
1.4 Corrosion in Aqueous Solutions

In this section the interaction of a metal with its aqueous environment will
be considered from the viewpoint of thermodynamics and electrode kinetics,
and in order to simplify the discussion it will be assumed that the metal is
a homogeneous continuum, and no account will be taken of submicroscopic,
microscopic and macroscopic heterogeneities, which are dealt with elsewhere
(see Sections 1.3 and 20.4). Furthermore, emphasis will be placed on
uniform corrosion since localised attack is considered in Section 1.6.

Aqueous environments will range from very thin condensed films of
moisture to bulk solutions, and will include natural environments such as the
atmosphere, natural waters, soils, body fluids, etc. as well as chemicals and
food products. However, since environments are dealt with fully in Chapter
2, this discussion will be confined to simple chemical solutions, whose
behaviour can be more readily interpreted in terms of fundamental physico-
chemical principles, and additional factors will have to be considered in
interpreting the behaviour of metals in more complex environments. For
example, iron will corrode rapidly in oxygenated water, but only very slowly
when oxygen is absent; however, in an anaerobic water containing sulphate-
reducing bacteria, rapid corrosion occurs, and the mechanism of the process
clearly involves the specific action of the bacteria (see Section 2.6).

All corrosion reactions in aqueous solutions are characterised by the
following features:

1. The electrified interface between the metal and the electrolyte solution
(the metal surface may be film-free or partially or completely covered
with films or corrosion products).

2. Transfer of positive charge from the metal to the solution with conse-
quent oxidation of the metal to a higher valency state.

3. Transfer of positive charge from the solution to the metal with conse-
quent reduction of a species in solution (an electron acceptor) to a lower
valency state.

4. Transfer of charge through the solution and corroding metal.

It follows that corrosion is an electrochemical reaction in which the metal
itself is a reactant and is oxidised (loss of electrons) to a higher valency state,
whilst another reactant, an electron acceptor, in solution is reduced (gain of
electrons) to a lower valency state. This may be regarded as a concise expres-
sion of the 'electrochemical mechanism of corrosion'.



Thermodynamics and Kinetics of Corrosion
Reactions

Thermodynamics provides a means of predicting the equilibrium state of a
system of specified components, but provides no information on the detailed
course of the reaction nor of the rate at which the system proceeds to
equilibrium. With the aid of suitable catalysts the reaction may be made to
proceed by different mechanisms and at different rates, but the final position
of equilibrium, which can be predicted unequivocally by thermodynamics,
remains unchanged. At elevated temperatures reactions proceed to equili-
brium far more quickly than at ambient temperatures, and for this reason
metal/gas equilibria at elevated temperatures can be defined entirely in terms
of the thermodynamics of the systems under consideration (see Section 7.6).
The position is frequently quite different with systems at ambient tempera-
tures, since although a reaction may have a very pronounced tendency to
proceed in a given direction this may be entirely nullified, by the very slow
rate at which it proceeds to its equilibrium state. Thus although the inter-
action of hydrogen and oxygen to form water at 250C is accompanied by a
large decrease in the standard free energy (see Section 20.4)

H2(g.) + |02(g.) -*H20(g.) AG2
e
98 = -237kJ

the rate of reaction is so slow that the reaction may be regarded as not occur-
ring at all; however, in the presence of a catalyst, e.g. platinum black, the
reaction proceeds instantaneously with explosive violence. It follows that
although the change in free energy AG provides a quantitative measure of
the tendency of a reaction to proceed in a given direction, it gives no informa-
tion on the rate of the reaction.

It is indeed fortunate that the rates of the majority of corrosion reactions
are very slow, since it is this factor that permits metals to be used as con-
structional materials. Considering metals in contact with oxygen at room
temperatures, it follows from the standard free energies of formation of
metal oxides that, with the exception of gold, the oxide of the metal is the
thermodynamically stable state; the free energy decreases with temperature
but the common metals are thermodynamically stable in an oxygen atmo-
sphere only at very elevated temperatures (Fig. 7.55, Section 7.6). However,
in practice, highly reactive metals like aluminium, magnesium, tantalum,
niobium, etc. are relatively stable in oxygen whereas other reactive metals
such as the alkali and alkaline-earth metals oxidise rapidly and completely.
In these examples, the kinetics of the reaction is determined by the nature
of the oxide film formed on the metal surface, which forms a protective
barrier in the former group of metals and a non-protective one in the latter.
Nevertheless, it should be noted that when the surface area is very large
compared to the volume, the thermodynamic tendency for oxidation will
outweigh kinetics, and metals such as aluminium, magnesium, titanium and
iron in the form of very fine powders, can ignite spontaneously at ambient
temperatures.

Most metals (copper, silver, gold, mercury and the platinum metals are the
exceptions) are found in nature in the combined form as minerals, which are
then reduced to the metal by the expenditure of sufficient energy (chemical,
electrical or thermal) to reverse the natural spontaneous reaction. It follows



that most metals are thermodynamically unstable and will tend to revert
back to the thermodynamically stable combined state when exposed to the
atmosphere, but the rate at which the reaction proceeds may be so slow that
for all practical purposes the metal is stable. It is of some significance that
very reactive metals such as tantalum, niobium and titanium, which have
high affinities for oxygen and are reduced from their oxides with the expen-
diture of considerable chemical energy, are highly stable in the majority of
environments; in fact, it is unlikely that these metals will ever revert back to
oxides during atmospheric exposure owing to the highly protective nature of
the thin oxide film. However, similar considerations do not apply to the less
reactive metals iron and mild steel, since the oxide formed on these metals
(rust) is not so protective as that formed on certain of the more thermo-
dynamically reactive metals.

These examples show that the thermodynamic tendency of metals to cor-
rode is frequently outweighed by kinetic factors that control the rate of the
process so that the final position of equilibrium, i.e. complete conversion to
corrosion product, is attained only slowly or not at all. Although the forma-
tion of oxide films, or films of other corrosion products, are of vital impor-
tance in controlling the rate of a corrosion reaction in aqueous solution, it
must be emphasised that in certain circumstances the activation energy of the
process or the rate of diffusion of species to and from the metal surface may
be more significant than film formation. Thus the slow rate of corrosion of
pure zinc in sulphuric acid, in which the oxide film is thermodynamically
unstable, is dependent on the high activation energy needed for the reduction
of hydrogen ions to hydrogen gas. In neutral solutions, on the other hand,
diffusion of oxygen to the metal surface may be the rate-determining factor.

The magnitude of AG, the free energy change, of a specific corrosion
reaction provides a measure of the spontaneity of the reaction and of the
extent to which it will proceed before equilibrium is attained; if AG <$C O

Kinetics

Fig. 1.13 Block on inclined plane illustrating the relationship between the thermodynamic
tendency (-AG) of a corrosion reaction aA + bB -» cC + dD and the rate of conversion of

metal A to corrosion products C and D
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Fig. 1.14 Block on inclined plane illustrating the significance of (a) corrosion, (b) passivity and
(c) immunity

Figure 1.14 illustrates the concepts implicit in the terms corrosion, passi-
vity and immunity, which are of particular significance in both the thermo-
dynamic and kinetic approach to corrosion reactions. In this analogy the
metal A is in the form of a cube that rests on the top of an inclined plane
and is in contact with the environment B. The slope of the plane a may be
regarded as a measure of the tendency of the metal to slide down the plane
with progressive formation of corrosion product (-AG) until equilibrium is
attained at the bottom of the plane when all the metal is converted to corro-
sion product. The rate at which the block slides down the plane, which in this
analogy corresponds to the rate of the reaction, will depend both on a. and
on the frictional resistance between the metal, or the metal filmed with cor-
rosion product, and the plane. In Fig. 1.14a the frictional resistance of both
metal and corrosion product is assumed to be low, and the metal proceeds
rapidly down the plane with a correspondingly high corrosion rate. In
Fig. 1.146 the corrosion product is assumed to form a continuous adherent
film on the metal surface that has a high frictional resistance; it follows that
progress of the block down the plane will be decreased to a very low value
as soon as a thin film of oxide is formed, and although some corrosion will
occur it will not affect the bulk properties of the metal block significantly.

(negative) the tendency for a metal to react with species in solution will be
high, but whether or not the reaction proceeds to any extent will depend on
kinetic factors; if AG > O (positive) the metal is stable and no further con-
sideration need be given to kinetics; if AG = O the system is at equilibrium
and will not proceed in either direction. The relationship between the free
energy decrease -AG and the rate of the reaction

aA + bB = cC + dD

where A is the metal, B is a reactant in solution, and C and D are the reaction
(or corrosion) products, is illustrated in Fig. 1.13, which shows that although
the thermodynamic tendency is the same for L, M and N the rates are
different. This illustration may be exemplified by regarding L as an unpro-
tected steel pipe buried in a corrosive soil, M the pipe protected by a
bituminous coating and N the pipe coated and also cathodically protected;
in each case the free energy change for the corrosion reaction

2Fe + H2O + }02 -> Fe203.H20

is the same, but the rate at which the reaction proceeds to equilibrium (com-
plete conversion of iron to Fe2 O3.H2O) varies significantly.

Energy



In this analogy Fig. 1.140 represents a corrosion rate that could not be
tolerated in practice, whereas Fig. 1.14ft represents the phenomenon of
passivity in which the rate of corrosion is controlled at an acceptable level
by virtue of the kinetic barrier of corrosion product. It should be noted,
however, that the metal in the passive state is still thermodynamically
unstable, and any environmental factor that results in the removal of the
oxide film, either locally or generally, will result in rapid corrosion; a charac-
teristic of passive metals is that in certain environmental situations localised
breakdown of the oxide film occurs with consequent pitting of the exposed
metal, the filmed surface surrounding the pit remaining unattacked. Finally,
no corrosion will occur if the block can be maintained at the top of the plane
by a continuous supply of energy of a magnitude that is equal to or greater
than the energy liberated when the reaction proceeds spontaneously. The
analogy in Fig. 1.14c represents the phenomenon of immunity that forms the
basis of the important practical method of corrosion control known as
cathodic protection in which the potential of the metal is depressed suffi-
ciently to prevent it oxidising (see Chapter 10).

Thermodynamic Approach to Corrosion Reactions*

The standard electrode potentials 1E6, or the standard chemical potentials
pte, may be used to calculate the free energy decrease -AG and the equilib-
rium constant K of a corrosion reaction (see Appendix 20.2). Any corrosion
reaction in aqueous solution must involve oxidation of the metal and reduc-
tion of a species in solution (an electron acceptor) with consequent electron
transfer between the two reactants. Thus the corrosion of zinc (Ezn2+/zn =
—0-76 V) in a reducing acid of pH = 4 (0H+ = 10~4) may be represented
by the reaction:

Zn + 2H+("H+ = 10~4) = Zn2+ + H2(^2 = O - - -0.4)

which consists of the two half reactions

Zn = Zn2+ (aq.) + 2e(oxidation of Zn -> Zn2+) .. .(1.5)

and 2H+ + 2e = H2(reduction of H+ -> H2) .. .(1.6)

Since AG = -zFE and since 1 F (F is a Faraday) * 96 500 C

AGZn2+/Zn= -2 x 96500 X -(-0-76JJmOr1Zn ...(1.7)

and AGHt/H2 = -2 X 96500 x (-4 x 0-05Q)JmOr1H2 .. .(1.8)

and for the overall reaction

AGreaction = -2 x 96500 x (0-76 - 0-24) = -100-SkJmOr1Zn

which shows that the reaction of zinc with hydrogen ions at aH+ = 10^g
ion/1 is spontaneous and proceeds in the direction as written in equation 1.4.
However, in spite of the large free-energy decrease for equation 1.4 the rate
of corrosion, which in this particular system is controlled by the rate of
hydrogen evolution (equation 1.6), is extremely slow.

(At this point it should be noted that the free energies of half reactions
can be added algebraically to evaluate AGreaction and similar considerations
*Thermodynamic data are given in Chapter 21, Tables 21.5 and 21.6.



apply to the evaluation of faction» providing the number of electrons z in
the two half reactions and in the complete reaction are the same (see example
just given). However, should z differ, then it is essential to sum the free
energies in order to evaluate faction > and this can be illustrated by calculat-
ing the value of f?cu2+ /Cu+

 from ^cu2+/cu = O-346 V, and ££,+/01 = O-522 V:

Cu2+ + 2e = Cu, -AGe = 2F X 0-346 = 0-792F .. .(1.9)

Cu+ + e = Cu, -AGe = 1 F x 0-522 = 0-522F .. .(1.1O)

Subtracting equation 1.10 from equation 1.9

Cu2+ + e = Cu+, -AGe = (0-792F-0-522F) =0-170F

/. lF££i2+/Cu+ = IF x O-170, and E£u2+/Cu+ =0-17 V

Direct subtraction of the standard electrode potential would have given the
incorrect value E£u2+/Cu = 0-346 - 0-522 = -O-176V.)

In this example of the corrosion of zinc in a reducing acid of pH = 4, the
corrosion product is Zn2+ (aq.), but at higher pHs the thermodynamically
stable phase will be Zn(OH)2 and the equilibrium activity of Zn2+ will be
governed by the solubility product of Zn(OH)2 and the pH of the solution;
at still higher pHs ZnO2" anions will become the stable phase and both Zn2+

and Zn(OH)2 will become unstable. However, a similar thermodynamic
approach may be adopted to that shown in this example.

Table 1.7 Half reactions involving the oxidation of a metal in aqueous
solutions

Table 1.7 shows typical half reactions for the oxidation of a metal M in
aqueous solutions with the formation of aquo cations, solid hydroxides
or aquo anions2. The equilibrium potential for each half reaction can be
evaluated from the chemical potentials of the species involved (see Appendix
20.2) and it should be noted that there is no difference thermodynamically
between equations 2(d) and 2(b) nor between 3(a) and 3(b) when account is
taken of the chemical potentials of the different species involved.

In view of the importance of the hydronium ion, H3O+, and dissolved
oxygen as electron acceptors in corrosion reactions, some values of the redox
potentials E and chemical potentials /i for the equilibria

2H+ + 2e = H29E = 0-00 - 0-059pH - 0-030log/?H2 .. .(1.U)

and JO2 + H2O -I- 2e = 2OH~9E = 1-23 - 0-059pH + O- 151og/?02
...(1.12)

at 250C are given in Table 1.8. The following should be noted:

1. Dissolved oxygen has a higher redox potential than the hydrogen ion at
all values of pH, i.e. it is a more powerful oxidant.

Equation number

1
2(a)
or 2(b)
3(a)
or 3(b)

Half reaction

M -* Mz+(aq.) + ze Oxidation to acquo cations
M + ZH2O -> M(OH)^ + zH+ -I- Ze ] Oxidation to
M + zOH~ -» M(OH)Z + ze J metal hydroxide
M + ZH2O -> A/Of~(aq.) + 2zH+ + ze ] Oxidation to
M + zOH~ -» MO*~(aq.) -I- zH+ + ze } aquo anions



* 1 atm = 1-013 x 105 Pa (Pascal).

2. In both equilibria E decreases with increase in pH.
3. A plot of E vs. pH for each equilibrium gives a linear curve of slope

0-059 (see curves / and m in Fig. 1.15 (bottom)).
4. A decrease in p02 will displace curve m in Fig. 1.15 (bottom) in the

negative direction, whereas a decrease in pH2 will displace curve / in
the positive direction (equations 1.11 and 1.12).

Table 1.9 shows the values of AG e , K and the equilibrium activities of
metal cations and pressures (fugacities) of hydrogen gas for the reaction of
typical metals with a reducing acid (aH+ = 1) to form metal cations Mz+

(aq.). Equilibria such as Au3VAu, AgVAg and Cu2VCu have redox
potentials >0-0 V, and the metal (the reduced species of the equilibrium)
may be regarded as being thermodynamically stable in a reducing acid, since
the equilibrium activities of metal cations are negligible; thus in these
systems no further consideration of the rates of the reaction are necessary.
On the other hand, the metals M of MZ+/M equilibria that are negative
to the H+XH2 equilibrium are thermodynamically unstable, and the high
values of the equilibrium activities of Mz+ indicate that the reaction will
proceed to completion, although at a rate that cannot be predicted from ther-
modynamic consideration alone.Thus pure zinc corrodes slowly in hydro-
chloric acid, more quickly if the zinc contains impurities of lead and more
quickly still when the impurities are copper; in each of these three cases the
thermodynamic tendency and the final position of equilibrium (see Table
1.9) are the same, although the rates at which equilibrium is achieved are
markedly different. (Note that each equilibrium must be written so that
—AG e > O (positive), i.e. in the direction in which it proceeds sponta-
neously so that £ faction ^ always positive although E^Z+/M may be either
positive or negative.)

Table 1.9 Thermodynamics of the reaction of metals with acid solutions
(aH+ = l ,£fi vlH2 = 0-00 V)

Reaction

yAu3 + + H2 = 2H + + f Au
2Ag++ H2 = 2H++2Ag
Cu2+ + H2 = 2H++Cu
Sn + 2H+= H2 + Sn2+

Fe + 2H+=H2 + Fe2+

Zn + 2H+=H2 + Zn2+

|A1 + 2H+=H2 + |A13 +

Mg + 2H+=H2 + Mg2+

^NF+VM
(V)

1-50
0-79
0-337

-0-136
-0-440
-0-763
-1-66
-2-37

F e

^ reaction
(V)

1-50
0-79
0-337
0-136
0-440
0-763
1-66
2-37

-AG e

(kJ)

289-4
152-4
65-0
26-2
84-9

147-2
320-3
457-3

K

7-2X1050

6-OxIO2 6

2-6XlO 1 1

4-OxIO 4

8-1 XlO1 4

7-2XlO 2 5

1-9 XlO56

2-2 XlO80

aMz+
(when

P H 2 = D

8- 5 XlO'77

4- lx lO~ 1 4

3-8 xlO~12

4-OxIO 4

8-1 XlO1 4

7-2XlO 2 5

2-6X1084

2-2 XlO80

^H2

(when
BW+ = 1)

1-4X10-51

1-7 XlO"27

3-8 XlO"12

4-OxIO 4

8 - l x l O 1 4

7-2XlO 2 5

1-9 XlO56

2-2 XlO80

Equilibrium

2H+ +Ie = H2
(see equation 1.11)

yO2 + H2O + 2e = 2OH~
(see equation 1.12)

Activity

an+ = 1
flH+ = 10~7

0H+ = IQ-14

aOH- = 1
aOH- = 10-'
«OH- = 1°~14

PH

O
7

14
14
7
O

*(V)

0-00
-0-414
-0-828

0-401
0-815
1-229

Ii = 2 X 9650OEkJ

0-00
-79-89

-159-8
77-4

157-3
237-5

Table 1.8 Potentials of the H+XyH2 and O2 /OH ~ electrodes (pH2 = p02 = 1 atm*)



Fig. 1.15(top) Equilibrium potential-pH diagram for the Fe-H2O system showing the zones
of stability of cations, anions and solid hydroxides (after Deltombe and Pourbaix7) and
(bottom) simplified version showing zones of corrosion, immunity and passivity (curve / is the

H2OXH2 equilibrium at Pu2= 1 and curve m is the O2XH2O equilibrium at P02 = 1)
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Table 1.10 shows the effect of raising the redox potential of the acid by
means of dissolved oxygen (p02 = 1 atm), and it can be seen that the noble
metals (metals more positive than 0-OV) silver and copper are now thermo-
dynamically unstable, and due consideration must be given therefore to
the factors that control the rates of the reaction. Oxygen has been selected
in this example because of its omnipresence, but similar considerations
would apply to other oxidants of high redox potential, e.g. nitric acid, ferric
salts, hydrogen peroxide, perchlorate, persulphate, etc. In this connection
it is of relevance to draw attention to the compositions and redox poten-
tials of the various etching solutions used for specific metals and alloys in
metallography, which reveal the structure by a controlled corrosion reaction
during which different structural features corrode at different rates.

These examples show how the tendency of a corrosion reaction to pro-
ceed in the direction of oxidation of metal to AT+(aq.) may be increased
by increasing the redox potential of the solution, i.e. by increasing -AG of
the reaction. In the data given in Tables 1.9 and 1.10 it has been assumed
that the metal is oxidised solely to Mz+(aq.) and that no complex ions have
formed, a situation that is more rare than usual. Thus copper is stable in
dilute hydrochloric acid (Table 1.9) but will corrode in the hot concentrated
acid owing to the formation of CuCl2

- complexes; it will also form com-
plexes with a variety of chemicals, including NH3, CN~, etc. Ferrous ions
form complexes with ammonium salts, sodium ethylene diamine tetra-
acetates or concentrated solutions of sodium polyphosphates3, and both
Fe2+ and Fe3+ form complexes in chloride solutions. Table 1.10 also pro-
vides thermodynamic data for the reaction of silver, gold and copper with
oxygenated alkaline solutions, and from the low equilibrium activity of
Ag+ and Au+ it can be assumed that these metals are stable in that environ-
ment. However, in the presence of CN" anions, cyano-complexes are
formed and there is an equilibrium between M+ and M(CN)2" that is defined
by the instability constant (Table 1.11)4, and although the aM+ (which is
dependent upon the redox potential and pH of the solution and is unaffected
by CN") is very low, the ^W(CN)2- *

s significantly high. Thus addition of CN"
to an oxygenated sodium hydroxide solution will result in the corrosion of

Table 1.10 Thermodynamics of reactions of noble metals with acids and alkaline solutions
containing oxygen (p02 = 1 atm)

Reaction

2Au ++H2 O = 2Au
+y O2 + 2H +

2Ag +y O2 + 2H+

= 2Ag+ +H2O
2Cu +7 O2 + 2H +

=2Cu+ +H2O
2Au + + 2OH-= y O2

+H2 O + 2Au
2Ag+ + 20H-=y02

+H2 O + 2Ag
2Cu+ +2OH- =7 O2

+H2 O + 2Cu

pH EW+ /M

(V)

O 1-68

O 0-79

O 0-521

14 1-68

14 0-79

14 0-521

/r©
^reaction

(V)

0-45

0-44

0-71

1-28

0-39

0-12

-AG e

(kJmor1)

86-8

84-9

137-0

247-0

75-2

23-1

K

1-7 X l O 1 5

8-1 x 1014

1 • 1 x 1020

2-4 XlO 4 3

1-6X101 3

1-2 x 104

aMz+
(when

P 0 2=D

2-4x lO~ 8

2-Sx lO 7

1-OxIO 1 0

2-OxlO-2 2

2 - 5 x l O ~ 7

l -OxlO" 2

Po2
(when

aMz+ = l )

2-9X1030

1-5XlO"30

8-2X10"41

5-SxlO 8 6

2-6X1026

1-4X108



gold, and this reaction is utilised in extractive metallurgy for the leaching of
gold from its ores by means of an oxygenated solution of sodium cyanide.

The data given in Tables 1.9 and 1.10 have been based on the assump-
tion that metal cations are the sole species formed, but at higher pH values
oxides, hydrated oxides or hydroxides may be formed, and the relevant half
reactions will be of the form shown in equations 2(a) and 2(b) (Table 1.7).
In these circumstances the a^+ will be governed by the solubility product
of the solid compound and the pH of the solution. At higher pH values the
solid compound may become unstable with respect to metal anions (equa-
tions 3(a) and 3(b), Table 1.7), and metals like aluminium, zinc, tin and lead,
which form amphoteric oxides, corrode in alkaline solutions. It is evident,
therefore, that the equilibrium between a metal and an aqueous solution
is far more complex than that illustrated in Tables 1.9 and 1.10. Neverthe-
less, as will be discussed subsequently, a similar thermodynamic approach
is possible.

Finally, it is necessary to observe that the values of activities and fugacities
calculated are thermodynamic quantities that cannot always be realised in
practice, e.g. very high activities of metal ions cannot be attained because of
solubility consideration and very low activities have no physical significance.

Table 1.11 Equilibrium between M+ and M(CN)2" in cyanide solutions (#OH- = *
(pH= 14);<7CN- = I Jp 0 2 = 1)

Equilibrium Instability constant aM+ flM(CN)f

Au(CN)2-= Au+ + 2CN- 10~39 2 X 10~22 1017

Ag(CN)2-= Ag+ + 2CN- IQ-20 2-5 X 10~7 1013

Cu(CN)2-= Cu+ -I- 2CN- 10~16 9-1 X 10~8 109

Potential-pH Equilibrium Diagrams

Pourbaix and his co-workers5'6 have calculated the phases at equilibrium
for MXH2O systems at 250C from the chemical potentials of the species
involved in the equilibria, and have expressed the data in the form of equi-
librium diagrams having pH vs. E9 the equilibrium potential (vs. S.H.E.)
as ordinates. These diagrams, which are analogous to the composition-
temperature diagrams of alloy systems, provide a thermodynamic basis for
the study of corrosion reactions, although, as emphasised by Pourbaix, their
limitations in relation to practical problems must be appreciated. Since these
diagrams are referred to throughout this work, some emphasis is given to
their significance in this section; reference should be made to the numerous
publications of Pourbaix and his co-workers for a fuller account of the
subject.

It should be emphasised that potential-pH diagrams can also be con-
structed from experimental EP-I curves, where Ep is the polarised potential
and / the current6. These diagrams, which are of more direct practical
significance than the equilibrium potential-pH equilibrium diagrams con-
structed from thermodynamic data, show how a metal in a natural environ-
ment (e.g. iron in water of given chloride ion concentration) may give rise



to general corrosion, pitting, perfect or imperfect passivity, or to immunity,
depending on the pH and potential (see Section 1.6, Fig. 1.56).

Construction of Potential-pH Diagrams

Pourbaix has classified the various equilibria that occur in aqueous solu-
tion into homogeneous and heterogeneous, and has subdivided them accord-
ing to whether the equilibria involve electrons and/or hydrogen ions. The
general equation for a half reaction is

aA + mH+ + ze~ = bB + cH2O .. .(1.13)

which shows that the equilibrium between the reactant A and product B
depends on aH+ (pH) and the electrode or redox potential E\ if neither
hydrogen ions nor electrons are involved then the equilibrium is independent
of pH and E. From the Nernst equation (see page 20.69), and substituting
for — log0H+ = pH

£ = *e-0.059™PH-^log^ (1H)
Z Z a\

It follows from equation 1.14 that for any constant ratio of a\/a\ the E
vs. pH relationship will be linear with a slope — 0-059w/z, and that when
a\ = a\ = 1 the intercept of the curve on the E axis (i.e. pH= O) will be
EQ, the standard equilibrium potential, which by definition is the potential
when the species involved in the equilibrium are at unit activity.

Pourbaix has evaluated all possible equilibria between a metal M and
H2O (see Table 1.7) and has consolidated the data into a single potential-
pH diagram, which provides a pictorial summary of the anions and cations
(nature and activity) and solid oxides (hydroxides, hydrated oxides and
oxides) that are at equilibrium at any given pH and potential; a similar
approach has been adopted for certain M-H2O-^Y systems where A" is a
non-metal, e.g. Cl", CN", CO2, SOj-, POj", etc. at a defined concentra-
tion. These diagrams give the activities of the metal cations and anions at
any specified E and pH, and in order to define corrosion in terms of an
equilibrium activity, Pourbaix has selected the arbitrary value of 10"6g
ion/1, i.e. corrosion of a metal is defined in terms of the pH and potential
that give an equilibrium activity of metal cations or anions > 10~6g ion/1;
conversely, passivity and immunity are defined in terms of an equilibrium
activity of < 10~6g ion/1. (Note that g ion/1 is used here because this is the
unit used by Pourbaix; in the S.I. the relative activity is dimensionless.)

Fe/H2O system Figure 1.15 (top) is a simplified version7 of the Fe-H2O
potential-pH equilibrium diagram [the region of stability of magnetite
(Fe3O4) is not included] and it is instructive to consider some of the more
important equilibria involved:

Curve a, Fe2+ + 2e = Fe; £ = -0-440 + 0-0301ogtfFe2+ .. .(1.15)

Curve 6, Fe(OH)2 + 2H+ + 2e = Fe + 2H2O;

E = -0-047 - 0-059pH . . .(1.16)



Curve c, Fe (OH) 3 + H+ + e = Fe(OH)2 + H2O;
E = 0-271 - 0-059pH .. .(1.17)

Curved, Fe(OH)3 + e. = FeO2H" H- H2O;

E = -0-81 -0-059 log 0FeO2H- • • .(1-18)

Curve e, Fe(OH)3 + 3H+ + e = Fe2+ H- 3H2O;
E= 1-060 - 0-177pH - 0-059 log aFe2+ .. .(1.19)

Since equation 1.15 does not involve H+ it is pH independent, and varia-
tion of 0Fe2+ will result in a series of curves parallel to the pH axis that
extend across the diagram until the pH is sufficiently high to reduce the
aFe2+ to < 10~6g ion/1 by formation of Fe(OH)2. The relevant equilibrium
is:

Fe2+ + 2H2O = Fe(OH)2 + 2H+

for which values of \L e (J) for the species involved are Fe2+(aq.), ~84 760;
H2O, -236700; Fe(OH)2, -482000, and since

lna K - " LV{1*'* - - (^iMiVoducts) ~ ^i/^reactants)) f} ^ .
10g*~ 2-303RT~ 2-303RT ...(1.2Oa)

and at 250C

WJT t-482OQO-2(-23670O)-(-8476O)]
l°8* = 2 - 3 0 3 X 8 - 3 1 5 X 2 9 8 - 1 6 = ~13'37 ••'(1-2W')

Since K = ̂ -, then log K = log0H+ - logaFe2+ .. .(1.21)
^Fe2+

and log tfFe2+ = 13 - 27 - 2pH .. .(1.22)

Thus at aFe2+ = 10~6 the equilibrium pH will be 9-7 and the %e2+ will be
< 10~6 at any higher pH value; it follows that the formation of a new solid
phase Fe(OH)2 at a sufficiently high pH must limit the zone of corrosion as
defined by Pourbaix.

Whereas lowering the potential results in a decrease in aFe2+, the con-
verse applies when the potential is raised. However, this increase in acti-
vity is again limited by the formation of a solid phase. Thus curve e of
Fig. 1.15 (top) gives the equilibrium between Fe(OH)3 and Fe2+ at any
predetermined activity of the latter in the range 10° - 10~6. At 0Fe2+ =
10-6g-ion/l, E = [1-06 H- ( -6 X 0-059)] - 0-177pH which defines the
boundary between corrosion and passivity at high potentials (equation 1.19).

At high pH values and low potentials, Fe, Fe2+, Fe3+, Fe(OH)2 and
Fe(OH)3, etc. will be thermodynamically unstable with respect to FeO2H"
and a further limited zone of corrosion will appear on the right-hand side of
the diagram.

Significance of Zones in Potential-pH Diagrams

The above outline of the method adopted in the construction of the poten-
tial-pH diagram of the Fe-H2O system serves to illustrate the essentially



thermodynamic nature of diagrams of this type, which therefore cannot
provide any information on the rates of corrosion processes. However,
on the basis of certain assumptions that have no thermodynamic signifi-
cance, it is possible to separate the Fe-H2O diagram into the following
zones [Fig. 1.15 (bottom)]

Corrosion: activity of Fe2+, Fe3+(aq.) or FeO2"(aq.) > 10~6g ion/1
(O-06 p.p.m. of Fe in the case of the cations).

Passivity: Fe(OH)2, Fe3O4 or Fe(OH)3 in equilibrium with metal ions at
an activity < 10~6g ion/1.

Immunity: Fe metal in equilibrium with Fe2+(aq.) or FeO2H~(aq.) at an
activity < 10~6g ion/1.

It should be noted that Fig. 1.15 (top) is based entirely on thermodynamic
data and is therefore correctly described as an equilibrium diagram, since
it shows the phases (nature and activity) that exist at equilibrium. However,
the concepts implicit in the terms corrosion, immunity and passivity lie
outside the realm of thermodynamics, and, for example, passivity involves
both thermodynamic and kinetic concepts; it follows that Fig. 1.15 (bottom)
cannot be regarded as a true equilibrium diagram, although it is based on one
that has been constructed entirely from thermodynamic data.

In Fig. 1.15 (bottom) curves/and m show the potential-pH relationships
for the reversible hydrogen and oxygen electrodes at pH2 = p02 = 1 atm
respectively. Within the area confined by the curves / and m, H2O is ther-
modynamically stable and pH2 < 1 and /?02 < 1; whereas below / and above
m, /7H2 > 1 atm, and p02 > 1 atm, respectively (see equations 1.11 and
1.12). Thus the diagram shows the solid phases of iron, the activities of metal
ions and the pressures of hydrogen and oxygen gas that are at equilibrium
at any given potential and pH when pure iron reacts with pure water.

This can be illustrated by considering the changes that will tend to occur
when iron with a coating of rust (Fe2O3.H2O) is immersed in oxygenated
water at pHs and potentials that correspond with the various zones in the
Fe-H2O diagram6.

Immunity Any Fe2O3 on the surface (or any Fe2+ in solution) will be
reduced to metal, and aFe2+ < 10~6g ion/1; water will be reduced to hydro-
gen and /?H2 > 1 atm; any dissolved oxygen present will be reduced to
OH~, and p02 <$C 1 atm.

Corrosion (in acid solutions) At low potentials iron will be oxidised to
Fe2+ and Fe2O3 reduced to Fe2+, and the %e2+ will be > 10~6g ion/1; water
will be reduced to hydrogen or remain stable, depending upon whether E is
below or above curve/. At high potentials iron will be oxidised to Fe3+ and
Fe2O3 will dissolve to form Fe3+ (E^+,^2+ = 0-76 V); water will be stable
or will be oxidised to oxygen, depending upon whether E is below or above
curve m, respectively.

Passivation According to Fig. 1.15 (top) all the Fe will be converted to
Fe2O3, whilst the rust originally present will be unaffected. According to
Fig. 1.15 (bottom) the rust will be unaffected, whilst the iron surface exposed
to the solution through pores in the rust will be passivated by a protective
film of Fe2O3. Water will be stable except at high potentials where it will be
oxidised to O2.



Thus the tendency for an electrochemical reaction at a metal/solution
interface to proceed in a given direction may be defined in terms of the
relative values of the actual electrode potential E (experimentally determined
and expressed with reference to the S.H.E.) and the reversible or equilibrium
potential Er (calculated from E e and the activities of the species involved in
the equilibrium).

When E>ET the reaction can only proceed in the direction of oxidation.
When E<Er the reaction can only proceed in the direction of reduction.
When E = Er the reaction is at equilibrium.

This can be summarised by the relationship

(E -Er)I ^ O ...(1.23)

in which /, the reaction current, is regarded as positive in the case of oxida-
tion and negative in the case of reduction. The parameter (E — ET), which
may be positive, negative or zero, is termed the overpotential or affinity, and
gives the tendency for the reaction to proceed in the direction of oxidation
or reduction or to be at equilibrium, respectively. However, the precise
magnitude of 7 will depend upon kinetic factors, which will be considered
subsequently.

Advantages and Limitations of Diagrams

Although the zones of corrosion, immunity and passivity are clearly of
fundamental importance in corrosion science it must be emphasised again
that they have serious limitations in the solution of practical problems, and
can lead to unfortunate misconceptions unless they are interpreted with
caution. Nevertheless, Pourbaix and his co-workers, and others, have shown
that these diagrams used in conjunction with E-i curves for the systems
under consideration can provide diagrams that are of direct practical use to
the corrosion engineer, It is therefore relevant to consider the advantages
and limitations of the equilibrium potential-pH diagrams.

The M-H2O diagrams present the equilibria at various pHs and poten-
tials between the metal, metal ions and solid oxides and hydroxides for
systems in which the only reactants are metal, water, and hydrogen and
hydroxyl ions; a situation that is extremely unlikely to prevail in real solu-
tions that usually contain a variety of electrolytes and non-electrolytes. Thus
a solution of pH 1 may be prepared from either hydrochloric, sulphuric,
nitric or perchloric acids, and in each case a different anion will be introduced
into the solution with the consequent possibility of the formation of species
other than those predicted in the M-H2O system. In general, anions that
form soluble complexes will tend to extend the zones of corrosion, whereas
anions that form insoluble compounds will tend to extend the zone of
passivity. However, provided the relevant thermodynamic data are avail-
able, the effect of these anions can be incorporated into the diagram, and
diagrams of the type M-H2O-^f are available in Cebelcor reports and in the
published literature.

The effect of anions on the zones of corrosion and passivation can be
exemplified by a comparison of the Pb-H2O and Pb-H2O-SOj" equilib-
rium diagrams (see Section 4.3, Figs. 4.13 and 4.14) and it can be seen that
in the presence of SO^- the corrosion zone corresponding with stability of



Pb2 +Is completely replaced by PbSO4 so that passivation is possible in the
acid region owing to the thermodynamic stability of PbSO4.

Similar considerations apply to the potential E which can be varied by
means of an auxiliary electrode and an external source of e.m.f., or by
varying the redox potential of the solution, and in the case of the latter a
given redox potential may be achieved by using different oxidants. Thus at
pH 7 and E= —0-44 V, iron will be in the zone of corrosion (0Fe2+ = 1),
and the potential could be raised into the passive region by either dissolved
oxygen, potassium chromate or potassium perchlorate. However, the effects
produced will depend upon a variety of factors, and whereas passivation
can be achieved if chromate is present in sufficient concentration, it may
cause pitting at lower concentrations. Perchlorate will tend to cause pitting,
and dissolved oxygen can result in localised attack and will passivate iron
only if it is brought rapidly and simultaneously to all parts of the metal
surface.

A further serious limitation is that diagrams evaluated from thermo-
dynamic data at 250C have little relevance in high-temperature aqueous cor-
rosion, but it is now possible to construct diagrams8'9 that are applicable at
elevated temperatures from data obtained at 25° C (see Section 2.1).

Pourbaix6 has studied the behaviour of iron in city water (Brussels) at

Table 1.12 State environments and iron in Brussels water; see also Fig. 1.16 (after
Pourbaix6)

Experiment

a

b
C

c'

d

e

Sample
number

1
2
3
4
5
6
7
8
9

10
11
12
13
14
15
16
17
14'
15'
16'
17'
18
19
20
21
22
23
24
25

Solution

H2O distilled
NaCl 1 g/1
H2SO4 1 g/1
NaHSO4 1 g/1
NaOH 1 g/1
K2CrO4 1 g/1
K2CrO4 + NaCl 1 g/1
KMnO4 O- 2 g/1
KMnO4 1 g/1
H2O2 O- 3 g/1
H2O2 3 -O g/1
Brussels city water
NaOH 40 g/1 degassed
city water-iron-copper
city water-iron-zinc
city water-iron-magnesium
city water-iron-platinum
city water-iron-copper
city water-iron-zinc
city water-iron-magnesium
city water-iron-platinum
NaHCO3O-IMPoIe -
NaHCO3O-IMPoIe +
NaHCO 3O-IMPoIe-
NaHCO3O-IMPoIe -
NaHCO 3O-IMPoIe-
NaHCO3O-IMPoIe +
NaHCO3O-IMPoIe -
NaHCO3O-IMPoIe +

PH

8-1
6-9
2-3
6-4

11-2
8-5
8-6
6-7
7-1
5-7
3-4
7-0

13-7
7-5
7-5
7-5
7-5
7-8
7-7
8-7

8-4
8-4
8-4
8-4
8-4
8-4
8-4
8-4

EH
(V)

-0-486
-0-445
-0-351
-0-372
+0-026
-1-0-235
-0-200
-0-460
4-0-900
-0-200
-I-0-720
-0-450
-0-810
-0-445
-0-690
-0-910
-0-444
-0-385
-0-690
-0-495

-0-860
-0-350
-0-885
-1-1 -380
-0-500
+1-550
-1-000
+1-550

State of
metal*

•
•
•
•
O

O

3
•
O
•
O
•
•
•
O
O
•
•
O
O
•
O
•
O
O
•
O

O
O

Gas

H2

O2

H2

H2

H2

H2

H2

H2

H2
O2

O2
H2

O2

* • General corrosion; 3 local corrosion; o absence of corrosion.
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Fig. 1.16 Potential-pH diagram for the Fe-H2O system in which results obtained for the
behaviour of iron in Brussels water have been inserted (see Table 1.12) (after Pourbaix6)

various pHs and potentials (Table 1.12); the study of the former was effected
by adding acids and alkalis and the latter by applying an external e.m.f., by
coupling the iron to either more positive (Cu, Pt) or more negative metals
(e.g. Zn, Mg), or by adding oxidants (e.g. K2CrO4, KMnO4, H2O2). The
corrosion rate of the iron has been determined and results have been inserted
in the potential-pH diagram for Fe-H2O (Fig. 1.16), and it can be seen that
in this particular water there is good agreement between the predictions of
the diagram and the corrosion behaviour of the iron. However, it does not
follow that this correlation would necessarily apply to all fresh waters or to
sea-water.

Zones of Corrosion

The Zn-H2O (Fig. 1.17) diagram10 shows that extensive corrosion zones
exist at both low and high pH values (compare the very restricted corrosion
zone in the Fe-H2O diagram at high pHs); similar zones in the region of
low and high pH are obtained with other amphoteric metals such as
aluminium, lead and tin. The diagram for Zn-H2O predicts with some
accuracy the behaviour of the metal in practice, where it has been established
that zinc corrodes rapidly outside the range pH 6-12- 5 but is passive within
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Fig. 1.17 Simplified potential-pH diagram for the ZnXH2O system (after Delahay, Pourbaix
and Van Rysselberghe10)

it. On the other hand, iron in sodium hydroxide at 250C at potentials and
pHs corresponding with the triangle of corrosion on the right-hand side
of Fig. 1.15 [FeO2H~(aq.) stable] shows little evidence of attack, although
the presence of this zone does explain the phenomenon of caustic crack-
ing. However, it should be noted that caustic cracking normally occurs in
alkaline waters at elevated temperatures and that temperature will have a
marked effect on both the thermodynamics and kinetics of the reaction (see
Section 2.1).

Finally, it should be noted that although the arbitrary activity of 10~6g
ion/1 represents a very low concentration of metal ions it could be signifi-
cant in certain circumstances, e.g. lead at that concentration would render
potable water toxic. It should also be noted that if the equilibrium is con-
tinuously disturbed, e.g. by a flowing solution, significant amounts of metal
will corrode even at an equilibrium activity of 10~6g ion/1.

Zone of Immunity

The region of immunity [Fig. 1.15 (bottom)] illustrates how corrosion may
be controlled by lowering the potential of the metal, and this zone pro-
vides the thermodynamic explanation of the important practical method of
cathodic protection (Section 11.1). In the case of iron in near-neutral solu-
tions the potential E = —0-62 V for immunity corresponds approximately
with the practical criterion adopted for cathodically protecting the metal
in most environments, i.e. —0-52 to —0-62 V (vs. S.H.E.). It should be
observed, however, that the diagram provides no information on the rate of
charge transfer (the current) required to depress the potential into the region
of immunity, which is the same ( < —O • 62 V) at all values of pH below 9-8.
Consideration of curve / for the H2/H2 O equilibrium shows that as the pH



decreases the thermodynamic tendency of water to become reduced to
hydrogen increases, and although theoretically cathodic protection is feasi-
ble in the acid region it would be economically impracticable, since hydrogen
evolution at a very high rate would occur at the potentials required to achieve
immunity. Thus cathodic protection is normally confined to near-neutral
solutions.

In the case of the Al-H2O diagram system (Section 4.1, Fig. 4.41) immu-
nity in the near-neutral region can be achieved only at potentials < — 1 • 82 V,
which cannot be attained in practice owing to the hydrogen evolution reac-
tion, which is the thermodynamically preferred process. However, owing to
the presence of a surface oxide film the potential of aluminium in practical
environments is far more positive than the reversible potential, e.g. the cor-
rosion potential in sea-water is —0-55 V compared to ^APVAI = — 1 * 7 V,
and cathodic protection may be achieved in practice by making the potential
10OmV more negative than the corrosion potential. This is because alumi-
nium in neutral chloride-containing environments corrodes by pitting, and
the criterion of cathodic protection is thus the critical pitting potential (see
Sections 1.5 and 1.6) and not the zone of immunity of the potential-pH
diagram, and similar considerations apply to the cathodic protection of
stainless steels.

The Al-H2O diagram does show, however, the danger that may arise due
to an increase in pH when the metal is cathodically protected in near-neutral
solutions; indeed, the possibility of alkaline corrosion has seriously limited
the use of cathodic protection for aluminium structures.

Zone of Passivity

Although thermodynamics can predict the region of pH and potential in
which solid oxides, hydroxides and other compounds are stable, it can pro-
vide no other information; thus on the basis of these considerations alone
a metal in the passive region should be completely converted to a solid com-
pound by reacting with water with a consequent loss of properties.

Implicit in the concept of passivity is the assumption that the solid com-
pound forms a kinetic barrier between the reactants so that further inter-
action becomes very slow. Whether this occurs in practice will depend on
the position of formation of the oxide (an oxide produced by the sequence
M-»M2+(aq.) -> M2O3.H2O is likely to precipitate away from the metal
surface owing to the mobility of the M2+(aq.) ion and to be non-protective,
and an oxide produced directly, e.g. M -*• MxOy is likely to form on the
metal surface and to be protective), the adhesion of the oxide to the metal,
the solubility of the oxide, its cohesion, crystal form, etc. Thus iron in a
neutral chloride solution maintained in the region of passivation by dissolved
oxygen will corrode owing to the fact that the hydrated oxide Fe2O3.H2O
precipitates away from the metal surface and is therefore non-protective.
Similarly, metals such as magnesium, aluminium and zinc, which according
to the relevant potential-pH diagram are all passive in near-neutral solutions
at elevated potentials, can be used as sacrificial anodes in sea-water, since the
presence of the chloride ion precludes passivation; in fact in this particular
application it is essential to ensure that the metal does not passivate, and in
the case of aluminium and zinc, additions of mercury may be used to prevent



the formation of a protective film thus facilitating uniform corrosion (see
Section 10.2).

A number of metals and alloys can be passivated in the acid region at
elevated potentials, although this phenomenon is not evident from the
pH-potential diagrams, which give the impression that the metal will cor-
rode. Thus iron is passivated in fuming nitric acid, and aluminium in nitric
acid at concentrations > « 70%; iron, nickel and cobalt can be passivated
in sulphuric acid by raising the potential by applying an external source of
e.m.f. The reason for this behaviour is that although the passive zone is
based on the thermodynamic stability of solid compounds it is possible for
these compounds to exist as metastable phases outside the regions defined by
thermodynamic data. Under these circumstances the rate of corrosion of the
metal will be controlled by the rate of transport of metal cations through the
film and by the dissolution of the oxide in the solution (see Section 1.4).

The fact that oxides can exist as metastable phases is illustrated by the
Ni-H2O diagram (Fig. 1.18) in which the curves for the various oxides of
nickel have been extrapolated into the acid region of Ni2+ stability, and this
diagram emphasises the fact that nickel can be passivated outside the region
of thermodynamic stability of the oxides11.

The converse situation occurs when complexants are present, and this can
be exemplified by the Cu-H2O-NH3 system (Fig. 1.19)12 in which the zones

Fig. 1.18 Modified potential-pH diagram for the Ni-H2O system; the curves showing the
stability of the nickel oxides have been extrapolated into the acid region to indicate the forma-

tion of metastable oxides (after De Gromoboy and Shreir11)
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Fig. 1.19 Potential-pH diagram for copper in solutions containing Cu2+ and (NH4)2 SO4
(after Mattson12) with superimposed times to fracture T{ of direct-loaded a-brass wires held
at various potentials in the solution of pH 7 -2; the specimen without external polarisation had

Tf = 3y h (after Hoar and Booker13)

of passivation due to the stability of Cu2O and CuO are confined to a nar-
row region of pH, whereas in the Cu-H2O water system passivation can be
achieved at all pHs > « 6-8 (Section 4.2, Fig. 4.10).

Importance of Potential-pH Diagrams in Corrosion Science

Since the remainder of this section will be confined to a consideration of
rates of corrosion reactions, it is appropriate to conclude this review of
potential-pH diagrams with an assessment of their significance in corrosion
science. In this connection, it is relevant to consider the composition-
temperature equilibrium phase diagrams of alloy systems, which provide the
foundation for the study of the structure of metals and alloys, although it
is recognised that these diagrams have serious limitations owing to the fact
that many commercial alloys are not in a state of equilibrium. This can be
exemplified by the Fe-C equilibrium diagram, in which ferrite (a-Fe) and
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graphite are the phases at equilibrium; however, a variety of metastable
phases such as cementite and martensite can be formed by suitable heat
treatments. The Fe-graphite equilibrium diagram predicts that a liquid alloy
containing 3% C when cooled to ambient temperatures will consist of ferrite
and graphite, but if the alloy is cooled rapidly graphite formation is sup-
pressed, resulting in a hard, brittle white iron composed of cementite and
ferrite. Subsequent annealing at 87O0C will cause the system to tend to the
equilibrium state, and the cementite will decompose slowly with the forma-
tion of the stable phase graphite. There are numerous examples that could
be quoted to show that commercial alloys contain metastable phases that
do not conform with the predictions of the relevant equilibrium diagram, but
the usefulness of these diagrams is not disputed. However, in the case of
steels the kinetics of the isothermal transformation of austenite can be pre-
sented in the form of transformation-time-temperature (TTT) diagrams
which show the phases that form at different temperatures after a given time
(the axes are transformation temperature vs. the logarithm of the time of
transformation). These TTT diagrams (see Section 20.4) may be regarded as
being analogous to the .E-log / diagrams, since the former provide informa-
tion on the isothermal rate of mass transfer, whilst the latter provide infor-
mation on both charge transfer and mass transfer. '

Thus the potential-pH diagrams and the E-I diagrams may be regarded
as complementary in the study of corrosion phenomena and in the solution
of corrosion problems.

A survey of the literature (see pages 1.114 to 1.117) shows that numerous
workers in the field of corrosion have used potential-pH diagrams in order
to throw more light on the mechanism of a corrosion process. As an exam-
ple, some consideration will be given to the stress corrosion of ex-brass,
which also serves to illustrate diagrams of the type M-H2 Q-X9 where in
this particular case X is NH3. Mattsson12 constructed an equilibrium poten-
tial-pH diagram for copper in solutions of (NH4 )2 SO4 at various pHs
(Fig. 1.19), and also studied experimentally the rate of cracking of brass in
dilute solutions containing NH3, Cu2+ ions and SO4" ions at various pH
values of from 2 to 11. It was found that intergranular cracking occurred
mainly in the range pH 6-3-7-7, and was most rapid in the range pH
7-1-7-3. The diagram shows that, thermodynamically, Cu2O formation
becomes increasingly easy up to pH 7-3, and although previous workers in
this field had observed that a black film of corrosion product (subsequently
identified as Cu2O) accompanied cracking, it was regarded as of little signi-
ficance. Mattsson suggested that the cuprous oxide stimulated cracking, and
this was confirmed by the subsequent work of Hoar and Booker13 who
studied the time to failure (7"f) of stressed brass wires at various pHs and
potentials (Es) corresponding with significant zones in the potential-pH
diagram. They found that rapid fracture occurred in the pH range 7-1-7-3,
and that at fracture the potential of the brass had risen from O • 15 to O • 25 V,
corresponding with the anodic formation of Cu2O from Cu. At potentials
below —0-05 V, at which Cu2O cannot form, cracking was arrested. It is
not appropriate here to consider the precise role of Cu2O in the cracking
process, but this example does serve to illustrate the usefulness of potential-
pH diagrams in providing information that can assist in establishing the
mechanism of corrosion phenomena13"15.



Electrochemical Mechanism of Corrosion

The rate (or kinetics) and form of a corrosion reaction will be affected by
a variety of factors associated with the metal and the metal surface (which
can range from a planar outer surface to the surface within pits or fine
cracks), and the environment. Thus heterogeneities in a metal (see Section
1.3) may have a marked effect on the kinetics of a reaction without affecting
the thermodynamics of the system; there is no reason to believe that a perfect
single crystal of pure zinc completely free from lattic defects (a hypothetical
concept) would not corrode when immersed in hydrochloric acid, but it
would probably corrode at a significantly slower rate than polycrystalline
pure zinc, although there is no thermodynamic difference between these two
forms of zinc. Furthermore, although heavy metal impurities in zinc will
affect the rate of reaction they cannot alter the final position of equilibrium.

The essential features of the electrochemical mechanism of corrosion
were outlined at the beginning of the section, and it is now necessary to
consider the factors that control the rate of corrosion of a single metal in
more detail. However, before doing so it is helpful to examine the charge
transfer processes that occur at the two separable electrodes of a well-defined
electrochemical cell in order to show that since the two half reactions con-
stituting the overall reaction are interdependent, their rates and extents will
be equal.

Electrochemical and Electrolytic Cells

Fig. 1.20 Cell consisting of two reversible Ag+/Ag electrodes (Ag in AgNO3 solution). The
rate and direction of charge transfer is indicated by the length and arrow-head as follows: gain
of electrons by Ag+ 4- e -> Ag—>; loss of electrons by Ag -» Ag+ + e*—. (a) Both elec-
trodes at equilibrium and (b) electrodes polarised by an external source of e.m.f.; the position
of the electrodes in the vertical direction indicates the potential change. (V, high-impedance

voltmeter; A9 ammeter; /?, variable resistance)

More
positive

Cathode
Anode

(a) (b)



An electrochemical cell is a device by means of which the enthalpy (or heat
content) of a spontaneous chemical reaction is converted into electrical
energy; conversely, an electrolytic cell is a device in which electrical energy
is used to bring about a chemical change with a consequent increase in
the enthalpy of the system. Both types of cells are characterised by the fact
that during their operation charge transfer takes place at one electrode in a
direction that leads to the oxidation of either the electrode or of a species
in solution, whilst the converse process of reduction occurs at the other
electrode.

For simplicity a cell consisting of two identical electrodes of silver
immersed in silver nitrate solution will be considered first (Fig. 1.2Oa), i.e.
Ag1XAgNO3XAgn. On open circuit each electrode will be at equilibrium,
and the rate of transfer of silver ions from the metal lattice to the solution
and from the solution to the metal lattice will be equal, i.e. the electrodes will
be in a state of dynamic equilibrium. The rate of charge transfer, which may
be regarded as either the rate of transfer of silver cations (positive charge)
in one direction, or the transfer of electrons (negative charge) in the opposite
direction, in an electrochemical reaction is the current 7, so that for the
equilibrium at electrode I

/Ig,i = ^g,i
 = /o,i ...(1.24)

In this equation /0, is theequilibrium exchange current, and the arrow con-
vention adopted is that /Ag represents the rate of cathodic reduction

Ag+(aq.) +e-+ Ag(I) ...(1.25)

and /Ag represent the rate of anodic oxidation

Ag(I) ->Ag+(aq.) +e ...(1.26)

If the areas of the electrodes are assumed to be 1 cm2, and taking the
equilibrium exchange current density /0 for the Ag+XAg equilibrium to be
10~2 A cm"2, then I0 will be 10~2 A, which is a very high rate of charge
transfer. A similar situation will prevail at electrode II, and rates of exchange
of silver ions and the potential will be the same as for electrode I.

It is apparent from this that since the rates of the cathodic and anodic pro-
cesses at each electrode are equal, there will be no net transfer of charge; in
fact, with this particular cell, consisting of two identical electrodes in the
same electrolyte solution, a similar situation would prevail even if the elec-
trodes were short-circuited, since there is no tendency for a spontaneous
reaction to occur, i.e. the system is at equilibrium and AG = O.

Consider now the transfer of electrons from electrode II to electrode I by
means of an external source of e.m.f. and a variable resistance (Fig. 1.206).
Prior to this transfer the electrodes are both at equilibrium, and the equi-
librium potentials of the metalXsolution interfaces will therefore be the same,
i.e. E1 = E11 = Er, where ET is the reversible or equilibrium potential. When
transfer of electrons at a slow rate is made to take place by means of the
external e.m.f., the equilibrium is disturbed and_the rates of the charge
transfer processes become unequal. At electrode I, /Agfl > /Ag,i, and there is



now a net cathodic reaction (equation 1.25). At electrode II, /Ag n > /Ag,n>
and there is now a net anodic reaction (equation 1.26).

The rate of transfer of electrons in the external circuit /e, which is the
rate actually measured by the ammeter, is the difference between rates of
the dominant or forward reaction and the subsidiary or reverse reaction at
each electrode, and it follows that

/e = /Ig,I - /Ag.1 = /^g. II - /Ig.H • • .(L27)

By definition, electrode II at which oxidation is the predominant reaction is
the anode, whereas electrode I at which reduction is the predominant reac-
tion is the cathode. It is apparent that the removal of electrons from Agn
will result in the potential of its interface becoming more positive, whilst the
concomitant supply of electrons to the interface of Ag1 will make its poten-
tial become more negative than the equilibrium potential:

EptC<ET<Ept& ...(1.28)

where EpiC and Ept& are the polarised potentials of the cathode and anode,
respectively.

If the resistance in the external circuit is decreased sufficiently so that

£p,c«£r«£p>a ...(1.29)

the rates of the reverse subsidiary reactions may be disregarded and

/Ag, c = /Ag,. = /c . . . ( 1 .3O)

Concentration Cells

In the previous example of an electrolytic cell the two electrodes were
immersed in the same solution of silver nitrate, and the system was there-
fore thermodynamically at equilibrium. However, if the activities of Ag+ at
the electrodes differ, the system is unstable, and charge transfer will occur
in a direction that tends to equalise the activities, and equilibrium is achieved
only when they are equal.

Figure 1.21 shows a reversible concentration cell in which aAgl > tfAg,n»
and for the equilibrium Ag+ + e ̂  Ag the e.m.f. of the cell will be

Er ceii = ̂ /n-̂ 1 = 0-059 log-^-at25°C . . .(1.31)
& ^Ag, ii ^Ag, ii

in which /sr)Cen must be positive since 0Agtl > flfAgII. If aAgl = 1-0 and
0A8 ii = O-1, then E1 cell = 0-059 V and electrode I will be the cathode [E1 =
(0-79 + O-006)V] and electrode II the anode [ET = (0-079 - 0-06O)V]. If
the cell operates spontaneously, charge transfer takes place until aAgl =
aAgtii when AG becomes zero, i.e. the system is at equilibrium.



Fig. 1.21 Concentration cell in which aA&+ n < #Ag+,i so tnat charge transfer occurs spon-
taneously and proceeds until the activities are equal (E} is the liquid junction potential at the

sintered glass plug that is used to minimise mixing of the two solutions)

Rates and Extents

The current /is the rate of charge transfer, and a rate of 1 A = 1 Cs"1. The
charge on the electron is 1-602 O x 10"19 C, and since 1 mol of an element
contains 6-023 5 x 1023 atoms (Avogadro's number) the cathodic reduction
of a univalent metal ion M+ will require 6-023 5 x 1023 x 1-602Ox 10"19

= 96 494 C. This statement is essentially Faraday's law and 1 faraday =
96 494 C «96 500 C.

In the more general case of the anodic oxidation or cathodic reduction of
a species by change transfer, zF coulombs will be required for 1 mol where

CathodeAnode



Z is the number of electrons required to carry out one act of the electron
transfer process. Thus the rate of charge transfer of an electrochemical reac-
tion is given by

fce = 4; (molss"1) ...(1.32)
Zr

or Ar6 = ™ (kg s-1) ...(1.33)

where M is the molar mass (kg mol"1) of the species involved. In these
examples of cells the areas of the electrodes have been disregarded, but in
electrode kinetics it is the rate per unit area of the electrode that is of signi-
ficance. The rate per unit area is the current density /', and

I = JS"1 ...(1.34)

where S is the area, and / therefore has units of A cm"2, A m~2, mA cm"2,
etc. Thus equation 1.33 can be expressed in terms of a rate per unit area

ke = ™ (kgcm-2s-') ...(1.35)

where / is in A cm"2. (Note that although the metre is the recommended
S.I. unit, the centimetre is so widely used that it will be retained in certain
units in this book.)

The extent of an electrochemical reaction is the quantity of charge Q
(coulombs) transferred in a given time t, and

Q = It ...(1.36)

where t is the time (s). Since 1 mol of charge transfer requires zF coulombs

Q = ̂  (mol), or Q = ̂ - (mol cm"2) ...(1.37)
ZT Zr

alternatively, Q = -—- (kg), o*Q = 1— (kgcm"2) ...(1.38)
Zr Zr

It is apparent (Fig. 1.21) that at potentials removed from the equilibrium
potential (see equation 1.30) the rate of charge transfer of (a) silver cations
from the metal to the solution (anodic reaction), (b) silver aquo cations
from the solution to the metal (cathodic reaction) and (c) electrons through
the metallic circuit from anode to cathode, are equal, so that any one may
be used to evaluate the rates of the others. The rate is most conveniently
determined from the rate of transfer of electrons in the metallic circuit
(the current I) by means of an ammeter, and if J is maintained constant it
can also be used to evaluate the extent. A more precise method of deter-
mining the quantity of charge transferred is the coulometer, in which the
extent of a single well-defined reaction is determined accurately, e.g. by the
quantity of metal electrodeposited, by the volume of gas evolved, etc. The
reaction Ag+(aq.) + e = Ag is utilised in the silver coulometer, and pro-
vides one of the most accurate methods of determining the extent of charge
transfer.



Partial Cathodic and Anodic Reactions

The reversible cells described are characterised by the fact that the same
charge transfer process Ag+(aq.)^ Ag(I) takes place at each electrode.
However, this type of cell is not typical, and the fact that the exchange
processes usually differ can be exemplified by considering an electrolytic cell
consisting of two platinum electrodes immersed in a solution of deoxy-
genated Na2SO4, in which water is decomposed into hydrogen and oxygen

H20->H2 + i02

by the interdependent reactions

2H2O + 2e = H2 + 2OH ~ (cathode) .. .(1.39)

and H2O = JO2 + 2H+ + 2e (anode) ...(1.4O)

In contrast to the cell consisting of two reversible Ag+XAg electrodes,
charge transfer cannot occur until the e.m.f. of the equivalent reversible cell
is exceeded (> 1-23 V)*, and in view of the high overpotential for oxygen
evolution the rate will not be significant until the e.m.f. is more than about
1-6 V. If the deoxygenated Na2SO4 solution is replaced by an oxygenated
sodium chloride solution, the following additional reactions are also possible

O2 + 2H2O + 2e. = 2OH- (cathode) .. .(1.41)

2Cr -> Cl2 + 2e (anode) .. .(1.42)

It is not appropriate here to consider the kinetics of the various electrode
reactions, which in the case of the oxygenated NaCl solution will depend
upon the potentials of the electrodes, the pH of the solution, activity of
chloride ions, etc. The significant points to note are that (a) an anode or
cathode can support more than one electrode process and (b) the sum of the
rates of the partial cathodic reactions must equal the sum of the rates of the
partial anodic reactions. Since there are four exchange processes (equations
1.39-1.42) there will be eight partial reactions, but if the reverse reactions are
regarded as occurring at an insignificant rate then

4 + 4 = ̂ i2 + £>2
 = /e ...(1.43)

This leads to the fundamental concept that irrespective of the number of
electrode processes or whether they occur on one or more than one electrode
surface

UC = U& (Cs-1) ...(1.44)

i.e. during charge transfer the sum of the partial cathodic currents must
equal the sum of the partial anodic current.

From Faraday's law

S ̂ = S ̂  (mols-) ...(1.45)

which means that the sum of the caftiodic processes must equal the sum of
the anodic processes with respect to both the rate at any instant of time and
the extent after any period of time. This law applies equally to these cells,
*The value of 1-23 V follows from Table 1.8 and Fig. 1.15 (bottom).



the electrodes are separable, and to those corrosion cells in which the elec-
trodes cannot be distinguished physically (see Table 1.Al).

Electrode Area and Current Density

It is now necessary to consider equation 1.45 in terms of the rates per unit
area of the electrode surfaces, which may be equal or unequal depending on
circumstances.

When the area of the cathode equals the areas of the anode, equation 1.44
is applicable, and 7 can be replaced by /, the current density:

E/c = E/a (CCm-2S-1) ...(1.46)

^d S^= S^ (mol ernes'1) ...(1.47)

which may be regarded as the criterion for the uniform corrosion of a single
metal. However, if the area of the anode is smaller than that of the cathode,
then /a > /c and

E/ a >E/ c ...(1.48)

whereas if the cathode area is smaller, /c > /a and

E/ c >E/ a ...(1.49)

and it follows that the criterion for localised attack (or pitting) will be

|r>l ...(1.5O)
Eic

and that the greater the magnitude of this ratio the more intense will be the
attack. Equation 1.50 is referred to as the pitting ratio. The current density
/ requires a knowledge of both the current / and the area of the electrode S,
and the latter is seldom equal to the geometrical or superficial area. In fact,
it is possible to distinguish the following types of areas in relation to elec-
trode processes that take place on metal surfaces: geometrical, true, active
and effective.

In uniform corrosion the superficial or geometrical area of the metal is
used to evaluate both the anodic and cathodic current density, although it
might appear to be more logical to take half of that area. However, surfaces
are seldom smooth and the true surface area may be twice to three times that
of the geometrical area (a cleaved crystal face or an electropolished single
crystal would have a true surface area that approximates to its superficial
area). It follows, therefore, that the true current density is smaller than the
superficial current density, but whether the area used for calculating /a and
/c is taken as either equal to or half of the superficial area, is unimportant
compared to the fact that they are equal. Furthermore, the number of metal
atoms at the metal surface that are active in the processes of metal dissolu-
tion or cathodic reduction are usually far less than the total number avail-
able. Thus Hoar and Notman16 have shown during the anodic dissolution
of nickel that the current density at any given potential is increased by a



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
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