
factor of 10 by cold working the annealed nickel. Similar considerations
apply to the hydrogen evolution reaction, in which the coverage of the atoms
on a metal surface with adsorbed hydrogen atoms can range from very small
to about 100%, depending on the mechanism of the reaction (see Section
20.1). Thus the active surface area (the number of atomic sites that participate
in the electrode process) may be appreciably less than the total number of
sites available.

Finally, it is important to point out that although in localised corrosion
the anodic and cathodic areas are physically distinguishable, it does not
follow that the total geometrical areas available are actually involved in the
charge transfer process. Thus in the corrosion of two dissimilar metals in
contact (bimetallic corrosion) the metal of more positive potential (the
predominantly cathodic area of the bimetallic couple) may have a very much
larger area than that of the predominantly anodic metal, but only the area
adjacent to the anode may be effective as a cathode. In fact in a solution of
high resistivity the effective areas of both metals will not extend appreciably
from the interface of contact. Thus the effective areas of the anodic and
cathodic sites may be much smaller than their geometrical areas.

It follows from equation 1.45 that the corrosion rate of a metal can be
evaluated from the rate of the cathodic process, since the two are faradai-
cally equivalent; thus either the rate of hydrogen evolution or of oxygen
reduction may be used to determine the corrosion rate, providing no other
cathodic process occurs. If the anodic and cathodic sites are physically
separable the rate of transfer of charge (the current) from one to the other
can also be used, as, for example, in evaluating the effects produced by
coupling two dissimilar metals. There are a number of examples quoted in
the literature where this has been achieved, and reference should be made
to the early work of Evans17 who determined the current and the rate of
anodic dissolution in a number of systems in which the anodes and cathodes
were physically separable.

More recently, Fontana and Greene18 measured the current between a pit
in stainless steel and the surrounding metal; the pit was allowed to form, and
cut out from the surrounding metal (the cathode), its edge was insulated and
it was then replaced in the hole with a suitable connection for measuring the
current flow between the pit and the surrounding metal. These workers
showed that under certain conditions /a was about a thousand times /c.

When the anodic and cathodic sites are inseparable the corrosion current
cannot be determined directly by an ammeter, but it can be evaluated electro-
chemically by the linear polarisation technique (see Sections 19.1-19.3).

Electrochemical Cells and Corrosion Cells

One of the most well-known electrochemical cells that is used for the con-
version of chemical energy into electrical energy is the Daniell cell

Zn|ZnSO4(aq.)|CuSO4(aq.)|Cu ...(1.51)

in which the spontaneous reaction

Cu2+(aq.) + Zn-+Zn2+(aq.) + Cu ...(1.52)

takes place. The half reactions that constitute the overall reaction are



Zn -> Zn2+ (aq.) + 2e (anodic reaction)

Cu2+ (aq.) + 2e -» Cu (cathodic reaction)

and electrons are transferred from the zinc to the copper through the metallic
circuit.

During the operation of the cell (or during the direct interaction of zinc
metal and cupric ions in a beaker) the zinc is oxidised to Zn2+ and cor-
rodes, and the Daniell cell has been widely used to illustrate the electro-
chemical mechanism of corrosion. This analogy between the Daniell cell and
a corrosion cell is perhaps unfortunate, since it tends to create the impres-
sion that corrosion occurs only when two dissimilar metals are placed in con-
tact and that the electrodes are always physically separable. Furthermore,
although reduction of Cu2+(aq.) does occur in certain corrosion reactions it
is of less importance than reduction of H3O+ ions or dissolved oxygen.

Electronic conduction I6

Electrolytic
conduction

H2gas

Fig. 1.22 Spontaneous corrosion of zinc in acid illustrated by the reversible cell
ZnIZn 2 + IH 3 O + , H2|Pt. The individual potentials of the electrodes are determined by a

reference electrode (Ref) and a Luggin capillary to minimise the IR drop in the solution



For these reasons a somewhat different approach will be adopted here, and
an attempt will be made to show how a corrosion reaction may be repre-
sented by a well-defined reversible electrochemical cell, although again there
are a number of difficulties. Consider the corrosion of metallic zinc in a
reducing acid

Zn + 2H3O
+ -> Zn2+ (aq.) +H2-I- H2O .. .(1.53)

which occurs spontaneously when zinc is immersed in hydrochloric acid; the
dissolution of the zinc is usually quite uniform so that there is no means by
which anodic and cathodic sites can be identified physically. The half reac-
tions involved are

Zn -> Zn2+ + 2e (anodic reaction) .. .(1.54)

2H+ + 2e -> H2 (cathodic reaction) .. .(1.55)

and it can be seen although the anodic reaction is the same as that in the
Daniell cell the cathodic reaction is different. It will be assumed that when
the zinc corrodes, randomly dispersed atoms on the surface form the anodic
and cathodic sites, and that equations 1.54 and 1.55 can proceed with charge
transfer through the zinc. Since the zinc corrodes uniformly the total anodic
and cathodic areas must be equal to one another, and this electrochemical
reaction, in which the anodic and cathodic sites are inseparable, could be
represented by the reversible cell

Zn|Zn2+ |H3O+ , H2|Pt . . .(1.56)

consisting of a reversible Zn2+XZn electrode and a reversible hydrogen elec-
trode (Fig. 1.22). There will of course be a liquid junction (indicated by the
line) and a corresponding liquid junction potential, but the latter will be
disregarded for the purpose of the present discussion. This cell clearly does
not represent what actually occurs during the corrosion of zinc, and an
obvious objection that can be raised is that during corrosion the hydrogen
evolution reaction (equation 1.55) occurs in a zinc surface and not on one
of platinised platinum. Nevertheless, a reversible cell of this type does serve
as a convenient starting point.

By means of a resistance in the circuit the spontaneous corrosion reaction
can be made to proceed at a predetermined rate, and the rate can be mea-
sured by means of an ammeter A. At the same time the potentials of the
individual electrodes can be measured by means of a suitable reference elec-
trode, a Luggin capillary and high-impedance voltmeters V1 and V2. At
equilibrium there is no net transfer of charge (7C = /a = O), and the e.m.f.
of the cell is a maximum and equals the difference between the reversible
potentials of the two electrodes

£r ,cel,=£r ,c-£r ,a . . (1 .57)

where ErfCdl is the reversible e.m.f. of the cell, and ETtC and Etta are the
reversible potential of the cathode and an anode, respectively.

The driving force of the reaction is the free energy change AG which is
related to the reversible or equilibrium e.m.f. of the cell by the relationship

AG= -ZFE1^ ...(1.58)



and, as emphasised in Section 20.2, both AG and .Er>ceii are thermodynamic
quantities that provide a means of evaluating the equilibrium constant K9
and hence the activities of the reactants and products when the reaction
comes to equilibrium (Table 1.9).

If now the resistance in the external circuit is decreased slightly the reac-
tion will proceed at a finite rate, and the electrodes constituting the cell
will become mutually polarised and displaced from their equilibrium values,
i.e. the polarised potential of the anode (Zn2+XZn) will become more
positive, whilst that of the cathode (2H+/H2) will become more negative
(Fig. 1.23).

The displacement of the potential of an electrode from its reversible value
is the overpotential TJ, and

rj=Ep-ET ...(1.59)

where Ep is the polarised potential and Er the reversible or equilibrium
potential. Since EptC < EVtC (more negative)

iyc = £p,c - E^ < o ...(1.6O)

and the cathode overpotential rjc is always negative, although EptC may be
positive or negative depending on the sign of ET and the magnitude of rjc.
(If the potential of a Cu2+XCu electrode, where ET = 0-34 V, is polarised
cathodically to O-32 V, then rjc = —0-020V; if the same procedure is

Current, /
Fig. 1.23 E-I curves for the corrosion of zinc (see Fig. 1.22) showing the relationship between

E1, Ep and r/ for the cathodic and anodic half reactions
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adopted with a Zn2+XZn electrode where ET = -O-76 V, Ep will be
-0-78 V, but r?c will still be -0-020V.) Conversely, E^> E^ (more
positive), and since

,.=3,.-£r>c>0 ...(1.61)

the anode overpotential is always positive.
It should be noted that whereas E is always relative to a specified reference

electrode this will not apply to the overpotential (see equation 1.59).
As the rate of charge transfer is increased by decreasing the resistance

/?e in the circuit, the magnitudes of rjc and rja increase thus decreasing the
magnitude of the polarised e.m.f. of the cell ^0611. It follows from
Fig. 1.23 that for any given rate of charge transfer /

^p.cell = ^r.cell ~ Ua + *?c + /*soln.) - - .(1-62)

where rja and TJC are the magnitudes of the overpotentials (the negative sign
for rjc must be omitted) corresponding to the rate /, and /?soln is the elec-
trolytic resistance of the solution.

Since £p>cell = IRC

T = ̂ r.cell ~ (^a + 7Ic + ^soln.) ,« „}

which shows that for any given value of Re the rate of the process /
increases with

(a) Increase in the magnitude of the reversible e.m.f. of the cell.
(b) Decrease in the magnitudes of the anode and cathode potentials.
(c) Decrease in the electrolytic resistivity of the solution.

Thus, irrespective of ET>cell, a thermodynamic parameter, the rate will be
controlled by the irreversibility of the reaction, which is reflected in the
magnitudes of the anode and cathode overpotentials.

If the two electrodes are short-circuited Re -> O, and IRQ -+ O, and Ep>cell
will attain its minimum value. If the conductivity is very high and EVtCell is
small enough to be disregarded it follows from equation 1.62 that

^r, cell = *?a + */c + /*soln. . . . (1.64)

and / = £ r .cen-Ua + r/c) (165)

^soln.

Equations 1.62-1.65 apply when the anodes and cathodes are separable so
that the rate of transfer of charge can be measured by means of an ammeter
in the metallic circuit. If Rsoln is significant, then EptC > £*p>a, and EptCen > O;
if /?soln is very small EptC - Ept3L and £p cell -» O, but TJC will not necessarily be
equal to rya.

It is now appropriate to apply the above considerations of the operation
of a well-defined electrochemical cell to the uniform corrosion of a metal
in a solution of high conductivity, and under these circumstances both IRC
and IRso{n may be regarded as negligible. Thus EptCell will tend to zero, and
EVtC will tend to be equal to /?p§a (within 1-2 mV)

£p,c = £p)a = £corr. ...(1.66)



where ECOTT is the corrosion potential, and from equation 1.64

^r, cell = Vc + fa . . . (1.67)

The above considerations show that the rate of a corrosion reaction is depen-
dent on both the thermodynamic parameter ETt<xll and the kinetic para-
meters rya and rjc. It is also apparent that (a) the potential actually measured
when corrosion reaction occurs on a metal surface is mixed, compromise or
corrosion potential whose magnitude depends on Er>cell and on the Ep C-I
and £p a-/ relationships, and (b) direct measurement of /e is not possible
when the electrodes are inseparable.

Overpotentials19™

The various types of overpotentials are dealt with in more detail in Section
20.1 but it is appropriate here to outline the significant factors in relation to
their importance in controlling the rate of corrosion reaction.

Activation overpotential rjA For any given electrode process under speci-
fied conditions, charge transfer at a finite rate will involve an activation
overpotential ryA, which provides the activation energy required for the
reactant to surmount the energy barrier that exists between the energy states
of the reactant and product. Some reactions are kinetically easy (e.g.
Ag+(aq.) + e -» Ag) and thus require only a small activation overpotential,
whilst others (e.g. H3O+ + e -» ^H2 on metals such as Hg, Pb and Zn) are
kinetically difficult and high activation overpotentials are required. Most
electrode processes involve more than one step; one of them is usually more
sluggish than the others and is thus rate determining, and the activation
energy is required, therefore, to maintain the rate of the rate-determining
step (r.d.s.), since the other steps may be regarded as being at equilibrium.
The activation energy E% is given by

E* = zFriA ...(1.68)

where E% is in joules per mole and z is the number of electrons involved in
one act of the rate-determining step.

The activation overpotential, and hence the activation energy, varies
exponentially with the rate of charge transfer per unit area of electrode sur-
face, as defined by the well-known Tafel equation

rjA = a + blogi ...(1.69)

where / is the current density, and a and b are the Tafel constants which
vary with the nature of the electrode process and with the nature of the solu-
tion. Thus rjA will be linearly related to log / at overpotentials greater than
0-010 V, and the position and slope of the curve will be dependent on the
magnitudes of a and b, which are in turn dependent on the equilibrium
exchange current density /0, the transfer coefficient a and the number of
electrons z involved in one act of the rate-determining step. The Tafel equa-
tion for a cathodic process can be expressed (see Section 20.1) in the form

RT RT
IA,c = -T-InI0 -Inic . . .(1.70)

OLZr OtZr



and since 2-303 RT/FIn x = 0-059 log x at 250C

I/A c = ̂ ^log Jo - ^^log /c at 250C .. .(1.71)
acz otcZ

where IJA>C is the activation overpotential of the cathodic process. Similarly,
the activation overpotential of an anodic process is given by

rjAa= - ^?log I0 + ̂ ^log ia at 250C . . .(1.72)
CX3Z <*aZ

It is evident from these expressions that since in the Tafel region / (the cur-
rent density actually determined) must be greater than /0 (the equilibrium
exchange current density), the signs of the overpotentials will conform to
equations 1.60 and 1.61, i.e. TJA c will be negative and TJA a will be positive.

Furthermore, the smaller the magnitude of /0 the greater the magnitude
of TJA and the lower the rate of the electrode process at any given polarised

Log /

Fig. 1.24 Tafel lines for a single exchange process. The following should be noted: (a) linear
j^-log i curves are obtained only at overpotentials greater than 0-052 V (at less than 0-052 V
E vs. i is linear); (b) the extrapolated anodic and cathodic E-\og / curves intersect at /0 the
equilibrium exchange current density; and (c) /a and /c the anodic and cathodic current densities

actually measured at the differences between / and /, and / and /, respectively
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potential Ep. Thus the equilibrium exchange current density /0 is the most
significant parameter in controlling the rate of a corrosion process in which
one (or both) of the electrode processes involve an appreciable activation
energy. Figure 1.24 shows the cathodic and anodic Tafel lines for a single
exchange process at an electrode, in which /a and /c are the anodic and
cathodic current densities actually measured.

Transport (diffusion and concentration) overpotentials ??T Previous con-
siderations have been confined to the kinetics of charge transfer but the rate
of an electrode reaction will also depend on mass transfer, i.e. the rate at
which the reactant is transported to the surface of the electrode and the rate
at which the product is transported away from the electrode. Transport
through the solution to and from the metal surface occurs by diffusion, ionic
migration (transport of electrical charge through the solution) and convec-
tion, and of these diffusion through the thin static layer of solution adjacent
to the metal surface, the diffusion layer 6, is usually of the greatest signifi-
cance. However, this is not always the case in practical systems, particularly
where dissolved oxygen is the cathodic reactant, and in certain circumstances
the rate of diffusion through the bulk solution to the metal/solution interface
may be rate determining.

The limiting current density (the maximum possible rate/unit area under
the conditions prevailing) for a cathodic process is given by

'L=^bx10'3 -(l-73)

where /L is the limiting current density (A cm"2), z is the number of elec-
trons required for one step of the electrode process involving 1 mol of the
cathode reactant, D is the diffusion coefficient, c is the concentration of the
reactant (mol dm"3), 6 is the thickness of the diffusion layer (cm), and n+
the transport number of the cation; the term (1 — n+) can be neglected if
ions other than the species involved in the electrode process are responsible
for ionic migration.

The relation between transport overpotential and current density for a
cathodic reaction is given by

"-£" Hl= ̂  H] —...0,4,

and it is evident that the smaller /L the greater the magnitude of the over-
potential due to transport. Unlike activation overpotential, transport over-
potential is not controlled by the kinetics of charge transfer, and the
magnitude of % will be the same for any cation (providing z, D1 and c are
the same) and any metal surface. Thus the rate-controlling parameter in
transport overpotential is /L, and it will be seen that any factor in equation
1.73 that causes IL to increase will result in an increase in the corrosion rate,
providing the latter is solely determined by the kinetics of the cathodic pro-
cess. Figure 1.2Sa shows the relationship between 77 and log / when the rate
is controlled solely by transport, and Fig. 1.25b shows the relationship when
both transport and activated charge transfer are involved. It should be noted
that whereas in transport overpotential z is the number of electrons involved
in one act of the reaction, in activation overpotential z is the number of elec-
trons involved in one act of the rate-determining step.



Log / Log /
(a) (b)

Fig. 1.25 T] vs. log / curves for a cathodic reaction (a) when the rate is solely controlled by
transport and (b) when both transport and activated charge transfer are rate determining.

(Derivations of the relationships are provided in Section 9.1)

Resistance overpotential iyR Since in corrosion the resistance of the
metallic path for charge transfer is negligible, resistance overpotential rjR is
determined by factors associated with the solution or with the metal surface.
Thus resistance overpotential may be defined as

r?R = /(*so,n. + *f) ...(1.75)

where /?soln is the electrical resistance of the solution, which is dependent
on the electrical resistivity (Q cm) of the solution and the geometry of the
corroding system, and Rf is the resistance produced by films or coatings
formed on or applied to the surface of the sites. Thus, in addition to the
resistivity of the solution, any insulating film deposited either at the cathodic
or anodic sites that restricts or completely blocks contact between the metal
and the solution will increase the resistance overpotential, although the
resistivity of the solution is unaffected. This applies particularly to the
deposition of CaCO3 [and Mg(OH)2] at the cathodic sites during corrosion
in hard waters due to the increase in pH produced by the cathodic process,
and since the anodic and cathodic sites are usually close together the cal-
careous scale will also block the anodic sites, and thus decrease the corrosion
rate.

Similar considerations also apply to the dielectric films formed on the
metal surface during anodising, and, for example, in the case of the valve
metals (Al, Ti, Ta, Nb, etc.) IR drops of hundreds of volts may be produced
by the anodic oxide film formed on the metal surfaces. Paint films applied
to a metal surface also exert resistance control (see Section 14.3).

All these types of polarisation will be present to a greater or lesser extent
in most corrosion reactions, but if one is more significant than the others
it will control the rate of the reaction. This leads to a classification of corro-
sion reactions according to whether the cathodic or anodic reaction is rate

log



determining (cathodic control or anodic control), which can be made even
more specific by including such terms as 'activation', 'transport' and 'resis-
tance'. Thus the slow corrosion of zinc in solutions of reducing acids is con-
trolled by the high activation energy required for the hydrogen evolution
reaction (cathodic activation control), whereas the rapid corrosion of the
metal in concentrated sodium hydroxide is controlled by transport of OH ~
and ZnO2

- to and away from the metal/solution interface, respectively
(anodic transport control).

Graphical Methods of Expressing Corrosion Rates

The graphical method of showing how the corrosion rate /corr is dependent
on the extent of the polarisation of the anodic and cathodic reactions con-
stituting the corrosion reaction was due originally to Evans17'22 who used

Current density, /Mem"2

Fig. 1.26 E vs. log i curves for the corrosion of a metal in a reducing acid in which there are
two exchange processes (c.f. Fig. 1.24) involving oxidation of M—*M2+ are reduction of
H+ —> H2. Note that (a) the reverse reactions for exchange process are negligible at poten-
tials removed from ET, (b) the potential actually measured is the corrosion potential Ecorr ,
which is mixed potential, and (c) the E vs. /app} curves (where /appi is the applied current den-

sity) when extrapolated intersect at EcorT
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the co-ordinates E and /to illustrate how the electrochemical mechanism of
corrosion could be applied to a variety of corroding systems. In these 'Evans'
diagrams, both the cathodic and anodic partial reactions constituting the
overall corrosion reaction are presented as linear E-I curves that converge
and intersect at a point, which defines the corrosion potential Ecorr and the
corrosion current /corr . Figure 1.26 shows the E log / curves for the two
half-reactions involved in the corrosion of a metal in an acid. Comparison
should be made with Fig. 1.24 for a single exchange process, and it should
be note that at significantly high overpotentials the reverse reaction for each
half-reaction may be neglected.

A typical Evans diagrams for the corrosion of a single metal is illustrated
in Fig. 1.26a (compare with Fig. 1.23 for two separable electrodes), and it
can be seen that the EC-I and Ea-I curves are drawn as straight lines that
intersect at a point that defines £corr and /corr (it is assumed that the resis-
tance for the solution is negligible). £"corr can of course be determined by
means of a reference electrode, but since the anodic and cathodic sites are
inseparable direct determination of /corr by means of an ammeter is not

Fig. 1.27 Evans diagrams illustrating (a) cathodic control, (b) anodic control, (c) mixed con-
trol, (d) resistance control, (e) how a reaction with a higher thermodynamic tendency CE^ceii)
may result in a smaller corrosion rate than one with a lower thermodynamic tendency and

(/) how ECOTT gives no indication of the corrosion rate
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possible, and indirect methods must be used (e.g. weight loss and the applica-
tion of Faraday's law).

The equilibrium potentials ETtC and ETt& can be calculated from the stan-
dard electrode potentials of the H+XH2 and M/MZ+ equilibria taking into
account the pH and aMZ+; although the pH may be determined an arbitrary
value must be used for the activity of metal ions, and aMz+ = 1 is not
unreasonable when the metal is corroding actively, since it is the activity in
the diffusion layer rather than that in the bulk solution that is significant.
From these data it is possible to construct an Evans diagram for the corro-
sion of a single metal in an acid solution, and a similar approach may be
adopted when dissolved O2 or another oxidant is the cathode reactant.

Figures 1.27a to d show how the Evans diagram can be used to illustrate
how the rate may be controlled by either the polarisation of one or both of
the partial reactions (cathodic, anodic or mixed control) constituting corro-
sion reaction, or by the resistivity of the solution or films on the metal surface
(resistance control). Figures 1 .Tie and/illustrate how kinetic factors may be
more significant than the thermodynamic tendency (ETtCen) and how ECOTT
provides no information on the corrosion rate.

The Evans diagram has been used for illustrating various types of corro-
sion phenomena ranging from the uniform corrosion of a single metal to the
enhanced corrosion of one metal when it is coupled to another (bimetallic
corrosion), and since the diagram can include only the predominant cathodic
and anodic reactions all others are regarded as negligible. Thus if zinc is
coupled to iron and the couple is immersed in an oxygenated neutral solution
there are at least four possible exchange processes (eight half-reactions), but
for the purpose of the Evans diagram only the reduction of dissolved oxygen
on the iron surface and the oxidation of Zn -> Zn2+ need to be considered.
This tends to create the erroneous impression that each metal sustains only
one electrode reaction, whereas in reality the more anodic metal may support
a cathodic reaction, although it is predominantly anodic, and the converse
applies to the cathodic metal.

In the Evans diagram the curves show the EP-I relationship, whereas it
is evident from previous consideration that Ep and ry are functions of the
current density /. In the case of a single metal /c = /a, and since 5C = 5a,
/c = /a. However, this is not possible when the anodic and cathodic areas
are not equal, and Fig. 1.28 shows how bimetallic corrosion of two dissimilar
metals can be represented by an Evans-type diagram. It can be seen that
although the curves intersect at ECOTT , which must be determined by placing
the reference electrode at some distance from the couple, the magnitudes of
/c and /a are different; it is also evident that the more dangerous bimetallic
situation is when Sc is large and 5a is small (see Section .1.7).

Over the years the original Evans diagrams have been modified by various
workers23 who have replaced the linear E-I curves by curves that provide
a more fundamental representation of the electrode kinetics of the anodic
and cathodic processes constituting a corrosion reaction (see Fig. 1.26). This
has been possible partly by the application of electrochemical theory and
partly by the development of newer experimental techniques. Thus the
cathodic curve is plotted so that it shows whether activation-controlled
charge transfer (equation 1.70) or mass transfer (equation 1.74) is rate
determining. In addition, the potentiostat (see Section 20.2) has provided



Current density, /
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Fig. 1.28 Evans diagram illustrating a corrosion process (e.g. a bimetallic couple) in which the
area of the cathode is not equal to that of the anode, (a) Sc > Sa so that /c < ia and (b) S3 > Sc

so that /a < /c

a powerful tool for studying the detailed shape of the anodic curve of metals
that show an active-passive transition, which has meant that the linear
anodic E-I curve used originally has been replaced by the characteristic dis-
continuous potentiostatic curve. Nevertheless, all these modifications are
based on the original concepts of U.R. Evans whose 'Evans diagrams' pro-
vided a major step forward in our understanding of the electrochemical
mechanism of corrosion. In conclusion it is appropriate to mention that
whereas in the Evans diagrams both the anodic and cathodic currents are
drawn on the same side of the E axis (i.e. both positive) many workers
(particularly Pourbaix and his co-workers) adopt the approach originally
devised by Wagner and Traud24, in which the cathodic curve is taken as
negative and drawn on the left-hand side of the E axis whilst the converse
applies to the anodic curve (Fig. 1.29).

Fig. 1.29 Wagner-Traud method of representing (a) a single reversible reaction and (&) a cor-
rosion reaction (note that ECOTT is the potential when /c = /a)
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Cathodic Reactions in Corrosion

General Considerations

It follows from the electrochemical mechanism of corrosion that the rates
of the anodic and cathodic reactions are interdependent, and that either or
both may control the rate of the corrosion reaction. It is also evident from
thermodynamic considerations (Tables 1.9 and 1.10) that for a species in
solution to act as an electron acceptor its redox potential must be more
positive than that of the MZ+/M equilibrium or of any other equilibrium
involving an oxidised form of the metal.

The hydrogen evolution reaction (h.e.r.) and the oxygen reduction reac-
tion (equations 1.11 and 1.12) are the two most important cathodic pro-
cesses in the corrosion of metals, and this is due to the fact that hydrogen
ions and water molecules are invariably present in aqueous solution, and
since most aqueous solutions are in contact with the atmosphere, dissolved
oxygen molecules will normally be present.

In the complete absence of oxygen, or any other oxidising species, the
h.e.r. will be the only cathodic process possible, and if the anodic reaction
is only slightly polarised the rate will be determined by the kinetics of the
h.e.r. on the particular metal under consideration (cathodic control). How-
ever, when dissolved oxygen is present both cathodic reactions will be possi-
ble, and the rate of the corrosion reaction will depend upon a variety of
factors such as the reversible potential of the metal/metal ion system, the pH
of the solution, the concentration of oxygen, the kinetics of the h.e.r. and
the oxygen reduction reaction on the metal under consideration, tempera-
ture, etc. In general, the contribution made by the h.e.r. will increase in
significance with decrease in pH, but this too will depend upon the nature
of the metal and metal oxide. Thus metals like zinc and aluminium, whose
oxides are amphoteric, are thermodynamically unstable in alkaline solu-
tions (see Fig. 1.17) and will react with water at high pHs with consequent
hydrogen evolution and formation of metal anions. In this connection it
should be noted that in neutral or alkaline solutions the activity of H3O+ is
too low for it to participate in the h.e.r., and under these circumstances the
water molecule will act as the electron acceptor

H3O+ + e -* JH2 + H2O (acid solutions) .. .(1.76)

H2O + e -> YH2 + OH" (neutral and alkaline solutions) .. .(1.77)

and for the oxygen reduction reaction

JO2 + 2H3O
+ + 2e -> 3H2O (acid solutions) . . .(1.78)

JO2 + H2O + 2e -> 2OH~ (neutral and alkaline solutions) .. .(1.79)

It should also be noted that both reactions will result in an increase in pH
in the diffusion layer.

The Hydrogen Evolution Reaction (H.E.R.)1920

Although the h.e.r. involves transport of H3O+ ions (or H2O molecules)
to the metal surface by diffusion and migration, the activation energy for



charge transfer is usually of the greater significance, and a corrosion reaction
in which the h.e.r. is the cathodic process is frequently controlled by the
activation overpotential of the latter.

If it is assumed that the transfer coefficient a =0-5, and taking z= I9

equation 1.70 becomes

T,AH = O-12logI0 - O-12logic . . .(1.8O)

which is identical with the original Tafel equation25, since /0 is a constant
for a given metal and for given conditions of the solution (see Chapter 21.1,
Table 21.12, for values of /0). Thus for activation-controlled transfer the
significant parameter is the equilibrium exchange current density /0, and the
smaller /0 the smaller /c at a given overpotential. For a corrosion reaction in
which both the anodic and cathodic reactions are under activation control,
then

for cathodic control /0,c ̂  *o,a
 anc* ECOTT ~* Er a

and

for anodic control /0>a <$: /0tC and £corr -> ETtC

Figure 1.30 gives examples of single metals corroding in a highly conduc-
ting acid in which both the anodic and cathodic reactions are assumed to be
under activation control, and it can be seen that at Econ

EptC = E^ = ECOTT, ...(1.81)

and

4 = 4 = 'corr. ...(1.82)

but Tyc gfc r?c

In order to evaluate /corr from the Tafel equation it must be expressed in
terms of Ep. By definition

ij = Ep - Et

and from equations 1.81 and 1.82 for the cathodic reaction

£„.=^.0 + —10g>- . . . (1 .83)
OicZc /corr.

and for the anodic reaction

E - E +^log^£~"-^-' + «aza
10g/0,a ...(1.84)

By equating equations 1.83 and 1.84 /corr can be evaluated, providing the
Tafel parameters are known, and ECOTT can then be calculated from either
of these two equations. Alternatively, by replacing (ET c — £"r>a) by ETtCell

^,-^og^ + ̂ og^ ...(,.85,
<Va 'O, a ac<>c *0,c

which provides another convenient method of calculating /corr .
It can also be shown19 by means of the above equations, and by assuming

that za = zc = 1, that



(b) Log i

Fig. 1.30 Corrosion of a metal in an acid in which both metal dissolution and hydrogen evolu-
tion are under activation control so that the E. log / curves are linear, (a) Effect of pH on Eeq
and / O H ; an increase in pH (decrease in 0H + ) lowers Eeq >c and decreases /0 c. (b) Effect of
impurities with different exchange current densities for the h.e.r. on the corrosion rate of a metal
(the metal could be regarded as zinc and curve B as representing the h.e.r. on the pure metal;
curve A could represent amalgamation with a consequent decrease in the corrosion rate, and

curve C the increase in rate produced by impurities of platinum

Log /



W = ̂  x I^ x exp f ̂ . ̂ f] .. .(1.86)
L «t ^r J

where for convenience (aa + ac) has been denoted by at.
If it is assumed that aa = ctc = 0-5 then equation 1.86 simplifies to

W - /Ja X /Ic X exp [1. ̂ iJ .. .(1.87)

It can also be shown that

Em. - —F^ + fe x E^ + fc x *J .. .(1.88)
«t^ *0, a L«t J L«t J

which if aa and ac are taken as 0-5 simplifies to

RT i
Ecorr. ~ —/n-^ + j (E^ + £r,c) .. .(1.89)

^ *0, a

Equations 1.83 and 1.84, or the equations derived from them (1.85 to
1.89), may be used to calculate /corr and Ecorr, providing the various para-
meters involved are known. The equations also serve to illustrate how /corr
and £"corr depend upon a thermodynamic factor (f?r>ceu, or EttC and E1 > a) and
the kinetic factors a and /0 for each of the half reactions that constitute the
corrosion reaction.

Values of /0 for the hydrogen evolution reaction, oxygen reduction reac-
tion, metal deposition, etc. are given in Tables 21.12-21.17 in Section 21 and
it is important to note that they are dependent on the nature of the metal and
the solution. Thus in the case of the hydrogen evolution reaction the
magnitude of /0 decreases with increase in pH (equation 1.90) and since E1
also decreases (Fig. 1.3Oa) it follows that a decrease in rate is to be expected
on both kinetic and thermodynamic grounds. Furthermore, as the pH
increases, transport of hydrogen ions to the metal surface will become
increasingly important, and diffusion rather than charge transfer may
become rate determining.

Oxygen Reduction

Most aqueous solutions (ranging from bulk natural water and chemical solu-
tions to thin condensed films of moisture) will be in contact with the
atmosphere and will contain dissolved oxygen, which can act as a cathode
reactant. The saturated solubility of oxygen in pure water at 250C is only
about 10~3.mol dm~3, and the solubility decreases significantly with increase
in temperature and slightly with concentration of dissolved salts (see Table
21.20 in Section 21 for oxygen solubilities). On the other hand, the con-
centration of H3O+ in acid solutions, which is given by the pH, is high,
and since this ion has a high rate of diffusion its rate of reduction is nor-
mally controlled by the activation energy for electron transfer. Further-
more, the vigorous evolution of hydrogen that occurs during corrosion
facilitates transport, so that diffusion is not a significant factor in controlling
the rate of the reaction except at very high current densities. As the pH in



acid solutions increases the h.e.r. becomes kinetically more difficult, and
requires a higher over-potential. It has been shown20 that the exchange cur-
rent density decreases with increase in pH:

/O.Hss = /°,H X C0H3
5O+ - - .(1.9O)

in which /0^ H is the exchange current density at CH+ = 1.
The situation is different, however, in near-neutral or alkaline solutions

in which the concentration of H3O+ will be small (< 10~7mol dm"3), and
in these solutions the water molecule will act as the electron acceptor,
and although diffusion occurs rapidly its reduction is kinetically more
difficult than that of H3O+, and will therefore require a higher activation
overpotential.

The relationship between E and pH for the H+/H2 and O2XH2O equili-
bria have been given in Table 1.8, and it is evident that thermodynamically
dissolved oxygen is a far more powerful electron acceptor than H3O+ at all
pHs. Thus, in the case of the corrosion of Fe'-* Fe2+ (£&+,& = -0-44 V)
in an oxygen-free neutral solution the thermodynamic tendency for corro-
sion will be very small (faction ~ 0-02 V) compared with the thermodyna-
mic tendency in oxygenated water (faction * 1*2 V). Similar consideration
will not, of course, apply to the more negative metals such as magnesium
№ VM.= -2-IV).

From these considerations it follows that, in general, oxygen reduction
will be more significant than hydrogen evolution in near-neutral solutions,
and that in the case of the former, transport of oxygen to the metal sur-
face will be more significant than activation-controlled electron transfer. A
further important factor is that in near-neutral solutions solid corrosion pro-
ducts will be thermodynamically stable and will affect the corrosion rate
either by passivating the metal or by forming a barrier that hinders transport
of oxygen to the metal surface. For these reasons corrosion rates in acid solu-
tions are usually much higher than in neutral solution.

Transport of Oxygen

Before electron transfer can occur the oxygen in the atmosphere must be
transported to the metal/solution interface, and this involves the following
steps21:

(a) Transfer of oxygen across the atmosphere/solution interface.
(b) Transport through the solution (by diffusion and by natural and forced

convection) to the diffusion layer.
(c) Transport across the static solution at the metal/solution interface (the

diffusion layer 6) by diffusion.

As far as (a) is concerned the greater the surface area of the interface (as may
be produced by agitating the solution) the greater the transport of oxygen to
the solution. On the other hand, a restricted interface (e.g. a volumetric
graduated flask filled to the graduation mark) will decrease oxygen transfer,
a factor which must be taken into account in corrosion testing. In the case
of (b) oxygen will be transported through the solution by natural convection
(e.g. thermal gradients, evaporation at surfaces) or by forced convection
(e.g. agitation of the solution, movement of the metal), but these are fairly



rapid compared with (c), which is normally rate determining; however,
(b) could be significant when a metal is immersed at depth in a static
solution.

It follows from this that the limiting current density /L is the most signi-
ficant parameter in a corrosion reaction in which oxygen is the cathodic reac-
tant, and that any factor that increases /L will increase the corrosion rate,
since at £corr.

/L = W ...(1.91)

For the reaction O2 + 2H2O + 4e = 4OH", and taking the concentra-
tion of oxygen to be 10~3 mol dm"3, the diffusion coefficient to be 10~5 cm2

s"1 and 6 to be 0-05 cm in an unstirred solution, it can be calculated from
equation 1.73 that /L « 80/z A cm"2; for a vigorously stirred solution
6 « 0-001 cm and /L « 4mA cm"2. Thus in this particular case the corro-
sion rate due to oxygen reduction can range from about 0-08 to 4mA cm"2,
depending on the degree of agitation of the solution.

Figure 1.3 Ia to c shows how an increase in the concentration of dissolved
oxygen or an increase in velocity increases /L and thereby increases /corr . It
has been shown in equation 1.73 that /L increases with the concentration of
oxygen and temperature, and with decrease in thickness of the diffusion
layer, and similar considerations apply to /corr . Thus Uhlig, Triadis and
Stern26 found that the corrosion rate of mild steel in slowly moving water at

Fig. 1.31 Shape of cathodic polarisation
curve when transport overpotential is rate
controlling, (a) Effect of velocity on /L
and corrosion rate, (b) effect of
concentration on /L and corrosion rate
and (c) effect of position and slope of
anodic curve (after Stern23)
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250C containing 165 p.p.m. of CaCl2 increased linearly with increase in the
concentration of dissolved oxygen. However, in distilled water it is possible
to passivate pure iron, providing oxygen is brought rapidly and simulta-
neously to all parts of the metal surface; this was demonstrated first by Evans
in his 'whirling ring experiment* in which a steel ring was supported on a glass
rod that rotated eccentrically27. A similar effect was observed by Uhlig,
Triadis and Stern26 who showed that although initially the corrosion rate of
iron in distilled water increased rapidly with concentration of oxygen, it
started to decrease when a critical concentration of oxygen (12ml/l) was
attained; this critical value increased with concentration of dissolved salts
and temperature, and decreased with increase in velocity and pH. Thus
under certain circumstances the rate of reduction of oxygen may be sufficient
to exceed the critical current density required for passivation so that even
mild steel in oxygenated distilled water will become passive. This is con-
sidered further in later paragraphs.

The effect of temperature is complex since there are two conflicting fac-
tors, (a) a decrease in the oxygen concentration which results in a decrease
in /corr and (b) an increase in the diffusion coefficient that increases about
3% per degree K rise in temperature. In a closed system from which oxygen
cannot escape there is a linear increase in rate with temperature that cor-
responds with the increase in the diffusion coefficient. However, in an open
system although the rate follows that for the closed system initially, the rate
starts to decrease at about 7O0C due to the decrease in oxygen solubility,
which at that temperature becomes more significant than the increase in the
diffusion coefficient28 (see Section 2.1).

Mechanism

The mechanism of the oxygen reduction reaction29 is by no means as fully
understood as the h.e.r., and a major experimental difficulty is that in acid
solutions (pH = O) E^2 /H20 = 1-23, which means that oxygen will start to
be reduced at potentials at which most metals anodically dissolve. For this
reason accurate data on kinetics is available only for the platinum metals.
In the case of an iridium electrode at which oxygen reduction is relatively
rapid, a number of reaction sequences have been proposed, of which the
most acceptable appear to be the following30:

1. O2 -I- 2M^ 2MO
2. MO + H+ + e^^+MOH
3. MOH + H+ + e ̂  M + H2O

where step 2 is the rate-determining step. The exchange current densities for
oxygen reduction on the platinum metals (Pt, Rh, Ir) in acid solutions are
about 10~10 A cm"2, and it is even smaller for iron, i.e. about 10~14 A cm"2.

It has been emphasised that the oxygen reduction reaction is diffusion
controlled, and it might be thought that the nature of the metal surface is
unimportant compared with the effect of concentration, velocity and temper-
ature that all affect iL and hence /corr . However, in near-neutral solutions
the surface of most metals will be coated (partially or completely) with either



thin invisible films or with thick visible corrosion products, and the latter in
particular will impede electron transfer; thus metals like platinum, gold,
silver and copper are more efficient cathodes for oxygen reduction than
metals like steel, zinc or lead (see Section 1.7).

Simultaneous Cathodic Reactions

Corrosion reactions involving two simultaneous cathodic processes have
already been referred to, and it is now appropriate to consider the graph-
ical method of representing the corrosion rate. It should be noted that
although the simultaneous reduction of H3O+ and dissolved oxygen occurs
frequently this does not exhaust the possibilities, and reactions such as
Fe3+ -» Fe2+, Cu2+ -> Cu, Cl2 -> Cl" may accompany either or both of the
above reactions. Similar considerations apply to electrolytic processes such
as cathodic protection using an impressed current system in which simulta-
neous reduction of H3O+ ions and dissolved oxygen (and sometimes reduc-
tion of dissolved Cl2 and ClO" produced by the anodically generated Cl2)
occurs at the surface of the metal protected.

Wr., O2
 7COIrnH2 'corr^ i

Current, /

Fig. 1.32 E-i curve for the simultaneous cathodic reduction of H3O+ (curve ImqpH) ai
dissolved oxygen (ABCG) which give the combined curve ABCD; E1 a F is the anodic curve f

M -> Mz+
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If the anodic process is assumed to be solely Af-> Mz+ then for the cor-
rosion of a single metal

W = £'c = 'H2 + 'x = «t ' ' ̂ 1'92)

where /x is the partial cathodic current density produced by an oxidant in
solution and /t is the total current density.

Figure 1.32 shows the E-i curves for a metal corroding in an acid in which
both dissolved oxygen and H3O+ ions act as cathode reactants (note that
in order to illustrate the summation of the partial currents to give the total
current it = /H2 + I02, / rather than log / has been used). The total cathodic
curve ABCD is the sum of the partial cathodic currents, and it can be seen
that the corrosion potential due to the total cathodic current is more posi-
tive than either EcorTtll2 or Econ^02. However, whereas in the case of oxygen
reduction the rate remains constant once /L is attained, this does not apply
to the h.e.r., which means that the presence of O2 will decrease the rate of
hydrogen evolution from p to q. At £COrr.,t the relative rate I02//H2 will be
in the ratio rs/rq with the h.e.r. dominating. The relative contributions to
the corrosion rate made by dissolved oxygen and H3O+ ions will depend on
the position of each of the curves; thus if the anodic curve passed through
the cathodic curves at their point of intersection m, then /COrr.,H2

 = 'corr.,02
and their contributions to the total corrosion rate would be equal.

The situation will of course be different if the potential is maintained con-
stant, e.g. in cathodic protection. For example, if the potential was main-
tained constant at, say, £COrr.,t in an oxygen-free solution the rate due to the
h.e.r. would be rq which would be unaffected if the solution was then
aerated. However, since the corrosion rate would then increase, the current
required to maintain the potential constant would have to be increased.

Table 1.13 shows the effect of dissolved oxygen on the corrosion rate of
mild steel in oxygenated and oxygen-free dilute acids31, and it can be seen
that the ratio varies with the nature and concentration of the acid; oxygen
in 1-2N HNO3 as would be anticipated has little effect since this acid is
readily reduced cathodically. In general, the higher the concentration of the
acid the lower the contribution made by dissolved oxygen (see results for
HCl), and this appears to be due to more rapid hydrogen evolution in the
more concentrated acid that tends to screen the surface of the metal from the
dissolved oxygen. Uhlig32 quotes examples, showing how traces of oxygen
in dilute H2SO4 or substantial amounts in the more concentrated acid can
act as an inhibitor. Thus zone-refined iron corroded at 680 mg dm"2 d"1 in
oxygen-free 0.05 M H2SO4, but at only 415 mg dm"2 d"1 when the acid was
aerated.

Table 1.13 Effect of dissolved oxygen on the corrosion rate (mm y"1) of mild steel in acids*

Acid

6% acetic
6% H2SO4
4% HCl
0-04% HCl
1-2% HNO3

Oxygen-containing (O. C)

13-97
9-14

12-19
9-91

46-23

Oxygen-free (O. F.)

0-15
0-76
0-79
0-14

39-88

Ratio O.C./O.F.

87
12
16
71

1-2

*Data after Whitman and Russell31.



In case of a pure Fe-9-2 Co alloy in 0-05 M H2SO4, in which the corrosion
rate is high, the rate was found to increase when the oxygenated acid was
deoxygenated. These examples show that the role of oxygen in corrosion
reactions is far more complex than would appear from the kinetic curves
illustrated above.

Anodic E-/ Curves

It is now appropriate to consider the kinetics of the anodic reaction with
particular reference to the phenomenon of passivity, but since the mech-
anism is dealt with in detail in Section 1.5 this discussion will place the
emphasis on the anodic E-i curves.

It has been assumed that the anodic curve for M-+AT+(aq.) conforms
with the Tafel relationship, and that EAog / is linear throughout the range
of potentials under consideration. It follows, therefore, that charge transfer
rather than mass transfer is rate determining, and that the linearity of the
E-log / curve will be maintained until transport of metal ions away from the
surface becomes significant. It is not proposed to consider metal dissolution
in detail here, but it is appropriate to illustrate the complexity of the process
by considering the anodic dissolution of iron:

Fe -> Fe2+ (aq.) + 2e ...(1.93)

This follows the Tafel relationship with a Tafel slope of 2/3 R T/F = O - 04 V.
Since direct transfer of two electrons as shown in equation 1.92 is highly
unlikely, it would appear that the mechanism might involve a two-step pro-
cess in which one step is rate determining, say

Fe^+Fe+ +* ...(1.94)

Fe+ ̂  Fe2+ + e ...(1.95)

However, Despic and Drazic33 found that the reaction rate was depen-
dent on the concentration of both Fe2+ and OH ~, and that

'0.Fe = '0,Fe X CFe2+ X COH- . . .(1.96)

and although the former dependence was expected the latter was not. This
observation that the rate increased with increase in hydroxyl concentration
(increase in pH), together with a number of other diagnostic criteria, has
lead to the view that the most probable mechanism involves the following
sequence of steps:

Fe+ H2O ̂  FeOH + H+ + e ...(1.97)

FeOH-^> FeOH+ + e .. .(1.98)

FeOH+ + H + ^ Fe2+ + H2O .. .(1.99)

It must be emphasised that although the rate of anodic dissolution of iron
increases with increase in pH this will not necessarily apply to the corrosion
rate which will be dependent on a number of other factors, e.g. the thermo-
dynamics and kinetics of the cathodic reaction, film formation, etc.



Active-Passive Transitions

On the basis of previous considerations it is evident that the rate of an
activation-controlled electrode reaction should increase with increase in
potential according to the Tafel relationship. However, in certain metal
(alloy)/electrolyte solutions the rate of corrosion decreases to a compara-
tively low value when the potential is raised above a critical value, and the
metal is said to have become passive. It must be emphasised again that the
passivation of a metal or alloy is dependent on its nature and on the nature
of the solution; iron can be passivated only under specific environmental
conditions whereas tantalum is passive in most environments.

Although passivity is normally the result of a corrosion reaction involving
both a cathodic and anodic reaction, it is studied more easily by making the
whole of the metal surface anodic by means of an external source of e.m.f.
and a counter-electrode. In this connection it should be noted that there are
a number of procedures that can be used to determine the anodic E-i
relationship.

1. Galvanostatically—the current density is maintained constant at a pre-
determined value and the steady-state potential is measured.

2. Potentiostatically—the potential of the metal/solution interface is
maintained constant at a predetermined value and the steady-state cur-
rent density is measured.

Transpassive reg ion
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Fig. 1.33 Regions of the potentiostatically determined anodic E-i curve for a metal that
shows an active-passive transition



The former method requires a constant-current power source whilst the
latter require a potentiostat34 (see Section 19.2).

Each of these two procedures can be varied by proceeding from a low to
a high current density (or potential) or from a high to a low current density
(or potential); the former is referred to as forward polarisation and the latter
as reverse polarisation. Furthermore, there are a number of variations of the
potentiostatic technique, and in the potentiokinetic method the potential of
the electrode is made to vary continuously at a predetermined rate, the cur-
rent being monitored on a recorder; in the pulse method the electrode is given
a pulse of potential and the current transient is determined by means of an
oscilloscope.

Both the galvanostatic and potentiostatic method have their own par-
ticular spheres of application, and it is not always advantageous to reject
the former in favour of the latter, although there is an increasing tendency
to do so. Nevertheless, the potentiostatic method does have a distinct advan-
tage in studies of passivity, since it is capable of defining more precisely the
potential and current density at which the transition from the active (charge
transfer controlled M-»MZ+) to the passive state takes place; this is far
more difficult to achieve with the galvanostatic method owing to the sudden
decrease in current (equivalent to an increase in resistance) that accompa-
nies the onset of passivation (see Fig. 1.39). A further advantage of the
potentiostatic method is that most corrosion processes take place under con-
ditions of constant redox potential rather than constant current so that
results obtained potentiostatically are more directly applicable to practical
situations.

The typical features of a metal/solution system that exhibits an active to
passive transition is shown in Fig. 1.33, which represents diagrammatically
the potentiostatically determined anodic £"-log / curve for iron in H2SO4.
Initially, the curve conforms to the Tafel equation and curve AB9 which
is referred to as the active region, corresponds with the reaction Fe ->
Fe2+(aq). At B there is a departure from linearity that becomes more pro-
nounced as the potential is increased, and at a potential C the current
decreases to a very small value. The current density and potential at which
the transition occurs are referred to as the critical current density icrii , and
the passivation potential Epp9 respectively. In this connection it should be
noted that whereas Epp is determined from the active to passive transition,
the Flade potential35 EF is determined from the passive to active transition

Table 1.14 Approximate Flade potentials of some metals at
pHO*

Metal

Au
Pt
Fe
Ag
Ni
Cr
Ti

Flade potential
(V, vs. S.H.E.)

1-36
0-87
0-58
0-40
0-36

-0-22
-0-24

Comparison with reversible
potential of the equilibrium

specified

(Approximates to Au2 O3 /Au)
(Equivalent to PtO/Pt)
(O -62 V > Fe2O3XFe)
(Equivalent to Ag2OXAg)
(O -24 V > NiO/Ni)
(O -54 V > Cr2O3XCr)
(O • 94 V > TiO2 /Ti)

*Data after West37.



and does not therefore include extraneous factors such as the IR drop
through the insulating film, a precursor of true passivity, or pH changes that
occur in the base of the pores in the film. For these reasons Eppis somewhat
more positive (about 0-001-0-03 V) than EP9 although for most purposes
they may be regarded as being approximately the same (see Section 1.5). The
Flade potential E¥ was found by Franck36 to be a linear function of pH,
and the general equation can be expressed in the following form:

EF = Ep* - 0-059pH .. .(1.10O)

in which E? is the Flade potential at pH O. This equation, which shows that
E¥ becomes more negative with decrease in pH, is applicable to iron, nickel
and chromium-iron alloys.

The two significant parameters in passivation are E^ and /crit, and
although they are evaluated by means of the potentiostatically determined
anodic E-i curve they are equally applicable to chemical passivation in which
the redox potential and kinetics of the cathodic reaction determines the
potential of the metal/solution interface. Typical values of E¥ in acid solu-
tions at pH O are given in Table 1.1437, and it is evident that whereas metals
like chromium and titanium, which have negative passivation potentials,
may be passivated by the hydrogen ion in acid solutions (E^+/H2 = 0-00 V
at pH O) the other metals will require solutions of higher redox potentials.
For passivation two conditions must be satisfied, (a) the redox potential of
the solution must be more positive than Epp and (b) the rate of the cathodic
reaction must be greater than /crit . This is illustrated by the passivation of
iron (liF = 0-58 V) in nitric acid, an oxidising acid of very high redox
potential (about 1 • 1 V) and high limiting current density. Iron can be passi-
vated chemically in acid solutions only by means of the powerful oxidising
agent fuming nitric acid, but in reducing acids (e.g. H2SO4) it can be
passivated by raising its potential into the passive region by means of an
external e.m.f. and a counter-electrode—a process that is known as anodic
protection. However, if iron is alloyed with metals that passivate more
readily (smaller /crit and more negative EF) such as chromium and nickel,
the ease of passivation of these two metals is imparted to the alloy. Table
1.1538 shows how /crit , Ep and the quantity of charge required to fully passi-
vate the alloys all decrease with increase in chromium and chromium plus

Table 1.15 Critical current densities O'crit.), Flade potentials (EF) and
charge required for passivation of Fe-Cr alloys in 10% H2SO4*

Composition
(wt.% Cr)

O
2-8
6-7
9-5

12
14
16
18

184-8VoNi

'crit. ,
(mA cm ^)

1000
360
340
27
27
19
12
11
2

*F
(V, vs. S.H.E.)

0-58
0-58
0-35
0-15
0-01

-0-03
-0-02
+0-10
-0-10

Charge
(mC cm-2)

1600
620
70
14
15
9
9
8
8

'Data after Olivier 38 (see also Ref. 37).



Fig. 1.34 Corrosion and passivation of Fe-ISCr-SNi stainless steel. Potentiostatic anodic
curve JKLM; hydrogen evolution reaction, curve HI; low concentration of dissolved oxygen.

curve DEFG\ high concentration of dissolved oxygen, curve ABC (Section 3.3)

nickel additions Figure 1.34 shows diagrammatically how Fe-ISCr-SNi
stainless steel in sulphuric acid will corrode when the solution is oxygen free,
since neither of the two criteria for passivation is satisfied. The presence of
a small amount of oxygen in the solution (curve DEFG) could worsen the
situation, since /L < /crit . On the other hand an ample supply of oxygen
could result in complete passivation. Figures 1.3539 and 1.3640 are experi-
mentally determined anodic curves for a ferritic steel (Type 430, ISCr) and
for an I7C-ISCr-SNi austenitic steel, respectively, and it can be seen how
'crit. varies with alloy composition and with concentration of the sulphuric
acid. The ferritic stainless steels in acid solutions cannot be passivated by
additions of dissolved oxygen, since /L for oxygen reduction is insufficiently
large, but passivation could be achieved if another oxidant (HNO3, Fe3+,
Cu2+) with a high limiting current density was present in the acid.

A further possibility in the passivation of a metal in reducing acid is to
change the kinetics of the h.e.r. by alloying the metal with a noble metal that
has a higher exchange current density than that of the metal to be passivated.
This was achieved first by Tomashov41 who alloyed Fe-ISCr-SNi stainless
steel with Pt, Pd or Cu. Subsequently, Stern and Wissenberg42 applied the
same principle to Ti, a metal that has a low /crit in hydrochloric acid as well
as in sulphuric acid, and the addition of O • 1-0 • 2% palladium to the titanium
enables passivation to take place even in boiling 10% HCl.

P
oi

tn
tia

l, 
E

7COFr11H 'corr.,02



Current density (uA/cm^)

Fig. 1.36 Potentiostatic anodic curve40 for an Fe-ISCr-SNi austenitic stainless steel (type
304L) in various concentrations of H2SO4. (Note how both /crit and /pass increase with concen-
tration of H2SO4 and how the passive region ranges from about O-1 to 0-8 V vs. S.C.E.).

(After Fontana and Greene40)

Figure 1.37 shows diagrammatically how the kinetics of the h.e.r. are altered
by the presence of noble-metal alloying additions.

It is not appropriate here to consider the mechanism of passivation (see
Section 1.5), but it is apparent from Fig. 1.33 that the transition from the
active to the passive state must be associated with a fundamental change in
the nature of the metal surface, and it is now the generally accepted view that
passivity is due to the formation of a very thin solid film of metal corrosion
product, usually of oxide, on the metal surface. In this connection it should
be noted that metal oxides are thermodynamically unstable in acid solutions
so that the oxide formed during passivation must be regarded as a metastable
form of the oxide that is stable at a higher pH (Fig. 1.18). It follows that the
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Fig. 1.35 Potentiostatic anodic curve34 for an 1 SCr ferritic stainless steel (type 430) in H2SO4
showing the high value of /crit (after Greene39)
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Fig. 1.37 Passivation of titanium in hot 10% HCl resulting from the alloying addition of
0-2% Pd. Curve EF, kinetics of the h.e.r. on Pd; curve GH, kinetics of the h.e.r. on the

titanium surface

passive oxide will tend to dissolve slowly in the acid solution to form stable
metal cations; in the case of iron in sulphuric acid the oxide dissolves to form
Fe3+(aq.) indicating that the passive oxide is Fe2O3. Thus in the passive
state the corrosion rate is decreased to a low value by the formation of a rate
controlling metastable oxide on the surface of the metal.

The passive current must be associated with an electrode process, which
at the low potentials prevailing during chemical passivation (< 1 V) cannot
be due to the oxidation of OH" or H2O molecules to oxygen, with trans-
fer of electrons from the solution to the metal through the intervening oxide.
It follows that it must be an ionic current, and since ionic currents in oxide
lattices require high fields (about 1O6V cm"1) the thickness of the oxide
cannot exceed lOnm. Since the potential is constant the field must be con-
stant, which means that the thickness of the oxide must remain constant, and
this is possible only if its rate of formation /pass equals its rate of dissolution
in the acid. Thus in the passive state the interface between the metal and the
passivating metal oxide progresses slowly into the metal, which confirms the
view expressed earlier that passivity may be regarded as a limiting case of a
corrosion reaction.

As the potential is raised the passive current density /pass remains reason-
ably constant until D (Fig. 1.33) when it starts to increase along curve DE9
which is referred to as the transpassive region of the potentiostatic E-i
curve. Depending on the nature of the metal/solution system and the poten-
tial, the transpassive region may be associated with gas evolution (oxygen,
chlorine, etc.) or corrosion of the metal, or both reactions may proceed
simultaneously.
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Fig. 1.38(a) Equilibrium potential-pH diagram for the Cr-H2 O system and (&) potential-pH
diagram showing zones of corrosion, passivity and immunity (after Pourbaix6)
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In the case of chromium in 1 N H2SO4 transpassivity occurs at about 1 • 1 V
(below the potential for oxygen evolution, since the equilibrium potential in
acid solutions at pH O is 1 • 23 V and oxygen evolution requires an appreciable
overpotential) and is associated with oxidation of chromium to dichromate
anions:

2Cr + 7H2O -> Cr2O^ + 14H+ + I2e .. .(1.101)

A similar situation prevails in the case of chromium-containing alloys such
as the stainless steels, which may corrode at high potentials due to the forma-
tion of Cr2O^" in the transpassive region; for this reason Fe-ISCr-SNi
stainless steel corrodes at a significant rate in hot concentrated HNO3, and
may corrode in reducing acids during anodic protection if the potential of
the metal is allowed to become too positive.

Figures 1.3Sa and b are potential-pH equilibrium diagrams for the
Cr-H2O equilibrium, and it can be seen that passivation occurs at a rela-
tively negative potential over a wide range of pH, although once again the
impression is created that the metal cannot be passivated in strongly acid
solutions. However, at elevated potentials passivation by Cr2O3 gives way
to the formation of soluble anions (Cr2O?" or CrO4" depending upon pH)
and this is associated with an increase in the corrosion rate as shown by the
transpassive region of the potentiostatic E-\og / curve. Oxygen evolution
occurs initially when iron in sulphuric acid is in the transpassive region, but
Franck and Weil43 have shown that at potentials greater than 1 -65 V corro-
sion of iron with the formation of Fe3+ and oxygen evolution occur simul-
taneously; in alkaline solutions iron is normally passive, but at elevated
potentials it may corrode with the formation of FeO4".

On the other hand, metals such as Ta, Nb, Ti, Zr, Al, etc. (the Valve'
metals44) do not exhibit transpassive behaviour, and in appropriate elec-
trolyte solutions film growth at high fields rather than corrosion and/or
oxygen evolution is the predominant reaction; thus aluminium can be
anodised to 500 V or more in an ammonium borate buffer; titanium can be
anodised to about 400 V in formic acid and tantalum can be anodised to high
voltages in most acids, including hydrochloric acid.

L. L. SHREIR
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