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ABSTRACT

The possibility of devising a new analytical technique
based on the generation and measurement of optically
absorbing species at an inert electrode surface is studied.
The analytical technique of atomic absorption spectroscopy
is briefly discussed to outline the aim of the study, and
the applications of optical methods in electrochemistry
are reviewed, Preliminary experiments are described in
which absorption signals are detected for dilﬁte aqueous

2+ in an excess concentration of inert

solutions of Cu
background electrolyte at a polishéd cathode surface during
reduction. Suitable instrumentation is devised and used
to study the phenomenon for a number of other metal ions.
The absorption signals are found to be dependent on
wavelength, potential, concentration of metal ion and
electrode pretreatment. Drief reviews of the mechanism of
metal deposition, charge transfer and the status of hydrated
electrons in aqueous electrochemical reactions are given.

A systematic study of the phenomenon for Cd2+

by both
electrochemical and spectroscopic methods is described.
An equation relating the absorbance to a number of
experimental parameters and physical constants is derived
and its applicability discussed. Reviews of the theories

of the nature of the anodically treated platinum surface,

of the mechanism of the reduction of oxygen and of the
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reduction of the anodic film are given.

A mechanism for the process occurring at the electrode
and the production of the absorption signals is proposed
in terms of alkalization of the catholyte. |

Preliminary experiments with organic dyestuffs are
reported and the use of these compounds to determine the
electrode pathlength and the beam thickness is demonstrated.
The determination of the molar absorptivities of electro-
genérated species is discussed.

Fina}ly, the analytical possibilities are critically .

assessed in the light of existing techniques.
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1. INTRODUCTION

1.1 Aim of the Studiesv

Vhen a metal ion solution is sprayed into a flame the
solvent is evaporated or burned and the compounds formed
are thermally decomposed and converted into a gas of the
individual atoms that are present. The large majority of
these atoms are in the ground state, and if light of the
appropriate wavelength is shone through the flame the metal
atoms absorb the radiation., The resulting decrease in the
intensity of the light is proportional to the-concentration
of the metal ions in the original solution. This is the
basis of the analytical technique commonly known as atomic
absorption spectroscopy (AAS). 1In the practical application
of the technique there are, of course, a number of problems'
to be overcome. The most important of these is probably
the requirement of a light source with a narrow line
emission profile so that the narrow absorption profile of
the ground state metal atoms can absorb all the energy in
the source line width (if the emission profile from the
lamp were broad, then the narrow absorption in the flame
would not be detected). Emission from the flame at the
analysing wavelength must be compensated for and sample
introduction must be uniform so that a steady signal may
be measured. These requirements are met by the use of
hollow cathode lamps or electrodeless discharge lamps. as

light sources, modulating the light source either
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electronically or méchanically and tuning the detector
system to the modulation frequency, and by suitable design
of burner aspirators or nebulizers., In addition, a
monochromator will be required to separate the line of
inferest from neighbouring spectral lines, Using a
pre-mixed air/aceﬁylene or nitrous oxide/acetylene flame,

a large number of metals and semi-metals may be determined
with sensitivities (concentration for 1% absorption) of
0-1 ppm (1),

Flames, however, suffer from a number of disadvantages
as atom sources., The atom concentration attainable is
limited by the dilution effects of the relatively high
flow rate of the flame support gas used to transport the
sample to the flame and the expansion of the flame gas
on combustion. Secondly, precise control over the chemical
environment in the flame is not possible and despite variation
in the fuel to oxidant ratio (which simultaneously changes
the flame temperature and spectral characteristics) certain
thermally stable oxides may not be broken down and atom
production for these elements will be low., Inefficiencies
in nebulization will also limit the atom concentration.

And thirdly, a relatively large volume of sample solution
is needed. 1In addition flame background 2bsorption or
emission at the wavelength of the resonance line of the
analyte element may give rise to unacceptable noise levels
with a resultant loss in precision,

As a result, there has been an increase in interest in
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the use of non-flame methods to produce atomic populations,

Resistively heated graphite furnaces, rods and tubes

have been used as well as metallic strips and filaments.
The situation up to 1971 has been reviewed by kirkbright (2)
end there has been little signifieant development since
then. Non-flame cells have advantages in that small

sample volumes may be used (1-2§ﬂ1) or solids may be
nebulized directly, and the sensitivities for many elements
may be increased by two orders of magnitude as a result of
concentrating atoms in a smaller cell volume. However, the
detection system must be capable of monitoring a transient
signal and a storage oscilloscope may be necessary. The
precision of the method is poor (coefficient of variation
5-10%) due to the difficulty of reproducibly transferring
small sample volumes to the cell, Also, there are similar
matrix effects to those observed with flames such as
compound formation. There may also be scattering of the
analysing light beam by solid particles in the light path
as well as undesirable memory effects or emission from the
atom cell,

It is apparent that both flame and non-flame cells
suffer from some disadvantages, and in the case of AAS
using flames they represent the limiting factor in
sensitivity. Neﬁ-flame cells increase the sensitivity but
are accompanied by a loss of precision,

In the case of metal ions, the overall function of the
atom cell is to supply electrons to reduce the ions to

atoms, desolvate and separate the atoms, ILeaving aside
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the consideration of providing a gaseous population, the
basic requirement is a source of electrons. For a metal
ion solution these electrons could come either from
another chemical entity in solution (a reducing agent) or
from a negatively charged electrode immersed in the solution
(together with a éuitable counter electrode to complete
the circuit). In a dilute solution the ions would be
separated and the resulting atoms might well exist in this
heavily condensed 'gaseous' phase for sufficiently long
periods of time before aggregation and precipitation to
interact with an analysing light beam,

The aim of the experiments reported here was to
investigate the possibility of devising a new technique
of AAS by producing and measuring atomic species at an

_inert electrode surface,
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1.2 Optical lethods in Electrochemistry

As most of the experiments described later are a novel
combination of spectroscopic and electrochemical methods,
it is of interest to consider briefly the existing applications
of optical methods in electrochemistry,

Recently, a review of this title has beeh published in
Advances in Electrochemistry and Llectrochemical Engineering
(3). The emphasis is placed decidedly on the theoretical
side of the methods and little space is devoted to the
applications of the techniques. A review by Kuwana and
Winograd (4) is more readily understandable from the
theoretical viewpoint and also discusses in much greater
detail the applications of the methods, though only methods
using optically transparent electrodes are reviewed. A
series of papers in a recent %olume of Ber., Bunsenges. phys.
Chem., (5) also gives a good insight into the applications
of a number of optical methods. The scope is also
demonstrated in the papers presented at the Fourth Symposium
of the Faraday Society (6) and to a lesser extent in a

recent edition of the Faraday Discussions (7).

1.2.1 Optically Transparent Electrodes

Two types of electrode are in common-use; thin film
electrodes made by coating a transparent substrate with
metals (Pt, Au, Ag) or doped oxides (tin oxide or indium
oxide), and minigrid electrodes using a fine wire mesh,
but which are usually made by etching rectanzular holes on

fine metal foils, usually gold. The properties of tin
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oxide surfaces have been studied extensively (8,9,10). The
first use of this type of electrode with transmission
spectroscopy was reported by Kuwéna et al (11). The
scope of this type of system is well demonstrated by Kuwana
and Strojek (12) who derive an equation relating absorbance
with time under semi-infinite linear diffusion conditions
for a chronoamperometric experiment and show that the
oxidation of ferrocyanide gives results in accordance with
this equation. They also show how the technique can be
used to evaluate rate constants for the two stage oxidation
of o-tolidine. Use of the technique in the uv speétral
region by changing to an electrode made by coating quartsz
with antimony doped tin oxide is applied to the oxidation
of p-aminophenol to study the rate of reaction and also
to determine the products. Further applications of the
use of transmission spectroscopy at thin film electrodes
are given in recent reviews by Kuwana (13) and Kuwana and
Winograd (4). It has been shown that platinum acts as a
neutral density filter (14) and the uv part of the spectrum
can be monitored using a film of platinum on quartz. A
film of mercury on platinum has‘been used to follow metal
deposition and dissolution (15). The molar absorptivities
of metals dissolved in the mercury have been measured (16)
and for lead, cadmium, thallium and zinc appear to be in

31 mole” cm_1. The absorbances showed

the range 3 to 8x10
little variation with wavelength and the results were

obtained a2t 589 nn.
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The use of minigrid electrodes and transmission
spectroscopy has been applied by Murray et al (17).
They point out that, as the transmission arises from the
'perforated character of the electrode, the minigrid should
be less susceptible to artifacts caused by film deposition
during electrolysis and, furthermore, as the surface-
properties are essentially those of the bulk metal (gold
in this case), the electrode does not show any of the
eccentricities exhibited by doped tin oxide films. They
derive equations relating absorbance to time and current
for a number of electrochemical experiments (potential
step, double potential step, current step etc), pointing
out that the light beam will traverse two diffusion
profiles, The application of the equations is demonstrated

for the oxidation of o-tolidine and the reduction of Ti(IV),

1.2.2 1Internal Reflection Spectroscopy

The use of this technique with optically transparent
electrodes provides a method for monitoring what is
essentially the surface concentrations of the electroactive
» species. The basis of this technique is the fact that
when a light beam undergoes total internal reflection at
a phase boundary, the light ULeam actually penetrates the
rarer medium, where the electric field intensity falls off
exponéntially (18). The conuplete, though somewhat complex,

mathematical theory for the three phase problem (glass,
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film, solution) is given by Hansen (19,20), The use of
the technique in electrochemistry stems from the work'of
Fansen, kuwana and Osteryoung (21). In a slightly later
- publication (22) which has proved to be a definitive study
of the technique, a clear exposition of the theory is
given. The results of experiments with o-tolidine very
neatly show the ability of the technique to monitor the
surface concentration of electroactive species, and how,
when coupled with potential sweep, chronoamperometric,
or chronopotentiometric experiments, electroghemical
parameters may be determined. The technique has been
extensively applied in the determination of reaction
ﬁechanisms (2%,24,25,26,27) and has also been used to
monitor species adsorbed onto the electrode surface (6,28),
The use of a germanium electrode extends the application

of the technique to the ir region of the spectrum (29,30,31).

1.2,3 Specular Reflection Spectroscopy

This is an external reflection technique where the
light beam impinges on the electrode surface from the
solution side, usually at oblique incidénce. The optical
parameters to be considered are identical with those of the
internal reflection spectroscopy case. The development
of the method for in situ electrochemical investigations
stems from the work of Koch and co-workers (32,3%3), The

theory and application of the method has been comprehensively
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reviewed by McIntyre (3) and a simplified treatment of
the theory has been given by Kuwana (13). The technique
- has been used for the study of the formation and optical
' behaviour of monolayer films on electrodes (6); adsorbed
layers on electrodeg (34,35) and for detecting intermediates
and products in heterogeneous electrochemical reactions (7).
There is often considerable difficulty in interpreting
the results of experiments‘and ambiguities do occur (36),
The divergence of opinion that can arise has been shown
by the discussions in the literature on Walker's results (37)
for multiple reflection of laser light at an élliptical
silver electrode. This will be discussed in more detail

later (see Section 5.3).

1.2.4 Ellipsometry

Ellipsometry is similar to specular reflection spectroscopy
in that the technique is used for probing the nature of
the electrode surface. Two parameters are measured, the
change in relative amplitude and relative phase of two
orthogonal components of light due to reflection. 1In
other ﬁords, the change in the state of polarization due
to reflection is measured and from this two parameters
of the reflecting surface can be derived. For a bare
surface these can be the real and imaginary parts of the
refractive index and for a surface covered with a
transparent film, the thickness and refractive index of

the film can he determined. The theory of the method
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has been given by Muller (38) and the applications have
been comprehensively reviewed by Kruger (39). TFllipsometry
has been applied to the study of adsorption onto the
electrode surface of gases, ions and organic compounds as
well as the study of passive films and corrosion effects.
Bockris et al (40) have applied the technique to the study

of anodic dissolution and precipitation processes.

1.2.5 Thin ILayer Cells

The essential feature of these cells is that the
electrolyte volume is small (a fey;;l) and thé thickness
of the cell is small (of the order of 1072 cm) so that
exhaustive electrolysis occurs after a few hundred
milleseconds because the reactant is confined within a
layer considerably smaller than the diffusion layer which
would éxist under conditions of semi-infinite diffusion.
As a result, the observed current—ﬁotential behaviour is
simple to understand. The use of these types of cells
stems from the work of Schmidt and Gygax (41) on metal
deposition reactions, The theory and applications of
the thin layer cell have been comprehensively reviewed
by Hubbard and Anson (42) and a particularly well presented
review is given by Reilley (43). Thin layer cells have
been used in conjunction with optically transparent
electrodes (both films and minigrids) and also specular
reflection spectroscopy (44). The use of gold minigrid

electrodes was proposed by lurray et al (45):who showed -
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the application of the method by studying the model
system of o-tolidine oxidation. A particularly interesting
use of the technique is with twin working electrodes, one
on éither side of the thin layer, where the potential of
each electrode is controlled independently. Steady state
conditions can be obtained by oxidizing at one electrode
and reducing at the other (42). The use of this type of
cell with platinum film electrodes is described by
Reilley et al (14) who investigated the application of
electrochemical as well as optical methods, They applied
transmission spectroscopy to the identification of
products in the oxidation of rubrene. They also reported
pPreliminary fluorescence studies with the same compound
which considerably incfeased the sensitivity of the
technique (by several orders of magnitude). In addition,
they suggested a number of applications of thin layer
cells in analytical chemistry such as use as a detector-
for iiquid chromatography and determination of dissolved

oxXxygen.

1.2.6 0Other NMethods

A number of other methods are being applied to the
study of electrode processes by probing the nature of the
surface or of the solution near to the electrode. These
include interferometry, holography and optical microscopy.
The applications of these techniques have been recently
reviewed (3), Optical microscopy has bsen used to study

transient processes preceding electrodeposition (46).
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Perone et al (47,48) have used the combination of
optical and electrochemical methods the other way round,
ie they used electrochemical techniques to investigate
intermediates formed by flash photolysis. The analytical
applications are not stressed, however, in the reports of
the technique.

In the mid-fifties there was a sudden interest in the
use of spectrophotometric techniques for end point
detection in coulometric titrations (49,50,51)., The
method involved monitoring the absorbance of the bulk
solution (by convenfional transmission spectroscopy) so
that the appearance of an absorbing product (or disappearance
of an absorbing reactant) could'be observed during a
coulometric titration. Usually the analyte solution was
overtitrated and the absorbance values extrapolated back
to find the end point. This method is, of course,
identical to the familiar technique of spectrophotometric
titration, though in this case the titrant is generated
electrochemically instead of being added from a burette.

Apart from this technique, there have been no
applications of the combination of spectroscopic and
electrochemical methods in quantitative analysis, though
the possibility with internal reflection spectréscopy
was mentioned by Kuwana (22), The main drawback with allr
of the methods is that they are insensitive due to the
very short path length that the analysing light beam

travels in the absorbing medium. Obviously, specular
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reflection spectroscopy and ellipsometry are less suited

to application in quantitative analysis as these techniques
are designed specifically to probe the nature of the
surface of the electrode rather than the species in the
solution. Possibly the most promising line of development

is that of fluorescence measurements in thin layer cells (14).
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2. PRELIMINARY EXPERINENTS

2.1 Chemical Reduction

In this preliminary work a commercial instrument was
used. A Varian Techtron model 1000 atomic absorption
spectrophotometer was modified by the removal of the burner
and nebulizer assembly. The power supply to the hollow
cathode lamps which was modulated at 285 Hz was modified
so that the lamps could be run demodulated if required.

A schematic diagram of the instrument is shown in Figure 2.1

C:- ' Rower Son:lg

pPar Monochomator {o Lam?s,
PU.T,

Loﬂ . au‘nli«fu‘ul

ete.
' % Cl\cppcr
hollow
. burrhef'bl — calhede
mitror alembly 1 Law.r
Lems

kang

Figure 2.1 Schematic Diagram of the Varian Techtron 1000

In the experiments with the mercury solution an electrode-less
discharge lamp was used, powered by a micro-wave generator.
The first experiments were to investigate the possibility

of detectihg absorption by atoms produced in the solution
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by chemical reduction. Two methods were used, 1. the
reducing agent was added dropwise to a solution of the
reducible metal ion 2. a solution of the reducing agent
was allowed to diffuse into a solution of the reducible
metal ion, a layer of reducing agent being placed in the
bottom of the cell by lowering the tip of a pipette into
the solution. The change in intensity of the light from
a hollow cathode lamp with time was monitored using a
chart recorder (Smiths 'Servoscribe' type Re 511.20).
The results obtained are summarized below.
1. Reduction of cupric ions with dithionite.

Both methods
were tried (i.e. dropwise addition and diffusion) using
10 ppm Cu®’ and 0-1 M dithionite. In both cases no
difference between the results obtained using a copper
hollow cathode lamp at 324+8 nm and an indium lamp at
451+1 nm was observed.
2., Reduction of silver ions by mercury.‘

| A mercury pool was’

used as the reducing agent and the light beam was passed
across the surface of the pool, Solutions containing 1 ppn,
10 me and 100 ppm Ag+ were used., A decrease in transmission
was only observed for the 100 ppm solution and because of
the similarity between the results for Ag+ and Cu2+ the
change in transmission was attributed to scatter,
3. Reduction of mercuric ions with stannous chloride,

Again
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2+ and

both methods were tried using 10 and 100 ppm Hg
0«1 M stannous chloride. A mercury electrodeless discharge
lamp was used at 25307Aand 2655 nm, In this case, after
the addition of a drop of reducing agent a decrease in
transmission was observed at 253+«7 nm which was not

observed in the absence of the mercuric ions or for the

mercuric solution at 265+5 nm,

Only with the mercury solutions was any evidence found
for absorption by a reduced species in the solution. The
copper and silver solutions gave rise only to scatter
signals, It would, therefore, not seem possibie by the
methods used here to produce a population of free absorbing
atoms in the solution as before a sufficiently high
population to give an absorption signal can be built up
the atoms aggregate to form colloidal particles which
scatter the light. It was felt that this line of
experimentation would prove unfruitful and so attention

was turned to the study of electro-reduction.

2.2 «Eiectrochemical Reduction

The aim of the experiments was to monitor the intensity
of a*narrow light beam passing over an electrode surface
as a potential difference was applied between the electrodes.
The Varian Tectron model 1000 was used as described for

the previous experiments., In addition, a function generator



—26—
. (Hewlett Packard type 3310A) was used to provide a
potential difference between the electrodes. The various

types of electrode used are shown in Figure 2.2.

L%U | N

a

side

=
end.

d e f

Side.

Figure 2.2 Types of Electrode Used
a, Pt plates. b, wax coated Pt plates. ¢, Cu sheet
anode, Pt cathode. d, Pt anode, Cu coil cathode. e, Cu

wire anode, Pt gauze cathode. f, Pt anode, Hg pool
cathode. :

For most of the experiments a 1% solution of copper
sulphate was used. Such a high concentration of copper
ions was used because it was possible to observe visually
when material was being deposited on or removed from the

electrode, An aliquot of the solution was placed in the



cell and the gain adjusted to give 100% transmission. The

function generator was switched to give a potential

difference of about 2 volts between the electrqdes with

the electrode in the light path as the cathode. Any

resulting change in light intehsity was monitored with a

chart recorder or, on occasions, with a cathode ray

oscilloscope,.

The results are summarized in Table 2.1

Table 2.1 Results With Various Electrode Types

. Electrodes Results

Anode Cathode

Cu plate Pt plate no change in absorbance

< until hydrogen evolved

Cu wire Pt gauze no change in absorbance

Pt plate Hg pool transient increase in
absorbance observed, also
seen with 100 ppm Cu and
with an Ag hollow cathode-
lamp., Observation of
surface with magnifying
glass showed distortion
on applying potential.’

Pt plate Pt plate electrodes well separated

to avoid obstruction by
oxygen evolved from anode,
Cemplex variation of
absorption with time
observed.

From the Table it can be seen that it was necessary

to avoid obtructing the light path by the evolution of

oxygen from the anode.

If the potential difference was

too large hydrogen was evolved from the cathode and this,
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of course, also obstructed the light path.- The most

promising results seem to have been obtained with the

platinum plate electrodes, where a fairly ccmplex variation

of absorption with time was recorded.

Figure 2.3,
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Figure 2.3 Variation of Absorption with Time
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2.3 Variation of Signal Intensity with Experimental

Parameters

To investigate the nature of the increase in absorption
a number of experimental parameters were varied in turn
keeping the others fixed. These parameters included
concentration of reducible species, potential difference
applied, background electrolyte, dissolved oxygen, light
source intensity and wavelength.

The apparatus used was the same as for the previous
experiments., The two platinum plate electrodes were used
and a voltmeter was introduced into the electrical circuit
to measure the amplitude of both the positive and negative
regions of the voltage pulse. In most cases, though, the
potential was stepped from zero to the preset required
value, A modulated copper hollow cathode lamp was used
and the absorption at 324+8 nm was monitoréd.

The procedure used in these experiments was as follows,
A 5 ml aliquot of the required solution was placed in the
cell and the gain of the system adjusted to zero the chart
recorder. ¥Yith the light beam obstrucied by a piece.of
opaque material, 100% absorption was set on the chart
recorder. The function generator was then switched on to
the required preset voltage function and the change in
absorption recorded. The solution was removed from the
cell by suction, a glass capillary was lowered into the
cell and connected via a stop-cock to a filter pump,,

solutisons could thus be removed from the cell by suction
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when required without disturbing the position of the
electrodes, The electrodes were cleaned by washing with
concentrated nitric acid, followed by rinsing three times
with distilled water, The next aliquot was then placed in

the céll.

2.3.1 Concentration of Copper

With the 1% copper sulphate solution the variation of
absorption obtained was quite complex (see Figure 2.3).
However, considerable simplification of the peak shape
occurred when the concentration was 50 ppm or.less in an
inert supporting electrolye of 0+1 M pofassium nitrate,
When the potential was switched on the signal increased to
a maximum and maintained this value while the potential
was held, When the potential difference reverted to zero
the absorption decreased rapidly. A linear relation
between absorbance and concentration was obtained between

O and 40 ppm. This is shown in Figure 2.4,

2.3.,2 Variation of Absorbance with Voltage

Using a 40 ppm solution in a background electrolyte
of 0«1 M KNO3 it was found that a potential difference of
1+8 V was required to produce a signal., The evolution of
hydrogen was found not to obstruct the light path until
2+2 V was applied., 1In most of these initial experiments

a potential difference of 2¢0 V was used.
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2.3.3 Variation of Absorbance with Background Electrolyte

Tt was found that in the absence of a background
electrolyte, erratic and poorly reproducible absorption
signals were obtained., TFor a given concentration of
copper ions, a similar change in absorption was obtained

in O0*1 M potassium chloride and O-1 M potassium nitrate.

2.3.4 Variation of Absorption with Dissolved Oxygen Content

De~aeration of the solutions with oxygen free (white
spot) nitrogen produced no appreciable difference in the

changes in absorption measured.

2.3.5 Variation of Absorbance with Light Intensity

The light intensity was waried by altering the lamp
current., The variation in absorbance at 324+8 nm for a
30 ppm Cu2+ solution in 0-1 M KC1l with lamp current is

shown in Table 2.2,

Table 2.2 Variation of Absorbance with Lamp Current

Current mA Absorbance

0-30
0-29
0-29
0-27
027
0-28
028
028

‘e ® & & e ®» " @

OO~ - =
OWMOLWONN—
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It can be seen from the Table that the absorbance was

not dependent on the light intensity.

2.3.6 Variation of Absorbance with Wavelength

As a hollow cathode lamp was used as a light source,
the change in absorbance could only be monitored at a
limited number of wavelengths., The results for a 30 ppm

cu®* solution in 0+1 ¥ KC1 are shown in Figure 2.5.

2,3.,7 Variation of Current with Voltage

With a 1% coprer solution, 2 sharp increase in current
was observed at a potential difference of 1+2 V and
metallic copper could be seen on the electrode at 1-4 V,
The results are shown in Figure 2.6 from which it can be
seen that the cell decomposition potential was approximately

1'2 Vu

4
Current /
m H ’

- ?
.3 +,;

2t +. + - - A e 4=

-l‘l 9 -;n e 1 k2 ,.15 re 15
Potential I)Lffcnnca Vv

Figure 2.6 Variation of Current with Voltage
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2.3.8 Summary of Results

From the results of the preceeding experiments, it is
seen that the absorbance obtained on electrolysing a
dilute solution of copper ions in an inert background
electrolyte at platinum electrodes is:-

1. Dependent on the concentration of reducible metal ion,

2. Dependent on the potential difference between the electrodes.

3. Is erratic or non-existant in the absence of inert
background electrolyte..

4. Independent of the amount of dissolved oxygen present,

5. Independent of the light source intensity,.

6. Dependent on the wavelength at which the absorbance is

measured.

2.4 Discussion

From the variation of current with voltage, it is
deduced that at a potential difference greater than 12 V,
electrolysis is occurring in 1% copper solutions. A
theoretical decomposition potential may be calculated as
follows on the basis of the Nernst equation (52).
The anode reaction is 2H,0 —» 0, + 4H' + 4e” E° = 1.229 V
- E = 8% + Q;%i& log Eé_ﬁii

[HZO

If the partial pressure of O2 is taken as that in the
atmosphere, i.e. 0+21 then

E 1229 - 0-425

0.804 -V
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The overvoltage for the discharge of 02 at a smooth
platinum surface is about 0-8 V (53).

The cathode reaction is

cult + 2e—=Cii  E®= 0+337 V
.-and
E = E° + 0:059 log Cu?*
>

= 0337 - 0.023

= 0:314 V

Therefore
E,o1p = 0°804 + 0+8 - 0+314 + IR ~

129 + IR V

where IR is the voltage drop due to the cell resistance,.
For each ten fold change in the copper concentration the
decomposition potential is changed by 003 V. Thus for
a 10 ppm solution the calculated decomposition potential
is 1+38 V, Thus, as in most of the experiments a potential
differénce of 2+0 V was used, it is assumed that the
decompositibn potential for the cell was exceeded and
that electrolysis was occurring.

It is thought that a number of effects could give
rise to this change in absorbance., These ihclude
1. distortion of the electrodes on applying the potential

difference,
2, obstruction of the light beam by material deposited

on the electrode surface,
3. scattering of light by gas bubbles or colloidal metal,
4. changes in the absorbance of the solﬁtion due to

migration of the background electrolyte or reducible



~36-
metal ions,
5. change in reflectivity of the electrode surfaoe,
6. absorption of light by a chemical species involving
the metal ion generated during electrolysis,
7. absorption by a species not containing the metal ion
or by a species generated in a secondary reaction,

Factor 1 may be discounted as there is no change in
absorbance in the absence of the copper ions. As the
absorbance decreases when the potential difference reverts
to zero, there can be no permanent physical obstruction
of the light path, also the change in absorbance is
dependent on wavelength and thus factor 2 may be discounted.
The dependence on wavelength also indicétes that the light
is not being scattered, and so factor 3 may be discounted
as if scafter were occurring it would be expected that the
change in absorption would increase with decreasing
wavelength (54).

It is thought unlikely that light reflected from the
surface of the cathode would enter the monochromator and
so changes in reflected light intensity would not be
monitored. In 2dcdition the effect observed here is about
two orders of magnitude greater than for typical
electroreflectance effects (6), and thus factor 5 may be
discounted.

The experimental evidence discussed so far indicates
that the change in absorbance observed is not due to a

physical effect and must therefore be duz to absorption
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of light by a chemical species, If the change in absorbance
were due to the migfation of the background electrolyte
under the action of the electric field generated when the
potential difference is applied betweén the electrodes,

then the effect woﬁld be observed in the absence of the
reducible copper ions. The migration of the reducible
species is eliminated by the presence of the large excess

of background electrolyte and its arrival at the electrode
is controlled by diffusion across a concentration gradient
created by depletion of the species at the electrode

surface by reduction; Thus in the vicinity of the electrode
surface the concentration of the electroactive species

is lower than that in the bulk solution, and if the
analysing light beam only passes through this region then

a decrease in absorbance would be observed. However, it

is thought that the thickness of thé diffusion layer is
small compared with the thickness of solution that the

light beam passes through, and so the concentration of
reducible species in the light beam is virtually unchanged
during electrolysis. Thus, on the basis of this argument,
factor 4 may be discounted.,

It would appear, then, that the reduction in light
intensity is due to absorption of light by a chemical
species generated during electrolysis., As only one metal
ion has been studied so far, it is not possible to
distinguish between factors 6 and 7 at this stage.

A similar discussion to that presented here is used
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by Walker and Kenney (55) in their interpretation of the
results of an experiment in which the absorbance of He/Ne
laser light spiralled round the inside of a polished
elliptical silver cathode is monitored during the electrolysis.
of a sodium sulphate solution. In their case, though, the
" results are interpreted as being due to the formation of
hydrated electrons next to the cathode. The possibility
of hydrated electrons being involved in the electrode
process observed here will be discussed later (see Section
5.3).

In order to continue the study of the absorption
phenomena observed in these preliminary experiments, the
use of the Varian Techtron modei 1000 instrument was
discontinued and apparatus was assembled from individual
components., The design and development of this apparatus
and the experiments performed with it are discussed in the

next chapters.
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3, INSTRUNENTATION

3.1 ' ‘ Lpparatus

From the preliminargexperiments, it was spparent
that_the apparatus required was a single beam uv/visible
spectrophotometer i.e. light source, cell, monochromator,
Photodetecting device and readout, together with a siutable
source of potential difference. The cell would contain
the electrodes and suitable means of removing the solutions
by suction and introducing nitrogen to deaerate the
solutions, »

As the absorption spectrum of the species generated
in the copper solutions was fairly broad, it was decided
| that the hollow cathode lamps used in the preliminary
experiments were not necessary and that a continuum source
would be satisfactory.

A means of varying the position of the light beam
with reference to the cathode was also required. The
source of potential difference and related circuitry
needed no modification from that already described. The
first instrument that was assembled is Shown schematically
in Figure 3.1. The light source was a quartz halogen
lamp (Philips type 12336) which was run from a regulated
power supply (APT Electronic Industries type TCU 550).

A 2 cm silica cell was used with slits in front and behind.
Three silical lenses were incorporated into the optical

system., All the optical components were mounted on an
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optical bar (Ealing Beck 'Trirack') and could be moved
along the bar by means of a rack and pinion mechanism.
The cell holder was mounted on vertical and lateral
(right angles to the direction of the optical bar) racking
devices. The monochromator used was an Optika CE 4.
The light intensity was monitored by a photomultiplier
tube (E.K.I. type 6265B) with a Erandenburg type 475R
e.h,t. power supply. The resulting photo-current was
passed through a standard resistor and the voliage drop
monitored by a chart recorder (Smiths 'Servoscribe type
.RE-511.20). The electrodes were mounted in the cell as
shown.in Figure 3.2. The potential difference was
supplied by a function generator (Hewlett Packard type
33108). |

The optical components were set up with the cell
removed so as to get as much light as possible into the
monochromator. The cell contairing the electrodes was
then mounted in the light path and by adjusting the
position of the cell in the vertical plane, the amount
of light passing over the electrode surface could be
varied.. Lateral adjuétment of the cell position.ensured

that light passed only over the surface of the electrode.
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3.2 Study of Copper Solutions

The experimental technique used in most of these
experiments is set out below.

1. The function generator was set to gi;e the required
potential difference (20 V) when switched on.

2. A 5 ml aliquot of the solution was placed in the cell
and deaerated with 'white spot' nitrogen for two minutes.

3. The required wavelength was set on the monochromator.

4. The 0% absorption and 100% absorption readings on the
chart recorder were set.

5. The chart recorder was started and the potential
difference was applied. The absorption was recorded
until a maximum was reached.

6. The solution was removed from the cell by suction.

7. With the suction still applied, a potential of 5 V
was applied so that the electrode in the light path
became the énode, the cell was then washed through with
background electrolyte solution and rinsed with
distillea water, This method of cleaning the working
electrode of any metal plated onto it during the
electrolysis by anodic stripping was preferred to that
of washing with concentrated nitric acid used
previously as nitrate has.a strong absorption band
centg¢red at 203 nm (€ = 104 1 mole_1cm_1) and traces
of acid left in the cell produced spurious signals,

8. The procedure was repeated as required.
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3.,2.1 Variation of Absorbance with Vavelength

Using the method outlined above the variation of
absorbance with wavelength was studied, i.e. the concentration
of the solution in step 2 was kept the same but the
wavelength setting in step 3 was altered each time,
The spectrum obtained wifh a 30 ppm Cu2+ solution in
O«1 M KC1 is shown in Figure 3.3 and it can be seen that

it is essentially similar to that obtained in the preliminary

experiments (see Figure 2.5),

140 280 320 32:0 400

\A/qw.lensﬂl nm

Figure 3.3 Absorption Spectrum for 30 ppm Copper

It is thus concluded that the same effect is being
produced and monitored with this apparatus as in the

preliminary experiments.
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3,2,2 Variation of Absorbance with Distance from the

Electrode Surface

Starting with the working electronde raised into the
light beam as far as possibie consistent with éettings of
0% absorption and 100% absorption being obtainable on the
chart recorder, the absorption obtained on applying a
potential difference of 2+0 ¥ between the electrodes
was found for a given concéntration of copper (20 ppm in
01 M KNOB)‘at a fixed wavelength (270 nm). The height
of the light beam above the electrode surface was increased
by lowering the electrode out of the light beém. The
absorption was measured for successive new positions of
the electrode.

The results of the experiment are shoaninTTableTBﬁi
and the variation of absorption with time for certain
positions of the electrode is shown in Figure 3.4.

As the eléctrode is raised into the light path, the
e.h.t. supply'to the photomultiplier tube had to be
increased so that a reading of 0% absorption could be
obtained on the chart recorder before the potential
difference was applied, At e.h.t. values greater than
12 kV, the signal recorded was noisy and also because
of stray light entering the monochromator, a value of
100% absorption was not obtained when the light beam was
interrupted by an opaque material, It was found preferabie

to keep the e.h.t. supply fixed at approximately 1 kV and

to change the gain of the system using the voltage range
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Table 3.1 Absorbance as a Function of Distance from the

Electrode Surface

Vertical scale % absorption Time before first abs.
reading. mm observed., sec

26-1 620 0

26+0 631 0

25+9 610 0

257 524 0

25+6 41-9 0

25+5 351 0

25+3 322 7

25+1 301 11

25+0 32-0 22

24+5 130 38

240 60

235 74

23-0 88

With the last three positions of the electrode no maximum
absorption was recorded.

6o |

o Sor
/o ﬂstrh'm
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30 1

261
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Figure 3.4 Absorption-Time Curves
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controls on the chart reconrder.

From the results it can be seen that the effect is
only detectable within.approximately 2+5 mm ofAthe cathode
surface, Also because of the delay in the start of the
absorption, which occurs when the light beam passes above
the électrode surface, it would seem that the absorbing
species is being produced at the cathode surface and then
diffusing out into the solution and is not arriving in the
light path by some tfansport process from the bulk

solution.

3.3 Study of Other Elements: Cadmium, Silver and Mercury

After scme initial difficulfy, absorption signals
were obtained for solutions of cadmium in a beckground
electrolyte of O<1 M KCl. The absorption spectrum obtained
was similar to that obtained with the copper solutions, with
a maximum at 250 nm. A plot of absorbance against
concentration wés linear over the range 0-25 ppm.

With silver solutions, a decrease in absorption was
recorded on applying a potential difference, but the
absorbance did not vary with wavelength and remained at
approximately 0<2 over the range 220-550 nm for a 50 ppm
solution and a potential difference of 2:0 V, This change
in absorption waé attributed to scatter.

No change in absorption was cbserved when a potential
difference was applied‘using golutions of mercuric ions,.

A large range of wavelengths was tried and three background
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electrolytes were used, potassium sulphate, chloride and

nitrate, without success,

3.4 Study of Chloride, Bromide and Iodide Solutions

With only O0+*1 M potassium chloride background
electrolyte in the cell, it was found that large absorption
signals were observed when the electrode in the light path
waé made the anode i.e. was positively charged with
respect to the other electrode so that oxidation reactiohs
would occur in the light path. The absorption was
observed at potential differences greater than 1:0 V and
covered the wavelength range 220-380 nm with a maximum
at 300 nm (see Figure 3.5). In addition, if, after the
absorbance observed during oxidation had been recorded,
the polarity of the eiectrodes was reversed so that the
electrode in the light path became the cathode, a second
absorbance peak was observed having a similar spectral
distribution aé the first peak. However, as has been
reported earlier, no absorbance was observed if the
electrode in the light path was made the cathode first.
Solutions of potassium bromide and potassium iodide were
also investigated and foﬁnd to give strong absorption
signals at potential differences greater than 07 V and
05 V respectively when the electrode in the light path
was made the anode. No absorption was observed when the
polarity was reversed (unlike the potassium chloride

solutions). The spectral distributions are shown in
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Figure 3.5,
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Figure 3.5 Absorption Spectra Obtained on Oxidizing
a, KC1, b, KBr., ¢, XI Solutions

WVhen the potential difference was switched on, a green-
brown coating formed on the electrode in the light path
in the case of bromide and a brownish coating was
observed in the case of iodide. No coating was seen on
the electrode in the case of chloride. By comparing the
spectra obtained with those of a hypochlorite solution,

a solution of bromine in water and a solution of iodine



-49-

in water, it was deduced that the absorbance was due to
the formation of chlorine, bromine and iodine respectively
on the electrode surface, The absorbance observed on
reversing the polarity in the case of chloride.is explained
by the reduction of hypochlorite formed by the hydrolysis
of chlorine., Bromine and iodine do not hydrolyse to the
saﬁe extent (56). The proposed reaction scheme is as
follows. |
1. 2C1"——= C1, + 2e"

oxidation of chloride to chlorine
2, Cl, + Hy,0 —s H' + C17 + HOCL

disproportionation to chloride and hypochlorous acid
3, 2HOC1 + 2e”—s» C1l, + 20H"

reduction of hypochlorous acid to chlorine

In addition it appears that the solution is not basic
in the vicinity of the electrode as bromine dissolves
fairly rapidly to give bromate and iodine dissolves
extremely rapidly to give iodate quantitatively (56). The
spectra recordgd do not resemble those of bromate or iodate.

When the concentration of halide was reduced to 50 ppm
and the solutions made up in 0+05 ¥ potassium sulphate,
no absorbance was detected for chloride or iodide but
with bromide an absorbance of 0-04 was obtained at 270 nm

with a potential difference of 2-0 V,
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3.5 Problems in the Study of Iron Solutions

The main difficulty with ferrous iren solutions was
the prevention of oxidation to ferric iron by dissolved
atmespheric oxygen followed by hydrolysis to give ferric
hydroxide or hydrous ferric oxide. All solutions were
deoxygenated with nitrogen and kept under a nitrogen
blanket. With ferric solutions the pH had to be low
(about 3) to avoid hydrolysis and precipitation of ferric
hydroxide, This increase in the concentration of hydrogen
ions meant that hydrogen was more easily discharged and
consequently the potential range accessible was reduced.

It was found that absorption signals could be obtained
from both ferrous and ferric solutions. The absorption
showed the same sort of variation with wavelength and
concentration as had been observed with copper and cadmium
However, it was noted with the ferric sclutions which
were made up in O+1 M kC1l as background electrolyte, that
af potential differences less than.1-4 V an increase in
the transmission of the solution was observed when the
potential was first applied. As the solutions were acid
and contained a large excess of chloride, it was thought
that the iron might be complexed predominantly as an |
anionic species such as FeClZ and thus when a2 negative
charge was applied to the electrode in the light path, such
a negatively charged species would be repslled., In order
to see whether there was any relation between the absorption

spectrum of the species being removed from the light path
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(thus causing an increase in transmission) and the species

existing in an acid solution of ferric ions in the

presence of excess chloride, the absorption of the ferric

solution was obtained using a Perkin Elmer model 402

recordiﬁg instrument and using the experimental apraratus.

As the experimental apparatus is only single beam and the

cell is essentially fixed in the light path, the method of

recording the spectrum was as follows. |

1. The clean cell was filled with distilled water,

2. The voltage range on the chart recorder was fixed,

3. The wavelength was set at the reguired value.

4, The e.h.t. to the photomultiplier tube was varied until
100% transmission was obtained on the chart recorder.
This value of the e,h.t. was noted.

5. Steps 3 and 4 were repeated until the desired wavelength
range was covered.

6. The distilled water was replaced by the ferric solution

7. The wavelength was set to the required value and the
e.h.t. value noted in step 4 set.

8. The absorption was recorded.

9. Steps 7 and 8 were repeated until the desired spectral
range had heen covered,

The spectrum recorded in this manner and that recorded

on the Perkin Elmer model 402 are shown in Figure 3.6,

As there was a discrepancy between these two spectra, the

spectrum of a dilute potassium permanganate solution was

obtained on each instrument and compared. The spectra
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are shown in Figure 3.7. From these two sets of spectra,
it was apparent that below 280 nm incorrect absorption
values were being obtained, possibly because no light of

these wavelengths was being emitted by the scurce.

3.6 NModification of Apparatus

" The light source was changed for a hy&rogen lamp and
tungsten filament lamp (Unicam SP 500 lamp supply). Both
lamps were mounted in a single housing containing a movable
concave mirror, so that light from either lamp could be
directed along the optical path. The tungsten filament
lamp was run from the regulated power supply that had been
previously used to run the quartz halogen lamp, and the
hydrogen lamp was run from a Unicam 220 watt power supply.
The spectrum'of a dilute acetone solution obtained using the
quatrz halogen lamp, the hydrogen lamp and the Perkin Elmer
402 are shown in Figure 3.8, from which it can be seen that
the spectrum obtained with the hydrogen lamp agrees with that
obtained on the Perkin Elmer 402,

The Hewlett Packard function generator was changed for
a Chemtrix type 804 potentiostatic waveform source., This
had the advantages over the Hewlett Packard component of
1) having the facility to incorporate a third, reference
electrode into the circuit, 2) having a single-shot
facility as well as a repetitive mode of operation and
3) having a built-in voltmeter/milleammeter. A centre-

zero voltmeter was connected across the electrndes. The
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modified apparatus is shown schematically in Figure 3.9
and was used with ohly one minor alteration (change of”the
hydrogen lamp for a deuterium lamp) for the rest of the
experimental work. A calomel reference electrode was
included for some of the current-voltage studies involving

cadmium described later (see Chapter 6).
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4, SYSTEVATIC STUDY OF LETAL ION SOLUTIONS

4.1 ' Introduction

Having resclved the problems associated with the
apparatus, attention was turned to the study of the
absorption phenomenon itself, It was decided that the best
approach to the problem would be to study the effect on
the absorption signal of varying the relevant parameters
in turn while keeping the others fixed. In the preliminary
experiments some of these parameters havsz already been
mentioned in connection with copper (see Section 2.3) and
it seems likely that the parameters involved are:-

1. nature of the metal ion
. nature of the background electrolyte
. dissolved‘oxygen content

. PH of the solution

potential difference

2
3
4
5. wavelength
6
T concentratioh of reducible species
8

. distance above the electrode surface and

0

. nature of the electrode surface.

As it is desired to study the possible analyticall
applications of the phenomenon, the approzch chosen was
to change the metal ion and study the eifect of varying

wavelength, potential difference and coacentraticn on

I

any absorption signal cbtained, The meihcd used was to

prepare a dilute solution of the metal isn (about 20 ppm)
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in an inert background electrolyte, and by a series of
trial experiments to find a wavelength at which absorption
signals could be obtained. At this wavelength, the
Pretreatment and voltage conditions necessary to obtain
reproducible signals were found and under thesevconditioné,
the variation of absorbance with wavelength was obtained.
At the absorbance maximum, the variation of absorbance
with voltage and with concentration of the metal ion were

investigated.

4.2 Prepération of Solutions

Stock metal ion solutions containing 1% (10,000 ppm)
of the metal were prepared by dissolving the appropriate
amount.of the AnalaR grade salt in 1C0 ml of distilled
water, Usually the chloride or sulphate was used. The
soclutions were stored in polythene bottles except silver,
which was stored in 2 brown glass bottle, and ferrous iron,
which was stcred under a nitrogen blanket in a volumetric
flask., Stock 1 M potassium chloride and 03 M potassium
sulphate were prepared by dissclving the appropriate
améunt of the AnalaR grade salt in 1 litre of distilled
water, Metal ion solutions (100 ppm) were prepared by
diluting 1 ml of the stock sclutions to 100 ml with
distilled water and a further dilution was made to give the
required working solutions., The appropriate amount of
background electrolyte was added, so that on finally

making up to the mark, the sclution was 0+1 ¥ with
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respect to potassium chloride or 0+03 ¥ with respect to
potassium sulphate. These two solutions have the same
ionic strength. The 100 ppm metal ion solutions were made
up every two to three days and the more dilute solutions

vere made up every day.

4.3 Copper

The absorption spectrum at 2¢0 V of a 10 ppm solution
in O-1 M KCl was obtained. As the absorption maximum
appeared to be stable for a considerable time! the method
used was similar to that described in Section 3.5. The
variation of absorbance with potential difference was
obtained at 235 nm for a 10 ppm solution in 0:03 ¥ k,50,
and also the variation of absorbance with concentration.
The results are shown in Figure 4.1. It can be seen from
the Figure that there is a marked difference between the
absorption spectrum obtained with the hydrogen lamp and'
that obtained with the quartz halogen lamp (which was
similar to that obtained in the preliminary experiments
using a copper hollow cathode lamp). It has been shown
that the quartz halogen lamp had very little uv component
and it seems possible that a similar effect was also

obtained with the Varian Techtron instrument,

4,4 Cadmium
The absorption spectrum for 10 ppm cadmium in both
O+1 ¥ KC1 and 0+03 M KZSUA background electrolyte

solutions were recorded and are shown in Figure 4.2,
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The variation of absorbance with concentration in O0+1 Nk KC1

solutions is also shown in the Figure.
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4.5 Nercury
As bgfore (Section 3.3) no inrease in absorption was
detected on applying a potential difference. However, at
a potential difference of 08 V a decrease in absorption
was observed., A comparison between the spectral distribution
of this decrease and the absorption spectrum of the mercury

solution in 0+03 NV ¥ ,S0

2574
suggested that the decrease could be due to a migration of

with respect to 0:03 K KZSOA

mercury species out of the light path when the potential
difference was applied. As mercury has a more positive
stendard electrode potential than copper (0¢85 V and 0:337 V
respectively), it would be expected that mercuric ions

would be easier to reduce than cupric ions and thus under
potential conditions at which copper is reduced, mercury
would also be reduced. It is concluded that in the
reduction of mercuric ions at a platinum electrode

absorbing species analogous to those obtained with copper

and cadmium. are not formed.

4,6 Iron

The main problem associated with ferric iron solutions
has already been outlined in Section 3.5 1i.e. hydrolysis.
As the stock solution was made up in hydrochloric acid,
dilution produced an increase in pH and it appeared that,
in O0+1 I KC1, solutions containing 40 ppm or more iron |
were stable with respect to hydrolysis, The pi of a 40 ppm

solution was calculated to be 3:0, The variation of
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absorbance with wavelength and absorbance with concentration

(at 255 nm) was obtained.

The results are shown in Figure 4.3
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Attempts to produce absorption signals from solutions in
which the pH was controlled by the addition of a bﬁffer
were not successful, A pH 2-4 buffer made from potassium
hydrogen phthalate and hydrochloric acid produced a green
precipitate when added to ferric solutions and a pH 2+6
buffer made from disodium hydrogen orthophosphate and
citric acid produced a green cclouration on adding to the
iron éolutions. With the latter, no change in absorbance
was observed on applying a potential difference that was
not due to the evolution of hydrogen. These results are
interpreted as being due to complex formationwbetween the
~iron and the corganic component of the buffer solutions.

The results obtained for ferrous iron before the final
modification of the apparatus are also shown in Figure 4.3,
It should be borne in mind that the absorption values
below 270 nm do not have much significance and the absorption
maximum at around 270 nm is most likely an instrumental

artifact,.

4,7 . _Lead

2+ a5 lead acetate in dilute

A stock solution of 1% Pb
acetic acid was used. The variation of absorbance with
wavelength for a 20 ppm solution in 01 M KCl at a
potential difference of 2.0 V is shown in Figure 4.4. At
this point problems were encountered with the electrode

assembly and it was eventually found that one of the

platinunm wires had fractured just below the electrode
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and only intermittent contact was being made. After this
had been repaired the sensitivity was reduced and zlthough
the absorption spectrum obtained was the same, the magnitude
of the absorbance was reduced. The variation of absorbance
with concentration at 270 nm and a potential difference

of 1+9 V is also shown in Figure 4.4.
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Although the agreement between replicates was poor,
giving a wide range of absorbance values for certain
solutions, there was no doubt that increasing the concentration
of 1ead increased the magnitude of the absorbance,
Certainly, an analytical working curve based on these
results would be of little use. However, as the purpose
of the study was to investigate a number of metal ions,
it was considered more important to proceed to the study
of another metal than to try to improve the precision for

lead,

4.8 | _4inc_

No difficulty was found in obtaining absorption signals
from a solution containing 20 ppm zinc. Both potassium
chloride and sulphate were used as background electrolytes
and it was found that sulphate gave the more reproducible
signals. The variation of absorbance with voltage for a
5 ppm solution of zinc in 0:03 M K2804 is shown in Figure
4.5a, with chloride as background electrolyte, the
variation was essentially similar, bdbut the sharp increase
in the absorbance due to the evolution of hydrogen
occurred at a smaller pntential difference. The variation
of absorbance with wavelength for a 10 ppm solution in

003 M X 804 at a potential difference of 1+4 V is shown

2
in Figure 4.5b, and finally, the variation of absorbance
with concentration is shown in Figure 4.5c. The potential

difference was 1+4 V and the wavelength was set at 207 nm,
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The cleaning step in the electrode pretreatmént
meant that the working electrode was in an oxidized state
before the signals were obtaiﬁed. 1f the pretreatment
included a reducing step after the ancdic stripping
cleaning stage, then much smaller signals were obtained
at the same potential differeﬁce. If, however, the
potential difference was increased to 2:0 V, then signals
of a similer magnitude were obtained. The effect of the
electrode pretreatment on the signals will be ‘dealt with

later (Section 4.14)

4.9 | Tin

No absorption signals could be obtained from stannous
solutions., A variety of concentrations, wavelengths and
pretreatmentvconditions were tried., Bcth potassium
chloride and potassium sulphafe were used as background
electrolytés but the only increase in absorption

observed was due to evolution of hydrogen from the cathode,

4,10 Cobalt

Prom a preliminary study, absorption signals from a
10 ppm cobalt solution in 0-03 ¥ K2804 were found to
have maximum values at 207 and 225 nm. The potential
difference used was 14 V, The variation of absorbance
with voltage for a io'ppm solution in 003 M K2804 at
225 nm is shown in Figure 4.6a, The variation of absérbance

with wavelength at a potential difference of 2:0 V is
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shown in Figure 4.6b and the analytical growth curve

at 2:0 V and 210 nm in potassium sulphate solutions is

shown in Figure 4.6c.
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The backgrcund electrblyte was changed for C+1 M potassium

chloride and the variation of absorbance with potential

difference, wavelength and

shown in Pigure 4.7.
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The similarity between the results shown here and in
Figﬁre 4.6 suggest that there is no difference between
the species generated in the presence of sulphate and
that generated in the presence of chloride.

4.11 Nickel

The variation of absorbance with wavelength is shown
in Figure 4.8, A potential difference of 2:0 V was applied
to a2 10 ppm solution in 0+0% M potassium sulphate. The
absorbance bbtained from a blank solution (i.e. 0-03 M
potassium sulbhate only) is also shown. The variation of
absorbance with voltage for nickel solutions and blank
solutions at 198 nm (the absorbance maximum without
correction for blank values) and 207 nm (the absorbance

maximum corrected for blank values) is shown in Pigure 4.9,

a b

N _ 61
lOr " sz’
sl N 0031 K,504 |
it 2.0V K
'- \ fogorbance
.4t \ ‘ 4 F
. L\* i —= kool s, 4
Sofdance i: { \. - blank fbs, LA
3 b ! \ 3t + 10 g‘.‘)m Nt
!,l ! \_\ —  difference \’_ 0-03M ;S04
. |s H V 2} \ 2-2N
b fi N reduckive pretreatment
D I i + r
.1 b ? “‘ X e At / \
\. \4’
.. . ¥ S,
180 2;0 720 240  Z60 180 130 200  2z0 240 260 280

\.\/w«zLey\jm, m ‘J\/o.vauv\ﬂm nm

FPigure 4.8 Nickel Absorption Spectra, a, oxidative

pretreatment b, reductive pretreatment



-71-

8t 20 rrm N 2" 208am 2t 10 rf’m N2 198 am
oxidised =lectrode y oxidiscd electrode
| //// 8
4'\_’\*
'6 R .é L
-f/‘f\* ’/
5T ST A - -*
Rbs. Abs THeooot
-4} + 4
3 3
—_ N
7 L , ~-=-- K,504
b Py K;$04 /+  aF ’,+"/
/+—————+/* . PR
—F - g7
og Jo tz 4 16 38 20 22 ‘ o to Fz 14 16 g 20 22
Potential Difference V Potential Differeace V
i 2+ 17
lojfxm Nt 208am 0-03M H,S04 198 am
6 reduced 2lechode 6 reduced  electvede
s * -5t
Rbs Abs
el 4
} /"’/* 3 ‘ /’
. + i
‘1t / 2T +/+\+ ¥
+ LA
r i, S04 T -.,._,-—+/
e —— '
0-% 1-0 -2 -4 1-6 Iy 20 -2 08 1-0 l-‘l l:‘l' I‘-G Il-? 2t0 ‘242.
Potemtial ?D;He«ence v Potential Diffevence Vv

Figure 4.9 Nickel. Effect of Pretreatment and Wavelength
on the Variation of Absorbance with
Potential Difference



-T2~

The effect of pretreating the electrode a2t different
potentials is also shown. It can 5e seen that the best
results are obtained with an anodic pretreatment of the
working electrode and a wavelength of 208 nm. The

- absorbance spectrum cbtained using the maximum potential
difference without the evolution of hydrogen (2°2 V) is
shown in Figure 4.8,

The effect of the nature of the potential difference
applied was studied for a 20 ppm nickel solution in 0:03 M
potassium sulphate, For most of the metals studied so far,
a simple step function had heen used, i.e. the potential
difference was stepped from zero to the preset required
value and maintained until a maxiﬁum in the absorbance
signal had been recorded. In this study the repetifive
mode of operation of the waveform source was used and both
positive and negative potentials were applied, i.e. the
electrode in the light path was made the anode and the cathode
alternately, For simplicity of representation, a minus
gign will be used when the electrode in the light path
was negative with respect to the other (and thus the
cathode) and a plus sign will be used vhen the electrode‘
was positive with respect to the other (i.e. was the anode).
Thus, for example, a potential difference of -1+6, +1:0 V
with 30 sec pulses means that a potential difference of
1+6 V wag applied so that the electrode in the light beam
was the cathode for 30 seconds, then a potential

difference of 1.0 V was applied so that this electrode
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was the ancde for 30 seconds. The process would then be
repeated. The results for a variety of waveforms are given
in Table 4.1, The figures quoted in the results column

are percentage absorption.

Table 4.1 Repetitive Potential Functions

Amplitude V Pulse Iength ' Results
sec
~1+6, 00 30 max at 68%, decays with a
number of smaller max to
Zero -
-1+6, 0+0 16 smooth increase to 71%,

decay in series of steps

~1+6, 0-0 47 smooth increase to max at
' 73%, decay in series of
savtooth peaks

-1+6, 0+0 345 identical to previous run
max at 73%

-1+6, 0-0 05 smooth curve with max at
T1%

-1+6, 0-0 0-05 broader peak, max at 67%
voltmeter shows -0-9 V

-1+6, 0+0 0-005 max at 8% '

~-0+9 held till max max at 5%

-1+6,+1+6 50 first peak largest at 70%

-1:6,+1+6 32 series of pesks, second

one largest at 74%,
subsequent ones decreased

~16,+1+6 17 second peak largest at T70%
subsequent ones steady at
67%

-1+-6,+1+6 9 rapid increase to 70%,

more gradual increase to
84%, no max

—1+6,+1+6 5 levels off at 70%, then
increases
—1+6,+1:6 0:05 levels off at 74%

16,4146 0+005 levels off at 33%
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Table 4.1 continued

Amplitude V Pulse ILength Results
sec

-1+6, +0+5 5 max at 79%, no reversal of
signal on ascending side

-1+6, +0+6 5 max at 74%

=16, +0+8 5 max at 77%, decreased to
66%, then increased

. steadily

-1+6, +1+0 5 max at 75%, decreased to

73% then increased
" steadily, reversal of

signal obtained on
ascending_side

-16, +1-2 5 max at 74%, decreased to
68% then levelled off at
13%

-1+6, +1.5 5 levelled off at 78%

-1+6, +2:0 5 levelled off at T77%

=16, +2+0 05 smooth increase to
plateau at 82%

-2:0, +1+0 5 max at 77% decreased to
69%

=20, +1+0 0+5 max at 72% decreased to
64%

~-2+0, +1+6 5 broad peak with max at 83%

=20, +2-0 5 levelled off at 77%

" Blank solutions were also run and it was found that

large signals were produced at -1+6, +2-0 V with 05 sec

pulses and also at -1¢6, +1+6 V with a reductive pretreatment

of the electrode.

Vith an oxidative pretreatment of the -

electrode, values of about 20% absorption were recorded,

These values were comparable to those obtained with a
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steady potential of -1+6 V.,

From the Table it is seen that the absorption signals
were obtained with a pulse length as short as 0<05 sec
(i.e. the frequency of the oscillation was 10 Hz)., When
a symﬁetric'alternating potential was applied (-1+6, +1+6 V),
fhe net result was not zero absorbance, but the production
of the absorption signal in the usual manner, except that
as the frequency of the oscillation increased, the curve
tended to level off instead of passing through a maximum.
On the ascending side of the absorption curve, the reversal
of polarity did not cause a reversal in absor;tion until
the positive potential was +1:0 V, even at -1:6, +2°0 V
the reversal of the absorption was not complete and the
signal built up. This shows that the change in absorbance
was not due to the movement of ions under the action of
the electric field; if it were, the net effect of an
alternating potential would be zero absorption. It can
also be seen that to maintain the maximum absorption at
a plateau, the alternating potential must have a positive
excursion of at least 1+0 V and a frequency in excess of
O0+1 Hz,

The absorpfidn épectrum of a 1% n;ckel solution is
shown in Figure'4£10.' If the absorption at 208 nm were

due to migration of Ni2+ species into the light path, then
-a corresponding increase should have been obhserved at |
405 nm. The results obtained at the two wavelengths

are shown in Table 4.2,
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Table 4.2 Absorption Signal from 20 ppm Ni2' at Cathode

Vavelength nm Absorbance
208 . 0+46
405 0-03
420 0-03
370 0-03
300 » 004
If the absorption were due to Niga, then an absorbance

of 0-18 should have been obtained at 405 nm., Furthermore,
in about 10 sec the concentration in the light path would
have to have increased by approximately 100 times to

account for the magnitude of the signal on the basis of the

2+

rather weak abscrption of Niaq‘
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4,12 Manganese

A stock solution of manganess was prepared by
- dissolving the appropriate amount of Mn012.4H29 in
distilled water. A 20 ppm solution in 0-03 ¥ potassium
sulphate was used as a test solution. It was found that
absorption occurréd when the werking electrode was the
anode as well as the cathode. .During the anodic part of
the cycle, the electrode was seen to be coated with a red
layer. ©No coloured deposit was observed during the
cathodic part of the cycle. No difference in precision
was observed between potassium chloride and potassium
sulphate as background electrolytes. It was found that 7
larger and more reproducidble signals were obtained with
a reduced electrode surfece, whereas for most of the metals
already described, better signals were obtained with an
oxidized surface. Accordingly, the cleaning and
fretreatment rrocedure used was to wash the electrodes
while a potential difference of +5:0 V was applied with
0:C3 M potassium sulphate and then to repeat the process
with a peotential difference of -5-0 V, After rinsing
with distilled water, the electrodes were ready for use.
The variation of absorbhance with wavelength, potential
difference and concentration is shown in Figure 4.11, It
can be seen that the plateau region on the absorbance- ‘
potential difference curve is poorly defined and it would
appear that manganese represents the limit, in terms of

reduction potential, that can be reached in the aqueous
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solutions employed here. The standard electrade potentiél
for the couple Mn2+/Kn is -1-18 V, the most negative wvalue
of all the metals that have been studied so far,.

¥ith manganese as permanganate (i.e. Mn VII), a
somewhat erratic increase in absorbance was obtained when
a poténtial difference of -1+3 V was applied. A&t wavelengths
between 200 and 300 nm, a rapid decrease in absorbance
was observed vhen the potential was first applied. This
vas interpreted as movement of the stronély absorbing
FnOZ ions during the double layer charging stage. During
the eléctrolysis the electrode became coated with a brown
layer, which was thought to be manganese dioxide. No

well defined absorption signals could be obtained.

4,13 Chromium .

A stock solution of Cr3+

was prepared from Cr013.6H20.
The ;ignals were recorded at a potential difference of
1+8 V with an oxidative electrode pretreatment. The
application of a positive potential to the electrode in
 the light path resulted in an increase in absorbance
which meant that as signals were being produced on
oxidation, an alternating pctential difference (as in the
case of nickel, Section 4.11) could not be used. The
~variztion of absorbance with potential difference is shown
in Pigure 4.12. The variation with wavelength for a

10 ppm solution in 003 ¥ potassium sulphate as

background electrolyte is also shown in Figure 4,12, 1In
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plotting the analytical growth curve, potential differences
of 1+4 and 1.8 V were used. However at both these
potentials, the precision was‘poor, and it was found
difficult to improve this for solutions containing less

than 5 ppm chromium. The variation of absorbance with

concentration is also shown in Figure 4,12,

4.14 Blank Signals and the Effect of Electrode Pretreatment

It is well known that a platinum electrode is not
electrochemically inert (57) and various potential regions
corresponding to hydrogen adsorption, oxygen adsorption
or oxide formation can be identified (58). It is apparent
that the conditions employed here to clean the electrode
leave the surface co#ered with a 1éyer of adsorbed oxygeh
and platinum oxide., The effect of the pretreatment of
the electrode on the absorptidn signals for zinc is

shown in Table 4.3,

Table 4.3 Effect of Pretreatment on Zinc Signals

Vavelength Pretreatment Solution |Absorbance
nnm Cycle V at =14 Vv
205 2.0 20 pprm Zn 0025
205 3.0 20 ppm Zn 0-029
205 £3.5 20 ppm “n 0029
205 t4-:0 20 ppm “n G141
205 +4+0 20 ppm in >1
205 +5+0 20 ppm In >1
205 +5-0 10 prm “n 078
205 +5+0 blank 0+14
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The sharp increase in absorbance that is obtained
when the pretreatment does not include a reducing stage
can be clearly seen from the Table., The effect of the
pretreatment on the absorption produced from the background
electrolyte alone (in this case O+<1 ¥ potassium chloride)

at 200 nm is shown in Table 4.4.

Table 4,4 Effect of Pretreatment on Blank Signals

Pretreatment Lbsorbance-
Cycle V at ~1-4 V -
0.0 0019
+10 0+036
+2+:0 0:053
+30 0-080
+4+0 0-152
+5.0 ' V=167
+5-0, -0-5 0+165
+5+0, =1-0 0-104
+5+0, =1+5 0-035
+5+0, ~2+0 0-028

It can be seen from the Table that the absorbance
increased with increasing anodic potential (and presumably
increaéing oxide covering) and decreased as the cathodic
potential was increased for a given anodic potential.

The absorption spectra for the blank sonlutions are shown
in Figure 4.13, The effect of deéeration of the solution
with 'white-spot' nitrogen is also shewa. |

Most of the other metals studied showed an effect
similar to that of zinc i.e. an oxidised electrode surface

gave rise to larger signals than a reduced surface, though
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the blank values were also 1arger. This effect is_shoWn
for cobalt in Figure 4.14, A 10 ppm solution was
electrolysed at -1+7 V and after the signal decayed, the
potential difference was switched off and then on again.
An absorption signal of the same magnitude as the initial
signal was only obtained after an anodic potential had
been applied to the electrode.

With zinc, signals of similar magnitude to those
produced after an oxidising pretreatment were obtained
with a reduced elecfrode surface by applying_g larger
potential difference. The spectral distribution of this
absorption is shown in Figure 4.15., From a comparison
with Figure 4.5-(oxidised pretreatment and potential
differencé of -1+4 V), it is seen that the species generated
in each case is the same, indicating that the state of
:the electrode surface does not appreciably affect the nature

of the species.produced.
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Figure 4.15 Zinc. Variation of Absorbance with Wavelength,
Reduced Pretreatment
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4,15 Summary of Results

The absorption'spectra of the nine metal ions that
gave an absorption signal at the cathode during electrolysis
are shown in Figure 4.16. The spectra were all obtained
,with 10 ppm solutions apart from ferrous iron, for which
a 5 ppm solution was used. The other results are summarized

in Table 4.5.

Table 4.5 Summary of Results /
Metal Ion Plateau Eo v Abs, Max,| Sens. AA line
Region V nnm ppm nm
cu* 146=2+0 +0+337 235 0-10 | 2266
ca?t 2.0 used | =-0+403 215 0+09 228+8
Fet | 2.0 used | -0-440 270 0:07 248+3
Feot 1.8 used | -0-040 270, 364 | 0-09 | 248-3
in2* 0:9-1-8 ~0+736 | 207 0-08 2139
pp2* 2.0 used | -0-126 270 0+35 28%.3
crot 104-1:8 ~0+740 215 0:05 35749
N1t 146-2:0 ~0+250 208 016 232+0
m2t | 1:9-2.0 -1+180 210 0-08 210+9
ot 1:4-2:0 ~0-227 210 0+11 240+7

The sensitivifies are the concentrations in ppm that
Awould give 1% absorption. It can be seen that although
the absorption spectra are similar, they are not identical
and the variation of absorbance with potential difference
suggests that the absorption is characteristic of the metél

ion, and arises from a species containing the metal produced in
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the electrolysis. Incidentally, no absorption signals
could be obtained from solutions of magnesium (E° -2.37 V )
or aluminium (E° -1+66 V) at the potential differences
accessible in the aqueous solutions used. 1t appears

that the process involves a reaction at the electrode,

as the results with the nickel solutions (Section 4+11)
strongly suggest that the movement of ions under the action
of the electric field is not responsible for the change in
absorption observed., The wavelength of an atomic line

used in conventional AAS is shown for each elgment in

Table 4.5. It can be seen that there is possibly a weak
correlation between this value and the value for the
absorption maximum of the speciés obtained at the electrode
surface, It is also apparent that the nature of the
electrode surface somehow affects the absorption signal.

In this Chapter, the ébsorption phenomenon has been
studied from the point of view of variation of the
reducible metal ion and the study of how the absorbance
varies with potential difference, wavelength and concentration
0of the métal. For some metals the effect of the nature of
the pretreatment of the working electrode and of an
alternating potential difference have also been studied.
However, at the beginning of this Chapter, a number of
other parameters were also mentioned as possibly having
an effect on the absorption signal, These will be

discussed in Chapter 6.
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5. THEORETICAL CONSIDERATIONS

A considerable amount of experimental results have
been compiled for the absorption signals produced during
the electrolysis of a number of dilute metal ion solutions.
In particular, the variation of the absorbance with
wavelength, potential difference, concentration and, in
certain cases, electrode pretreatment have been investigated.
If the natﬁre of the phenomenon is to be determined, it will
be of value to examine some relevant aspects of the

chemical theory.

5.1 Mechanism of Electrodeposition of NMetals

In a review of this title, Bockris and Damjanovic (59)
consider the subject under the two broad headings of
monolayer deposition and multilayer deposition. As the
amount of metal deposited in the experiments under
consideration here is probably of monolayer or sub-monolayer
amounts, only monolayer deposition will be discussed here.
They consider two general mechanisms on the basis of
energy considerations for the various steps involved,
namely 1, direct transfer of an ion from its fully hydrated
state in solution to a surface vacancy, or 'hole' site,
from which it migrates no further, or 2,transfer to a
surface plane followed by surface diffusion through the

adsorbed water layer to a growth site, accompanied by
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successive diminution in the number of water molecules in
the hydration shell.and successive increase in the number
of metal ions which co-ordinate the particle under
consideration. From a consideration of the resuits of a
number of other workers (60,61,62,63), the following
conclusions are réached.

1. Transfer occurs at planes, as direct transfer to growth
sites requires more energy to distort the ionic
hydration shell when the final state involves high
co-ordination by metal lattice ions, _

2. The transferred particle is an ‘adion’', i.e. an adsorbed
ion, not an 'adatom', because the energy of activation |
for transfer from a hydrated.ion in solution‘to an
uncharged species is too large to allow appreciable
transfer rates,

3. Electrons are transferred one at a time, as the activation
energy in a transfer reaction in which n electrons
take part is so much greater than that of a reaction
in which only one electron takes part.

4, At low current densities, surface diffusion is likely
to be the rate determining step, whereas at high
current densities, charge transfer will be rate
determining.

Their discussion which follows, based on the above
conclusions is mainly concefned with the kinetics of

the deposition process and it is difficult to obtain from

the discussion a chemical model of the processes involved
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in particular, as to what is happening on the solution

side of the electrode surface during deposition, Although

it would appear that there is no process occurring in the
reduction whereby a change in the absorbance iﬁ the experiments
described previously would be expected, there is very little

discussion of the mechanism of charge transfer.

5.2 Mechanism of Charge Transfer

The contributions to this aspect of electrochemistry
over the iast 40 years are comprehensively reviewed by
Natthews and Bockris (64)., The foundations oé present
ideas on charge transfer were laid down by Gurney (65)
over 40 years ago, in an attempt to rationalise results
obtained by Bowden (66) on hydrogen overpotential,
Gurney's theory, which involved the transfer of electrons
by quantum mechanical tunneling, was, however, 1arge1y
.ignored, and it was not until the 1960's that the quantum
mechanics of electrode processes were rediscovered (67).
The tunneling of electrons through potential barriers,
rather than surmounting them, is a consequence of the
quantum mechanical nature of the electron.

The probability of finding the electron at a given
place and time is given by the square of the probability
amplitude,Vy , whose variation with distance and time is
gi&en by the Schrodinger equation. When this is solved
for an electron in a uniform field, the probability

amplitude varies as e"lwt. From which it can further be



-91=-

deduced that ¥y varies as emil@t - kx) where W is the
angular frequency given in terms of the conventional
frequency,?v , by
W =2nv
and k, the wavenumber 6r propogation constant, is given by
k =2

A
By using Planck's equation,
E = hv
and de Broglie's relation

p=nh

—

where h is Planck's constant, p is the momentum, E is the
total energy and A is the wavelength,
then Yy varies as

exp -2rilEt - px)
h

E, the total energy, is the sum of the kinetic and potential.

energies, i.e.

E = Ek + Ep

= mv2 + B
5; P

= p + E
2m p

from which ¥ varies as

. 2
o 23 ) - 7]

If the case of a metal-vacuum interface is considered, for
which at x<O*(i.e. inside the metal) the potential energy
of the electron is V, and at x>0 (in the vacuum) the

* ket 2 o the dintan e jCom e vacuum- melid iMfﬂVf‘“L
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potential energy is V2. This situation is shown in the

diagram,

Rotenkal Enevgy
MeTAL 1 of Elechion VAcuUM

i V2
\{

ﬂnaa.:l'-'\l-l- x o . Fosi*ivc x

The total energy of the electron in the metal, E1, is

given by
5 _
E, = P14 v,
2m
and in the vacuum
2
2m
for a radiationless transition E1 = E?
. 2 2
2m 2m )

If the potential energy of the electron in the metal, p/2m,
is less than the height of the potential barrier, V2 - V1,

then

2
P2 ¢o
2m

and as 2 and m are both positive, it follows that pg is
negative, This result is clearly untenable on a classical
basis, from which it is concluded that no transfer of

electrons can take place., 1f, however, the argument is

continued on the basis of the probability of finding the
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electron outside the metal, a different result is obtained.
If pé is the real part of the electron momentum, then
P, = ip,. Substituting in Equation 5.1 gives

Y, varies as exp -2ri {[(ip’g)2 + Vg]t - iplzx}
h ——
2m

If only the space variation of 16 is considered, then

Y, varies as exp ~2npéx
h

and thus as the quantitiesrr, pb and h are all real, 7,
has a real dependence on x and thus there is a finite
probability of finding the electron at a distance x in

the vacuum of

z f
P =|Y,|= exp -4 pyX
h

If the barrier is made finite and quite small, and hy
having moleéular entities with possible energy states for
the electron equal to those which the electrons have in
the metal, then the condition for radiationless tunneling
can be fulfilled at a distance small enough forhﬁfto have
values large enough to account for the currents which are
observed to flow at electrodes at room temperatures., It

is known that electrons go over barriers (thermionic

emission)vat high temperatures.

5.2.1 The Hydrogen Evolution Reaction

The shape of the barrier can be obtained from a
consideration of how the energy changes as the electron

moves away from the metal, and how it changes as the
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electron moves away from a hydrogen ion (68). The former

2

of these is given by -e2/4x and the latter may be assumed

due to coulombic attraction given by e2/x2. The combination

of these two profiles is shown in Figure 5.1

Potential Ena
A OEC:‘leWv\ 39 ‘4

B ——
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distance {l«om metal —

Figure 5.1 Shape of the Potential Barrier

For electron tunneling to occur then
$ < E

where ¢ is the work function of the metal, i.e. the

R

energy required to bring an electron from infinity to the'
Fermi level in the metal and E, is the energy required
to bring an electron from infinity to a vacant acceptor
state in the hydrated proton near the metal. This
condition is shown in Pigure 5.2.
To find ¥ consider the reverse process in four stages,

1. The atom is removed from its interaction with the

metal, This involves the heat of adsorption, A.
2. The hydrogen atom reacts repulsively with the neighbouring

oxygen of the water, Lf the work done in overcomning
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Figure 5.2 Electron Tunneling Condition

the associated energy is R, then R + A givgs a free
atom,

3. This atom is now ionised to get an electron at infinity
and a proton. The energy involved is the ionization
energy, I,

4, The proton is returned to the solution, involving
solvation energy, L.

Thus,

ER= R+A+I+ 4L

snd the electron tunneling condition becomes

$ LR+ A+ 1L+ L
If a check on the comparative magnitudes of R, A, I,

L and < is made, then it is found that generally the

transfer condition is not obtained. The situation can

be improved by increasing the cathodic potential of the
metal with respect to the snlution., The energy of the

electron in the metal becomes ¢ + Fyf"and in the solution

becomes R + A + 1 + L + I'Yy® where Y is the outer potential
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of the given phase. At a charged electrode, the tunneling
condition becomes
o + FAY <« R+ A +T1+ 1L

If the tunneling condition is rewritten as

“-(R+A)¢ I+ L-¢ -TFAY
then the right hand side of the inequality gives the
energy of an electron in the metal and a hydrated proton
i.e. 8, + Ht—-HZO, and the left hand side gives the energy
of an adsorbed hydrogen atom and a water molecule i.e.
NM—H + HZO' These two energies vary as the proton
oscillates between the metal and the water molecule and as
the hydrogen atom oscillates between the metal and the
watér molecule respectively. The variation of the

appropriate energies is shown in Figure 5.3.
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Figure 5.3 Energy Profiles
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It can easily be seen that charge transfer cannot
occur to the hydrated proton in the ground state and
will not occur until the Hi——HZO bond has stretched so
that AE £ 0. Immediately after transfer occurs, the
relevént curve becomes the - (R + A) curve and the
repulsion of the water molecule and attraction of the metal
set in to make the hydrogen atom adsorb on the metal.
The model that emerges from this theory, which is
a combination of that given by Vatthews and Bockris (64)
and Bockris and Reddy (69), for the reduction of H30+ is
as follows.
1. The hydrated proton reaches the electrified interface
by conventional means of transport diffusion and
conduction.
2. The bond between the proton and the water molecule
stretches as the proton vibrates.
3, When the electron tunneling condition is achieved,
transfer of an electron occurs.
4. The hydrogen atom moves on to its final state i.e.
adsorption on the electrode surface,
Incidentally, it was Gurney's assumption that there
was no interaction between the atom and the metal that
led to the theory's rejection, as it was markedly discrepant

with the order of magnitude of the heat of activation

observed for some electrochemical reactions,
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5.2.2 O0ther Electrochemical Reactions

As pointed out.by Bockris and Natthews (68), there
exists no single unified theory of charge transfer from
electrodes in electrolyte solution. Parts of their
treatﬁent of the hydrogen evolution reaction are incorporated
in the model given here,

According to Bockris and Reddy (69), there is no reason
why the model for the hydrogen evolution reaction cannot
be applied to the reduction of a hydrated metal ion,

leading to the deposition of the metal on the electrode,

eg.

[Ag(Hzo)n]+ + ey —> M—Ag + nH0
The silver ion is enveloped in a solvation sheath of n
water molecules rather than one (as in the case of H3O+),
which is an added complication, though the tunneling
condition is achieved in a similar manner by the displacement
of the ion from the surrounding water molecules until
the electron energy is equal to the energy in the Fermi
level in the electrode, On the basis of this model,
electron transfer and dehydration occur simultaneously,
however, from the discussion in Section 5.1, it would
appear unlikely that the two processes do occur together,

The same sort of model applies to redox reactions of

the type

WH,0), + eg— K (H,0), + n-mH,0 + M
where both ions remain dissolved in the electrolyte, and

the interaction with the surface is much Jess than of, say,
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the proton discharge reaction. This type of reaction
has been discussed by Gerisher (67), who considers that
the M“ﬂ'(Hzo)n represent 'empty' terms and the Mz’(HZO)m
'full' terms, The position of the empty terms on the
energy scale is given by the work done in bringing an
electron from infinity into the electron state of the ion.
Each ion has a solvation sheath that is different on a time
average and which constantly fluctuates because of thermal
energy. Thus the energies of the two kinds of ion form
a distribution of energy states analogous to the distribution
of electrons in the metal. Klectron exchangewtakes place
in the immediate region of the Fermi level, indicating
that the solvation sheath of the ion favoured for electron
transfer has a structure between the most probable states
of the individual components. Transfer only occurs
when the ions have reached a favourable configuration.

The question still arises of what the various stages
are in the deposition of a doubly (or higher) charged

solvated metal ion.

5.2.3 Deposition of Doubly Charged Ions

Fost authors appear careful to avoid general discussion
of the mechanism of the deposition of doubly charged ions
and confine themselves to the specific cases of iron and
copper, on which most experimental work has been done,
However, if the various mocdels developed earlier are put

together, then a possible mechanism emerges,
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As the simultaneous transfer of more than one electron
is extremely unlikely, the first stage in the deposition
must be the tunneling of one electron to the ion in
solution to give a singly charged ion with a different
solvation sheath (Gerisher's theory) near the electrode
surface but in solution. This is then followed by
transfer of a second electron, which results in the
formation of a partially hydrated adion on the surface
of the electrode (Bockris and Damjanovic's theory). The
ion is transferred to a planar site and then undergoes
a two dimensional random walk process until the remaining
molecules of water in the solvation sheath are'gradually
replaced by co-ordinating metal ions. This process is

shown diagrampatically in Figure 5.4,

Figure 5.4 Initial Stages of Electrodeposition



-101-
The final step in the incorporating of the surface species
into the electrode metal lattice is the contribution
of an electron to the free electron 'flux' in the electrode.
An alternative mechanism is if the step-wise transfer
of twé electrons to an ion in solution did not occur,
but after transfer of the first had occurred, a surface
adion was formed., The second electron would be transferred
to a species on the surface. Then, after the successive
dehydration process, an eléctron would be 'given back’
to the metal. The overall result is that a divalent
metal ion would be deposited with only the transfer of
one electron across the electrode-solution interface,

The metal ion which has been investigated most
extensively is copper (60,63,70,71), though the analysis
has always been from a kinetic viewpoinf to try and
elucidate the rate determining step, rather than to build
up a picture of the process occurring. However, the
mqunisms proposed are not inconsistent with the model
discussed here, It may be that every metal is
electrodeposited from aqueous solution via a different
mechanism, and that it is not possible to generalise
to any great extent. Bockris, in one of his most recent
contributions to dicussions of the nature of deposition (72),
adopts a more comprehensive and unified approach to the
problem, and for the first time in any of his contributions
‘to this field, discusses the specific case of the discharge

of divalent metal ions. He considers four possible
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mechanisms, namely:-

1. M2t 4 peT—>

2, moF 4 e === pt ;s rt 4 eTe—= N
3, Bt b opt st 4 e K
4, $2t 4 em=—=== ¥ ) 12t 4 oy

and considers the results of various workers for copper,
cadmium, zinc and iron (though iron is treated as something
of a special case) and states that there is good experimental
evidence that mechanisms involving univalent intermediates
prevail, i.e. mechanisms 2 and 4 above, a

It is interesting to speculate on the fate of the
.species produced after the first electron has been transferred
to the ion in solution. If the potential of the electrode
is insufficiently cathodic, then the electron tunneling
condition may not be achieved for the second electron
and the resultant hydrated ion would diffuse away from
the electrode surface (eg Fe3t——~>3b2+). If, however,
the potential is sufficiently negative so that transfer
of a second electron is possible, then there are a number
of possible reactions when the singly charged species is
thermodynamically unstable and there is the possibility
of electron transfer in a homogeneous redox reaction in
the solution (73,74,75). For a divalent ion mga the
followiné reactions could occur (the subscript 'aq'

represents a variable number of water molecules in the

solvation sheath),
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It can be seen that there is a possibility of producing

reduced species such as M; or even Naq' The extent to

q
which the various pathways above will occur will depend
on the relative probabilities for the various electron
tunnelings (which, in turn, depend on the shape of the
barrier), If these reduced species had sufficient

lifetimes, then it is possible that they could diffuse

far enough from the electrode and in svificient concentrations
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to interact measureably with the analysing light bean
that is passing through the solution in the experiments
described in Chapter 4,

Finally, there is one further consideration that is
of interest, and that is the possibility of the solvent
molecules orientating themselves to produce an energy
level such that electrons can tunnel from a suitably
charged electrode into the solution to form hydrated
’electrons.

5.3 Hydrated Electrons in Aqueous Electrochemical Reactions

The existance of hydrated electrons, first‘discovered
in studies on the radiolysis of water, in aqueous media
is now established beyond doubt. The species has been as
extensively étudied as any other ionic species in solution
from the point of view of structure (76), and of reaction
with both inorganic and organic compounds (77). In recent
years, numerous comprehensive reviews have appeared
(78,79,80,81,82,83). Two (84,55) are of particular
interest here, as they approach the problem of the
involvement of hydrated electrons in aqueous electréchemical
reactions from different viewpoints. ¥enney and Walker
(55), in a very lucid discussion, argue in favour of
solvated electrons being involved in agueous electrochemical
reactions, particularly as a precursor in the hydvogen

evolution reaction, an idea supported by other workers

(85,86). Conway (84), on the other hand, in a more
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solvated electrons being involved in aqueous electrochemical
reactions, particularly as a precursor in the hydrogen

evolution reaction, an idea supported by other workers

(85,86), Conway (84), on the other hand, in a more
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thorough discussion of the problem, argues against their
involvement in this type of reaction,

The electron tunneling condition (see Section 5.2) may

be written as

¢es = Cbc + VH,SoIn - Gs,e

£}

where'¢Qsis the work function relevant to the escape of an
electron into the solution, ¢, is the work function for the
metal-vacuum interface, V&&M is the metal-solution potential
difference at a given measured electrode potential and Gge
is the free energy of solvation of the electron from its
state in the vacuum (87).

Substitution of the appropriate values (88) yields a
value for the potential at a platinum electrode (with respect:
to the reversible hydrogen electrode) of -2+8 V, Under
these conditions, the normal evolution mechanism involving
HZQ and e in the metal (see previous Section) would yield
a current many orders of magnitude greater than the current
for direct production of hydrated electrons. The value of
the standard electrode potential for aqueous media has |
been the subject of some discussion (89,90,91,92), but is
currently estimated to be -2:67 V. Thus, the hydrated
electron is a stronger reducing agent than either the
hydrogen atom (=2<1 V) or the solvated electron in ammonia
(=1+95 V),

Kenney and Walker get round this problem by the

following arguments. 1In the conventional manner, the
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standard potential of e;q should be equal to the standard

free energy change for the reaction .

+ - &

for which Baxendale (89) calculated AG? = —-61+5 kecal mole_1.

For the reaction

+ -
Haq + epy

AGS is arbitrarily taken as zero; but, argue Kenney and

—> 3, ) 5.2

Walker, it cannot be concluded that by difference AG% for

the reaction

®pt T ®aq - 5.3
is +61+5 kcal mole” ! because AG? is on an absolute basis
and is not directly related to AG) = 0. They further argue
that the free energy of Reaction 5.3 above may not
constitute an energy barrier in the hydrogen evolution

reaction because the potential required (=21 V) to fornm

hydrogen atoms in the reaction

-+

Haq + epyT> Ha

ds 5.4

does not represent an energy barrier, as the hvdrogen atoms
remain adsorbed on the surface (the electrode is actually
reversible to hydrogén gas) and possibly a mechanism

involving pairing such as

eaq + ead———e-Hz + 20Haq

makes the elecirode reversible to Hz(g) and that the

5.5

nature of the intermediate is irrelevant; the reversible

potential being given by the activity of the hydrogen gas
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in equilibrium with the electrode,
They make one further point that, in practice, the

electrode could never be made reversible with respect to

2q’ and that

such a highly reactive and mobile species as e
electrons becoming hydrated 3-10 nm from the surface cannot
again surmount the high field gradient of the double layer,
and that the only meaningful concentration at the surface
which affects the potential at which‘e;q is generated may
be so small that there is essentially no thermodynamic
barrier to its formation, .

Conway considers the non-equilibrium situation arising
from annihilation and concludes that "the therﬁodynamic
conclusions regarding electrochemical production of e;q
are not invalidafed by the fact that non-equilibrium
conditions afe obtained in water and acid solutions".

The conviction that hydrated electrons are involved
in the hydrogen evolution reaction is, of course, based on
experimental evidence. Hills and Kinnibrugh (86) suggested
that the negative volume of activation in the kinetics of
the hydrogen evolution reaction at high pressures supports
the view that e;q is involved, as it would Ee expected
that the electron would have a 1argé positive molal volume
in water as it has in ammonia (93). Subsequent examination
of the experiment by Conway (94) and Kristalik (95) showed
that the pressure dependence of the emf of the reference

electrode and the reversible hydrogen electrode had not

been taken into account correctly, and that the activation
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volume was, in fact, positive and entirely consistent with
the normal H' neutralization mechanism.

Walker presents evidence on the basis of experiments
with scavengers (96), this is countered by Conway, who
argues that only in the case of dis=zolving base metals or
strong amalgams dbes it seem possible that a process of
direct electron injection to form e;q
extent as a parallel reaction with the normal hydrogen

might occur to a small

evolution as the main cathodic partial process.

¥alker (37) also produces spectrophotometric evidence
in an experiment in which a He/Ne laser is shone tangentially
round. the inside of a polished silver elliptical 'cylinder'
and the absorbance at 632-8 ﬁm ﬁeasured. The decrease in
absorbance when the cylinder is made the cathode in an
electrolyte solution of 0:25 ¥ sodium sulphate adjusted
to pH 1 with sulphuric acid with a silver wire anode, is
interpreted as being due to absorption by solvated electrons
(A

of the result of the experiment has been criticised by

ax 720 nm €, 1-25x10% 1 mole™' em™'). This interpretation
Conway (84,97) and McIntyre (98) who regard the effect

" observed by ¥alker to be due to a combination of ionic

and electronic electroreflectance effects. Schindewolf (99)
could find no evidence for the production of e;q at a

silver cathode. Walker, however, has replied to these
criticisms (100) and the'discussion continues;

An experiment whose results are harder to interpret

is that of Yurkov (101) who produced a Jayer of colloidal
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copper metal at distances of 0+1 to 1 mm from a cathode
surface when a solution of sodium nitrate was eiectrolysed
at high current density (2 A cm-z) using a copper anode

and almost any other metal as the cathode. The electrodes
were about 1+5 mm apart and cf O-é mm2 cross—-sectional area,
Conway is unable to explain the result, but Kenney and
Valker propose that the entity resvonsible for the reduction
is a solvated dielectron, (eg-)aq, which has sufficient
lifetime to diffuse away from the cathode (e_ . has far too

ag
=11 sec, to be responsible). They

short a lifetime, 10
further suggest that this species is responsible for the
results obtained by Uhlig and Krutenat (102) who detected
a reducing species in solution near a2 platinum or tin
cathode in the electrolysis of sodium chloride solutions
at pH 10. This species, which had an average half life
of 5 min was interpreted by them as hydrogen.atoms.

Conway discusses the thermodynamic difficulties in
the evaluation of E° for the hydrated electron and also
discusses the problems which arise from a consideration of
the principle of microscopic reversibility, whereby H w?uld
have to give e

aq
that electrochemically adsorbed H can be controllably

spontaneously. He further points out

produced at a number of noble metals such as Pt, Rh c¢cr Ir
(103,104) and shows an independence of pH at variance with

what would be expected if e__ were the precursor (105).

aq
Conway also points out that one of the characteristics of

the kinetics of the hydrogen evolution reaction is a strong
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dependence on the cathode material, the ejection of electrons
into the solution would not give this dependence.
None of the authors vho favour the hydrated electron
mechanism for hydrogen evolution, actually go as far as to
suggest that the first stage in metal deposition is the

formation of e; {though there is no reason why the hydrogen

q
evolution reaction should be unique in this way) which then
reacts with a hydrated metal ion in the double layer.

And so, it must be concluded that, with the possible
exception of Yurkov's work, all the evidence points to the
fact that solvated electrons are not involved in aqueous
electrochemical reactions, apart from the dissolution of
strong amalgams,

There is,.though; one experimental condition under

which electrons are ejected from the cathode into aqueous

solutinn, and that is when the cathode is illuminated.

5.3.1 Photoassisted Flectron Kjection from Cathodes

Photoeffects on electrode potentials in the absence of
electronically excitable, electrochemically active molecules
were first characferised by Bowden (106), The effect was
first studied quantitatively by Heyrovsky (107). Barker
et al (108,109,110) exarined the effect of scavengers for
hydrated electrons on the photocurrent behaviour of mercury
electrodes and showed that the rate constants for the
scavenging processes were the same as those evaluated in

pulse radiolysis experiments where hydrated electrons are
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well characterised, and concluded that the photoemitted

species wvere electrbns. Similar conclusions were reached

by Delahay and Srinivasan (111) from coulostatic experiments.
The basic equations for electrochemical photoeffects

were given by Bockris (112) who showed that the provision

of photoassistancé lowers the work function of the metal,

and thus lowers the potential necessary to satisfy the

electron tunneling condition, by 300hv/e, In practice,

at a mercury electrode, photocurrents of the order of O-Z/uA

are obtained with a 1 kW mercury arc source, the currents

being proportional to intensity at a given wavelength.

Barker (108,109) envisaged the formation of hydrated electrons

some distance from the surface in three steps.

1. Ejection of the electron from the electrode,

2. Thermalization,

3., Hydration, an appreciable fraction returning to the
electrode before hydration occurs.,

He concluded that hydrated electrons were formed at 3 to

30 nm from the electrode but did not calculate a concentrétion.

Valker (113) calculated that if hydrated electrons were

formed, then they would exist within a distance of 170 nm

of the surface at a concentration of about 8x107 ' I,

This distance is an order of magnitude greater than that

calculated by Pyle and Roberts (85). Conway (84) suggests

that photoassisted emission could be responsible for the

production of solvated electrons in Walker's experiment

with the laser and the silver cathode (37), though he
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Questions whether the intensity of the illumination was
sufficient to produce the effects observed. |

From this discussion, it seems unlikely that electrons
are being photo-ejected from the platinum cathode in the
experiments described in Chapter 4 (the power of the
deuterium lamp was 24 W), furthermore, as the layers of
solution approximately O<1 mm above the cathode surface
were being monitored, it seems unlikely that any process
occurring within 200 nm (or less) of the surface will have
any measurable interaction with the light beam.

If the effect being observed Were the interaction of
hydrated electrons with the cations in solutidn, then it
would be expected that the results obtained would be similar
to those produced in radiolysis experiments, where
radiolyticaily generated hydrated electrons react with
metal ions in solution., Such a study was made by Baxendale
et al (114), who recorded the uv/vis. absorption spectra

of species generated when metal ions (including Cu2+,Cd2f

2+

2+
o, ,

Ni%* 0o, un?t,Pbt and Ag’) reacted with hydrated
electrons produced by a 2 psec pulse of 4 FeV electrons
from a linear accelerator. They found that all the spectra
of the transient species produced were similar, with an
absorbance maximum around 310 nm. They conciude that this

is due to charge transfer of the type,

i.e. from the metal to the ligand. 1In the case of copper,

the absorption was interpreted as being due to Cu3+. The
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spectra obtained in the experiments described in Chapter
4 all have a maximum around 210 nm, and it would appear
that the spectra are not due to the formation of species

of lower oxidation state.

5.4 Other Reducing Species in Solution

In 1930, Xobosev and Nekrasov (115) reported that they
had observed the reduction of yellow W03 particles in
suspension in 2 M sulphuric acid above a platinum cathode

to blue ¥ 05. They suggested that the reducing agent was

2
dissolved atomic hydrogen. Other workers were unable to
repeat this experiment and did not observe any'colour
change unless the particles were actually touching the
electrode surface (116),

Uhlig and Krutenat (102,117) in an investigation of a
temporary reducing species produced in solution when a
magnesium anode dissolved, a phenomenon first repdrted by
Petty et al.(118), also disceovered that a similar reducing.
species was produced near a platinum or tin cathode. From
a comparison with atomic hydrogen generated by creating a
discharge in a stream of gaseous hydrogen, they concluded
that the species being investigated was dissolved atomic
hydrogen. They further deduced that at a distance of
O0+5 mm from the electrode surface a concentration of atomic
hydrogen of about 5x10"4M was obtained. They measured the

half 1ife of the species to be 5-6 min and accounted for

its failure to reduce WOB to W205 as being due to the
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reaction of atomic hydrogen to give molecular hydrogen‘
Hz(aq) in preferencé to reducing the oxide.

As has already been mentioned, this interpretation of
the experimental results has been Questioned by Kenney and
Walker (55) who suggested that a hydrated dielectron
was the species ihvolved.

The experimental conditions employed in Chapter 4 are
similar to those used by Uhlig and Frutenat and it is
possible, therefore,ithat a reduced metal species is being
formed by the reduétion of the metal ions by dissolved
atomic hydrogen, whiéh'has sufficient life time to achieve
a cbncentration comparable to that of the bulk metal ion
solution at a distance from the.electrode‘surface sufficient
for any products of the reaction to interact with the

analysing light beam.

5.5 ; Decomposition Potential

The calculation of the potential which must be applied
to the electrodes to cause the deposition of a metal from,
solution involves a knowledge of hew the potentials of the
anode and cathode reactions wvary with concentration, of the
overpotential for the evolution of oxygen tat the anode)
and of the IR drop across the cell, If the lernst equation
is used to calculate the electrode potentials then the
decomposition potential is given by (see Section 2.4).

E + IR +®

app = “cell anode

. _ w0 050 1ol g0t -
0804 {%n + 0 899 ibc[L ]} + IR *(Oanode
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As the maximum potential appears to be about 2.2 V for a

solution of 0:03 N potassium sulphate at pH 6, then

0+804 - (0 - 0+36) + IR + W

EaPP anode

2*2 = 0804 + 036 + IR + W anode
Thus the sum of the iR drop and the overpotential effects
is 1-04 V and the potential required for decomposition is

given by

= . — 0 - 'n+
Bapp = 17844 = {8° + 0 05 log[w ]}
The decomposition potentials for the metal ions investigated

are given in Table 5.1,

Table 5.1 Decomposition Potentials

Netfi Ton - E% v Eapp V Beoe V
1074 n

Hg?* +0+85 1.21 +0+38
rgt +0+80 1416 +0+43
cu?t +0+34 1462 ~0+03
Feot ~0+04 196 ~0:37
Pp2t ~0-13 | 2.09 ~0+50
sn?* ~0+14 2410 ~0-51
NiZt ~0+25 2.21 ~0-62
colt ~0-28 2.24 ~0+65
ca?t ~0+40 2436 ~0-77
Felt ~0+44 2440 ~0-81
znt ~0-76 272 ~1413
Hn2+ -1+18 324 -1+65

H' pH 6 0+00 2+20 -0+61
pH 9 000 2+38 -0+79
pH 11 0+00 2450 ~0+91
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The last column in the Table gives the porential of the
cathode with respecf to a saturated calomel reference
electrode. |
. The values for the potential required to cause deposition
of the metals show that, on the basis of this calculation,
the following metals would not be deposited before hydrogen
was evolved:- Ni, Co, Cd, Fe(II), Zn, ¥n, It has long been
knovn, however, that if the amount of metal deposited on
an inert electrode is of monolayer or sub-monola&er guantities
the form of the Nernst equation used above no longer holds,
and an additional term must be introduced to allow for the
activity of the depnsit via the energy changes at the deposit-
electrode interface (119). The result predicted by this
unabridged form of the Nernst equation is that monolayer
or sub-monolayer amounts of metal are deposited at potentials
more anodic than for deposition of bulk material, This
underpotential has been dealt with thecretically (120,121),
and has been investigated experimentally by a number of
techniques, mainly electrochemical such as the twin electrode
thin layer cell developed by Schmidt et al (122,123,124),
rotating electrode systems (125,126}, potentiostatic pulse
techniques, cyélic or linear sweep voltammeiry (T27,128).
A particularly well presented discussion of the deposition
of copper on platinum is given by Breiter (129). Nore
recently, the phenomenon has been studied optically by
specular reflection spectroscopy (130,131,1%2,133%), this

technique is of particular interest in that it enables
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in situ measurements to be made of the electrode surface -
and it is possible to monitor the transition from an atomic
to a metallic state (134). A recent discussion of the
theory of the phenomenon and a brief review of the methods
used fo study it is given by Lorenz et al (135). The use
of thin films in analytical chemistry has been reviewed by
Brainina (136). |

The results of the above workers indicate that for a
number of inert electrodes such as silver, platinum and
gold, underpotentials of between 0+3 and 0:6 V are observed,
i.e, monolayer and sub-monolayer deposits arevformed at
potentials between 0+3% and 0+6 V more anodic than the
potential for deposition of the bulk metal, Thus, the
values of Eapp calculated in Table 5.1 may be too high by
0«6 V, If this were so, it would bring the potential
required to deposit a monolayer of nearly‘all the metals
studied within the accessible potential range (approximately

22 V),

5.6 Diffusion to Plane Electrades

For a reaction of the type
Ox + ne — Red
where both the species 0x and Red are soluble, the concentraticns
of the oxidised and reduced species, CO and C, respectively,
are functions of both time, t, and distance from the
electrode surface, x. The variation with distance is given

by rfick's first law, provided that the cell is free from
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thermal and mechanical disturbances and that the solution

contains an excess of supporting electrolyte, as follows.,

dN .., 2cC
at = BA Y

where N is the number of moles, D, is the diffusion

Q

coefficient of the oxidised species, A is the cross-sectional

area and C, is the concentration of the oxidised species.
The flux of material, q, being the number of moles
diffusing per unit time through unit area, is given by

- 1 4an _

3G,
=73t~

Do 3%

5.2

The change in C, with time between two planes at distances

x and x + dx from the eléctrode surface (x = 0) is the
difference between the number of moles entering at plane

X + dx and leaving at plane x. If the process is considered
on a unit area of flux basis, then

2%°=[q(x + dx) - q(x)/ax

The right hand side of this equation is 3g as x—=0

ox
3¢ _ 2.
at 7 2
But _ =~ 9Cs from Equation 5.2
q_Doax
2¢ _ 5 3¢,
at ‘:%axl

This is Pick's second law.

The following boundary conditions apply for the
solution in this case,
at t = 0; ¢t=cb

G=20
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where the superscripts e and b indicate at the electrode
surface and bulk respectively.
At t > 0; C=0

. A
and Co—-Co as X —» o

The standard treatment of the problem (137,138) gives

e
052 -yl
C,(x,t) = 2 e 7. dy 5.3
4
[ ]
The integral 2
ol
2 ey dy
T

[}

is known as the error function of z, abbreviated as erf(z).
The integral is evaluated numerically and can be found in

standard tables.

Thus o, (x,%) = C erf(z) 5.4
where z = w§§§¥q 5.5

For the production of Red, the corresponding equation

is

Gy (x,4) = C erfe(z) 5.6
where erfc(z), the error function complement, is given
by |
erfe(z) = 1 - erf(z)

A more rigorous treatment may be found in Delahay (139),
By introducing a number of simplifying assumptions
namely that C,(0,t) = O and that D, = D , the equations
given there reduce to the form used here,

The concentration-distance profile for the species

formed during electrolysis is shown in IFigure 5.5.
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Figure 5.5 Concentration - Distance Profiles

It can be seen from the Figure that as tﬁ; system
evolves with time, the diffusion-layer moves: out from the
electrode surface into the solution. If the thickness of
the diffusion layer is defined as that distance from the
electrode surface at which C, = Cg , the numerical values
may be calculated for given times from Equaticns 5.4 and
5.5. 1In fact, the vafé of z which gives erf(z) = 1 is o0,
and for all practical purposes the value of erf(z) may
be taken as unity for values of z 2 2, Table 5.2 shows
the variation with time for D = 10™° cm® sec” | and z = 2.

1t can be seen that the diffusion layer extends a
considerable distance into the solution. It would thus
be expected that if the electrode process being monitored
in the experiments described in Chapter 4 were of the type
discussed here, where the movement of species in the
solution is governed by semi-infinite linear diffusion,

then the species produced at the electrode surface would

diffuse a gsufficient distance from the electrode to
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Table 5.2 Diffusion Layer Thickness as a Function of Time

Time sec | 10%x em
0 0+0
1 1.26
4 254
g 281
16 5.08
25 6-85
26 T-62
49 8+89
64 10+ 16 -

interact with the analysing light beam,

5.7 Ultra-Violet Spectra of Complex Compounds

In a theoretical discussion of atomic energy levels,
the final levels are obtained by a process of successive
approximations, except in the simplest case of the hydrogen
atom. For a poly-electronic atom (or ion) the various
forces acting within the atom are assessed and placed in
order of magnitude and the calculations are then carried
out one stage.at a time starting with the treatment of
the largeét force. In general, these forces are divisible
into three main classes, 1) central field forces
(electrostatic), 2) inter-electronic repulsion forces
(electrostatic) and 3) spin-orbit coupling forces (magnetic),
The central field forces, involving attraction of the

electrons by a central positively charged nucleus, are
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much larger than the others (as is necessary for the atom
to be stable). The hydrogen atom is the prototype for
this part of the problem and the solution of the Schréddinger .
equation for this atom provides a scheme of one-electron
orbitals into which the electrons may be placed according
to the aufbau and Pauli principles. Further refinement
to this zeroth order set of orbitals is then made depending
on fhe relative magnitude of forces 2 and 3 above, If 2
is very much greater than 3, then the final levels are
found from the Russell-Saunders orFLS coupling scheme. If
3 is very much greater than 2 (as is the case_forbatoms
with atomic number greater that 30), then the final levels
are found from the so-called jj coupling scheme. Intermediate.
cases arisé when the magnitudes of the forces are approximately
equal. The validity and correctness of the various
approximations are, of course, established by accounting
for the atomic spectra observed, the lines of which are a
direct measure of the energy difference between two levels.
A detailed treatment would be out of place here, but
several excellent monographs have been written on the
subject, eg (140,141). Only the outer or valence shell
electrons give rise to transitions in the uv or visible
region of the spectrum (140), and theories of the origin
of atomic spectra need only consider the energy states
of these electrons. Filled shells always give rise to the
same spectroscopic state, namely 180 (140).

When the atom is placed in an environment where chemical
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combination may take place, an exchange of electrons
between the atom and the surrounding chemical entities
will occur govefned by the thermodynamics of the system,
until_a free energy minimum is established. 1In this state,
the original electron energy levels will have been further
perturbed and the central nucleus of the atom will, in
general, have a different number of electrons associated
with ;t (the change being in the outer or valence shell).

These further perturbations have been considered by:-
1. The crystal field theory, where the effectwof the
ligands is considered to be purely electrostatic and the
field arising is calculated to be due to point negative
charges (or dipoles as a refinement).
2. The ligénd field theory, in which a certain amount of
covalent bonding is assumed between the metal and the ligands;
m§1ecular orbitals are formed from the linear combination
of the appropriate orbitals from the ligand and the metal,
to give bonding and antibonding orbitals.

The levels are further perturbed by vibrational effects,
the Jahn-Teller effect, ligand inequivalencies etc, and
so, in solution, the'§pectra aﬁpear as a series of broad
bands of varying intensity. The bands arising from transitions
between perturbed levels in the metal ion are usually weak,
because they are Iaporte forbidden, and occur in the
visible part of the spectrum. A discussion of the origin
of these spectra and of crystal and ligand field theories

may be found in any advanced textbook of inorganié chemistry
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as a preface to the section on transition metal compounds
(56,142), or in anj textbook on co-ordination chemistry (143).

Strong absorbances i.e, Laporte allowed transitions,
are often observed in the uv part of the spectrum and are
often referred to as charge transfer tands. These can
arise in a number of ways as follows.
1. When the excited level has a principal quantum number
greater than that of the electrons making up the valence
‘shell, thereby retaining certain atomic characteristics
rather that being concerned with binding or having antibonding
properties (Rydberg spectra),.
2. Yhen transfer occurs to orbitals of the ligand not mixed
much with those of the metal (metal oxidation spectra),
3., WYhen an electron is transferred to the central metal ion
from a specific ligand, if the ligands are different, or
from a ligand molecular orbital if the ligands are
equivalent (metal reduction spectra).
4, Yhen the ligand is a polyatomic group and the transitions
are between molecular orbitals of the ligand alone (intra-
ligand spectra).
5. Yhen the source of the electron is cutside the primary
ligand sphere(ion pair spectra).
. 6. When in a bi-nuclear complex with metal ions in different
oxidation states transfer occurs between the metal ions.
This can occur even if the ions are separated by another
atom (such as oxygen) if there is a large amount of

electron delocalization., Usually the bands are shifted %o
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longer wavelengths i.e. into the visible part of the
spectrum.

From the intensity and position in the spectrum of
the absorbances measured in the experiments deécribed in
Chapter 4, it is clear that the spectra are of the charge
transfer type rather than being due to transitions within

the electron energy levels of the metal ion.

5.8 Summary

The examination of the thoeries of metal deposition
shows that the phenomenon of electrodepositid% of metal
ions on inert substrates, particularly in monolayer or
sub-monolayer amounts, is not yet well understood in
mechanistic terms. In this Chapter a model composed of
features from a number of other models is presented as a
possible general mechanism for the discharge of divalent
metal ions frbm aqueous solution. This model gives rise
to the possible formation of reduced hydrated metal species
at macro distances (in terms of the charge transfer distance)
from the cathode surface. It seems unlikely that hydrated
electrons are involved in the electrode process (by either
field or photo assisted ejection) but the possibility of
dissolvéd atomic hydrogen being present near the cathode
cannot be ruled out.

A consideration of the electrode potentials for the
various metals studied indicates that, if a reduced retallic

state is produced as the final state in the electrode
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process, the transfer of electrons must be occurring at
underpotential, a phenomenon which, though apparently not
widely appreciated at present, is being extensively studied,
particulariy by the recent powerful combination of
electrochemical and optical techniques such as specular
reflection spectréscopy and ellipsometry,

An examination of the semi-infinite linear diffusion
process shows that a species produced at the electrode
surface could diffuse well into the light beam on the time
scale of the experiments described in Chapter 4. Finally,
the spectra obtained suggest that the absorbing species is
one in which charge transfer transitions give rise to the

absorbances observed,
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6. NATURE OF THE ELECTRODE PROCESS

The experiments described in this Chapter continue the
invesfigation of the absorption phenomena with respect to
the parameters discussed at the start of Chapter 4 in the
light of the theory discussed in the previous Chapter,
Experiments were also performed to investigate some of the
electrochemical properties of the process, and to try and
determine the nature of the process occurring at the electrode

surface and the identity of the absorbing species.

6.1 Variation of Current with Time (Chronoamperometry)

If the electrode process is controlled by semi-infinite
linear diffusion (see Section 5.6), then the instantaneous
current, i, will be prcportional to the flux at the
electrode surface (i.e. at x = 0).
fhus

i,=nF A q(0,t)
where n is the number of electrons, F is the ¥araday, A is
the electrode area (in cm2) and g is the number of moles
diffusing per unit time through unit area.

Therefore from Equation 5.2

6.1

i = nFADO(BC)
ox/0,%t

The value of the concentration gradient at the electrode

is obtained by differentiating Fquation 5.3

surface,(BC)
2x/0,t
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and evaluating at x = 0.

Now

, ,
4 erf[Au)] =_2_e-[}‘(u)] . 4 Alu) ' 6.2

du mh du

In this case

Alu) = X
ZDgt*
_Therefore
ox /x,t o1 SDE
at x =0
¢y __C R
(ax)o,t = MDEtE 6.3
Therefore
nPADECD

L = e 6.4
It can be seen from Equation 6.4, that for a given system
the product it_.t.%r is a constant and that if the value of the
diffusioﬁ coefficient, D, is known a value for the electro-
chemical area may be calculated,

The cell assembly was modified by including a saturated
calomel reference electrode into the circuit connected to
the cell by a ééturated kCl/agar salt bridge. The bridge
was drawn out to a capillary and the tip placed close to
the working electrode. As recommended in the instruction
manual for the function generator, the working electrode
was earthed and the effect of a negative going potential
was obtained by applying a positive going potential to

the counter electrode, To monitor the current flowing
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through the cell, the chart recorder was used as a recording
ammeter by incorporating a standard resistance in the
circuit and measuring the potential drop across it, in
exactly the same way as the absorption of the solution was
measured by passing the current output from the photomultiplier
tube through a standard resistance and recording the
voltage drop across it. A schematic diagram of the circuit

is shown in Figure 6.1.

Fonchon
-0 Geenaevalov

EarlR

chART
RECORDER

Figure 6.1 Schematic Circuit Diagram

A potential step from +1:2 to -0:6 V vs SCE was applied

to the working electrode and the variation of current

with time was recorded for a blank soclution of 0:03 M
potassium sulphate and a solution of 10 ppm Cd2+ in 0-03 I
potassium sulphate. The results nbtained are given in
Table 6.1 in which the value of i is corrected for the
residual charging current flowing in the absence of the
cadmium. It can be seen that over the first sixteen

seconds of the electrolysis, H+hat the value of the product
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Table 6.1 Current - Time Variation

t sec i panp it? t sec i pamp it%
1 40+5 40-50 9 170 51-00
2 34-C 47-95 10 14+5 45-30
3 23+0 48-45 11 14-0 46+50
4 25+0 50-00 12 140 48+45
5 23-0 5015 13 14-0 50+55
6 20+0 49-00 14 1245 46+30

T 16-0 50435 15 12+0 45+95
8 18-0 50-95 16 115 46+00

it% is approximately constant. Using a value for the

2+ of 7-2x10_6 cm2 sec_1 (144),

the area of the electrode was calculated to be 1:86 cm2.

The physical area of the electrode was approximately 1 cm2,

diffusion coefficient of C4

showing that the application of this theory gives a result

of the correct order of magnitude.

6.2 "Variation of Absorbance with Time

6.2.,1 Absorbance Measured Normal to the Electrode Surface

Method 1.
The total charge that has been passed at any

given time t, can be found by integration.

t
jit dt

0 T

Thus

Q(t)

From Equation 6.4

5 ob | %
.y _ nFad C) tt = dt
Qt) = —2=
Trl
o

where a is the surface area of the electrode
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B PRI
Q(4) = 2nraDiC°t 6.5

Trl.
from Faraday's laws, the weight of material 'deposited', w,

is given by

whefe M is the molecular weight,
If the volume of the solution in which the material is
dissolved is V(t), then

Celt) = FyieS = n%sltt)
where CR(t) is the concentration of the reduced species,
The volume is a function of time as the reduced species
is diffusing out into the solution,

oapich tt

CR(t) = _n'":—\/:n(v
Now if the absorbance is measured at right angles to the
surface of the electrode, then
ACt,A) = eM1(t)C, ()
The pathlength, as well as the concentration, is a function
of time., |
1f this pathlength is taken as the volume, V(t),
divided by the electrode surface area, a, then

k¥ on %
€E(A)V(t).2aD:Ca t"
A(t,A) Py =€

ACt,A)

e (A) 2ivict 6.6
Tr,i
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Thus a plot of absorbance vs tJé would be a straight line,
from whose slope €.(A) could be found if D, and C:were
known.

A similar derivation of the relationship is given by
Strojek and Kuwana (12}, though thelargument is very
poorly presented. Confusion arises because of their use
of the same symbol for absorbance and electrode area,

The result is also identical to that derived by the metﬁod
of Laplace transforms on Fick's equétions vith the
appropriate boundary conditions (4). B

It should be noted that although Equations 6.5 and 6.6
are similar, kinetic complications which occur within the
diffusion layer will affect the A-t and Q-t behaviour quite
differently, as absorbance is characteristic of the
integrated concentration of the reduced species, wheréas

charge is characteristic of the integrated flux of the

oxidised species at the electrode surface.

Method 2.
As the pathlength and the concentration both
vary with time for absorbance measured normal to the

electrode surface, then

A = egfcg(x) dx

and, from Zquation 5.6,

Cqa = C erfe(z)

where —
' - 2DnEH
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Thus the absorbance is given by

h
A = Gicfferfc(z) dx
h— o
Now let
h
I = Ierfc(z) dx .
1]
h
I = j[1 - erf(z)] dx
° b h
= fdx - ferf(z) dx
[+ I‘\ [+ '
= h —lferf(z) dx
, h °
Let J = j;rf(z) dx

and integrate by parts

i.e. fu %ﬁ dx _ uv - j;_gu dx
dx
where u = eff(z), v = X
z
-xX/4Dt
-%% = 7%%e . E%E%ﬁ from Equation 6,2
dv
ax = ]
h /4Dt
T Y gx
J = |xerf z] - X_Er____ :
[ ( )o H&th%
-xX/4D%
now d(e °v) _  =2x e—x749¢
dx T 4D%
h XY/ 4Dt
_h erf_h AD4 -2x e "/ dx
J = oDatat zn*iD}t"sz,t
o
[} —1' L ‘n
= hoerf_nh  + 2Ditr|e7X/AN
203t -

-]
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2 it n't %
2
%% . —h/4Dt % %
I = h.erfc h - - 2l t + 2Dt
2Dt Tt '
Now as h —— o0
erfc " —>0 and e—h/AQi-——» 0
2Dt
. _
A = egco"?.D'it’-
-y

This result is identical to that obtained by the first
method (see Equatinon 6.6).

It should be noted that the product of the pathlength
and the concentration, that a light beam normal to the
electrode surface passes through, varies 1ineariy with the
square root of the time. This result means that the
situation is exactly equivalent to that in which the
concentration is uniform up to a sharp boundary (beyond
which it is zero) whiéh moves out into the solution
linearly with t%. This fact is used in the next Section
to derive an expression for the variation of absorbance,

measured parallel to the electrode surface, with time,
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6.2.2 Absorbance Measured Parallel to the Electrode Surface

This is the situation that is used in the experiments
described in Chapter 4. The pathlength on the electrode
surface, 1, is fixed and the reduced species moves out
into a light beam of finite height, h.

Now from Equation 6.6 the absorbance normal to the
electrode surface, A, , is given by

€ 20t gP

A = [+]
L T(}i
this may be written as
Al = eRleqC“ B
where 1eq is the path length in which the concentration of

the reduced species, Cqe» may be considered uniform such

that for x <« 1 the concentration of reduced species is

leg:
Cn and for x > 1eq the concentration is zero; and such
that
2D Ci’t'/z
1 C = o 7o ’ 6.7
eq R .y

Now a light beam parallel to the electrode surface 'sees'

a concentration given by

th = C‘ileq
i.e. C'R - Cgleg 6.8
h

This is illustrated in PFigure 6,2,
Now the absorbance parallel to the electrode surface,

A is given by
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Interface

from Equation 6.8

a, = 1 %%eq 6.9
- ,
and from Equation 6.7
| € 12D5Ck £ ’
hy = B——=> ' 6-10
hn*

Thus awplot of absorbance against the square root of the
time would be a stfaight line from which € could be found
if 1, b,, C: and h were known,

In the foregoing treatment of the variation of absorbance
with time it has been assumed that only the reduced species
abhsorbs af the wavelength chosen. However, if both the
oxidised aﬁd reduced species absorb,'then the expression
must be expanded to include the decrease in absorbance of
the oxidised species.

As the electrode reaction has been formulated as

0x + ne ——— Red
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i.e. for every molecule of Red that appears, one molecule
of Ox disappears, then ‘in any given volume

+ C& = ¢t

c, .
where G, is the concentration of the oxidised species that
the light beam parallel to the electrode surface 'sees',
Now

A () = €1 C, (%)
where Aq"(t) is the absorbance of the oxidised species
measured parallel to the electrode surface at time t. The
notation indicating that A and € are.both functions of

wavelength is omitted for clarity.
Ao (£) 6, 1[cs - o, (t)]
= 610 - €1 cp(t)

€1 Cel

from Equation 6.8, A%“(O) - o R-_eq
h

and from Equation 6.7,

€1 oDick 2
By (8) = £, (0) - il 6.11

The experimental situation is shown in Figure 6.3.

—— L —

X
-

> hv

Figure 6.3 Schematic Diagram of Cell
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It can be seen from the Figure that the pathlength on the
electrode does not equal the pathlength of the cell., If
the oxidised form absorbs, then the final equation must
include a term to account for the absorbance dﬁe to the
solution at each end of the electrode. During electrolysis,
the absorbance measured is made up of three components;
1. the absorbance of the oxidised species outwith the ends
of the electrode, |
2. the absorbance of the oxidiseéd species within the path
length on the electrode surface,
- 3. the absorbance of the reduced species within the path

length on the electrode surface.

Thus
A o= €CO(L -1) + €C1 + €C,1
kb £k b 4%
A = €(L- 1)+ 60051 26,1DIC, ¥ 2641D,C/t
° hTLy" hn'_yl
- I nigk 2
Y Cob L 21D,C t" (6 - €,)
hrtz _
S5 b %
= A(0) 4+ 212Gt (€r- €)

hm'2
As the initial absorbance, A(Q), is always set equal to

zZero, . y

N b
2D (€, - QJ,l_q,t‘
hr't

A = 6,12

Thus the absorbance is a linear function of the square

ER
root of the time and the product At ? should be a constant.
It can be seen from the equation that the absorbance only

increases during electrolysis if €R>Eb and that if €_= 0,



-139~
the expression reduces to Equation 6.10. It is noted that

the maximum value that the absorbance can have is given

by

b
Aoy = (€=-€)1C,

This occurs vhen

3
2 :o’i t*

o = 1

b
hnt

For values of D, = 10-5 cm2 se'c:—1 and h = 0:02 cm, t = 31«5 sec
A plot of A vs t is shown in Figure 6+4 for the

foilowing values, D, = 10"° cm? sec”’, C: = 1074 M,

€, = 5000 1 mole~! em™', € =0, 1 =1 cm and h = 0-02 cm,
The curve obtained on electrolysing a 10 ppm solution of
Co2+ in O«1 M KC1 at 1+6 V is also shown. The wavelength

used was 210 nm.

ST /"“—_— .
/7-.*‘\0\ — Hito(dﬁ'(al
41 A N o= joppm Co?'
ﬂbs«:rkancc_ // °\\° ﬂ’
.s | o[ / .

Time see

Figure 6.4 Variation of Absorbance with Time
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The variation of absorbance with time obtained with

2+ solution in 0:.03 ¥ potassium sulphate, and

2+

a 20 ppm Ni
with a 10 ppm Cd solution also in potassium sulphate are
shown in Table 6.2, The wavelengths used were 208 and 220 nm

respectively.

Table 6.2 Absorbance - Time Variation

Tickel Cadmium
t sec A At—% t sec A At_%

2 0+113 0-080 1 0:056 0:056
A 0209 0+105 2 C-122 0.087
6 0+276 0-113 3 0168 0+097
8 0+326 0+115 4 0+ 201 0+100
10 0-367 0:119 5 0.228 0-102
12 0-403 0:116 6 0.248 0+101
14 0.426 0-117 7 0-268 0+101
16 0-446 0+110 8 0284 0+100
18 0-457 0:108 9 0:293 0:098
20 0+466 0+104 10 0+305 0-098
22 0+470 0-100 11 0+313 0+094

12 0e221 0:093

13 0-329 0+091

14 0334 0+ 089

15 0+338 0-087

16 0344 0080

It can be seen from the Table that the value of the
product A’c-’ir is approximately constant for these two metals.
It is suggested that the absorbance - time variation

over the initial 16 seconds or so is governed largely by
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a diffusional process. As the absorbance passes through
a maximum and then decreases, it is obvious that diffusion.

from the electrode surface is not the only process involved.

6.2.3 Approximate Fethods

1. Diffusion Layer Concept
According to Nernst (145)
the shape of the C, - distance profile can be approximated
to a straight line over a distance @ from the electrode

surface and the slope of this line is given by(gga
x

oX = 0

This is shown in Figure 6.5.

Concentration

ket

Distomce ZF’""‘ Sorface

Figure 6.5 Concentration - Distance Profile

Now from Equation 6.3

ﬂ) - _G&
Pxjx = 0 TL"_i')ft"l

If the concentration of the oxidisad species at the electrode

surface is kaat time t (see Tigure 6.6), then the slope
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of the line is given by

cd - xct
S
Co - ¥C _ ce
) it P t%

§

and the average concentration of the reduced species

y L
(1 - k)n‘D;t*

is ¥(Ccy - xCP).
Thus a light beam of height h 'sees' a concentration
given by
. E_k L b —
h Co = (1 -Xk)r'Dit*3C, (1 - k) '
Now the absorbance is given by

(" L
€el (1 - k)2ninich 42

2h

For this to be euivalent to Equation 6.10

A1 -x)2 2
—7— T W&
(1-x)2 =4

1 -k = ;%a
k = -0-129

A negative value of k¥ is clearly untenable as a solution,

showing that the diffusion layer concept is not a valid

approximation in this case. The best approximation

would be to take k = O vwhich gives

L - e lnich it
2h
% Y _
(2" = 1+128, 0:5r* = 0-887).
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2. Single Distance from the Electrode Surface
The

asspmption here is that the absorbance monitored by the.
lizht beam of thickness h may be considered egquivalent to
- that at a single distance, m, from the éurface.

The values of C° and C, are now given by Equations
5.4 and 5.6
erf(z)

Cq = Co erfc(z)
where _
zZ = i
2 Ditt
and erfe(z) =1 - erf(z)

If it is assumed that both species absorb, then referring

to Figure 6.4, the absorbance may be written as

A= €CP(L-1) + €C1 + €Cgql
= EC'L - €Ct1 + €1Cterf(z) + €1CPerfe(z)
= A(0) - €01 + glClerf(z) + €.1C!erfe(z)
= A(O) - 600:1[1 - erf(z)] + €R10:’erfc(z)

= A(0) = €00:1 erfe(z) + Galcjerfc(z)
= A(0) + 1CPerfelz) (& - ¢,)
As the initial absorbance is set to zero
A= 1Clerfe(z) (€.~ €) 6.13
For Equation 6.13 to be equivalent to Equation 6.12
then

ke b
2Dzt

erfe(z) =
nrt
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m
As A = —

2Dit®
m cannot have a unique value and must vary with time so
-3 p 1
. that t “erfc(z) is a constant equal to 2D§/hnz. Table 6.3

C-1

shows the variation of m with time for D, = 102 cm® se ,

and h = 005 ecm.

Table 6.3 Variation of m with Time

t sec 10%m em
1 809 -
4 13+00
9 16+58
16 1600
25 2020
36 20+85
49 2083
64 2022

It can be seen that if m was taken as constant over
the first 16 sec of electrolysis, then considerable error
would result,

As was noted at the end of Section 6.2.1, it is the
product of diffusion layer thickness and concentration
that varies linearly with the square root of the time.
Thus, the concentration may be considered as fixed at
some value { less than CP) and thus the diffusion layer
+2.

thickness varies linearly vith ; or the diffusion layer

thickness may be considered as fixed and the concentration
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then varies linearly with t%. If suitable values of
concentration or diffusion layer thickness are taken, then
the resulting equation for the absorbance-time variation .
will be the same as EZquation 6.10. TFor examplé, if it is
assurmed that at a distance of 4D§t%/n% from the electrode
surface the céncentration, CR’ is O-SCE, then Equation 6.10
results for the variation of absorbance with time., This

approximation is shown in Figure 6.6,

1
o 43:5{,‘1 h
e
Distance :Fow\ tlechode Sorfau.

Figure 6.6 Variation of Concentration with Distance

A linear variation of concentration with distance

gives Cp = 05 CZ,

6.2.4 Summary
Assuming that for an electrode reaction of the type
Ox + ne — = Red

only the reduced form absorbs at the wavelength at which
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the absorbance is being monitored and that the movement of
the species is controlled only by diffusion, an expression
for the variation of absorbance measured normal to the
electrode surface with time has been derived by two methods
(Equafion 6.6). From this, an expression relating the
absorbance parallel to the electrode surface with time has
been derived (Equation 6.10). The variation of absorbance
measured under the conditions used in the experiments
described in Chapter 4 (see Figure 6.3) with time, taking
into account the fact that the oxidised species may also
absorb at the wavelength being used, is then aerived
(Equation 6.12). The variation of absorbance with time
for two metals is shown (Table 6.2) from which it can be
seen that there is good agreement between the predicted
variation and that observed in practice. TFinally, two
approximate methods for deriving the absorbance-time

variation are discussed.

6.3 Variation of Absorbance with Distance from the Electrode

Surface
At any given time, t, the variation of absorbance with
distance from the electrnde surface, x, is given by
Equation 6.13.
A = lC:erfc(z) (€ - €,)

where
X
2t
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However, as has already been discussed, the experiments
employ a light beam of finite width, h, grazing the electrode
surface. The variation of absorbance with h is given by
Equation 6.12 i.e.

33
2Df(€ - €, ) 1 b 1

't h

and thus for any given time, a plot of A vs h will be one
half of a rectangular hyperbola. However, as was héted in
conjunction with Equation 6.12 for the absorbance-time
variation, there is a limit to the absorbance given by

_ b
Ao = €Co1

In this case, this limit will have the effect that for
values of h below a certain limit, the absorbance will be
independent of h,

Plots of A vs h for varicus times after the start of

the electrolysis are shown in Figure 6.7 for the following

values, D, = 1072 cmzsec-1, €. = 5000 1 mole”" cm-1, e, = 0,

[~} R

1=1cmand ¢ = 1074 x,

-5 v

.4t
Absortbance 3T o
. \0\0
27T \ T~
+ T~
\ ~——g 30a2¢
t—

‘1 F q\
+\,’\* lONC

o 20 30 40 So 4o 19 o
Io!' h cm

Figure 6,7 Variation of Absorbance with Distance
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The variation with distance was studied for two metal
ion éolutions, narely copper end cobalt, With copper,
a 20 ppm solution in_O-1 ¥ KC1 was used. The gain of the
system was altered by changing the e.h.t.supply to the
phctomultiplier tube and the change in absorbance obtained
on applying a potential difference was observed as the electrode
was lowered, stepwise, out of the light path., The height
of the electrode was read from an arbitrary scale on the
vertical slide. The results of the ekperiment have already
been given in Table 3.1. From the Table it can be seen
that as the electrnde is lowvered out of the light path and
the height of the light beam increases, the signal gradually
decreases, As the light beam moves clear of the electrode
surface, there is a time lag before the signal appears;
After the light beam is more than 1 mm above the surface
of the electrode no maximur is observed and the change in
absorbance is very small,

An exactly similar experiment was performed with cobalt.
A 10 prm solution in O0+1 M KC1l was used and a potential
difference of 1+6 V was applied to the electrodes., The
results are shown in Figure 6.8. Comparing the results
with those for the copper solutions (see Figure 3.4), shows
that an exactly similar process is being observed, and it
would appear that for layers of solution up to CG+2 mm above
the electrode surface, the maximum absorbance obtained on
electrolysis is independent of the height of the light beam.

Wwith a beam of light greater than 0+2 mm in height, the
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absorbance decreases until with a beam of light 0.8 mm in
height, 0+8 mm clear of the electrode surface, only a
very slight increase in absorbance is observed,

The variation of absorbance with distance is shown in
Pigure 6.9. for various times after the start of the
electrolysis. From a comparison between these curves and
the theoretical ones shown in Figure 6.8, it can be seen
that there is poor agreement between the calculated and
experimental curves. 3By choosing different values of 1,,
eg,-l etc a better fit could probably be obta;ned. Also
the value for h over the first few readings may be
considerably in error as the scale on the slide was only
calibrated to the nearest mm. The two sets of curves are
similar in that an absorhbance maximum, independent of h,
is observed, after which the absorbance decreases. If
the pathlength on the electrode surface, 1, were known
then a value for €; could be calculated from the relation

Amax = €l C: (assuming €, = 0)
It is also possible that diffusion is not the only form
of mass transport operating, and that convection, etc could
cause the absorbance to be independent of h over a wider
range of values. Also the conditions under which semi-

infinite linear diffusion is obtained are not being

rigidly adhered to in the experimental set up used here.
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6.4 Variation of Current and Absorbance with Potential

By.using the function generator in the 'triangular!
mode, a potential difference between the working and the
reference electrodes which varied linearly with time was
obtaiﬁed. The circuit used was identical to that shown
in Pigure 6.1 with the chart recorder set to record fhe
variation of current with time. As the chart speed was
constant and the potential. varied linearly with time, the
'time' could be replaced directly with potential, so that
the chart recording provided a record of the current-
voltage variation. This technique of linearrgweep
voltammetry has, of course, been extensively applied in
electrochemistry. It is interesting to note that the
technique is proving very powerful in elucidating the
nature of species adsorbed or deposited on the electrode
surface, eg (129), particularly when coupled with an optical
technique which monitors changes in the electrode surface
such as ellipsometry (146) or specular reflection
spectroscopy (131).

The variation of current with veltage for a solution
containing 0+03% ) potassium sulphate only (i.e. no
reducible metal ion) is shown in PFigure 6.10. The pH of
the solution (unbuffered) was approximately 5-5 and a

=1 was used., The regions

potential scan rate of 40 mV sec
of hydrogen adsorption and desorption and 'oxide' formation
and reduction (147,148) can clearly be seen. Here two

peaks were seen in the oxide reduction region, whereas
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Figure 6,10 Variation of Current with Voltage. 0:03 M

Potassium Sulphate at pH 5+5

most other workers have only observed one (147), It is
possible that the appearance of this second peak is a'
function of the pH of the solution. Other workers have
usually used 1 ¥ acid (sulphuric or perchloric) or 1 M
alkali (potassium hydroxide). The potentials at which
the various regions occur are obviously functions of pH (148),
The variation of ahsorbance with voltage for a 10 ppm
cadmium solution in 003 ¥ potassium sulphate at 220 nm
and for 0-03 I' potassium sulphate only at 195 nm are
shown in Figure 6.11. "he variation of current with the
same voltage scan for the soluticns ~is~ 2lso shown in the

rigure,
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Pigure 6.11 Variation of Absorption and Current with

Voltage

' The potential was scanned ffom +0+2 to -1+0 V vs SCE.
It can be seen from the Figure that the blank absorption
follows the oxide reduction pezk quite closely, whereas
the absorption from the cadmium solution lags behind the
current peak and appears at the potenfial cf the peak
maximum, The shape of the absorbance-voltage curve is
similar fto those obtained under 'static' conditions, i.e.
the absorbance rises to a maximum and then levels off.
In this case, however; the onset of hydrogen evolution
caused the absorbance to decrease at 220 nm. In the
presence of cadmiur, the oxide sitripping peak wvas apparently
shifted to more cathodic pntentials, due possibly to the

simultaneougs reduction of cadmium,
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It was also found that fhe magnitude of the peak
current was increased as the time &f the anodic pretreatment
was increased, but that exposure to the uv 1light from the
source had no effect on the peak current. The photo-
chemiéal d=composition of platinum surface oxide has been
oﬁserved (149). A considerably larger peak was recorded
when the solution was not deaerated. These results are

summarized in Figure 6.12.

40

20 }

Curmwl’. /LH

lo7T

1

+-2 6 -2 -4 -—b -g

Vo‘ta.j.q Vv ScE

Pigure 6,12 0Oxide Reduction Peaks

1. solution not deaerated, 30 sec pretreatment
2. 5 min pretreatment

3. 2 min pretreatment
4,

normal 30 sec pretreatment
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Study of lMaterial Deposited on the Electrode _

To iﬁvestigate
wvhether any metal was deposited on the electrode surface
during the reducing stage of the potential cycle, the
'current was monitored 2s the potential was scanned anodically.
The relevant parts of the current-voltage curves for a
number of bulk concentrations of cadmium are shown in
Figure 6.13, frem which it can be seen that a well defined
peak is obtained which increases with increasing cadmium
concentration, This peak has been interpreteq as arising
from the dissolution of cadmium netal from the electrode
surface. From the area underneath the peak for the 10 ppm
solution, the amount of cadmium stripped off the surface
of the electrode was calculated to be 79 x 10—1O moles.,

If a metallic radius of 1:41x 10" em is taken for cadmium,
then for monolayer coverage of 1 cm2, 2)<.1O"9 moles are
required. This indicates that during the electrolysis of
a 10 rpm solution, less than monolayer coverage of the
electrode is obtained. The relationships between the
amount of material stripped and bulk concentration and
absorbance and_bulk concentration are shown in Figure 6.14.
The'deviations from linearity in both these curves occurs
at around a bulk concentration of 20 ppr. From the area
under the'stripping peak, the number of moles of cadmium
on the surface was calculated to be 1+43 £-+10 x10—9, which
corresponds to monclayer coverage of an area of approximately

06 cmg. From the study of the variation of current with
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time described in Section 6.1, the electrochemical area was
calculated to be 186 cm2. Thus there is no strong
correlation between the deviation from linearity and the
attainment of monolayer coverage, though from Figure 6,14
there does seem to be a relation betweén the signal and

the amount of material deposited on the electrode (it is
assumed that the removal of 2 quanfity of metal in the
anodic scan indicates that this amount of metal was
deposited during the cathodic part of the voltage scan) that
suggests that, possibly, after a certain proportion of the
electrode is covered, the mechanism of the reaction

changes and the absorbing species is not produced to the
same extent, To a certain extent this is supported by the
results obtained for cobalt with an electrode surface

that had alréady produced one absorption signal (see Figure
4,14). If the absorbance were due to an intermediéte in

the reductinn of dd2+

to Cd metal on the platinum surface,
it would be. expected that as the bulk concentration and
consequently the coverage of the electrode increased, the
underpotential effects discussed in Section 5.5 would
decrease and the potential for the depoéition of cadmium
would shift to more cathodic values as indicated in Table
5.1. Consequently the amount of cédmiuﬁ deposited would

be decreased a2s at more cathodic potentials hydrogen

evolution would occur preferentially.
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6.5 Nature of the Blectrode Surface

As was mentioned earlier (Section 4.14), it has long
been known that a platinum electrode is nnt electrochemically
inert. The adsorption and desorptﬁon of hydrogen in the
cathodic region of the potential scan have been unambiguously
resnlved (148). The properties of adsorbed hydrogen on
a number of electrode materials has been comprehensively
reviewed by Frumkin (150)., However, the situation with
regard to the nature of the anodic film is still not
completely resonlved., Indirect evidence for the oxidation
of platinum has existed in the literature for many years
(66,151). The anodic film on platinum has been extensively
studied by a large number of methods including chrono-
potentidmetry (152), potential sweep methods (153), chemical
dissolution of the surface layer (154), potentiostatic
methods (146), X-ray methods (160), ellipsometry (155),
specular reflection spectroscopy (156) and, more recently,
by field ion microscopy (157) and RSCA (158). The literature
has been comprehensively reviewed (152) and a2 particularly
well presented review is given by Damjanovic (160). 1In
a recent review (161), Appleby states "it is generally
accepted that the film consists of PL oxide phases whose
stoichiometry varies with potential", though this is
probably an oversimplification of the current‘theories of
the nature of the anodic film, ¥adebaum and Fahidy (162)
identify four groups of postulates from the literature

namely, that the anodic film is due 49
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1. chemisorption of oxygen species to the extent of one
monolayer,

2, chemisorption of oxygen atoms to the extent of one
monolayer; any excess atoms are absnrbed into the
underlying metal lattice (dermasorbed),

3. chemisorption of oxygen species to the extent of an 0:Pt

~ratio of 1:1, those in excess forming phase oxide, and

4. phase oxide formation at all potentials, .

These may be divided broadly into two views, namely
1) the film is a chemisorbed layer and 2) the film is an
oxide. The difference between the two being that in the
latter, Pt atoms are considered to have left their regular
pnsitions in the metal lattice to enter into a new
arrangement of atoms, which, together with oxygen atoms,
forms an arrangerment similar to that in the formation of
the nuclei of the respective oxides.

It has been pointed out (161) that electrochemical
transient techniques only measure the amcunt of oxygen
present and do not give any indication ¢f its nature.

The most fruitful experiments are those in which a technique

for examining the surface (such as ellipsometry, specular

reflection spectroscory or X-ray crystallography) is
combined with an electrochemical technique, The state of
this art is well demonstrated in the report of the Fourth

Symposium of the TFaraday Society (6) in which the general

discussion sections are particularly useful., Illipsometric

*
studies (155) indicate that below 1 V (vs RIE), the anodie

¥ uraut PHE shwmds F‘l reved bl hddwogm qﬂufwdl



-160-

film is characterised by adsorbed species and above this
Potential oxicdes are formed. Specular refection studies
appear fo agree with this finding (163). Conway (164)
proposes that the successive stages of oxidatian are.
coverage of sites by hydroxide radicals then by oxygen atoms
and finally phase oxide formation by place exchange
amongst Pt and O species. He shows that the oxidation
is progressively irreversible, and proposes that the
material initially laid down is electrochemisorbed hydroxide
radicals. This model is also proposed by Appleby (161),
namely that in the potential range 0-8 to 1-dhv vs RHE,
the chemisorbed oxygen film is reversible but becomes
increasingly irreversible at higher potentials where
increased film thickness gives rise to the reduction
potential being constant (i.e. independent of formation
potential or thickness), At the lower potentials, the
0 or OH radiéals are merely chemisorbed with the platinum
atoms remaining in their lattice positions. This is the
model proposed by Conway et al in a series of papers (165
166,167 )vhich looks like providing the definitive description
of the anodic film,

It would appear, then, that both views on the nature
of the énodic film are true to a certsain extent, depending
on the formation potential, It is apparent that the
conditions employed in the experiments described in. Chapter
4 to clean the electrode leave the surface covered with

phase oxide, and from the previous Section, that the
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absorbances from the blank solutions are directly linked
with the reduction of this oxide film (see Figure 6.11)
and so, it is of interest to examine the reduction process.
Recause of the ﬁncertainty.in the nature of the anodic
film,'there is a corresponding uncertainty in the mechanism
ofloxidation or reducticn. Any mechanism must account for
the fact that the number of coulombs required to build up
the anodic film is larger than the number required for
its reduction. This is discussed by Damjanovic (160Q), who
roints out conflicting experimental evidence for most of
the reasons put forward for this charge imbaiénce.

In many of the studies of the anodic film, it is
difficult to distinguish between the reduction of the
oxide film and of oxygen in solution. ¥ost workers,
apparently, are more interested in the reduction of dissolved
oxygen and the products from this reaction than in the
reduction of the anodic film. However, it has been
established that hydrogen peroxide is not an intermediate
(168). A number of mechanisms have been proposed for the
reduction of the anodic film, which vary, of course, with
the formulation of the oxide film, as follows. The
recent literature has been reviewed by VWeaver (169).

1. Kozawa (170); Hagl and Dietz (171)

P£0,.nH,0  + 4T 4 deT——= Dt + (n + 2 )H0
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2. Conway and Gilroy (172)

+ e ——-s= PtOH

+ e — Pt + H,LO0
3, Gilman {173)

Pt0, + 2wt + 27 —— s PtO0 4+ H.LO
PO + HY + e ——= PtOH
PtCH + HY + e — > Pt + H

4, Feldberg, Fnke and Bricker (174)

Pt(0), + xHY + xe~ —= Ft(OH),

Pt(OH)_ + xH" + xe= — Pt + XH,0

5. Conway (164)

No 4+ oHT + T > PtOH + Tt

PtOH + HY + e —= Pt + 1,0

6. Reddy, Genshaw and Bockris (175); Tilak, Conway and

Angerstein~¥ozlowska [167)

Pt0 + HY + e —s HOPE

HOPt place _  pyoy
exchange

PEOH + W'Y + e — > PE 4+ 150
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In all cases the experimental workx was done in
concentrated acid solution (ca 1 ') and the final stage
in the mechanisms is the reduction of a surface hydroxide
species to water. In the neutral solutions used in the
experiments described here, the final product of reduction
nmight well be hydroxide ion rather than water.

Biegler and Yoods (176) observed that with severe
conditions of anodic polarization (»>1,000 sec at 2-.48 V),
the oxide reduction extended into the-hydrogen region. They
also observed that for anodic ponlarizations of 10 sec, a

limiting oxide coverage was obtained at 23 V vs RHE.

6.5.1 Reduction of Oxygen at Platinum

This reaction has also beén extensively reviewed (159,
160,161) at both oxide coated and oxide free electrodes,
There is also considerable controversy over the mechanism
of the reaction, particularly with respect to the involvement
of hydrogen peroxide. The sitvation is well summarized
by Blurton and Fclullin (177) who identify from the
literature four reaction mechanisms, namely:-

1. hydrogen peroxide is an intermediate in a single reaction
path (178,179)

2. hydrogen peroxide is the sole product of the reaction
(170,180)

3. hydrogen peroxide is an intermediate in a reaction path
parallel to a second reaction path involving the

reduction of oxygen directly to hydroxide (131, 182)



~164-
4. oxygen is reduced directly to hydroxide without
hydrogen peroxide being formed (185).

Their own contribution is to investigate the reduction
using a ring disc electrode in 7 M KOH and concludé that
between 0+4 and 0:0 V vs RHE oxygen is reduced to hydroxide
with hydrogen peroxide as an intermediate,

It is generally accepted that the mechanism of the
reduction depends on whether the surface of the electrode
is oxidised or not (183), and it éppears that the reduction
on a surface containing oxide is a four electron process
(184 ). Lingane (185) in a characteristically well
presented paper argued that the reduction involved four
electrons from a compariscn of the experimental transition
times with the theoretical values for 4 and 2 electron
reductions. He also found that the presence of surface
oxide waé essential, That peroxide is formed as an
intermediate has been convincingly shown by Frumkin et al
(186) using a rotating ring disc electrode (RRDL) in
which hydrogen peroxide formed at the disc is swept out
and detected as a current at the ring. These early
experiments demonstrate the power of this type of electrode
to elucidate reaction mechanisms. The RRDE has been
extensively applied to the investigation of the reduction
of oxygen at platinum (160). BLamjanovic and coworkers
(181,183%) have studied the reduction in both acid and
alkaline solution., They found that in acid solution no

peroxide was formed even as an intermediate, but in
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alkaline snlution, hydrogen pernxide was produced in a
second reaction path., One of the few chemical studiés
of the system has been made by Peters and 1"itchell (187)
who added Ti(IV) to the solution and detected the z2bsorbance
of a titanium peroxide corplex at 410 nm at a platinum
gauze electrode. ‘They showed that hydrogen peroxide was
an intermediate a2t active (i.e. freshly reduced) electrcdes
but fhat the surface catalyses its decomposition to water.
The catalytic effect of the surface has been sbserved by
other workers (188,18S, 190),.some workers found that the
surface oxide inhibited the reaction (191), Qiile others
found the overall process was accelerated in the presence
of oxide (192). Others observed that the presence of
surface oxide catalysed the decomposition of hydbgen
peroxide (173,193,1¢4), but inhibited the reduction of
oxygen to peroxide (191),

As the product of the reduction is either hydroxide
or water (depending on the pH of the solution), at electrodes
which are coated with oxide; with no formation of peroxide,
- it would appear that the effect of applying a cathodic
potential to the anodically pretreated electrodes used in
the experiments described in the previous Section is to
produce hydroxide near the electrode, both from the
reduction of dissolved oxygen and from the reduction of

the anodic film,
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6.5.2 Change in pY near the Cathode

If the product of the reduction of the surface oxide
or dissolved oxygen is hydroxide as suggested in the
previous Section, then it should be possible to detect
an inérease in the pH near the cathode surface,

This change in pH was investigated using a solution of
phenolphthalein (0:001%) in a manner analogous to the
experiments of Peters and I'itchell (187), who detected
peroxide by adding Ti(IV) and measuring the absorbance of
the titanium peroxide complex. Hydroxide does not form a
complex with phenolphthalein but by combiningwwith hydrogen
ions (to form water) the equilibrium between the protonated

and non-protonated forms of the indicator is shifted so

that more of the ionized form is produced, viz (195),

"t;v‘) QO @ﬂ

C~—o ¢ oH
/k,c Col H* @ CO
J

colourlags red-violet coloufltss

In strong alkali the indicator again becomes colourless
because of the loss of the quinonnid structure.
Visual observation of the electrode surface showed
that cn apnlying a potential difference of 2 V Dbetween
the electrodes with a 0+001% solution of phenolphthalein
in 0-03 ¥ potassium sulphate, the characteristic red-violet

colour of the alkaline form of the indicator was produced
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over the electrode surface. 4 visible spectrum of the
indicator was recorded (Perkin Elmer model 402) from which
it was found that the absorbance maximum of the alkaline
form was 552 nm. The absorbance of a series of solutions
of varying pH (adjusted with KOH solution and measured with
an EIL Vibron 3%A pH meter) was measured in 1 cm cells
against the acid form of the indicator at 552 nm and a

calibration curve plotted. This is shown in Figure 6,15,

gt \\\\\+

b F »
Absorbance , ¥

552 am .5 F

.1- B

Figure 6.15 Variation of Absorbance with pll for 0-001%

Thenolphthalein
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The variation of absorbance with potential difference as
this wag changed stepwise from -2:0 to -0+-4 V for a
solution containing 0:001% phenolphthalein in 0-03 M
potassium sulphate is shown in Figure 6.16, The electrode
was aﬁodically rretreated at 50 V for about 5 sec and a
fresh aliquot of the indicator was taken for each potential
difference, It was observed that at potential differences
greater than 1+2 V, the signal maintained 2 maximum value
until the voltage was switched offy whereas, at potential
differences less than 12 V, the absorbance reached a

maximum and then decreased.

Abcorbance 'S

4 19
4 .
2t 11
iy 16
° o] 1 -4 .'(, 3 |to ,l.l |‘.4, |:5 |‘-3 10

Potential mifguev\ce. v

Figure 6.16 Variation of 1.Absorbance and 2.pH with

Potential Difference
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If the pathlength ¢cn the electrode suriace were known,
then the absorbance values obtained could be related to a
P value. Assuming that Jduring the electrolysis, the
maximum absorbance possible is obtained, then an absorbance
cf 0:85 in the electrolysis cell corresponds %o an
absorbance of C+*90 in a 1 cm cell. From this the pathlength
is deduced to be 0:24 cm. The variation of pH with
potential difference is also shown in Figure 6,16, The
results show that a pH of between 10 and 11 was obtained
at the cathode surface at potential differences greater than
1.0 V.

The absorption spectra of a 1072 ¥ KOE solution and
of a hydrogen peroxide solution recorded in 1 cm cells vs

water are shown in Figure 6.17.

“rf

9

2 — 16°M KoH

T

' —— 100 ol H,0, diluted 4x 16> times

6 F
Absorbance

1¢go 20D 2260 240 260 2%0

3 '
© Wavdenaﬁ nm

Figure 6.17 Absorption Spectra of Hydroxide and Peroxide



-170-
From a comparison with the absorption spectrum of the
blank absorbance (sée Figures 4.8 and 4.13%), it was deduced
that the absorbance from the background electrolyte
solutions was due to the formation of hydroxide rather

than peroxide,

6.6 Role of the Hydroxide Layer

The solubility products of the hydroxides of the metals

studied are shown in Table 6.4,

Table 6.4 Solubility Products of Netal Hydroxides

Hydroxide Solubility Product

or Oxide
Ag,0 2.0x1078
Fg(OH), 8-9*10":2
¥n(0H), 2'Ox10_1z
Ca(0H), 2-0x1o:15
Fe(0H), | 1+8x10 e
- Pb(OH), 4+2x107 .
Mi(0H), 1~6x1o‘16
CO(OH)2 2-Ox10-1P
Zn(0H), 4.5x1o:1;
Cu(OH)2 1:6x10 "
Hg(OH)2 3-2x1o“2
Sn(OH)2 6-3x10-33
Cr(0H)4 6+7x10" o
Fe(OH)3 6+0x10"7
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For equilitrium concentrations of 10~% ¥ with respect
to the metal ion and 107> ¥ with respect to hydroxide ion
(pH 11), +he liriting s*ability product for a divalent ion
is 10'10, and for a trivalent ion is 10”12, Thus, it
might.he expeéted that the metal hydroxides would precipitate
near the cathode, and that the signals from the solutions
containing metal ions were due to scattering from precipitated
or colloidal metal hydroxide species.

In fact, it is not easy to distinguish between true
absorption énd Rayleigh scattering by measuring the intensity
of the transmitted light (as was done in theigxperiments
described here), In 1871, Rayleigh deduced an equation
for fhe intensity of the scattered radiation from a system
containing particles small by comparison with the wavelength
of the incident light and at high dilution. TUsing the same
limitations, Debye (196) deduced an equation for the
turbidity of the solution, He defined the turbidity,T,

as

I

Ty -1
IO

where It is the transmitted intensity, Io is the incident

intensity and 1 is the pathlength,

and deduced that

v . 32moyta®irc
3 Xoou
where ¥ is the refractive index increment,%%—, given by
Y = DNg-m

Cc
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vhere n, is the refractive index of the solution, n is the
refractive index of the solvent and ¢ is the concentration
in g m1—1, T is the Avogadro number and ¥ is the molecular

weight of the solute.

For sufficiently great dilution, ¥ may be considered

constant,
Xe
T = =
)ﬁ
ThuS I ' T 4
_t _ Kel/X
I
o
10g_£§_= Ki} 1ng e B
I
0

and thus the function 1og(It/Io) will be independent of
the intensity of the incident light, Io’ and will also
show a linear dependence on concentration whether the
light is attenuated by aﬁsorption or by scatter. It has
been suggested that it is possible to distinguish betwegn
true absorption and scattering by the dependence of log(It/Io)
on wavelength. HYeller and Vassy (197) proposed that the
attenuatioh of the light may be given by
k = c AR |

where k is an absorption coefficient, ¢ is a constant, A
is the waveiength and n is the wavelength exbonent,
and that for values of n greater than 4 true absorption
is occurring.

The absorption spectrum of a 10 ppm cadmium solution

in 0-03 M potassium sulphate obtained at an oxidised electrode
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at -0+2 V vs SCE is shown in Figure 6,12, no coerrection has
been made for the blank absorption. From Heller and Vassy's
equation,

lo0g k = logc - n log A '
assuming that k is directly proportional to the absorbance,
A, then

log.A = -n 1og>\ + K

where K is a new constant.

."l-

5 F
F}L Sorbance
4 F

1 I i i

180 A0D 220 d4q &bo
Wavdmsh nm

Figure 6.18 Cadmium Absorption Spectrum

A plot of log & vs log N is shown in Figure 6.19. The
slopes of the two branches of the plot are found to be
2%3+0 and -7+15. Any absorption peak is bound to have a
negative value nf n, so 2 negative value of the slope
cannot indicate that the signal is due to scattér. The

modulus of the slopes in both cases is greater than 4 and
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L°3 A

224 26 38 0 32 -4 .36 3 40 42 44 4

{6k

Figure 6.19 Plot of log (Absorbance) vs log (Wavelength)

so it was deduced that for cadmium, the absorbance signals
were due to true absorption and not Rayleigh scattering.
The fact that true absorption weas being observed does
not mean, however, that the species could not be colloidal
in nature, as it is known that colloidal solutions can
absorb radiatinn in accordance with the Beer-lambert law,
-€k1l

= X 10

t - ~0 ? (198)0

6.6.1 Variation of Abscrbanbe with Potential

Using the linear potential sweep method described in
Section 6.4, the variation of absorption with potential
(vs SCE) was studied for solutions containing

1, 0+03 I¥ potassium sulphate, at 198 nm
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2. 20 ppr cadmium in 0+03 M potassium sulphate, at 220 nm
3. 0.001% phenolphthalein in 0-03 I potassium sulphate,
at 552 nm

', At 193 nm, the

at a potential sweep rate of 50 mV sec
blank signal has a maximun value, at 220 nm, the difference
between the absorbanceof the cadmium and the blank solutions
is a maximum and the blank signals are negligible, and at
552 nm, the alkaline form of the indicator has an absorbance
maximum, |
1. Oxidised Electrode. N
, The working electrode was anodically

pretreated at +5:0 V for a few seconds while washing with
0«03 I potassium sulphate followed by rinsing with distilled
water at 0-0 V. The electrnde was polarized at +0+:2 V vs
SCE while deaerating with oxygen-free nitrogen for 2
minutes. The potential sweep was then applied. The results
for the three solutions are shown in TFigure 6.20. The
results are also shown for a solution containing cadmium
and phenolphthalein in 0-:03 I potassium sulphate, at 220 nm.

it can be seen from the Figure that the blank and
indicator signals occurred over the same potential range,
starting.at 0«0 V vs SCE. The cadmium signal started at
-0+2 V vs SCE, just before the indicator signal reached a

maximum. The sclution that contained bath cadmium and

indicator did not show any signal until -0-76 V vs SCE.
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2. Reduced Electrodé.

Thg surface oxide leyer was reduced
byrappiying a cathodic potential to the working electrode
after the anodic stripring step. Holding the potential
at +0+2 V vs SCE while deaerating removed the adsorbed
hydrogen. The results obtained for the three solutions
(blank, metal ion and indicator) are shown in Figure 6.21.
Prom the Figure it was seen that, in contrast to the
oxidised surface, the indicator signal did not occur until
-0+:54 V vs SCE with the blank signal following a similar
path. There was no signal fromAthe cadmium ébiution until

-0+35 V vs SCE,

3. Reduced Electrode, Solutions not Deaerated.

vThe same
pretreatment as for the ﬁrevious experiment was used, but
the solutions were not deaerated. The results are shown
in Figure 6.22 for the blank and cadmium solutions, from
which it could be seen that the presence of dissolved
oxygen produced results similar to those obtained with an

oxidised electrode in the absence of dissolved oxygen.

The results are presented in a different form in
Figure 6.23%3 so that the effects of the various electrode
pretreatments on the signals from each solution could be
seen; From visualebservatiOn of the electrodes during

the potential sweep, it was noted that there was no
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observable evolution of hydrogen gas below -1:0 V vs SCE.
The red-violet colour of the alkaline form of the indicator

could be clearly seen.
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FTigure 6,22 Reduced Flectrode, Solutions Contain Dissolved

Oxygen. Variation of Absorption with Potential

Discussion.

As the signals at 198 nm from the potassium
sulphate blank solution followed the sane path as those
from the alkaline form of the indicator, and from the
similarity of the absorption spectra of the blank and_m-3 N

KOH solution noted in the previous Section, it was concluded
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thet hydroxide ion was formed at the cathode at a potential
of 0«0 V vs SCE. From the agreement between the current-
potential curve and absorptinn-potential curve (see Figure
6.11), it was further concluded that the hydro%ide ion
was produced by the reduction of the nxide layer on the
electrode surface, This conclusion was further supported
by the fact that when there was no oxide on the electrode
(reduced pretreatment) no increase in absorption was
nbserved for either the blank or the indicator solution at
0-0 V vs SCE, The absonrbance did.not increase until a
potential of about -0¢65 V vs SCIE was reachedt

It was uncertain from the experiments reported in the
previocus Section whether the signals from the cadmium
solutions were produced at a freshly reduced electrode
surface i.e. immediately after the surface oxide was removed
allnwing the cadmium to react at freshly exposed active
sites on the electrode, or whether the product(s) from the
reductinon of the oxide layer reacted with the metal ions
in solution tn give an absorbing species. It could easily
be seen, though, from Figure 6.23 that when there was no
surface oxide, no signal was obtained from the cadmium
solutions until a potential of -0-8 V vs SCE was reached,
and it was concluded that the presence of hydroxide in the
solution was necessary to cause an increase in the absorption
from the cadmium solutions,

It did not seem possible to draw any conclusions

concerning the nature of the metal-hydroxide species, though
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from visual observation of the electrode surface and the
discussion concerning collnidal solutions, it was thought
that the species was soluble rather than colloidal or
precipitated Cd(OH)Z. |

The results obtained with the solutions containing
dissolved oxygen suggested that the reduction product was
again hydroxide, and that the reduction occurs at potentials
more anodic than the reducfion of the surface oxide.
These results are in accordance with the conclusions reached
in Section 6.5 concerning thé reduction products of surface -
oxide and dissolved oxygen from a considerati;n of the
results of other workers.

As there vas no visible evolution of hydrogen and as
the absorption in the absence of surface oxide increased
at different potentials depending on the species in soclution
(blank and indicator solutions at approximately -0:53 V vs
SCE, cedmium éolutions at -0*8 V vs‘SCE), it was thought
that these increases in absorbance were not due to the
evolution of hydrogen gas obscuring the light beam. It
was noted that the absorptinon of the cadmium solutions
obtained at an oxidised electrode showed a further increase
at approximately -~-0+75 V vs SCE. Dy exactly the same
argument that was used in the first part of this discussion,
it was concluded that at these more cathodic potentials
the solution became alkaline even though the electrode had
a reduced surface and there was no (or very little) dissolved

oxygen present, The signal from the cadmium solution
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lagged behind those from the blank and indicator solutions
in exactly the same way as was nhserved at the more anodic
rotentials, and it was thought that an exactly similar
Process was occurring at these more cathodic potentials as
was déduced for the reaction at the more anodic potentials.
The absence of a signal at 220 nm for a sgolution

containing both cadmium and phenolphthalein at -0-2 V vs
SCE even though the electrode was anodically pretreated

is explained by competition between the phenolphthalein
and the cadmium for the hydroxide and a signal for the
cadmium hydroxo species was not observed untii sufficient

hydroxide had been produced to exceed the equilibrium

requirements of the phennlphthalein.

6.6.2 Absorptinn Spectra for Different Regions of the

Potential Sweep

Trom the precg¢eding discussicn it was thought that the
absorbing species produced at potentials around -0-2 V
and -0¢7 V vs SCE were the same. This conclusion was also
arrived at in the cocnsideration of the effect of electrode
pretreatment on the signals from solutions containing
zinc (see Section 4.14). The abscrption spectra of the
cadmium and the blank solutions were obtained at +O'2, -0-2
V vs SCE with an oxidised electrode and at +02, =07 V Vs
SCE with a reduced electrode., 1In both cases a potential
step was applied and a fresh aliguot was taken at each

wavelength. The results are shown in Figure 6.24, from
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which it could be seen that the spectra were, indeed,
very similar, adding weight to the conclusion that the
same species was produced in each case, namely_hydroxide
ion and a cadmium hydroxo complex. At a slightly more
cathodic potential, -0+8 V vs SCE, a very slight evolution
of hydrogen was observedi%sing a magnifying glass. The
absorption signals obtained at this potential were
considerably greater (see Figure 6.24) and it was noted
that the absorption reached a maximum value and maintained
this value uﬁtil the potential was made more anodic, in
contrast to the absorptions at -0+:2 and -0+7 V vs SCE where
the absorption passed through a maximum and then decreased.

It is known that during eleétrolysis at inert electrodes,
the snlution near the cathode (catholyte) becomes alkaline
when hydrogen is evolved (199). This change in pH has
been used to precipitate rare earth hydroxides on the
cathode as a means of separating various isotopes, eg ™Y
can be prepared with less than 1074 of sy (200). A
theoretical treatment has been given by Hansen (201) whose
argument and mathematics are both difficult to follow,
He does, however, produce equations which he verifies in
a later publication (202). MNore recently, Harris (203)
has published a theoretical treatment of the same problem
for the case of the deposition of a divalent metal ion.

fdis approach is tn consider the equilibrium between the

following species:-
(2 z)+

/\/\/\Z-
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considered to be at steady state concentrations inside a
'Nernst type' diffusion layer. Thé various equations are
solved by numerical integration using a computer., He
arrives at the conclusions, firstly, that alkalization of
the catholyte is due to the decomposition of water i;e.

Hy0 o+ & s 3, + OH
and not due to the dissociation af water in response to
the depletion of the soluticn of protons by reduction at
the cathnde, in other words, alkalization occurs because
the hydrngen evolution current exceeds the Nernst limiting
current i.,e. the maximum current that could be carried by
hydrogen ions diffusing all the way across the diffusion
layer. Secondly, .that this alkalization can be prevented
if the hydroxidé formed can immediately react to form a.
soluble species such as roet or H2O (rather than an insoluble
metal precipitate) as follows. If the stability constant
of MOH' is large enough, the hydroxyl ion ccncentration
is greatly exceeded by the concentration of TGH+, thus
effectively remwoving DH from the reaction scheme. The
resulting high concentration of hydroxo complex produces
2 concentration gradient that causes the diffusion of this
species away from the cathode against the electric field
and eventually they recombine with hydrogen ions

YoEY + 2 — ¥2T 4 H,0
However, as ¥0H" can exist at relatively high concentrations
compared with O~ even in somewhat acid solutiogs, the

recombination process takes place over a fairly wide
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transition zone in which the hydrogen evolution current is
shared by EY and rog’ moving in opposite directioné;
The result of this is that the diffusion layer thickness
can be greater than the thickness which would allow the
current to be solely carried by H+, and despite this,thicker
layer no precipitation of hydroxide will occur. Harris

2+

'uses' solutions 1 I with respect to ¥ at pi 4-0 at 70 °C

so his discussion may be of little relevance to solutions

2+

10-4 ¥ with_respect to I at 25 °c. However, although

no visible evolution of hydrogen was observed, it could be
seen from the current-potential scans (Figurew6.10) that
at a potential of -0+«7 V vs SCE there may well have been
discharge of hydrogen (that the hydrogen was not visible
was due to the large capacity of platinum to absorb the
gas evolved) producing OH_ and possibly MOEY near the
cathode. Thé spectroscopic evidence reported here certainly
supports this conclusion,

As has been alre~rdy mentioned, at the higher potential
nf -0+8 V vs SCE (at which hydrogen evolution is just
- visible), considerably larger and more permanent signals
vere recorded. This suggested that the'process proposed
by Harris was occurring at this potential giving rise
-to considerable alkalization, whereas at -0:7 V vs SCE,
the alkalization cccurred because of the discharge of

protons as adsorbed hydrogen leaving an excess of hydroxyl

ions in the solution.
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6.6.3 Variation of Absorbance with pH

The variation of the thickness of the hydroxyl layer
with pH of the bulk sclution has béen discussgd vy Hansen
(201) who shows that the layer diminishes and then vanishes
as the pH is decreased. If the hydroxide formed is
reacting with the metal ions to give an absorbing species,
then it would be expected that the signal would decrease
if the competition for the hydroxyl ions were increased
by increasiné the concentration of hydrogen ions. The
effect of decreasing the pH by the addition qf sulphuric
acid on the absorbances from sclutions of 0-03 I potassium
sulphate and from snlutions containing 10 ppm cadmium was
investigated. An anodic pretreétment was used and the
solutions were deoxygenated with oxygen-free nitrogen.

The poteritial was held at +0+2 V vs SCE and then stepped
to =02 ¥ vs SCE. TIn the more concentrated acid solutions
it was found that the oxide layer was reduced at +0+2 V vs
SCE and s» the potential was held initially at +0+6 V vs
SCEZ., Evolution of hydrogen obscured the light path with '
acid concentrations greater than 0:21 ¥, The absorbance
from the cadmium solutions was followed at 220 nm, that
from the blank solutions at 195 nm. The results are

shown in Table 6.5, from which it could easily he seen
that, as predicted, the signals frnm both the blank and
the cadmiunm snlutions decreased with increesing acid
concentration. Below pH 3 (calculated from the acid

concentration) no signal was observed from either solution.
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Table 6,5 Variation »f Absorbance with pH

Acid Concn. rotential “Absorbance Absorbance

I ¥ vs SCE Cd 220 nm Bl. 195 nm
none added x 0.2 0+40 0-46
102 2 0.2 0+00 . 0-36
10~4 £0.2 0-00 0+00
103 £002 © 0-00 0+ 00
1072 £ 0.2 0-00 0+00
10~ +06,~002 041 047
10™4 +0+6,-0+2 Ce22 0-34
5x10~4 +06,-0+2 0-04 0.05
1072 +0+6,-0+2 0-00 000

6.7 Absorption Spectra of Metal Ion Solutions

The spectra of the 10 ppm metal ion solutions in 0-03 M
potassium sulphate were run against 0:03 I potassium
sulphate as a reference in 2 cm cells on a double-beam
recording instrument (Perkin Elmer model 402). The results
are shown in Figure 6.25. The spectra obtained immediately
after making the solution 10_3 I with respect to KCH are
shown in Figure 6.26. The spectra were recorded against

the metal ion solutions as references in 2 cm path length

2+ 24 .2+ 24 ., 2+

cells. The solutions containing Cd°" ,Cu“" ,Ni“",Co“",Zn"",

2+ 2+

Mn and Hg did not visibly appear to give a precipitate

or collnidal suspension, whereas the solutions containing

n2+ 2+

S ,Ag+,Cr3+,Fe3+ and Pb gave a visible opalescence or
precipitate on making the solution alkaline. The spectra

of the species obtained at the electrode surface during
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electrolysis are shown at the end of Chapter 4 (see Figure
4,16) and the absorbance maxima of the two sets of spectra

are compared in Table 6.6,

Table 6.6 Comparison of Absorption Maxima

IFetal Catholyte Fetal Ion in
Ton Species nm 10™° ¥ KOH nm
cu’t 235 237
ca®* 215 215
re-t 270, 364 _ 260,360
n* 207 207
Pyt 270 234
crot 215 - 205
Nil+ 208 210
Ent 210 215
Colt 210 212

2+ and

It can be‘seen that, with the exception of Pb
Cr3+, there is good agreement between the two sets of
values. No signal was obtained withAmercury in 10—3 M
potassium Sulphate which explains the absence of any signal
on electrolysis of mercury solutions. .The scatter signal
can be seen for silver in Figure 6.26 but it would appear
that an absorption signal should have been obtained on
electrolysis fnr tin. |

The similarity between the two sets of spectra indicated

that the species produced near the cathode during electrolysis

is the same as that produced.by adding alkali to the
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neutral metal ion solutions.

6.8 Process Cccurring at the Zlectrnde Surface

The following aspects of the electrode process have
been studied;
1. variation of current with time (chronoamperometry)
2, variation of absorbance with time
3, variation of current with potential (linear sweep

voltammetry)
4, variation of absorbance with potential
5. pH changes near the cathode
6. pretreatment of the electrode

A mathematical model based on semi~infinite linear
diffusion to plane electrodes has been used to derive an
equation relating the absorbance to time, height of the
lighf beam, etc (see Equation 6.12). The agreewment (or
not) of the results with this equation inaicates that
diffusion prednminates initially, but that there are also
contributions from other processes., At longer times this
model breaks deown as the absorbance passes through a
maximum and then decreases. It has been shown that the
ieduction product of the surface oxide layer is hydrnxide
ion and that this surface oxide layer is essential for the
production of absorptiosn signals at -0-2 V vs 3CL.

The process at this potential with an aﬁodically
pretreated electrode in the absence of dissolved oxygen

is envisaged as:-



-19%-
Reduction of surface osxide toc give OH in solution near
the cathode (see Section 6.5.2),.

OH  diffuses out into the solution under the concentration
gradient,

Cadmium ions in the solution react rapidly to form a
hydroxo complex which gives rise to the absorbance (see
Sections 6.6.3 and 6.7)

A1l the surface oxide is removed so the production of

01~ decreases and then ceases,

Correspondingly, the absorbance decreases as the species
dissonciates, diffuses ocut of the lignt path, etc.

If the reaction between the hydroxide and the cadmium

ions is rapid and the absorbance is due to a cadmium

hydroxo complex, then the absorbance should follow the

diffusion controlled arrival of hydroxide. There may be

other processes contribtuting to the removal of the hydroxo

complex such as depositinn of the metal on the electrode

or precipitation as insoluble hydroxide.

At higher potentials it was deduced that hydronxide was

also produced in the solution at a reduced electrnde. The.

formation of hydroxide was found to be a function of

potential, electrode pretreatment and the amount of dissolved

oxygen. Four mechanisms of hydroxids formation are

proposed,

1.

2.

3.

Reduction of dissolved oxygen at a'platinum oxide surface.
Reduction of the oxide layer itself,

Discharge of protons as adsorbed hydrogen leaving an
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excess of hydroxide in the solution.

4, Reduction of water when the proton diffusion current
is exceeded, to give hydrogen gas and hydroxyl ion.

Cf these, only method 4 will produce hydroiide
continuously (it is possible that methnd 1 would as well;
however, most studies have been with deoxygenated solutions
as better precision was obtained in the absence of dissolved
oxygen), and production of hydroxide will cease when the
oxide has been completely reduced (method 2) or when all
the active sites have been covered with adsorbed hydrogen
(method 3). The results obtained at more caf%odic potentials
(see Section 6.6.2) support theses conclusions.

The experimental evidence for the presence of hydroxo
complexes gives no indication as to the nature of the
species. For cadmium, a nuriber of species are possible
including, cdout, Cd(0H),,(both precipitated and in solution),
Cd(OH)g and Cd(OH)4-. Cadmium species in basic solution
have been extensively studied (204,205) and recently
reviewed (206), Tt would appear that at low concentrations
of OH the predominant species in solution is Cd0Z' and so
it may well be that this is the species that is causing
the absorption. However, it is not possiblé to generalize
ffom this to the other metal ions involved.

Visual observation of the solutions used in the
e¥xperiment described in Section 6.7 showed that when the
hydroxide ion concentration was increased to 1072 M, a

precipitate or colleidal suspension was observed with Cr” ,
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The effect of increasing the hydroxide ion concentration

to 8x10_2 M (pd 12¢9) on the zbsorpticn spectra for Cd2+,

Cu2+,C02+,Ni2+ and Zn2+ is shown in Figure 6.27, from which
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Figure 6.27 Absorptisn Spectra of letal Ions in ax10”2 ¥
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. \ . Yo OF 2+ 4
it could be seen that in the case of ’n and Cd the
Spectra were cnnsidérably different from those in 10—'3 I
YOE suggesting that at the higher pH values, a different

2+ cu?t ) ang mwilt

species was formed. The results for Co
suggested that the species was unaltered and was thus

most likely F(OH)é either in solufion or precipitated as

a colloid,

The precipitation of hydroxides at the cathonde during
electrolysis has already been mentioned in conjunction with
rare earth metals (200) and has been observed at a dropping
mercury electrode for cadmium and lanthanum (207). The
presence of hydroxyl ion near the cathode was demonstrated
by running the polarogram in a éolution of 1% ethanolic
phenolphthalein and observing the colour after 16 to 40-fold
magnification., Powdered silica was added to the solution
to improve the colour detection. The formation of hydroxyl
was attributed to the reduction of dissolved oxygen.

Ixactly the same conclusion was reached in a different study

2t 0u?* and zn°t (208)., The decrease in limiting

of Pb™",Cu
current during the polarcgraphy of these inus was attributed
to the formation of hydroxides, the hydroxyl ion being '
procduced by the reduction of oxygen at the cathode. The
authors noted that the effect disappeared bhelow pH 25,
Ultramicroscopic observation of the space near the
cathode (20¢) has shown that with Ni2+ and Ag+ solutions,

¢olloidal particles are formed near the cathode a few

seconds after switching on the current., Current densities
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high enough to discharge hydrogen a2t the platinur cathode
were used and the authors attributed the formation of an
'optically empty space' next to the cathode as a2rising from
the difference.ip motilities between the hydrngen ions and
the hydroxyl ions.

There is considerable evidence for the alkalization of
the catlirlyte during nickel deposition mainly in the Russian
literature (210). All the work reported in the literature
.suggests that insoluble hydroxide is precipitated and it
may well be'that precipitation is occurring for all the
metals studied here. B

If equilibrium conditions were obtained in the diffusion
layer, then the concentrations of the variocus species in
solution could be calculated from a knoWledge of the
appropriate stability constants. The stability constants
for the MOH species are given in Table 6.7 together with
the solubility product and the potential at which the
absorption first reached a maximum. If thermodynamic
equilibrium is achieved near the electrode surface, then
the concentration of the metal hydroxo species, NOH+, can
be calculated from the following eguations (neglecting

complex formation with other anisns),

27 for)’
[rox]

where the square brackets denote the equilibrium concentrations

¥
5P

il

of the appropriate species.
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Table 6.7 Stability Constants

["'etal Ton log Ksp log K1 Potential
(211) (212) v
rglt ~11-05 2.6 no signal
M2t —12+69 2.8 1.0
ca?t ~13+70 5.52 2.0 used
Felt —14-75 61 -
Pyt —14-38 7-8 2.0 used
Nyt ~15.230 5.0 1.6
Cost ~15-70 4:04 1.4
st ~16+35 44 ~ 0.9
cust -18+80 65 146
Sn2+ - =26-20 1123 'scafter
Hg2+ -25+50 11-50 no signal
crot ~3077 10-2 1.4
peot ~57-22 112 140
Table 6.8 ZEffect of pi on Complex TFormation
2
Tnitial pH | Equil. pH [0x7] [+] [OH“]
8+04 7400 ¢.9x1077 | g.91x10719
9.00 7.08 5-05%x10~°| g.20x10~17
905 5.00 9.-1x107% | ¢.0gx10"17
9-78 900 1070 10716
(S'OX1O'5)
10+ 30 1000 1077 10-16
Q. 1x1072) |
11.04 11+00 1078 10-16
(0-0x1077)
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Table 6.8 shows the effect of increaéing the hydroxide
ion concentration for a metal with K = 107"® ana ¥, = 10°,
The initial metal ion concentration was taken as 10°% ¥,
The figures in brackets in the Table give the éoncentration
if no precipitation occurfed. It can be seen from the
Table that the formation of the MOET species has a slight
buffering effect and that the maximum concentration of

5 I and that precipitation

‘the IIOH" species is apvroximately 10~
occurs above pH 9., If precipitation did not occur, then
the concentration could rise to almost 10”% N (i.e. all
the metal complexed as FOH+). The maximum cdgcentration
of ¥oH' is governed by the values of Ksp and K1 and will,
of course, be different for each metal. It can be seen
from Table 6.7 that, to a certain extent, there is a correlation
between the potential required to produce an absorption |
signal and the insolubility of the hydroxide, there being
little correlétion between this potential and the stability
of the FOH' species, suggesting that precipitation of
hydroxide causes the absorption. However, considerations’
from this point of view may be of little value as the
conditions ohserved in the light path were obviously not
equilibrium,.

A solutinn to the problem of multiple equilibria in»the
diffusion layer has been given by Harris (203) which has
already been discussed (see Seétion 6.6.2), in which he

proposes the prevention of alkalization, and thus precipitation,

. - ” 4‘ , 2 : N
by the formation of FOH which diffuses away from the
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cathode, There will, of course, also be a pi gradient in
the diffusion layer.

¥Fuwena and “inograd (4) considered the 2bsorbance-~-time
variation (for internal reflection spectroscopy) for a
reaction scheme where a first order irreversible reaction
follows a rate limiting charge transfer step. The absorbance
rises to a maximum and then decreases as the reaction
evolves with time. This situation is, to a certain extent,
analogous to the scheme proposed here where the rate
limiting:step is not charge transfer, but the diffusion
controlled movement of OH™ into the light beam., It is thus
thought possible that a complete mathematical model could
be constructed in an analognus fashion, but it is 1likely
that the equation would be very cumbersonme.

The shave nf the absofbance—potential curves cbtained-
with a linear potential sweep and an n»idised electrode
surface (see Figure 6.,20) is explained by the fact that
with 2 linearly increasing potential, nethods 2 and 3 of
hydroxide formation merge into one ancther and a continuous
supply of hydroxide is available giving a fairly constant
absorbance from the cadmium solutions., ¥Yhen the region
in which method 4 is cperative is entered the absorption
increased due to a rapid increase in the hydroxide
concentration. With the constant potential measurements
(i.e. potential step), the absnrbance is governed by the
amount of cadmium present, there being an excess of

hydroxide, until the pntential is reached at which hydrogen
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is evolved obstructing the light path.
It appears that, although the applied potential may
well be cathodic enough to reduce the metal iops in solution,
particularly if they are being reduced at underpotential
(see Table 5.1), the reduction process dones not play any.
significant part in the production of the absorbance

signals,
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7. STUDY OF DYESTUFFS

Although it has been shown that the absorption observed
near the cathode surface in the presence of reducible mefal
ions is not, in fact, due to the reduction of the metal, it
was thought that suitable organic compounds might show a
behaviour characteristic of their redox properties rather
than their pH properties. A number of dyestuffs having well
defined colour changes in the visible region of the spectrum
on oxidation or reducfion (redox indicators) were chosen

for study.

T.1 Varierine Blue

Variamine blue is 4-amino-4'-methoxy diphenylamine.
The reduced form is a colourless cation which can be oxidised

through a two electron step to a violet-red iminogquinone.

Hy N -@—-i—@-dcus — Hzﬁ‘@-‘“*/_\ Oty + 2HT + 2"
The iminoquinone combines reversibly with another molecule
of the reduced species to form an intensely blue coloured
quinhydrone., This partially dissociates to a blue-violet
sem;éuinone radical (213),

The variamine blue was purified before use by re-
crystallising from a saturated sodium chloride solution,
and an approximately 10_4 I solution was made up in 003 M

rotassium sulphate as background electrnlyte. The absorption
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obtained on electrnlysing at +2-0 V {i.e. oxidising at the
electrgde'in the light path) using the function gererator
in the two-electrode mode with a reduced electrode
bretreatment was followed as a function of wevelength
between 250 and 690 nm. The spectrum obtained is shown in

Figure 7.1

.5 r
-4 -
.3 o

Absorbance
-Z L

1 1 [}

. i 1 1 L L (] A 'y
250 290 330 310 <410 450 490 S30 SI7°0 6l Lo 630
Wo.ve!.ensﬂ'\. nm

Tigure 7.1 Absorption Spectrum Obtained on Oxidising

Variamine RBlue

In order to compare this spectrum with that of the
oxidised form of variamine hlue, reference must he made
to Equation 6.12 viz.,

& b -
2oi1tkc, (e, = €,)

A =
hre't

for a reaction

Red —— O0x + ne
From which it can be seen that, provided the ahsorbance is

taken at the same time after the start of the electrolysis,
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the absorbance as a function of wavelength depends on the
term €,-€, i.e. the difference between the molar absorptivities

of the oxidised and reduced forms respectively, this being

the only term on the right hand side of the equation that

is wavelength dependent. Thus it can be seen that the

spectrum obtained on the surface of the electrode is the

difference between the spectrum of the oxidised form and

of the reduced form. Figure 7.2 shows the spectra of the

reduced and oxidised forms of variamine blue and also the

difference spectrum obtained by placing the cell containing

the reduced form in the reference beam of the spectrophotometer.

rrof 3
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4| .
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2t '\ - «=-=  Reduced ch"'“
U .

It ‘|\ —_—— Tbnlffelwct
1 .

-4 F
Absoroance
-5 o

\

250 4o

330 370 40 450 490 S3o S5lo 60 650 %0
Wa.\)o.lmjtr{ am

Pigure 7.2 Variamine 3lue Spectra
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The spectra were recorded in 1 cm cells using a Perkin
.Elmer model 402 Spectrophotometer; A comparison between
the recorded difference spectrum and that obtained at the
electrode surface showed that the absorption signal was due
to thé redox behsviour of the indicator. The variation of
absorbance with concentration a2t the absorbance maxima is
shown in Figure 7.3. The same experimental conditions were
employed namely, reduced electrode surface, deoxygenated

solutions and a potential of +2-0 V in the two-electrode

mode.
£} _
350 and 650 nm
.s - .
%}
Absorbance
.5 =
.2 L.
.‘ o
o 2 4 [ 9 1o

Conuntrakon x 1075 ™M

Figure 7.3 Analytical CGrowth Curve for Variamine Rlue

The sensitivity (concentration for 1% absorptiosn) was
calculated to be 6-5x107 1 ¥ (approximately 0+15 ppm), It
was noted from the recorded difference spectrum that

between 260 and %00 nm the reduced form was more strongly
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absorbing than the oxidised form., The spectrum obtained
by reducing the oxidised form at the electrbde surface
(-2:0 V, reduced pretreatment) is shown in Figure 7.4,

together with the analytical growth éurve at the absorbance

maximum.
S u s -
d‘, .
250nm
S o
Bbs. fibs.
2t
by
|
200 dko 24 2bo 260 300 310 o 3 6 3 0o
\\/avqlengfk. nm Concentrvution x 05 M

T

Figure 7.4 Variation of Absorbance vith Vavelength and

Concentration for Reduction of Variamine Blue

7.2 Tris (5-nitro-1,10-phenanthroline) Iron (TI/TII)

The reduced form of this compound,
NO,

—

a=a

— N=
— —

YRRy
(Fe);s

is red whereas the oxidised form is elrmost colourless, The
effect of pH on the redox behaviour is shown in Table 7.1

The absorption spectra of the reduced and oxidised forms
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Table 7.1 Effect of pH on Redox Eehaviour
pH Redox State Colour

acid reduced red
neutral reduced red
alkaline reduced red

acid nxidised colourless
neutral nxidised pale yellow’
alkaline oxidised colourless

between 400 and 600 nm are shown in Figure 7.5, from which

it can be seen that the reduced form has a° maximum at

505 nm.

.4 L
Absstbance

1 1 1 " 1 Y (% 1 1 1
3180 400 420 <440 4,0 <40 S0 Slo S0 6o 630 600 20

Wavelenglh  am

RPigure 7.5 Absorptinn Spectra of Reduced and Oxidised Torms

of Nitro-ferrnin

-~
H

Oxidising the reduced form at the electrode surface
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at a potential of +2:-0 V (two—electrode rode with reduced
electrade pretfeatment) was found tc produce a decrease in.
the nriginal signal. The variation ofALbs., (initial
absnrbance minus final absorbance) with pH and concentration

is shown in Figure 7.6, The sensitivity was calculated to
8

be 5+0%x10° 7 M
oH
° 2 4 6 ' 19 2 “
4 ¥ *
/ pH .
/
‘3 3 * —
A Abs «
-2 F %
|
‘;- é ;1 llb J‘.o .7:4- .‘1‘8

. Concentration of Fewous Complex
X wqtﬂ

rigure 7.6 Variation of Lbsorbance with pH and Concentration

for Oxidation of Nitro-ferronin

To study the reduction of the oxidised form at the-
electrode, the reduced form was titrated vith ceric solution
(7X1O-3N) until the red colour of the indicator had just
disappeared., This avnided haviﬁg an excess of oxidising
agent in the snlution, which, it was found,.interfered with
the reduction process at the electrade sufface. The spectrum
obtained by reducing the oxidised form at -0.2 V vs SCE is

shown in Figure 7.7. A comparison with Figure 7.5 showed
g
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Figure 7.7 Spectrum Obtained on Reducing the Oxidised

Form of Nitro-ferroin at the Electrode Surface

that the absorption was due to the formation of the reduced
form a? the electrode surface. As the electrolysis
proceeded, visual observation of the electrode showed that
the surface became coated with a red layer which diffﬁsed

out into the solution.

7.3 Determination of the Pathlength on the Electrode Surface..

The fact that the molar absorptivity of one of the
redox forms is zero over a particular wévelength range can
be used to measure the pathlength on the electrode surface.

Suppose that the electrode reaction is

Red—— Ox + ne
where the reduced form of the compound absorbs at the
wavelength chosen i.,e. €,>0 and the oxidised form does

not, i,e. ¢,= O. The situation in the cell before and
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and during electrolysis is shown schematically below,

) 7\
>h Tex
boforc : dorlnj

Before electrolysis, the absorbance is given by
b
where Cz is the bulk concentration of the reduced species.

During electrolysis, the absorbance is given by

Ay = €0t (L - x) + €0, % + €Cgx
= GRCSL - eCix + €C,x + €.0Cx
= Ay - Ax o+ 0+ §0ix

If it is assumed that at the maximum change in absorbance

all the reduced species in the light path has been oxidised,
- then

Ce =0
and
Ay = A, - .%?x
from which
x = KAy - 4)) 7.1
Ay

and thus the pathlength can be calculated from a knowledge
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of only the total pathlength of the cell (2 cm) and the
initial and final absorbances. |

The oxidation of tris (5-nitro-1,10-phenanthroiine) iron II
gave a value for x of 0:67*¥0-01 cm.

If the simplification of Co = O is not made, then at
the time the absorbance is measured

Ce = kCp

where k is the fraction of the bulk concentration unreacted

when the absorbance is measured.

Thus
A.X 5
A2 = A1 - _L.J + égkC‘x
= A1 _ .fjx + A1kx
I L
x(1 - %) = 1Ay -45)
Ay

= 0+67%0-01 cm
Now 1 f k is the fraction of the bulk concentration
converted to the oxidised form
| 0<1 - k<1
and thus the value of 0:67 cm is a lower limit for the
value of x. Because of the curvatﬁre of the electrode
surface, the upper limit for x is approximately 1+5 cn.
Values for the pathlength were obtained using another
dyestuff, setopaline. Setopaline is a triphenylmethane
dyestuff whose formula, however, is not given in the Colour
Index (214). A comparison of the ir spectrum with that

of patent blue V showed that the compounds are very similar.
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The effect of pH on the redox behaviour of setopaline is
shown in Table 7.2,

Table 7.2 Effect of pH on Redox Behaviour

Colour of Solution
PH
reduced as dissolved oxidised
acid colourless green colourless
neutral colourless blue - colourless
alkaline pale green blue colourless

In neutral solution setopéline has an absorbance maximum
at 630 nm, The absorbance at this wavelegth disappeared
completely on reduction. The change in absorbance when
the colourea form was reduced at the electrode surface
(=20 V with reduced pretreatment) was followed at 630 nm,.
On the basis of Equation 7.1 the'péthlength was calculated
to be 0:70% 0+04 cm. |
The values calculated using Equation 7.1 are somewhat
lower than that calculated in the studies with phenolphthalein
(Section 6.5.2) .indicating that possibly the simple form
of the Equation is not valid and that the value of k is probably

not zero.
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7.4 Determination of the Height of the Light Beam

Considering Equation 6.12 namely
2D%€i

A = 0 (g-¢€)1 Cf,’
h '

it is seen that a plot of A vsvt% would be a straight line
of slope given by

. |
Do g-€) 1 C 7.2

m
hr

If a compound were éhosen for which D , €, €, were known

and if a solution of known concentration were used, then

the value of h, the height of the light beam, could be found
from the slope of the A vs té plot. The value of 1, of
course, has already been determined from the experiments
described in the previous Section.

The variation of A with t? is shown in Figure 7.8 for

the reduction of tris (5-nitro-1,10-phenanthroline) iron III

at a reduced electrode surface at -0-2 V¥ vs SCE.
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Figure 7.8 Variation of Absorbance with time?
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The concentration of the bulk solution was 9‘56x10—5 M and
tha absorbance was recorded until a maximum value was reached
i.e. about 70 sec. The plot suggests that an induction
period of 3+6 sec elapsed before the absorbance started to
increése. In fact, the chart recording showed no increase
in absorption until 3-8 sec had elapsed. The slope of
the line was 0+0667 sec'é and using a value of SX1O_6 cm? see”!
for the diffusion coefficient and taking € = 11,500 and
€, =01 mole™ cm_1, the value of h was calculated to be

2.91x10"2 ¢n.

7.5 Determination of the Molar Absorptivities of the Metal

Hydroxo Species

If it is assumed that the formation of the metal hydroxo
complex is analogous to a diffusion controlled electrode
reaction, then the value of (¢, -€,) may be obtained from
the slope of the A vs t% plots using Equation 7.2 provided
that D,, 1, h, and C? are known. The values of 1 and h have
already been determined and on the basis of the model
presented in Section 6.8, the diffusion coefficient to be
used is that for hydroxyl ion (as the appearance of the
hydroxo species is assumed to be governed by the arrival
of OH™ from the electrode surface), namely 5-23x10_5 cm® sec™ 1,

A plot of A vs t% for a 10 ppm cadmium solution in 0<03 M
potassium sulphate for reduction at -0:2 V vs SCE at an

oxidised electrode is shown in Figure 7.9. It can be seen

that the fit with the linear relation predicted is quite
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Figure 7.9 Cadmium. Plot of A vs t*

poor after the first 5 sec. There also appeared to be an
induction time of 0+5 sec. The deviation from the linear
variation is in marked contrast to the behaviour of the redox
indicator which maintained the straight line relation for .
nearly 70 sec. This shows that with the cadmium solutions,
other processes were operating, preventing the concentration
of the absorbing species reaching the 'diffusion only' value,
The slope over the first 5 sec was O-146 sec?, Using the
value of h calculated in the previous Séction, a value of
8,240 1 mole-1 cm'1 was calculated for the molar absorptivity
difference, €, -€,. In fact, the separate determination of
the pathlength is not necessary for this calculation, as

the value of the ratio h/1l may be calculated from the slope

of the plot in Figure 7.8, and this value, 4-17x10"2, can
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be used in the calculation for the other solutions.

The A-tg variation for the background electrolyte only
is shown in Figure 7.10 for the application of.-0-2 V vs
SCE to an oxidised electrode surface at 198 nm. The molar
absorptivity for hydroxide at this wavelength is calculated

from Figure 6.17 to be 960 1 mole~! em™', From the value

5 r

fbsorbance

Figure 7.10 Potassium Sulphate. Variation of A with t%

of the initial slope the value of C is calculated to be
4+31 10”2 M. This, in fact, is the surface concentration
of hydroxide and corresponds to a pH of 11+6, The pH

value calculated from the absorbance maximum in Figure 6.24

is 10+8 (assuming a path length of 0¢70 cm). Using the
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value of h/1 calculated here, a value of 2,630 1 mole” | cm™ '
is calculated for the molar absorptivity difference for
the nickel solutions. The results shown in Table 6,2

were plotted'in Figure 7.11.

ST

Pigure 7.11 Nickel. Variation of Absorbance with Time?

A similar calculation for the results obtained with
a 10 ppm cobalt solution in 0<1 ¥ potassium chloridé at
-1+6 V (two-electrode mode) with an oxidised electrode
gives a value for the molar absorptivity differénce of

8,330 1 mole'1 cm-1. The relevant plot is given in Figure

T.12,
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Figure 7.12 Cobalt. Variation of Absorbance with Time%

The molar absorptivities of the aquo ions at the
absorbance maximum of the hydroxo compiexes are given in
Table 7.3, together with the values for the hydroxo complexes
calculated 1) assuming a pathlength of 0-70 cm and that tﬁe
concentration of hydroxo complex is equal to the bulk
concentration of the metal ion, 2) from the absorption
spectra recorded in 2 cm pathlength cells (Section 6.7)
again assuming the concentration is the same as the bulk
value, The final values are calculated by addition. The
values for cadmium, cobalt and nickel are based on the
values calculated from the initial slopes of the A vs té

plots, The difference between the values is attributed
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to the greater absorption obtained under the conditions

prevailing in the diffusion layer.

Nolar Absorptivities (1 mole ' cm

Table 7.3 Ten™)
Metal Caled., from Calcd. from Aquo Final
’ Nax Abs. Secn. 6.7 lons Values
Cu 4,000 2,351 413 4,410
cd 7,870 3,372 393 8,630
Fe 1I 2,300 - - 2,300
Fe III 3,900 2,234 3,072 6,970
Zn 5,100 2,779 294 | 5,390
Pb 3,700 1,450 0 3,700
Cr 6,500 4,570 702 7,200
Ni 2,300 1,230 264 2,860
Mn 4,300 2,060 329 4,630
Co 3,400 1,620 265 5,570




-220~
8. ' CONCLUSION

8.1 Lssessment of Results

Looking back to the 2im of the studies, it is concluded
that it is not poSsibie to extend the technique of atomic
absorption spectroscopy tq the detection of atoms produced
in solution by reduction at an inert electrode surface.

The results of the preliminary experiments showed that
certain metal ions gave rise, on apparent reduction, to
well defined absorption signals. The absorpfions were found
to be functions of wavelength, potential difference and
concentration. The variation with wavelength suggested that
the absorbances could just ﬁossibly be a broadened atomic
line (an extreme case of pressure broadening) and the
variation with potential difference suggested that the
species was produced during the reductinrn of the metal ion,
and the variation with concentrztion suggested poSsible
analytical applications. PFurther studies showed that a
number of other metal iosn sclutions gave rise to absorption
signals which were also wavelength, pectential and
concentration dependent.

In the subsequent study of the phenomena, it was shown
beyond any doubt that the solution near the cathode becomes
alkaline during electrolysis, due initially to the reduction
of a surface nxide layer on the platinum electronde.

Furthermore, it has been shown that the presence of this
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oxide coating is a prerequisite for the observation of
the absorbance sigﬁals, showing that the signals are due
to the formation of hydroxo complexes rather than to the
formation of reduced species intermediate in the metal
deposition reaction. A consideration of the theory of
metal deposition indicates that intermediate species of
lower oxidation states are undoubtedly produced, but the
experimental evidence obtained in these studies indicates
that they do not play any significant role in the production
of the absorption signals. A comparison of the species
observed during eleétrolysis with those obtained by adding
hydroxide to neutral metal ion solutions provides conclusive
evidence that the absorption is'due to hydroxo complex
formation,

It is suggested that the species is either soluble Mou"
for metals with a high stability constant for this species,
or colloidal M(OH)2 for metals with a high insolubility
product. It is difficult to determine the nature of the
hydroxo complex as the experiments are inconclusive in this
regspect., It is possible, though, that several species are
involved as the pH in the diffusion layer is changing
continuously throughout the measurement.

Despite the uncertainty ih the nature of the absorbing-
species, the variation of absorbance with a number of
experimental parameters is amenable to analysis on the basis
of semi-infinite linear diffusion to plane electrodes, for

short times at least. An appropriate equation has been
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derived., The validity of this equation has been demonstrated
in the preliminary studies of redox indicators, where the
change in absorbance observed at the electrode {(either
anode or cathode) has been shown to be due to the redox
properties of the indicator and not to any pH changes in
the vicinity of the electrode,

What emerges, then, from these studies is that two
possible techniques are available., Firstly, the detection
of trace metals by forming absorbing hydroxo complexes and
secondly, the detection of organic compouhds by observing
changes in chromophores caused by oxidation oé reduction.
Neither of these techniques resembles atomic absorption;
the techniques being solution spectrophotometric methods
with the localised generation of reagent, hydroxide in one
case and electrons in the other, at the electrode surface,.
In effect the small portion of the solution in the light'
path above the electrode surface is isolated as a reaction
cell and an excess of reagent 'added', the resultant |
increase in absorbance being recorded as a function of time
until a maximum is reached,

The alkalization of the catholyte during electrolysis
in aqueous solutions does not”appeér to be a particularly
extensively studied phenomenon. That interference from
electrolytically generated hydroxide is not reported in the
literature more often is attributed to the fact that most
electrochemical studies are carried out under conditions

where alkalization would not be expected to occur such as
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in non-aqueous media or in strongly acidic media. In
strongly basic solutions the phenomenon would probably
occur but would obviously not givé rise to any unexpected

results as the solution is already strongly alkaline.

8.2 Analytical Applications

The combination of optical and electrochemical techniques
does not yet appear to have found application in analytical
chemistry in terms of the quantitative evaluation of the
components of real samples. -

The analytical possibilities of internal reflection
spectroscopy at optically transparent electrodes (OTE's)
was mentioned briefly by Kuwana et al (22) in conjunction
with their studies of o-tolidine using a potential step
method. The sensitivity of their method is low (5x10~% M
for 1% absorption) because, by the nature of the process
by which the light beam samples the solution, only very
small changes in absorbance are recorded. The use of OTE’s
with the absorbance measured through the electrode, i.e.
by conventional transmission spectroscopy, would possibly
circumvent this difficulty. However, in an extended study
of this system, Kuwana and Strojek (12) make no mention
of the variation of the absorbance with concentration; the
whole study being devoted to the evaluation of electrochemical
parameters such as diffusion coefficients, rate constants

etc. The present situation with regard to spectro-

electrochemistry at OTE's has been comprehensively reviewed
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by Kuwana and Winograd (4), in which a large number of
electrode types and both transmission and internal reflection
methods are discussed, but there is no reference to any
quantitative analysis having been performed. The methods
have been confined entirely to the elucidation of reaction
‘mechanisms and other electrochemical parameters.

Other techniques such as specular rq@ection spectroscopy
and ellipsometry are obviouély less suited for analytical
applications as they are both techniques designed specifically
to study the nature of the eletrode surface agd to elucidate
the nature of adsorbed species, thickness of films, optical
properties etc. Specular reflection spectroscopy has been
used to identify reaction intermediates and to study the
kinetics of their decay reactions (7).

That the‘experimental techniques reported here as well
as spectroscopy at OTE's can form the basis of an analytical
method is apparent from Equation 6.12,
oDkt

hr't

A = (€e—=€) 1 C,

and the analogous equations for the other techniques, from
which it can be seen that for a giﬁen system the absorbance
is directly proportional to the bulk concentration. That
this is true, has been amply demonstrated in Chapter 4
where analytical growth curves are reported for Y metal
ions and in Chapter 7 where the results for a number of
organic compounds have been discussed. In the case of the

metal ion solutions, it has been shown that the absorbance
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arises not from the reduction process involving the metal
ien but from the interaction of hydroxide generated at the
electrode, by a number of methods, with the metal ions in
solution.

In effect, then, the method under discussion here is
a solution spectrophotometric method using electrogenerated
OH; as reagent. In conventional solution spectrophotometry,
a number of general reagents have been used, i.e. reagents
which form complexes with a large number of metals. The
molar absorptivities ()(10"3 1 mole™! em™') of the metal
complexes of 8-hydrokyquinoline, dithizone, diethyldithio-
carbamate and 1,10-phenanthroline are shown in Table 8.1
(215). The values of the molar'absorptivities of the hydroxo
complexes calculated from the maximum absorbance on the
basis of bulk concentration and a pathlength of 0-70 cm
are also shown in the Table. The values for cobalt, cadmium
and nickel were calculated from the initial slopes of the
A vs té plots as described in Section 7.4, and it is likely
that the values for the other metals would be higher than '
those shown in the Table if determined by this method. It
can be seen from the Table that for the group of metals
studied, hydroxide forms complexes with a range of metals
comparable to that of any of the other reagents and that |
the intensity of the absorption is comparable to that of
the complexes with 8~hydroxyquinoline and diethyldithio-
carbamate.

Recently, the uv monitoring of the chloride complexes
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Table 8.1 Comparison of Nolar Absorptivities of Letal

Complexes ()(10"3 1 mole” cm—1)
Metal Hydroxyl Oxine 1,10-phen. D.D.C. Dithizone
Ion
Ag - = - 54 30-0
Cd 86 - 350 0+21 88+0
Co 8+6 6+0 360 0-+5 592
Cr T2 T+7 - - -
Cu 4+4 50 34+0 130 140
Fe II 243 - 11-0 2.7 -
Fe III 69 - 3.0 2.7 -
Hg - - - - 71+0
Mg - 56 - - -
Mn 446 - 01 - -
Ni 2+9 4+9 36+0 6.1 .
Pb 37 - - - 70-0
Sn .- - - - -
in 5¢4 - 3200 - -

of hetal ions has been suggested as a detection method

for chromatography (216). The wavelength of the absorbance
maximum and the molar absorptivities of the chloride and
hydroxide complexes are compared in Table 8.2. The
wavelength (nm) is given followed by the molar absorptivity

1 cm-1). It can be seen that the hydroxide

(%1072 1 mole”
complexes compare favourably with the chloride complexes,
and it would seem possible that with a suitably designed
cell, electrogenerated hydroxide could be used in exactly

the same way as a chromatographic detector with the advantage
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Pable 8.2 Comparison of Absorbance Maxima (nm) and Molar

1

Absorptivities (X1O-3 1 mole” cm-1) for Chloride

and Hydroxide Complexes

Metal Chloride Hydroxide
Ag 215%,15 - -
cd 215" ,0011 200, 82
Co 215%,0:22 210, 8+3
Cr 215,00+ 71 215, 6+5
Cu 275, 3-4 235, 4+0
Fe II - - 270, 2.3
Fe III 225, 7+0 270, 3+9

320, 29 364, 3+9

360, 3-1 |
Hg 229, 27 - -
Mn 215% 1.4 210, 4+3
Ni 215%,0-15 208, 246
Pb 271, 11 270, 2.7
Sn 216, 12 - -
Zn - - 207, 5-1

¥ indicates that no maximum was observed,215 nm being

the lower limit of the spectrometer used,

that the addition of high concentrations of réagent (eM HC1
was used) is avoided. |

Hydroxyl ion has the disadvantages as a reagent in
conventional solution spectrophotometry that the absorption
is in the uv and thus requires the use of appropriate light

sources and 'glass-ware', and that if thermodynamic equilibrium
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is attained then a large number of metals would precipitate
as insoluble hydroxides. The first consideration is
probably of little importance nowadays, when most commercial
spectrophotometers have facilities for uv monitoring. 1t
would appear that electrogenerated hydroxide and the
conditions within the diffusion layer either do not cause'
the precipitation of insoluble metal hydroxide or the
preqipitation is in a controlled reproducible fashion,
Hydroxide is unselective in its complexing action, as are
a number of other common reagents, and use ofﬁelectrogenerated
hydroxide as a spectrophotometric method would require the
application of separation or masking techniques so that
only the required element is avéilable for complexing as
hydroko complexes, Separation from metals which do not
form absorbing hydroxo complexes would obviously not be
necessary. Some selectivity could be obtained by controlling
the potential applied to the cathode as this in turn
controls the pH of the catholyte. The techﬁique should
be applicable to any metal which forms an absorbing hydroko‘
complex of some sort and is thus not restricted to those
mefals with reduction potentials within the range accessible
in aqueous solution.

Any analytical method for trace metals must inevitably
be compared with atomic absorption spectroscopy, which,
in ‘theory at least, offers the ultimate in selectivity by
virtue of the development of narrow line-width sources

(hollow cathode lamps or electrodeless discharge tubes).
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The sensitivities (ppm for 1% absorption) are compared in

Table 8.3, from which it can be seen that the sensitivities

Table 8.3 Comparison of Analytiéal Sensitivities (ppm for

1% Absorption)

Metal Electrogenerated Air-Acetylene
Hydroxide Flame (1)

Ag - 0-10

cd 009 003

Co 0«11 0-20
Cr 005 0415

Cu _ 0+10 010

Fe 009 0-10

Hg . - 100

Mn 0.08 0+05

Ni 0+16 0«20

Pb 0+35 0-50

Sn - 50

n 0-08 - 0-03

are about the same for both techniques.

Comparison with non-flame methods of atomic absorption
is slightly more difficult as sensitivities are usually
reported in absolute terms, i.e. the weight in g that causes
1% absorption. Resistively heated graphite furnaces or
filaments have the advéntage that only very small amounts
of sample solution are required, typically 5 to 25/11, and
80 in absolute terms very small amounts of material can

be measured., However, these methods suffer a loss in
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precision because of the difficulty in reproducing transfer
of small volumes to the cell, The sensitivities reported
for a L'vov furnace (217) recalculated for a sample volume
of 5 ul are of the order of 1073 ppm (absolute sensitivity
of 5x10”12 ), |

The preliminary experiments with the dyestuffs show
that the technique is also applicable to organic compounds.
The results show that the absorbance arises from the redox
behavioﬁr of the compound, and thus the method is potentially
applicable to a wide range of compounds, as any compound
which changed its absorption characteristics on oxidation
or reduction could possibly be determined., As it is the
electrochemical behaviour of thé compound that is being
obsgrved, the technique is directly comparable with internal
reflection spectroscopy or transmission spectroscopy using
OTE's. 1In Table 8.4 the technique of 1) measuring thé
absorbance parallel to the electrode sufface is compared
with the possible analytical use of 2) internal reflection
spectroscopy, 3) transmission spectroscopy at an OTE under
conditions of semi-infinite linear diffusion and 4) transmission
Spectroscopy using an OTE in a thin layer cell. The
comparison is made for the determination of o-tolidine, which

has a diffusion coefficient of 3°8x10-6 cm2 sec_1 and a

=1 a2t 438 nn.

molar absorptivity of 6-18x10% 1 mole™' em
Only the oxidised form absorbs at this wavelength.
It can be seen from the Table that the most sensitive

technique is method 3, but that under conditions of semi-
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Table 8.4 Comparison of Spectroelectrochemical Technigques

Nethod Equation Time to Reach Sens N
Abs Max 1% Abs.
€1cb 2 pi ¢k £k
nih i .
A = €1C° .4 —mh 1.02x10~7
may .. - ——
4D
Lt = 1-76x1023ec
i i
2. A= eb‘ycb[; - erfc(azt)] "
(4) % : 1 - ékerfcgazt) =1
where a = D/§; by = S.N‘g ~ %t = 10 sec
$ is penetration depth 5.0x10~%
Nﬁis sens., factor for (22)
particular electrode type
_ b
.&W;-ebdc
Lk
3. A =ec“mf€* (12) i
) % | a
. b= 7-13x1078,
Am= €C 4D
.t = 2.06x10° sec
4, A = 2¢§ CI’ fOI‘S: 10-3 cm
e 3,57x107°;
where § is cell t = 0+2 sec . !
thickness - (43) |

infinite linear diffusion, it takes about 58 hours for the

signal to reach a maximum, by which time of course, convectional

and mechanical disturbances would cause the absorption to
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deviate from the diffusion controlled value. Methods 2

and 4 give rapid signals but the sensitivity is low due

to the very short pathlength}in the solution that the light
beam samples, With method 1, the time to reach the maximum
absorbance could be shortened by decreasing the thickness

of the light beam, h, By reducing h to 1072 cm, the time
would be reduced to approximately 2 sec. Alternatively,

the delay in waiting for the absorbance to reach a maximum
could be avoided by using analytical growth curves obtained
by plotting the slope of the A-t% plot against bulk
concentration (see Equation 7.2). This slopé_could be found

after only a few seconds electrolysis, and is given by

% b
slope = E.G_J.‘.D_C.
hrk
for method 1 and by
K b
_ 2€D°C
slope = oy

for method 3 and thus for a given range of values for ct
the slope of the analytical growth curve would be greater
for method 1 by a factor of 1/h (approximately 25).

Thus, although from an electrochemipal point of view
absorbance measured parallel to the electrode surface is
less sensitive as a probe into the double layer region, the
method offers the best possibilities from the analytical
point of view,

Selectivity could be obtained by a suitable choice of
working potential and wavelength., The potential range

accessible could be extended by using an electrode material
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which has a higher overpotential for the evolution of gaseous
hydrogen and oxygen than platinum (eg glassy carbon) as,

of course, the special role of the platinum ox;de surface
layer in providing hydroxide ions is not required. The
range could also be extended by using non-aqueous solvents
suitably selected to give an optical window at the required
wavelength, Detection limits could probably be improved
by using a modulated light source and lock-in amplifier
detection and readout system to measure small changes in
absorbance. An a.c. system would have the advantage that
no d.c. component such as might arise from stray light or
electroluminescence phenomena would be detected,

It is in this application tb organic compcunds, where
both the electrochemical énd optical properties of the system
can be used to the full that further work would prove most
fruitful., The simultaneous monitoring of the absorbance
during chronoamperometric, chronopotentiometric or linear
sweep voltammetric studies provides a powerful technique,
not only in terms of quantitative analysis, but also in
the determination of electrochemical'parameters and reaction

mechanisms,.
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