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Thin-layer Electrochemistry
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This review deals with the theoretical foundations of the methods of thin-layer electrochemistry (chronopotentiometry,
voltammetry, and the steady-state current method), and with the application of these methods to the measurement of
rate constants of electrochemical reactions, to the study of adsorption, and to the determination of diffusion coefficients,
number of electrons involved in the reaction, etc. The scope of the methods of thin-layer electrochemistry, and their
advantages in specific cases over alternative methods of studying electrode processes, are discussed. 53 references.
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I. INTRODUCTION

The most important recent advances in electrochemistry
have been concerned with the development of the theory of
electrode processes, which is relevant not only to electro-
chemistry itself but also to related branches of science and
technology. Electrochemical concepts and techniques are
used, for example, in studies of biological processes, in
studies of the electrochemical and adsorption properties
of the semiconductor-electrolyte interface, etc.

Electrochemical processes often need to be studied not
only on macroscopic samples but also on small (and even
very small) samples. Measurements with small volumes
of solution have long been carried out in polarography with
the dropping mercury electrode, but the smallest practical
volume of solution in cells of conventional design has been
0.2-0.3 ml. The first papers on thin-layer electro-
chemistry appeared in the early 1960's, and laid the
foundations for the solution of the theoretical and the
practical problems inherent in studies of the electrolysis
of solutions held in a narrow gap between two electrodes.
During the last decade there have been significant develop-
ments in this area of electrochemistry. Depending on the
method used to display the infromation, we can classify
this work into thin-layer chronopotentiometry, oscillo-
graphic voltammetry, and the steady-state current method.
The methods of thin-layer electrochemistry have some
definite advantages over the corresponding methods which
rely on large volumes of solution. These advantages stem
from the fact that the convective transfer of electrochem-
ically active material is practically negligible in thin
layers of electrolyte, and therefore the mathematical
description of the electrode processes is greatly simpli-
fied. Hence, important kinetic parameters such as the
rate constants k, the diffusion coefficients D, and the
number of electrons n can be evaluated without difficulty.
Thin-layer methods using solution volumes as small as
10"3 ml are also convenient for the analysis of strongly

radioactive solutions which cannot be safely handled in
large volumes. Insufficient attention has been paid to thin-
layer electrochemistry in the Soviet literature: this
review aims to rectify the omission in some measure.

II. THEORY OF THIN-LAYER ELECTROCHEMISTRY

We shall discuss the theory of thin-layer electrochem-
istry by considering the electrode processes in a thin
cylindrical layer of solution of thickness I held between
two plane-parallel coaxial electrodes of area viand
radius r. The thickness of the layer can be controlled, for
example, by using a micrometer as shown in Fig. 1. The
volume of solution between the electrodes is I.A — 10"3ml.
In order to monitor the electrode potential, the experi-
mental solution can be held in contact with a large volume
of the same solution through the cylindrical face of the thin
layer (of area 2nrl).

Fig. 2 shows the circuit diagram for a thin-layer cell
consisting of a pair of plane-parallel electrodes, an
auxiliary electrode, and a standard electrode, with suitable
connections. Several methods of connection can be used.
If the potentials of the working electrodes Wi and W% are
controlled independently by means of a standard and an
auxiliary electrode, as shown in Fig. 2, we have a coupled
thin-layer cell. If the electrode potentials Ex and E2 are
equal, the cell has effectively one working electrode of
total area 2A and solution thickness 1/2. If one of the
electrodes is left open-circuited, it acts as an inert plate.
Lastly, if the standard and the auxiliary electrode are
omitted we have a simple two-electrode thin-layer cell.

As an alternative to the plane-parallel electrodes1"4,
the electrodes for thin-layer electrochemical cells can be
in the form of thin wires in a narrow glass or plastic
tube s>e. A cell of this type is shown in Fig. 3. The
thickness of the layer of solution can be varied by suitable
choice of wire diameter and channel bore. The electrode
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material can be graphite, platinum, mercury, or other
metals; for combined electrochemical and spectrophoto-
metric measurements glass plates coated with a conducting
layer have been used1' .

Christensen and Anson2 have shown that

Figure 1. Plane-parallel micrometric electrodes:
i) gap, 2) platinum electrodes, 5) insulating collars,
4) micrometer.

nFAD
(1)

where CQ is the initial concentration of O.
For large I, Eqn. (1) reduces to the familiar chrono-

potentiometric equation.

Figure 3. Types of capillary-filament electrode:
1) gap, 2) working electrode, 3) Pt contact disk,
4) Teflon body.

Figure 2. Circuit diagram of a two-electrode thin-
layer cell: Wi and W2 are the working electrodes,
AE is the auxiliary electrode, SE is the standard
electrode.

1. Chronopotentiometry

We shall consider a solution containing an electro-
chemically active material in a thin-layer cell, confined
between the boundaries 0 and I, so that 0 < x < I. Only
one of the two close-spaced electrodes is working, and the
second electrode behaves as the wall of the cell.

If the material O is reduced at a constant current
density i (galvanostatic conditions), and if the edge effect
can be neglectedt, the concentration of O at the electrode
at any instant CQ{0, t) can be calculated by the Laplace
transform12.

The time for complete removal of the depolariser from
the layer adjacent to the electrode, when co(0> t) = 0, is
called the transient time T.

If T is so large that I2 < TD, the exponential terms in
Eqn. (1) can be ignored, and the following expression for
r is obtained:

/»
3D

(2)

If the Nernst equation applies, the variation of potential
with time [E = f(t)] for the reversible redox couple O-R
is given by the expression

2/a

(3)

tSee p. 1098.

where E° is the normal potential of the couple O-R.
Eqn. (3) assumes equality of the diffusion coefficients of
the oxidised and the reduced form of the material. The
quantity 12/3D and the exponential terms of Eqn. (3) can be
made small in comparison with t. In this case E = E° at
t = T /2 . The second term in the right-hand side of
Eqn. (2) can be ignored when I is small and the concentra-
tion of O in solution is large enough. Thus, for I = 10~3

cm and D = 10"5 cm2 s"\ we have f/3D =* 3 x 10~2 s, and
the second term in Eqn. (2) can be neglected under these
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conditions if r > 3 s. Eqn. (3) then reduces to Faraday's
law in the form used in constant-current coulometry:

nFAlc0

or

(4)

(5)

(a) De te rmina t ion of the number of e l e c t r o n s
in the r e a c t i o n

* Eqn. (4) can be used to evaluate n when the diffusion
coefficients of the species being studied are not known.
The cell used for this purpose has very closely spaced
electrodes, to make ir/ZD much smaller than the transient
time. Thin-layer chronopotentiometry has been used to
determine the number of electrons involved in the oxidation
of JV,JV-dimethyl-/>-phenylenediamine. The reaction goes
through the steps

« -i. [H2N-C,Hi-N(CHs)2]+ ,

e ~ NH=C,H«=N (CH3)2
+ + H+ .

Conventional chronopotentiometric measurements a on
platinum electrodes in acid solutions indicate a two-elec-
tron transition, but the interpretation of the results is
complicated by subsequent chemical changes of the reaction
products. The mean of the experimental values (n = 1.97)
obtained in thin-layer experiments is in very good agree-
ment with the value (n = 2) proposed for the oxidation of
JV,i\T-dimethyl-£-phenylenediamine to the di-imine. The
thin-layer experiment gives more accurate values than
conventional controlled-potential electrolysis2'14. Sharper
chronopotentiograms are obtained in the thin-layer cell
than in a conventional cell, as shown by the curves in
Fig. 4 for the oxidation of/>-phenylenediamine.

diffuses from the more remote layers of solution when the
layer adjacent to the electrode has been depleted: as a
result, the potential changes more gradually with time.

(b) De te rmina t ion of diffusion coef f ic ien t s

Oglesby and coworkers1S have shown, by analysing
Eqn. (2), that the diffusion coefficient of the experimental
material can be determined even if the concentration of the
solution and the surface area of the working electrode are
not known. Thus, a plot of r against 1/i is a straight line
whose intercept on the r axis gives -Z2/3Z>(Fig. 5).

10 -

0,02 0.0 f 0.06 0.08 0,10 0.72

Figure 5. Plots of r against 1/i for different thick-
nesses of solution: i) 1.88 x 10"3, 2) 1.62 x 10"3,
3) 1.37 x 10"3, 4) 1.12 x 10-3, 5) 0.864 x 10"3 cm.
Area of working electrode 0.27 cm2,
solution K3Fe(CN)6 in 0.5 M Na2SO4.

Experimental

E.V

Figure 4. Chronopotentiograms for the oxidation
of/>-phenylenediamine: i) diffusion cell (c = 4.72 mM,
current density 0.6 IJLA cm"2); 2) thin-layer cell (c =
4.99 mM, current density 0.09 /xA cm"2). In both
cases the supporting electrolyte is 1 M H2SO4.

Knowing Z, the diffusion coefficient of the electrochemical-
ly active species can be calculated. Table 1 shows the
diffusion coefficients for Fe(CN)|~ in 0.5 MNa2SO4 obtained
for different values of the layer thickness /.

Table 1. Diffusion coefficient of Fe(CN)|' in
0.5MNa2SO4.

' 1 J

103/, cm

0.864
1.12
1.37
1.62
1.88

0.0502
0.0883
0.140
0.236
0.252

tO5A cm2 s'1

0.49
0,47
0:45
0.37
0i47

Average D = 0.45 x 10"5 cm2 s"1

This is because a sharp transition to the next reaction
(for example, the oxidation of water) sets in as soon as
the whole of the material in the thin layer between the
electrodes has been oxidised. In contrast, a significant
fraction of the current in diffusion chronopotentiometry is

(c) De te rmina t ion of the r a t e cons t an t s of
chemical r e a c t i o n s

Thin-layer chronopotentiometry is a very convenient
technique for measuring the rate constants of slow chemi-

carried by the oxidation of the experimental material which cal reactions involving the electrolysis products. As an
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example, we shall consider the hydrolysis of />-benzo-
quinoneimine, formed by the anodic oxidation of p-amino-
phenol on a Pt electrode (Christensen and Ansonie).

The anodic oxidation of p -aminophenol in aqueous
solutions proceeds by the following mechanism 17~ :

HO—QHi— NH2—2e :
O=C6H4=NH + H2O

O=C6H4=NH + 2H+
O=C,,H4=O + NHa .

Fig. 6 shows a thin-layer chronopotentiogram of the oxida-
tion of p -aminophenol followed by the reduction of
p -benzoquinoneimine and/) -benzoquinone.

Figure 6. Thin-layer chronopotentiogram: 1) oxidation
of p -aminophenol, 2) reduction of p -benzoquinoneimine
and ̂ -benzoquinone. td = 45.4 s.

Solving Eqn. (8) and substituting for cQ from Eqn. (7), the
following expression applies for t' = t - tf = 0 (i.e. at the
instant tf):

During the period of reduction of O,' i.e. for tf +
< t < tf + td + r, we have

(9)

(10)

where 0 is the ratio of cathodic to anodic current.
Solving Eqn. (10) and taking cO from Eqn. (9) with t" =

t - (tf + t$ = 0 (i.e. at the instant fa) we obtain

Co = * [9 + (ID

The transient time is determined by the condition cO =
0, t" = T. Hence, from Eqn. (11),

and for 0 = 1

t=_Lin[i
k

(12)

(13)

The theory for an analogous electrode process but in the
usual chronopotentiometric model is much more com-
plicated. The correctness of Eqn. (13) has been confirmed
experimentally: Table 2 shows the results of measure-
ments of the rate constant for the hydrolysis of p -benzo-
quinoneimine in 1.017 M H2SO4 at 25°C. The concentra-
tion of the starting material, p -aminophenol, was
1.0lxl0"2M.

£-Aminophenol (R) is oxidised during time tf top-benzo-
quinoneimine (O), which is then hydrolysed top -benzo-
quinone (Z) by an irreversible first-order reaction. Since
the reduction of p -benzoquinone occurs in a different
region of potentials, this compound can be treated as
electrochemically inert. The current is interrupted during
the interval td, and the hydrolysis ofp -benzoquinoneimine
is the only possible reaction during this time. The
polarity of the current is then reversed, and any
unchanged/)-benzoquinoneimine is reduced back to
p -aminophenol (R). The hydrolysis reaction continues,
in parallel with the reduction ofp -benzoquinoneimine.

We shall calculate first of all the concentration of O in
the thin layer of solution at time t (0 < t < tf). We can
write

(6)

where £ = i/nFAl (see Eqn. (1)). The first term in the
right-hand side of Eqn. (6) describes the production of O,
the second term describes its removal by the hydrolysis
reaction.

Since CQ = 0 at t = 0, the solution of Eqn. (6) is

(V)

During the period when i = 0, i.e. for tf < t < tf + td, we
can write

Table 2. Rate constant for the hydrolysis of
p -benzoquinoneimine.

32.1
41.8
19.0
27 4
36.0
16.6

'd ' s

9.9
19.9
42.2
45.4
50.4
51.1

T, S

23.9
28.1
12.7
16.6
20.3
10.3

103/t, s"1

7.8
7.3
7.0
7.5
7.3
7.4

(8)

Average k = 7.4 x 103 s"1

The equation for the rate constants of slow chemical
reactions is greatly simplified by using the thin-layer
cyclic potentiostatic method instead of the chronopotentio-
metric method. In that method, the unstable form
is obtained under potentiostatic conditions, and the current
(or the quantity of electricity) is plotted against time.
After a certain time the potential is changed to a value at
which the unstable product which has not yet reacted is
converted back into the original form by the reverse
electrochemical reaction. Oglesby and coworkers20 used
this method to study the acid-catalysed rearrangement of
hydrazobenzene. The starting compound was the stable
azo-form, and the unstable hydrazo-form was produced
at the surface of the working electrode. The reaction
mechanism is

+ 2e + 2H+ ^. C6H5-NH—NH-C6H5 X H2N-C6H4-C6H4-NH,.
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Theoretically, the time for complete exhaustion of a layer
of solution 2 x 10~3 cm thick is less than one second21.
If the reaction of interest is sufficiently slow, the unstable
product may be formed rapidly in the potentiostatic
experiment and allowed to react at the same potential
during a much longer time (fr) than the time required to
generate it. The ratio of the quantities of electricity
passed in the reverse and the forward electrolysis (hv/hb)
is equivalent to the ratio of the initial concentration of
reactant (e.g. azobenzene) to the final concentration of the
product (e.g. hydrazobenzene). The plot of ln(hr/hb)
against tr for a first-order reaction should be a straight
line of slope k.

When one-half of the product has reacted, hr/hb = 2.
If we denote the time for half-reaction by h/2, the rate
constant can be expressed in the form

In 2 0.693 (14)

The rate constants for the rearrangement of hydrazo-
benzene obtained by thin-layer methods agree satis-
factorily with the values given by other electrochemical
methods. Thus, the cyclic galvanostatic method gives
10.2 x 10~3 s"1, the potential jump reversal method gives
10.7 x 10~3 s~l, whereas the thin-layer chronopotentio-
metric and potentiostatic methods give 18.6 x 10~3 and
11.7 x 10~3 s '1 respectively. The concentration of HC1O4
was 0.075 M in every case.

(d) Study of a d s o r p t i o n

By virtue of its large ratio of electrode surface area to
volume of solution, the thin-layer electrochemical cell can
be used to study surface phenomena such as adsorption
processes. Hubbard and Anson3 have suggested a simple
and convenient method for the quantitative determination
of adsorbed materials from theoretical considerations of
the behaviour of electrically active substances under the
conditions of the thin-layer experiment.

If the compound is adsorbed on the electrode surface,
and if the geometry of the cell justifies ignoring the
second term in the right-hand side of Eqn. (2), the trans-
ient time which characterises the full exhaustion of the
depolariser (whether adsorbed or not) can be expressed as

nFAlc . 2nFAT
X = — 1 :

(15)

where Tis the amount adsorbed in mole cm" . The
coefficient 2 arises from the fact that adsorption occurs
on both electrodes, each of area A. If the adsorbate does
not take part in the electrode reaction under conditions
leading to reaction by non-adsorbed species, the amount
of adsorbate is found from the difference between the
experimentally measured quantity of electricity and the
quantity of electricity theoretically calculated by Eqn. (5).

The advantages of thin-layer electrochemistry in studies
of adsorption phenomena have been demonstrated in a
series of papers22"24 on the adsorption of iodine. It is
shown that the adsorption of I2 and I" on platinum electrodes
can take two forms: an electrochemically active and an
inactive state. Initially I2 is adsorbed in the inactive form
(up to ~ 2 x 10"9 mole cm"2); this is followed by adsorption
in the active form (a further 10"9 mole cm"2).

Adsorbed, active I" (~ 1.2x 10"9 mole cm"2) blocks the
adsorption of the inactive forms of I2 and I". Adsorbed,
inactive I2 prevents further adsorption of I".

The adsorption of active I2 is unaffected by whether the
electrode is covered with I" ions or by free iodine. The
adsorption of inactive I" can be estimated from the equa-
tions for the anodic transient time of the oxidation of I"
tol2 .

The presence of inactive, adsorbed I2 can be confirmed
by oxidative desorption (n = 5), followed by estimation of
the resulting iodate.

In a study of the behaviour of the Ia/I" couple it was
found that the adsorbed iodide ion is not oxidised at
potentials sufficient to oxidise non-adsorbed iodide.

These results suggest that adsorbed I" and I2 are not
likely to be the species responsible for the electron
transfer reactions giving rise to the exchange current at
Pt electrodes in I~/h solutions. Workers who reached the
opposite conclusion25'26 from their kinetic studies must
have argued incorrectly.

The conclusions made from the study of the electro-
chemical behaviour of the I2/I" couple on Pt electrodes in
thin layers of solution are somewhat inconsistent with
conclusions based on other methods27"33. However, some
aspects of the thin-layer work22"24 are not entirely con-
vincing, and should be re-examined.

2. Voltammetry

(a) R e v e r s i b l e p r o c e s s e s

If a depolariser is present in the thin layer of solution,
the application of a prescribed potential to the electrode
will cause a current to flow through the cell as a result
of the electrochemical reaction. The layer of solution
immediately adjacent to the electrode surface will be
gradually depleted of depolariser; however, a new supply
of depolariser is available by diffusion from within the
solution. This process produces a thickening of the
diffusion layer, which in the thin-layer experiment cannot
exceed the value /. On raising the electrode potential the
rate of the electrochemical process increases, but at the
same time the supply of depolariser is hindered. As a
result, the current increases only to a certain value,
and then decreases to zero. Anson and Hubbard34 have
derived an equation which describes the current-voltage
characteristic of the process, assuming that the elec-
trode potential is varied linearly with time.

For a reversible reaction (O + ne ^ R) and a relatively
slow rate of change of potential (not more than 20 mV s"1),
the following expressions for cQ and CR can be used:

co = (16)

(IV)

The current / flowing through the thin-layer cell when the
potential i s scanned cathodically can be calculated from
the expression

= — nFV
dco (18)

The expression for the cathodic voltammetric curve can
be obtained from Eqns. (16) and (18):

0 -IL
n2Vrco RT

(19)
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The thin-layer voltammetric curve is bell-shaped and
symmetrical about the peak potential (see Fig. 7). The
current maximum (i-p) is associated with the potential E°,
and is given by the expression

(20)

The simplicity of the theory of thin-layer voltammetry in
comparison with oscillographic polarography is clearly
brought out by comparing Eqn. (19) with the Randles-
Sevcik equation3S>3 .

Figure 7. Theoretical i-E voltammetric curve for a
reversible process in a thin-layer cell:

F V
<£,-£•)+11

ST J

Comparing the equation for the peak current in normal
oscillographic voltammetry,

0A52n'l'F'l'c°oD'l'r'laA

with Eqn. (20), it can be seen that the current density in
thin-layer voltammetry is significantly lower:

'p _ I RT\'!' 1.808D'!' __ 0.286P1/'

whence ip/tip)tl = 22 if n = l, r=10-3Vs"1 , Z=10"3cm, and
Z> = 6 x 10-6cm2s"1. However, with small values of r and
stationary electrodes these smaller currents can be mea-
sured as accurately as the currents encountered in oscillo
graphic polarography, where the large value of r gives
rise to substantial capacitive currents.

(b) I r r e v e r s i b l e p r o c e s s e s

Thin-layer voltammetry is very convenient for the
study of irreversible reactions37 (O + ne — R).

The voltammetric curve for an irreversible system is
asymmetric about the peak potential Ep, and the peak
potential and its height (peak current) are related to the
kinetic parameters k° and an0 by simple expressions.

1091

We start from the basic equation of electrochemical
kinetics, which describes both the forward and the reverse
reaction

- £ " ) ] - c R e x p ( 2 3 )

If the peak current is at least two orders of magnitude
greater than the exchange current the contribution of the
reverse reaction to the voltammetric curve is negligible,
and we can write

i = nFAkPcoexp [(— an0F/RT) (E — £0)] .

Combining Eqns. (18) and (24) we obtain

RT

(24)

(25)

Integration of Eqn. (25) affords an expression for cO-
Inserting it into Eqn. (24), we arrive at an expression for
the cathodic i, E curve in terms of the initial concentration
only:

—an0F
RT

(£ —£<>) — ART/?
an0FV(—r)

i, pA

1\ 0.6?

\ 7V
D'

\^0t

\ /V
B'

\ ' /1/
B'

/

zl

'A
f\
-z\

A'\

\ A

0/

I

B

A
-0.2 -o.i

C D

-0.6 -0.8
(JE-E°),V

0.8

Figure 8. Theoretical voltammetric curves for a
reversible reaction and for fully irreversible reac-
tions in a thin layer of solution: A) reversible reac-
tion, k° ^ 4x 10~3 cm s"1, B)-D) fully irreversible
reactions, k°{B) = 10"6, k°(C) = 10~8, k°(D) = 10"10

cm s
2x 10"

(cm0 = 0.5, V= 2 x 10"3 cm3,
n = 1, A- 0.5 cm2, C°V s

\r\ =
= 10~6 mole

cm , T = 298 °K).

Fig. 8 shows plots of Eqn. (26) for several values of k° and
one value of an0. It can be seen that the shape of the
curves is independent of k°, the curves being merely
shifted along the potential axis. However, the peaks
become broader and flatter if ano decreases (Fig. 9).

The equations for the cathodic peak potential and for
the peak current are obtained by equating to zero the
differential di/dE from Eqn. (26).

The peak potential depends on ano and on k°, but is
independent of concentration

E =E« — (2.3RT/an()F)\glan0F{—r)V/ART^] (27)
C p

whereas the peak current is directly proportional to ano
and to concentration

Jp = CIJWIFV (— r) co/2.718RT. (28)

From Eqn. (28) we can calculate ano, and hence we can
find k° from Eqn. (27) if E° is known.
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Eqns. (27) and (28) can be applied to an anodic reaction
by replacing a by (1 - a) and CQ by CR.

If a cyclic voltammetric curve is plotted, the same
kinetic parameters can be obtained without a knowledge
of E°. In this case we write equations for c^p and a£p,
from which E° can be eliminated. The final expression
for k° is

nFAcfi nFAcfi

- 2 . 7 1 8 c ' p

(29)

Eqn. (19) describes the current-voltage curve for a
reversible reaction, with a relative error of 2%, for the
condition

y / p = URThf/nFV \ r | > 50 .

This condition is satisfied if

#>>(nFVr/4RTA) • 50

With the values of the parameters assumed above, we
obtain k° < 4 x 10~3 cm s~\ Hence, a "reversible"
reaction is a reaction whose rate constant does not
exceed 4x 10~3 s~\

(35)

(36)

0.2 -0.2 -O.h -0.6
(E-E°),V

Figure 9. Theoretical voltammetric curves for a
reversible reaction and for fully irreversible reac-
tions in a thin layer of solution for different values
of an0: A) reversible reaction, B)-D) irreversible
reactions; ano{B) = 0.75, ano(C) = 0.50, ano(D) -
0.25. (k° = 10~6 cm s"1, all other parameters as
in Fig. 8).

For ano = 0.5 and c*'p = az'p, Eqn. (29) simplifies to

lg kf> L - (1260/71^^ - cEp )+ lg (VFI r \/2ART) . (30)

An equation for a can be obtained by eliminating no from
equations for c«p and a«p of the type of Eqn. (28). F

h
Forp

= cjj we have

Thus, a and wo can be evaluated separately in cyclic
thin-layer voltammetry, but of course only if no is the
same for the cathodic and the anodic process.

Eqn. (26) describes the current-voltage curve of an
irreversible reaction with a relative error of 2% if the
exchange current does not exceed 2% of the peak current.

Thus, using the equation

(32)

to calculate the maximum value of the exchange current
and Eqn. (28) to calculate the smallest value of the peak
current ip, we obtain

or

io/ip = ?,7\SARTk°/an0FVr > 0.02

kf><(an0FV | r \/2.7l8ART) • 0.02 .

(33)

(34)

For normal values of the experimental parameters (
0.5; V= 2x 10~3 cm3; | r | = 2 m V s " 1 ; T = 298°K;
A = 0.5 cm2) we obtain k° < 1.2 x 10"6 cm s"\

Hence, Eqn. (26) is applicable to fully irreversible
processes, having rate constants of the order of 10~6

or less.

(c) Effect of double l a y e r s t r u c t u r e

All the above equations have been obtained without
allowing for the effect of the structure of the electrical
double layer. The basic equation of electrochemical
kinetics which allows for the effect of the double layer on
the surface concentration of the depolariser is

i = nFAkPcof № exp [(— an0F/RT) (E—£")] (3 7)

where f{\pi) = exp[(an0 - z0){F/RT)\pi], and z0 is the
charge on a particle of the substance under study.

The equation for the cathodic i-E curve follows from
Eqns. (26) and (37):

p [ - ^ ( £ -

(38)
where E\ i s the potential at which the scan i s s ta r ted .

Assuming that the elect rode potential i s divided
between two capaci tances in s e r i e s , the fixed (C) and the
diffuse (Cd) p a r t s of the double layer , and assuming these
capaci tances to be independent of potential over the na r row
range of potential for which the cu r ren t i s fa i r ly large
(about 200/n mV), we can wri te

%) (39)

where cpo is the zero-charge potential.
Combining Eqns. (38) and (39),

i = nFAkPcof (%) exp
RT

(
RT

FV(-r)

The equation for the peak potential is

E =
c p

:0 — anQ)C/Cd]

(40)

• (41)

Eqn. (41) reduces to Eqn. (27) when C is much smaller
than Cd- (This case is found in the presence of an excess
of indifferent electrolyte.) Eqns. (38) and (40) are fully
analogous to Eqn. (26) except for the function f(\Jsi) which
replaces the factor exp[(-anoi^RT)-(JE - E0)] in Eqn. (40).
Taking Eqn. (39) into account, the product
/0//i) exp[(-anoF/RT)'(E - Ed)] becomes

(E = exp {•£ [|- (z0 - an0) • <p0/ ft,) exp j ] {£ [| ]} [
(42)

where

a* = (z0 — a/z0) C/Cd + an0 . (43)

Finally, the peak cur ren t with allowance for the effect
of double layer s t ruc tu re i s given by

c'p = a'nF*V( — r) c°0/2.7l8RT. (44)
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It follows from Eqns. (43) and (44) that a* (and therefore
also c*p) should be smaller for anion reactions than for
cation reactions. Thin-layer i-E curves for intermediate
and low concentrations of indifferent electrolyte contain
information on the ratio C/C&.

(d) Mul t i s t age p r o c e s s e s

If a compound is reduced in two fully irreversible steps,
for example

where

and
(PtCl,)2" + 2e 4 . (PtCl4)

2- + 2C1"

+ 2e -I Pt + 4CT ,

the current-voltage curve (Fig. 10) should have two peaks
if the first step is the faster (curve A), or one peak if the
second step i s the faster or if the two steps have com-
parable ra tes (curves B and C).

Figure 10» Theoretical thin-layer curves for a two-
step fully irreversible reaction: A) kl = 10"5, k° =
1U , H) R\ = K2 = 1U j C.) Si = O X 1(J , «2 =
10~5 cm s~x (all other parameters as in Fig. 8).

If ki s 103fe2 the equations presented in the previous
sub-sections can be used to describe both steps.

The basic i-E equation for a fully irreversible, two-
step reaction such as

but without allowance for the influence of the double-layer
structure is obtained as follows. The contribution to the
current from the first step is expressed by Eqn. (26):

lF (E
RT

(45)
The current associated with the second step is given by

(46)

Eqn. (46) i s solved for cz and i% using the normal methods
for linear f i rs t -order differential equations

j GHdE , (47)

H-1 exp (E - £») f GHdE] , (48)
J J

H = exp {[AklRTIV ( - r) (ano)2F] exp [ ( - (ano)2F/RT) (E -E°2)]} ,

c? is the initial concentration of O and c\ is the initial
concentration of Ri. Since the total current is i — ii+
the expression for the i-E curve becomes

1 exp (£ _ (49)

The integral term in the right-hand side of Eqn. (49) can-
not be solved analytically. Plots obtained by numerical
integration for (a«o)i = (0010)2 = 0.5 and several pairs of
values of kl and k° are reproduced in Fig. 10.

(e) P a r t i a l l y r e v e r s i b l e r e a c t i o n s

The current-voltage curve for fast but not fully
reversible reactions, in which the contribution of the
reverse reaction cannot be neglected, is described by the
equation

> — ̂ ~ (*/ + *i) ̂ f"1 f X*6d£\ (50)

where
X = exp {[ART/V ( - r) n0F] [k,/a - kb/(l - a)]} ,

kf = *«exp [ ( - anJFlRT) (E -£»)] ,

h = &»exp {[{1 — a) rtoF/RT] (£ — £ » ) } .

, V

Figure 11. Theoretical voltammetric curves for reac-
tions of intermediate reversibility in a thin layer:
k°(A) = 4 x 10-3, k°(B) = 10-4, k°(C) = 10-5, k°(D) =
10~6 cm s"1 (all other parameters as in Fig. 8).

An analogous equation for anodic reactions is obtained
from Eqn. (50) by replacing C°Q by CR. A plot of Eqn. (50)
is shown in Fig. 11. The size of the current peak is
intermediate between those given by Eqns. (20) and (28)
for reversible ( i °>4x 10 cm s"1) and fully irreversible

10"6 cm s"1) reactions respectively.
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(/) Competitive reac t ions

When the starting material can undergo two parallel,
fully irreversible reactions, as in

the shape of the current-voltage curve (Fig. 12) differs
from that of the corresponding curve for a reaction which
takes place by a single path (Fig. 8). In spite of the
presence of two reactions, a single peak is obtained. The
current-voltage characteristic for an electrode process
of this type is derived as follows. The current in this
case is given by

where

i — FAco (th ify + n, ,kf)

xkf = Jfi exp {[- (an^F/RT) (£-£?)},

2kf = 2k° exp { [ - (an^F/RT] (E - £2
0)}

(51)

The current must also obey the equation
dco

dt
(52)

The quantity in brackets in the right-hand side of Eqn. (52)
is the instantaneous effective value of n for the mixed reac
tion. Eqns. (51) and (52) are easily solved:

(53)

Plots of Eqn. (53) are given in Fig. 12.

0 -27 -Q.2 -0.3 -O.if
(E-E°),V

Figure 12. Theoretical voltammetric curves for two
parallel reactions: A) E° = E°= 0.0, (ano)i = (atno)2 =
0.5; B) E°i = 0.0, E° = -0.20, (ano)i = (atioh = 0.5;
C) Ei = 0.0, E% = 0.20, (mzo)i = 0.7, (an0)2 = 0.5.
(ni =n2 = l, k° = 10-6 cm s"\ co = 10"6 mole cm"3,
all other parameters as in Fig. 8).
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cobalt complexes which inhibit the electrode reaction when
they are adsorbed. This property of the iodide ion has
been used22 for the quantitative determination of cobalt
complexes, which are readily adsorbed on a smooth
platinum surface38'39. The full desorption of the cobalt
complexes from the platinum surface by the I" was demon-
strated by the following experiment: 0.94 jnl of the sample
(10~3 M CoY" or CoY2" in 1 M phosphate buffer, pH 7) was
introduced into the clean thin-layer cell. The volume of
the interelectrode gap was exactly equal to the volume of
solution. The distance between the electrodes was first
increased to 2-3 mm, and 0.94 jzl of 2 x 10"3 M solution of
KI was added to the initial solution. The volume of the gap
was then decreased to 1.88 /*1, and the cobalt complexes
were determined. The results are given in Table 3.

Figure 13. Single-cycle thin-layer voltammetric
curve for Co3+ and Co2+ complexes with EDTA:
A) without added iodide, 1.77 x 10"3 ml of 1.0 mM
Co3+-EDTA in 1 M (pH 7) phosphate buffer; B) with
added iodide, 1.4 x 10"3 ml of 1.0 mM Co3+-EDTA in
1 M NaClOi (pH 5) + 1.0 x 10"3 ml 2.0 nM solution of
KI. Sweep rate 2 mV s"1.

Table 3. Desorption of CoY" and CoY2" from a plati-
num surface by iodide ions.

Reduction of CoY" (Co3+-EDTA)
total quantity
of electricity

measured
experimentally,
Qtot micro-
coulombs

quantity of
electricity in
blank experi-

ment, 2X

microcoulombs

t o t x
rmcrocoulombs

106±3 14±2 92±5

Oxidation of CoY2" (Co2+-EDTA)

115±6 24±2 91±8

theoretical
value of Q

microcoulombs

91

{g) P r a c t i c a l a p p l i c a t i o n s

The cyclic thin-layer voltammetric method has been
used to study the adsorption on platinum of complex ions in
the Co3+/Co -EDTAJ and Fe3+/Fe2+-EDTA systems22.
The Co3+/Co2+-EDTA couple is appreciably irreversible;
addition of iodide ions makes the reaction almost rever-
sible (Fig. 13). A probable explanation is that the pre-
ferred adsorption of iodide ions causes desorption of the

JEDTA is ethylenediaminetetra-acetate.

The scanning range of potential was from .0.25 to -0.05 V
(relative to the normal calomel electrode) in the first
case, from 0.00 to 0.3 V in the second case. The Qx
values were obtained by repeating the experiment with a
solution of phosphate buffer to which no depolariser had
been added. The fact that the cobalt complex is com-
pletely reduced indicates that the iodide ion itself has no
electrochemical activity in this range of potentials.
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Conversely, the Fe3+/Fe2+-EDTA system is reversible
even in the absence of iodide ions. Thus, the displace-
ment of adsorbed ions by more surface-active particles
can be used for the quantitative study of the adsorption of
ions under thin-layer conditions.

Thin-layer voltammetry has been applied to the study
of the stoichiometry of the electrochemical oxidation of
PtCll" and PtBrl", of the reduction of PtCll" and PtBrl",
and also of their hydrolysis products40. It has been shown
that in acid solution the reduction of PtCll" proceeds to
the stage of PtCll", and in neutral solutions or solutions
free from chloride ions the reduction goes to metallic
platinum. The reduction of PtBrl" in 1 M bromide solu-
tions goes to PtBrl", and in acid solutions or solutions
free from bromide ions the reduction goes to Pt. The
oxidation of PtCll" in 1 M chloride solutions apparently
gives a mixture of PtCll" and Pt(OH)2Cl|~, whereas the
oxidation of PtBrl" in 1 M bromide solutions gives only
PtBrl". K was also found that the hydrolysis products
of PtCll" and PtBrl" are reduced with greater ease than
their parent complexes.

Thin-layer studies with a very slow voltage scan34 give
valuable information on the mechanism of electrode
reactions.

Because of the lower current densities employed, the
reversibility of the Cr3+-Cr2+ couple under the conditions
of thin-layer voltammetry is much better (Ec — -0.8,
E& = -0.6 V NCE) than under semi-infinite diffusion
conditions (Ec = -0.95, £ a = -0.45 V NCE). 8

The application of thin-layer voltammetry to the
electrolytic oxidation of bivalent platinum complexes of
the Pt(NHJm(NO2)m^ and Pt(NH3)raCl^^2 type has
shown41'4 that the process is strongly catalysed by free
chloride and iodide ions, and that some of the ligands in
the reaction product (i.e. the P t ^ complex) are replaced
by chloride ions. In the absence of free chloride ions
the reactivity of these complexes is strongly reduced.

3. Stead-state Current Method

The existence of a limiting diffusion current depends
on the establishment of a steady-state concentration
polarisation.

A limiting diffusion current is observed when the
thickness of the diffusion layer does not change with time.
These conditions are realised at a dropping mercury
electrode or at a solid electrode moving relative to the
solution. Paired, thin-layer electrolytic cells also
enable a constant concentration gradient to be set up; the
value of the gradient can be controlled by varying the
interelectrode spacing.

Material obtained by reduction at one electrode of a
paired cell can diffuse and be oxidised at the other working
electrode. Since these processes take place in a closed
system, a steady-state current can be obtained.

The formation of the steady-state current iss is illus-
trated in Fig. 14. ̂  Initially, the potential applied to the
working electrodes is made sufficiently negative to ensure
that the solution is depleted of the oxidised form O. If
the potential of one of the electrodes (the anode) is shifted
towards positive values, oxidation of R will begin at some
value of the anode potential; the concentration of the
oxidised form will increase, and the concentration of the
reduced form will decrease. The flow of each form
across the thin layer towards the appropriate electrode
can be expressed in terms of its surface concentration:
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The total number of moles of O and R contained in the thin
layer between the electrodes is constant: No +NR = JV.
Hence

(55)

Figure 14. Schematic illustration of the formation of
a steady-state current by reference to the concentra-
tion profiles of O and R in a thin layer for gradually
increasing values of E at one of the electrodes (anode).

Solving Eqns. (54) and (55) simultaneously we obtain

nFAD0

71
1»L
2nFA

(56)

(57)

(58)

When the anode potential becomes sufficiently positive
(CR)X=Z vanishes and the current tends to a maximum
value (z'd)ss- Hence it follows from Eqn. (56) that

nFADc

where c = Co + cR, and D = •
2Dn

(59)

nFA
= i/o (54)

Thus, the limiting steady-state current is directly
proportional to a function of the diffusion coefficients of
the oxidised and the reduced form, the total concentration,
and the electrode area, and inversely proportional to the
distance between the electrodes.

(fl) Determination of the kinetic pa rame te r s
of an electron t ransfer react ion

Steady-state currents can be used to determine the
electron transfer rate constant ks and the transfer coeffi-
cient o. In its most general form, the variation of the
current with anode potential is given by

(60)
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Replacing exp[-nF/RT(E - E0)] by 6, and (co)x=Z a n d

(CR)X=Z by their values given by Eqns. (56) and (57), we
obtain after some simplification

(61)

This equation describes the variation of the steady-state
current with anode potential when the concentration of
the oxidised form at the cathode is zero, i.e. (co)x=o = 0-
Analogous expressions can be obtained for the cathode.
If the second term in the left-hand side of Eqn. (61) i s
much greater than the first (i.e. if ks is large) this equa-
tion reduces to the equation which describes the reversible
behaviour of the material:

nF 2DR nF [ (62)

If, on the other hand, the first term in the left-hand side
of Eqn. (61) is predominant (ks small), the resulting equa-
tion describes the fully irreversible behaviour of the
substance under study:

lJ (63)

The electron transfer rate constant ks c a n be evaluated by

plotting lg p<^ss ~ ?ss 1 ag a in s t E. The plot is a straight

line of slope 2.3RT/(1 - u)nF, intersecting the horizontal
axis at the potential

£° — [2.3/?7*/(l — a) nF] lg {[Ik, (Do + DR)V2D0DK} .

As in other methods, ks can be found if E° is known. To
find the rate constant ks we may use the following

approach. If the quantity - ?ss1 i
i s p l o t t e d against

*ss J

1/Z for a series of anodic potentials, we should obtain
(according to Eqn. (61)) a family of straight lines of slope
2DoDB/[0a~1ks(DO + DR)], intersecting the vertical axis
at the ordinate 2DR9/(DO + DR)- When the intercept is
equal to 2DR/(Z>0 + &R)> and therefore 9 = 1, the value of
&s can be found from the slope at E = E°. The value of a
can then be found from the other curves.

(b) D e t e r m i n a t i o n of the diffusion coeff i -
cient

Since the steady-state current, according to Eqn. (54),
depends on the diffusion coefficients of the oxidised and
the reduced form, the equation can be used to evaluate
these coefficients. If the concentrations of the oxidised
form at x = 0 and of the reduced form at x = I are zero,
Eqn. (54) can be re-written

= nFADR = nFADo- (64)

Eqn. (64) can be used to determine the diffusion coefficients
from a knowledge of the limiting steady-state current, the
concentrations at the electrodes, the electrode area, and
the distance between the electrodes. The number of moles
of O and R in the thin layer can be measured coulo-
metrically. If one of the electrodes of the thin-layer cell
is disconnected (for example, the anode) the current will
flow only to the cathode and as long as oxidised material
remains in the thin layer. By measuring the quantity of

electricity used in the reduction of O, and inserting Qc =
nFAlco in Eqn. (64), we obtain

Do = №0 JV2Qc (65)

DR can be expressed in a similar way.
The numerical values of the diffusion coefficients are

obtained from the slopes of plots of I against 1/iss and Z
against Q. The diffusion coefficients for Fe2+ and Fe3+ in
0.1 M HC1O4, measured by this method, are 0.421 x 10"5

and 0.392 x 10~5 cm2 s"1 respectively; those for benzo-
quinone and hydroquinone in 0.3 M HCIO4 are 1.15X 10~5

and 1.16 x 10"5 cm^ s"1.

(c) Determination of the r a t e constants of
chemical r e a c t i o n s

The rate constants of chemical reactions can be deter -
mined from measurements of steady-state currents.

For slow chemical reactions of the type

;/nR+pZ-t F

we can use the expression

iss = nFAlk(Rss)
m(Z)p (66)

where R s s is the steady-state concentration of the reduced
form. Under normal conditions (n = 2, IA — 2x 10"3,
&(Z)P = 10"1, Rss = 10"6) the system will reach steady
state in 10 s for a current of 4 x 10~5 A. R s s can be
evaluated by anodic scanning and integration of the current
associated with the fast oxidation of the substance R.
Introducing into Eqn. (66) the quantity of electricity QR
consumed by the oxidation of Rss> we can write

(67)
nFA

If the reaction is of the first order with respect to R, it
follows from Eqn. (67) that the slope of the plot of QR
against iss is independent of I. In this case we can
determined from experiments at different concentrations
of the component Z, and hence we can arrive at the rate
constant.

If the kinetic order of the reaction is 2 or more, the
slope of plots of (QR)m against iss is a function of I, but
the dependence is always one order less than in plots
of (Rss)m against iSs, as in Eqn. (66). The upper limit
of the rate of a pseudo-first order reaction, measured by
this method, depends on the rate of diffusion. Assuming
that the concentration of R must be constant to within 1%
the highest value of k which can be measured by this
method is 10"1 s"1.

To measure very small reaction rates, we need a high
concentration (Rss) and a large interelectrode distance, so
as to raise iss above the level of the background current.
For the highest reasonable values (Rss = 10~6 mole cm"3

and I = 2 x 10~2 cm), and assuming that the smallest
measurable current is iss — 10"6 A, the smallest rate
constant which can be determined by this method is
0.5xl0~3s~\

The rates of slow reaction can be studied also by a
different method: the method of current decay in the
pseudo-stationary state. The electrode potentials of a
thin-layer cell are fixed on either side of the equilibrium
potential of the redox couple (R-O) in order to establish a
limiting steady-state current proportional to the concentra-
tion of R.

If the concentration of Z is constant, the current iSs
will fall according to the law which describes the rate of
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a reaction of the m-th. order. Hence, for m = 1, the func-
tion iss = f(t) should be of the form

In ('„). k(Z)pt

nFAD,'R (DK/DO + 1)
(68)

The upper limit of reaction rate which can be measured by
this method is the same as for the previous method.
However, there is no lower limit in this case because the
steady-state current can be monitored as long as neces-
sary.

Steady-state currents can be used also to measure the
rate constants of fast and intermediate bimolecular
reactions of the type

A + ne-^B x = 0
C-+D + ne x = l

B + D -X A + C 0<x</ .
Measurements of the steady-state current iss as a function
of time offer the possibility of continuous control of chem-
ical reactions leading to changes in the concentration of O
and R in the thin layer.

This approach has been used to measure the rate
constants of a number of reactions 44'45. McDuffie and
coworkers44 applied the principle in their work on the rate
of the benzidine rearrangement, which occurs by the
mechanism

experimental solution

Figure 15. Cross-section of a thin-layer cell with
paired electrodes.

irreversible rearrangement. The steady-state current is
related to the concentrations of electrically active sub-
stances by the expression

tss [ ) (69)

where c = cO + CR.
The mutual inter conversion of O and R takes place at

opposite electrodes. It is assumed that mass transfer is
much faster than the chemical rearrangement, i.e.
(D/f) » k, where D = Do + DR.

Under these conditions the distribution of O and R
between the electrodes is effectively linear. The rate of a
pseudo-first order chemical reaction is

dcp fc
= = KCp .

dt dt
(70)

Since the flows to the two electrodes are equal under
quasi-steady state conditions, DOco = DRCR. Hence, cR,
which is equal to (c - cQ), can be expressed as

- . (71)

Inserting this expression into Eqn. (70), and integrating,
we obtain

In -Z- = - •
i + DRID0

where c° is the total concentration of O and R at time t
Replacing concentrations by currents (see Eqn. (69)) we
obtain an expression for the decrease in current:

(72)

0.

In ('
1 + DR/D0

(73)

The rate constant for the decay of the steady-state current
is

k/(l+DR/Do).

If DR = DQ, the rate constant for the current decay is
k/2, and the plot of lgz'ss against t is a straight line of
slope -&/4.606 for a pseudo-first order reaction.

Thus, the measurement of rate constants from the
decay of the steady-state current iss is independent of the
parameters of the thin-layer cell and of the initial concen-
tration of the material. The experimental values of the
rate constant for the acid-catalysed benzidine rearrange-
ment, using the steady-state current decay method, are
0.113 s"1 in 0.25 M HC1O4, 0.0422 s"1 in 0.15 M HC1O4,
0.0223 s"1 in 0.1 M HC1O4, and 9.0 x 10"3 s"1 in 0.063 M
HCIO4. These values are in good agreement with measure-
ments 18 of k for the benzidine rearrangement by the thin-
layer potentiostatic method (0.02 s"1 in 0.0997 M HC1O4
and 0.0086 s"1 in 0.063 M HC1O4).

The steady-state current decay method can be used
also to measure the rate constants of second-order reac-
tions. As an example, McDuffie and Reilley 45 consider
the disproportionation of quinquevalent uranium in per-
chloric acid:

A solution of azobenzene of known acidity, ionic strength,
and ethanol concentration is added to the thin-layer cell.
In order to obtain the limiting steady-state current, the
electrode potentials are set so that the concentrations of O
and R at the appropriate surface are both zero (Fig. 15).
This current falls off exponentially with time, because
the species R is consumed in the pseudo-first order

2R aO (2 -<z)Z

Another possible example is dimerisation, when O is not
regenerated. These second-order systems are difficult
to investigate by the usual electrochemical methods46"49

because of the need to use non-linear differential equations,
for which analytical solutions are not available, in the
interpretation of the results.
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m. SPECIAL FEATURES AND SCOPE OF THIN-LAYER
ELECTROCHEMISTRY

1. Edge Effect

One of the special features of thin-layer electrochem-
istry is the presence of an edge effect, i.e. the effect of
diffusion of electrically active substances from the bulk of
the solution into the narrow gap between the working
electrodes or between the working electrode and the inert
substrate. The edge effect is responsible for an appre-
ciable fraction of the residual current in the thin-layer
cell. The error introduced by the edge effect into the
observed steady-state current is proportional to the total
excess number of moles of O and R (iVexc) in the thin layer
of solution at time t.

distorted by the edge effect. In the schematic diagram
the excess of material (iVexc) is found mainly in the con-
centration region within the triangle EGF, which penetrates
from the edge into the thin layer to a depth a \ The region
of excess concentration has the volume itl\r% - (r0 - a1)2]
or nlv1 - (2r0 - a1). The total excess of O and R, cexc,
can be expressed

-~ (cedge cc. (74)

where cedge ant* ^centre denote the mean combined con-
centrations (O + R) at r = r0 and r = 0 respectively.
Point E is taken half-way between points A and B, and from
the condition that cedge can be obtained by doubling cR
or co at the point E we find

ntreV2 (75)

Using the expression

we obtain

A (genuine profile) B (schematic)

Figure 16. Schematic representation of the concen-
tration profiles of O and R in the thin layer, used in
the definition of the edge effect.

The quantity JV exc depends on the combined rates of
diffusion of both forms of the material from the main bulk
of the solution through the cylindrical edge of the thin
layer. This rate of diffusion, in turn, depends on the
concentration gradients of the electrically active species
in the thin-layer region. It is very difficult to allow for
all these conditions in a calculation of the contribution of
the edge effect to the observed steady-state current.
However, an approximate calculation can be made using a
simplified model44. Immediately after the application of
the potential difference AE the average concentration of the
two forms in the thin layer is c°/2, and there is no nett flow
of material into the thin layer. After time t the concentra-
tion profile in the region of the edge of a thin-layer
element of volume (of radius r0) can be assumed to be of
the type shown in Fig. 16. The concentration distribution
is plotted for a point on the AT-axis at 1/2. In the central
region of the thin-layer volume (r/2) the concentrations of
R and O show an exponential decrease which is not

-exc— 4 U „-(*/»)'•

Multiplying Eqn. (76) by the volume,

W exc = - y [1 - e - w ' " Jit/a' (2r0 - ff')

and after dividing by iV° = cQ7r/r̂  we arrive at

„-(*/»<
~

(76)

(77)

(78)

Since the limiting steady-state current is proportional
to the number of moles in the thin layer of solution43, and
since a' is approximately equal to 2(Dt/ir)1/2, we finally
obtain the equation for the relative error in the current:

i.. (error)

i°
= -J [1 —e 1 — (79)

The edge effect can be minimised by increasing the radius
of the working electrode. However, errors due to lack of
parallelism between the electrodes become predominant
above a certain electrode size. An alternative approach
is to fit a plastic ring round the periphery of the thin
layer, but in this case it becomes impossible to use an
auxiliary and a standard electrode.

2. Influence of Lack of Parallelism and of Surface Rough-
ness of the Working Electrode

A knowledge of the effective thickness I of the layer of
solution is essential in all experiments with thin-layer
electrolytic cells. The largest steady-state currents are
obtained with the smallest layer thicknesses. Further-
more, the electrode separation determines the number of
moles of O and R in the thin layer of solution. Both these
effects can be perturbed by lack of parallelism and of
smoothness in the electrode surfaces. Any roughness
protruding into the layer of solution decreases the average
thickness of the layer 43, and may decrease iss by a large
amount. The effect of deviations from the ideal plane-
parallel geometry of the electrodes can be discussed in
terms of the simple model shown in Fig. 17. Using
Eqn. (55) we obtain the following equation for the depend-
ence of iss on 1/Z

( ' V ) , =
anFD

du = (80)

The equation has been tested, and found to be sufficiently
accurate for I «4q.
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When I = 4q the value of (zd)ss calculated by Eqn. (80)
is 91% of the ideal value (calculated by Eqn. (64)). These
calculations suggest that the effects arising from lack of
parallelism can be reduced to an acceptable minimum.

Figure 17. Lack of parallelism between the electrodes
of a thin-layer electrolytic cell.

3. Scope and Advantages of the Methods of Thin-layer
E le ctr o chemi str y

The main advantages of the methods of thin-layer
electrochemistry were mentioned in the theoretical dis-
cussion given in the previous Sections. The most obvious
attractions of thin-layer electrochemistry are the shorter
analysis times and the very small volumes of solution
needed.

The thin-layer electrochemical cell with a pair of
working electrodes can also be used successfully when one
of the reactions is hindered by the insoluble product of the
other reaction. For example, if I" and Cl" ions are
present in solution, one of the working electrodes can be
used to accommodate a film of Hg2l2 (using mercury or an
amalgam electrode), and the chloride ion is subsequently
deposited on the other electrode.

Like the rotating-disk method with guard ring, the thin-
layer methods are particularly useful for studies of
chemical reactions preceding or following the electrode
reaction, for monitoring short-lived intermediate states
of the products of the electrode reaction, and for studying
adsorption on the electrode surface.

Thin-layer methods show special promise in the study
of adsorption processes, because they offer the possibility
of working with such small volumes and concentrations that
the total number of moles contained in the interelectrode
gap need not be greater than the amount of material
adsorbed on the electrode surface.

Thin-layer electrochemistry offers a convenient
method of measuring the number n of electrons which take
part in the electrode reaction, because the diffusion
coefficient need not be known if n is measured by thin-
layer chronopotentiometry.

Another potential advantage of thin-layer electro-
chemistry is the absence of hydrodynamic motion in the
solution: as a result, the intermediate products of the
reaction are not removed from the sphere of action by
convection. The rate of supply of material by diffusion
can be varied by varying the distance between the elec-
trodes, and can be made very large. By using optically
flat surfaces, the thickness of the diffusion layer can be
made as small as 0.1 jum. x This is an order of magnitude
less than the thickness of the diffusion layer for the
rotating electrode (for D = 10~5 cm2 s"1, and with a speed

of rotation of 6000 r.p.m., the thickness of the diffusion
layer can be reduced only to 5pm).

The use of thin-layer methods in studies of bimolecular
reactions also deserves a mention.

When a pair of electrodes of different metals is used,
each of the electrodes can be used in the most favourable
conditions. Some other advantages of the thin-layer
method are mentioned by Andersen and coworkers51.

IV. PRACTICAL APPLICATIONS OF THIN-LAYER
ELECTROCHEMISTRY

In addition to their applications (already mentioned) in
the measurement of the rate of chemical reactions1'16'20'
42~45, the study of adsorption processes3'22"24, the study
of irreversibility in electrode reactions8'24'34'43, the
determination of the number of electrons involved in
reactions in aqueous and non-aqueous media 2>*>40 and of
diffusion coefficients 13>43>44

) thin-layer methods can be
used to enhance the sensitivity of analytical methods by
dissolving weighed amounts of solute in very small
volumes of solvent7'9'52.

Using the equation for the limiting steady-state current
(*d)ss

(81)

where JV is the total number of moles of the oxidised and
the reduced form, we can readily calculate the lower con-
centration limit for a one-electron reaction.

It can be seen from Eqn. (81) that (id)ss is proportional
to the total number of moles in the thin layer and inversely
proportional to the distance between the electrodes. If
the steady-state current is set at 1 îA, and I = 10~3 cm,
we find thatiV/M= 10~9 mole cm"3 for 2)R = Do (usually
- l O - ' c m ' s " 1 ) .

Thin-layer cells can be used also in combined electro-
chemical and spectral studies, which offer a powerful
means of investigating the nature of electrolysis prod-
ucts10 '11 '*.
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