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

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

a a

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

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

x2 x2

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

and, taking only the first two terms

'^[("^-(-g]] ••*"•>
which reduces to

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

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

Transport or Concentration Overpotential

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

/ = ̂ ? = -L ...(20.73)
dt zF

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

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



through the solution will result in the migration of cations and anions to their
respective electrodes (electrolytic conduction), although it does not follow
that the ion transported to the electrode surface by migration will necessarily
participate in the reaction. Thus copper can be cathodically deposited from
a sulphuric acid plus copper sulphate solution at 100% cathode efficiency,
but charge transport through the solution will be predominantly by H3O

+

ions, the Cu2+ ions being transported to the electrode surface mainly by
diffusion. On the other hand, in a concentrated solution of aluminium
sulphate, charge transport through the solution will be mainly due to migra-
tion of Al3+ and SO2", but the electrode process at the cathode will be
solely hydrogen discharge. In the case of a cathodic process involving an
uncharged species such as dissolved oxygen, transport is solely by diffusion
and other ions in solution will be responsible for migration. In addition to
diffusion and migration, ions and uncharged species may be transported to
the electrode surface either by convection resulting from density differences
within the solution caused by uneven heating or cooling of the solution, or
by the electrode process itself. Thus during the heating of a solution con-
tained in a beaker, the hot solution of the bottom of the beaker will tend to
rise because of its decreased density, whilst the cold solution at the top will
tend to fall. Even when a solution is not deliberately heated, evaporation
from the surface or air draughts may give rise to temperature differences
and hence convective mixing; indeed it is extremely difficult to avoid convec-
tive mixing and for this reason solutions used in corrosion testing are often
stirred in order to obtain reproducible conditions.

Forced convection can be achieved in a variety of ways, e.g. by agitating
the solution (stirring mechanically, sparging with gas bubbles, ultrasonic
radiation, etc.) or by moving or rotating the metal electrode, and this will
result in more rapid transport of the reacting species to the electrode than
when the solution is unagitated.

Diffusion and Transport Overpotential (r/r)

When a cathodic process occurs at a finite rate the concentration cx=0 of
the electron acceptor (cathode reactant) at the metal/solution interface
(x = O) will become less than that in the bulk solution cb, and as the rate
increases it will continue to decrease until it becomes zero, i.e. as soon as the
electron acceptor arrives at the interface electron transfer occurs.

Thus for a cathodic process

cx=0< cb, and Ex=0 < Eb

whereas for the anodic process

cx=0> cb, andEx=0> Eb

Thus owing to the electrode process the potential will change and will
become more negative in a cathodic process and more positive in an anodic
process:

EC,x = 0 < Eb < Ea,x = 0

where Eb is the potential of the metal in the bulk solution.
If the system is regarded as a reversible concentration cell, the Nernst



equation can be applied (Section 20.2, equation 20.187) and the transport
overpotential TJT for a cathodic process is given by

—=f'"M=^-fe]—co,4)
and since cx=0 < cb, r/c will be negative; the converse will apply to an anodic
process and r/a will be positive. Although cb is known, the concentration at
the interface cx=0 is unknown and cannot be readily determined experimen-
tally. However, if it is assumed that there is a stagnant layer of solution adja-
cent to the electrode through which transport occurs entirely by diffusion, it
is possible to evaluate cx=0 from diffusion theory. For simplicity, this layer
is regarded as having a precise thickness 6 and a linear concentration gra-
dient, although non-linearity occurs at the outer plane of the layer where the
gradient becomes asymptotic (Fig. 20.18). The thickness, however, varies
according to conditions and will depend on the geometry of the electrode,
the diffusion coefficient of the reacting species, and the kinematic viscosity
(density/viscosity) and velocity of the solution. Under steady-state condi-
tions of natural convection, 6 « 0-05 cm but it decreases under conditions
of high forced convection to a value of «0-001 cm, and even lower values

Distance x

Fig. 20.18 Concentration gradient and potential gradient in the diffusion layer for a cathodic
process (note that the potential drop through the solution has not been included)
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may be obtained under conditions of very rapid laminar flow such as is pro-
duced by a rotating-disc electrode.

If it is assumed that transport is entirely by diffusion and that there is a
linear concentration gradient through the diffusion layer, the concentration
gradient at x = O, i.e. (dc/dx)x=0, can be expressed as (cb — cx=Q)/d. From
Pick's first law and equating the transport flux /with the rate / of an electro-
chemical reaction

/ = -D^- = -D (Cb " C-o) = -L . . .(20.75)
dx d zF

where D is the diffusion coefficient

/. / = -DzF X *C" ~ C*=0* . . .(20.76)
O

The concentration gradient will be a maximum when cx=0 = O, and this will
correspond with the maximum or limiting current density /L

.-.f^SSi ...(20.77)

The Nernst equation written in terms of the transport overpotential of a
cathode is

" = f?ta¥ -w""
and from equation 20.76

*-c---i^x''OT¥ = 1 + ̂ x' -W-79*
From equation 20.77

zsk--£ •••<20-80)

hence from equations 20.79 and 20.80

^2 = 1 -i . . .(20.81)
Cb /L

Substituting in equation 20.78

RT C \~\
,T = -[l-.J ...(20.82)

which gives the relationship between r;T and / for a cathodic reaction in
which the overpotential is solely due to transport. In Pick's law (equation
20.75) the minus sign is introduced since the x direction is taken to coincide
with the direction at which diffusion occurs and dc/dx is therefore negative.
The negative sign can however be neglected in calculating /L from equation
20.77.

The limiting current density in equation 20.77 has been derived on the
assumption that transport is solely by diffusion, but if migration also occurs
then for a cathodic process



'"ifî
where n+ is the transference number of the cation that is involved in charge
transfer. In this equation iL is an A cnr2, D is in cm2 s-1 and cb is in
mol cm"3 or g ions cm"3 (the r.h.s. of equation 20.83 must be multiplied by
10~3 if cb is in mol dm"3). It should be noted that equation 20.83 involves
1 mol of the reactant and z must be evaluated accordingly, i.e. for the
hydrogen evolution reaction (h.e.r,) H+ (1 mol) -1- e = JH2 and z = 1; for
the oxygen-reduction reaction, O2 (1 mol) + 2H2O + 4e = 4OH ~, and
z = 4.

For the majority of ions the diffusion coefficient D is «10"5Cm2S"1 at
25° (the values of H" and OH" at infinite dilution are somewhat higher,
i.e. 9-3 x 10"5Cm2S"1 and 5-2 x 10"5Cm2S"1, respectively) so that equa-
tion 20.83 can be simplified:

10"5 x 96 500zcb .
/L « « 2 x 10 zcb (for natural convection)

10"5 x 96500zcb ., r/L « —— « 1 x 10 zcb (for extreme forced convection)
O* 001

where /L is in A cm"2 and cb is in mol cm"3, which represents the two
extremes of /L. Thus /L can be increased by increasing cb the bulk concen-
tration, and by decreasing the thickness of the diffusion layer by forced
convection. It should also be noted that D increases with temperature
(«2-3^o/°C rise) and /L will therefore increase with temperature.

From the identity In(I - x) - x - \x2 + Jx3 it is evident that In(I -*)->*
for small values of Jt. Thus for small values of /, equation 20.82 can be written

0-059/ k . ,,wvo^TJT = = - X / . . .(20.84)
z IL z

and 17 will be linearly related to /. At higher current densities the curve departs
from linearity, and as i -»/L, r/c -» oo and becomes infinitely negative, and
the rate of the process remains constant at /L. Any further increase in rate
will then require an alternative charge transfer process.

Since in most cases of corrosion in which transport of the cathodic reac-
tant (H3O+, dissolved O2, Fe3+, HNO3 acid, etc.) is rate determined, the
anodic curve intersects the cathodic curve at /L, then

/L = W - • -(20.85)
and any factor that increases /L will result in a corresponding increase in
'corr. •

The Hydrogen Evolution Reaction

The hydrogen evolution reaction (h.e.r.) is of particular importance in corro-
sion for a number of reasons. Firstly, the reduction of the H3O

+ ion in acid
solutions or the H2O molecule in neutral and alkaline solution is a common
cathodic reaction for the corrosion of metals in acid, neutral and alkaline
solutions; the fact that iron will corrode in neutral water free from dissolved



oxygen with the evolution of H2 can be confirmed by testing the gas bled off
from the radiator of a central-heating system. Secondly, hydrogen may pass
into the lattice of certain metals and lead to embrittlement (see Section 8.4),
and in the case of a number of alloys, particularly the high-tensile steels,
it can lead to a catastrophic fracture. The h.e.r. has been the most widely
studied electrode reaction, and some account of its complexity can be gained
from the short account that follows.

In deriving the kinetics of activation-energy controlled charge transfer it
was emphasised that a simple one-step electron-transfer process would be
considered to eliminate the complications that arise in multistep reactions.
The h.e.r. in acid solutions can be represented by the overall equation:

H3O
+ +e -> JH2 + H2O

and at first sight it would appear that this reaction was as simple as
A^(tq.) + e-+ M. However, this is not the case and the sequence of events
can be expressed by the following reactions:

convection,
migration and

HO + diffusi°n H O +
r*3vy bulk solution >~ Jn3Vy metal/solution interface

discharge step (D.)

H3O
+ + M + e -> M-H H-H2O . . . (step 1)

followed by either a chemical desorption (C.D.) step

M-H + M-H -» 2M + H2 . . .(step 2)

or, an electrochemical desorption (E.D.) step

M-H + H3O
+ + e -* M + H2 + H2O . . .(step 3)

It should be noted that the terminology used is variable and that step 2 is also
referred to as 'combination', 'recombination' and 'Tafel combination'; step
3 is also referred to as 'ion-atom desorption'.

A similar series of steps can be written for the h.e.r. in neutral and alkaline
solutions, but the equations will then involve the water molecule, since the
concentration of H3O

+ in these solutions is too small for it to participate at
a significant reaction rate.

It is important to note that the discharge step involves adsorption of
hydrogen atoms at available sites on the metal surface, and is followed by
desorption that may be either a chemical step (step 2), or an electrochemical
step (step 3) in which further charge transfer occurs. The extent of adsorp-
tion of hydrogen atoms is referred to as coverage B9 and 0H = 1 represents
coverage of all the sites available with adsorbed hydrogen atoms; coverage
will vary with the mechanism of the h.e.r., the overpotential, the nature of
the metal, the nature of the solution, etc.

After adsorption the Hads may be removed as H2 molecules by either step
2 or 3, but as mentioned above there is an additional step:

M-Had, - Hinst-M

which represents the transfer of the Hads across the interface into interstitial
sites within the metal. This will result in a concentration gradient with con-



sequent diffusion of the H atoms into the interior of the metals via the inter-
stitial sites of the lattice.

In the chemical desorption step the adsorbed H atoms diffuse about on the
metal surface, either by threading their way through adsorbed water mole-
cules or by pushing them aside, until two collide to form an H2 molecule
which escapes into the solution. This chemical step will be independent of
overpotential, since charge transfer is not involved, and the rate will be pro-
portional to the concentration or coverage 0H of adsorbed Hads (see equa-
tion 20.39) and may occur at coverages that range from very small to almost
complete.

On the other hand, the electrochemical desorption step is far more com-
plex since it involves reaction between an adsorbed H atom, a hydrated
proton H3O

+ and an electron, and for desorption to occur the proton must
discharge onto a hydrogen atom adsorbed on the metal surface. Under
these circumstances the probability of collision will be low unless the
coverage 0H is high; furthermore, since coverage increases with overpoten-
tial, electrochemical desorption is more likely to occur at high negative
overpotentials; in fact, in certain cases the mechanism will change from a
C.D. to an E.D. step when the overpotential has attained a sufficiently large
value.

Rate-determining Step

When_a multistep reaction has attained a steady state the forward net rate
J1 — I1 = / c , , etc.) of each step that constitutes the overall reaction must be
equal. However, if one step requires a significantly higher energy of activa-
tion than any other that precedes or follows it, then the former will determine
the overall rate, and is said to be the rate-determining step (r.d.s.).

This concept can be illustrated by considering two towns A and C sepa-
rated by two interconnected roads AB-BC9 of which AB is a motorway
(maximum speed 70 m.p.h.) while BC is a narrow road and is controlled by
regulations to a maximum speed of 30 m.p.h. (Fig. 20.19a). A driver going
from A to C could proceed along AB at 70 m.p.h., but would then have to
wait in a queue before entering BC9 and owing to the congestion would not
be able to exceed, say, 10 m.p.h. during his journey through it. To avoid
queueing and the slow rate of transit through BC it would be necessary for
all cars to proceed at, say, a constant speed of 25 m.p.h. for the whole
journey, a rate that is determined by BC the rate-determining road (step).
Figure 20.196 shows the standard free energy of activation against distance
curves for a two-step reaction in which step 2 is rate determining. In the case
of the h.e.r., either discharge (D.), chemical desorption (C.D.) or electro-
chemical desorption (E.D.) may be the r.d.s., and under these circumstances
the other steps will be at equilibrium. Adopting the convention that ->
represents the r.d.s. and that ̂  represents the step at equilibrium, the possi-
bilities are as follows:

D. followed by C.D.

(a) D. r.d.s. H3O
+ -% M-H ̂ ± H2



Fig. 20.19 (a) Analogy showing how the rate at which a car can travel from A to C is deter-
mined by the narrow controlled road BC (the r.d.s.). (b) Standard free energy of activation
against distance for a two-step reaction; since the activation energy required to produce the
activated state B* is AG^t»c and that to produce A is only AG^t^, the former is the r.d.s.,
i.e. it is the height of the energy barrier compared with the initial state that determines the step

that is rate determining

(b) C.D. r.d.s. H3O
+ ̂ ± M-H^ H2

D. followed by E.D.

(c) D. r.d.s. H3O
+-^M-H ̂ =± H2

(d) E.D. r.d.s. H3O
+ ^=±M-H^H2

In the case of the step at equilibrium the rates of the forward and reverse
reactions will be equal, i.e. U1 = vl9 whereas in the case of the r.d.s. the
rate of the reverse reaction i^ d s = O, and L^ d s = faction •

There are two further possibilities, which are referred to as coupled
mechanisms, in which the rate of the reverse reaction of the first step is
negligible and the forward reactions of both steps are coupled together.
Thus J?oth the reverse steps proceed at rates that are negligible, i.e.
V1' = V2 -> O.
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It follows that for a coupled D. + C.D.

M + H3O
+ e^+ M-H

M-H +M-H^+2M + H2

and a similar sequence of steps will occur for a coupled D. + E.D.
mechanism.

Transfer Coefficient, Symmetry Factor and Stoichiometric
Number

In Section 1.4 it was assumed that the rate equation for the h.e.r. involved
a parameter, namely the transfer coefficient a, which was taken as approx-
imately 0-5. However, in the previous consideration of the rate of a simple
one-step electron-transfer process the concept of the symmetry factor P was
introduced, and p was used in place of a, and it was assumed that the energy
barrier was almost symmetrical and that /3 « 0*5. Since this may lead to
some confusion, an attempt will be made to clarify the situation, although
an adequate treatment of this complex aspect of electrode kinetics is clearly
impossible in a book of this nature and the reader is recommended to study
the comprehensive work by Bockris and Reddy1.

In a multistep reaction the number of times the r.d.s. must occur for each
act of the overall reaction is referred to as the Stoichiometric number v, and
this concept can be illustrated by referring to the steps of the h.e.r.

For rate-determining discharge followed by rapid C.D.

M + H3O+^->M-H + H2

2MH T^ 2M + H2

and since the discharge step must occur twice for each act of the overall reac-
tion, v = 2. On the other hand, for rate-determining discharge followed by
E.D.

M + M-H + H3O
+ ^=± 2M + H2

the r.d.s. is required to take place only once, and v = I . Generalising for
a multistep reaction of the type A + ze = Z in which all steps involve the
transfer of one electron and the r.d.s. involves r electrons

A + e ̂  B (step 1)
B + e ̂  C (step 2)
P + e.^ R (step 7)

v (R + re -» S) (r.d.s. repeated v times)
i>S + e ̂  T (step z - •?- rv = 7)

Y + e ̂  Z (step z)



where the convention adopted is that y represents the number of steps that
precede the r.d.s. and 7~is the number that follow it. The r.d.s. will have to
be repeated v times if (a) more than R particles are formed by the preced-
ing 7 steps, or (b) more than one 5 particle is required for the following
sequence involving y = z - y -rv charge transfer steps, since v electrons
are transferred when the r.d.s. is repeated v times. It can be shown that the
total forward current is now

H= /Oexp - I ̂  + r/3 I F^1/RT . . .(20.86)

and that the total reverse current is

T= I0exp - + r - r&\ FJ]/RT . . .(20.87)
L I" J \

Also, the net anodic current will be

/a = t- r
and taking into account that 7 = z - 7 - n>

/. = /ofexp I \?—l - rp\ Fri/RT\ - exp |- fa + /0| Frj/RT\\
I L l " J J L I" J JJ

. . .(20.88)

or

/a = ^[Q^/RT_e-aFr,/RT] ^ ^ .(20.89)

where the transfer coefficients a. and a are defined by
—*

a= ̂ ^ - r/5 . . .(20.9O)
v

and
—>

a = - + r0 . . .(20.91)
v

These are the coefficients that determine the Tafel slope of the log / against
ry curve of a multistep reaction, and they are of fundamental importance
in providing information on the mechanism of the reaction. Equations 20.86
and 20.87 are of the same form as equations 20.59 and 20.58 that were
derived for a simple one-step reaction involving a symmetrical energy bar-
rier, and under these circumstances equations 20.90 and 20.91 simplify to

a = 1 - /3« O-5 . . .(20.92)



and
a = ft «0-5 . . .(20.93)

and the transfer coefficients and symmetry factors are approximately the
same. However, in multistep reactions equations 20.92 and 20.93 are not
applicable, and the more complex transfer coefficients must be used in the
rate equations.

Evaluation of the Rate-determining Step and the Mechanism of
the h.e.r.

The slope of the Tafel curve dry/d log / is only one of the criteria that are
required to determine the mechanism of the h.e.r., since different mech-
anisms, involving different r.d.s. often have the same Tafel slope. Para-
meters that are diagnostic of mechanism are the transfer coefficient, the
reaction order, the stoichiometric number, the hydrogen coverage, the
exchange current density, the heat adsorption, etc.

The ability to use the Tafel slope as a diagnostic criterion can be exempli-
fied by considering a discharge-chemical desorption mechanism for the h.e.r.
in which either discharge or chemical desorption may be rate determining2.

If the discharge step is rate determining, then for step 1

/ = /0exp(-j3F7///?r) . . .(20.94)

and by taking logarithms of both sides and rearranging

RT RT RT RT
•n = ^Ui /O- — I n / = 2-3^ log A, -2-3 —log/ ...(20.95)

and differentiating

dfe-'-'g-".^ "«•*>
if /3 is taken to be O-5.

.'.—^-. = -2 x 0-059 = -0-118 V at 298 K . . .(20.97)
d log/

Thus a Tafel slope of -0-118 V/decade could be diagnostic of a discharge-
chemical desorption mechanism in which proton discharge is the r.d.s.

If chemical desorption is rate determining, the rate will be independent of
overpotential since no charge transfer occurs in this step, and

VC.D = *C.D cHads X cHads = *02
H . . .(20.98)

The discharge step will now be at equilibrium and can be treated thermo-
dynamically

H+ +e^H a d ,

E = E« + ̂ In ̂ - = E* + ̂ In ̂ - .. .(20.99)
Hads. ^Hads.

where CH+ is the concentration of H3O
+ in solution.



/.0H = CH+ exp[-F(£ - Ee)/RT] . . .(20.10O)

Now ry = E — Eeq , and since Ee is a constant and Eeq will be constant if
CH+ is constant, we can replace E — Ee with rj and

0H = kD exp(-Fri/RT) . . .(20.101)

where kD is the rate constant for the discharge step.
Now although the chemical desorption step is independent of 17, the sur-

face coverage will increase as 17 becomes more negative and this will affect
vCmDm. Since two electrons will be required for the overall reaction, equation
20.98 can be expressed in terms of /

VC.D. = ̂  = *C.D.02H - . .(20.102)
Lr

Combining equations 20.101 and 20.102

/ = 2FA:c.D.[kD. exp(-Frj//?r)]2 . . .(20.103)

or i = Kexp(-2Fri/RT) ...(20.104)

and taking logarithms and rearranging

RT RT
i f = — I n * - — I n / ...(20.105)

where K is a constant that contains all the other constants (F9 kD, kCD).
Differentiating

^_=-2_3^r=-0_059 =

dlog/ 2F 2 ^ '

which is the Tafel slope obtained with platinum for which the h.e.r. in acid
solution follows a discharge-chemical desorption mechanism in which
chemical desorption is rate determining and O -» 1.

Table 20.3 summarises the possible mechanism for the h.e.r. at various
metals19.

Table 20.3 Mechanism of the hydrogen evolution reaction at different metals (data after
McBreen and Genshaw19)

Ti
D

Nb
D

Ta
D

Mo
D

W
A or D

Mn
A

Fe
E, C

Rh
B

Ir
B

Ni
A

Pd
B

Pt
B

Cu
A OT D

Ag
C or D

Au
D

Cd
A

Hg
A

Al
D

Ga
A

Tl
A

Sn
A

Pb
A

Bi
D

A Slow discharge, fast recombination.
B Fast discharge, slow recombination.
C Slow discharge, fast electrochemical.
D Fast discharge, slow electrochemical.
E Coupled discharge recombination.



Hydrogen Evolution on Iron

A number of metals have the ability to absorb hydrogen, which may be taken
into solid solution or form a metallic hydride, and this absorption can pro-
vide an alternative reaction path to the desorption of Hads as H2 gas. In the
case of iron and iron alloys, both hydrogen adsorption and absorption occur
simultaneously, and the latter thus gives rise to another equilibrium involv-
ing the transfer of Hads across the interface to form interstitial H atoms just
beneath the surface:

Fe-Hads ^Fe-Habs

This equilibrium is of importance in providing diagnostic criteria for the
mechanism of the h.e.r., since the rate of permeation of hydrogen through
a thin iron membrane can provide information on the coverage of the surface
with adsorbed hydrogen.

Devanathan and Stachurski17 have devised a two-compartment cell which
has been widely used for studying the permeation of hydrogen through iron
and ferrous alloys and other metals. The cell consists of two compartments
separated by a thin diaphragm of the metal under study; the cathode com-
partment, which contains an appropriate electrolyte solution and a counter-
electrode, is used to polarise cathodically one side of the membrane at a
constant current density or potential. A feature of the cell is the electro-
chemical estimation of the hydrogen that permeates through the diaphragm,
which is achieved by maintaining the reverse side of the diaphragm (the
anode side) at a constant potential in 0-1 M NaOH and oxidising the
adsorbed hydrogen by the reaction

Fe-Hads ->H+ +e

The anode compartment contains a reference electrode and counterelectrode
and by means of a potentiostat the anode side is maintained at a constant
potential. The coverage of adsorbed hydrogen 0H on the cathode side will
depend on the current density / and the nature of the electrolyte solution, and
the cell can be used to study the effect of a variety of factors (composition
and structure of alloys, pH of solution, effect of promoters and inhibitors)
on hydrogen permeation.

Bockris, McBreen and Nanis18 have studied the h.e.r. on pure iron in
O-1 m NaOH and O-1 M H2SO4, and have concluded that in both cases the
reaction mechanism is coupled discharge-chemical desorption at low cover-
ages (Langmuirean adsorption) with the discharge step being rate determin-
ing; in NaOH at very negative overpotentials (> — 1 -02 V) there appears to
be a change in the mechanism to slow discharge-fast electrochemical desorp-
tion at high coverages. The reaction sequence can be summarised as follows

+ FeH«-- 2FeHads -^H2 + Fe

H3O
+ + e + Fe -£> FeH1*. ̂ =± FeHab, . . .(20.107)

*-3

where Ar1, k2, k3 and k_3 are the rate constants for the different steps.



The permeation of hydrogen through an iron diaphragm is illustrated in
Fig. 20.20 for the sequence of events

. diffusion

FeHad, ̂ =± FeHab,(,y
hrou*h™mb™;

FeHabs.(jr=D ~~* FeHads (;f=L) -» H+ + e

where FeHabs (;r=0) refers to the hydrogen absorbed just below the surface of
the cathode side of the membrane and FeHabs U=L) that just below the
absorbed surface on the anode side.

At the steady state the flux of hydrogen J00 will be

J00 = ̂  . . .(20.108)
Li

where D is the diffusion coefficient, L is the thickness of the membrane
and C0 is the concentration of H at x = O; the concentration of hydrogen
just below the surface on the anode side CL will be zero owing to the rapid
removal of the Hads by electrochemical oxidation (Fig. 20.20). Since diffu-
sion through the membrane will be slow compared to the other steps it will
be rate determining, and the rate of transfer of Hads from the surface to the
bulk and of Habs from the bulk to the surface will be at equilibrium (equa-
tion 20.107).

.-. k,B = I l - - = Ar_3c0(l - 0) . . .(20.109)
L xsj

where X0 is the number of interstitial sites per cubic centimetre beneath the
surface that are occupied by hydrogen, xs is the total number of sites avail-
able and C0 is the concentration of hydrogen at x = O.

At low coverages and low concentrations, equation 20.109 simplifies to

k3B = Ar_3c0, or C0 = ̂  - - .(20.11O)
K-3

which shows that C0 is proportional to the coverage of the cathode side with
Hads. From equations 20.108 and 20.110 the flux through the diaphragm
will be

J- = T\7r\e ...(20.111)
^ vA-sJ

and if J00 is the permeation current 0*A cm~2) at the steady state, then

^. EfAl,
ZF L(_k_J

or

'"^[r> -'2O-"2'
which shows that the permeation current is proportional to coverage with
Hads. •

For the reaction sequence shown in equation 20.107 the cathodic current
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Fig. 20.20 Permeation of hydrogen through a thin iron membrane

is given by

f= A r 1 C H + ( I - S)e-^F/RT = k20
2 . . .(20.113)

since the rate of discharge and chemical desorption must be equal.

.'.*-[lJ V ...(20.H4)

and from equation 20.112

'-TGrJ № •••<2"-"5'L VA-aJ L*zJ
_^which shows that J00 is linearly related to / 2 , i.e.

J 0 0OC/! . . .(20.116)

Also for the reaction sequence shown in equation 20.107

'•-¥•*•(£] [£]•*"L \JC- 3 J \J<2j

where ry is the overpotential, and taking /3« 0-5 and differentiating

ife- -T
or

—V * -0-059 X 4 = -0-24V at 250C . . .(20.118)
log J00

Cathode
side Membrane Anode
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From the magnitude of the Tafel slope drj/d log / («0-12 V), the
magnitude of drj/d In J00 («0-24 V) and the linearity of the J vs. n curves
for pure iron in H2SO4 and NaOH at various temperatures in the range
18-8O0C, Bockris, et a/.18 concluded that the mechanism conformed to the
reaction sequence shown in equation 20.107.

Diagnostic criteria (dy/dlogi and drj/dlog/ slopes, and / against /(O
relationships) for the various mechanisms of the h.e.r. for Langmuir and
Temkin adsorption have been derived and tabulated by McBreen and
Genshaw19.

Electrochemical Aspects of Hydrogen
Embrittlement

Mild-steel tanks used for containing acid solutions sometimes develop large
blisters on their outer surface, which are due to hydrogen within the steel
exerting a pressure sufficiently high to cause plastic deformation of the steel.
The atomic hydrogen formed by reaction of the steel with the acid diffuses
through the steel and segregates at voids or traps in the metal where it com-
bines to form high-pressure molecular hydrogen. Although blister formation
is seldom observed with high-tensile steels it is not unreasonable to assume
that hydrogen at high pressures is largely responsible for their embrittlement
and for the phenomenon of delayed failure. Theories of hydrogen embrittle-
ment are considered in Section 8.4, but it is appropriate here to review briefly
the electrochemical aspects of hydrogen discharge and absorption with
particular reference to the pressure developed by hydrogen occluded at traps
and voids.

The permeation cell devised by Devanathan and Stachurski17 has pro-
vided a most valuable tool for studying the effect of alloy composition and
structure20, tensile21'22 and compressive stresses23, partial pressure of
hydrogen22'24, etc. on the permeation of hydrogen through ferrous alloys,
and the results obtained have lead to a greater insight into the mechanism
of embrittlement. In the above discussion on hydrogen permeation through
iron it was assumed that diffusion occurred via the interstitial sites of a
perfect lattice of the metals. However, in real metals and alloys imperfec-
tions exist in the lattice that are referred to as traps or voids, and which may
consist of imperfections in the lattice, interfacial areas between phase boun-
daries, inclusions, etc. (see Section 8.4). Hydrogen diffusing interstitially
through the lattice can adsorb at the surface of these trapping sites and then
combine to form molecular hydrogen at a pressure that will depend on the
overpotential at the charged surface. If an iron electrode is cathodically
charged with hydrogen there will be an equilibrium between the hydrogen
adsorbed at the external surface Hads ext, hydrogen at interstitial sites H1,
hydrogen adsorbed at the surface of voids Hads v and molecular hydrogen
within the void H2, v.

H _A TT —^ TT —^ TT
ads.,ext. *"" "i "~~ "ads^v "~ "2,V

and thermodynamically

^Hads.,ext. = A4Hj = /%ads.,v = ^H2,v



where /x is the chemical potential. Thus the chemical potential of the hydro-
gen adsorbed on the external surface will equal the chemical potential
(fugacity) of the molecular hydrogen within the void.

It can be shown25 that

r-ii'r**-*^ ..-(20.119)1 - 0 1 - 0rev

where B is the surface coverage, 0rev the reversible coverage at 1 atm of H2
(approx. 10~3 for pure iron in a solution of pH = 4) and/?H2 is the fugacity
of H2 within the traps. The pressure of hydrogen will increase, therefore,
with surface coverage of Hads ext , and this in turn will be dependent on the
overpotential and the mechanism of the h.e.r. It was considered at one time
that the fugacity of hydrogen could be evaluated from the Nernst equation,
but Bockris and Subramanyan25 on the basis of stittistical mechanics have
derived the 77 vs. pH2 relationship for the possible mechanisms of the h.e.r.
and have shown that the Nernst equation is not always applicable. Thus
for a fast discharge-slow desorption mechanism (either chemical or electro-
chemical) in which 0->l, the relationship between the fugacity of H2 in
voids /?H2 v at an external pressure of hydrogen of 1 atm is given by

/7H2,V = exp \^f\ ...(20.12O)
L K1 J

which is identical to the relationship derived from the Nernst equation. On
the other hand, for a coupled discharge-chemical desorption mechanism
(applicable to pure iron) the fugacity is given by

^H2 v = 10'5CXpJJ^j ...(20.121)

If the overpotential is taken as — 0 - 1 V it follows from equation 20.120 that
/?H2v = 1033 atm. Although the arguments used in deriving these relation-
ships do not give precise values of pH2 v they indicate that pressures of very
high magnitude will be obtained at significant overpotentials.

The effect of stress21 on hydrogen solubility and permeation is clearly of
vital importance in relation to delayed failure, since fracture can only occur
if the metal is subjected to a tensile stress (internal or applied). It has been
reported that high-strength steels containing <0-1 p.p.m. of hydrogen are
susceptible to fracture at applied stresses well below the yield stress, and
Troiano26 has postulated that diffusion of hydrogen to regions of high tri-
axial stress is of major importance in the mechanism of embrittlement.

Beck, et al.21 have used the permeation technique to study the effect of
uniaxial tensile stresses in the elastic region on hydrogen permeation through
pure iron, and have shown that it increases with increase in stress. The partial
molar volume of hydrogen FH (cubic centimetres of hydrogen per mole of
iron) in ferrous alloys can be evaluated from the variation of permeation
with applied stress, and from the relationship

co = c0e
a*H/RT . . .(20.122)

where a is the applied stress, and C0 and ca are the hydrogen solubilities in
the absence of a stress, and in its presence, respectively. The concentration



terms can be replaced by the corresponding permeation terms J0 and J0 and
equation 20.122 then becomes

J0 = J0e*»/KT . . .(20.123)

or

^-£ •••<—>
Thus a plot of 1OgCVJ0) against a gives a straight line of slope KH/2-3 RT9
which provides a means of evaluating KH; for pure iron the partial molar
volume has been found to be 2-6 Cm3HiOl"1, but the value has been found
to vary with the composition and structure of the steel22. It follows from
equation 20.122 that when a is tensile (taken as positive in equation 20.122)
the solubility of hydrogen and the permeation rate will increase, i.e. the
larger the lattice distortion the greater the solubility; conversely, compressive
stresses (a is negative) will decrease solubility, as may be shown by permea-
tion studies of steels under compression, or by putting the surface of the
metal into a state of compressive stress by shot peening23.

Bockris and Subramanyan27 during studies of the permeation of hydro-
gen through pure Fe and Fe-SNi alloy found that a normal permeation tran-
sient was obtained (Fig. 20.21), providing the overpotential was less than a
critical value, and when the overpotential was less than i;crit it was possible
to reproduce the normal permeation curve, i.e. apply the polarising current
at a constant 17 < ijcrit allow / to attain a steady value, switch off, reapply

Abnormal
transient

Normal
transientP

e
rm

e
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Time

Fig. 20.21 J-t transients for the permeation of hydrogen through ferrous alloys. The normal
transient enables the diffusion coefficient D to be evaluated from the relationship J1 = L2/6D,

where / j is the time at which J attains a value of 0-63 of the steady-state permeation J



polarising current, etc. However, if rycrit was exceeded, a second determina-
tion of the J-t transient resulted in an abnormal curve that showed a more
rapid rise time than the normal curve, and a peak (Fig. 20.21); furthermore,
after the determination of the transient at or above rycrit it was not possible
to obtain a normal transient at an overpotential less than rycrit Anomalous
decay transients were also obtained.

On the basis of the Griffith crack theory, and by assuming that the void
has the shape of a double convex lens with a long axis of length /, Bockris
and Subramanyan27 derived an expression for the critical stress, correspon-
ding with the critical pressure of hydrogen within the void required to cause
the void to grow and for a crack to be initiated:

f l6 Yy]?
"crh. = />H2 ,v> [TX / J ...(20.125)

where Y is Young's modulus and y is the surface tension of the M-H inter-
face at the surface of the void (Sy is the total surface energy, where S is
the surface area of the void). Taking typical values of Y9 a and / it can
be calculated that /?H2 « 3 x 104 atm, which is a pressure that could be
achieved at overpotential greater than a critical value. An extensive review
of hydrogen in metals is given in a publication by Subramanyan28.

L. L. SHREIR
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20.2 Outline of Chemical
Thermodynamics

Scope

Thermodynamics is concerned with the relationship between heat energy and
work and is based on two general laws, the 1st and 2nd laws of thermo-
dynamics, which both deal with the interconversion of the different forms of
energy. The 3rd law states that at the absolute zero of temperature the
entropy of a perfect crystal is zero, and thus provides a method of determin-
ing absolute entropies.

The following features of the thermodynamic approach to chemical reac-
tions should be noted:

1. It does not involve time as a variable, and does not provide informa-
tion on rates.

2. It does not normally involve a knowledge of the detailed structure of
the system nor of the detailed mechanism of the reaction.

3. The 2nd law is true only statistically and does not apply to individual
particles nor to a small number of particles, i.e. thermodynamics is
concerned with bulk properties of systems. Thermodynamics thus has
many limitations, but is particularly valuable in defining the nature and
structure of phases when equilibrium (a state that does not vary with
time) has been attained; thermodynamics provides no information on
the rate at which the reaction proceeds to equilibrium, which belongs
to the realm of chemical kinetics.

Some Definitions

A system is any part of external reality that can be subjected to thermo-
dynamic treatment; the material with which the system is in contact forms
the surroundings, e.g. an electrochemical cell could be the system and the
external atmosphere the surroundings.

A homogeneous system is one in which the properties are uniform or vary
uniformly throughout the system, whereas a heterogeneous system is one
consisting of two or more homogeneous systems. Pure copper and a pure
solution of CuSO4 are both homogeneous systems, but copper immersed in
a solution of CuSO4 is a heterogeneous system characterised by an inter-
face. The state of a system is described by its properties, which may be inten-
sive or extensive; intensive properties are independent of quantity, e.g.



temperature, pressure, electrical potential, activation energy, etc. whereas
extensive properties depend upon the amount of the material, e.g. mass,
volume, internal energy, enthalpy, entropy, free energy, chemical potential,
etc.

The state of a system containing a constant amount of material depends
upon a few variables, e.g. pressure/7, volume F, temperature T. For a given
mass of pure substance the volume can be expressed solely as a function of
pressure and temperature

V = f ( p , T ) .. .(20.126)

If the pressure changes from p to p + dp and the temperature from T to
T + AT the change in V is given by

'"-(SMgL" -^
where — is the rate of change of volume with pressure at constant

(dpjr
CdV]

temperature, and — is the rate of change of volume with temperature
\°TJp

at constant pressure. They are referred to as partial derivatives, the subscript
T or p denoting the variable that is maintained constant.

A reversible system is one which is so perfectly balanced that only an
infinitesimal change in external conditions is required to reverse the direc-
tion of the process; for reversibility the change must either be infinitesimally
small or if large it must be carried out at an infinitely slow rate. Although
these concepts are hypothetical it is possible to approximate to reversibility
by balancing the e.m.f. of a reversible cell with the e.m.f. of a potentiometer
circuit so that only a minute change (< 10~6 V) in the e.m.f. produced by
the latter will result in a reversal of the direction of the cell reaction. An ideal
reversible cell must consist of two reversible electrodes, which are so com-
pletely non-polarisable that their potentials are unaffected by charge transfer
even at high rates. This too is a hypothetical concept, but a number of elec-
trodes will approximate to reversibility, providing the rate of charge transfer
is small, and cells composed of these electrodes may be treated thermo-
dynamically. (See Chapter 20.3.)

1 st Law of Thermodynamics

The 1st law is essentially a statement of the experimental fact that during a
chemical reaction in an isolated system energy is conserved, although it may
be converted from one form to another.

If a system changes from state A to state B and if ALf is the change in the
internal energy of the system, then it follows from the 1st law that the sur-
roundings must gain or lose an equivalent amount of energy. A convention
of signs is necessary to take into account the direction of heat transfer q
and work performed w; q is taken as positive if heat is transferred to the
system from the surroundings and negative if the transfer is in the reverse
direction; in many textbooks w is taken as positive if work is done by the
system on the surroundings and negative if work is done to the system by



the surroundings, but it is preferable to allow the sign of w to develop from
the mathematics. Thus, since energy must be conserved

AU = q - w . . .(20.128)

where AU is the change in the internal energy of the system, q is the heat
transferred between the system and the surroundings and w is the work done.
Equation 20.128 may be regarded as an algebraic expression of the conser-
vation of energy, and it should be noted that AU is the difference in the inter-
nal energy of the system in its initial and final stages and that the absolute
value of U is not known.

If a change from state A to state B occurs in a system at constant pressure
(isobaric) so that only p V work is done, then w = pAKand

AC/ = <7P -p(VB- KA) ...(20.129)

which can be written in the form

<7P = £/B- t/A +P(K 8 - KA) = < £ / B + / > K B ) - (£ / A +/>K A )
. . .(20.13O)

Thus it is convenient to define another function

H= U + pV . . .(20.131)

where H is the enthalpy or heat content of the system, so that

qp = HB -//A = A// . . .(20.132)

where <?p is the heat exchanged between the system and the surroundings at
constant pressure, and A//, like AU9 depends only upon the initial and final
states of the system.

2nd Law of Thermodynamics

The 1st law implies that energy is interconvertible and that when one form
of energy disappears another kind of energy must appear in its place.
However, it provides no information on (a) the transformations of energy
that are possible, and (b) the extent to which one form of energy can be con-
verted into another. Some energy transformations are possible and occur
spontaneously, whilst transformations in the reverse direction are non-
spontaneous and can be made to proceed only by supplying energy from an
external source. Thus heat will flow spontaneously from a source at a higher
temperature to one at a lower temperature, but heat cannot pass spon-
taneously in the reverse direction. The heat flowing spontaneously can be
converted by means of suitable machinery to work energy, but it is evident
from Carnot's cycle (p. 20:60) that there is a theoretical limit to the extent
of this interconversion.

The oxidation of hydrogen to water (H2 + JO2-» H2O) is thermo-
dynamically spontaneous and the energy released as a result of the chemi-
cal reaction appears as heat energy, but the decomposition of water into its
elements is a non-spontaneous process and can be achieved only by supply-
ing energy from an external source, e.g. a source of e.m.f. that decomposes
the water electrolytically. Furthermore, although the heat produced by the
spontaneous reaction could be converted into electrical energy, the electrical



energy thus obtained would not be sufficient to restore the original state of
chemical energy of the system, i.e. to regenerate 1 mol H2 and \ mol O2.

The 2nd law, which can be stated in a number of different ways, expresses
the fact that heat can only be transformed into work when it flows from a
higher to a lower temperature. Clausius, stated the 2nd law as follows: 'It
is impossible for a self-acting machine, unaided by an external agency, to
convey heat from a lower to a higher temperature'.

In principle all spontaneous processes may be harnessed and made to do
work, but owing to the wastage of a proportion of the energy as heat energy
there is a theoretical limit to the amount of useful work that can be obtained,
and this can never be exceeded in practice. A high-efficiency power station
converting chemical energy (solid or liquid fuel) into electrical energy
achieves only 30-40% efficiency.

The maximum theoretical work wmax obtainable from a system was
derived by Carnot who considered the transformation of heat energy into
work when a perfect gas in a cylinder with a piston was taken through a
reversible cycle (the Carnot cycle), in which the system was almost at
equilibrium during each step of the cycle. It was shown that

HW = fcfe^l ...(20.133)
L y2 J

where q2 is the heat absorbed from a reservoir at the higher temperature
T2 (K) and T1 is the temperature of a second heat reservoir at a lower
temperature than T2 that receives the heat that has not been converted into
work. Equation 20.133 is applicable to any reversible system that undergoes
a cyclic process in which the original and final states of the system and the
surroundings are the same. Under these circumstances all that has changed
permanently is that a quantity of heat q2 at T2 has been transformed into
work wmax together with a quantity of heat Q1 = q2 — wmax that is returned
to the reservoir at the lower temperature T1. It can be shown that the
efficiencies of all reversible cyclic processes are the same providing T1 and
T2 are the same, i.e.

Thermodynamic efficiency = ̂ ^ = ^2 ~ Ql = 2~ l

42 42 T2
. . .(20.134)

It is evident from equation 20.134 that (a) the efficiency increases as
(T2 — T1)/T2 increases and (b) the efficiency is zero when T1 = T2 so that
no heat can be converted into work.

Entropy

The concept of entropy S is implicit in the 2nd law, and it may be regarded
as a thermodynamic property of a system that is associated with its capac-
ity for spontaneous change. As the system undergoes spontaneous change
the entropy increases and the capacity for further spontaneous change
decreases. Rearranging the q and T terms in equation 20.134 and applying
the convention of signs



Q\ Qi
if -TP = O ...(20.135)
I 1 I 2

and generalising for any reversible cyclic change that proceeds isothermally
at a temperature T

E^r = 0 • - -(20.136)

where E<7rev. is the sum of the heats absorbed or evolved reversibly. The
function qrev/Tis a measure of the change in entropy AS, and this change
for an isothermal process is defined as

AS = ^Y . . .(20.137)

and for an infinitesimal reversible process

dS = y ...(20.138)

If the process is non-isothermal but finite

AS = S2-S1 = J^? ...(20.139)
5|

It must be emphasised that the heat qrev which appears in the definition
of entropy (equation 20.137) is always that absorbed (or evolved) when the
process is conducted reversibly. If the process is conducted irreversibly and
the heat absorbed is q, then q will be less than <?rev and <7/rwill be less than
AS the entropy change (equation 20.137). It follows that if an irreversible
process takes place between the temperatures T2 and T1 and has the same
heat intake q at the higher temperature T2 as the corresponding reversible
process, the efficiency of the former must be less than that of the latter, i.e.

[Q\ Q2\ ^ fa Q2\ ^n 1Am\~T~T > P r ~ 7 r . . .(20.14O)
L7 1 J 2J irrev. L7 1 J 2J rev.

Thus from equations 20.136 and 20.140 it follows that for an irreversible
cycle

£)->0 ...(20.14Oa)

and that the more positive Zq/ T is the more irreversible is the cycle. In the
Carnot cycle each stage is carried out reversibly and the entropy change is
zero, and it can be shown that any complete cycle can be reduced to the sum
of a large number of infinitesimal Carnot cycles so that the entropy change
for any complete reversible cycle must always be zero. Thus for any reversi-
ble process the sum of all entropy changes for all systems participating is
given by

DdS = O ...(20.141)

which provides a criterion for equilibrium.



On the other hand, in any irreversible process although the system may
gain (or lose) entropy and the surroundings lose (or gain) entropy, the system
plus surrounding will always gain in entropy (equation 20.141). Thus for
a real process proceeding spontaneously at a finite rate

EdS >0 ...(20.142)

For example, if a hot body (the system) is in contact with the surroundings
at an infinitesimally lower temperature there will be an isothermal and
reversible transfer of heat at T29 and the loss in entropy of the hot body will
be ASb = -qrcv/T2 and the gain in entropy of the surroundings will be
AS8= +qrcv/T29 and ASb + AS8 = O. On the other hand, if the surround-
ings are at a lower temperature T1 than the body the transfer of heat will
be irreversible and spontaneous, and the entropy changes will be
ASb = -Qn,/T2 and AS = + Qn,/T1. Since T2 > T1 the total change in
entropy will be greater than zero, and the greater the difference between T2
and T1 the greater the gain in the total entropy of the system as a whole, i.e.
the more spontaneous or irreversible is the transfer of heat.

When a substance is heated at constant pressure without change of phase
through a temperature rise drthe heat absorbed is Cp dT9 where Cp is the
molar heat capacity at constant pressure, and the entropy increase is

!

S2 f T2 C f /2

s,ds = J T1 Ir
 dr = 1 r,c"dln T • • -(2°-143)

Thus the entropy increase when the substance is heated from T1 to T2 is

AS = [^ Cp dlnr= 2-303 J^Cpdlog T . . .(20.144)

and AS may be evaluated by determining the heat capacity Cp at various
temperatures between T2 and T1, and plotting the values against log T; the
area enclosed by the curve multiplied by 2-303 gives the entropy increase.
When there is a change of phase such as the evaporation of a liquid to
saturated vapour, melting of a solid to a liquid or transition from one
crystalline form to another, the process is isothermal and reversible, and

AS = I . . .(20.145)

where q is the heat associated with the phase change at T.
For example, in the case of the reversible isothermal transformation of ice

to water at the melting point (273 K), the heat gained by the ice will be the
latent heat of fusion (A//f = 6006 J mol"1) and a corresponding quantity
of heat will be lost by the surrounding, and

6006 6006 ^
AS8ystem = ASice 4- ASsurr. = -^ ^- = O

Gibbs Free Energy or Free Enthalpy

The Gibbs free energy G provides a means of defining equilibrium or of the
tendency of a reaction to proceed in a given direction. It is similar to the



other thermodynamic functions described above in that the change in free
energy AG is determined solely by the initial and final states of the system.
The maximum work, or maximum available energy, defined in terms of the
Gibbs free energy G, which is now called the free enthalpy, is

G = H - TS . . .(20.146)

or, for a finite change

AG = AH-7AS . . .(20.147)

It can be shown that for a system in which the total mass, or the concentra-
tions of the components, remains constant

(ML.=" •••<2<u48)
and

hi? 1 = ~s • • -(20-149)L37J/>,»/...
Combining equations 20.146 and 20.149

G-H=T\^} ...(20.15O)
I? 7J *•„,...

which is the important Gibbs-Helmholz equation. Since in thermodynamics
we are concerned mainly with changes in free energy and enthalpy, equation
20.150 can be written

i0-*"=r(WL. ..,20,5,,

Units Free energy is an extensive quantity, but the standard free energy for
1 mol AGf98K (in units of ] mol"1) defined above is an intensive quantity.

The Chemical Potential

The energy of a system can be changed by means of thermal energy or work
energy, but a further possibility is to add or subtract moles of various sub-
stances to or from the system. The free energy of a pure substance depends
upon its chemical nature, its quantity (AG is an extensive property), its state
(solid, liquid or gas), and temperature and pressure. Gibbs called the partial
molar free heat content (free energy) of the /th component of a system its
chemical potential

M,= f^r] ...(20.152)
(9nJ TtptHJ

i.e. the change in free enthalpy of the system when 1 mol of component / is
added to the system, the T9 p and concentration of all other substances (/I7-)
being maintained constant. The partial molar free energy of a pure com-
pound is synonymous with the standard chemical potential /*e, which is the
free enthalpy change when 1 mol of the substance is formed from its



elements under isothermal isobaric conditions. In order to evaluate the
chemical potentials of compounds, and of ions in solution, it is necessary to
define the following standard states:

1. The standard chemical potentials of the elements in the form that they
are normally stable at the temperature and pressure under considera-
tion are given an arbitrary zero

/ie (element) = 0 . . .(20.153)

2. In the case of ions in solution, and of gases, the chemical potential will
depend upon concentration and pressure, respectively, For ions in
solution the standard chemical potential of the hydrogen ion, at the
temperature and pressure under consideration, is given an arbitrary
value of zero at a specified concentration

^H+ = O, when aH+ = I . . .(20.154)

where #H+ is the activity of the hydrogen ion.
Standard chemical potentials for ions and compounds are given in

Chapter 21, Table 21.5.

Activity

The chemical potential of the hydrogen ion, or of any other ion, will vary
with activity

M1 = A*? + RTIn at . . .(20.155)

where the activity a-t is a thermodynamic quantity that is related to the
concentration of the ion and takes into account the fact that a solute in
solution does not behave ideally at finite concentrations; only at infinite
dilution will O1 = c, numerically, where C1 is the concentration (mol kg"1,
mol m~3 or mol dm ~3).

Substituting for R = 8-314 J K"1 mol~l, T = 298 K and using the
identity In x = 2-303 log X9 equation 20.155 can be expressed as

^ = J I f H - S T l O l O g U 1 . . .(20.156)

A similar equation is applicable to a gas, but the pressure of the gas pg (or
more strictly its fugacity) replaces the activity of the ion:

/zg = j i ; + 5 710 log (pg/p
e) . . .(20.157)

where pe refers to a standard pressure of 1 atm or 1-013 25xl05 Pa
(pascals). For a non-dissociating solute (e.g. urea)

a = yc/ce . . .(20.158)

where y is the activity coefficient (7 -> 1 as c -» O) and ce is the concentra-
tion in the standard state.

For a 1»! electrolyte (NaCl) a similar procedure may be adopted, but in
this case not only do the constituent ions (Na+ and Cl ~) become more ideal
in behaviour as the concentration decreases, but also the electrolyte becomes
more completely dissociated into ions. It is not possible to determine indi-



vidual ionic activity coefficient, since anions and cations cannot be studied
in the absence of one another. Thus for a 1-1 electrolyte equation 20.155 is
written

ji=/ie + 2RT\na± = /ie 4- 2RTln(y±c/ce) . . .(20.159)

where a± is the mean ionic activity and y± is the mean activity coefficient,
and 7± -» 1 when c -> O. More complex relationships are required for
unsymmetrical electrolytes such as Na2SO4, La2(SO4)3, TiCl4, etc.

At sufficiently low ionic strengths the activity coefficient of each electrolyte
in a mixture is given by the Debye-Hiickel limiting law

log T* = - |z+z_ \AJI . . .(20.16O)

where / the ionic strength is defined as

/ = IEc4Z? . . .(20.161)

and z+, z_ are the valencies of the cation and anion (NaCl is a 1-1 elec-
trolyte, Na2SO4 a 2-1 electrolyse, Lfi2(SO4)3 a 2-3 electrolyte, etc.) and A is
a constant which is 0*51 mol~T kg1 for water at 250C (C1 is in mol kg"1).

Units It should be noted that in the S.I. the activity of a solute is defined
with reference to a standard state, i.e. an ideal solution of molality
1 mol kg"1. Thus the relative activity of a metal ion in solution is given by

<W-= ̂ F TM- ...(20.162)

where nf = 1 mol kg"1, mM*+ is in mol kg"1 and yMi+ is dimensionless. It
follows that the relative activity is dimensionless, although units such as
mol kg"1, g ion litre"1, etc. are still being used (see below).

Gibbs-Duhem Equation

The Gibbs free energy change of a system will depend not only on tempera-
ture and pressure but upon the chemical potentials of the species involved,
and this statement may be expressed in the form of the partial differential

dG + vS\ dT+ hrl dp + ̂ *' + ^d/l2 • • -<2(U63)
Ld7J1MIi.!*... LvJr1. »,.,*...

and combining with equation 20.148 and equation 20.149

dG = -SdJ+ VAp + E^d/ii . . .(20.164)

For a process carried out under isothermal and isobaric conditions

(dOr^Ejiid/ii . . .(20.165)

and integration of this equation for a system of given chemical composition
gives

Or.,., = E/i,Mi ...(20.166)

General differentiation of this equation gives

dGT>p = E(^dMi +Mid/ij) . . .(20.1660)



Since at equilibrium (dG)Ttf> „ is zero, it follows from equation 20.165 that

Ertjd/i^O . . .(20.167)

which is referred to as the Gibbs-Duhem equation.
For a binary solution of say A and B

MMA = -MMB • • .(20.168)
and since

IJi1 = /*?+ RTIn a, . . .(20.169)

then d/ii = RTdIn a, . . .(20.17O)

and hence JJA din aA = — nB dln0B . . .(20.171)

The Gibbs-Duhem equation is extremely important in solution chemistry
and it can be seen from equation 20.171 that it provides a means of deter-
mining the activity of one component in a binary solution providing the
activity of the other is known.

Spontaneity of a Reaction

An isothermal reaction can proceed spontaneously only if the total Gibbs
free energy of the system decreases, i.e. the free energy of the reactants must
be greater than the free energy of the products. For a reaction

aA + bE = cC + dD . . .(20.172)

AG = Ejiproducts - ^Mreactants • • -(20.1720)

where AG is the change in free enthalpy. It follows that if AG < O the reac-
tion will tend to proceed spontaneously in the direction shown; if AG > O
the reaction will tend to proceed spontaneously in the reverse direction; if
AG = O the system will be at equilibrium and will not have any tendency to
proceed in either direction.

Thus for a spontaneous reaction

AG = (C^MD) - (tf/zA + fy*B) < O . . .(20.173)

and if all substances are in their standard state

AG = (c/4 + rf/4) - (anl + bill) < O . . .(20.174)

Reversible Cells

By definition

AG = -zFE . . .(20.175)

where E (the reversible e.m.f.) is the intensity factor in the energy term and
zF(the total charge per mole of ions involved in the reaction) is the capacity
factor. If the activities of the reactants and products are fixed E will be a



constant, and if #A = aB = ac = aD = 1 is taken as the standard state then

AGe = -zFE* . . .(20.176)

where AGe is the standard free enthalpy change and Ee is the standard
e.m.f., which is a constant for a given equilibrium at constant T.

Substituting -zFE for AG (equation 20.176) in equation 20.151 gives

Mf = -zFE + zFT JJlJ . . .(20.177)

which provides an accurate method of evaluating AH and AS (equation
20.151) from the e.m.f. of a reversible cell and the coefficient of the change
of e.m.f. with temperature at constant p, since

-r(^l-H£].-™ •••<—
From equation 20.1720

AGe = Etfi/i? . . .(20.178)

where v{ is the number of each of the ions or molecules involved in the
equilibrium; combining equations 20.176 and 20.178

«"^~s£ •••<*•"»
Equations 20.176 and 20.179 emphasise the essentially thermodynamic

nature of the standard equilibrium e.m.f. of a cell or the standard equilib-
rium potential of a half-reaction Ee

9 which may be evaluated directly from
e.m.f. measurements of a reversible cell or indirectly from AG6, which in
turn must be evaluated from the enthalpy of the reaction and the entropies
of the species involved (see equation 20.147). Thus for the equilibrium
Cu2+ +2e^Cu, the standard electrode potential £Ju

2vcu> and hence
Hcu2+> can be determined by an e.m.f. method by harnessing the reaction

Cu2 + 2Hg -* Hg2T + Cu

which can be represented by a cell without a liquid junction (or liquid junc-
tion potential)

Hg|Hg2S04(aq.); CuSO4(aq.) | Cu

in which | represents the phase boundaries. When a cell has a liquid junction
the latter is represented by | as in the cell

M1|M^(aq.)|M^(aq.)|M2

Although in certain cells the liquid junction can be eliminated by appropriate
choice of electrolyte solution, this is not always possible. However, the liquid
junction potential can be minimised by the use of a salt bridge (a saturated
solution of KCl of about 4-2M), and the liquid junction potential is then
only 1-2 mV; this elimination of the liquid junction potential is indicated
by||.

The standard electrode potential of M1+/M can be evaluated accurately
and conveniently providing it forms a reversible electrode and can be



coupled with a reference electrode to form a reversible cell. However, a
number of M2VM systems do not conform to this criterion, and calori-
metric methods must be used to evaluate A//e and ASe, and hence AGe,
from which Ee can be calculated. Thus in the case of the Mg2+(aq.)/Mg
equilibrium, the enthalpy change during the dissolution of the metal in
dilute acid at 250C is determined from the reaction

Mg(s.) + 2H+(aq.) = Mg2+(aq.) + H2(g.); AHe = -461 200 J mol'1

and the standard entropy change ASe is evaluated from the standard partial
molar entropies of the reactants and products

ASe = Se(Mg2+) + Se(H2) - Se(Mg) + 25e(H+)l
= -43-3 IK'1 mor1

Since AG6 = A/T - TS9

AG6 = -461 200 - (298 X -43-3)
= -448300 J mo!'1 at 298 K

*e ~AG*_ -448 300 _
^reaction- ^ 2x96500

and since 0H+ = Pu2 = *> ^M^/MI = -2-3 V

Chemical Potentials and Equilibrium

The relationship between the change in free energy AG and the equilibrium
constant K is given by the vant HofF isotherm

AG = -RTInK + RTInQ . . .(20.18O)

and from equation 20.172 K = ̂ f . . .(20.181)
^A^B

and a denotes the equilibrium activity of the component and Q is the activity
quotient. Note that the activities of the products are in the numerator and
activities of reactants in the denominator.

Equation 20.180 shows that AG is dependent on K and on any arbitrary
activity of reactants and products that may be introduced into the equation.
When the reactants and products are in their standard states

</A = QB = ac = aD = 1 and In Q = O . . .(20.182)

hence from equation 20.176

AG = AG6 = -RTInK . . .(20.183)

AG6 = -RTInK = -zFE* . . .(20.184)

and E* = ̂ ln# = ° °591 log K . . .(20.185)

since at 250C the term 2-303RT/F = 2-303 X 8-314 x 298/96 500 =
0-0591 V. Combining equations 20.175 and 20.180



RT RT
E = — I n K InQ . . .(20.186)

Zr Zr

and from equation 20.185

e.e-+SSLt1Q. f-**SL*.£* ...(20..87,

which shows how the equilibrium potential E is dependent on the standard
electrode potential Ee

9 a constant for a given equilibrium, and the activities
of reactants and products. Equation 20.187 is termed the Nernst equation
and is applicable only when the system is reversible.

Since AG* = Xv1U?= -RTInK . . .(20.188)
V ®

log# = - —^ at 250C . . .(20.189)

Thus the equilibrium constant K can be evaluated from standard electrode
potential E* or from the standard chemical potentials /*e.

The importance of the Gibbs free energy and the chemical potential is very
great in chemical thermodynamics. Any thermodynamic discussion of
chemical equilibria involves the properties of these quantities. It is therefore
worthwhile considering the derivation of equation 20.180 in some detail,
since it forms a prime link between the thermodynamics of a reaction (AG
and AGe) and its chemistry.

From the defining equations of H (equation 20.131) and G (equation
20.146) differentiation gives

dH = dU + pdV + Vdp . . .(20.19O)

and

dG = dH - TdS - SdT . . .(20.191)

In addition, application of the first and second laws (equations 20.128 and
20.138) gives

dU = TdS - pdV . . .(20.192)

Combination of these gives

dG = Vdp - SdT . . .(20.193)

This equation is particularly important, because by carrying out a process
isothermally (dT = O), the change in the value of G can be related to the
volume and pressure change alone; both of these quantities are controllable
and measurable. Thus, for isothermal processes,

dG= Vdp . . .(20.194)

It remains only to integrate this expression. To do this we apply initially the
equation for n moles of an ideal gas

K=^ ...(20.195)
P



so that

dG = nRT\ -dp . . .(20.196)
J p

Integration of this requires a limit to be defined. The limit is taken simply
as follows. We define a standard pressure/?® at which the Gibbs free energy
has a standard value CT. We have thereby defined a standard state for this
component of the system: a standard temperature too, is implicit in this since
the above equations are treated for constant temperature.

Integration of equation 20.196 now gives

G = Ge + nRTln^ . . .(20.197)

If only one mole of the gas is considered, the quantity G is called the chemical
potential, ^, or the partial molar free energy. In this case n = 1, and equation
20.197 becomes

U = f + RTIn^ • • -(20.198)

Note that the standard state has simply to be defined; there is no a priori
reason why it should have any particular value, save for the fact that it might
as well be a convenient value. A pressure of 1 atmosphere is commonly
adopted. We can thus abbreviate the equation to

U = n& + RTlnp . . .(20.199)

provided the pressure of the gas, p, is expressed in atmospheres, if the stan-
dard pressure has a numerical value of 1 atmosphere. But note that the term
inside the logarithm is actually dimensionless because of the implicit p6.

If the gas is not ideal, so that the ideal gas equation cannot be used, we
replace the pressure p in equations 20.198 and 20.199 by the fugacity,/, such
that the ideal gas equation still holds if the pressure p is replaced by the
fugacity, an effective pressure, when the real pressure is p. This form is most
convenient because of the numerous ways in which non-ideality can be
expressed, and we note that the fugacity is related to, but not necessarily pro-
portional to the pressure. We can express the fugacity as a function of the
pressure by introducing the fugacity coefficient, yp, as/ = 7pp, which then
replaces p in equation 20.199 for the non-ideal case. The value of yp tends to
unity as the gas behaves more ideally, which means as the pressure decreases.

Consider now, a simple gas phase (with ideal gases) reaction

A -I- B -> C . . .(20.20O)

For each component, we may write equation 20.198. The free energy change,
AG for the reaction is then given by

AG = Mc - MB - MA

= Mc - MB - MA + RTIn^ - RTIn^ - RTIn^
Pc PB P\



Pc

= AGe H- /mn-^- . . .(20.201)
PBPA

PlPl

Again, we define the standard state for a gas as 1 atmosphere, ie p\ — p\
= PC = I atmosphere, so that equation 20.201 becomes

AG = AGe + RTIn^- . . .(20.202)
PBPA,

Now, since AG is the driving force for the reaction to proceed, equilibrium
is represented by the condition that AG = O. Thus the value of AGe is given
by

Pi

AG e= -RTIn-J^-
PePA
Pl PA

= -RTIn-P^7 . . .(20.203)
PePc

where the superscript e refers to the pressure of the particular component
when the reaction is at equilibrium. It will be recognised that the term inside
the logarithm in equation 20.203 is the equilibrium constant for the reaction.
This relationship (together with equation 20.202 is extremely important
because it links the thermodynamics with the chemistry. We have derived the
fact that AGe is simply another way of expressing the equilibrium constant
for the reaction. It is important once again to bear in mind that the term
inside the logarithm is actually dimensionless: each pressure is the ratio of
the pressure to the standard pressure (expressed in the same units). Thus the
equilibrium constant is also strictly a dimensionless quantity. Although units
are often quoted for the equilibrium constant K for the reaction (they would
be atmospheres"1 in the above example), units are of course inconsistent
with the exponentiation of equation 20.203, for which

^iSr0*-^ •••(20-204)

and the exponential term is always dimensionless. Citing of units for K
(sometimes called Kp since it is a ratio of pressures as defined above) is
really a method of telling one's audience what the standard states really are.
Thus we could for example, consider 1 pascal of pressure as the standard
state instead of 1 atmosphere. It would equally be possible to use the con-
centration of the gas, since the ideal gas equation contains the term n/V
which is the concentration (in say, mol dm"3), for which the standard state
could be 1 mol dm~3. This does not of course change the reaction, but it
does change the numerical value of K and correspondingly the numerical
value of AGe. It is not common to do this in gas phase chemistry - the
usual standard state for the gas is 1 atmosphere. However, it is important



to understand the principle of it, particularly in corrosion and electro-
chemistry, since electrochemical systems incorporate not only gases, but
solids and solutions, the latter comprising solutes and a solvent. We can now
write

AG = -RTInK + RTIn^- . . .(20.205)
P*PB

Note that the term inside the second logarithm is not the equilibrium, unless
the reaction is in equilibrium (for which AG = O). These pressures are the
actual pressures used for the reaction, and the equation essentially describes
the fact that the driving force for the reaction (as written) is represented by
the excess pressure quotient of the reaction over and above equilibrium.

All the above deals with gases and gas phase processes. We now turn to
non-gaseous components of the system. There are many ways of expressing
this. Probably the simplest is to consider an ideal solution of a solute in a
solvent. If the solution is ideal, the vapour pressure of the solute is pro-
portional to its concentration, and we may write/? = /re, where c is the con-
centration and k is the proportionality constant. Similarly, pe = kce, which
expresses the fact that the standard pressure is related to a standard concen-
tration. Thus we may write from equation 20.198 for a particular component

M = M6 + RTInp . . .(20.206)

This formulation now eliminates the need for a pressure entirely and replaces
it by the concentration and a standard concentration. As defined above, the
standard concentration is that concentration which gives rise to the standard
pressure pe. However, we defined the original standard pressure arbitrarily
as 1 atmosphere. We can equally validly redefine the standard concentration
of the solute as 1 mol dm"3 of solution (unit molar or 1 M), or 1 mol kg"1

of solvent (unit molal or 1 m). This in essence redefines the standard pres-
sure, but that is of little consequence, since in corrosion and electrochemistry
we are usually concerned with concentrations in solution (as an electrolyte
in water, for example), and with concentrations of metal in an alloy. More-
over, because the value of k may be different for different components of the
system, from the point of view of the gas pressures, we may be assigning
different standard states for different gases. But that does not matter either,
since we are free to define the standard states in any way we choose, and we
are now interested in solution components, and not gases. Thus for example,
unit concentration of hydrochloric acid (say 1 m) is a far more convenient
standard state than that concentration which would equilibrate with a
vapour pressure of 1 atmosphere. However, there is an added complication,
already met with gases, and that is that many solutions are not ideal. So far
the derivation has still been in terms of ideal solutions, because we assumed
that the pressure is proportional to the concentration; hence the constant k
used above. Handling of this is analogous to the non-ideal gas. We define
a new term, the activity O9 of the component which replaces the concentra-
tion in equation 20.206. Thus

a = y^e . . .(20.207)



and thence for a non-ideal component

At = /xe-f RTIn^ . . .(20.208)

where c and ce are the concentration and standard concentration expressed
as molalities, and 7 is the activity coefficient. We are here defining the stan-
dard concentration as 1 mol solute per kg of solvent. This simply means
that we are fixing the value of the chemical potential of the component as
/ie when the concentration is the standard value. Note that the activity and
the activity coefficient are dimensionless, and a defined standard state is
implied.

But that is not all. For dilute solutions, the solvent concentration is high
(55 mol kg"1) for pure water, and does not vary significantly unless the
solute is fairly concentrated. It is therefore common practice and fully justi-
fied to use unit mole fraction as the standard state for the solvent. The stan-
dard state of a close up pure solid in an electrochemical reaction is similarly
treated as unit mole fraction (sometimes referred to as the pure component);
this includes metals, solid oxides etc.

Exactly analogously then, to the gas phase reaction above, the value of AG
and AGe can be formulated. Thus for the following reaction, for example:

M2+ + H2O -> MO + 2H+ . . .(20.209)

AG is given by

YA/CM TTH^T

AG = AGe H- RTIn—CMQ I CH J .(20.21O)
YM CM Tw^w

CMO Cj

where the subscripts MO, H, M, and w refer to the MO, H+, M2+ and H2O
components respectively. AGe is derived from the equilibrium activities as
in equation 20.203, but using the appropriate concentration terms instead of
pressure terms. Note that the equilibrium constant and the activity quotient
in the above equation are again strictly dimensionless. Although dimensions
are often quoted for K (sometimes called Kc) as described above, (for
reaction 20.204 this would be mol kg"1 or mol dm~3) these are really
simply an expression of the standard states involved. Now, the standard
state of the solid component (MO) and the solvent (H2O) are defined by
convention as the pure components (unit mole fraction). If the solution
is dilute, cw « c® and 7W = 1. Thus the components of the equation above
involving MO and H2O are both unity. In addition, if we define the standard
states of the dissolved ions as 1 M, then the relationship becomes the more
familiar

AG = AG* + RTIn V^ • • .(20.211)

Note that if the water in the reaction is not of unit mole fraction (or nearly
so), then its activity would have to be incorporated into equation 20.211.
This could for example be in a mixed water/methanol solution. The water



concentration would then be expressed as unit mole fraction, and, for accu-
racy its activity coefficient relative to pure water (the standard state) would
need to be known. The same is true if one of the reactants is a metal (whose
standard state is the pure metal, of unit mole fraction), but the reactant is
in alloy form. In summary, it is common in electrochemical reactions to
adopt the following standard states. For solid components and for the sol-
vent, the standard state is unit mole fraction. For dissolved components
(such as ions) the standard state is 1 mol solute per kg of solvent, or 1 mol
solute per dm3 of solution. For gas phase components the standard state is
1 atmosphere pressure.

Sign Convention for Equilibrium e.m.f.s and Potentials

For ions in solution the standard reference state is the hydrogen ion whose
standard chemical potential at 0H+ — 1 is given an arbitrary value of zero.
Similarly for pure hydrogen at/7Hz = 1 atm, ̂ 2 = O. Thus for the HVyH2
equilibrium (equation 20.179)

Ee = _ £i^*i = ̂ 00 v .(20.212)

and the standard hydrogen electrode (S.H.E.) is taken as the reference
electrode for all other equilibria.

For a cell the equilibrium must be written in the direction in which it
proceeds spontaneously, and under these circumstances

AG < O, and E > O

i.e. the e.m.f. of the cell will be positive. Thus for the equilibrium between
Zn and H+ the reaction is written

Zn(s.) + 2H+(aq.) = Zn2+(aq.) + H2(g.)

and if 0H+ = ^zn
2+ = ^H2 = 1» E = E6= +0-76 V. However, in the case

of a half-reaction it is quite arbitrary as to whether the equilibrium is written
as a reduction (electrons on the l.h.s.) or as an oxidation (electrons on the
r.h.s.)

Zn2+ H- Ie = Zn . . .(20.2130)

or Zn = Zn2+ +2* . . .(20.2140)

since both are correct. Substituting in the Nernst equation (equation 20.187)
for equation 20.2130

E = Ee - 0-0301og—!- = EQ + 0-0301og0Zn2+. . .(20.2136)
0Zn' +

and for equation 20.2140

E = Ee -0-030 log 0Zn2+ . . .(20.2146)

Thus if the magnitudes of E are to be the same the signs of Ee must be
different, i.e. Ee = -0-76 V for equation 20.2136 and E* = + O-76 V for



equation 20.2146. If this convention is adopted, the respective electrode
potentials become

E = -0-76 + 0-030 log azn2+ . . .(20.213c)

E = + 0-76-0-0301ogaZn2+ . . .(20.214c)

and for any given activity of Zn2+ the £"s will be the same in magnitude but
opposite in sign.

It is now internationally accepted (Stockholm Convention) that the half-
reaction must be written with the electrons on the l.h.s.:

Cu2+(aq.) + 2e = Cu £e = + 0-34 V
Zn2+(aq.) + 2e = Zn E* = -0-76 V

L. L. SHREIR
G. T. BURSTEIN
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