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20.1 Outline of Electrochemistry

The present Section, which provides an outline of selected relevant topics
in electrochemistry, is intended primarily as an introduction to aqueous cor-
rosion for those readers whose basic training has not involved a study of
electrochemistry. The scope of electrochemistry is enormous and cannot be
treated adequately here, but there are now a number of excellent books on
the subject, and it is hoped that this outline will serve to stimulate further
study. The topics selected are as follows: (a) the nature of the electrified
interface between the metal and the solution, (b) adsorption, (c) transfer of
charge across the interface under equilibrium and non-equilibrium condi-
tions, (d) overpotential and the rate of an electrode reaction and (e) the
hydrogen evolution reaction and hydrogen absorption by ferrous alloys. For
reasons of space a number of important topics, such as the electrochemistry
of electrolyte solutions, have been omitted.

In this outline some emphasis has been given to the nature of the electrified
interface that exists between an electrode and a solution and on adsorption
of intermediate species at the interface; aspects of electrochemistry that are
frequently disregarded in accounts of the electrochemical mechanism of cor-
rosion. The fact remains that adsorption of species from solution at the
interface is normally a precursor to a corrosion reaction and will dictate the
form it takes, its rate, and its location on a heterogeneous metal surface.
Unfortunately, although knowledge on the adsorption on a mercury elec-
trode is advanced the position is quite different in the case of industrial
metals and alloys, and this has limited our understanding of a variety of
phenomena in corrosion such as pitting, stress-corrosion cracking, etc.
Nevertheless, an understanding of the nature of the electrified interface is
essential for an appreciation of the detailed mechanisms of corrosion.

The Electrified Interface

An aqueous electrolyte solution consists of a variety of charged and
uncharged species, e.g. cations, anions, water dipoles, organic molecules,
trace impurities, etc. which under equilibrium conditions are randomly
oriented so that within the solution there is no net preferentially directed
field. However, under the influence of a potential difference, the charge will
be transported through the solution by cations and anions that migrate to



Fig. 20.1 Potential and concentration gradients in the electrolytic cell CuXCuSO4XCu.
(a) The electrodes are unpolarised; the potential difference is the equilibrium potential £"eq. and
there is no concentration gradient in the diffusion layer, (b) The electrodes are polarised; Ep of
the anode is now more positive than £"eq. whilst Ep of the cathode is more negative and concen-
tration gradients exist across the diffusion layer; ce, cb, are the concentrations at the electrode
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Fig. 20.2 Helmholz double layer (H.D.L.) consisting of a 'plate* of excess negative charges on
the surface of the metal and a counterbalancing 'plate* of excess positive charges (cations) in
solution, the double layer as a whole being electrically neutral. The double layer can be regarded

as equivalent to a capacitor in which the 'plates* are separated by a distance 6

the cathode and anode, respectively; this migration of charge through an
electrolyte is responsible for electrolytic conduction. At each electrode there
will be a transer of electrical charge and a consequent electrode reaction that
results in a change in the concentration of the reacting species at the surface
of the electrode. Under these circumstances the transport of species to and
from the electrodes is by diffusion and convection as well as migration; the
term transport is used here to include diffusion, convection and migration.

Distance into
solution

Potential difference A4

SolutionPotential
gradient

Metal

Potential

</M Excess negative

charge on metal

9S Excess positive

charge in solution

H.D.L.

I.H.P. O.H.P.



Figure 20.1 shows the potential differences and concentration gradients in
the cell Cu/CuSCyCu.

Similarly, all points within a metal, which consists of an ordered rigid lat-
tice of metal cations surrounded by a cloud of free electrons, are electrically
neutral. Transport of charge through a metal under the influence of a poten-
tial difference is due to the flow of free electrons, i.e. to electronic conduc-
tion. The simultaneous transport of electrons through a metal, transport of
ions through a solution and the transfer of electrons at the metal/solution
interfaces constitute an electrochemical reaction, in which the electrode at
which positive current flows from the solution to the electrode is the cathode
(e.g. M2+(aq.) + ze~* M) and the electrode at which positive flows from it
to the solution (e.g. Af-* AP+(aq.) + ze) is the anode.

At any interface between two different phases there will be a redistribution
of charge in each phase at the interface with a consequent loss of its electro-
neutrality, although the interface as a whole remains electrically neutral.
(Bockris1 considers an interface to be sharp and definite to within an
atomic layer, whereas an interphase is less sharply defined and may extend
from at least two molecular diameters to tens of thousands of nanometres;
the interphase may be regarded as 'the region between the two phases in
which the properties have not yet reached those of the bulk of either phase'.)
In the simplest case the interface between a metal and a solution could be
visualised as a line of excess electrons at the surface of the metal and an equal
number of positive charges in the solution that are in contact with the metal
(Fig. 20.2). Thus although each phase has an excess charge the interface as
a whole is electrically neutral.

The separation of charge at a metal/solution interface results in a strong
electric field in the space between the charged layers and a potential differ-
ence across the extremities, and although the potential differences are com-
paratively small (< 1.0 V), the small distance of separation of the charged
layers results in a very high field strength; taking the distance of separation
as O-1 nm and the potential difference as 1 V, the field strength (potential
difference/distance) will be approximately 1O7VCm - 1 (1O9Vm"1). This
high field strength is responsible for the facility with which electrons can
cross the interface during electrode reactions, and a very small change in the
excess charge at the interface can have a very significant effect on the poten-
tial difference and the velocity of the electrode process. Thus it can be calcu-
lated2 that for a cathodic process involving one electron an excess charge of
only approximately 0-1 Cm"2 (1 mol of electrons = 1 F « 96500C, so
that O-1 C » 10~6 mol of electrons) will change the potential difference by
as much as — 0 - 6 V, and could increase the rate of the process by a factor
of 105.

Structure of the Electrical Double Layer (E.D.LJ

A simple model of the e.d.l. was first suggested by Helmholz in which the
charges at the interface were regarded as the two plates constituting a parallel
plate capacitor, e.g. a 'plate' of metal with excess electrons (the inner
Helmholz plane I.H.P.) and a 'plate' of excess positively charged ions (the
outer Helmholz plane O.H.P.) in the solution adjacent to the metal; the



charges balance one another so that the e.d.l. is neutral as a whole (Fig.
20.2). Although this model, which is based entirely on electrostatic con-
cepts, is applicable under certain circumstances it has certain limitations and
is incapable of explaining a number of experimental observations. Thus
although on the basis of the Helmholz model the distance of separation of
charges is taken as approximately O • 1 nm (the diameter of an ion) the inter-
phase actually extends to at least 0-5 nm and can affect the adsorption of
species at even greater distances.

If it is assumed that the interface between mercury (which is widely used
as an electrode for studies of the e.d.l.) and an electrolyte solution forms the
two plates of a capacitor, then at equilibrium the mercury 'plate' will have
an excess charge #Hg and the solution 'plate' a charge of equal magnitude
but opposite sign qs, and the capacitance C is given by

C = ̂ f ...(20.1)
Ac/>.

where A</> is the potential difference. On the basis of this model the potential
difference between the 'plates' due to excess charge is

A</> = — . . .(20.2)
*V £0

where e, is the relative permittivity of the 'material' between plates, C0 is the
permittivity of a vacuum (8-85 x 10"l2 Fm~ l ) and 6 is the distance between
the plates.

In this connection it is necessary to consider the contribution made to
the potential difference by the dielectric itself, and in aqueous solution this
will be largely due to adsorption of water molecules, although adsorption of
other molecules in solution can also have an effect. Although the water
molecule is electrically neutral as a whole, the fact that the two binding elec-
trons are closer to the oxygen atom than to the hydrogen atoms results in an
electric dipole with a positively charged (hydrogen) end and a negatively
charged (oxygen) end, and consequently a potential difference exists across
the molecule (Fig. 20.30).

If the metal has a large negative excess charge the adsorbed water mole-
cules will be oriented with their positive ends towards the metal and their
negative ends towards the solution, and this layer of oriented dipoles will
contribute an additional potential difference to the double layer (Fig. 20.36).
The converse situation will arise when the metal has a large positive charge,
and again the dipoles will contribute to the potential difference (Fig. 20.3c).
In the case of a metal with only a small excess charge dipoles of both orienta-
tions will adsorb, and the potential difference will be proportional to the
excess number of one or the other (Fig. 20.3d).

Thus the potential difference at the interface between a metal and electro-
lyte solution is due to both the charges at the interface (electrostatic poten-
tial difference) and the surface dipole layers; the latter is referred to as the
surface or adsorption potential difference. On the basis of the above con-
siderations it might appear that adsorption at a metal surface with an excess
charge is solely due to electrostatic interaction with charged species in the
solution, i.e. if the metal surface has an excess negative charge the cations



Fig. 20.3 Adsorption of water dipoles. (a) A water dipole showing the positive hydrogen end
and negative oxygen end, (b) adsorption on metal with large negative excess charge, (c) adsorp-
tion on metal with large positive excess charge and (d) adsorption on metal with small negative

excess charge

are attracted to the surface and adsorb, whereas the anions because of
electrostatic repulsion are prevented from adsorbing. However, this simple
model takes no account of specific or contact adsorption, and as will be
discussed subsequently it is possible for negatively charged anions to adsorb
strongly on the surface of a metal that has a negative excess charge.

Electrocapillary Curves and Excess Charge of an Interface

At the surface of a liquid the surface molecules will be subjected to a strong
inward attraction due to molecules in the interior and to a much weaker
force due to the molecules of the gaseous phase. This gives rise to a surface
tension (or to an interfacial tension if two liquids are involved) which tends
to cause the surface to shrink to give the minimum surface area; thus drop-
lets of liquid and bubbles tend to take up a spherical shape, since a sphere
has the minimum surface area for a given volume. Surface tension is also
responsible for a liquid rising up a very fine capillary. On the other hand,
when there is an excess charge at an interface the ions comprising the excess
charge will repel one another and this will result in a tendency for the surface
to expand; the forces due to the molecular attraction, interfacial tension and
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Fig. 20.4 Lippmann electrometer for studying the variation of the excess charge on mercury
with variation in potential difference at the mercury solution interface

those due to the excess charge thus oppose one another, and this effect can
be used to study the variation of excess charge with the potential of the inter-
face. The excess charge at a mercury/electrolyte solution interface has been
extensively studied by the Lippmann electrometer (Fig. 20.4), in which mer-
cury in a fine capillary is in contact with the solution under study. The poten-
tial of the mercury, which tends to be positive in most aqueous solutions,
can be varied by means of a potentiometer and its potential measured by
a suitable reference electrode. A change in the potential of the mercury/
solution interface will result in a displacement of the mercury in the capil-
lary, which can be determined with respect to a reference mark on the
capillary by means of a travelling microscope. The solutions selected for
these studies and the potential must be such that no electrode reactions
occur, and under these conditions the applied potential builds up a charge
at the highly polarisable mercury/solution interface, the magnitude of which
can be determined by the displacement of the mercury meniscus.

Electrocapillary curves are obtained by plotting the interfacial tension 7
(displacement of mercury expressed in appropriate units) against potential
difference at the mercury/solution interface with respect to a reference elec-
trode. Figure 20.5 shows how the interfacial tension increases as the poten-
tial difference between the interface and the reference electrode is increased
(in Fig. 20.5 the interface is made more negative), until it reaches a maxi-
mum when further increase in potential results in a corresponding decrease
in the interfacial tension. The excess charge #M, or charge density, at con-
stant temperature T9 pressure p and concentration of electrolyte c is given
by the Lippmann equation

C dy 1 Cdy}
«M=-\*T7\ = ~ b^ ' ' -(20-3>L3A0J TtptC [dEJ TtptC
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in which 7 is the interfacial tension and A</> is the potential difference between
the mercury and the solution. It should be noted that the absolute value of
A0 cannot be determined, but since it is only differences in potential that are
significant the change in the interfacial potential difference A</> will corres-
pond to the potential difference E determined by means of a suitable
reference electrode (see Section 20.2).

If the electric double layer is regarded as a simple parallel-plate condenser
the electrocapillary curve should take the form of a perfect parabola con-
sisting of an ascending positive branch (excess positive charge on mercury
and counterbalancing layer of negative charges in the solution) and a
descending negative branch (excess negative charge on mercury and counter-
balancing layer of positive charges in the solution). Solutions of different
alkali nitrates at the same concentration give electrocapillary curves that
coincide and that approximate to a perfect parabola, in spite of the fact that
the cations that adsorb on the negative branch of the curve (Na+, K+ , etc.)
are different. However, in the case of the potassium halides (Fig. 20.5),
although the negative branches of the curve (adsorption of K+) are simi-
lar, marked divergences are obtained on the positive branch of the curve

Approximates to a
perfect parabola

4E (vs. normal calomel)

Fig. 20.5 Electrocapillary curves for KNO3, and different potassium halides showing how the
former approximates to a parabola
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Potential difference (V vs. R.H.E.)

Fig. 20.6 Electrocapillary curves for HCl at various concentrations determined using a revers-
ible hydrogen electrode (R.H.E.) immersed in the same concentration of HCl as that used for

the determination (after Bockris and Reddy1)

(adsorption of halide), and it can be seen that the divergences from ideality
are in the order I~ > Br~ > Cl~. In general, the departure of the curve
from ideality occurs on the positive ascending branch at which anions are
adsorbed at the mercury/solution interface.

Similar considerations apply to the curves obtained for a single electrolyte
at different concentrations1 (Fig. 20.5), and in the case of HCl whereas the
ascending branches of the curves (adsorption of Cl~) show divergences that
increase with increase in concentration, the descending branches of the
curves (adsorption of H+) almost coincide. Thus again it is the anion rather
than the cation (only large organic cations such as the tetra-alkylammonium
ion have a significant effect) that affects the shape of the electrocapillary
curve.

Potent/a/ of Zero Charge *~3

The gradient of the electrocapillary curve (equation 20.3) at a given potential
gives the charge density at that potential, and it is evident from the slopes
that it will be positive on the ascending branch and negative on the descend-
ing branch. At the electrocapillary maximum, however, the gradient is zero.
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*--[fl]-0 -^20-4'
and there will be no excess charge at the interface. The potential correspond-
ing to the electrocapillary maximum is referred to as the potential of zero
charge (p.z.c.) and is given the symbol Ep,z,c,9 and reference to Figs. 20.5
and 20.6 shows that it varies with the nature of the anion and the concentra-
tion of the electrolyte.

In the case of Hg, Ga and liquid amalgams, the p.z.c. at ambient tempera-
tures can be determined from the electrocapillary curve, and this method
has also been used for molten metals in molten electrolytes at elevated
temperatures. Other methods3 that have been used to determine the p.z.c.
are based on the variation of some property of the interface with variation
in potential, e.g. (a) a change in contact angle between a gas bubble and a
metal surface immersed in an electrolyte solution, (b) a change in the
capacitance of a metal, (c) variation in adsorption of a species from a solu-
tion, (d) a change in frictional properties, etc. Values for the p.z.c. for
different metals obtained from various sources1'4'5 are given in Table 20.1.
A recent method2 is based on the principle that a change in the surface
charge results in a very small change in the surface energy of the metal, which
in turn causes distortion of the bulk metal, providing the latter is of very thin
cross-section. This method is similar in certain respects to that used for deter-
mining stress in electrodeposits by measuring the distortion produced in a
thin metal substrate. The metal to be studied is sputtered as a very thin layer
(< 10-Onm) onto a thin substrate (< O- Ol cm thick) immersed in the solu-
tion, and the very small distortions obtained when the potential is varied are
determined by means of a laser beam.

Table 20.1 Potential of zero charge Epzc and £ A/*+/M °f metals

Metal

Cd(0-01mol dm-3 KCl)
Tl
Ag (0-04 mol dm"3 Na2SO4)
Ga
Al (0-01 mol dm'3 KCl)
Fe (0-002 mol dm~3 H2SO4)
Bi (0-01 mol dm-3 KCl)
Co (0-04 mol dm~3 Na2SO4)
Sb(O-OIm0I-3HCl)
Hg
Ni
Cu (0-04 mol dm~3 Na2SO4)
Au (0-04 mol dm~3 Na2SO4)
Pt (0-003 mol dm~3 HClO4)

£p.z.c.(V, us. S.H.E.)

-0-92
-0-82
-0-70
-0-60
-0-52
-0-37
-0-36
-0-32
-0-19
-0-19
-0-06
+ 0-03
-0-23
-I-0-41

Equilibrium

Cd2+XCd
TlVTl
Ag+XAg
Ga3+XGa
Al3+XAl
Fe2+XFe

Co2+XCo
Sb3+XSb
Hg2+XHg
Ni2+XNi
Cu2+XCu
Au3+XAu
Pt3+XPt

£&+/M(V)

-0-42
-0-34
+ 0-79
-0-52
-1-7
-0-44

-0-27

+ 0-80
-0-25
-I-0-34
+ 1-3
+ 1-1

Although the p.z.c. is difficult to determine experimentally, and although
the values obtained vary with the method used, it is of fundamental signifi-
cance in electrochemistry, since it provides information on adsorption of
ions and molecules, i.e. if the potential is negative with respect to the p.z.c.
cations will tend to be adsorbed and anions repelled, and vice versa. The
p.z.c. appears to be a natural reference point for a rational scale of potentials
defined by



E = E- £p.,, . . .(20.5)

where E is the potential on the rational scale, E is the measured potential and
Epzc is the potential of zero charge (both E and Epzc are with respect to
the same reference electrode). The phi-scale of potentials, which has been
developed largely by Antropov4'6, takes a form that is similar to equation
20.5. It can be seen from Table 20.1 that E^z+/M and Epzc do not show any
simple correspondence, and this is due to the fact that the former depends
on the removal of an ion from the metal and its solvation (see p. 20.85)
whilst the latter is a function solely of the removal of an electron from the
metal, i.e. of the electronic work function.

Adsorption

The adsorption of ions and molecules at an electrified interface is of funda-
mental importance in all aspects of aqueous corrosion, and it is therefore
relevant to consider it briefly in the context of this discussion on the nature
of the electrified interface1'2'7. Gases may be adsorbed on solid surfaces in
various ways, and when the adsorbed layer is held by the residual forces
around the gas molecule, which are responsible for the liquefaction of gases
and the cohesion in liquids, it is referred to as physical or van der Waals
adsorption. Physical adsorption is reversible and the adsorbed gas can be
removed by evacuation or by heating to moderate temperatures; the enthalpy
of physical adsorption is small (<lkJmol~1) . In chemisorption the
adsorbed layer is chemically combined by covalent (or ionic) forces to the
metal, and removal of the layers requires evacuation at high temperatures;
the enthalpy of chemisorption is at least approximately 2 kJ mol"1 and the
bond between the metal and the surface is almost as strong as in stoichio-
metric compounds. An example of chemisorption is the adsorption of hydro-
gen gas onto the surface of tungsten, during which the hydrogen molecules
in contact with the surface dissociate and form a chemical bond, with each
atom of hydrogen combining with an atom of tungsten to form a monolayer.
This dissociation of the hydrogen molecules and the formation of a bond
takes place over a distance of O-1 nm. Physical adsorption and chemisorp-
tion are not mutually exclusive and both can occur in certain systems. Thus
when oxygen is adsorbed on charcoal, part is physically adsorbed and is
readily removed by evacuation whilst the remainder is chemisorbed, and
although it can be removed by evacuation at elevated temperatures the gases
evolved consist of the oxides of carbon showing that the bond between the
oxygen and carbon is greater than that between the carbon atoms in the solid.

In adsorption at an electrified interface the electric field is long range and
can influence ions some distance into the solution away from the metal sur-
face, and this electrostatic adsorption may extend to 100 nm. However,
within O- l-0-2nm of the surface there will also be some degree of chemi-
sorption of ions that are in contact with the metal surface, which is referred
to as specific or contact adsorption. Thus in considering adsorption at a
charged interface, account must be taken of both the long-range electrostatic
forces and the short-range chemical forces.

The adsorption of ions due to an electrified interface can be evaluated by
considering a series of laminae of the solution at various distances from the
metal surface and assessing the number of ions present as compared with
those that would have been present if the electrified interface had been



absent. The sum of these excess ions, the 'Gibbs surface excess'T,, is given
by

T1 = JJ (C1(X) - c?} dx = IJJ {q(x) - c?) dv

1 fni-"° n /j?
ri = -[o d < A n ) = ^ - - £ ...(20.6)

where C1(Jc) is the actual concentration of the species / at a distance x from
the metal surface, c? the concentration in the bulk solution (where the elec-
trified interface has no influence), n, the actual number of moles of i in the
interphase region, AI? the number of moles of / that would be present if
the electrified interface were absent, S the area of the interphase and v the
volume of the solution. It is evident that F1 will be either positive or nega-
tive depending on whether /I1 is larger or smaller than /zf, respectively.

The Gibbs adsorption equation for the adsorption of an ion / from solu-
tion can be written in the form of the thermodynamic equation

(F1),= --L f^-1 ...(20.7)
2RT {dlnaj T > T > a

where a, is the activity of the ion and the subscript E signifies that the sur-
face excess F1 is measured at constant potential. In measuring the potential
of a mercury solution interface (a polarisable electrode) it is necessary to
measure the e.m. f. of a cell consisting of that interface and a non-polarisable
reference electrode. It can be shown on the basis of thermodynamic
arguments that equation 20.7 is applicable only if the reference electrode is
reversible to an ion j of opposite sign to /. Thus if information is required
on the adsorption of anions (e.g. Cl" ions) then the reference electrode
must be reversible to cations (e.g. a reversible hydrogen electrode); if infor-
mation is required on the adsorption of cations the reference electrode must
be reversible to anions (e.g. a calomel electrode).

It follows that the surface excess F_ of an anion / (e.g. the Cl~ ion) can
be evaluated from the electrocapillary curves of a given electrolyte (e.g. HCl)
by plotting surface tension against the logarithm of the activity of the elec-
trolyte (evaluated at various constant potentials) and determining the slope
of the curve dy/d log a, and introducing it into equation 20.7.

The total excess charge qs in solution is due to both anions and cations,
and is given by

qs = Z+FT+ + z.FT _ . . .(20.8)

and since qM is given by equation 20.3 and is equal to —qs it is possible to
evaluate the surface of the cation F+ from qM and F_ since

Z+FT+ =qs- z.FT_ . . .(20.9)

The above provides a means of showing how the total excess charge on the
solution side of the interface qS9 the excess charge due to cations F+ and the
excess charge due to anions F_ , vary with potential in a solution of fixed
concentration of electrolyte. On the basis of this approach to the electro-
capillary curves it has been shown that the Gibbs surface excess for cations
is due solely to electrostatic forces (long-range coulombic), and this is
reflected in the fact that the electrocapillary curves for different cations and



the same anion at the same concentration (e.g. alkali nitrates) coincide, i.e.
specific or contact adsorption is absent. On the other hand, adsorption of
anions can only be explained by taking into account both electrostatic and
contact adsorption.

Inconsistencies of the Parallel Plate Model

The simple Helmholz model, in which the charge on the model is regarded
as the plate of a capacitor that attracts a counter layer of ions of opposite
charge and results in two parallel plates of the same charge density, is incon-
sistent with the shapes of the electrocapillary curves obtained in practice. It
can be shown1'2 that if the Helmholz model applied, the electrocapillary
curve would conform to the relationship

7 = 7max.-^X j£2 . . .(20.1O)

where 7max corresponds with the electrocapillary maximum. This is the
equation for a parabola, symmetrical about 7max, and it is evident that this
is seldom achieved in electrolyte solutions, particularly when the electrolyte
is a halide (Figs 20.5 and 20.6).

A further inconsistency in the Helmholz model is revealed by the differen-
tial capacitance C which is given by

C=(^l =*£ ...(20.11)
L ̂  J const, comp. "

and which can be evaluated, at any given value of E, from the slope of the
electrocapillary curve. Since eT9 eQ and d should be constant, the curve of
electrode charge vs. potential should be linear, and C (the slope of the
curve) should remain constant at all values of E. Figure 20.7 shows results

Potential (V, vs. standard hydrogen electrode)

Fig. 20.7 Differential capacitance/mercury electrode potential relationships for potassium
chloride at different concentrations showing (a) how minima are obtained only at low concen-
trations and (b) the constant capacitance at negative potentials (after Bockris and Drazic2)
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obtained for Hg in solutions of KCl at different concentrations, and it can
be seen that C varies with potential and concentration except at very negative
potentials where it is almost constant. This constant capacitance has been
found to be independent of the nature of the ion, although if 6 is taken as
the distance between the electrode and the centres of the ions on the solution
side of the interface it should vary with the ionic radius of the ion (equation
20.11). It should be noted that at the intermediate potentials the curves for
dilute solutions approximate to inverted parabolas.

Gouy-Chapman and Stem Models of the Double Layer

Gouy and Chapman (1910) pointed out that the Helmholz model could not
provide a true picture of the double layer, since the disordering forces due
to the thermal energy of the ions would oppose their ordering by electrostatic
forces. This would result in an equilibrium in which the excess of the counter
ion would be a maximum close to the surface of the electrode and would
diminish gradually with increasing distance from the surface (Fig. 20.8). In
many respects this diffuse charge model is similar to that used by Debye and
Hiickel in their theory of interionic attraction of ions in solution, in which
the ion is regarded as a point charge having a spherically symmetrical field
which diminishes with distance from the ion into the solution1'8. Thus the

Bulk
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Gouy-Chapman diffuse layer
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Fig. 20.8 Gouy-Chapman diffuse layer model of the double layer
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Potential (V)

Fig. 20.9 Experimental capacitance-potential curve for 0-001 MKCl and calculated curve
using the Gouy-Chapman model. The experimental curve and the theoretical curve agree at
potentials (vs R. H.E.) near the p.z.c. Note the constant capacitance of «17 x 10~2 F m~ 2 at

negative potentials (after Bockris and Drazic2)

potential in an electrode-ion interaction should be a maximum at the metal
surface, and should decay exponentially with distance into the solution and
attain a constant value (zero) in the bulk solution.

The Gouy-Chapman theory predicts that the differential capacitance of
the interface should be a hyperbolic cosine function of the potential differ-
ence, and this should result in a curve that takes the form of an inverted
parabola. Figure 20.9 shows the differential capacity against potential curves
calculated on the basis of the Gouy-Chapman model and the experimental
values obtained for 0-001 M KCl, and it can be seen that there is fair agree-
ment only at potentials close to the p.z.c. Thus although the model is applic-
able to ions whose thermal energy is of the same order as their energy of
interaction with the electrode field, it is not applicable to those ions that are
adsorbed in the Helmholz double layer.

The Stern model (1924) may be regarded as a synthesis of the Helmholz
model of a layer of ions in contact with the electrode (Fig. 20.2) and the
Gouy-Chapman diffuse model (Fig. 20.10), and it follows that the net charge
density qs on the solution side of the interphase is now given by

<7S = ?H + ?G = -QM - - .(20.12)

where QH is the charge stuck to the electrode (Helmholz model) and qG is
the charge diffusely spread out in solution (Gouy-Chapman model). Thus
although the interphase region as a whole remains electrically neutral the
model leads to the concept of two distinct regions of charge separation:

1. The interface region from the electrode to the Helmholz plane (the
locus of the centres of the ions in contact with the electrode) across
which the potential varies linearly.

2. The region from the Helmholz plane into the solution, across which the
potential varies exponentially attaining a value of zero at some dis-
tance; in this region the ions are subjected to both ordering electrical
forces and disordering thermal forces.

The Stern model predicts that the total differential capacitance C will consist
of two terms representing two capacitors in series
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i = i- + TT- • • .(20.13)C CH C0

where CH is the Helmholz capacity of the region between the metal and the
O.H.P., and C0 is the capacity of the diffuse charge. It can be shown that
when the concentration of the electrolyte is large most of the charge is con-
fined in or near the Helmholz double layer with little charge scattered in the
diffuse layer, and under these circumstances

^ ~ -5-, or C - CH . . .(20.14)
C CH
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Fig. 20.10 Stern model of the double layer
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which means that in concentrated solutions the diffuse layer can be neglected
and the double layer approximates to the Helmholz model. Conversely, in
dilute solutions

~ - - J - , o r C « C G . . . (20 .15)
C CG

and the double layer approximates to the Gouy-Chapman model.

Structure of the Double Layer

Previous considerations have indicated that the simple Helmholz double
layer could be regarded as analogous to a capacitor in which the layer of
excess charge on the metal (the I.H.P.) forms one plate and the counter-
balancing layer of ions in solution (the O.H.P.) forms the other (Fig. 20.2).
If the solution is concentrated the Gouy-Chapman diffuse layer may be
disregarded, although it will exist and will provide the small amount of
excess charge needed to maintain electroneutrality of the interphase as a
whole.

Two alternative structures for the simple Helmholz double layer (Fig.
20.11) have been provided1:

Fig. 20.11 Two types of arrangement of ions at a metal/solution interface, (a) Arrange-
ment O; solvated ions in the O.H.P. and surface of electrode covered with water dipoles.

(b) Arrangement I; desolvated ions in the I.H.P. (after Bockris and Reddy1)

1. Arrangement O, in which water dipoles completely cover the surface
of the metal with the locus of the centres of the hydrated ions forming
the O.H.P.

2. Arrangement I, in which ions stripped of their solvent sheath are in
direct contact with the metal.

Arrangement O Arrangement 1

Electrode Electrode

Positive ion
desolvated in
the direction
of electrodeNo first row

water molecules
between ion and

electrode

Solvated
positive ion

First row water
molecules



Arrangement O is based on the hypothesis that the surface of the electrode
is covered with water molecules, and it can be calculated from the number
of water molecules per cm2 on a plane in water and from the number of
metal atoms per cm2 (adsorption sites), that at least 70% of the surface is
covered with water molecules, i.e. coverage O > 0-7. Furthermore, image
forces, dispersion forces and covalent bonding can increase coverage still
further so that the majority of the sites will be occupied by water molecules,
and if the electrode is electrically charged the field perpendicular to the elec-
trode will result in the orientation of the adsorbed water dipoles (Fig. 20.3).
Ions of opposite sign to that of the electrode, surrounded by their primary
hydration sheath, will migrate to the electrode under the influence of the field
until they collide with the oriented water dipoles of the hydrated electrode,
but since the overlapping of the electron shells of the water molecules results
in repulsion, they will not come into contact with it.

It is possible on the basis of this model (arrangement O) to explain the
constant capacitance region on the negative side of the C vs. E curve (Fig.
20.7), and why the capacitance in this region is independent of the nature
of the cations in the solution. The model of the double layer is shown in
Fig. 20.12 in which it can be seen that the surface of the electrode and the

First-row water
Second-row water

Hydrated positive ion

Electrode

Is equivalent

Fig. 20.12 Double layer consisting of (a) a layer of water dipoles and a layer of ions that may
be regarded as (b and c) two capacitors in series (after Bockris and Reddy1). Note that KeL and

KeH are the capacitances of the regions of high and low permittivities, respectively

O.H.P.



adsorbed water dipoles form one capacitor, whilst the second row of water
molecules and the row of hydrated cations form the other, so that in effect
there are two capacitors in series. If the total differential capacity of the dou-
ble layer is C, then

1= > + * = /«* + *•* ...(20.16)
^ ^H2O ^H *-() ̂ H2O V° "~ "H2O^

where £H20 is the relative permittivity of the layer of adsorbed water
dipoles, €H that of the medium between the I. H. P. (locus of the centre of
adsorbed water molecules) and the O. H. P. (locus of the centres of the
hydrated ions), dH20 the thickness of the water layer and (d — rfH2o) the
thickness of the remainder of the Helmholz double layer. Water molecules
adsorbed at an electrode will be completely oriented by the field, and will
not be able to make the same contribution to the permittivity as is possible
in bulk water in which they are free to orientate themselves. Under these
circumstances eH20 will be as small as approximately 5-6 (compared with 80
for bulk water), and since £H will be greater than 40 (approximating to the
value of bulk water as the distance from the electrode increases) the 2nd term
on the right-hand side of equation 20.16 will be small compared with the
first and can be neglected. Taking rfH2o = 2-8 x 10~2m and C0 = 8-85 x
10"12Fm-1, it can be calculated that C » 17 x 10~2Fm~2 which is in good
agreement with the capacity obtained experimentally (Fig. 20.9). This con-
stancy of the differential capacity provides considerable support for the
model shown in arrangement O, in which the capacitance is independent of
the radius of the ions constituting the O. H. P.

In arrangement I (Fig. 20. 1 1) it has been assumed that certain ions are able
to divest themselves of their primary water sheath, push water dipoles away
from the electrode and thus become adsorbed on the surface of the electrode.
Thermodynamic calculations of the free energy of contact adsorption AGC
(the calculation involves a two-step process in which a certain number of
water molecules become desorbed from the surface in the first step, whilst
in the second step the ion divests itself of part of its water sheath and jumps
into the hole) show that it is negative for certain ions (Cs+, Cl", Br" and
I") which should therefore be able to displace water and to adsorb on the
metal surface, and positive for others (Na+, K+ and F"). There is a rela-
tionship between the free energy of contact adsorption and the ionic radius,
and the larger the ionic radius the greater is the magnitude of — AGC; it
follows that the larger the ionic radius (Table 20.2) the greater the tendency
of the ion to adsorb at the surface of the electrode. The converse applies
to ions of smaller ionic radius, which are so tightly bound to their solvent
sheath that AGC is positive and contact adsorption is not possible. Figure
20.13 shows the two possibilities, and it can be seen that in the absence of

Table 20.2 Ionic radii (nm)*

Li+

Na +

K+

Rb+

Cs+

0-068
0-097
0-133
0-147
0-167

Be2+

Mg2+

Ca2+

Sr2 +
Ba2+

0-035
0-066
0-099
0-134
0-134

F-
cr
Br~
I-

0-133
0-181
0-196
0-22

*Data from Parsons, R., Handbook of Electrochemical Constants, Butterworths, London (1959).



Fig 20.13 (a) Electrical double layer and (b) electrical triple layer (after Bockris and Reddy l).
Note that Layer 2 in (b) is produced by adsorption of negative ions on the negatively charged

electrode

contact adsorption the double layer is similar to the Helmholz model in
which the layer of excess charge on the metal forms the I.H.P., whilst the
counterbalancing layer of hydrated ions forms the O.H.P. The second
possibility arises when contact adsorption occurs, the locus of the centres of
the contact-adsorbed ions forming the I.H.P., and the locus of the centres
of the hydrated ions the O.H.P. This model, which applies only when the
solution is concentrated and contains ions of large ionic radius, is regarded
by Bockris and Reddy1 as giving rise to a triple layer (Fig. 20.136).
It is important to note that the concept of contact adsorption resolves the
problem of the adsorption of a negative ion on a negatively charged metal
surface, which cannot be explained on the basis of simple coulombic forces;
this difficulty was overcome formerly by referring to the phenomenon as
specific adsorption, but it can now be interpreted in terms of contact adsorp-
tion involving short-range non-coulombic forces, i.e. image forces, disper-
sion forces and covalent bonding. It follows from the above that adsorption
of Cl~ ions, a precursor to pitting, is possible even at potentials more nega-
tive than the p.z.c.

The majority of work on the electrified interface has been carried out using
a mercury electrode, which has the advantage that it has a well-defined and
reproducible surface and a highly polarisable interface when immersed in a
solution. In the case of solid metals the concepts outlined are equally applic-
able, but modifications are necessary to allow for the following:

1. The non-electrostatic interaction between a solid metal and the con-
stituents in solution (water, ions, etc.) will not be the same as that for
mercury.

2. The degree of electrode polarisability differs, and most solid metals will
be less polarisable than mercury. (See Section 20.3.)

3. The surface of mercury is homogeneous and all sites (Hg atoms) are
equivalent, whereas a solid metal will have a heterogeneous surface
with sites that differ in adsorption energies.

Layer 1 Layer 2

Layer 1 Layer 2 Layer 3

Electrode

Electrode

Hydrated positive
ion

Contact-adsorbed
negative ion

O.H.P.
I.HP. O.H.P.



Adsorption Isotherms7*9

An adsorption isotherm gives the relationship between the coverage of
an interface with an adsorbed species (the amount adsorbed) and the pres-
sure of gas or concentration of the species in solution; in electrochemical
reactions the coverage will depend also on the potential difference at the
interface.

Langmuir (1916), who put forward the first quantitative theory of the
adsorption of a gas, assumed that a gas molecule condensing from the gas
phase would adhere to the surface for a short time before evaporating and
that the condensed layer was only one atom or molecule thick. If 0 is the
fraction of the surface area covered by adsorbed molecules at any time, the
rate of desorption is proportional to O and equal to kdO where &d is a con-
stant at constant temperature. Similarly the rate of adsorption will be pro-
portional to the area of bare surface and to the rate at which the molecules
strike the surface (proportional to the gas pressure/?). At equilibrium the rate
of desorption equals the rate of adsorption

*d0 = Ar3(I -6)p . . .(20.17)
and the Langmuir isotherm can be expressed as

rb = kirap ••• (20-18)

where a is a constant, the Langmuir constant or adsorption coefficient. Rear-
ranging equation 20.18

B = -22— . . .(20.19)
1 -I- ap

Similarly, for adsorption of a species from solution

*=Tf£L_ ...(20.20)

where C1 is the concentration of the species / in solution.
Two limiting cases of the Langmuir isotherm are of interest. When 0 is

very small, as when the pressure (or concentration) is low, or the constant a
is small, then equation 20.18 reduces to

0 = ap . . .(20.21)
and 0 is linearly related to p, a relationship that is observed frequently in
the low-pressure region of the isotherm. When 0 -» 1, as at high pressures or
with strong adsorption at low pressures, then the isotherm becomes

1 - 0 = — . . .(20.22)
ap

and the fraction of the bare surface (1 — 0) is inversely proportional to /?,
and 0 tends to a limiting value in this region.

The Langmuir isotherm is based on the following assumptions:

(a) The solid surface contains a fixed number of adsorption sites, and
each site holds one adsorbed species.

(b) The heat of adsorption is the same for all sites and is independent of 0.



(c) The adsorbed species do not interact with one another so that a species
may adsorb at an unoccupied site or desorb from an occupied site,
irrespective of whether or not neighbouring sites are occupied.

The Langmuir isotherm has been found to be obeyed by a number of
systems at low (O < approx. 0-2) or high (6 > approx. 0-8) coverages, but
fails in the intermediate region where the assumptions given above are no
longer valid. Determinations of the heat of adsorption on clean metal sur-
faces shows that it frequently decreases markedly with increasing surface
coverage, an observation that is indicative of surface non-uniformity. This
non-uniformity is due to the intrinsic heterogeneity of the surface (edges
of crystal growth planes, screw dislocations, kink sites, etc.) and to the
repulsive forces between adsorbed atoms or molecules; the latter become
very significant when the surface-to-adsorbate bond is partially ionic, since
the repulsive forces are then large and result in a marked lowering of the heat
of adsorption at the higher coverages.

Temkin suggested that the deviations from the Langmuir isotherm at high
coverages could be accounted for by regarding the surface of the metal
as being composed of small patches of equal size, at each of which the
Langmuir isotherm holds independently with a characteristic local standard
free energy of adsorption that depends on the patch distribution. The stan-
dard free energy of adsorption for each patch was assumed to decrease by
equal small decrements over successively covered patches with increase in
coverage, and the variation can be expressed by

AG,e = AG0
9 - fRTB . . .(20.23)

where AG« and AG19
6 are the standard free energies of adsorption corres-

ponding with 0 = 0 (the standard state) and finite S9 respectively. With
these and other assumptions Temkin derived the isotherm

6 = iIn f 1+fl* ,1 . . .(20.24)
/ U+*o/>exp(-/)J

where a0 is the value of the Langmuir constant (equation 20.18) for the first
micro-adsorption patch covered (6 = O) and/is defined by equation 20.23,
or by

'-rr^
The factor / is thus a free-energy parameter, although it is usually the
enthalpy of adsorption which is regarded as decreasing linearly with cover-
age in the intermediate region. Temkin pointed out that if/was sufficiently
large, an intermediate range of values of p would exist where a0p » 1,
whereas aQp exp( —/) <$C 1, so that equation 20.24 could be reduced to

0 = -ln(a0p) . . .(20.26)

which is referred to as the logarithmic Temkin isotherm, and shows that in
the intermediate region the coverage B is logarithmically related to p. For
comparison the Langmuir isotherm can be written in the form

In0 - In(I - 0) = \na0p . . .(20.27)



Fig. 20.14 Langmuir and Temkin isotherms showing variation of coverage as a function of
pressure P of adsorbate. The Langmuir curves are for different Langmuir constants /,, and I2
(a in equation 20.18), and the free energy of adsorption is assumed to be constant. In the
Temkin isotherm coverage is linearly related to log P in the intermediate region owing to the

variation of the free energy of adsorption with coverage (after Conway7)

Previous considerations have been confined to the effect of pressure and
concentration upon coverage, but in an electrochemical equilibrium the
activity and chemical potentials of the species adsorbing at the interface will
also be a function of the potential difference A0. For a solution containing
unit activity of the species the effective pressure of the species at the interface
is given by

p = exp(A0F//?r) . . .(20.28)

and from equations 20.18 and 20.28

-̂ - = a exp(&<t>F/RT) . . .(20.29)
1 — 0

which shows how coverage is related to potential difference. The Langmuir
and Temkin isotherms are of importance in relation to the adsorption of H
on the metal during the hydrogen evolution reaction, in which the former is
applicable at low coverages and the latter at high coverages.

Bockris, Devanathan and Muller10 (B.D.M.) in 1963 modified the Lang-
muir isotherm to take into account the dependence of the Langmuir constant
(equation 20.19) on potential and coverage. The B.D.M. isotherm allows for
the interaction of the adsorbed ions, which are assumed to be confined to the

Pressure P

showing that 6 varies more slowly with increasing p in the Temkin isotherm
than in the Langmuir isotherm, and that the larger the value of/the greater
the divergence. Figure 20.14 illustrates Langmuir and Temkin isotherms,
which show the variation of O with pressure of the gas7.
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I.H.P. and O.H.P. (the diffuse layer being disregarded), and a distinction is
made between contact-adsorbed ions and ions electrostatically adsorbed by
long-range coulombic forces. Wroblowa, Kovac and Bockris2 showed that
when qM = 0 ( p z c ) , the B.D.M. isotherm can be expressed in the form

C o ^
loga± - log = C + B83/2 . . .(20.3O)

L1 - V
where a± is the activity of the ion in solution and B and C are constants.

Thus a plot of loga± — log 175. 03/2 should give a straight line
I U - OJ J

of slope B and the intercept at O = O gives C. The B.D.M. isotherm has been
found to show good agreement with the values actually obtained for the
adsorption of various anions (Cl", CN~, CNS~, CIO4", etc.) at a mercury
electrode, and the constant C provides a means of evaluating the standard
free energy of adsorption of an individual ion undergoing contact adsorption
(chemical interaction) when B -» O.

Adsorption in Corrosion Reactions

Some emphasis has been placed in this Section on the nature of the electrified
interface since it is apparent that adsorption at the interface between the
metal and solution is a precursor to the electrochemical reactions that con-
stitute corrosion in aqueous solution. The majority of studies of adsorption
have been carried out using a mercury electrode (determination of surface
tension vs. potential, impedance vs. potential, etc.) and this has lead to a
greater understanding of the nature of the electrified interface and of the
forces that are responsible for adsorption of anions and cations from solu-
tion. Unfortunately, it is more difficult to study adsorption on clean solid
metal surfaces (e.g. platinum), and the situation is even more complicated
when the surface of the metal is filmed with solid oxide. Nevertheless, infor-
mation obtained with the mercury electrode can be used to provide a
qualitative interpretation of adsorption phenomenon in the corrosion of
metals, and in order to emphasise the importance of adsorption phenomena
some examples are outlined below.

The adsorption theory of passivity11 postulates that the phenomenon is
due to the chemisorption of a monolayer of oxygen, which is considered
to be atomic rather than molecular since the free energy of adsorption of O
atoms usually exceeds the free energy for association of adsorbed molecular
O2; a second layer of O2 molecules may chemisorb on top of the first
monatomic layer, but is less energetically bound than the first. This adsorp-
tion is considered to interpose a stable barrier of O atoms and O2 molecules
between the metal and solution, displacing adsorbed H2O and thus increas-
ing the activation energy for dissolution of the metal lattice. Hoar12 in
presenting arguments in favour of the oxide film theory of passivity (see
Section 1.5) points out that above the p.z.c. the adsorbed water dipoles will
be oriented with the negative O2" end of the dipole attached to the metal,
and that above the reversible potential of M + H2O -> MOsolid + 2H+ + 2e
it will be kinetically easy for protons from the adsorbed water dipoles to



transfer to others adjacent to them in solution. The adsorbed O2 ions are
then taken up by the metal cations in the lattice to form a monolayer of solid
oxide.

Adsorption is also of major importance in the breakdown of passivity by
certain anions, and the fact that ions of small ionic diameter such as Cl"
and Br" are conducive to breakdown was explained at one time in terms of
their ability to penetrate the passive oxide; however, this view is not tenable
since large anions (CIOi") can cause breakdown, and there is little evidence
of the presence of pre-existing pores in the film. Irrespective of the mech-
anism of penetration, it is evident that it must be preceded by replacement
of the adsorbed water by adsorbed anions, which will be favoured by a high
anion concentration and by a higher (more positive) interfacial potential
difference between the oxide film on the metal and the solution. Hoar12

points out that as anion adsorption by replacing adsorbed water dipoles pro-
ceeds, the interfacial tension (or interfacial free energy) of the oxide/solution
interface is progressively lowered by the mutually repulsive forces between
adsorbed anions in a similar way to that of the mercury in the Lippmann
electrometer. Eventually, the interfacial tension is lowered sufficiently for a
kind of peptisation of the oxide by the interfacial charge to occur, and the
adsorbed anions push one another, and the oxide to which they are strongly
attached, apart thus resulting in a crack or split in the protective film.

Adsorption is, of course, of major importance in the inhibition of corro-
sion by organic compounds (adsorption inhibitors) that have the ability to
adsorb strongly on the metal surface, thus impeding the dissolution reaction
and reducing the corrosion rate. It follows that the coverage of a metal
surface by adsorbed inhibitor can be evaluated from the relationship

•—§
where k{ and k are the corrosion rates in solutions with and without the
inhibitor, respectively. The variation in coverage with concentration of
inhibitor frequently conforms with Frumkin's isotherm13'14

-?-exp(/0)=*c
i — u

where K is the equilibrium constant for the adsorption reaction, c is the
concentration of the inhibitor and / is a parameter connected with the
variation of adsorption energy with 6 which is positive when the free energy
of adsorption decreases with coverage, and negative when it increases

AG3 = AGe ±fRT6
The Frumkin isotherm can be regarded as a general isotherm from which
both the Temkin and Langmuir isotherms can be obtained as special cases.
Szklarska-Smialowski and Wieczorek15 found that the adsorption of
various aliphatic compounds (acids, alcohols and amines) on steel in H2SO4
conformed with the Frumkin isotherm.

In connection with the adsorption of organic molecules at the surface of
an electrode it is possible to distinguish two types: (a) adsorption of undis-
sociated molecules and (b) adsorption of intermediates formed by dissocia-
tion of the original molecule. The variation of coverage of the surface of a



mercury electrode with undissociated organic molecules with potential fre-
quency takes a parabolic form with 8 attaining a maximum at potentials
close to the p.z.c., and this can be explained in terms of competitive adsorp-
tion between the molecules and water dipoles. Although the water dipoles
are strongly attracted to the electrode at potentials more negative or more
positive than the p.z.c. (Fig. 20.3), they are only weakly held at potentials
close to the p.z.c., at which 0H20 obtains a minimum value, and the organic
molecules have the greatest chance of displacing adsorbed water and becom-
ing adsorbed themselves. The mechanism of the adsorption of organic
inhibitors is outside the scope of this section, and reference should be
made to Section 17.3 and to the comprehensive review by Trabanelli and
Carassiti16.

Electrode Kinetics

Homogeneous Chemical Reactions

Before considering the velocity (the kinetics) of an electrochemical reaction
in which charge transfer takes place at a metal/solution interface, it is rele-
vant to consider briefly the kinetics of homogeneous chemical reactions. The
rate of homogeneous chemical reaction will depend on a variety of factors
of which concentration of reactants, temperature, radiation and catalysis are
the most important, and will range from almost instantaneous (neutralisa-
tion of a strong acid by a strong base) to extremely slow (reaction of H2,
and O2 at ambient temperatures to form water). In a number of systems,
although there is a high thermodynamic tendency for the reaction to pro-
ceed, it is nullified by kinetic factors so that the reaction proceeds extremely
slowly, and many corrosion reactions fall into this category.

The rate of a chemical reaction is proportional to the concentration of the
reactants, and for a reversible isothermal homogeneous reaction:

aA + bB ̂  cC + dD . . .(20.31)

the rate of the forward reaction v will be

J= ~kc\cl . . .(20.32)

and the rate of the reverse reaction will be

r= kcc
cci . . .(20.33)

where k and k are the rate constants for the forward and reverse reactions,
respectively. Since the rates are dependent on the concentration of the
species involved in the reaction, it follows that the rate of the forward reac-
tion will decrease whilst that of the reverse reaction will increase as the reac-
tion progresses. Finally, the velocities will become equal and a state of
dynamic equilibrium will be attained

7= v~ and kc\c\ = kcc
cc

d
D . . .(20.34)



and the concentrations of the reactants and products are now the equilibrium
values at the temperature under consideration. Therefore

rc rd ~?

§H-* (20-34"
where K is the equilibrium constant for the reaction at a given constant
temperature, and K will increase or decrease with increase in temperature
according to the variation of AG* with temperature (AG*= -RTInK). Thus

x 2
for equilibria of the type 2-M + O2 = ~MxOy K decreases with increase in

temperature so that p02 increases, whereas in the case of the equilibrium
2C + O2 = 2CO the converse applies and K increases (see Section 7.6,
Fig. 7.56).

The dependence of the velocity of a reaction on concentration follows
from the fact that the forces between the molecules are of short range so
that reaction will take place only when the reactant molecules are almost
in contact. Thus 'collision' of two (or more) molecules must occur for reac-
tion to take place, and since the probability of the two reacting molecules
being in a specific place is proportional to the product of their concentra-
tions, the rate of reaction will be proportional to the concentrations of the
reactants.

Increase in temperature increases velocity, and for a homogeneous process
the rate constant k increases by « 200 to 300% for each 10 K increase in tem-
perature, which is surprisingly high, since the number of collisions between
molecules increases by only approximately 2% per 10A'increase in tempera-
ture. This anomaly was resolved by Arrhenius who suggested that in every
system an equilibrium exists between 'normal' and 'active' molecules, and
that it is only the latter that have sufficient energy to participate in the reac-
tion, although the collisions of these active molecules represents only a small
proportion of the total collisions. At a given constant temperature the active
molecules are a constant fraction of the total number so that the theory is
not inconsistent with the fact that the reaction rate is proportional to the
concentration of the total molecules. Thus for a molecule to react its kinetic
energy must be sufficiently greater than the average kinetic energy at that
temperature to enable it to climb to the top of the energy barrier; molecules
possessing this energy (or more) are said to be activated and the energy E*
to surmount the barrier is the activation energy of the reaction (units of
J mor1).

The number of molecules nE possessing an energy in excess of a given
value of kinetic energy E is given by Maxwell's Distribution Law

nE = n exp( -E/RT) . . .(20.35)

where n is the total of the molecules. It follows that a similar relationship
will apply between the chemical rate constant and the height of the energy
barrier E* that only the activated molecules are able to surmount

£chem. = A exp( -E*/RT) . . .(20.36)

where A is a constant and fcchem is the chemical rate constant.



Equation 9.36 is referred to as the Arrhenius equation, and taking
logarithms

ln*chem. = \n A-^- ...(20.37)
KJ

or

2-3 log Archem. = 2-3 log A - |̂  . . .(20.38)

Thus a plot (Arrhenius plot) of log £chem. against 1/ T will give a straight line
of slope -E*/2-3 R9 which enables the activation energy to be evaluated
from the variation of the rate constant with temperature. Equation 20.38
shows that the smaller the activation energy of a reaction (the lower the
height of the energy barrier) the more rapid the reaction at a given tempera-
ture, and that for any reaction the rate of reaction will increase with increase
in temperature.

Rate of Electrochemical Reaction

Previous considerations have shown that in homogeneous chemical reac-
tions the rate is determined by the concentrations of reactants and the
temperature, and that under the same conditions of concentration and
temperature different reactions will proceed at rates that vary according to
the activation energies of the reaction. Similar considerations to the above
apply to heterogeneous reactions involving charge transfer at a metal/solu-
tion interface, but the potential of the electrified interface introduces an
important additional factor, and the reactant rate at constant temperature
and concentration of reactants can be increased or decreased very signifi-
cantly by changing the potential of the electrified interface.

Consider the cathodic reduction of a hydrated metal ion M+ (aq.) to a
lattice metal atom at the interface M/M+ (aq.) by a simple one-step reaction

M+(aq.) + e = M ( l )

which has been selected to avoid the complications that are involved when
the overall reaction consists of two or more steps of which one is slower than
the other and is thus rate determining2 (see p. 20.43).

In the double layer the ion will be hydrated and its distance from the metal
surface will be approximately the diameter of the water molecule attached
to the metal surface plus the radius of the hydrated metal ion, i.e.
0-28 + (y x 2-8) + rM+ * 0-5-0-6 nm which is the distance between
the metal surface and the O.H.P. The ion will be vibrating constantly with
respect to its hydration sheath, and in its attempt to attain the metal surface
it will have to surmount the energy barrier (Fig. 20.15), which is regarded as
having a maximum potential energy at a distance approximately half-way
between its original position at the O.H.P. and the metal surface. At this
maximum the metal ion receives the electron and becomes an uncharged
atom, which can then descend of its own accord along the remainder of the
potential energy-distance (Morse) curve and enter the lattice of the metal. It
also follows that only metal ions with an energy greater than the maximum



Distance

Fig. 20.15 Cathodic reduction of M+(aq.) to metal in which the activation energy (height of
the energy barrier) for the cathodic reaction is lowered to E* + $FE whilst that for the anodic
reaction is raised to £"* - (1 - /3) FE (note that E* is positive and E negative). (After

Bockris and Drazic2)

will be able to surmount the potential energy barrier and become metal
atoms. Fig. 20.15 shows how the rate of a cathodic reaction can be increased
by changing the height of the energy barrier (cf. Fig. 20.166 for the electrode
at equilibrium). Potential energy vs. distance curves and corresponding
potential differences for the various possibilities at an electrified interface are
shown in Fig. 20.16. If the reaction was independent of the potential, as it
would be if there was no excess charge and the potential was EpmZmC. (Fig.
20.16cr), the rate would conform to a first-order chemical reaction (the order
of a reaction is the number of atoms or molecules whose concentration deter-
mines the velocity), and

"chem. = *chemAljJ,, - • '(20.39)

in which A:chem is defined by equation 20.36; under these conditions the rate
will be proportional to cM+q). However, in the case of an electrochemical
reaction the rate will also depend on the potential difference at the interface.

If the potential of the metal/solution interface is made more negative than
Epzc by giving it an excess negative charge the positively charged ion will
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Fig. 20.16 Potential energy against distance curves JMorse curves), (a) No potential difference
(p.z.c.), (b) at the equilibrium potential when T = i and the heights of the energy barrier are
the same for both reactions, but £eq * £p z.c , (c) potential made more negative than Eeq and
(d) potential made more positive than £"eq . the p.z.c. has been taken as zero potential, and
ha and hc are the heights of the potential barriersJor the anodic and cathodic reactions, respec-
tively; /* is the rate of the cathodic reaction and T the rate of the anodic reaction (after Bockris

and Drazic2)

be electrostatically attracted to the metal, and this will result in an increase
in the rate of the cathodic reaction and a decrease in the rate of the anodic
reaction which are equal only at £eq., i.e. the height of the energy barrier
for cathodic reduction will be lowered whilst that for anodic dissolution will
increase (Fig. 20.17). The chemical rate equation must now be modified to
take into account the energy associated with the passage of 1F coulombs
of charge (for 1 mol of M+, or zF coulombs for 1 mol of AT+) through a
potential difference £", i.e. EFJmol"1. However, all this energy is not
required since once the metal ion has been given sufficient energy to attain
the energy hump it will move down the other side on its own accord. Hence
the energy required will be xEF where x < 1. If 6 is the distance between
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Fig. 20.17 Potential energy-distance curves for a cathodic reaction showing how the potential
energy barrier is lowered by QFE when E < £p z c . The barrier is assumed to be symmetrical
so that /3 « 76, where 6 is the distance of the 6IH.P. from the surface of the electrode. Full
curve-no field across double layer; dashed curve-potential difference is E and is negative

I.H.P. and O.H.P., and if the energy barrier is assumed to be symmetrical,
then the energy hump, will be at {6. If 0 is the symmetry factor (0 ** 7),
the electrochemical rate equation can be written

re = A exp [ - (E* + I3EF)/RT] . . .(20.4O)

and from equation 20.36

Z = Cn, exp( -PEF/RT) . . .(20.41)

where k*c is the electrochemical rate constant and &chem the chemical rate
constant for the cathodic reaction, and is the symmetry factor.

/. £ = kcc{ = kchem.exv(-0EF/RT)Ci molCnT2S"1 . . .(20.42)
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and since v = — molcm~2s~ l . . .(20.43)
F

where / is the current density (Acm~2)

r= Fk, exp ( - pEF/RT)c{ A cm"2 . . .(20.44)

which shows that the rate of an electrochemical cathodic reaction increases
exponentially as E becomes more negative.

Since for the cathodic process the fraction of the energy was 0EF it is
reasonable to assume that when the ion travels in the reverse direction during
an anodic process the fraction of the energy will be (1 — ($)EF. Thus for the
anodic process

£ = C.. exp [ (1 - Q)EF/RT] . . .(20.45)

and the rate will increase as E becomes more positive. Also

r= /*chem. exp [ (1 - Q)EF/RT] . . .(20.46)

in which there is no concentration term since the activity of a pure metal is
invariant and equals unity (cf. equation 20.44).

Generalising, for a reaction involving M2+, for a cathodic reaction

f= zFkchemcle\v(-PEF/RT) Acnr2 . . .(20.4?)
and for an anodic reaction

f= ^hem exp[ (1 - p)EF/RT] A cm'2 . . .(20.48)

Overpotential

When an electrode is at equilibrium the rate per unit area of the cathodic
reaction equals that of the anodic reaction (the partial currents) and there is
no net transfer of charge; the potential of the electrode is the equilibrium
potential and it is said to be unpolarised:

r= r= /o . . .(20.49)

where /0 is the equilibrium exchange current density, and

E = £eq., and ry = E - E^ = 0 . . .(20.5O)

Thus 17 the overpotential is defined as the departure of the potential of the
electrode from its equilibrium value.

For a cathodic process in which the electrode is polarised to a potential
*P

r> Tand /c = T- r . . .(20.51)

where /c is the net cathodic current density that results when Ep is made
more negative than the equilibrium potential £eq.. By definition

r,c = EptC - £eq.,c . . .(20.52)



and since for a cathodic reaction

£p,c < £eq.,c

then iyc < O, i.e. it is always negative. Similarly, for a net anodic process

r> r and /a = t- r . . .(20.53)

and

rja = Epta - £eq.,a ...(20.54)

and since

£P,a > E^

then ija > O, i.e. it is always positive.
At equilibrium, i and i in equations 20.44 and 20.46 can be replaced by

/O and the Es by Eeq

I0 = zF£exp[ (1 - £)£,, F/RT] = zFkeexp( -0Eeq F/RT)
. . .(20.55)

If the reaction is proceeding at a finite rate, the Es will be the polarised poten-
tials Ep9 and since

£P = *?a + £eq. • • -(20.56)

equation 20.46 can be expressed as

T= zF£exp[ (1 - P)E^ F/RT] exp[ (1 - P)rjaF/RT]
. . .(20.57)

and from equation 20.55 for an anodic process

r= I0exp [ (1 - ft)^F/RT] . . .(20.58)

Similarly for the cathodic process

i7*= i0exp(-l3ricF/RT) . . .(20.59)

and in both cases the greater the magnitudes of /0 and 17 (taking into
account the appropriate sign) the greater the rate per unit area of the
reaction.

The net current density is the difference between the two partial current
densities, and the net anodic current density can be written in the form

ia = f- r . . .(20.6O)

(the net current density can be cathodic £r anodic, and the above equation
could be written in the form /c = i — i without affecting the argument).
Introducing equations 20.58 and 20.59 into equation 20.60

/a = /o[exp[(l - P)^F/RT] - exp(-JSiI1FX^r)] . . .(20.61)

It can be seen that when rj = O, / = /0 and the rate of the cathodic process
equals that of the anodic process, i.e. the reaction is at equilibrium.
However, if ry is positive the first term increases exponentially, whilst the
second term decreases exponentially, and at overpotentials > + 0-052 V the



latter can be neglected. Thus at overpotentials > + 0-052 V equation 20.61
simplifies to

/a = /oexp [ (1 - fr^F/RT] . . .(20.62)

Similarly, for overpotentials more negative than —0-052 V the first term
becomes negligible, and

/c = -/Oexp( -l3rjcF/RT) . . .(20.63)

Taking logarithms in equation 20.62

In /. = In /o + (l~^F . . .(20.64)
Kl

and for the anodic reaction

J^1J* gy

"--U^-o+O^^ln/ ..-(20.65)

and since

RT
— In* = 0-059 log x at 250C, then

-0-059, 0-059 ,
* = YTT^y log /o + ̂ —^ log i . . .(20.66)

Similarly for the cathodic reaction

+ 0-059, . 0-059, . ^ x
*7C = jg log /o — log / . . .(20.67)

which was obtained first by Tafel from experimental studies of the hydrogen
evolution reaction on various metals, and was expressed in the form

77 = a + b log /(Tafel equation) . . .(20.68)

Attention should be drawn to the signs in equations 20.66 and 20.67 and
it should be noted that the Tafel slope b is always positive for an anodic pro-
cess and negative for a cathodic process and that the constant a is of opposite
sign to the slope.

The most significant parameter in the relationships given above is the
equilibrium exchange current density /0, which can be evaluated by extra-
polating the linear TJ vs. log/ curve to TJ = O, at which log/ = log/0.
Alternatively, /0 may be evaluated from the linear Ep vs. log/ curve by
extrapolating the curve to the equilibrium potential Eeq .

There are two further possibilities that must be considered, and these are
discussed below.

Multistep reactions Previous considerations have been based on a simple
one-step reaction involving one electron, but if the reaction occurs by a series
of steps of which one is significantly slower than all the others, which may
be regarded as at equilibrium, and is thus rate determining, equation 20.61
is not valid and becomes

/a = /0[exp OTj3F//?T- exp«^aF//?r] . . .(20.69)



where (1 — j8) is replaced_by a the transfer coefficient for the anodic reac-
tion, and )8 is replaced by cTthe transfer coefficient for the cathodic reaction.
Neglecting the second term, as in equation 20.62, and expressing equation
20.62 in terms of overpotential

0-059, 0-059, . ,̂  ^
l?a = — lOg /o + —FT- lOg /a . . .(20.7O)

a a

The parameters included in the transfer coefficient will be considered subse-
quently in relation to the r.d.s. of the hydrogen evolution reaction.

Small overpotentials For overpotentials < O • 010 V, equation 20.61 can be
simplified using the identity

x2 x2

e*=\+x + — +. . . . and e~x = 1 - x + — - • • • -

and, taking only the first two terms

'^[("^-(-g]] ••*"•>
which reduces to

i F KT
' = TPF x *> or * = -^T x ' • • -(20.72)Kl /Or

showing that 17 against / is linear with a slope of RT/I0F. Equation 20.72 is
applicable to either the anodic or the cathodic reaction, and provides
another method of evaluating /0.

Transport or Concentration Overpotential

Transport of a species in solution to and from an electrode/solution inter-
face may occur by migration, diffusion and convection although in any
specific system they will not necessarily be of equal importance. However,
at the steady state all steps involved in the electrode reaction must proceed
at the same rate, irrespective of whether the rate is controlled by a slow step
in the charge transfer process or by the rate of transport to or from the elec-
trode surface. It follows that the rate of transport must equal the rate of
charge transfer:

/ = ̂ ? = -L ...(20.73)
dt zF

where J the transport flux equals the number of moles transported across an
area of 1 cmVs (dQ/dt) and / is the charge transfer per unit area of surface
(A cm-2).

In a cathodic process, removal of ions from solutions will result in a
decrease in their concentration at the electrode/solution interface com-
pared to that in the bulk solution, and this in turn will cause a concentra-
tion gradient and consequent diffusion. Furthermore, the potential gradient
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