows
directly from Eq. (2.3.23) and (2.5.23).
(b) Fine-pore membranes (r = 1-100 nm) selectively affect the character of
transport. These are often called semipermeable membranes—the
permeability of the membrane is different for different components of
the solution as a result of the properties of the membrane itself (rather
than as a result of different mobilities of the components of the
solution). The walls of the pores of ion-exchanger membranes are
electrically charged and contain an aqueous solution. The contents of
the electrolyte components in the pores depends on the electric charge
on the pore walls and concentration of the electrolyte in contact with
the membrane. The electrical double layer formed inside the pores
results in the counterions (=gegenions, ions with opposite charge to the
fixed ions on the membrane wall) having a greater concentration in the
pores than ions with the same charge as the fixed ions (coions). When
the solution is dilute and the pores so narrow that the diffuse electrical
layer has an effective thickness comparable with the pore radius, then
the gegenions are present in a clear excess over the coions (see Fig.
6.1). In the extreme case, the electrical diffuse layers completely fill the
pores, which then contain only counterions and the membrane is
permeable only for these ions, the transport number of counterion
being T, = 1. Such a membrane is termed permselective. On the other
hand, if the electrolyte is more concentrated and the pores wider, then
the excess of the counterions over the coions eventually becomes
negligible.
(c) Microporous membranes have such small pore radii that mass is
transported by an exchange process between the dissolved species and
the solvent particles. This structure is characteristic, for example, for
amorphous polymer films below the glass transition temperature. The
porosity is a result of irregular coiling of segments of the polymer
chains. These membranes are used to separate mixtures of gases and
liquids (these are not electrochemical membranes) and to desalinate
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Fig. 6.1 Distribution of cations and anions in pores of a cation-exchanger
membrane depends on pore radius which decreases in the sequence A—»B—»C.
In case C the membrane becomes permselective. (According to K. Sollner)

water by hyperfiltration. They must be very thin for transport to occur at
all and must simultaneously be mechanically strong.
6.2.2 The potential of ion -exchanger membranes
The distribution of electric potential across the membrane and the
dependence of the membrane potential on the concentration of fixed ions in
the membrane and of the electrolyte in the solutions in contact with the
membrane is described in the model of an ion-exchanger membrane worked
out by T. Teorell, and K. H. Meyer and J. F. Sievers.
This theory will be demonstrated on a membrane with fixed univalent
negative charges, with a concentration in the membrane, cx. The pores of
the membrane are filled with the same solvent as the solutions with which
the membrane is in contact that contain the same uni-univalent electrolyte
with concentrations cx and c2. Conditions at the membrane-solution
interface are analogous to those described by the Donnan equilibrium
theory, where the fixed ion X~ acts as a non-diffusible ion. The Donnan
potentials A 0 D 1 = 0 P — 0(1) and A0 D 2 = 0(2) — 0 q are established at both
surfaces of the membranes (x = p and x = q). A liquid junction potential,
A0 L = 0 q — 0 P , due to ion diffusion is formed within the membrane. Thus
The Donnan equilibrium condition (6.1.9) gives
c

-,2

=

(6.2.4)

C

2
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(For simplicity, the effect of the activity coefficients is neglected; it should
be recalled that the membrane is not completely impermeable for anions so
that neither c_ p nor c_ q is equal to zero.) These relationships and the
electroneutrality condition in the membrane

yield the expressions for the surface concentrations at the membrane:

(6.2.5)

When the expressions (6.2.5) are substituted into the Henderson equation
(2.5.34) A0 L is obtained. Both contributions A$ D are calculated from the
Donnan equation. From Eq. (6.2.3) we obtain, for the membrane potential,
RT

U+-U
(616)

Figure 6.2 schematically depicts the concentration distribution in this
ion-exchanger membrane.
In the limiting case, Eq. (6.2.6) is converted to the relationships derived
above: if the membrane is completely impermeable for the anion, then
c_ p = c_ q = 0 and also IL = 0 and the membrane potential is given by the
Nernst term (RT/F) In (cjc2) (cf. Eq. 6.1.3). If, on the other hand, the

membrane

Fig. 6.2 Concentration distribution of cations
c+, anions c_ and fixed anions in a cationexchanging membrane. The bathing solutions
have electrolyte concentrations cx and c2. (According to K. Sollner)
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membrane is completely permeable for both the cation and the anion, then
cx = 0 as well as c+>q = c_ q = c2 and c+p = c_ p = cx and A0 M is given by the
Henderson term alone, -(RT/F)(t+ -t_) In (cjc^ (cf. Eq. 2.5.31).
6.2.3

Transport through a fine-pore membrane

Transport processes in ion-exchanger membranes are important in most
applications. This section will first deal with interaction of the material flux
through the membrane with the field of the diffuse double layer in its pores
and also with mutual interaction of the fluxes of various thermodynamic
quantities, treated by using the thermodynamics of irreversible processes
(the phenomenological description of membrane processes in terms of the
thermodynamics of irreversible processes is the principal application of this
field in electrochemistry). First, for example, a cation-exchanger membrane
will be considered, containing an excess of mobile cations (counterions)
over anions (coions). On the transport of electric current, the cations give a
greater electrical impulse to the solvent molecules than the anions, leading
to formation of an electroosmotic flux in the direction of movement of the
cations in the electric field.
An electroosmotic flux is formed as a result of the effect of the electric
field in the direction normal to the pores in the membrane, d<f>/dx, (assumed
to be constant) on the charge in the electric diffuse layer in the pore with a
charge density p. The charges move in the direction of the x axis (i.e. in the
direction of the field), together with the whole solution with velocity v. At
steady state
32v

dd>

_ r p = r/
(6.2.7)
ax
ay
where r\ is the viscosity of the liquid in the pores. According to this equation
the force acting on the charges is compensated by internal friction of the
liquid. The coordinate in the direction perpendicular to the pore surface is
denoted by y. The Poisson equation (Eq. 1.3.8) holds for the space charge

=

(6.2.8)

e dy
so that substitution into Eq. (6.2.7) gives

The electrical potential in the layer of the liquid moving only negligibly at
the surface of the pores is equal to the electrokinetic potential £
(see page 242). At the middle of the pore, the electric potential and its
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gradient d(f>/dy equal zero and also dv/dy =0. Integration of Eq. (6.2.9)
yields the Helmholtz-Smoluchowski equation
dcbet
v=^r~

(6.2.10)

For a simple model of the membrane it is assumed that N cylindrical pores
with radius r are located perpendicular to a membrane of thickness d. The
resistance of such a membrane is given by the relationship
d

d<bd
^

(6.2.11)

j

where K is the conductivity of the pores of the membrane and j is the
current density (referred to the unit surface area of the membrane). The
volume flux of the liquid through the membrane (electroosmotic flux) then
is
eti
Jv = vjir2N = —
KTJ

(6.2.12)

Because of the electroosmotic flux, a cation-exchanger membrane is less
resistant to cation flux than to anion flux.
Some of the elements of thermodynamics of irreversible processes were
described in Sections 2.1 and 2.3. Consider the system represented by n
fluxes of thermodynamic quantities and n driving forces; it follows from
Eqs (2.1.3) and (2.1.4) that \n{n +1) independent experiments are
needed for determination of all phenomenological coefficients (e.g. by
gradual elimination of all the driving forces except one, by gradual
elimination of all the fluxes except one, etc.). Suitable selection of the
driving forces restricted by relationship (2.3.4) leads to considerable
simplification in the determination of the phenomenological coefficients and
thus to a complete description of the transport process.
The theory of transport in membranes is based on the thermodynamics of
irreversible processes (Sections 2.1 and 2.3). If n species are involved in the
transport, we have to consider n independent fluxes (including that of the
solvent), each of them characterized by n phenomenological coefficients.
Owing to the Onsager reciprocity relations, however, there are only
n(n + l)/2 independent phenomenological coefficients, which can be determined by as many independent experiments. As usual in the theory of
transport in electrolyte solutions, the driving forces are gradients of
electrochemical potentials (in dilute solutions gradients of concentrations
and of the electric potential can also be used).
Consider the system shown in Fig. 6.3. The ion-exchanger membrane
separates solutions of a single, completely dissociated, uni-univalent
electrolyte. Two pistons can be employed to form a pressure difference
between the two compartments. The two electrodes W^ and W2 are
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Fig. 6.3 A membrane system during flow of electric current.
Ap —p2 ~P\> Acs = cs(2) — cs(l). S denotes the current source
connected to an external source S to produce a flow of electric current
through the membrane. Two usually identical reference electrodes are
placed in the two compartments (e.g. two saturated calomel electrodes) and
are used to measure the membrane potential.
Since the ionic fluxes cannot be measured individually, it is preferable to
introduce the salt flux, besides solvent flux and charge flux (current density).
The driving forces would then be the gradients or differences of the
chemical potentials in media with different salt concentrations and different
pressures, multiplied by —1. These differences must be relatively small to
remain within the framework of linear irreversible thermodynamics, so that
RTAcs

vsAp
(6.2.13)

where cs is the salt concentration, cw is the solvent concentration, cs and cw
are the average salt and solvent concentrations between the two compartments, respectively, vs and uw are the molar volumes of the salt and the
solvent, respectively, and Ap is the pressure difference between the two
compartments, t
Even then, the formulation of the system of fluxes and driving forces is
not yet satisfactory, because of the quantity Acw. Thus, a new definition of
the fluxes will be introduced, i.e. the volume flux of the solution, defined by
the equation
vsJs
t An approximate expression for AjU, follows from the relationship

(6.2.14)
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The conjugate driving force is the pressure gradient Ap multiplied by —1.
Further, the relative flux of the dissolved substance compared to the flux of
the solvent, i.e. the 'exchange' flux / D , is defined by the relationship
J J

Jo =

f- f

(6.2.15)

where / s and / w are the fluxes of the salt and the solvent, respectively. The
conjugate driving force is then the osmotic pressure gradient (multiplied by
- 1 ) , since (cf. Eq. 1.1.17)
(6.2.16)

AJZ = 2RTACS

The dissipation function is given as
O = -JyAp

-

/ D AJT

-;A0 < 0

(6.2.17)

The present example of membrane transport is described by the following
set of equations:
Jv = -LvvAp
Jr> = -LnvAp
; = -L^Ap

- LsnAn - Lw<t>A0
- Ln7lAx - L^Acj)
- L^An - L^Acf)

(6.2.18)

containing six phenomenological coefficients, which must be determined in
independent experiments.
The coefficient L^ can be determined from the mechanical permeability
of the membrane (cf. Eq. 6.2.2) in the presence of a pressure difference and
absence of a solute concentration difference (AJT — 0) and of an electric
potential difference A<j> (electrodes Wx and W2 are connected in short, that
is A(f) = 0). The electrical conductivity of the membrane g M in the absence
of a pressure and solute concentration difference gives the coefficient L^:
y= -gMA0 = - L ^ A 0
(6.2.19)
Of the remaining three cross phenomenological coefficients, Lvjr can be
found from the volume flux during dialysis (Ap = 0 , A(j) = 0, because
electrodes Wx and W2 are short-circuited):
^

(6.2.20)

Equations (6.2.18) yield the electroosmotic flux (Ap = 0 , An = 0) in the
form
J

-f-j*

(6.2.21)

The sign of the cross coefficient Lw<t> determines the direction of the
electroosmotic flux and of the cation flux. From Eq. (6.2.12) we have

£*«^'

(6.2.22)
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where, for a cation-exchanger membrane, £ > 0 and, for an anionexchanger membrane, £ < 0 . Thus, the electroosmotic flux for an anionexchanger membrane will go in the opposite direction.
When a change in pressure Ap (the electroosmotic pressure) stops the
electroosmotic flux (/ v = 0> AJT = 0), then the first of Eqs (6.2.18) gives
(6.2.23)
Figure 6.4 depicts the formation of the electroosmotic pressure.
The last experiment involves measurement of the membrane potential (in
the last of Eqs (6.2.18), j = 0 and Ap = 0), for which it follows from Eq.
(6.2.16) that

(6.2.24)
+ Ac s /2c s
- Ac s /2c s

Fig. 6.4 Electroosmotic
pressure.
Hydrostatic
pressure difference Ap
compensates the osmotic
pressure difference between the compartments
1 and 1' and prevents the
solvent from flowing
through the membrane 2
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From Eqs (6.1.17) and (6.2.19) we then obtain
,

_

(j+ -

T_)gM

L

It will now be demonstrated how Eqs (6.2.18) assist in the orientation in
the transport system, e.g. in the determination of the process that is suitable
for separation and accumulation of the components, etc. According to Eqs
(6.2.14) and (6.2.15) the solute flux with respect to the membrane, / s , is
given by the expression

j=

Yf'_

JD + cs/v

(6.2.26)

f w c w + vscs
As the denominator in the first term on the right-hand side is equal to 1, we
obtain with respect to Eqs (6.2.18) (A/7 = 0, A 0 = 0)
/ s = -(L jrjr i; w c w + LV7r)csAjr

(6.2.27)

By definition, Lnjt > 0. The sign of / s is determined by the sign of the cross
coefficient Lsn and its absolute value. If L VJT <0, the volume flux of the
solvent occurs in the direction from more dilute to more concentrated
solutions (i.e. in the direction of the osmotic pressure gradient). If \Lyn\ is
smaller than Ljrjrvwcw, then the solute flows in the direction of the drop of
concentration (in the opposite direction to the concentration or osmotic
pressure gradient). This case is termed congruent flux. In the opposite case
(-L v j r > Ljrjruwcw), non-congruent flux is involved. For Lvjr > 0, the solvent
flux goes in the same direction as the salt flux, i.e. in the direction of the
concentration gradient of the salt. This interesting phenomenon, termed
negative osmosis, has not yet been utilized in practice.
Electrodialysis is a process for the separation of an electrolyte from the
solvent and is used, for example, in desalination. This process occurs in a
system with at least three compartments (in practice, a large number is
often used). The terminal compartments contain the electrodes and the
middle compartment is separated from the terminal compartments by
ion-exchanger membranes, of which one membrane (1) is preferentially
permeable for the cations and the other one (2) for the anions. Such a
situation occurs when the concentration of the electrolyte in the compartments is less than the concentration of bonded ionic groups in the
membrane. During current flow in the direction from membrane 1 to
membrane 2, cations pass through membrane 1 in the same direction and
anions pass through membrane 2 in the opposite direction. In order for the
electrolyte to be accumulated in the central compartment, i.e. between
membranes 1 and 2 (it is assumed for simplicity that a uni-univalent
electrolyte is involved), the relative flux of the cations with respect to the
flux of the solvent, / D ,+, and the relative flux of the anions with respect to
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that of the solvent, /D,-> must be related by the expression
/D, + = - V - > 0

(6.2.28)

When A p = 0 (there is no pressure gradient in the system), L7lJl = 0
(diffusion of ions through the membrane can be neglected), and if the
conductivities of the two membranes are identical, then in view of the
second of Eqs (6.2.18) this condition can be expressed as
L^f+ = - L ^ _ > 0

(6.2.29)

where Ln<t>t+ and Ln^_ are the phenomenological coefficients appearing in
Eqs (6.2.18) adjusted for the fluxes of the individual ionic species.
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6.3 Ion-selective Electrodes
Ion-selective electrodes are membrane systems used as potentiometric
sensors for various ions. In contrast to ion-exchanger membranes, they
contain a compact (homogeneous or heterogeneous) membrane with either
fixed (solid or glassy) or mobile (liquid) ion-exchanger sites.
6.3.1 Liquid-membrane ion -selective electrodes
Liquid membranes in this type of ion-selective electrodes are usually
heterogeneous systems consisting of a plastic film (polyvinyl chloride, silicon
rubber, etc.), whose matrix contains an ion-exchanger solution as a
plasticizer (see Fig. 6.5).
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Fig. 6.5 Visible-light microscope photomicrograph showing pores (dark circles) in a
polyvinyl chloride matrix membrane incorporating the ion-exchanger solution.
(From G. H. Griffiths, G. J. Moody and D. R. Thomas)

In electrophysiology ion-selective microelectrodes are employed. These
electrodes, resembling micropipettes (see Fig. 3.8), consist of glass
capillaries drawn out to a point with a diameter of several micrometres,
hydrophobized and filled with an ion-exchanger solution, forming the
membrane in the ion-selective microelectrode.
The ion-selective electrode-test solution (analyte)-reference electrode
system is shown in the scheme
1
m
2
ref. el. 11 B ^ | BXAX \ BXA2 | ref. el. 2
(f>3.\)
The membrane phase m is a solution of hydrophobic anion A{~
(ion-exchanger ion) and cation B x + in an organic solvent that is immiscible
with water. Solution 1 (the test aqueous solution) contains the salt of cation
Bj+ with the hydrophilic anion A2~. The Gibbs transfer energy of anions
Ai~ and A2~ is such that transport of these anions into the second phase is
negligible. Solution 2 (the internal solution of the ion-selective electrode)
contains the salt of cation B ^ with anion A2~ (or some other similar
hydrophilic anion). The reference electrodes are identical and the liquid
junction potentials A0L(1) and A0L(2) will be neglected.
The EMF of cell (6.3.1) is given by the relationship
E = E2 + A0 L (2) + A2m4> + A0 L (m) + ^?<t> + A0 L (1) - Ex
V6.3.2)
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when the diffusion potential inside of the membrane, A0 L (m) is neglected.
With respect to Eq. (3.2.48),
E=^ln^
(6 .3.3)
F
flBl+(2)
As the concentration of the internal solution of the ion-selective electrode
is constant, this type of electrode indicates the cation activity in the same
way as a cation electrode (or as an anion electrode if the ion-exchanger ion
is a hydrophobic cation).
Consider that the test solution 1 contains an additional cation B 2 + that is
identically or less hydrophilic than cation B ^ . Then the exchange reaction
B ^ m ) + B 2 + (w)«±B 1 + (w) + B 2 + (m)

(6.3.4)

occurs. The equilibrium constant of this reaction is (cf. page 63)

(

A /^«0,O—»W

A ^«0,O—>W\

A G ^ B + - AG t r B2+ \

~^~RT

)

//: 1 c\

*

*

As the concentration of the ion-exchanger ion is constant in the membrane
phase, it holds that
cBl+(m) + cB2+(m) = cA)-(m)

(6.3.6)

For the potential difference &?</) (cf. Eqs 3.2.48 and 6.3.6) we have
ln

RT
=

T

n

ln

F

c B l +(m)y B ] +(m)

F

cB2+(m)yB2+(m)

(\ \ 4- Fv

y R . + c A .-(n----—>—

(637)

Similarly, A^0 is given as
m<t>

= — In
t

—-—

(6.3.8)

aB]+(2)

The EMF of cell (6.3.1) can be written as
E = EISB-ETef
(6.3.9)
where the 'potential of the ion-selective electrode, £I S E' is expressed by
collecting the variables related to test solution 1 in one term and the
variables related to the membrane, the internal solution of the ion-selective
electrode and the internal reference electrode in another constant term so
that in view of (6.3.2), (6.3.7) and (6.3.8)
F
yB2()
RT
= £O,,SE + -j In [«„,•(!) + A:^ 3 2 + a B 2 + (l)]

(6.3.10)

428
The quantity K^iB2+ is termed the selectivity coefficient for the determinand
B ^ with respect to the interferent B 2 + . Obviously, for a B l + (l)»
^BT+,B2+«B2+(1)5 Eq. (6.3.9) is converted to Eq. (6.3.3), often expressed by
stating that the potential of the ion-selective electrode depends on the
logarithm of the activity of the determinand ion with Nernstian slope. A
similar dependence is obtained for the ion B 2 + when a B l + (l)«
K^i,B2+0B2+(1)« Equation (6.3.10) is termed the Nikolsky equation.
Among cations, potassium, acetylcholine, some cationic surfactants
(where the ion-exchanger ion is the p-chlorotetraphenylborate or tetraphenylborate), calcium (long-chain alkyl esters of phosphoric acid as
ion-exchanger ions), among anions, nitrate, perchlorate and tetrafluoroborate (long-chain tetraalkylammonium cations in the membrane), etc., are
determined with this type of ion-selective electrodes.
Especially sensitive and selective potassium and some other ion-selective
electrodes employ special complexing agents in their membranes, termed
ionophores (discussed in detail on page 445). These substances, which often
have cyclic structures, bind alkali metal ions and some other cations in
complexes with widely varying stability constants. The membrane of an
ion-selective electrode contains the salt of the determined cation with a
hydrophobic anion (usually tetraphenylborate) and excess ionophore, so
that the cation is mostly bound in the complex in the membrane. It can
readily be demonstrated that the membrane potential obeys Eq. (6.3.3). In
the presence of interferents, the selectivity coefficient is given approximately
by the ratio of the stability constants of the complexes of the two ions with
the ionophore. For the determination of potassium ions in the presence of
interfering sodium ions, where the ionophore is the cyclic depsipeptide,
valinomycin, the selectivity coefficient is A^°+?Na+ ~ 10~4, so that this
electrode can be used to determine potassium ions in the presence of a
104-fold excess of sodium ions.
6.3.2 Ion -selective electrodes with fixed ion -exchanger sites
This type of membrane consists of a water-insoluble solid or glassy
electrolyte. One ionic sort in this electrolyte is bound in the membrane
structure, while the other, usually but not always the determinand ion, is
mobile in the membrane (see Section 2.6). The theory of these ion-selective
electrodes will be explained using the glass electrode as an example; this is
the oldest and best known sensor in the whole field of ion-selective
electrodes.
The membrane of the glass electrode is blown on the end of a glass tube.
This tube is filled with a solution with a constant pH (acetate buffer,
hydrochloric acid) and a reference electrode is placed in this solution (silver
chloride or calomel electrodes). During the measurement, this whole system
is immersed with another reference electrode into the test solution. The
membrane potential of the glass electrode, when the internal and analysed
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solutions are not too alkaline, is given by the equation

The theory of the function of the glass electrode is based on the concept
of exchange reactions at the surface of the glass. The glass consists of a solid
silicate matrix in which the alkali metal cations are quite mobile. The glass
membrane is hydrated to a depth of about 100 nm at the surface of contact
with the solution and the alkali metal cations can be exchanged for other
cations in the solution, especially hydrogen ions. For example, the following
reaction occurs at the surface of sodium glass:
Na+(glass) + H+(solution) +± H+(glass) + Na+(solution)

(6.3.12)

characterized by an ion-exchange equilibrium constant (cf. Eq. (6.3.5)).
These concepts were developed kinetically by M. Dole and thermodynamically by B. P. Nikolsky. The last-named author deduced a relationship that is analogous to Eq. (6.3.10). It is approximated by Eq. (6.3.11) for
pH 1-10 and corresponds well to deviations from this equation in the
alkaline region. The potentials measured in the alkaline region are, of
course, lower than those corresponding to Eq. (6.3.11). The difference
between the measured potential and that calculated from Eq. (6.3.11) is
termed the alkaline or 'sodium' error of the glass electrode, and depends on
the type of glass and the cation in solution (see Fig. 6.6). This dependence is
understandable on the basis of the concepts given above. The cation of the
glass can be replaced by hydrogen or by some other cation that is of the
same size or smaller than the original cation. The smaller the cation in the
glass, the fewer the ionic sorts other than hydrogen ion that can replace it
and the greater the concentration of these ions must be in solution for them
to enter the surface to a significant degree. The smallest alkaline error is
thus exhibited by lithium glass electrodes. For a given type of glass, the
error is greatest in LiOH solutions, smaller in NaOH solutions, etc.
Glass for glass electrodes must have rather low resistance, small alkaline
error (so that the electrodes can be used in as wide a pH range as possible)
and low solubility (so that the pH in the solution layer around the electrode
is not different from that of the analyte). These requirements are contradictory to a certain degree. For example, lithium glasses have a small alkaline
error but are rather soluble. Examples of glasses suitable for glass
electrodes are, for example, Corning 015 with a composition of 72% SiO2,
6% CaO and 22% Na2O, and lithium glass with 72% SiO2, 6% CaO and
22% Li2O.
Glasses containing aluminium oxide or oxides of other trivalent metals
exhibit high selectivity for the alkali metal ions, often well into the acid pH
region. A glass electrode with a glass composition of llmol.% Na2O,
18 mol.% A12O3 and 71 mol.% SiO2, which is sensitive for sodium ions and

v5
-0.4-

pH

Fig. 6.6 pH-dependence of the potential of the Beckman general, purpose glass electrode (Li2O, BaO, SiO2).
(According to R. G. Bates)
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poorly sensitive for both hydrogen and potassium ions, has found a wide
application. At pH 11 its selectivity constant for potassium ions with respect
to sodium ions is K^+^K+ = 3.6 x 10~3.
The membranes of the other ion-selective electrodes can be either
homogeneous (a single crystal, a pressed polycrystalline pellet) or heterogeneous, where the crystalline substance is incorporated in the matrix of a
suitable polymer (e.g. silicon rubber or Teflon). The equation controlling
the potential is analogous to Eq. (6.3.9).
Silver halide electrodes (with properties similar to electrodes of the
second kind) are made of AgCl, AgBr and Agl. These electrodes,
containing also Ag2S, are used for the determination of Cl~, Br~, I~ and
CN~ ions in various inorganic and biological materials.
The lanthanum fluoride electrode (discussed in Section 2.6) is used to
determine F~ ions in neutral and acid media. After the pH-glass electrode,
this is the most important of this group of electrodes.
The silver sulphide electrode is the most reliable electrode of this kind
and is used to determine S2~, Ag+ and Hg2+ ions.
Electrodes containing a mixture of divalent metal sulphides and Ag2S are
used to determine Pb 2+ , Cu2+ and Cd2+.
6.3.3 Calibration of ion -selective electrodes
It has been emphasized repeatedly that the individual activity coefficients
cannot be measured experimentally. However, these values are required for
a number of purposes, e.g. for calibration of ion-selective electrodes. Thus,
a conventional scale of ionic activities must be defined on the basis of
suitably selected standards. In addition, this definition must be consistent
with the definition of the conventional activity scale for the oxonium ion,
i.e. the definition of the practical pH scale. Similarly, the individual scales
for the various ions must be mutually consistent, i.e. they must satisfy the
relationship between the experimentally measurable mean activity of the
electrolyte and the defined activities of the cation and anion in view of Eq.
(1.1.11). Thus, by using galvanic cells without transport, e.g. a sodium-ionselective glass electrode and a Cl~-selective electrode in a NaCl solution, a
series of a±(NaCl) is obtained from which the individual ion activity aNa+
is determined on the basis of the Bates-Guggenheim convention for a cl
(page 37). Table 6.1 lists three such standard solutions, where pNa =
-loga Na +, etc.
6.3.4 Biosensors and other composite systems
Devices based on the glass electrode can be used to determine certain
gases present in gaseous or liquid phase. Such a gas probe consists of a glass
electrode covered by a thin film of a plastic material with very small pores,
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Table 6.1 Conventional standards of ion ;activities. (According to R.
G. Bates and M. Alfenaar)
Electrolyte
NaCl

Molality
(mol • kg"1)
0.001
0.01
0.1
1.0

NaF

0.001
0.01
0.1

CaCl2

pNa

pCa

3.015
2.044
1.108
0.160
3.015
2.044
1.108

0.000 333
0.003 33
0.033 3
0.333

pCl

pF

3.015
2.044
1.110
0.204
3.105
2.048
1.124
3.530
2.653
1.883
1.105

3.191
2.220
1.286
0.381

which are hydrophobic, so that the solution cannot penetrate the pores. A
thin layer of an indifferent electrolyte is present between the surface of the
film and the glass electrode and is in contact with a reference electrode. The
gas (ammonia, carbon dioxide etc.) permeates through the pores of the film,
dissolves in the solution at the surface of the glass electrode and induces a
change of pH. For the determination of the concentration of the gas a
calibration plot is used.
The Clark oxygen sensor is based on a similar principle. It contains an
amperometric Pt electrode indicating the concentration of oxygen permeating through the pores of the membrane. In enzyme electrodes a hydrophilic
polymer layer contains an enzyme which transforms the determinand into a
substance that is sensed by a suitable electrode. There are potentiometric
enzyme electrodes based mainly on glass electrodes as, for example, the urea
electrode, but the most important is the amperometric glucose sensor. It
contains /3-glucose oxidase immobilized in a polyacrylamide gel and the
Clark oxygen sensor. The enzyme reaction is
glucose

glucose + O2 + H2O

> H2O2 + gluconic acid
oxidase

°

The decrease of oxygen reduction current measured with the Clark oxygen
sensor indicates the concentration of glucose.
Enzyme electrodes belong to the family of biosensors. These also include
systems with tissue sections or immobilized microorganism suspensions
playing an analogous role as immobilized enzyme layers in enzyme electrodes. While the stability of enzyme electrode systems is the most difficult
problem connected with their practical application, this is still more true
with the bacteria and tissue electrodes.
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6.4

Biological Membranes

All living organisms consist of cells, and the higher organisms have a
multicellular structure. In addition, the individual cells contain specialized
formations called organelles like the nucleus, the mitochondria, the
endoplasmatic reticulum, etc. (see Fig. 6.7). A great many life functions
occur at the surfaces of cells and organelles, such as conversion of energy,
the perception of external stimuli and the transfer of information, the basic
elements of locomotion and metabolism. The large internal' surface of the
organism at which these processes occur leads to their immense variety. The
surfaces of cells and cellular organelles consist of biological membranes. In
contrast to those discussed in the previous text these membranes are
incomparably thinner. Electron microscope studies show them to consist of
three layers with a thickness of 7-15 nm (see Fig. 6.8). In 1925, E. Gorter
and F. Grendel isolated phospholipids from red blood cells and spread them
out as a monolayer on a water-air interface. The overall surface of this
monolayer was approximately twice as large as the surface of the red blood
cells. The authors concluded that the erythrocyte membrane consists of a
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mitochondrionT^Z

cytoplasmatic
membrane

lysosome
approx.
Fig. 6.7 A scheme of an animal cell

bimolecular layer (bilayer) of phospholipids, with their long alkyl chains
oriented inwards (Fig. 6.9). Electron microscope studies have revealed that
the central layer corresponds to this largely hydrocarbon region. In fact,
biological membranes are still more complex as will be discussed in Section
6.4.2.

6.4.1 Composition of biological membranes
Biological membranes consist of lipids, proteins and also sugars, sometimes mutually bonded in the form of lipoproteins, glycolipids and glycoproteins. They are highly hydrated—water forms up to 25 per cent of the
dry weight of the membrane. The content of the various protein and lipid
components varies with the type of biological membrane. Thus, in
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Fig. 6.8 Electron photomicrograph of mouse kidney mitochondria. The structure
of both the cytoplasmatic membrane (centre) and the mitochondrial membranes is
visible on the ultrathin section. Magnification 70,000x. (By courtesy of J. Ludvik)
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Fig. 6.9 Characteristic structures of biological membranes.
(A) The fluid mosaic model (S. J. Singer and G. L.
Nicholson) where the phospholipid component is predominant. (B) The mitochondrial membrane where the
proteins prevail over the phospholipids

myelin cell membranes (myelin forms the sheath of nerve fibres) the ratio
protein: lipid is 1:4 while in the inner membrane of a mitochondrion (cf.
page 464) 10:3.
The lipid component consists primarily of phospholipids and cholesterol.
The most important group of phospholipids are phosphoglycerides, based
on phosphatidic acid (where X = H), with the formula
O
O

H2C—O—C—R

R—C—O—CH

where R and R' are alkyl or alkenyl groups with long chains. Thus, glycerol
is esterified at two sites by higher fatty acids such as palmitic, stearic, oleic,
linolic, etc., acids and phosphoric acid is bound to the remaining alcohol
group. In phospholipids, the phosphoric acid is usually bound to nitrogen-
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substituted ethanolamines. For example, the phospholipid lecithin is formed
by combination with choline (X = —CH2CH2N+(CH3)3). Other molecules
can also be bound, such as serin, inositol or glycerol. Some phospholipids
contain ceramide in place of glycerol:
CH(OH)CH=CH(CH2)12CH3
CHNHCOR
CH2OH
where R is a long-chain alkyl group. The ester of ceramide with phosphoric
acid bound to choline is sphingomyelin. When the ceramide is bound to a
sugar (such as glucose or galactose) through a /3-glycosidic bond, cerebrosides are formed. The representation of various lipidic species strongly
varies among biological membranes. Thus, the predominant component of
the cytoplasmatic membrane of bacterium Bacillus subtilis is phosphatidyl
glycerol (78 wt.%) while the main components of the inner membrane from
rat liver mitochondrion are phosphatidylcholine = lecithin (40 wt.%) and
phophatidylethanolamine = cephalin (35 wt.%).
Cholesterol contributes to greater ordering of the lipids and thus
decreases the fluidity of the membrane.
Proteins either strengthen the membrane structure (building proteins) or
fulfil various transport or catalytic functions (functional proteins). They are
often only electrostatically bound to the membrane surface (extrinsic
proteins) or are covalently bound to the lipoprotein complexes (intrinsic or
integral proteins). They are usually present in the form of an or-helix or
random coil. Some integral proteins penetrate through the membrane (see
Section 6.4.2).
Saccharides constitute 1-8 per cent of the dry membrane weight in
mammals, for example, while this content increases to up to 25 per cent in
amoebae. They are arranged in heteropolysaccharide (glycoprotein or
glycolipid) chains and are covalently bound to the proteins or lipids. The
main sugar components are L-fucose, galactose, manose and sometimes
glucose, N-acetylgalactosamine and N-acetylglucosamine. Sialic acid is an
important membrane component:
CH2OH
CHOH
CHOH

OH
This substance often constitutes the terminal unit in heteropolysaccharide
chains, and contributes greatly to the surface charge of the membrane.
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6.4.2

The structure of biological membranes

Following the original simple concepts of Gorter and Grendel, a large
number of membrane models have been developed over the subsequent half
a century; the two most contrasting are shown in Fig. 6.9.
The basic characteristic of the membrane structure is its asymmetry,
reflected not only in variously arranged proteins, but also in the fact that,
for example, the outside of cytoplasmatic (cellular) membranes contains
uncharged lecithin-type phospholipids, while the polar heads of strongly
charged phospholipids are directed into the inside of the cell (into the
cytosol).
Phospholipids, which are one of the main structural components of the
membrane, are present primarily as bilayers, as shown by molecular
spectroscopy, electron microscopy and membrane transport studies (see
Section 6.4.4). Phospholipid mobility in the membrane is limited. Rotational and vibrational motion is very rapid (the amplitude of the vibration of
the alkyl chains increases with increasing distance from the polar head).
Lateral diffusion is also fast (in the direction parallel to the membrane
surface). In contrast, transport of the phospholipid from one side of the
membrane to the other (flip-flop) is very slow. These properties are typical
for the liquid-crystal type of membranes, characterized chiefly by ordering
along a single coordinate. When decreasing the temperature (passing the
transition or Kraft point, characteristic for various phospholipids), the
liquid-crystalline bilayer is converted into the crystalline (gel) structure,
where movement in the plane is impossible.
The cells of the higher plants, algae, fungi and higher bacteria have a cell
wall in addition to the cell membrane, protecting them from mechanical
damage (e.g. membrane rupture if the cell is in a hypotonic solution). The
cell wall of green plants is built from polysaccharides, such as cellulose
or hemicelluloses (water-insoluble polysaccharides usually with branched
structure), and occasionally from a small amount of glycoprotein
(sugar-protein complex). Because of acid groups often present in the pores
of the cell wall it can behave as an ion-exchanger membrane (Section 6.2).
Gram-positive bacteria (which stain blue in the procedure suggested by
H. Ch. J. Gram in 1884) have their cell walls built of cross-linked polymers
of amino acids and sugars (peptidoglycans). The actual surface of the
bacterium is formed by teichoic acid (a polymer consisting of a glycerolphosphate backbone with linked glucose molecules) which makes it
hydrophilic and negatively charged. In this case the cell wall is a sort of
giant macromolecule—a bag enclosing the whole cell.
The surface structure of gram-negative bacteria (these are not stained by
Gram's method and must be stained red with carbol fuchsin) is more
diversified. It consists of an outer membrane whose main building unit is a
lipopolysaccharide together with phospholipids and proteins. The actual cell
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wall is made of a peptidoglycan. A loosely bounded polysaccharide layer
termed a glycocalyx is formed on the surface of some animal cells.
6.4.3 Experimental models of biological membranes
Phospholipids are amphiphilic substances; i.e. their molecules contain
both hydrophilic and hydrophobic groups. Above a certain concentration
level, amphiphilic substances with one ionized or polar and one strongly
hydrophobic group (e.g. the dodecylsulphate or cetyltrimethylammonium
ions) form micelles in solution; these are, as a rule, spherical structures with
hydrophilic groups on the surface and the inside filled with the hydrophobic
parts of the molecules (usually long alkyl chains directed radially into the
centre of the sphere). Amphiphilic substances with two hydrophobic groups
have a tendency to form bilayer films under suitable conditions, with
hydrophobic chains facing one another. Various methods of preparation of
these bilayer lipid membranes (BLMs) are demonstrated in Fig. 6.10.
If a dilute electrolyte solution is divided by a Teflon foil with a small
window to which a drop of a solution of a lipid in a suitable solvent (e.g.
octane) is applied, the following phenomenon is observed (Fig. 6.10A). The
layer of lipid solution gradually becomes thinner, interference rainbow
bands appear on it, followed by black spots and finally the whole layer
becomes black. This process involves conversion of the lipid layer from a
multimolecular thickness to form a bilayer lipid membrane. Similar effects
were observed on soap bubbles by R. Hooke in 1672 and I. Newton in 1702.
Membrane thinning is a result of capillary forces and dissolving of
components of the membrane in the aqueous solution with which it is in
contact. The thick layer at the edge of the membrane is termed the
Plateau-Gibbs boundary. Membrane blackening is a result of interference
between incident and reflected light. If the membrane thickness is much less
than one quarter of the wavelength of the incident light, then the waves of
the incident and reflected light interfere and the membrane appears black
against a dark background. The membrane thickness can be found from the
reflectance of light with a low angle of incidence, from measurements of the
membrane capacity and from electron micrographs (application of a metal
coating to the membrane can, however, lead to artefact formation). The
thickness of a BLM prepared from different materials lies in the range
between 4 and 13 nm.
A BLM can even be prepared from phospholipid monolayers at the
water-air interface (Fig. 6.10B) and often does not then contain unfavourable organic solvent impurities. An asymmetric BLM can even be
prepared containing different phospholipids on the two sides of the
membrane. A method used for preparation of tiny segments of biological
membranes (patch-clamp) is also applied to BLM preparation (Fig. 6.IOC).
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Teflon septum

drop ol lipid
hexane solution

Plateau—Gibbs boundary

Fig. 6.10 Methods of preparation of bilayer
lipid membranes. (A) A Teflon septum with a
window of approximately 1 mm2 area divides
the solution into two compartments (a). A drop
of a lipid-hexane solution is placed on the
window (b). By capillary forces the lipid layer is
thinned and a bilayer (black in appearance) is
formed (c) (P. Mueller, D. O. Rudin, H. Ti
Tien and W. D. Wescot). (B) The septum with
a window is being immersed into the solution
with a lipid monolayer on its surface (a). After
immersion of the whole window a bilayer lipid
membrane is formed (b) (M. Montal and P.
Mueller). (C) A drop of lipid-hexane solution is
placed at the orifice of a glass capillary (a). By
slight sucking a bubble-formed BLM is shaped
(b) (U. Wilmsen, C. Methfessel, W. Hanke and
G. Boheim)

The conductivity of membranes that do not contain dissolved ionophores
or lipophilic ions is often affected by cracking and impurities. The value for
a completely compact membrane under reproducible conditions excluding
these effects varies from 10~8 to 10~10 Q" 1 • cm"2. The conductivity of these
simple 'unmodified' membranes is probably statistical in nature (as a result
of thermal motion), due to stochastically formed pores filled with water for
an instant and thus accessible for the electrolytes in the solution with which
the membrane is in contact. Various active (natural or synthetic) substances
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(cont'd)

are often introduced into a BLM that preferably consists of synthetic
phospholipids to limit irreproducible effects resulting from the use of natural
materials. Sometimes definite segments of biological membranes (e.g.
photosynthetic centres of thylakoids) are imbedded in a BLM. The
described type of planar BLM can be used for electrochemical measurements (of the membrane potential or current-potential dependence) and
radiometric measurements of the permeation of labelled molecules.
The second model of a biological membrane is the liposome (lipid
vesicle), formed by dispersing a lipid in an aqueous solution by sonication.
In this way, small liposomes with a single BLM are formed (Fig. 6.11), with
a diameter of about 50 nm. Electrochemical measurements cannot be
carried out directly on liposomes because of their small dimensions. After
addition of a lipid-soluble ion (such as the tetraphenylphosphonium ion) to
the bathing solution, however, its distribution between this solution and the
liposome is measured, yielding the membrane potential according to Eq.
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Fig. 6.11 Liposome
(6.1.3). A planar BLM cannot be investigated by means of the molecular
spectroscopical methods because of the small amount of substance in an
individual BLM. This disadvantage is removed for liposomes as they can
form quite concentrated suspensions. For example, in the application of
electron spin resonance (ESR) a 'spin-labelled' phospholipid is incorporated
into the liposome membrane; this substance can be a phospholipid with, for
example, a 2,2,6,6-tetramethylpiperidyl-Af-oxide (TEMPO) group:

containing an unpaired electron. The properties of the ESR signal of this
substance yield information on its motion and location in the membrane.
Liposomes also have a number of practical applications and can be used,
for example, to introduce various Pharmaceuticals into the organism and
even for the transfer of plasmids from one cell to another.
6.4.4 Membrane transport
Passive transport. Similar to the lipid model, the non-polar interior of a
biological membrane represents a barrier to the transport of hydrophilic
substances; this is a very important function in preventing unwelcome
substances from entering the cell and essential substances from leaving the
cell. This property is demonstrated on a BLM which is almost impermeable
for hydrophilic substances. Polar non-electrolytes that are hydrated in the
aqueous solution can pass through the membrane, with a high activation
energy for this process, 60-80 kJ • mol"1. This activation is primarily a result
of the large value of the Gibbs energy of transfer, i.e. the difference in
solvation energy for the substance during transfer from the aqueous phase
into the non-polar interior of the membrane.
In contrast, hydrophobic molecules and ions pass quite readily through
the cell or model membrane. This phenomenon is typical for hydrophobic
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ions such as tetraphenylborate, dipicrylaminate, triiodide and tetraalkylammonium ions with long alkyl chains, etc. The transfer of hydrophobic ions
through a BLM with applied external voltage consists of three steps:
(a) Adsorption of the ion on the BLM
(b) Transfer across the energy barrier within the BLM
(c) Desorption from the other side of the BLM
As the membrane has a surface charge leading to formation of a diffuse
electrical layer, the adsorption of ions on the BLM is affected by the
potential difference in the diffuse layer on both outer sides of the membrane
02 (the term surface potential is often used for this value in biophysics).
Figure 6.12 depicts the distribution of the electric potential in the membrane
and its vicinity. It will be assumed that the concentration c of the transferred
univalent cation is identical on both sides of the membrane and that
adsorption obeys a linear isotherm. Its velocity on the p side of the
membrane (see scheme 6.1.1) is then

^ ^

£r( P ) + £r(q)

(6.4.1)

where F(p) and F(q) are the surface concentrations of the adsorbed ion on
the membrane surfaces, /ca and kd are the rates of adsorption and
desorption, respectively, cs is the volume concentration of the ion at the
surface of the membrane given by Eq. (4.3.5) and k and k are the rate
constants for ion transfer. This process can be described by using the
relationship of electrochemical kinetics (5.2.24) for a = \\

(6.4.2)

Fig. 6.12 Electrical potential distribution in
the BLM and in its surroundings
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where A0 is the applied potential difference. At steady state (dr(p)/df
= dT(q)/df = 0),
T(P) =

kd(kd + k + k)
kacs(kd

r ( q )

=

-t d ^ d -ri.Ti,;

The conductivity of the membrane at the equilibrium potential (A0 = O),
equal to the reciprocal of the polarization resistance value (Eq. 5.2.31),
follows from Eqs (6.4.2), (6.4.3) and (4.3.5):

Ffc\
RT

r

\ RTl

where ft = kjkd is the adsorption coefficient and c the bulk concentration of
the ion.
Equation (6.4.4) is valid when the coverage of the electrolyte-membrane
interface is small. At higher concentrations of transferred ion, the ion
transfer is retarded by adsorption on the opposite interface, so that the
dependence of Go on c is characterized by a curve with a maximum, as has
been demonstrated experimentally.
Under certain conditions, the transfer of various molecules across the
membrane is relatively easy. The membrane must contain a suitable
'transport mediator', and the process is then termed 'facilitated membrane
transport'. Transport mediators permit the transported hydrophilic substance to overcome the hydrophobic regions in the membrane. For
example, the transport of glucose into the red blood cells has an activation
energy of only 16 kJ • mol"1—close to simple diffusion.
Either the transport mediators bind the transported substances into their
interior in a manner preventing them from contact with the hydrophobic
interior of the membrane or they modify the interior of the membrane so
that it becomes accessible for the hydrophilic particles.
A number of transport mediators are transport proteins; in the absence of
an external energy supply, thermal motion leads to their conformational
change or rotation so that the transported substance, bound at one side of
the membrane, is transferred to the other side of the membrane. This type
of mediator has a limited number of sites for binding the transported
substance, so that an increase in the concentration of the latter leads to
saturation. Here, the transport process is characterized by specificity for a
given substance and inhibition by other transportable substances competing
for binding sites and also by various inhibitors. When the concentrations of
the transported substance are identical on both sides of the membrane,

445

exchange transport occurs (analogous to the exchange current—see Section
5.2.2). When, for example, an additional substance B is added to solution 1
under these conditions, it is also transported and competes with substance A
for binding sites on the mediator; i.e. substance A is transported from
solution 2 into solution 1 in the absence of any differences in its
concentration.
A further type of mediator includes substances with a relatively low
molecular weight that characteristically facilitate the transport of ions across
biological membranes and their models. These transport mechanisms can be
divided into four groups:
(a) Transport of a stable compound of the ion carrier (ionophore) with the
transported substance.
(b) Carrier relay. The bond between the transported particle and the
ionophore is weak so that it jumps from one associate with the
ionophore to another during transport across the membrane.
(c) An ion-selective channel. The mediator is incorporated in a transversal
position across the membrane and permits ion transport. Examples are
substances with helical molecular structure, where the ion passes
through the helix. The selectivity is connected with the ratio of the helix
radius to that of the ion.
(d) A membrane pore that permits hydrodynamic flux through the membrane. No selectivity is involved here.
A number of substances have been discovered in the last thirty years with
a macrocyclic structure (i.e. with ten or more ring members), polar ring
interior and non-polar exterior. These substances form complexes with
univalent (sometimes divalent) cations, especially with alkali metal ions,
with a stability that is very dependent on the individual ionic sort. They
mediate transport of ions through the lipid membranes of cells and cell
organelles, whence the origin of the term ion-carrier (ionophore). They
ion-specifically uncouple oxidative phosphorylation in mitochondria, which
led to their discovery in the 1950s. This property is also connected with their
antibiotic action. Furthermore, they produce a membrane potential on both
thin lipid and thick membranes.
These substances include primarily depsipeptides (compounds whose
structural units consist of alternating amino acid and ar-hydroxy acid units).
Their best-known representative is the cyclic antibiotic, valinomycin, with a
36-membered ring [L-Lac-L-Val-D-Hy-i-Valac-D-Val]3, which was isolated
from a culture of the microorganism, Streptomyces fulvissimus. Figure 6.13
depicts the structure of free valinomycin and its complex with a potassium
ion, the most important of the coordination compounds of valinomycin.
Complex formation between a metal ion and a macrocyclic ligand
involves interaction between the ion, freed of its solvation shell, and dipoles
inside the ligand cavity. The standard Gibbs energy for the formation of the
complex, AG?v, is given by the difference between the standard Gibbs
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Fig. 6.13 Valinomycin structure in
(A) a non-polar solvent (the 'bracelet' structure) and (B) its potassium
complex. O = O, o = C, # = N (According to Yu. A. Ovchinnikov, V. I.
Ivanov and M. M. Shkrob)
energy for ion transfer from the vapour phase into the interior of the ligand
in solution, AG?_^V> and the standard Gibbs energy of ion solvation, AG° j :
AGJV = AGj_*v ~~ AGs,j

(6.4.5)

As the quantities on the right-hand side are different functions of the ion
radius, the Gibbs energy of complex formation also depends on this quantity,
but not monotonously. The dependence of the Gibbs energy of solvation, e.g.
for the alkali metal ions, is an increasing function of the ion radius, i.e. ions
with a larger radius are more weakly solvated. In contrast, the interactions
of the desolvated ions with the ligand cavity are approximately identical if
the radius of the ion is less than that of the cavity. If, however, the ion
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radius is comparable to or even larger than the energetically most
favourable cavity radius, then the ligand structure is strained or conformational changes must occur. Thus, the dependence of the stability constant of
the complex (and also the rate constant for complex formation) is usually a
curve with a maximum.
The following conditions must be fulfilled in the ion transport through an
ion-selective transmembrane channel:
(a) The exterior of the channel in contact with the membrane must be
lipophilic.
(b) The structure must have a low conformational energy so that conformational changes connected with the presence of the ion occur readily.
(c) The channel must be sufficiently long to connect both sides of the
hydrophobic region of the membrane.
(d) The ion binding must be weaker than for ionophores so that the ion can
rapidly change its coordination structure and pass readily through the
channel.
The polarity of the interior of the channel, usually lower than in the case of
ionophores, often prevents complete ion dehydration which results in a
decrease in the ion selectivity of the channel and also in a more difficult
permeation of strongly hydrated ions as a result of their large radii (for
example Li + ).
The conditions a-d are fulfilled, for example, by the pentadecapeptide,
valingramicidine A (Fig. 6.14):
HC=O
I
L-Val-Gly-L-Ala-D-Leu-L-Ala-D-Val-L-Val-D-Val
NH-L-Try-D-Leu-L-Try-D-Leu-L-Try-D-Leu-L-Try
(CH2)2
OH
whose two helices joined tail-to-tail form an ion-selective channel. The
selectivity of this channel for various ions is given by the series
H + > NH 4 + S Cs+ > Rb + > K+ > Na+ > Li+
If a substance that can form a transmembrane channel exists in several
conformations with different dipole moments, and only one of these forms
is permeable for ions, then this form can be 'favoured' by applying an
electric potential difference across the membrane. The conductivity of the
membrane then suddenly increases. Such a dependence of the conductivity
of the membrane on the membrane potential is characteristic for the
membranes of excitable cells.
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Fig. 6.14 A gramicidin
channel consisting of two
helical molecules in the
head-to-head
position.
(According to V. I.
Ivanov)

If a small amount of gramicidin A is dissolved in a BLM (this substance is
completely insoluble in water) and the conductivity of the membrane is
measured by a sensitive, fast instrument, the dependence depicted in Fig.
6.15 is obtained. The conductivity exhibits step-like fluctuations, with a
roughly identical height of individual steps. Each step apparently corresponds to one channel in the BLM, open for only a short time interval
(the opening and closing mechanism is not known) and permits transport of
many ions across the membrane under the influence of the electric field; in
the case of the experiment shown in Fig. 6.15 it is about 107 Na+ per second
at 0.1 V imposed on the BLM. Analysis of the power spectrum of these

Fig. 6.15 Fluctuation of the conductivity of BLM in the
presence of gramicidin A. (According to D. A. Haydon and B.
S. Hladky)
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stochastic events (cf. page 373) has shown that the rate-detemining reaction
of channel formation is the bimolecular reaction of two gramicidin molecules.
A similar effect has been observed for alamethicin I and II, hemocyanin,
antiamoebin I and other substances. Great interest in the behaviour of these
substances was aroused by the fact that they represent simple models for ion
channels in nerve cells.
Some substances form pores in the membrane that do not exhibit ion
selectivity and permit flow of the solution through the membrane. These
include the polyene antibiotics amphotericin B,
OH O

OH OH

OH OH O

HOOC

HO

y

"OH

NH2
nystatin and mycoheptin, forming pores in the membrane with a diameter of
0.7-1.1 nm. Proteins also form pores, e.g. the protein from the sea
anemone Stoichactis helianthus or colicin El.
In all these systems, the energy source is an electrochemical potential
gradient and transport occurs in the direction — grad /i, (i.e. in the direction
of decreasing electrochemical potential). It is often stated in the literature
that this spontaneous type of transport occurs in the direction of the
electrochemical potential gradient; this is an imprecise formulation.
Transport occurring in the absence of another source of transport energy
is termed passive transport.
Active transport. The definition of active transport has been a subject of
discussion for a number of years. Here, active transport is defined as a
membrane transport process with a source of energy other than the
electrochemical potential gradient of the transported substance. This source
of energy can be either a metabolic reaction (primary active transport) or an
electrochemical potential gradient of a substance different from that which
is actively transported (secondary active transport).
A classical example of active transport is the transport of sodium ions in
frog skin from the epithelium to the corium, i.e. into the body. The
principal ionic component in the organism of a frog, sodium ions, is not
washed out of its body during its life in water. That this phenomenon is a
result of the active transport of sodium ions is demonstrated by an
experiment in which the skin of the common green frog is fixed as a
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membrane between two separate compartments containing a single electrolyte solution (usually Ringer's solution, 0.115 MNaCl, 0.002 M K C I and
0.0018 MCaCl2). In the absence of an electric current a potential difference
is formed between the electrolyte at the outside and at the inside of the
skin, equal to about —100 mV, even though the compositions of the two
solutions are identical. This potential difference decreases to zero when
electrodes on both sides of the membrane are short-circuited and a current
flows between them. If the compartment on the outer side of the skin
contains radioactively labelled 22Na, then sodium ions are shown to be
transported from the outer side to the inner side of the skin. Sodium ion
transport in this direction occurs even when the electrolyte in contact with
the inside of the skin contains a higher concentration of sodium ions than
that at the outside.
When the temperature of the solution is increased, then the current as
well as the sodium transport rate increase far more than would correspond
to simple diffusion or migration. When substances inhibiting metabolic
processes are added to the solution, e.g. cyanide or the glycoside, ouabain,
OH
CH3

the current decreases. For example, in the presence of 10" 4 M ouabain, it
decreases to 5 per cent of its original value.
The rate of the active transport of sodium ion across frog skin depends
both on the electrochemical potential difference between the two sides of
this complex membrane (or, more exactly, membrane system) and also on
the affinity of the chemical reaction occurring in the membrane. This
combination of material flux, a vector, and 'chemical flux' (see Eq. 2.3.26),
which is scalar in nature, is possible according to the Curie principle only
when the medium in which the chemical reaction occurs is not homogeneous
but anisotropic (i.e. has an oriented structure in the direction perpendicular
to the surface of the membrane or, as is sometimes stated, has a vectorial
character).
It is assumed that the chloride ion is transported passively across the
membrane. Using an approach similar to the formulation of Eqs (2.1.2),
(2.3.26) and (2.5.23), relationships can be written for the material fluxes of
sodium and chloride ions, 7Na+ and Jcr (the driving force is considered to be
the electrochemical potential difference), and for the flux of the chemical
reaction, / ch :
Jcr =
/ ch = LrlAjUNa+

L22AfiCr

(6.4.6)
+ LrrA
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where A/2Na+ and A/2 cr designate the electrochemical potential difference
between the inner and outer sides of the skin and A is the affinity of the
chemical reaction. As the material flux in the direction from inside to
outside is considered as positive, then the coefficients Lu and L22 will also
be positive. On the other hand, the coefficients LXr and LrX will be negative.
When the electrolyte concentration is identical on both sides of the
membrane and A0 M = 0, then AjUNa+ = AJUC, = 0 and Eqs (6.4.6) yield the
equation for the current density,
7 = F / N a + = ^ / c h = L1H4

(6.4.7)

L,rr

The resulting current is thus positive and proportional to the rate of the
metabolic reaction.
Several types of active transport (also called a pump) can be distinguished. Uniport is a type of transport in which only one substance is
transported across the membrane. An example is the transport of protons
across the purple membrane of the halophilic bacterium Halobacterium
halobium, where the energy for transport is provided by light activating the
transport protein bacteriorhodopsin. The calcium pump in the membrane of
the rod-shaped cells of the retina is also light-activated; the active substance
is the related rhodopsin. On radiation, its prosthetic group, retinal, is
transformed from the cis form to the trans form and the protein component
is protonated by protons from the cytoplasm. After several milliseconds,
retinal is converted back to the cis form and the protons are released into
the surrounding medium. Another example of uniport is the functioning of
H+-ATPase, described in detail in Section 6.5.2.
Symport is the interrelated transport of two substances in the same
direction, with opposite electrochemical potential gradients. Here the
energy of the electrochemical potential gradient of one substance is used for
active transport of the other substance. An example is the combined
transport of sodium ions (in the direction of decreasing electrochemical
potential) and glucose or amino acid (along its concentration gradient)
across the membranes of the cell of the intestinal epithelium. In this
process, the organism transfers the products of digestion from the intestine
into the bloodstream.
Antiport is the coupling of two opposite transport processes. Na + ,K + ATPase activated by magnesium ions is a typical transport protein, enabling
transport of sodium and potassium ions against their electrochemical
potential gradients. This process employs the energy gained from the
rupture of the 'macroergic' polyphosphate bond of adenosinetriphosphate
(ATP) during its conversion to adenosinediphosphate (ADP) which is
catalysed by the enzyme, ATPase. In the actual process, the asparagine unit
of the enzyme is first phosphorylated with simultaneous conformational
changes, connected with the transfer of sodium ions from the cell into the
intercellular fluid. The second step involves dephosphorylation of the
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Fig. 6.16 The model of Na+,K+-ATPase from sheep kidney according to E. Amler, A. Abbott and W. J. Ball. The shading indicates
various functional areas of the dimeric enzyme:
|:::1 top of yet unknown function
binding site of the nucleotide (ATP or ADP)
phosphorylation site
ion transporting part (with the channel)
ouabain binding site

protein with transfer of a potassium ion from the intercellular fluid into the
cell. The overall process corresponds to the scheme
Nao+
ATP + ATPase
O
NH
\
II
CH—CH.C—O

* ATPase 4- ADP
NH
\

O
II
H—CH2—C-

O

OH

(where the subscripts designate: i, intracellular and o, extracellular).
The active form of the enzyme is, in fact, a dimer situated in the
phospholipid region of the cytoplasmic membrane (Fig. 6.16) and the ATP
molecule is bound between both the macromolecules.
This important enzyme is responsible, for example, for the active
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transport of sodium ions in frog skin (see page 450), maintains a concentration of sodium ions inside most cells lower than in the intercellular liquid
(see page 454), etc. The function of Na+,K+-ATPase is reversible as it
catalyses the synthesis of ATP under artificial conditions that do not occur in the
organism (at high concentrations of Na+ inside the cells, low concentrations
of K+ outside the cells and high ADP concentrations).
From the point of view of the stoichiometry of the transported ions during
active transport, the electroneutral pump, where there is no net charge
transfer or change in the membrane potential, must be distinguished from
the electrogenic pump connected with charge transfer.
Active transport is of basic importance for life processes. For example, it
consumes 30-40 per cent of the metabolic energy in the human body. The
nervous system, which constitutes only 2 per cent of the weight of the
organism, utilizes 20 per cent of the total amount of oxygen consumed in
respiration to produce energy for active transport.
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6.5
6.5.1

Examples of Biological Membrane Processes
Processes in the cells of excitable tissues

The transport of information from sensors to the central nervous system
and of instructions from the central nervous system to the various organs
occurs through electric impulses transported by nerve cells (see Fig. 6.17).
These cells consist of a body with star-like projections and a long fibrous tail
called an axon. While in some molluscs the whole membrane is in contact
with the intercellular liquid, in other animals it is covered with a multiple
myeline layer which is interrupted in definite segments (nodes of Ranvier).
The Na+,K+-ATPase located in the membrane maintains marked ionic
concentration differences in the nerve cell and in the intercellular liquid. For
example, the squid axon contains 0.05 MNa+, 0.4 M K + , 0.04-0.1 MC1~,
0.27 M isethionate anion and 0.075 M aspartic acid anion, while the intercellular liquid contains 0.46 M Na + , 0.01 M K+ and 0.054 M Cl".
The relationship between the electrical excitation of the axon and the
membrane potential was clarified by A. L. Hodgkin and A. P. Huxley in
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Fig. 6.17 A scheme of motoric nerve cell

experiments on the giant squid axon with a thickness of up to 1 mm. The
experimental arrangement is depicted in Fig. 6.18. The membrane potential
is measured by two identical reference electrodes, usually micropipettes
shown in Fig. 3.8. If the axon is not excited, the membrane potential
A0 M = $(in) - 0(out) has a rest value of about -90 mV. When the cell is
excited by small square wave current impulses, a change occurs in the
membrane potential roughly proportional to the magnitude of the excitation
current impulses (see Fig. 6.19). If current flows from the interior of the cell
to the exterior, then the absolute value of the membrane potential increases
and the membrane is hyperpolarized. Current flowing in the opposite
direction has a depolarization effect and the absolute potential value

456

oscilloscope

EXTRACELLULAR
LIQUID

AXON

Fig. 6.18 Experimental arrangement for measurement of the membrane potential of a nerve fibre (axon) excited by means of current
pulses: (1) excitation electrodes, (2) potential probes. (According to B
Katz)

decreases. When the depolarization impulse exceeds a certain 'threshold'
value, the potential suddenly increases (Fig. 6.19, curve 2). The characteristic potential maximum is called a spike and its height no longer depends on
a further increase in the excitation impulse. Sufficiently large excitation of
the membrane results in a large increase in the membrane permeability for
sodium ions so that, finally, the membrane potential almost acquires the
value of the Nernst potential for sodium ions (A0 M = +50 mV).

Acp,mV

t,ms

Fig. 6.19 Time dependence of excitation current pulses
(1) and membrane potential A0. (2) The abrupt peak is
the spike. (According to B. Katz)
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A potential drop to the rest value is accompanied by a temporary influx of
sodium ions from the intercellular liquid into the axon.
If the nerve is excited by a 'subthreshold' current impulse, then a change
in the membrane potential is produced that disappears at a small distance
from the excitation site (at most 2 mm). A spike produced by a threshold or
larger current impulse produces further excitation along the membrane,
yielding further spikes that are propagated along the axon. As already
pointed out, sodium ions are transferred from the intercellular liquid into
the axon during the spike. This gradual formation and disappearance of
positive charges corresponds to the flow of positive electric current along
the axon. An adequate conductance of thick bare cephalopod axons allows
the flow of sufficiently strong currents. In myelinized axons of vertebrates a
much larger charge is formed (due to the much higher density of sodium
channels in the nodes of Ranvier) which moves at high speed through
much thinner axons than those of cephalopods. The myelin sheath then
insulates the nerve fibre, impeding in this way the induction of an opposite
current in the intercellular liquid which would hinder current flow inside the
axon.
The electrophysiological method described above is, in fact, a galvanostatic method (page 300). A more effective method (the so-called voltageclamp method) is based on polarizing the membrane by using a fourelectrode potentiostatic arrangement (page 295). In this way, Cole, Hodgkin
and Huxley showed that individual currents linked to selective ion transfer
across the membrane are responsible for impulse generation and propagation. A typical current-time curve is shown in Fig. 6.20. Obviously, the
membrane ion transfer is activated at the start, but after some time it
becomes gradually inhibited. The ion transfer rate typically depends on both
-18 mV

L -78 mV

10

iime (ms)

Fig. 6.20 Time dependence of the membrane current. Since
the potassium channel is blocked the current corresponds to
sodium transport. The upper line represents the time course of
the imposed potential difference. (According to W. Ulbricht)
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the outer (bathing) and inner solution (the inside of a cephalopod
membrane as much as 1 mm thick can be rinsed with an electrolyte solution
without affecting its activity). The assumption that the membrane currents
are due to ion transfer through ion-specific channels was shown correct by
means of experiments where the channels responsible for transfer of a
certain ionic species were blocked by specific agents. Thus, the sodium
transfer is inhibited by the toxin, tetrodotoxin:

H

found in the gonads and in the liver of fish from the family Tetraodontidae
(e.g. the Japanese delicacy, fugu) and by a number of similar substances.
Their physiological effect is paralysis of the respiratory function. The
transport of potassium ions is blocked by the tetraalkylammonium ion with
three ethyl groups and one longer alkyl group, such as a nonyl.
The effect of toxins on ion transport across the axon membrane, which
occurs at very low concentrations, has led to the conclusion that the
membrane contains ion-selective channels responsible for ion transport.
This assumption was confirmed by analysis of the noise level in
ionic currents resulting from channel opening and closing (cf. page 448). Singlechannel recording was a decisive experiment. Here, a glass capillary (a
micropipette) with an opening of about 1 jum2 is pressed onto the surface of
the cell and a very tight seal between the phospholipids of the membrane
and the glass of the micropipette is formed (cf. page 441). Because of the
very low extraneous noise level, this patch-clamp method permits the
measurement of picoampere currents in the millisecond range (Fig. 6.21).
Obviously, this course of events is formally similar to that observed with the
gramicidin channel (page 448) but the mechanism of opening and closing is
different. In contrast with the gramicidin channel, the nerve cell channels
are much larger and stable formations. Usually they are glycoproteins,
consisting of several subunits. Their hydrophobic region is situated inside
the membrane while the sugar units stretch out. Ion channels of excitable
cells consist of a narrow pore, of a gate that opens and closes the access to
the pore, and of a sensor that reacts to the stimuli from outside and issues
instructions to the gate. The outer stimuli are either a potential change or
binding of a specific compound to the sensor.
The nerve axon sodium channel was studied in detail (in fact, as shown by
the power spectrum analysis, there are two sorts of this channel: one with
fast opening and slow inactivation and the other with opposite properties).
It is a glycoprotein consisting of three subunits (Fig. 6.22), the largest (mol.
wt. 3.5 x 105) with a pore inside and two smaller ones (mol.wt 3.5 x 104 and
3.3 x 104). The attenuation in the orifice of the pore is a kind of a filter
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Fig. 6.21 Joint application of patch-clamp and voltageclamp methods to the study of a single potassium channel
present in the membrane of a spinal-cord neuron cultivated
in the tissue culture. The values indicated before each curve
are potential differences imposed on the membrane. The ion
channel is either closed (C) or open (O). (A simplified
drawing according to B. Hille)

polysaccharide

selective filter

Fig. 6.22 A function model
of the sodium channel. P denotes protein, S the potential
sensitive sensor and H the
gate. The negative sign marks
the carboxylate group where
the guanidine group of tetrodotoxin can be attached. (According to B. Hille)
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(0.5 x 0.4 nm in size) controlling the entrance of ions with a definite radius.
The rate of transport of sodium ions through the channel is considerable:
when polarizing the membrane with a potential difference 4- 60 mV a
current of approximately 1.5 pA flows through the channel which corresponds to 6 x 106 Na+ ions per second—practically the same value as with
the gramicidin A channel. The sodium channel is only selective but not
specific for sodium transport. It shows approximately the same permeability
to lithium ions, whereas it is roughly ten times lower than for potassium.
The density of sodium channels varies among different animals, being only
30 fim~2 in the case of some marine animals and 330 jurn"2 in the squid
axon, reaching 1.2 x 104 fj,m~2 in the mammalian nodes of Ranvier (see Fig.
6.17).
The potassium channel mentioned above (there are many kinds) is more
specific for K+ than the sodium channel for Na+ being almost impermeable
to Na + .

200 msec

-120 mV

-80 mV

KXJT

^jA^JAnnr^^
-40 mV

Fig. 6.23 Single-channel currents flowing across the membrane between the
protoplast and vacuole of Chara corallina. Among several channels with
different conductivity the recordings of the 130 pS channel are recorded here.
The zero line is at the top of each curve. (By courtesy of F. Homble)
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The stochastic nature of membrane phenomena originating in channel
opening and closing is not restricted to excitable cells. Figure 6.23 shows the
time dependence of currents flowing through a patch of the membrane
between the tonoplast (protoplasma) and the vacuole in the isolated part of
a cell of the freshwater alga, Chara corallina. In this membrane there are
three types of potassium channels with different conductivity and the
behaviour of the 130 pS channel is displayed in the figure.
D. E. Goldman, A. L. Hodgkin, A. P. Huxley and B. Katz (A. L. H.
and A. P. H., Nobel Prize for Physiology and Medicine, 1963, B.K., 1970)
developed a theory of the resting potential of axon membranes, based on
the assumption that the strength of the electric field in a thin membrane is
constant and that ion transport in the membrane can be described by the
Nernst-Planck equations. It would appear that this approach does not
correspond to reality—it has been pointed out that ions are transported
through the membrane in channels that are specific for a certain kind of ion.
Thus, diffusion is not involved, but rather a jumping of the ions through the
membrane, that must overcome a certain energy barrier.
In deriving a relationship for the resting potential of the axon membrane
it will be assumed that, in the vicinity of the resting potential, the frequency
of opening of a definite kind of ion channel is not markedly dependent on
the membrane potential. The transport of ions through the membrane can
be described by the same equations as the rate of an electrode reaction in
Section 5.2.2. It will be assumed that the resting potential is determined by
the transport of potassium, sodium and chloride ions alone. The constants fcp
are functions of the frequency of opening and closing of the gates of the
ion-selective channels. The solution to this problem will be based on
analogous assumptions to those employed for the mixed potential (see
Section 5.8.4).
The material fluxes of the individual ions are given by the equations

exp (=%£*)

- *<r+CK+(2) exp

•W = *2T.*cNa+(l) exp ( ^ y M ) - *lf.*CN.*(2) exp (^f)
Jcr = *g c cr (l) exp ( ^ )

(6-5.

- *g-Ccr(2) exp

At rest, no current passes through the membrane and thus the material flux
of chloride ions compensates the material flux of sodium and potassium
ions:
• W + . / K + =Ja(6.5.2)
Equations (6.5.1) and (6.5.2) yield the membrane rest potential in the form
. , _RT
*M - F

A

ln

*£c K +(l) + *£+cNa+(
*£c K+ (2) + ^ a + c N a + (
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Ion transport is characterized by conditional rate constants &£+, k^a+ and
&a- which can be identified with the permeabilities of the membrane for
these ions.
These relationships can be improved by including the effect of the
electrical double layer on the ion concentration at the membrane surface
(cf. page 444 and Section 5.3.2).
Equation (6.5.3) is identical with the relationship derived by Hodgkin,
Huxley and Katz. It satisfactorily explains the experimental values of the
membrane rest potential assuming that the permeability of the membrane
for K+ is greater than for Na+ and Cl~~, so that the deviation of A$ M from
the Nernst potential for K+ is not very large. However, the permeabilities
for the other ions are not negligible. In this way the axon at rest would lose
potassium ions and gain a corresponding concentration of sodium ions. This
does not occur because of the action of Na+,K+-ATPase, transferring
potassium ions from the intercellular liquid into the axon and sodium ions in
the opposite direction, through hydrolysis of ATP.
When the nerve cells are excited by an electric impulse (either 'natural',
from another nerve cell or another site on the axon, or 'artificial', from an
electrode), the membrane potential changes, causing an increase in the
frequency of opening of the gates of the sodium channels. Thus, the flux of
sodium ions increases and the membrane potential is shifted towards the
Nernst potential value determined by sodium ions, which considerably
differs from that determined by potassium ions, as the concentration of
sodium ions in the extracellular space is much greater than in the
intracellular space, while the concentration ratio of potassium ions is the
opposite. The potential shift in this direction leads to a further opening of
the sodium gates and thus to 'autocatalysis' of the sodium flux, resulting in a
spike which is stopped only by inactivation of the gates.
In spite of the fact that the overall currents flowing across the cell
membranes consist of tiny stochastic fluctuating components, the resulting
dependences, as shown in Figs 6.19 and 6.20, are smooth curves and can be
used for further analysis (the situation is, in fact, analogous to most of
phenomena occurring in nature). Thus, the formation of a spike can be
shown to be a result of gradual opening and closing of very many potassium
and sodium channels (Fig. 6.24).
According to Fig. 6.17 the nerve cell is linked to other excitable, both
nerve and muscle, cells by structures called, in the case of other nerve cells,
as partners, synapses, and in the case of striated muscle cells, motor endplates (neuromuscular junctions). The impulse, which is originally electric, is
transformed into a chemical stimulus and again into an electrical impulse.
The opening and closing of ion-selective channels present in these junctions
depend on either electric or chemical actions. The substances that are active
in the latter case are called neurotransmitters. A very important member of
this family is acetylcholine which is transferred to the cell that receives the
signal across the postsynaptic membrane or motor endplate through a
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Fig. 6.24 A hypothetic scheme of the time behaviour of the
spike linked to the opening and closing of sodium and
potassium channels. After longer time intervals a temporary
hyperpolarization of the membrane is induced by reversed
transport of potassium ions inside the nerve cell. Nernst
potentials for Na+ and K+ are also indicated in the figure.
(According to A. L. Hodgkin and A. F. Huxley)

specific channel, the nicotinic acetylcholine receptor. This channel has been
investigated in detail, because, among other reasons, it can be isolated in
considerable quantities as the membranes of the cells forming the electric
organ of electric fish are filled with this species.
Acetylcholine, which is set free from vesicles present in the neighbourhood of the presynaptic membrane, is transferred into the recipient cell
through this channel (Fig. 6.25). Once transferred it stimulates generation
of a spike at the membrane of the recipient cell. The action of acetylcholine
is inhibited by the enzyme, acetylcholinesterase, which splits acetylcholine to
choline and acetic acid.
Locomotion in higher organisms and other mechanical actions are made
possible by the striated skeletal muscles. The basic structural unit of muscles
is the muscle cell—muscle fibre which is enclosed by a sarcoplasmatic
membrane. This membrane invaginates into the interior of the fibre through
transversal tubules which are filled with the intercellular liquid. The inside
of the fibre consists of the actual sarcoplasm with inserted mitochondria,
sarcoplasmatic reticulum and minute fibres called myofibrils, which are the
organs of muscle contraction and relaxation. The membrane of the
sarcoplasmatic reticulum contains Ca2+-ATPase, maintaining a concentration of calcium ions in the sarcoplasm of the relaxed muscle below
10~7mol • dm~3. Under these conditions, the proteins, actin and myosin,
forming the myofibrils lie in relative positions such that the muscle is
relaxed. When a spike is transferred from the nerve fibre to the sarcoplasmatic membrane, another spike is also formed there which continues
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Fig. 6.25 The nicotinic acetylcholine receptor
in a membrane. The deciphering of the structure is based on X-ray diffraction and electron
microscopy. (According to Kistler and
coworkers)
through the transverse tubules to the membrane of the sarcoplasmatic
reticulum, increasing the permeability of the membrane for calcium ions by
five orders within 1 millisecond, so that the concentration of Ca2+ ions in
the sarcoplasm increases above 10~3 mol • dm~3. This produces a relative
shift of actin and myosin molecules and contraction of the muscle fibre.
After disappearance of the spike, Ca2+-ATPase renews the original situation and the muscle is relaxed.
6.5.2 Membrane principles of bioenergetics
The basic process by which living organisms obtain energy is
photosynthesis in green plants, yielding carbonaceous substances (fuels) and
oxidative phosphorylation in all organisms, in which the Gibbs energy
obtained by oxidation of these carbonaceous substances with oxygen is
converted into the energy of the polyphosphate bond in adenosinetriphosphate (ATP) through the reaction of adenosine diphosphate with dihydrogen phosphate ions (PinOrg)This process occurs in the mitochondria, organelles present in the cells of
all multicellular organisms (see Figs 6.8 and 6.26). Mitochondria have two
membranes. The invaginations of the internal membrane into the inner
space of the organelle (matrix space) are termed crests (from the Latin,
cristae).
The oxidation of the carbonaceous substrate with oxygen cannot occur
directly as the released energy would be converted into heat, but must
proceed almost reversibly, through a number of poorly water-soluble redox
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Fig. 6.26 Section of a mitochondrion

systems forming an electron transfer chain located in the internal membrane
of the mitochondrion. They include the system of the oxidized and reduced
forms of nicotinamide adenine dinucleotide (NAD + /NADH), several flavoprotein systems, especially FMN (flavinmononucleotide), Fe-S proteins
(where the iron ions are bound in a complex with inorganic sulphide,
cystein and a protein), coenzyme Q (ubiquinone) and several cytochromes.
These redox systems are bound to phospholipids and other molecules in
several integrated systems depending on their redox potential (see Table
6.2). The redox potentials of these systems, measured in solution, can be
quite different from the potentials in the mitochondrial membrane. The
sequence of the redox components in this electron transfer permits the
oxidation of the carbonaceous substrates to occur 'vectorially', i.e. the
chemical change is oriented in space.
The theory of the accumulation of the Gibbs energy of oxidation of
carbonaceous substrates in the form of the bond of the phosphate ion to
Table 6.2 Apparent formal redox potentials of systems present in the electrontransfer chain (pH = 7). It should be noted that the potential values were obtained in
the homogeneous phase. Due to stabilization in a membrane, the oxidationreduction properties vary so that the data listed below are of orientation character
only
Reduced form

Oxidized form

o2

Cytochrome a3 (ox)
Cytochrome c (ox)
Cytochrome b (ox)
Coenzyme Q
Flavinadenindinucleotide (FAD)
Fumarate
Nicotinamide adenindinucleotide (NAD+)

H2O

Cytochrome a3 (red)
Cytochrome c (red)
Cytochrome b (red)
Coenzyme QH2

£°'(pH = 7)(V)
0.8
0.5

0.22
0.07
0.10

FADH2
Succinate

-0.03
-0.03

NADH

-0.32
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adenosine diphosphate (oxidative phosphorylation) must explain the following facts:
(a) A topologically closed vesicle (a cell or an organelle) which is not
permeable to passively transported H + is always necessary for transformation of the chemical energy of the substrate to the chemical energy of
ATP.
(b) This process is connected with a change in the pH difference between
the intracristal space and the matrix space of the mitochondrion as well
as with a change in the membrane potential.
(c) An artificially generated difference in the electrochemical potential of
H 3 O + between the intracristal space and the matrix space can result in
ATP synthesis.
(d) Uncoupling of oxidative phosphorylation (i.e. the process in which the
substrate is oxidized but no ATP is synthesized) occurs in the presence
of certain proton and alkali metal ion carriers.
P. Mitchell (Nobel Prize for Chemistry, 1978) explained these facts by his
chemiosmotic theory.! This theory is based on the ordering of successive
oxidation processes into reaction sequences called loops. Each loop consists
of two basic processes, one of which is oriented in the direction away from
the matrix surface of the internal membrane into the intracristal space and
connected with the transfer of electrons together with protons. The second
process is oriented in the opposite direction and is connected with the
transfer of electrons alone. Figure 6.27 depicts the first Mitchell loop, whose
first step involves reduction of NAD + (the oxidized form of nicotinamide
adenosine dinucleotide) by the carbonaceous substrate, SH2. In this process,
two electrons and two protons are transferred from the matrix space. The
protons are accumulated in the intracristal space, while electrons are
transferred in the opposite direction by the reduction of the oxidized form
of the Fe-S protein. This reduces a further component of the electron
transport chain on the matrix side of the membrane and the process is
repeated. The final process is the reduction of molecular oxygen with the
reduced form of cytochrome oxidase. It would appear that this reaction
sequence includes not only loops but also a proton pump, i.e. an enzymatic
system that can employ the energy of the redox step in the electron transfer
chain for translocation of protons from the matrix space into the intracristal
space.
The energy obtained by oxidation of the substrate with oxygen through
the electron transport chain is thus accumulated as a difference in the
electrochemical potential for H + between the intracristal and matrix spaces.
tThe term 'chemiosmotic' theory is not very suitable; 'electrochemical membrane theory'
would probably be better, but the former has become accepted. Similarly, Mitchell's term
'protonmotive' force is rather unfortunate for the potential difference produced by the transfer
of a proton across the mitochondrion membrane. Even this term, imitating 'electromotive'
force (retained only because of tradition), seems rather awkward.
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Fig. 6.27 An example of Mitchell's 'loops'.
The substrate SH2 is oxidized by NAD+
(nicotinamideadeninedinucleotide) and the reduced form transports two protons and two
electrons, of which two protons remain in the
intracristal space and two electrons are transported back by the Fe-S protein to reduce
FMN (flavinmononucleotide), the reduced
form of which transports two protons and two
electrons in the opposite direction

This can be used in several ways. H+-ATPase plays a key role in oxidative
phosphorylation (ATP synthesis) as it transfers protons back into the matrix
space with simultaneous synthesis of ATP (with temporary enzyme phosphorylation, cf. page 451).
In the presence of certain substances, oxidative phosphorylation is
uncoupled, i.e. while the carbonaceous substrate is oxidized, ATP is not
synthesized, but can even be hydrolysed to ADP and a phosphate ion. The
uncouplers of oxidative phosphorylation belong to the two groups of
ionophores, one of which transfers protons across the mitochondrial
membrane and the other alkali metal ions. The first group includes the
semihydrophobic anions of weak acids such as 2,4-dinitrophenolate, dicumurate, azide, etc. By resonance effects resulting in spreading of the
negative charge over the whole structure of these anions, they can pass
through the lipid part of the inner membrane of the mitochondrion in the
direction of increasing electric potential into the intracristal space, with
higher concentration of hydrogen ions. They are then converted into
the undissociated form of the corresponding acid, which is transported
in the opposite direction into the matrix space, where protons obtained in
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the intracristal space are dissociated. The transport of the anions and of the
undissociated acid is passive and decreases both the membrane potential
and the activity of hydrogen ions in the intracristal space, so that the energy
obtained in the oxidation of the carbonaceous substrate is dissipated as
heat. The decrease in the hydrogen ion activity in the intracristal space leads
to the opposite function of H+-ATPase resulting in ATP hydrolysis.
The second group of uncouplers includes macrocyclic complexing agents
of the valinomycin type (see page 445), which have the strongest effect in the
presence of potassium ions. The hydrophobic (lipophilic) ionophore freely
diffuses through the lipid part of the mitochondrial membrane. It binds
potassium ions on the intracristal side, which are then passively transported
into the matrix space in the complex, simulating proton transport. The
explanation of the effect of uncouplers strongly supports the Mitchell theory
of oxidative phosphorylation.
The difference in the hydrogen ion electrochemical potential, formed in
bacteria similarly as in mitochondria, can be used not only for synthesis of
ATP but also for the electrogenic (connected with net charge transfer)
symport of sugars and amino acids, for the electroneutral symport of some
anions and for the sodium ion/hydrogen ion antiport, which, for example,
maintains a low Na+ activity in the cells of the bacterium Escherichia coli.
It should be noted that, while the Mitchell theory explains some of the
basic characteristics of oxidative phosphorylation, a number of phenomena
connected with this process remain unclear from both the biochemical and
the electrochemical points of view. Biochemical processes in the mitochondrial membrane are still far from being clarified completely. Although the
Mitchell theory is called electrochemical, it is obvious that it was not
formulated by an electrochemist. It employs only thermodynamic quantities
and does not consider the kinetics of the individual steps. Charge balance is
neglected in charge transfer across the mitochondrial membrane, although it
is obvious that part of the transferred charge must be consumed in charging
the electrical double layer at the membrane surface, which is very
diversified; because of the presence of cristae the capacity of the double
layer is large. The role of transferred protons in acid-base equilibria is also
not clear. Nonetheless, the Mitchell theory has been a great step forward.
The second basic bioenergetic process consists of consumption of solar
radiation as a source of energy in the organisms. One of the ways of
employing solar radiation energy in the organism has already been
mentioned in connection with the explanation of the function of the purple
membrane of Halobacterium halobium (page 450); however, a far more
important means of employing this energy for bioenergetic purposes is
photosynthesis

6CO2 + 6H2O

v
chlo^o phyl,

> C6H12O2 + 6O2

(6.5.4)
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while the process in photosynthetic bacteria is
6CO2 + 12H2S bactcrioc1rophyll> C6H12O6 + 12S + 6H2O

(6.5.5)

However, process (6.5.5) cannot be a universal photosynthetic process
because H2S is unstable and is not available in sufficient quantities in nature.
Water is the only substance that can be used in the reduction of carbon
dioxide whose presence in nature is independent of biological processes.
Photosynthesis in green plants occurs in two basic processes. In the dark
(the Calvin cycle) carbon dioxide is reduced by a strong reducing agent, the
reduced form of nicotinamide adeninedinucleotide phosphate, NADPH 2 ,
with the help of energy obtained from the conversion of ATP to ADP:
6CO2 + 12NADPH2 + 6H2O

^

ATP

^

>C6H12O6 + 12NADP

ADP + Pinorg

The process occurring on the light is a typical membrane process. The
membrane of the thylakoid, an organelle that constitutes the structural unit
of the larger photosynthetic organelle, the chloroplast, contains chlorophyll
(actually an integrated system of several pigments of the chlorophyll and
carotene types) in two photosystems, I and II, and an enzymatic system
permitting accumulation of light energy in the form of NADPH 2 and ATP
(this case of formation of ATP from ADP and inorganic phosphate is
termed photophosphorylation).
Figure 6.28 shows how the process occurring on the light proceeds in the
two photosystems. Absorption of light energy involves charge separation in
photosystem II, i.e. formation of an electron-hole pair. The hole passes to
the enzyme containing manganese in the prosthetic group, which thus
attains such a high redox potential that it can oxidize water to oxygen and
hydrogen ions, set free on the internal side of the thylakoid membrane. The
electron released from excited photosystem II reacts with plastoquinone
(plastoquinones are derivatives of benzoquinone with a hydrophobic alkyl
side chain), requiring transfer of hydrogen ions from the external side
of the thylakoid membrane. The plastohydroquinones produced reduce
the enzyme, plastocyanine, releasing hydrogen ions that are transferred across the internal side of the thylakoid membrane. On excitation by light, chlorophyll-containing photosystem I accepts an electron
from plastocyanine by mediation of further enzymes. This high-energy
electron then reduces the Fe-S protein, ferredoxin, which subsequently
reduces NADP via further enzymes. Part of the energy is thus accumulated
in the form of increased electrochemical potential of the hydrogen ions
whose concentration—as has been seen—increases inside the thylakoid. The
reverse transport of hydrogen ions provides H + -ATPase with energy for
synthesis of ATP. In contrast to cellular respiration, where the energy

H+

H + ATPase

Ferredoxin
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Fig. 6.28 The light process of photosynthesis. (According to H. T. Witt)

tilllll

471
obtained in the oxidation of the carbonaceous substrate accumulates in the
form of a single 'macroenergetic' compound of ATP, two energy-rich
compounds are formed during photosynthesis, NADPH2 and ATP, both of
which are consumed in the synthesis of sugars. The subsequent steps appear
to be purely biochemical in character and therefore will not be considered
here.
In a partly biological, partly artificial model (page 397) reduced
anthraquinone-2-sulphonate plays the role of NAD + and tetramethyl-/?phenylenediamine that of plastoquinones.
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Appendix A
Recalculation Formulae for
Concentrations and Activity
Coefficients
Expressed in

(a) Concentration
term
Mole fraction

m1M0
1 + vm1M0

In dilute
solution

/n,Af0

Molality

P +

( 7

^

M l ) C l

Po

Mo + vx i Mo

In dilute
solution
Molar concentration

cM

c

m,

Mo

i

Po

pwi\
Afo + M + vAfo)*,

In dilute
solution

1 + YYl j Mj

mxp{)
~M^

(b) Activity
coefficient
Y±,x

Y±.x

Y±,m

y±tX(\ - vxY)
p0/

±>C

y ±,m
MA

Y±,c

Po
p-c,Af,
±>C

Po

y±,r

Mo and M! denote molar mass (kg • mol ') of the solvent and of the solute, respectively, v is
the number of ions formed by an electrolyte molecule on dissolution, p and p 0 denote the
density of the solution and of the pure solvent, respectively, and nx and n0 are the amount of
the solute and of the solvent (mol), respectively. The above relationships also hold for the ionic
quantities m+, m_> c+, etc., where m,, c, and xx are replaced by m+ = v+m^, m_ = v_mx,
c+ = v+clt etc.
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Appendix B
List of Symbols
A
a
c
C
D
E

affinity, surface
activity, effective ion radius, interaction coefficient
concentration
differential capacity, dimensionless concentration
diffusion coefficient, relative permittivity
electromotive force (EMF), electrode potential, electric field strength,
energy; Em half-wave potential, Subscript standard electrode
potential, Epzc potential of zero charge, Ep potential of ideal
polarized electrode, potential energy
e
proton charge
F
Faraday constant
G
Gibbs energy, conductance
g
gaseous phase
g
gravitation constant
H
enthalpy
H°
acidity function
/
electric current, ionization potential
/ , J flux of thermodynamic quantity
/', j
current density
K
equilibrium constant, integral capacity
k
Boltzmann constant, rate constant, k.a anodic electrode reaction rate
constant, adsorption rate constant, kc cathodic electrode reaction
rate constant, kd desorption rate constant, k^ conditional electrode
reaction rate constant
L
phenomenological coefficient
LD
Debye length
/
length
1
liquid phase
M
relative molar mass ('molecular weight'), amount of thermodynamic
quantity
m
molality, flowrate of mercury
m
metallic phase, membrane
Af
number of particles; N A Avogadro constant
n
amount of substance (mole number), number of electrons exchanged, charge number of cell reaction
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P
solubility product
R
electric resistance, gas constant
r
radius
s
overall concentration, number of components
s
solid phase
5
entropy
T
absolute temperature
t
time, transport (transference) number; tx drop time
U
electrolytic mobility, internal energy, potential difference (Voltage')
u
mobility
V
volume, electric potential
v
molar volume, velocity
X, X thermodynamic force
x
molar fraction, coordinate
Z
impedance
z
charge number
a
/?
y
F
AG
AH
A<t>
At/;
6
E
£
rj
0
6
K
A
A
[i
v
n
p
o
T
0
X

dissociation degree, charge transfer coefficient, real potential
buffering capacity, adsorption coefficient
activity coefficient, interfacial tension
surface concentration, surface excess
reaction Gibbs energy change
activation enthalpy (energy) of electrode reaction
Galvani potential difference
Volta potential difference
thickness of a layer, deviation
permittivity, electron energy, eF Fermi level energy
electrokinetic potential
overpotential, viscosity coefficient
relative coverage
wetting angle
conductivity, mass transfer coefficient
molar conductivity
ionic conductivity, fugacity
chemical potential, reaction layer thickness; fi electrochemical
potential
kinematic viscosity, number of ions in a molecule, radiation
frequency
osmotic pressure
density, space charge density
surface charge density, rate of entropy production
transition time, membrane transport number
inner electrical potential, osmotic coefficient
surface electrical potential
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ip
co
O

electrical potential, outer electrical potential, density of a thermodynamic quantity
frequency, angular frequency
dissipation function; Oe electron work function

Subscripts and superscripts of these symbols give reference to chemical
species, charge, standard state, etc., of quantities concerned. Symbols that
seldom occur have not been included in the above list, their meaning having
been given in the text.

Index
A.c. polarography, 303, 296
Acetylcholine, determination, 428
neurotransmitter, 462-461
Acid-base theory,
Arrhenius, 9-13, 45, 52
Br0nsted, 45-55
generalized, 59-61
HSAB, 61
Lewis, 59-60
Acidity function Ho, 65-66
Acidity scale, 63
Acrylonitrile, electrochemical reduction,
387
Activation enthalpy, of electrode
reaction, 255, 257, 265-266, 271272, 389
Active transport, 449-452
Activity, definition, 5-6
mean, 8
molal, 7
rational, 7
Activity coefficient, 6-8, 29-45
definition, 6-8
in electrolyte mixture, 41-43
methods of measurement, 44-45
molal, 7
of electrolyte, 29-45
potentiometric measurement, 195
rational, 7
recalculation formulae, 473
Ad-atom, 306, 371
Adiabatic approximation, 267
Adiabatic electron transfer, 273
Adiponitrile, electrochemical synthesis,
387
Adsorption,
electrostatic, 199
Gibbs, 205
in electrode process, 250, 352-368
of surfactants, 224-231, 364-367
specific, 219-224

Adsorption isotherm,
Frumkin, 227
Gibbs, 205
Langmuir, 226-227
linear, 226
Temkin, 228
Alkali metals, in liquid ammonia, 20-21
Amalgam electrode, 171-172
Amino acid, dissociation, 70-73
Ammonolysis, 54
Amphion, 71
Amphiprotic solvent, 46
protolysis, 53, 58
Ampholyte, 70-74
Anion, 1, 246
Anode, 1, 146
Anodic current, definition, 246
Antiport, 450
Aromatic hydrocarbons, electrochemical
reduction, 385
Aromatic nitrocompounds, reduction,
see Nitrocompounds
Arrhenius electrolyte theory, 9-13, 45,
52
Ascorbic acid oxidation, 350
Association constant, 20-27
Atomic force microscope, 341
ATPase, H + , 451, 467
Na + ,K + , 451-453, 454, 462
Ca2+, 463, 464
Attenuated total reflection, 332
Auger electron spectroscopy, 338
Autoionization, see Self-ionization
Auxilliary electrode, 291
Axon, 454
Bacteriorhodopsin, 451
Bacterium electrode, 432
Band gap, 89
Band theory, 87-89
Barrier film, see Continuous film
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Base electrolyte, 116
Bates-Guggenheim equation, 37
Becquerel effect, 391
Beer-de Nora anodes, 312
Bilayer lipid membrane, 429-442, 448
Bioelectrochemistry, 410
Biological membrane, 453-471
composition, 434-437
structure, 438-439
Biosensor, 431-432
Bipolaron, 324, 325
Bjerrum theory, of ion association, 2426
Blander equation, 27
BLM, see Bilayer lipid membrane
Boltzmann distribution, 24
Born equation, of solvation, 16-17
refinement, 17
Brewster angle, 331
Br0nsted acid-base theory, see Acidbase theory, Br0nsted
Buffer, 55-57
buffering capacity, 56
Cadmium cyanide, electrochemical
reduction, 250
Cadmium sulfide electrode, 309
Calomel electrode, 176-177
Calorimetric method, determination of
work function, 157
Capillary electrometer, 232-233
Carbon, 313-316
electrochemical carbon, 315
glass-like carbon, 314-315
glassy carbon, 314-315
surface oxides, 314
vitreous carbon, 314
see also Graphite
Catalytic current, 350
Cathode, 1,246
Cathodic current, definition, 246
Cation, 1
Cell reaction, definition, 160
Cell wall, 438
Channel, 438, 445, 447-448, 458-464
Charge carrier, 87
Charge number, definition, 3
Charge transfer coefficient, 256, 273
Charging current, 234
Chemical flux, 81,87
Chemical potential, definition, 4-6, 146
Chemical reactions in electrode process,
250-251, 344-352
Chemically modified electrodes, 319-323

Chemiosmotic theory, 466
Chemisorption, 224, 278, 352
Chiral electrode, 319
Chlorine electrode, 174-175
Chlorine production, 312
Chronoamperometry, 283
Chronopotentiometry, 300
Clark oxygen sensor, 432
Coion, 416, 419
Compact layer, 278
Complex formation, 55
kinetics, 349
Concentration cell, 167, 171-172
Concentration polarization, 252, 289290
Conditional potential, see Formal
potential
Conductimetry, see Conductometry
Conduction band, 87-88
Conduction of electric current, 81, 8486
in electrolytes, 85-86, 90-104
Conductivity, 2, 85, 90, 100
equivalent, 91
ionic, 90, 102
limiting, molar, 2
molar, 2
of electrolytes, 79, 90-101
Conductivity, membrane, 440
Conductometry, 100-101
Conductors, classification, 87-89
Conjugate pair, 46
Conjugation entropy model, 129
Contact angle, see Wetting angle
Contact potential, 153, 155
Continuity equation, 83
Continuous film, 378
Controlled potential methods, 293
Convection, 81-87
definition, 81
forced, 135-137
natural, 81, 137
Convective diffusion, 135-147
to growing sphere, 139-141, 281
to rotating disc, 138-139, 143, 284285
Conventional rate constant, see
Electrode reaction rate constant,
conventional
Convolution analysis, 288-289
Corrosion, 381-383
local cells, 383
Cottrell equation, 281
Coulometry, 303-305
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Coulostatic method, 300-301
Counterion, 416, 419
Coverage (relative), 226-228, 230, 361362, 366-367
determination, 235, 366
Crystallite, 376
Curie principle, 81, 450
Cyclic voltammetry, 294-296, 320, 356
Daniell cell, 159-160
Debye-Falkenhagen effect, 100
Debye-Huckel limiting law, 9, 29-34
Debye-Hiickel theory, 29-39
more rigorous treatment, 34-37
Debye length, 32, 36, 216
in semiconductors, 236-237
Dendrites, 377, 379
Depletion layer, 239
see also Space charge region
Depolarization, 455
Desorption potential, 224
Dialysis, 422
Differential capacity, 207-208, 213, 216219, 224, 225, 229, 231, 234-235
determination, 234
of semiconductor electrode, 240
Differential pulse polarography, 299
Diffuse electric layer, 200-201, 211,
213-217, 272, 274-278
at ITIES, 240-241
at membrane, 443-444
in semiconductor, see Space charge
region
Diffusion, definition, 80-81
in electrolyte solution, 104-105, 110117
in flowing liquid, 134-147
in solids, 124-126
linear, 105-109
spherical, 109-110
steady state, 109, 284-287
surface, 372
transient, 104-110
Diffusion coefficient, determination,
117-120
in electrolyte solution, 115-117
Diffusion coefficient theory, 121-126
Diffusion, lateral, 438
Diffusion law, see Ficks's law
Diffusion layer, 107
Diffusion potential, 111-115
Dimensionally stable anodes, 312
Dipole-dipole interaction, 18
in water, 18

Discontinuous film, 377
Disproportionation, 181-182, 350
Dissipation function, 84
Dissociation constant, 10-12, 50-52
in non-aqueous solvents, 53
potentiometric determination, 195197
Dissociation, electrolytic, 1
Distance of closest approach, 25, 34
Distribution potential, 190
DME, see Dropping mercury electrode
Donnan equilibrium, 414
Donnan potential, 412-414, 417-418
Double layer, see Electrical double layer
Driving force, 80
Dropping mercury electrode, 233-234,
295-299
DSA, see Dimensionally stable anodes
Dupre equation, 204
Einstein-Smoluchowski equation, 121
Electrical double layer, 145, 198-243,
274
at ITIES, 241-242
at metal-electrolyte solution
interface, 198-235
at semiconductor-electrolyte solution
interface, 235-240
Electroactive substance, 246-247
Electrocapillarity, 198, 203-213
Electrocapillary curve, 207, 208, 225
Electrocatalysis, 352-361, 364
Electrochemical potential, definition,
146
Electrochemical power source, 168
Electrocrystallization, 368, 372
Electrode, first kind, 169-175
second kind, 169, 175-177
Electrode material, 291, 305-328
Electrode potential, absolute, 168-169
additivity, 150-181
formal, 167, 178
in fused salts, 175
in organic solvents, 184-188
standard, 163-164, 171-172
Electrode preparation, 307-308
Electrode process, 246
mechanism, 250
Electrode reaction
at semiconductor electrode, 248-249
definition, 246
effect of electrical double layer, 272,
274-278
irreversible, 257, 283, 286
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Electrode reaction (cont.)
of complexes, 347, 349
two-step, 262-264
Electrode reaction order, 254
Electrode reaction rate, 233-264
effect of diffusion, 279-290
elementary step, theory, 266-279
phenomenological theory, 254-266
Electrode reaction rate constant
conditional, 257-259
conventional, 262
Electrodialysis, 424-425
Electrokinetic phenomena, 241-243
Electrokinetic potential, 242
Electrolyte, 1-2
strong, 2
weak, 2
Electrolytic cell, 245
Electrolytic mobility, definition, 86
Electromotive force, definition, 159
measurement, 191-192
standard, 163
temperature quotient, 162
thermodynamic theory, 160-167
Electron acceptor, 89
Electron donor, 89
Electron hopping, 323
Electron microprobe, 338
Electron paramagnetic resonance, see
Electron spin resonance
Electron spectroscopy, 337
Electron spin resonance, 330
Electron transfer, 266, 269
Electron transfer reaction, see Electrode
reaction
Electron transfer theory, 266-274
Electron work function, see Work
function
Electroneutrality condition, 3
Electroosmotic flow, 242, 419-420
Electroosmotic pressure, 423
Electrophilic substance, 60
Electrophoresis, 243-244
Electrophoretic effect, 93-95
Electroreflectance, 333
Ellipsometry, 335
Emeraldine, 327
EMF, see Electromotive force
Energy profile, 267, 270-271
Entropy production, 84
Enzyme electrode, 432
Epitaxy, 376
ESCA, see Electron spectroscopy

ESTM, see Scanning tunnelling
microscopy
Ethanol, as solvent, 53
EXAFS, see Extended X-ray absorption
fine structure
Exchange current, 257-259, 262
Excited state, 393
acid-base properties, 58-59
Exponential law, 381
Extended X-ray absorption fine
structure, 337
External reflectance, 332
Facetting, 377
Faradaic current, 249
Faradaic impedance, 301-304
Faraday law, 85, 90, 249-250, 279
Fermi energy, 148-151, 247, 398
Fermi function, 148
Fick's law, first, 86
Fick's laws, 105-106
Field dissociation effect, 98-100
Film growth, 377-378
Flade potential, 378-380
Flatband potential, 237, 238
Fluid mosaic, 36
Fluorescein, 68
Fluorographite, 318
Fluorolysis, 54
Fluoropolymers, electrochemical
carbonization, 316
Flux, of thermodynamic quantity, 80-83
Forbidden band, 88-89
see also Band gap
Formal potential, 167, 178
apparent, 178
Formaldehyde, electrochemical
reduction, 349
Formic acid, oxidation, 387-388
Fourier's equation, 86
Fourier transformation, 333
Fourier transformation infrared
spectroscopy, see SNIFTIRS
Franck-Condon principle, 268
Free convection, see Convection, natural
Free volume model, 129
Frenkel defect, 124-126
Frenkel mechanism, 125
Fresnel equation, 331
Frumkin theory, 278
Fugacity, 6
Fused salts, 13-14, 127, 175
protolysis, 58-59
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Gallium electrode, 305
Galvanic cell, 157-169
with transport, 167
without transport, 167
Galvani potential difference, 147-153,
164,167
Galvanostatic method, 300
Gas probe, 431
Gate, 458-462
Gauss-Ostrogradsky theorem, 83
Geometric surface, 246
Germanium, 89
electrode, 308, 332
Gibbs adsorption equation, 205
Gibbs energy, partial molar, 4
Gibbs- Helmholtz equation, 162
Gibbs-Lippmann equation, 207, 226
Gibbs transfer energy, 62-63, 185-190
Gierke model, of Nafion structure, 132133
Glass electrode, 428-431
Glass-like carbon, see Carbon
Glassy carbon, see Carbon
Glycocalyx, 439
Gold electrode, 182, 308
Gouy-Chapman theory, 214-217
Gouy layer, see Diffuse electric layer,
Gramicidin A, 447-449, 458
Graphene,316
Graphite, 313
exfoliated, 318
highly oriented pyrolytic (HOPG),
313
Grotthus mechanism, 123
Gurevich equation (photoemission), 392
Half-cell reaction, 161
Half-crystal position, 305-306
Half-wave potential, 282, 286, 287
Halobacterium, 451, 468
Hard acids and bases, 61
Hard sphere approximation, 214
Harned rule, 43, 45
Heat conduction, 86
definition, 81
Helmholtz layer (plane), see Compact
layer
Helmholtz-Smoluchowski equation, 420
Henderson formula, 113, 418-419
Henderson-Hasselbalch equation, 56
Henry's law, 5, 186
Heyrovsky reaction, 353
Hittorf s method, 102

Hittorf s number, 103
Hole, 88-89, 273, 247-248
HOPG, see Graphite
HSAB, see Acid-base theory, HSAB
Hump, 219
Hydration, 15, 19
number, 22-23, 39-41
sphere, 19
Hydrodynamic layer, see Prandtl layer
Hydrogen electrode, 161-165
standard, 166, 173-175
Hydrogen, electrode reactions, 353-358,
362-363
isotope effect, 358
Hydrogen bonds, 14
Hydrogen ion, see Oxonium ion
Hydrogen peroxide, 359
Hydrolysis, of salts, 54-55
Hydrophobic interaction, 20
Hydroxonium ion, see Oxonium ion,
Ideal polarized electrode, 201, 202, 206,
209, 224
IETS, see Inelastic electron tunnelling
spectroscopy
Ilkovic differential equation, 140
Ilkovic equation, 281, 296-297
Impedance electrochemical, 301, 304
Warburg, 303
Impedance spectrum, 301-302
Indicator, acid-base, 64-69
fluorescence, 68-69
determination of cell pH, 68-69
Indicator electrode, see Working
electrode
Indifferent electrolyte, 43, 116-17, 247,
385
Inelastic electron tunnelling
spectroscopy, 339
Infrared spectroscopy, 333, 334
Inhibition of electrode reactions, 361367
Inner electrical potential, definition, 146
Inner Helmholtz plane, 200, 219, 221,
222
Insertion compounds, 316
Insertion reactions, see Insertion
compounds
Integral capacity, 208-209
Intercalation, 316
stages, 317
Intercalation compounds, see
Intercalation
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Interface, definition, 144
metal-fused salt electrolyte, 242
solid electrolyte-electrolyte solution,
241-242
Interface of two immiscible electrolyte
solutions (ITIES), 188-190, 200,
240-241,249,278,295
charge transfer, 249
Interfacial tension, 198, 203-209, 211,
233, 234
Interionic interaction, 28-45
Internal reflectance 332
Interphase, definition, 144-145
Interstitial position, 124-125
Ion, 1
association, 23-27
hydration, 15
solvation, 15, 20
Ion-dipole interaction, 18
Ion-exchange membrane, 415-425
potential, 417-419
transport, 419-425
Ion pair, 23-27
Ion product, 47-49
overall, 48
Ion scattering spectroscopy, 338
Ion-selective electrode, 424-431
calibration, 431
Ionic atmosphere, 30-36, 95-100
Ionic conductivity, 90, 93, 97
Ionic solvent, see Fused salt
Ionic strength, definition, 9, 32
Ionization potential, 151
Ionomer, 131
Ionophore, 445-447
Iron electrode, 379
Irreversible thermodynamics, 80-81
membrane process, 421-425, 450-451
Isoelectric point, 72-73
ISS, see Ion scattering spectroscopy
ITIES, see Interface of two immiscible
electrolyte solutions
Jellium, 219
Junction potential, see Liquid junction
potential
Kink, 305, 306
Kohlrausch's law, 79, 92
Kolbe reaction, 387-389
Lanthanum trifluoride, 127, 431
Laser force microscope, 341
Lead dioxide, 311,379

LEED, see Low energy electron
diffraction
Lewis acid-base theory, see Acid-base
theory
Lewis-Sargent equation, 113
Limiting current, 280-281, 284-285, 297
kinetic, 345, 349
Liquid ammonia, as solvent, 53
Liquid junction potential, 111-114
elimination, 114
Lithium electrode, 334
Local cells, see Corrosion
Low energy electron diffraction, 339
Luggin capillary, 292-293, 295
Luminisence, electrochemically
generated, 331
Luther equation, 181
Lyate ion, definition, 47
Lyonium ion, definition, 47
Macroions, 73
Magnetic force microscope, 341
Marcus theory, 269-274
Mass spectrometry, electrochemical, 340
Mass transfer coefficient, 136, 284
Mediator, 184, 320
Mechanism of electrode process, 250
Membrane, conductivity, 449
definition, 411
Membrane model, 439-442
Membrane pore, 445-449
Membrane potential, 411-414, 417-418
axon membrane, 455-463
Medium effect, 62
Melts, as ion conductors, 127
Mercuric oxide electrode, 176
Mercury electrode, 211, 218, 295-299,
305, 359-360
see also Dropping mercury electrode
Metal, as conductor, 87-88
anodic oxidation, 377
deposition, 368-383
Metal oxides, 309-313
Methanol,
as solvent, 53
electrochemical oxidation, 364-365
Microelectrode,
ion selective, 426
voltammetric, see Ultramicroelectrode
Micropipette, 177
Micropotential, 220-221
Migration flux, 85, 110
Mitchell loop, 466
Mitchell theory, 465-468
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Mitochondrion, 437, 464-468
Mixed potential, 381-384, 461
Mobility, definition, 86
ionic liquid, 127
theory, 120-122
Molality, mean, 4
Molar conductivity, 90-93, 98
Mossbauer spectroscopy, 337
Mott-Schottky equation, 239-240
Muscle cell, 463
Muscle contraction, 463-464
Nation, 132
Nasicon, 125
Natural convection, see Convection,
natural
Navier-Stokes equation, 137, 141
Nernst-Einstein equation, 86
Nernst equation, 166, 171, 280
Nernst-Hartley equation, 115
Nernst layer, 136, 139, 143
Nernst mass, 126
Nernst-Planck equation, 111
Nernst potential, 412, 462
at ITIES, 188
Nerve cell, 454-462
Neurotransmitter, 462
Nikolsky equation, 428
Nitrocompounds aromatic, reduction,
386
Nobel Prize, for electrochemistry, 267,
295
for membrane biology, 465
for physiology and medicine, 461
Noise, 374, 458
Non-adiabatic electron transfer, 269
Non-faradaic current, 249
Non-polarizable electrode, 201, 202
Nucleation, 369-375, 378
Nucleus, electrocrystallization, 369,
371-375
Nyquist diagram, 303
Ohmic potential, 111, 252, 291-292
Ohm's law, 2, 84-85, 381
Onsager limiting law, 98
Optical methods, 328-342
Optically transparent electrodes, 312,
330
Optoacoustic spectroscopy, see
Photoacoustic spectroscopy
Organic compounds, oxidation, 364,
386-390
Organic electrochemistry, 384

Osmosis, 424-425
Osmotic coefficient, 8-9
Debye-Huckel theory, 38
Osmotic pressure, 8-9, 422, 423
Ostwald dilution law, 93, 98
OTE, see Optically transparent
electrodes
Ouabain, 450
Outer electrical potential, definition, 146
Outer Helmholtz plane, 199, 211, 273,
278
Overpotential, 252, 289, 290
concentration, 289
transport, 289
Oxidation-reduction electrode, see
Redox electrode
Oxidative phosphorylation, 464-467
uncoupling, 466-467
Oxonium ion, definition, 97-98
transport, 123-124
Oxygen, electrode reactions, 275-278,
358-361
Parabolic law, 380
Passivation films, 377
Passive transport, 442-449
Passivity, 377-378
Patch-clamp, 458-459
Peak voltammogram, 288-290
Peclet number, 142
Percolation theory, 130, 134
Periodic methods, 301
Permittivity, 17
Permselective membrane, 416
Permselectivity, 132
Pernigraniline, 327
pH, definition, 50, 63
measurement, 192-194
by hydrogen electrode, 173-174
mixed solvents, 53-54
non-aqueous medium, 188
operational definition, 50, 193
practical scale, 193-194
pH range, in water, 53
in alcohols, 53
Phenolphthalein, 67
Phenomenological coefficient, 80, 422425, 450-451
Phosphazene, 131
Photoacoustic spectroscopy, 335
Photocorrosion, 309
Photocurrent, 401
quantum yield, 405
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Photoelectric method of work function
determination, 157
Photoelectrochemistry, 390-409
Photoelectrolysis, 402, 403
Photoemission, electrochemical, 392
Photoexcitation, 393-394
Photogalvanic cell, 395-397
Photogalvanic effect, 390-397
Photogalvanovoltaic effect, 391
Photophosphorylation, 496
Photopotential, 400
Photoredox reactions, 394-397
Photosynthesis, 469-471
Photothermal spectroscopy, 335
Photovoltaic cell, 402
Photovoltaic effect, 390, 397
Pinacol, 250
Planck's theory of liquid junction
potential, 114
Platinum electrode, 165-166, 177-178,
307-308, 355-358, 361-365, 387388
hydrogen adsorption, 355-356, 362363
platinized, 308
single crystal, 308, 357
Poggendorf method, 191-192
Poisson-Boltzmann equation, 215, 217
Poisson distribution, 373
Poisson equation, 30, 214, 236, 419
Poisson probability relation, 373
Polarizable interface, 145
Polarization curve, 259, 284
irreversible, 286-287
quasirreversible, 287-288
reversible, 285
Polarization, of electrode, 252
Polarization resistance, 259, 302
Polarized radiation, 331, 335
Polarography, 295-298
Polaron, 324
Polyacetylene, 323, 324
Polyaniline, 326-328
Polyelectrolyte, 73-78
conformation, 74-76
dissociation, 77-IS
Polyethylene oxide), 128-129
Polyions, 73
Polymers
conjugation defects, 324
doping (p, n), 323
electronically conducting, 323
glass transition temperature, 129
ion conducting, 128-134

ion coordinating, 128
ion exchange, 131
ion solvating, 128
Polymer electrolyte, see Polymers, ion
conducting
Polymer modified electrodes, 321
Polyparaphenylene, 326
Poly(propylene oxide), 128
Polypyrrole, 326-327
Polythiophene, 326-327
Potential, chemical, 4, 28
Potential of zero charge, see Zerocharge potential
Potential probe, 177
Potential sweep voltammetry, 288-289,
294, 296
Potential-decay method, 300
Potentiodynamic methods, 295
Potentiometry, 181-197
Potentiostat, 293-296, 304
Potentiostatic methods, 293-296
Power spectrum, 374, 448, 458
Prandtl layer, 135-136, 141
Propylene carbonate, 334
Protic solvent, 47
Protogenic solvent, 45-46
Protolysis, 45, 57-58, 62
Protolytic reaction, see Protolysis
Proton transport, in water and ice, 123124
Protophilic solvent, 46
Quinhydrone electrode, 182-184
Quinone, electrochemical reduction, 251
Radioactive tracer technique, 328, 342
Raman spectroscopy, 335, 336
surface enhanced, 336
resonance, 336
Randles-Sevcik equation, 289
Random processes, see Stochastic
processes
Raoult's law, 5
Rate constants, 255, 257, 262, 272, 273274
Rational potential, 217
RBS, see Rutherford backscattering
spectroscopy
Reaction coordinate, 267, 270-271
Reaction layer, 348
Real potential, 153
Real surface, 246
Reciprocity relationship, 80
Redox electrode, 177-180, 182-184
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Reference electrode, 166, 252, 292-293
Reflection spectroscopy, 331
Refractive index, 332
Relaxation effect, 96
Reorganization energy, 269-272
Resistance, 2
Resistivity, 2
Resting potential, theory, 461-462
Reynolds number, 142-143
Ring-disc electrode, see Rotating ringdisc electrode
Robinson-Stokes equation, 39-41
Rotating disc, 138-139, 143
Rotating disc electrode, 285, 298-299
Rotating ring-disc electrode, 299, 300
Roughness factor, 246, 308
Ruthenium(II) bipyridine, 394, 396, 405,
406
Ruthenium dioxide, 312
Rutherford backscattering spectroscopy,
339
Salt bridge, 44, 211
Salting-out effect, 22
Scanning ion conductance spectroscopy,
342
Scanning tunnelling microscopy, 340
Scanning tunnelling spectroscopy, 341
Schmidt number, 142
Schottky barrier, 239
Schottky defect, 124-126
Schottky mechanism, 126
Screw dislocation, 306, 307, 375
Secondary ion mass spectroscopy, 338
Sedimentation potential, 243
Selectivity coefficient, 428
Self-ionization, 46-48, 53, 57, 59
Semiconductor, 88-89, 248, 308
band bending, 399
band theory, 398
degenerate, 310
electrode, 308, 397-406
intrinsic, 88
n-type, 88-89, 148
photoelectrochemistry, 397-406
p-type, 89, 148
sensitization, 403
Semipermeable membrane, 410-411
Semiquinone, 181
Sensitizer, 403
SERS, see Raman spectroscopy, surface
enhanced
Sherwood number, 143
Silicon electrode, 308, 309

Silver chloride electrode, 161-166, 175,
177
Silver electrode, 306, 358-360, 373
Silver iodide, as solid electrolyte, 126127
Sims, see Secondary ion mass
spectroscopy
Singlet states, 393
SNIFTIRS, 333, 334
Sodium channel, 458-462
Soft acids and bases, 61
Solar energy, photoelectrochemical
conversion, 406-408
Solid electrolyte, 124-127
Solid polymer electrolyte (SPE) cells,
132
Soliton, 324
Solubility product, 69-70, 186
Solvated electron, 21, 247, 385
Solvation, 15-23
in ionic solvents, 21
method of investigation, 22-23
of ions, 15-23
Solvation energy, 17-18
Solvation number, 17, 22-23
Solvent,
acid-base properties, 46-47
ionic, 13-14
molecular, 13
structure, 14-15
Solvolysis, 50-51
Space charge region, 236-237
Sparingly soluble electrolytes, 69-70
Specular reflectance, 332
Spike, 456-457, 462-463
Spiral growth, 375-376
Stability constant, 55, 349
Steps, 305, 306
Stern-Volmer constant, 395
STM, see Scanning tunnelling
microscopy
Stochastic effects (processes), 369, 373374,448,461,462
Stoichiometric number, of electrode
reaction, 254
Stokes law, 95, 121
Stokes-Einstein equation, 122
Streaming potential, 242
Striated skeletal muscle, 463-464
Strong electrolyte, see Electrolyte,
strong
Structure breaking, 19
Sub-lattice, 21, 127
motions, in solid electrolytes, 127
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Subtractively normalized interfacial
Fourier transformation infrared
spectroscopy, see SNIFTIRS
Sulphide ion, adsorption, 224
Surface charge, 199-201, 206-207, 209,
225, 230
determination, 234
of semiconductor, 237, 239
Surface concentration, 205-206
Surface electrical potential, definition,
146-147
Surface enhanced Raman spectroscopy,
see Raman spectroscopy
Surface excess, 206-207, 209, 211, 224226
Surface modification, 319-323
Surface pressure, 226
Surface reactions, 350-352
Surfactant, 199, 224
as inhibitor, 366-367
Symport, 451,467
Synapse, 455, 462
System trajectory, 267

Transition time, 109, 283
Transmission coefficient, 354
Transport number, 101-104
Triangular pulse voltammetry, 294, 296
Triplet states, 393

Tafel equation, 260-262, 275-277, 354,
355
Tafel plot, 260
Tafel reaction, 353
TATB assumption, 187-188, 241
Test electrode, see Working electrode
Tetrodoxin, 458-459
Thermogalvaniccell, 158
Thermoionic method, of work function
determination, 157
Thionine, 394-396
Time-of-relaxation effect, 96-97, 100
Tissue electrode, 432
Titanium dioxide, 311, 405
photoelectrolysis of water, 402, 403
sensitization, 405
Titanium disulphide, 318
Transfer activity coefficient, 62
Transfer energy, see Gibbs transfer
energy
Transference number, 91, 101

Wagner parabolic law, 380
Walden rule, 123
Warburg impedance, see Impedance
Water structure, 14-16
Weak electrolyte, see Electrolyte, weak
Weston cell, 191
Wetting angle, 233-234
Whiskers, 376-377
Wien effects, 98-100
Work function, 153-155
Working electrode, 252, 292-293

Ultramicroelectrode, 110, 292, 298-299
Underpotential deposition, 371
Uniport, 451
Uranyl ion reduction, 350
Vacancies, in crystals, 124
Valence band, 88-89
Valinomycin, 428, 445-446, 467
Valve metals, 311
Van't Hoffs factor, 10
Vibrating condenser method, 155-156
Vitreous carbon, see Carbon
Volmer reaction, 353
Volmer-Weber equation, 371
Volta potential, 147, 153-157
Voltage clamp, 294, 457
Voltammogram, 284, 285, 288

XPS, see Electron spectroscopy
X-rays, 336-337
Zero-charge potential, 207-210, 217,
231
see also Flatband potential
Zwitterion, 71
/S-alumina, 125

