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1.0 SUMMARY OF THE FOUR-YEAR REPORT

In October, 1977, a four-year project was initiated by the
Diamond Shamrock Corporation (DSC) and Case Western Reserve University
(CWRU) on the development of high performance oxygen electrodes for a
spectrum of applications including industrial electrolysis, metal-air
batteries, and fuel cells. The project was sponsored by the U.S.
Department of Energy with DSC as the prime contractor and CWRU as the
sub-contractor.

The research at CWRU emphasizes the development of more effective
electrocatalysts for 02 reduction and optimization of electrode
structures (particularly 03 cathodes) for utilizing these catalysts.
The research approach involved the development of a predictive base
through the understanding of the relation of the pathways and kinetics
of the electrode reactions to the surface electronic and morphological
properties of the electrocatalysts. The DSC group has been concerned
principally with the evaluation of catalysts recommended by CWRU as
well as by their own staff and the fabrication of electrode structures
for these evaluations. A specific objective of the portion of the
work in cooperation with DSC has been the achievement of high
performance 02 cathodes now used in the generation of chlorine and
caustic. This one application offers the promise of saving many
hundreds of millions of dollars of electric power per year for the
United States.

CWRU has examined over 100 catalyst systems with the choice
influenced on the basis of the anticipated interaction of 02 with
their surface. Many have shown considerable activity in alkaline and
a few in acid electrolytes. Particularly exciting are the transition
metal macrocyclic complexes and some partially pyrolyzed transition
metal macrocycles. High catalytic activity is also obtained with
pyrochlores, some spinels and perovskites and some of the carbons (RB
carbon of Pittsburgh Carbon Company). Mechanistic studies have
identified pathways relying much on kinetic data obtained with a
modification . of the rotating ring—disk technique developed at Case
involving the highly dispersed catalyst on a carbon/graphite support
in alkaline electrolytes. Other fundamental developments have
included:

1.1 direct detection and quantitative rate measurements in the
generation of the superoxide radical ion at electrochemical
.interfaces using electron spin resonance techniques;

1.2 proof that the 0y reduction proceeds on certain transition
metal macrocycles via an overall 4-electron reduction to OH- in
alkaline solutions with high intrinsic catalytic activity;

1.3 studies on electrosorbed transition metal macrocyclics on carbon
and graphite at monolayer levels to provide insight into the
factors which control the activity of such adsorbed species;



1.4 synthesis of new binuclear cobalt (II) macrocyclic catalysts
(C02taph)4+ which catalyze the overall reduction of 02 to
OH™ rather than just to the peroxide;

1.5 the role of carbon and graphite surfaces as catalysts for 02
reduction in alkaline electrolytes as well as supports for
dispersed catalysts;

1.6 showing that the UPD layer on Pt and Au can have a pronounced
effect in promoting 02 reduction in alkaline solutions with also
the ability to offset the inhibiting effects of various
impurities;

1.7 Raman and specular reflectance studies of transition metal .
macrocyclics adsorbed on electrode surfaces including the detection

of the 02 adduct;

1.8 a better understanding of the effects of the electric field at the
" interface on the bonding of adsorbed species to the surface through
the use of surface enhanced Raman spectroscopy and theoretical .-
calculations based on molecular orbital theory;

1.9 the use of in situ Raman spectroscopy to demonstrate the
photo—-electrochemical generation of Ag0 out of Ag20 on silver in
alkaline electrolytes;

1.10 the in situ use of the Mossbauer spectroscopic studies of iron
phthalocyanines adsorbed on high surface area carbons to
demonstrate the various physical states of the complex in gas—fed
porous electrodes in alkaline solutions at relatively high
loadings;

1.11 demonstrating the enhancement of 09 reduction on gold through the
addition of trifluoromethane sulfonic acid to concentrated KOH or
NaOH solutions, through increased solubility of 03; '

1.12 the understanding of the kinetics of peroxide decomposition on
spinels, perovskites, mixed metal oxides and carbons with
measurement of rate constants;

1.13 preparation of highly dispersed platinum catalysts on carbon
supports by electrocrystallization techniques.

2.0 INTRODUCTION

Electrochemistry is one of the technologies which can make
important contributions toward solving energy problems. A significant
portion ( V8%) of this nation's electrical power is consumed for
industrial electrolytic processes, most of which are carried out with
relatively low energy efficiency. Improvements in the efficiencies of
these processes will result in substantial power savings. Further,
electrochemical energy conversion and storage systems using various fuel
cells, batteries, and electrolysis cells offer substantial promise for
stationary and vehicle applications.



A key component in the optimization of these energy—-important
electrochemical systems is the oxygen electrode, both as an 09
consuming cathode and 02 generating anode. In practice, the 02
reduction reactions and the corresponding reverse anodic reactions are
very irreversible at low and moderate temperatures and the operating
potentials deviate very substantially from the thermodynamic values.
Further problems associated with the air-consuming 02 cathode in fuel
cell and metal-air battery applications are limited 1life (ranging from a
few weeks to 5 years) and relatively high cost, particularly if platinum
is used as the catalyst at substantial loadings.

O0f the various large scale applications envisioned for 0y
electrodes, the most promising in the short term is the use of
air-consuming 02 cathodes in the chlor-alkli industry. The
replacement of the presently used H2 evolving cathodes in chlorine
cells with air-consuming cathodes is expected to save ™1.0 V per cell
and is very attractive when the H2 gas is not being used for chemical
synthesis. If adopted for a substantial fraction of the chlor—-alkali
industry nationally, the annual electricity savings would amount to
several hundred million dollars. The development of this 0y electrode
technology in the United States is also attractive because of the highly
competitive position it would give us internationally in both
chlorine—caustic manufacture and the supplying of equipment for such
manufacture.

A specific performance target for air cathodes for the chlor-alkali
cell application is a 02 cathode capable of operation on CO2~-free
air at a current density of 300 mA/cm2 and voltage of 20.8 V vs. RHE
in approximately 10M NaOH at 85°C with a life expectancy of > 10,000
hours.

In October, 1977, a four-year project was initiated by the Diamond
Shamrock Corporation (DSC) and Case Western Reserve University (CWRU) on
the development of high performance oxygen electrodes for a spectrum of
applications including industrial electrolysis, metal-air batteries and
fuel cells. The project was sponsored by the U.S. Department of Energy
with DSC as the prime contractor and CWRU as the sub—contractor.

The research at CWRU emphasized the development of more effective
electrocatalysts for both 03 reduction and electrogeneration and the
development of more effective electrode structures (particularly for
09 cathodes) for utilizing these catalysts. It also included the
development of a predictive base to guide the search for the new
catalyst systems. The DSC group was concerned principally with the
evaluation of catalysts recommended by CWRU as well as by their own
staff and the fabrication of electrode structures for these
evaluations.



3.0. SUMMARY OF RESEARCH DURING THE PAST THREE YEARS:
1 October 1977 to 30 September, 1980

3.1 CWRU

3.1.1 cCatalyst Systems:

Catalysts which have been examined at CWRU included the following:
3.1.1.1 Metal Catalysts:

Pt, Au, Pd and Ag

Alloys involving these metals

Intermetallics (Ni, Pt and Pd)
3.1.1.2 Underpotential deposited metals.
3.1.1.3 oOxide Catalysts:

Spinels

Perovskites

Mixed oxides of Mn

Pyrochlores

3.1.1.4 Transition Metal Macrocyclics.

3.1.1.5 Various Carbons.

3.1.2 Gas~fed Electrodes

This included the development of more effective electrode
structures for utilizing these catalysts. In most instances these
catalysts have been prepared at CWRU in low and high surface area forms.
In addition to the examination of 02 reduction kinetics on these
surfaces, they have been characterized with such techniques as ESCA,
x-ray diffraction, scanning and transmission electron microscopy, BET,
Raman and reflectance spectroscopy, as well as various electrical
methods. In most instances the kinetics of H202 reduction and
decomposition have also been determined. The research studies have been
carried out with the 0 supplied to the electrode through the
electrolyte phase and the more applied work carried out with gas—-fed
electrodes. The basic research has included the examinatin of the O3
reduction kinetics with the rotating ring-disk electrode technique which
permitted the determination of the amount of H202 generated as well
as the examination of the 02 reduction kinetics. A modified form of
the rotating ring-disk electrode technique has also been developed and
used to examine the high area electrocatalysts.

3.1.3 Acconmplishments

Some of the accomplishments of the past three years in the
development of high performance 02 cathodes included the following:



A. Catalyst Systems

l. Transition metal macrocyclic catalysts prepared by CWRU
exhibited activity comparable to or better than that of highly dispersed
platinum at reasonable loadings in alkaline electrolytes such as
involved in the chlor-alkali application in the gas-fed carbon 09
cathodes. The cobalt tetramethoxyphenylporphyrin was found to be
particularly effective. This catalyst maintained its high performance
throughout approximately 500 hrs. in the life tests carried out at DSC,
but thereafter declined a few millivolts per day. The 500 hrs. of high
performance before a drop—~off in performance, however, is quite adequate
for a metal-air cell such as the aluminum—air cell in vehicle
applications.

2. Highly dispersed platinum catalysts were prepared by CWRU
on carbon supports by electrocrystallization techniques and also by
chemical reduction methods. Gas—-fed high area electrodes using these
catalysts exhibited low polarization even with low loadings (£ 0.5
mg/cm2).

3. Both CWRU and DSC developed high performance gas-fed 03
test cathodes.

4, It was found that a working (kneading) of the carbon-Teflon
mixtures at room temperature resulted in electrodes which were
physically more durable and possessed superior mass transport
properties. Also matrixing of materials with Teflonated Shawinigan
black was found a successful technique if a high degree of material
working is involved.

5. DSC developed electrode fabrication techiques and in cell
electrode test facilities for the chlor-alkali appplications.

Some of the important findings of a more fundamental nature included the
following:

6. Studies on electrosorbed transition metal macrocyclics on
carbon and graphite at monolayer levels provided insight into the
factors which control the activity of such adsorbed species.

7. Using optical reflectance spectroscopy, the CWRU group were

successful in detecting the 02 adduct for the first time with the
adsorbed iron and cobalt tetrasulfonated phthalocyanines on such
electrode surfaces as graphite, gold and platinum.

8. Underpotential deposited metals, such as lead and copper on
gold, were found to be effective catalysts for the overall 4-electron
reduction on gold in alkaline electrolytes.

9. The nickel-cobalt spinels were found to be highly effective

catalysts for peroxide decomposition in NaOH. Some of the mixed oxides
of manganese afforded even higher activity for peroxide decomposition.



A. Catalyst Systems (contd.)

10. Electrocrystallization techniques were developed for
forming platinum crystallites of controlled size on carbon and graphite
substrates. Transmission electron microscopy has identified platelet
structures exposing principally the (111) surface which had greater
stability than would have otherwise been expected.

11. Oxygen reduction to hydrogen peroxide proceeded readily on
most carbon and graphite surfaces with a high exchange current density
in alkaline electrolytes. However, the further reduction of the
peroxide to hydroxide was found to be very irreversible.

12. The presence of traces of Tl in the electrolyte improved
the 09 reduction on Au to a greater extent than Pb. These ions do not
only enhance the 0y reduction on Pt in NaOH solutions, but also offset
the inhibitive effect of some ions such as Cd and alkaline earth
cations.

13. For most applications carbon and graphite (porous and
nonporous) electrodes have been used as support for dispersed catalysts.
Carbon and graphite, however, are in themselves catalytically active for
02 reduction in alkaline solutions. An understanding of the mechanism
of 09 reduction on these electrodes is of considerable importance, not
only from a fundamental viewpoint but in view of the possible relatively
inexpensive applications of carbon supported dispersed catalysts. The
02 reduction on glassy carbon in various concentrated NaOH solutions
follows the 2e reduction pathway to H909 quantitatively. However,
in the case of Pt dispersed on carbon, it is the 4e™ reduction pathway
to OH™. The ratio of 4e” to 2e” reduction is increased by
increasing the Pt loading on carbon.

14. Perovskites LaCo03 and LaCo03 doped with Sr were
prepared by the freeze-dry method and characterized by BET, x-ray
diffraction, ESCA measurements, the heterogeneous rate constant for
Hy909 decomposition, voltammetry and rotating ring-disk measurements
for O reduction. It is found that catalyst surface area is not
changed much by doping with Sr. 1In the case of LaCo0O3, increasing the
thermal treatment temperature considerably reduced the surface area,
although this occurs to a lesser extent with
Lag,55rg,5C003. Oxygen is reduced on Shawinigan black
almost quantitatively to Hp07 but with 507%

Lag,55rg,5C003 on Shawinigan black, 09 reduction follows
the parallel mechanisms.

15. It is demonstrated that in situ Raman spectroscopy is
capable of monitoring the photo-electrochemical generation of Ag0 out of
Agy)0. Due to the molecular selectivity of Raman spectroscopy, it was
possible to show that two electrochemical processes, formation of Ag(I)
and Ag(1I) species, contribute to the photo current during illumination
of the Agyg0 layer. It is shown that the intensity of the Raman bands
is directly related to the amount of charge transferred during the
electrochemical activation of the silver. The frequencies of several
vibrational bands of pyridine, pyrazine, p-nitrosodimethlaniline and




A. Catalyst Systems (contd.)

cyanide adsorbed on a silver electrode have been investigated as a
function of the electrode potential using in situ Raman spectroscopy.
The frequencies of all bands investigated were found to decrease
linearly with cathodic potential. The potential dependece of the C-N-
and Ag-C stretching frequencies for cyanide adsorbed on a silver
electrode has also been determined using in situ Raman spectroscopy.
Model calculations for the force constants of CN- adsorbed on Ags
clusters using an atom superposition and electron delocalization quantum
mechanical procedures reveal the same result and indicate that
adsorption takes place on one-fold sites.

16. In order to understand the factors controlling the
catalytic activity of transition metal macrocyclics for the 2e¢~ and
be- reduction of 02 and stability of the adsorbed layer, intrinsic
voltammetric studies of the adsorbed and solution phase macrocyclics and
solution phase ultraviolet visible absorption measurements have been
carried out. Binuclear cobalt(II) macrocyclic catalyst
(Co2taph(N03)4), in which two Co(II) ions are separated by
approximately 4A, has been synthesized in the laboratory. The results
indicate two pathways for 02 reduction: 2e- reduction to yield
H202 as well as 4e~ reduction to yield H20 in the presence of
the adsorbed macrocyclic on pyrolytic graphite electrodes.

B. Gas—-Fed Electrodes:

The CWRU electrode fabrication technique has undergone
evolution and refinemet since it was first conceived. 1In the present
technique, the carbon is wetted by agitation using the Genie vortex and
the slurry is transferred to a beaker and placed in the cavity of an
ultrasonic cleaner. A diluted suspension (v 50 mg/ml) of T30B Teflon
emulsion is further diluted 10:1 with water. This very dilute
suspension is added slowly to the agitated carbon slurry. The slurry is
then filtered onto a Nucleopore filter (1 jipore size). The filtered
mixture is placed on a Teflon or aluminum sheet and worked with a
spatula for several minutes. If a fine carbon is used and the Teflon
content is too high (such as 45-507%), the material requires several
minutes of kneading at a temperature of 50°C to 70°C (on a steam bath).
With working, the mixture becomes quite rubbery and can be pressed into
a somewhat flexible electrode. The material is then placed in the
pressing die and shaped (using hand pressure) in order to make a
reasonably uniform disk and to squeeze out much of the water. The disk
is heated in flowing N2 or He for 2 to 4 hours at a temperature of
250°C to 280°C. This heating thoroughly dries it and also sublimes out
much Triton X-100 surfactant (Teflon stabilizer) which has adsorbed on
the carbon. The dried disk is pressed in the die at 1 to 2 tons per
square inch pressure. A nickel screen is placed on top of the disk and
it is pressed again at 6 tons per square inch pressure. The pressing
time is 2 to 3 minutes. The disk is removed from the die and then
placed in again screen side down. A circular piece of porous Teflon
paper is placed on top of the disk and pressed at about 500 1b/in2.



It should be noted here that the use of ultrasonic agitation in
the Teflonation and the extensive kneading of the Teflonated carbon
generally produces electrodes which press nicely and are more durable,
but the mass transport properties are usually poorer. Depending upon
the type of carbon and the extent of working, the amount of Teflon can
also make a significant difference. Larger amounts of Teflon stabilize
the electrode for long life, but the electrical conductivity,
wettability and porosity are affected. )

Gas—fed porous electrodes for 02 reduction can be made from
several different catalyzed carbons, but the best ones are: (1)
pyrolyzed porphyrins on RB carbon, or (2) very finely divided Pt on RB
carbon. RB carbon is specified here because it results in electrodes
which work well and generally have good mass transport properties. The
long-term failure of RB based electrodes operating in 9M NaOH at 85°C is
due to oxidation of the carbon, but this can be minimixed by employing
the proper fabrication techniques. Research at Diamond Shamrock
indicates that matrixing with Shawinigan black slows down the RB
oxidation.

Electrodes fabricated from fine carbons suffer from physical
inflexibility and poorer mass transport compared to those made from RB
carbon, especially when air is used for the 092 source.

Some unpyrolyzed macrocyclics (phthalocyanines in particular)
have characteristics which make them good catalysts but most of them
degenerate and lose activity in hot concentrated caustic in the presence
of 02 and carbon.

Addition of a second metal to a good Pt catalyzed carbon
generally decreases the catalytic activity of the platinum.

Spinels and perovskites are reputed to be good peroxide
eliminators, but they are generally coarse and possess low surface area.
Deposition of fine particles of either upon a carbon is tricky and
time-consuming. Also electrodes containing these compounds yield
electrode structures which have poor mass transport. Mixing with
carbon(s) and Teflonating was tried and a matrixing with Teflonated
Shawinigan black was also tried. None of the electrodes made in this
manner did well at high current densities.

4.0 SUMMARY OF RESEARCH DURING THE FOURTH YEAR:
1 October 1980 to 30 September 1981

This annual report covers the fourth year, extending from 1
Ocotober 1980 to 30 September 1981 of the four-year project sponsored by
the U.S. Department of Energy with Diamond Shamrock Corporation as the
prime contractor and Case Western Reserve University as the
sub—contractor. The main objective of the project has been to develop
high performance oxygen electrodes for a spectrum of applications
including industrial electrolysis, metal-air batteries and fuel cells.



The research at CWRU emphasizes the development of more effective
electrocatalysts for 02 reduction and also more effective electrode
structures (particularly for 02 cathodes) for utilizing these
catalysts. The approach used by the CWRU group involves the development
of a predictive base to guide the search for the new catalyst systems.
The DSC group is concerned principally with the evaluation of catalysts
developed and recommended by CWRU as well as by their own staff and the
fabrication of the electrode structures for these evaluations.

The specific research during the year 1980-8l at CWRU has included
the following:

4.1 CWRU :

4.1.1 Underpotential Deposited Species

The UPD of bismuth on gold was studied using cyclic voltammetry and
the disk-ring method. The effect of bismuth on the 07 reduction was
examined in the following systems:

I) Gold electrode immersed in a solution containing Bi(III).
II) Gold electrode exposed to a  Bi(III)-containing solution
and then immersed in a Bi(III)-free solution.

In both cases an enhancement of the 02 reduction with respect to
pure gold in a pure electrolyte was observed. For System II the
enhancement effect was observed mainly in the kinetic region.

Two distinct classes of results were obtained for System II even in
experiments where an effort was made to have all the conditions the
same, This diversity probably reflects two different states for the Bi
on or in the surface after the Bi preadsorption. In one set of results
the analysis of the disk-ring data showed that a series mechanism is
operative on this modified surface. Some experiments, however, yielded
Ip/IR ratios which were essentially independent of rotation rate.

This behavior can be explained either in terms of a parallel mechanism
with HO2~ not further reduced or decomposed or a slow
desorption—adsorption of HOj~.

Hydrogen peroxide oxidation and reduction were studied for System
I. The reduction of hydrogen peroxide was significantly enhanced with
respect to pure gold. A slight depression of the currents for HOp~
oxidation was observed in the presence of Bi(III) and the reaction order
was found to be 1, in contrast to the value of V0.5 found in the absence
of Bi(III).

The combined reduction of HO7— and 02 was examined for both
System I and System II. For System I at the same peroxide-09p
concentrations, the combined reduction currents were much higher than
for pure Au. This is explained by the catalytic effect of the Bi(III)
on the peroxide reduction process. (The results are given in Section
5.1.1.) '
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The UPD of thallium has been studied using cyclic voltammetry and
the disk-ring method. The addition of T1(I) to 1M NaOH causes a marked
increase in the current for 02 reduction on Au, although the half-wave
potential is not appreciably shifted with respect to the clean Au. An
overall exchange of 4e” per 09 reaching the electrode surface was
calculated form the 1/1 vs. 1/f1/2plot for the data with T1(¥) present.

Disk-ring data for 09 reduction on Au with T1(I) present should
be interpreted with caution since the oxidation of T1(I) to T1(III) can
interfere at the ring, and the oxidation of hydrogen peroxide is
strongly kinetically controlled. Another possible source of error is
represented by the small value of the ring currents: a small error in
reading these currents can cause a large scatter in the I4/Ir x N
vs. 1/£}/%plots. Consequently qualitative efforts to interpret the
disk-ring data in the work with T1(I) have been limited to situations
where the T1(I) concentration is very low compared to the oxygen
concentration. Within the experimental limitations the 02 reduction
on Au with T1(I) proceeds via a series mechanism as for the clean Au.

Studies with HO2~ added to the electrolyte showed that T1(I)
has a large catalytic effect on the HO2- reduction but an inhibitive
effect on the HO2~ oxidation. (The results are given in Section
5.1.2.)

The Ag electrode has reasonable catalytic activity for 02
reduction and evolution reactions. In order to enhance the catalytic
activity of Ag electrodes, the effect of adatoms such as Pd and Pt in
mono- or submono-layers on Ag, as well as the influence of some metal
ions such as Tl and Pb, for 02 reduction have been investigated. Pt
and Pd adatoms on Ag surfaces enhance the catalytic activity of the Ag
electrode. T1 has a negative effect for oxygen reduction on Pd, in
contrast to Pt. However, Pt adatoms codeposited with Pd on Ag are more
sensitive to the effect of Tl ions in increasing the catalytic activity
for 02 reduction, but the negative effect of Tl ions is obtained in
concentrations greater than 10-5 M. Similar results are obtained
with Pb ions. (The results are given in Section 5.1.3).

4.1.2 Oxygen Reduction on Carbon

This work gives the study of 02 reduction on various carbon
surfaces in alkaline electrolytes. The work has involved both smooth
carbons (e.g. pyrolytic graphite, glassy carbon) and various
commercially available high area carbons. The latter has been discussed
principally in this report.

Oxygen reduction has been carried out with the rotating ring-disk
electrode technique with various carbon powders attached to the disk in
a thin layer using Teflon as the binder. The layer is prepared by
mixing the carbon particles with a Teflon suspension (du Pont T30B,
containing Triton X-100 as the surfactant) and then applying a thin
layer ( ~10 mm thick) to an ordinary pyrolytic graphite disk
(superficial area = 0.20 cm2). Various catalysts have also been
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incorporated in the carbon layer. Oxygen is transported to the outer
electrode disk surface through the solution phase with the 07 then
transported within the porous layer through the highly efficient gas
capillary wick structure provided by the Teflon. At infinite rotation
rate, however, a diffusional 02 contribution within the porous

electrode will persist since the rotation has no direct effect on
transport within the electrode. Hydrogen peroxide generated within the
porous layer diffuses out of the layer through the electrolyte phase and
then is monitored on the gold ring in terms of the anodic limiting
current for hydrogen peroxide oxidation. The peroxide transport within
the electrolyte phase in the porous layer is usually not as effective as
the 02 transport within the gas-filled wicks. This must be taken into
account in interpreting the ring—disk data.

For Ketjenblack thin porous coated (TPc) electrodes in 1M NaOH
at a sweep rate of 10 mV/s, it is shown that cathodic and anodic peaks
are associated with the reduction of 09 principally to HO2™ and
the corresponding reverse oxidation process respectively. The peroxide
oxidized to 02 in the anodic peak is formed principally during the
cathodic peak. At potentials cathodic to the 02/HO2~ peak, the

02 is still reduced mostly to peroxide with the current under
diffusion control in the Nernst layer adjacent to the electrode. Much

of the current is probably carried through the outside surface of the
TPc electrode. With a catalyst such as Pt (5% by wt.) in Ketjenblack,
the anodic peak is no longer present since the platinum catalyzed the
4b-electron reduction as well as catalyzed the reduction and
decomposition of any peroxide that was produced.

The steady state behavior of the TPc disk-gold ring system
showed that the intercept values for (Ip/IR)N vs. lﬁul/zplots are
greater than unity and somewhat potential dependent, but there is no
significant slope. This is most likely the result of the difficulty of
transporting peroxide out of the pore structure. The long residence
time of the peroxide within the electrode then provides a better
opportunity for the peroxide to undergo electrochemical or heterogeneous
catalytic decomposition. With a high ash carbon such as the RB carbon
of Pittsburgh Active Carbon Co., the (ID/IR)N values are much higher
but the slopes of the plots vs. 1/w '/? are essentially zero. At lower
polarizations, much of the peroxide is probably reduced or decomposed in
the TPc, but at higher polarizations the 02 reduction is mostly on the
outer surface and peroxide escapes into the bulk electrolyte more
readily. '

The results for various carbons are discussed in relation to
the properties of the carbon. The quantitative aspects of the method
are also reviewed. (The results are given in Ph.D thesis to be
submitted soon).

4.1.3 Nickel Intermetallics: 02 Generation and Reductién

Pure Ni has reasonable catalytic activity for 02 generation
and reduction. In order to see if the catalytic activity could be
increased by combining nickel with transition metals, sixteen
intermetallic compounds based on Ni in combination with Mo, V, Zr, Hf,
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Ti and Nb were prepared. Most of them were confirmed by x-ray
diffraction. Background electrochemical data obtained for the pure _
metals in 1 M NaOH showed that Zr, Ti and Nb passivate while Mo and V do not.

Voltammetry for most of the compounds was similar to that for Ni
except that compounds in the Ni-Mo and Ni-V systems showed an extra
anodic peak due to Mo or V dissolution. At potentials between -0.7 and
-0.4 V anodic films were formed which inhibited O, reduction. NiZr,
NiHf and NiTi gave small voltammetric peaks, possibly due to resistive
anodic film formation. These three compounds illustrate the overall
trend of increasing overpotentials for both O, reduction and
generation with increasing content of the second metal.

Exceptions to this trend were the Ni-Mo and Ni-V systems, in which
increasing Mo or V content was accompanied by slightly lowered evolution
overpotentials, due partly to increased surface area. (The results are
given in Section 5.1.4).

4.1.4 Transition Metal Macrocyclics

In order to understand the factors controlling the catalytic
activity of transition metal macrocyclics for the 2e~ and 4e~”
reduction of O, and stability of the adsorbed layer, intrinsic
voltammetric studies of the adsorbed and solution phase macrocyclics as
well as solution phase UV-visible absorption measurements have been
carried out. Cobalt tetrasulfonated phthalocyanine (CoTSPc) and iron
tetrasul fonated phthalocyanine (FeTSPc) were synthesized in the
laboratory for these studies.

Intrinsic voltammetry of the adsorbed and solution phase
macrocyclics has been carried out in 0.1 M NaOH and 0.05 M H,SO
using gold disk electrodes. The effect of concentration of the
macrocyclic, sweep rate, stirring of the solution and window opening
has been studied to determine the nature of the peaks. In general it is
seen that with 107~ M phthalocyanines in solution, only the redox
properties of the surface phase species are exhibited. When the
concentration is increased to 10-3 M, new peaks are obtained which
are stirring sensitive and not given by the preadsorbed electrode from
the same solution when dipped in the electrolyte alone. These peaks
correspond to the redox process of the solution phase species. Based on
‘the voltammetry of the free base H,TSPc in 0.1 M NaOH and 0.05 g.stO4, an
attempt has been made to characterize these peaks. (The results are given
in section 5.1.5.)

Cyclic voltammetry measurements of metal-free, Fe(III), Co(II) and
Cu(II) tetrasulfonated phthalocyanies and Fe and Co phthalocyanines
were done on OPG disk electrodes as a function of pH. It was found that
all observed voltammetry peaks showed pH dependence with a slope of 59
mV/pH but not in the whole pH region. Some of the peaks show such a
dependence only in acid and some of them only in alkaline regions. All
voltammetry peaks are due to surface redox processes except a couple of
Peaks in the case of H2TSPc and Cu(II)TSPc, which involve solution
pPhase species.
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The influence of oxygen was also examined. It was found that only
in the case of Co compounds oxygen influences the most anodic
voltammetry peak by changing its anodic-cathodic intensity ratio but not
its position. These changes in the anodic region are due to the
oxidation of H202 generated during oxygen reduction in the more
cathodic potential range. This was confirmed by an experiment under
nitrogen atmosphere with H202 in solution.

These macrocyclics behave differently except in pH dependence, so
that a common conclusion cannot be drawn. (The results are given in
Section 5.1.6).

Aqueous solutions of metal-free, Fe(III) and Co(II) tetrasulfonated
phthalocyanines were studied by absorption spectroscopy in the
UV-visible regions. The absorption spectra were analyzed as a function
of phthalocyanine concentration, pH, temperature, presence of foreign
ions and some organic solvents, time and exposure to 02, He and in
some cases Hp. It was found that absorption bands did not obey the
Lambert-Beer law when the concentration was altered from 10-6 to

10-3 M. This is explained by the monomer/dimer equilibrium which

depends on the total macrocyclic concentration. This equilibrium is
shifted towards the dimer side if the total concentration increases and
particularly 1if the ionic strength of solutions increases. However, the
opposite trend was observed in the presence of organic solvents such as
pyridine, methanol and ethanol. The pH did not show significant
influence on Co(II) and Fe(III) TSPc spectra, whereas quite different
spectra of H2TSPc were obtained in acid and alkaline solutions. The
influence of oxygen was found only in alkaline and acid solutions of
Co(II)-TSPc. when these oxygenated solutions were resaturated with He,
only a partial reversibility was found. 1In regard to the stability of
phthalocyanines, it was found that only pure water and neutral salt
solutions were fairly stable, whereas in alkaline and acid solutions the
decomposition occurred with time. At elevated temperature (70°C) all
processes were speeded up. (The results are given in Section 5.1.6).

Tetrasulfonated cobalt and iron phthalocyanines (Co-TSPc and
Fe-TSPc) have been studied by Raman spectroscopy in aqueous solutions at
various pH. Raman spectra were recorded between 200-1700 cm~l by

the polarized and the depolarized light scattered from phthalocyanines
in acidic, neutral and alkaline solution phases with the objective of
providing more definitive data in order to obtain an understanding of
molecular behavior of these molecules, which are increasingly being used
and studied as catalyzers in electrochemical aqueous system. (The
results are given in Section 5.1.7).

In order to understand the redox properties of
(Co(II)taph(NO3);) thin layer spectroelectrochemical studies have
been carried out in DMF medium using gold mini-grid electrodes. The
spectral and redox properties of the Co(II) macrocyclic have been
compared with the Ni(II) analog. The electrochemical behavior of the
Co(II) and Ni(II) macrocyclics are found to be similar in the anodic
region (0 to +1.0 V) which corresponds to the redox behavior of the
ring. However, some differences appear in the cathodic region (0 to
-1.4 V) which may be due to the involvement of the metal centers.
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A binuclear iron(III) complex of 1,4-dihydrazinophthalazine (dhph)
has been synthesized in the laboratory and found to catalyze the
reduction of H202 to OH™ in alkaline solution efficiently. Oxygen
reduction onapyrolytic graphite electrode in the presence of the
adsorbed complex follows a series mechanism. The graphite probably
reduces the 02 to H202 which in turn is reduced to OH~ by the
complex, in contrast to the analogous Co(II) complex which follows a
parallel mechanism and Ni(II) complex which shows no catalytic activity
for 09 reduction. (The results are given in Section 5.1.8).

4.1.5 Fundamental Exploratory Research

4.1.5.1 The Effect of Impurities on Raman Spectra of Pyridine on
Silver Electrodes

In-situ Raman spectra of pyridine on Ag in 0.1 M KCl solution
prepared in distilled water and pyrolyzed water were " taken. Potassium
chloride obtained from JMC Puratronic and Fisher Scientific Company
(certified A.C.S. grade) was used. It is shown that the hysteresis in
intensities of Raman spectra of pyridine, when sweeping potentials in
cathodic and anodic directions, can be used as a measure of impurity in
a solution. Theé peak at 10,025 cm~l is shown to be due to AgCl,
which was formed during the oxidation-reduction cycle and this peak is
more pronounced when the electrode is subjected to progressive
roughening. (The results are given in Section 5.1.9).

4.1.5.2 Investigation of UPD and Bulk Deposition of Metals Using
Surface- Enhanced Raman Spectra on Ag Electrode

In-situ Raman spectra of pyridine on Ag electrodes were taken in
0.1 M KCl solutions containing cations such as Cd++¥, Tlt and
Pb+t while simultaneously recording the voltammetry. cdtt ions
do not change the Raman frequency shift but decrease Raman intensities
at -0.8 V becuse of bulk deposition. In the case of T1lt ions, Raman
Signals are shifted to smaller values and are explained in terms of
electrical field changes in the double layer. A change in intensity
after the addition of T1lt+ ions is due to the adsorption of T1t ions
on the Ag electrode. Pbtt ions do not change Raman peak positions,
but the signal disappears completely when the concentration of Pbit
ions exceeds 8.4 x 10~5 M. This is explained by the fact that a
deposit of Pb is formed on the Ag surface at this concentration and no
surface-enhanced Raman effect is observed on Pb. (The results are given
in Section 5.1.10).

4.1.5.3 In-situ and Ex-situ Mossbauer Spectroscopic Studies of Iron
Phthalocyanine Adsorbed on High Surface Area Carbons

The physical state of monomeric iron phthalocyanine adsorbed on
high surface area carbons has been investigated by using gz_gigg_and
in situ Mossbauer spectroscopy. Ex situ measurements have indicated
that at relatively high loadings, (> 15%) the spectrum is characterized
by two doublets ( 81 0.39 + 0.01 mm.s-1 (vs. a-Fe), A1l 2.60 +
0.01 mm/s; &2 0.35 + 0.02 mm/s (vs. o-Fe), A2 0.95 + 0.06 mm/s).
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The parameters corresponding to doublet 1 compare favorably with bulk
FePc probably present in the form of small crystallites dispersed in
the support matrix. At low loadings ( v 3.5%) only doublet 2 attributed
to FePc chemically bound to the carbon surface was observed. The
relative fraction of these two iron species has also been shown to be
sensitive to the specific method of preparation of the sample.

In-situ Mossbauer experiments have indicated that the quadrupole
splitting decreases about 15-207% upon immersion of the electrode in an
alkaline solution, corroborating earlier results obtained by this group.
Further evidence concerning the formation of an octahedral complex with

OH~ bound in an axial position was obtained by in situ measurements at
pH O. 1In this case the magnitude of the quadrupole splitting was larger
than that obtalned in basic solution. '

Conventional oxygen reducton polarization curves with fuel cell
type electrodes prepared from Mossbauer characterized 15% w/w FePc on
XC-72 carbon (Cabot Corp.) have indicated that the crystalline material
plays an important role in the overall electrocatalytic process. A
thoroud discussion of these results as well as a critical review of
earlier work have been included. (The results are given in Section
5.1.11)."

4.1.5.4 Determination of the Equilibrium Constant for Superoxide
Dismutation

By combining polarographic and electron spin resonance (ESR)
techniques, the equilibrium constant for 02% dismutation
[2? DS HyO # HOp- + O, + OH™] was determined to be 3.2 (x 0.3) x
10 in alkaline solutions ranging from 2 to 6 M at 20 + 2°C. From
this constant and the standard potential for the 02/H02— couple
available in the literature (-0.064 V vs. SHE), the standard potential
for the 02/02¢ couple was calculated to be -0.286 V vs. SHE at
n 25°C. (The results are given in Section 5.1.12).

4,1.6 Gas fed Electrodes

The best polarization data were obtained for platiunum catalyzed RV
carbon and porphyrin (CoTMPP or CoOEP) catalyzed RB carbon. Other
carbons show good activity with these catalysts but mass transport,
especially with air, is poorer. Other macrocyclics besides the
porphyrins have been tried but either the activity or stability is
inferior. Platinum catalyzed carbons are, in general, quite good but
the finely deposited Prototec and Stonehart varieties are the best.
Depositions on carbon of second metals with platinum have been done but
these generally show less activity than platinum alone. The best RB
carbon electrodes perform very well at high current densities even when
no other catalyst is present. Since potentials are poorer (more '
cathodic) than the catalyzed ones at low current densities, then this
high current density behavior indicates that mass transport processes
are probably the limiting factors at very high current densities.
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Tests of electrodes made from various spinels and perovskites show
promising catalytic activity but the electrical conductivity and mass
transport are poor. A lead-doped perovskite shows some promise and a
doped lead ruthenate exhibits very high cathodic activity. Samples of
clamshell type cobalt phthalocyanines (dimer and polymer) were deposited
on RB carbon and electrodes have been made from them. The polarization
curves are disappointing because of the low catalytic activity exhibited
by the electtrodes.

Many of the various catalyzed carbons which were made at CWRU were
given to Diamond Shamrock for fabriction into electrodes. Samples of
these electrodes were tested here. The polarization measurements are
qualitatively indicative of the same catalytic activity and performance
as the ones made at CWRU but the mass transport and durability
characteristics are generally superior. (The results are given in
Section 5.1.14).

5.0 RESEARCH DURING THE YEAR
1 OCTOBER, 1980 TO 30 SEPTEMBER, 1981

5.1 CWRU

5.1.1 OXYGEN REDUCTION ON GOLD IN ALKALINE SOLUTION IN THE PRESENCE OF
BISMUTH IONS

R. Amadelli and E. Yeager

INTRODUCTION

Oxygen reduction on noble metal electrodes in the presence of
foreign metal ions has been extensively investigated, especially in
recent years in view of a renewed interest in this reaction for
application purposes. The study of 02 reduction in the presence of
foreign ions is interesting in many aspects. These ions can be
originally present in the electrolyte and in some instances can be
difficult to eliminate by standard purification procedures such as
pre-electrolysis (e.g. earth alkali metal ions in caustic solutions).
It is, therefore, of interest to investigate what their effect on 09
reduction is.

Metal ions introduced into the electrolyte may be specifically
adsorbed onto the electrode and change its catalytic activity. This can
be increased or decreased depending on the mechanism and particularly
the role of adsorbed intermediates in the 02 reduction. It has been
shown, in fact, that some metal ion species have an inhibitive effect
while others enhance the catalytic activity of a platinum electrode.
The positive effect of the latter ionic species is also observed in the
presence of the first (1). Some of these metal ions can be
underpotential depositied (UPD) on the substrate (see, e.g., 2). 1In
this chapter, the reduction of 02 is examined on gold in IM NaOH in
the presence of bismuth ions.
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The 02 reduction on Au is known to proceed via 2e~ to form
hydrogen peroxide (3). The use of a gold electrode for the study of the
effect of foreign metal ions has the advantage that the surface is free
of phase oxides in the range where these ions adsorb onto the surface
and Oy is reduced. In alkaline solutions, however, OH~ adsorption
occurs at much more cathodic potentials than in acid electrolytes and is
present at significant surface coverages at potentials of interest for

the 02 reduction. The charge associated with the OH adsorption
corresponds to "v0.35 electrons per surface gold atom at the end limit

of the relatively flat plateau in the voltammetry curve (see curve 1l in
Fig. 1) just before the peak in the anodic sweep at 0.3 V. This can be
interpreted as corresponding either to 35% of a monolayer of discharged
"OH" or to a monolayer of OHx~ (0 > x > 1) and with an

electrosorption valency of 0.35 (4).

Oxygen reduction on gold in 1M HCl04 was found to be markedly
enhanced in the presence of bismuth by Adzic et al. (5). We undertook a
similar study in 1M NaOH in view of the interest of the oxygen cathode
for the chlor-alkali industry. While this manuscript was in
preparation, an investigation of the 02 reduction on Au in 1M NaOH was
also published by Adzic et al. (6). -

EXPERIMENTAL

The reduction of 02 has been examined on smooth Au in 1M NaOH
(Baker, low in carbonates). The preparation and purification of the
solution, including pre-electrolysis, have been carried out as described
in Chapter II. The Au electrode (99.999%) was polished with alumina
powder (Buehler Ltd., 0.3 and 0.05 1um), washed in ‘an ultrasound cleaner
in triple distilled water and soaked in 1M NaOH for 1 or 2 hrs. The
pre—treatment of the disk-ring electrode was carried out in the test
solution and consisted of cycling it a few times (less than 10) between
-0.7 and 0.4 V* at 50 mV/s. Excursions to potentials more positive than
0.1 V were limited to a few sweeps to minimize possible gold dissolution
and roughening of the electrode. In the presence of bismuth,
substantial hysteresis was observed when the polarization curves were
recorded in the reverse direction, as is to be expected due to
adsorption-desorption of the Bi(III). Negligible hysteresis was found
in the absence of Bi(III).

A stock solution (10-3M in bismuth) was prepared by dissolving
Big03 in 10-3 M HC104 (Baker, Ultrex). This was necessary
because the solubility of Bi203 in NaOH is low [0.012 g/1 (7)] and
concentrated stock solutions of exact molarity could not be prepared in
caustic. Since the amount of stock Bi(III) solution which was added to
the test 1M NaOH solution did not exceed 0.5 ml, this did not cause any
appreciable variation of the pH. Separate experiments have shown no

*All potentials are given vs. Hg/HgO,0H- with the activity of the

OH™ the same as in the test solution. The potential of this
electrode is 0.098 V vs. nhe at pH = 14.
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influence of the Cl0,;~ ions on 09 reduction in alkaline solution.
The Bi(III) solution was added with the electrode at open circuit.
During O9 reduction in the presence of Bi(IIl), the potential was
never swept more negative than -0.55 V to avoid bulk deposition.

Stock solutions of Hy0y were prepared from unstabilized
hydrogen peroxide (FMC, 90%).

The measuring equipment was described in a previous chapter. The
rotating gold ring-gold disk electrode was fabricated at Case Western
Reserve University. The disk area was 0.2 cm? and the collection
efficiency 0.4. For some experiments, a commercial electrode from Pine
Instruments was also used. The potential of the ring during the 09
reduction studies was set at a value of 0.15 V in the limiting current
range for H907 oxidation. When the gold ring is held at this
potential for a significant time (> 10 min), an anodic film is believed
to build up on the electrode and may result in the current no longer
corresponding to the diffusion limiting value. To avoid this problem,
the ring potential was stepped to -0.6 V for a few seconds before the
recording of each polarization curve. For the studies with Bi(III)
present, such a cathodic pretreatment could not be used becuse of the
bulk deposition of Bi. A deposit forms at such cathodic potentials and
is not removed when the electrode is returned to more anodic potentials.
Consequently the best compromise procedure for the disk-ring studies
with Bi(III) was to allow the gold ring to sit at open circuit for a few
seconds before the 09 polarization measurements. Separate studies
with peroxide added to the electrolyte have indicated this treatment to
help to restore the gold surface to a condition where the activity for
peroxide oxidation is higher.

RESULTS AND DISCUSSION

A. Cyclic Voltammetyry

Cyclic voltammetry curves obtained for Au in argon saturated 1M
NaOH with increasing concentrations of added Bi(II1) are shown in Fig.
1. For the lower Bi(II1) concentration of ﬂ/10’6§_(curve 2), the
cathodic peak potential is separated by " 20 mV from the corresponding
anodic peak. Increasing the concentration (3 in Fig. 1) to 5 x
10'6M_results in a broadening of the peak and in a shift of the
cathodic peak potential in the cathodic direction by 40 mV. A closer
examination reveals that this actually represents a double peak. This
is clearly shown in Fig. 2. A doublet in the anodic peak was also
observed by McIntyre and Peck (8) for the system Bi(III)/Au to pH = 8.
This behavior may indicate an adsorption on more than one site or the
adsorpition of more than one species. On increasing the concentration
to 1.4 x 1072 M (curve 4 in Fig. 1), the cathodic peak potential
moves to the cathodic direction. No further shift was observed for
higher concentrations. The total shift in potential with respect to the
peak at lower concentration was ~ 55 mV. The anodic stripping peak at
=0.26 V does not shift appreciably with concentration. As mentioned
above, another anodic peak appears at -0.28 V when the concentration of
Bi(III) is ~ 5 x 1076M. At a concentration of 1.4 x 1072 M,
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only a broader peak at -0.28 V is present, slightly decreased in height.
At this concentration, a new sharp peak appears at Vv-0.43 V which is
separated from the complementary anodic peak by n30 mV. This peak can
be attributed to a phase transition on the surface, although the
consensus on the interpretation of anologous peaks for other UPD systems
is not unanimous (9,10). As observed in similar cases (11,12), a marked
depression of the gold oxide formation is observed in the presence of
Bi(III). A broad shoulder is observed around 0.4 V. This could be due
to the formation of Bi;f07 according to

2Bip03 + H20 = Bi407 + 2H* + 2e ( 1)
for which Pourbaix (13) gives

E = 1.338 - 0.059 pH ¢ 2)

On the Hg/Hg0,0H- scale, at pH = 14, the potential of reaction ( 1)

is 0.4126 V. It is also likely that the shoulder corresponds to the
formation of mixed bismuth and gold oxides. The reduction of the oxides
gives rise to two broad cathodic peaks at "1 0.35 V and V0.17 V
respectively. The first may correspond to the reduction of bismuth
oxides, while the second appears to be attributable to gold oxide
reduction. No apparent dependence on stirring was observed in the
potential range from 0.0 V to 0.6 V.

While it is clear that bismuth is underpotential deposited on Au,
the detailed interpretation of all the peaks in the voltammogram is
complicated by many factors. In the first place, bismuth oxides can be
formed at quite negative potentials (13). Generally, the UPD layers or
submonolayers posses a more noble character than the corresponding bulk
phase (2). However, it is by no means certain that this would prevent
the formation of bismuth oxides, given the strong tendency of this
element to oxidize in the range where the underpotential deposition
occurs. Gold itself is covered by a submonolayer of partially
discharged "OH" species in this potential region (4,14). It seems
possible that the deposited Bi species may be present on the surface in
some hydroxylated form, also because of a strong interaction with OH
groups on the surface.

A further complication for the interpretation of the results is
represented by the fact that the nature of the Bi(III) species in
alkaline solution is not known (15). The solubility product of
Bi(OH)3 is estimated to be 10-36 (25) and hence Bi(III) cannot
be present as a simple aquo ion. It is likely that the soluble species
is Bi(OH)4~ (16); i.e.,

Bij03 + 3H20 + 20H™ —= 2Bi(OH)4~ ¢ 3
Schumb and Rittner (16) proposed Bi02- as the soluble species formed
when Bij03 is dissolved in NaOH. They reported an equilibrium

constant of 5.2 x 10-6 for the process

2NaOH + Biz03 = 2NaBiO2 + H20 « 4
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Charlot, on the other hand, considers the formation of Bi02- only in
hot concentrated caustic (18). The possibility that suspensions of

Bij03 are formed cannot be ruled out, especially at higher
concentrations.

The dependence on stirring at low and high Bi(III) concentrations
is shown in Fig. 3. At the lowger concentrations (10-6 to
10-5M) the dependence on stirring is significant. The solution
agitation increases the Bi(III) concentration at the surface. None of
the peaks shows appreciable stirring dependence for concentrations of
added Bi(IIL) > 10-3 M. The peak current varied linearly with scan
rate (from 5 mV to 150 mV/s), while the peak potential remained
essentially invaried. This behavior is characteristic of surface
controlled reactions (19).

To gain some further insight into the UPD of bismuth, the
phenomenon was studied with a disk-ring electrode in an argon saturated
solution. A disk-ring study of the UPD of bismuth in HC1l04 was
carried out earlier by Cadle and Bruckenstein (20). 1In such studies,
great care must be exercised not to confuse iR coupling effects between
the ring and disk currents with time effects associated with oxidized or
reduced species reaching the ring. The former usually appear as
derivatives of the disk current and can only be partially compensated
through the use of iR drop compensation—correction circuits. In the
present work the ohmic losses in the electrolyte were very small because
of the concentrated electrolyte. As a further check, some measurements
were also made with two double potentiostats with special iR
compensation-correction. This two—potentiostat set—up had been
optimized to minimize coupling effects between disk and ring. The
results were essentially the same (the ohmic drop correction was

n 0.1 mV) as those obtained with the Pine dual potentiostat for which
the results are herein reported.

Fig. 4 shows the disk current — disk potential and the
corresponding ring current - disk potential curves obtained in the
present work in 1M NaOH. The curves shown were recorded in the cathodic
direction for two different concentrations of Bi(IIL). The electrode
was rotated at 2500 rpm and the ring was potentiostatted at -0.9 V where
the Bi(III) bulk deposition was convective-diffusion controlled (Fig.
5). For the lower concentration (curves A, A' in Fig. 4), it is seen
that the ring current begins to shield at a disk potential of -0.27 V,
indicating the deposition of Bi(III) at the disk. For the higher
concentration (curves B,B'), the ring current increased, reaching a
maximum at -0.34 V before decreasing to its shielded value. This
phenomenon is also clear in Fig. 6, which shows the disk—ring currents
for both the cathodic and the anodic scans. The increase in ring
current indicates that some soluble species are formed at the disk.

This would seem improbable since the phenomenon occurring at the disk is
a deposition. However, extensive literature data indicate that the
discharge-ionization of bismuth takes place in successive stages
(21-25). Delimarskii gg_gl,' (24) reported the following scheme for
Bi(III) reduction in molten sodium hydroxide:
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1) Bi(III) + 2e~ Bi (1)

2) Bi(I) + Bi(III) 2Bi(11)
(reaction in the layer near the electrode)

3) Bi(II) + 2e- Bi

The scheme was postulated by the above authors on the basis of
chronopotentiograms which showed two waves. The number of electrons
participating in each stage was found to be the same. A typical scheme
proposed in concentrated acid solution is the following (22):

1) Bi(III) + e Bi(II)
2) Bi(II) + e- Bi(I)
3) Bi(I) + e- Bi h

Apart from the details of the mechanism, it seems likely that
intermediate products are formed. These may have a certain stability
and be desorbed, so that they, or the products of their possible
dismutation in the layer near the electrode, would be collected at the
rihg causing the observed increase in current at —-0.34V.

In a subsequent experiment (Fig. 7), the disk was potentiostatted
at different potentials for the same length of time (90 s). The deposit
was then stripped and the collection of the species produced was
monitored by the ring, which was potentiostatted, as above, at -0.9V.
Peak A increased with holding time and corresponds to the stripping of
the bulk deposit. Peak B, attributable to a phase transition on the
surface, reached its maximum height for a holding time of 30 s. Holding
the disk at -0.4 V yielded a double peak (D and E). Peak E decreased
progressively with holding at potentials more negative than —-0.4 V. The
small peak F became more pronounced, and shifted to the cathodic
direction when the disk was held at potentials more negative than -0.7
V. Since this peak is sensitive to the cathodic holding potential, it
appears to involve the oxidation of bismuth in the electrode phase. The
process associated with peak F is probably the formation of an oxide
layer since the ring did not detect any further production of a solution
phase bismuth. This electrode phase bismuth may have been metal
deposited on the Au in sufficient quantity that residual Bi metal is
still available after the processes associated with the more cathodic
peaks (e.g. C, D, E). Alternatively, the Bi may have penetrated into
the gold surface through grain boundary diffusion during the holding at
the more cathodic potentials.

It is interesting to note that peaks C, C' (Fig. 7) appear in the
same potential range as peaks B, B' in Fig. 5-2. They may represent
related processes, occurring during the stripping and the deposition of
Bi(III) respectively. Peaks B, B' (Fig. 4) have been attributed to a
multi-step deposition of Bi(III), as mentioned above. By analogy, peaks
C, C' in Fig. 5-7 may be attributable to a multi-step ionization of the
Bi(0) deposit. A possible first step in this ionization is the
formation of BiOH, as proposed by Williams and Wright (15) for the
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oxidation of a Bi electrode in an alkaline solution. This point will be
further discussed later.

Except for peak A, the charge derived from the areas under the ring
curves did not exceed 407% of the disk charge, and the cllection was as
low as 107 when the disk was held at -0.35 V (Fig. 7). This is also
illustrated in Fig. 8 in which the disk current has been reconstructed
by dividing the corresponding ring currents by the collection
efficiency.

The plot of AIg = (Iz - (IR ) vs. concentration of
I sh

Bi(III) in solution and of steady-state values of Ip vs.
L

. 48
concentration yielded straight lines with slopes mj and m)
respectively. Here, IRL is the ring limiting current when there is
no disk process and In N is the shielded ring current, i.e. when the
s

disk process is at the limiting current. The experimental value of
the collection efficiency was calculated from the ratio of mj/mj
(26). 1Its value was 0.18, compared to the theoretical one of 0.1829.

Because of the incomplete stripping of the bismuth from the
surface, the electrosorption valency could not be derived with the
method of Bruckenstein et al. (27). Bismuth was not stripped even at
high anodic potentials. This is seen in Fig. 9. 1In this experiment,
the gold electrode was withdrawn under potential control (at -0.8 V)
from a solution containing 10’5§_Bi(III) and introduced into a
bismuth-free 1M NaOH solution. The electrode was then scanned from -0.8
V to 0.6 V at 100 mV/s. Bismuth was lost into the solution. However,:
after 5 min scanning, some bismuth still remained on the surface and its
quantity (as indicated by the peak areas) did not decrease even after
prolonged scanning (curve 2 in Fig. 9). The electrode was then
potentiostatted at -1.0V for 30, 60 ad 120 s. The stripping of a bulk
deposit was observed at " —0.78 V and the UPD peak around -0.3 V
increased in height. The interesting point is that the corresponding
cathodic peak also increased with holding, despite the fact that the
scan reached fairly anodic potentials before being reversed. It is
evident, therefore, that bismuth, once deposited on the gold electrode,
is very tenacious and the surface never becomes completely free of it.
This conclusion is in agrement with McIntyre and Peck (8).

B. Bulk Deposition and Behavior of Deposits Formed from
Concentrated Bi(III) Solutions

A polarization curve for bulk deposition of Bi(II1), obtained point
by point, is given in Fig. 5. In the experiment of Fig. 10 the bulk
deposition was studied by scanning the potential and using a relatively
high concetation of Bi(III). During the sweep in the cathodic direction
the cathodic current corresponds to the steady state
convective~diffusion controlled value only at potentials more negative
than -0.7 V. A large peak 1is observed at " 0.63 V which is slightly
rotation rate dependent and only appears at higher concentrations of
Bi(II1), i.e. n10~4 M. It may correspond to the deposition of Bi
species having a valency < 3. For the scan in the anodic direction a
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current plateau is obtained from -1.0 to -0.6 V. The plot Ip, in the
limiting current region (e.g. -0.8 V), vs. f1/?2 gives a straight line
with a zero intercept. This means that the deposition is mass—transport
controlled. As a check, the concentration of Bi(III) was estimated from
the slope of the plot of Ip vs. £1/2 On the assumption that the
diffusion coefficient is ~1076 cm2/s and that the process

involves 3e~, the estimated concentration was 2 x 10‘4§, This ,
value compares fortuitously well with the concentration of Bi(III) added
to the solution (2 x 10‘43). This favorable comparison should not

be overinterpretd, but implies that the diffusing species is in solution
rather than in a colloid or large polymeric form.

Fig. 11 illustrates the ring current of a shielding experiment in
which the deposition of Bi(II1) was examined on a gold disk in a
solution containing ~ 1.5 x 10-5M Bi(III). The ring was
potentiostatted at a potential at which bulk Bi(II1) deposition occurs .
(-0.9 V). The polarization curve was obtained point by point scanning
at the rate of 20 mV/s between points, and waiting at least 15 s before
recording each point. The experimental points were recorded proceeding
in the cathodic direction. The relatively large current observed
between a and b decreases to the open-circuit disk value (i.e., the ring
current when the disk is not connected) within 5 to 10 s. This
indicates that Bi species are produced at the disk since the current is
higher than that observed for the disk at open circuit. This phenomenon
has already been discussed above (see Fig. 2). From points ¢ to g the
current decreases below the open disk value but increases again to the
latter value within 5 s when the potential scan is interrupted. It is
not very clear which species is deposited. One possibility would be the
reduction of Bi(IIL) to species having an oxidation state lower than 3.
The deposition of Bi(III) to Bi(0) under mass—transport control occurs
at -0.6 V,

It was felt appropriate to study also the stripping of a thick
bismuth deposit and to compare the potentiodynamic curves obtained with
those obtained for mono- or submonolayers. Fig. 12 shows the cyclic
voltammetry curves for an ordinary pyrolytic graphite electrode onto
which Bi(III) was deposited for different lengths of time. The cyclic
voltammetry profile has some similarity to that of a bulk Bi electrode
in alkaline solutions (34). This figure indicates the formation of
oxides at potentials of -0.5 V and higher. It 1s clear, therefore, that
especially at relatively high concentrations of Bi(III) in solution
(near to or higher than IO'SM) the bismuth species adsorbed on a
gold surface may be present in an oxidized form at potentials more
anodic than -0.3 V. This is further illustrated in Fig. 13. 1In this
case, a gold disk electrode was potentiostatted for 30, 60 and 90 s at
-0.55 V in a solution containing 2 x IO-SM_Bi(III). An isopotential
point in the stripping curves is observed at -0.24 V. This isopotential
point was not observed at the ring when this was used to monitor the
stripping at the disk. The ring did not detect any significant change
in Bi(III) solution phase concentration in the vicinity of either
peak C or D (see also Fig. 7). Thus the processes responsible for
peaks C and D (Fig. 13) did not involve a solution phase species and
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must be surface reactions. The holding time at the cathodic potential .
limit influenced the coverage of the species associated with peaks D and
C. The isopotential point can be explained if the peaks are
irreversible (no back reactions) and the sum of the surface
concentrations of the species controlling the rates for peaks C and D
add up to a constant independent of the holding time. A theoretical
treatment of isopotential points has been reported by Untereker and
Bruckenstein (35).

The following specific processes can be proposed to explain peaks A
to D in Fig. 13 (see also Fig. 7):

Bi(0) —>  Bi[III(L - X )] + 3 Ae-

where ) is the partial charge transfer coefficient of Lounz (see Chapter
I1) and Bi(0) is either metallic bismuth on the Au surface or bismuth
intergranularly penetrated below the surface. The Bi[IIL(1 - X )] can
be either a UPD species with significant metallic character or, more
likely, still retaining ionic character perhaps in the form of a complex
with OH™, i.e., of the form [Bi(III)(OH)yx(0H2)y]3~. This

complex species may then undergo a transformation into an oxide as the
potential is made more positive. This transformation may take place
already after peak C in Fig. 13.

For the voltammetry curve in Fig. 14, the electrode was
introduced under potential control at 0.0 V into a solution contailning
6 x 1070M Bi(III), and the potential window was progressively opened
in the cathodic direction. Peak I appears at a potential of -0.29 V.
The peak potential of peak II, in the anodic direction, is -0.25 V.
This anodic peak increases to its maximum height when the cathodic
potential limit is -0.4 V. The amount of charge under the curve in
region III (from -0.2 V to 0.0 V) increases as the potential scan limit
is made progressively more cathodic. It is likely that this is due to
the formation of bismuth oxides (see also Fig. 12). 1t is also
apparent that some of the species oxidized at III are reduced, upon
reversing the scan, at ~n -0.3 V as indicated by the increase of the
height of peak I. However, the charge under peaks II and III is much
larger than that under peak I alone. Therefore the reduction of the
species formed curing the anodic sweep must continue past peak I in the
cathodic sweep. This reduction does not appear to be complete even when
the potential has become sufficiently cathodic for the bulk deposition
of Bi(III) to occur. :

C. Oxygen Reduction on Au in'1M NaOH Containing Bi(I1I1)

Fig. 15 shows the disk-ring polarization curves for 09y
reduction on Au in 1M NaOH containing 4 x 10-6M Bi(III). 1In
contrast to what was reported by Adzic et al. (6) at comparable
concentration, no ihibition was found in the kinetic controlled region,
when the polarization curves are compared to those obtained on pure
gold. The hysteresis was negligible for Au and for Au/Bizgq in the
kinetic controlled region from 0.0 to ~ -0.25 V. At potentials more
negative than -0.25 V the hysteresis becomes quite significant in the
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presence of Bi(III). This occurs by reason of the adsorption of Bi(III)
which changes the state of the surface.

The ring currents of Fig. 15 in the disk potential region from
0.0 to -0.3 V are higher than those reported by Adzic et al. (6). We
have found that lower ring currents were observed when the ring
potential was set more anodic than 0.2 V. Adzic et al. used 0.3 V for
the ring potential. Most likely this arises because of a deactivation
of the ring due to the formation of a thicker oxide layer. 1In the
present work, the ring potential was held at 0.15 V to avoid the
formation of a thick layer of oxides and the consequent deactivation of
the ring electrode.

Fig. 16 shows a comparison of the disk-ring polarization curves
for 09 reduction in the absence and in the presence of increasing
Bi(III) concentrations. We found the catalytic activity to increase for
increasing concentrations of Bi(IIL) from 10-6M to 10-3M. For
Bi(III) concentrations of 10-5M and higher, the observed enhancement
of the activity was less than for lower Bi(III) concentrations, but
always higher than for pure Au.

For a first order kinetic with respect to dissolved molecular
oxygen, the Levich treatment gives

1. = 1 + 1

i i B/ ¢ 5

where iy is the current with pure kinetic control, f is the rotation
rate (rotations per minute) and

B = 0.62nFD2/3\)—116CO_ ( 6)

Here, n is the number of electrons per 0y molecules passing through

the Nernst diffusion layer, D is the diffusion coefficient of 0p, V

is the kinematic viscosity and Cy is the bulk concentration of 02.

The plot of 1/i vs. 1/£Y/?at different potentials should yield straight
lines with slopes equal to 1/B. These plots are shown in Fig. 17 for
the 09 reduction on Au in the absence and in thepresence of Bi(III).

The plot for Au at —-0.5 V has a zero intercept, indicating pure
mass—transport control at this potential. The intercepts are also very
close to zero with Bi(III) present at voltages from -0.25 to -0.4 V,
indicating mass—transport control, now even at less cathodic potentials
- (e.g., =0.25 V). The current is entirely 02 reduction: the

contribution from deposition of Bi(III) at 4 x 10-6M is negligible.

The value of the constant B derived from the slope of the straight lines
in Fig. 17 was 8.8 x 10-3 mA/(rpm) /2 for pure Au. This value

agrees very well with the calculated one of 8.6 x 10~3, using the

data of Gubbins et al. (28) for the solubility and diffusion coefficient
of Og in 1M KOH, assuming a 2-electron process. The B value obtained

in the presence of 4 x 10-6M Bi(III) was approximately 16 x 10~3
mA/(rpm)l/2 at potentials from -0.15 V to -0.4 V. This value
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corresponds to n 3.7 electrons per 02 reaching the electrode surface,
which indicates that OH™ is the principal product.

Within the precision of the data, the intercept with Bi(III)
present at —-0.45 V and -0.5 V is actually negative. Negative intercepts
have also been obtained for the reduction of HO2™ on Au in the
presence of Pb(I1). Possible explanations will be discussed in a later
chapter.

The disk-ring data (Fig. 15) were analyzed using the diagnostic
criterion of Wroblowa et al. (29). The ring polarization curves showed
some background current (see Fig. 15) which was subtracted from the
observed ring currents prior to making disk-ring calculations. This
background ring current was negligible in the experiments without
bismuth addition in the electrolyte. This suggests, therefore, that the
background current is due to an anodic process involving the metal
species added to the electrolyte, i.e., Bi(III) oxidation. The
background current of " 15 UA seems reasonable taking into account
the Bi(III) concentration in the electrolyte (4 x 10-6M). :

The ratio of the disk to ring current multiplied by the collection
efficiency was plotted against the reciprocal of the square root of the
rotation rate, for different disk potentials. These plots are shown in
Fig. 18. The polarization curves were recorded in the direction of
increasing (more anodic) potentials and in Fig. 5-19 for the cathodic
direction. The plots yielded straight lines with potential dependent
slopes and a common intercept of 1 in the potential region from -0.1l to
-0.25 V in Fig. 18 and -0.125 to -0.5 V in Fig. 19, 1In terms of the
Wroblowa et al. analysis, a common intercept of 1 for the (Ip/IR) x
N vs. 1/f /2 plots is predicted when ki1 = 0 and (2k3 + k4/ks5) is
negligible with respect to 1 (see Chapter I). At potentials more
negative than -0.225 V with scanning in the anodic direction the
intercepts as well as the slopes become potential dependent (Fig. 18).
Since this was not observed when scanning in the cathodic direction,
this marked change in the (Ip/IR) x N vs. 1/£'72 plot in Fig. 5-18
may be associated with some type of hysteresis effect in the number of
electrons at some cathodic potential where the electrode surface is not
at steady state. In the absence of Bi(III), Au does not show such
hysteresis.

The interpretation of the above results is therefore complicated by
the fact that, for concentrations less than 10-5M of added Bi(III),
the quantity of bismuth on the surface depends on the agitation of the
solution (see Fig. 3).

A Tafel plot (corrected for mass—-transport) obtained for the
reduction of 09 in the presence of Bi(III) is reported in Fig. 20,
The Tafel slope obtained for Au in the absence of Bi(III) was -120
mV/dec. In contrast to Adzic et al. (6) who reported a Tafel slope of
-120mV/dec both in the presence and in the absence of Bi(III), the plot
of Fig. 20 reveals a more complicated situation. The validity of this
plot for mechanistic considerations will be discussed in a later
chapter. The region of lower overpotentials should be interpreted with
caution, particularly in view of the fact that the curves did not
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approach the zero current asymptotically but yielded a small residual
positive current of 5 yA. ' '

D. 0O, Reduction on Au Electrodes Pre-exposed to Bismuth

In a separate series of experiments, a gold electrode was scanned
from -0.55 V to +0.1 V about 10 times in 7 x 10-6M Bi(III) in 1M ’
NaOH, held at -0.55 V in this solution for 20 s, removed in air and then
immersed in'a Bi(III)-free 1M NaOH saturated with O,. Polarization
curves for 0., reduction were then recorded point by point (Fig. 21).

The data of Fig. 21 show that the effect of the bismuth on O

reduction still persists. The plot of 1/i vs 1/f1/2 yielded straight
lines approximately parallel to each other between -0.1 V to -0.2 V

(Fig. 22). The B value in this potential range is 11 x 1073

mA/(rpm)1 2, corresponding to V2.6 e~ . At more negative potentials,

the slope of the plots increases slightly, indicating a decrease in the
number of electrons. Thus at -0.5 V the B value is 9.8 x 10~3 mA/(rpm)l/z.

The I /IR vVSs. 1/f'1/2 plot, constructed from the disk and ring
polarization curves, yielded straight lines with both the intercepts and
the slopes potential dependent (Fig. 23). For this case, the analysis
by Wroblowa gg_gi.’predicts a relationship between the slopes (S) and
the intercepts (J) of the form:

.' k1 . 28
Jv=‘l +’2"i—+'k——' ’ (7)
; 2 6 v
The slope vs. intercept plot for the data of Fig. 23 is shown in Fig. 24.
The new intercept J' is very close to 1, indicating kl/k2 <<1 and hence

only the series process is operative.

A. Tafel plot obtained point by point for the O reduction under these
conditions is shown in Fig. 25. The plot shows two limited linear regions
of slopes -42 mV/dec and -142 mV/dec, in each case only over a part of a
decade. The higher value is the more reproducible and compares well also
with the value of -150 mV/dec obtained at the more negative potentials in
experiments with Bi(III) present in the solution (Fig. 20).

In a separate set of experiments (Fig. 26) with scanning at 10 mV/s,
under what was believed to be identical conditions, the analysis of the
data yields (I_/I_ ) x N vs. l/fl/2 plots (Fig. 27) which are straight
lines with potential dependent intercepts and zero, or almost zero, slopes.
The different behavior observed in Figs. (23) and (27) is probably due to
a difference in the state of the Bi on or in the surface of the gold. This
different behavior persisted even after sweeping the potential several
times in both directions.

The data of Figs. 21 to 25 will be referred to as data of type I for
pre—adsorbed Bi on Au and that of Figs. 26 to 3- as type II. The type II
behavior in Fig. 27 indicates one of two situations:
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1. The O, reduction proceeds via the parallel mechanism involVing
4e” to OH™ and 2e~ to H02' but not by further reduction of
Hoz_ to OH™; ox

2. The desorption of HO.~ from the electrode surface is very slow
(small k5 and k6 of the Wroblowa et al. analysis).

It is not possible to distinguish between the two alternatives with
the Wroblowa et al. analysis, and hence to reach any conclusion as to
whether k. is negligible or not. The experimental data were also analyzed
according to the procedure indicated by Bagotskii et al. (30). Considering
that the adsorption-desorption of O, and HO,.~ are at equilibrium, the ’

following equation can be derived: 2
o ' ' 2
'IA —-ID ZA k2 + k3 + k4 ZA
(———) x N = 1 + 2(2—) X + k (8)
B 2 2
2/3 1/6
In eq. (8), ZA = 0.62D Y and IA° = 4FZ f1/2c02 is the convective-
. P s A .
diffusion limiting current for the 4e™ process. The term Z_ is a parameter
analogous to Z, but referred to H,O0,. According to eq. (8), k., can be

calculated from the slope of the plot (I_o-I /I ) x N vs. £1/2%  These
plots are shown in Fig. 28. The potential dependence of the slopes is
not surprising since they depend on 1l/k,., which is potential dependent.
In Table 1 are reported the values of k2 calculated from Fig. 28.

TABLE 1

Potential Dependent Values of k. and k
for O, Reduction on Au with Pre-adsorbed
Bi: Bata Set IT Obtained from Fig. 27.

E(V) klx 102 k2 X lO2
(Cm/s) (cm/s)
-0.1 1.132 0.234
-0.125 1.27 0.326
-0.15 1.653 0.507
-0.175 2.295 0.76
-0.2 3.1 1.05
-0.225 3.76 1.28

The values of k, listed in this table were obtained from the intercepts
in Fig. 27 (i.e., 1 + 2k,/k.). The intercept in Fig. 28 is close to 1,

indicating that (ké'+ k3l+ ﬁ4) is negligible with respect to k2.
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The values of log k) and log k) were plotted vs. the potential
(Fig. 29). The slope of the log k2 vs. E plot is ~158 mV/dec. This
value is not unexpected since Tafel slopes, of the overall current,
between =40 mV/dec and -150 mV/dec were obtained for the 09 reduction
on this modified surface. However, the slope of log ki vs. E was -205
mV/dec. The plot of Fig. 28 is of course based on the assumption that
the adsorption—desorption of hydrogen peroxide is essentially at
equilibrium.

Bagotskii et al. (31) have also proposed an analysis which takes
into account the possibility of slow adsorption-desorption not only of
HO2~= but also of 02. Because of the serveral comstants which
cannot be determined independently, this analysis does not allow one to
establish unambiguously if ki is significant or negligible.

It remains to be explained how experiments which were carried out
in a similar fashion (see Figs. 21 and 26) can give such different
results (see Figs. 23 and 24). Voltammograms which were taken at
the end of these experiments showed some quantitative difference (Fig.
30). The show that it is difficult to control the quantity of bismuth
remaining on the surface after the electrode has been removed from a
Bi(III) containing solution and immersed into a Bi (III)-free solution.
The question whether these differences alone are sufficient to explain
the differences in the analysis of the O, reduction data, cannot be
answered with the data obtained here. This point needs further
investigation.

The state of activity of the ring during the 09 reduction in the
presence of metal ions represents a problem as far as the
reproducibility of the data is concerned. Even when the 09 reduction
was investigated in a Bi(III)-free solution, on an electrode which had
been pre-exposed to Bi(III), the ring could not be pre—treated by
cathodic pulses because of bismuth deposition. In fact, some bismuth is
desorbed into the solution during the first few scans (see Fig. 9) and
might be deposited on the ring during a cathodic pre-treatment. It
should be noted, in this respect, that a cathodic pre~treatment of the
ring was necessary to obtain reproducible results on pure gold.
Otherwise, progressive anodic film formation interfered with the
measurement of the diffusion limiting current for perioxide oxidationm.
Experimental work in the subsequent section shows that the actual
current for peroxide oxidation is lower than the expected limiting value
by 107%-20%, depending on the rotation rate, when Bi(III) is present in
the solution. A plot of Ip/IR vs. 1/£'2 was constructed from the
data of Fig. 15 using values of the ring current approximately
corrected for the mentioned decrease in the current for peroxide
oxidation. This plot is shown in Fig. 31. It is seen that, even with
this correction, the 0y reduction on Au with Bi(III) in the solution
still occurs predominantly via a series mechanism.
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E. Hydrogen Peroxide Oxidation and Reduction in Argon Saturated
Solutions

In order to gain more insight into the mechanism of 0y reduction,
the oxidation and reduction of hydrogen peroxide were studied in the
absence and in the presence of Bi(II1) (Fig. 32). The solutions were
saturated with argon in an attempt to depress the 02 concentration to
a low value and thus minimize any reduction current associated with
0r. On the other hand, 09 is generated during the oxidation of
peroxide on the electrode surface and also during the heterogeneous and
homogeneous decomposition of HO9~. The extent to which this O3
‘modifies the observed polarization curves for the peroxide oxidation and
reduction currents is not fully clear, but probably was quite small,
particularly for the oxidation curves. ’

Fig. 32 shows the polarization curves for the oxidation of
hydrogen peroxide on Au in an argon—saturated 1M NaOH containing Bi(III)
solution. A polarization curve obtained in the absence of Bi(III) is
included in Fig. 32 for comparison. It is seen that Bi(III) has an
inhibitive effect on the Hy0) oxidation. Such an inhibitive effect
was also observed with Pb(II) and especially with T1(I) (see later
chapters).

The reaction order for peroxide oxidation on Au was found to be 0.5
with respect to H902 (3). This was confirmed in the present work
(see Chapter IV). However, the reaction order derived from the log i

vs. log (i, - i/ij) plots (32) was found to be 1 when Bi(III) was
present in the solution (Fig. 33).

With the dismutation reaction as the second step in the mechanism
proposed by Zurilla et al. (3) for 02 reduction on gold, the reverse
oxidation process would be explained to be 1/2 order in 02 as well as
1/2 order in HO2-. These authors had difficulty in verifying the
1/2 order dependence on Oy because of a lack of adequate control of
0y concentration in the presence of the peroxide. In an 02 free
solution, the concentration of 09 at the disk surface during the
peroxide oxidation might be proportional to the peroxide concentration
at the surface and thus the two half-power dependencies on 09 and
HO9~ concentrations might appear equivalent to a first order
dependence in HO2~, not considering directly the 02 concentration
at the disk. Saturating the solution with 09 did modify the
polarization curves in Fig. 32 at potentials cathodic to 0.0V but this
would be expected because of the back reaction.

Experiments on hydrogen peroxide reduction on pure Au were

discussed in Chapter IV. The results showed some irreproducibility and
a large dependence on the pre-treatment of the electrode.

In the presence of Bi(III), the reduction currents increased sub-
stantially with respect to pure Au and the half-wave potentials shifted
to more positive values (Fig. 34). The marked time dependence of the
currents observed with pure Au was not observed in the presence of Bi
after stopping the potential scan at a given voltage for from a few
seconds to a few minutes. The rotation rate dependence also becomes
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more pronounced with Bi present at potentials between 0.1 V to -0.3 V.

While the voltammetry curves after repeated sweeping indicate very
little current associated with the dep051tion of Bi at potentials
>~0.1 V, nonetheless the Bi addition still produces a substantial
increment in the peroxide reductlon current at such potentials (see also
Fig. 1).

More striking: is the pronounced effect of Bi(III) on HO9~
oxidation even at potentials where the Bi 1s not expected to be in UPD
form on the surface (Fig. 32), but rather an adsorbed complex ion as
discussed earlier in this chapter.

The cyclic voltammetry and disk-ring experiments discussed above
showed that gold never becomes ‘completely free of Bi(III) once this
species has been deposited onto the surface. Bismuth is then most
likely present on the surface even before the underpotential deposited
region in the cycling voltammogram. A transformation of the Bi(III)
species into, a less catalytically active form could cause the sharp
decrease. in current observed at potentials negative to v -0.26 V
(Fig. 34). The B value derived from thelﬁlopes of the 1/i vs. 1/£Y2
plots (Fig. 35) was 13.3 x 10-3 mA/(rpm)/> . This value is in
good agreement with the B value of 13.15 x 10-3 and 13.5 x 10-3
for the oxidation of hydrogen peroxide on gold in the presence and in
the absence of Bi(III) respectively. The first value was derived from
the slopes of 1/i vs. 1/f 12 shown in Fig. 36. The first order
dependence of the HO2— reduction current was confirmed with plots of
log 1 vs. log (ir,-i), which yielded a slope of 1.0 + 0.05.

F. Combined 0y and HOp~ Reduction on a Bi-Pretreated Au
Electrode and on Au Electrodes with Bi(II1) in Solution

Fig. 37 shows a comparison of polarization curves for the
reduction of both 0y and HO2™ on Au, both with and without Bi
pre—adsorption. For curve 2 in Fig. 37 the gold electrode was scanned
in a solution containing 8 x 10~-6M Bi(III), held in this solution at
-0.55 V for 15 s and then introduced into a Bi(III)-free solution
saturated with 02 to which hydrogen peroxide was subsequently added.

It was calculated from cyclic voltammetry that, in this case, the
quantity of Bi(III) on the surface 1is about 10-15% of a monolayer (see
also Fig. 9, curve 2, and Fig. 30). This calculation assumed that
the Bi(II1) is discharged to Bi(0) with the charge for a monolayer that
given by Cadle and Bruckenstein for the Bi UPD in HC104 (20) on
‘polycrystalline Au.

For the case of curve 2 in Fig. 38, the currents are slightly
higher than for pure gold (curve 1 in Fig. 37) only at potentials less
negative than -0.2 V. The 1/i vs. 1/ plots (Fig. 38) yielded B
values which were de endent on the potential. At -0.1 V the B value was
2.6 x 1073 mA/(rpm) and decreased with 1ncrea31n% negative
potentials, reaching a value of 9.6 x 10-3 mA/(rpm) at -0.5 Vv,

The latter is only slightly larger than the calculated value of 8.6 x
10-3 for 02 reaction only in an 02 saturated solution, and is
far less than expected for the diffusion controlled reduction of



32

HO9= at a concentration of 3 x 10-3M HO2-. Thus, at
potentials of " -0.1 V with Bi preadsorbed on Au, the reduction current
is predominantly associated with the peroxide in an 02 saturated
solution containing 3 x 10‘3M_H02—, while at potentials of

nv =0.5 V, in the same solution, the reduction current is

predominantly that for102 reduction to peroxide.

When 09 and HO2~ reduction was studied in 8 x lO‘GE
Bi(I11), with HO9™ as well as 09 preseng/}n the solution (curve 3 .
in Fig. 38), the plot of 1/i vs. 1/f (Fig. 39) yielded straight
lines which were approximately parallel to each other over a wide range
of potentials (up to -0.4 V), in contrast to the behavior in Fig. 38).
The B value calculated from the plots in Fig. 39 was 2.8 x 10-3
mA/(rpm)l/2 . This suggests that the peroxide elimination reaction
contributes significantly to the observed overall current. With Bi(III)
added to the solution, the bismuth surface coverage increases and this
may be responsible for the increased decomposition of peroxide at '
relatively more cathodic potentials than for the case of curve 2 in
Fig. 38. Alternatively, the Bi pre-adsorbed may be in the form of a
surface alloy, while with Bi(III) in solution, an adsorbed layer of Bi,
perhaps as a complex ion, is formed. '
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5.1.,2 OXYGEN REDUCTION ON Au IN ALKALINE SOLUTION IN THE PRESENCE
OF THALLIUM IONS
R. Amadelli and E. Yeager

INTRODUCTION

The adsorption of thallium on noble metal electrodes has been
investigated by several authors. In many of the studies the substrate
used was silver both in polycrystalline (e.g. 1,2) and single crystal
form (3-5). Other electrode substrates used include gold (5,6),
platinum (7,8) and copper (6). The deposition of thallium on these
substrates occurs at underpotentials.

Vicente and Bruckenstein (9) studied the underpotential deposition
of thallium on gold in KCl and HC104 with a rotating disk-ring
electrode. These authors found that a monolayer of T1(0) was stripped
at three different potentials in KCl and that the stripping of the
adsorbed Tl was not complete in KCl. From comparison of the data in KC1
and HC104, the above authors concluded that the chloride ions enhance
the specific adsorption of T1(I).

McIntyre and Peck (10) have found that the deposition as well as
the anodic dissolution of Au is enhanced by TL(I) ions in buffered
phosphate (pH = 8.8). Thelr conclusion is in agreement with earlier
data of Cathro and Koch (11). The increased anodic dissolution of Au
was explained by the inhibition by T1(I) of the formation of a
passivating oxide layer. The absorbed Tl may not be present in metallic
form at the more anodic potentials involved in the Au dissolution
experiments and rather may be present in somewhat ionic form.

In recent years, the influence of T1(I)-UPD on various electro-
chemical reactions has been examined. Thallium adsorbates on Ag
single-crystals have been found to inhibit HY reduction (12) and 0p
reduction (13) in acid solutions. A slight enhancement of the 09
reduction on polycrystalline Au in HC104 has been reported by Adzic
and Despic (14). In contrast to the results in the acid solution,
McIntyre and Peck (15) and Yeager et al. (16) reported a large
enhancement effect on 07 reduction on Au in alkaline solutions. The
present work aims at a deeper understanding of the increased activity
for 02 reduction on the Tl-modified Au surface in the caustic
electrolyte. '

The results presented in this chapter indicate that the adsorption
of thallium at potentials anodic to the bulk deposition potential cannot
be explained as simple underpotential deposition of a metal-like species
on the electrode surface from a bulk solution phase. Rather, the
results suggest first at relatively anodic potentials a coadsorption of
a T1(I) species and OH™, perhaps in the form of T10H with conversion
of this species to (Tl)ads of more metal-like character, at somewhat
more cathodic potential, corresponding to the more conventional UPD
layer.
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The (TlOH)ads is in equilibrium with the species in the solution
phase. In the more anodic potential range T1(OH)3 can be formed from
(T10H)ads and from T1(I) in the solution phase. Difficulties in the
detailed interpretation of the fine structure revealed by the
potentiodynamic curves are discussed.

EXPERIMENTAL

The preparation of the solutions and the measuring equipment have
been described in Chapter III. Thallium was added to the solution as
TINO5.. Separate experiments were carried out to test the effect of
NO3™~ ions on oxygen reduction and on the cyclic voltammetry curves
by adding NaNO3 to the caustic electrolyte. No appreciable influence
was observed even at concentrations of NO3~™ as high as 10'3M:

The rotating gold disk-gold ring electrode assembly used for the
kinetic studies was fabricated at Case Western Reserve University. The
disk-ring shielding experiments have been carried out using a commercial
electrode from the Pine Instruments Co. The characteristics of these
electrodes were given in Chapter III. The choice of the ring electrode
potential during the 09 reductive studies is discussed later in this
chapter. All potentials are given vs. Hg/HgO,OH™.

RESULTS AND DISCUSSION

A. Cyclic Voltammetry

Cyclic voltammetry curves for the Au in 1M NaoH in the presence of
increasing amounts of T1(l) are shown in Fig. 1. TFor the lower
concentration (2.5 x 10~ 6M), a rather broad peak appears at

-0.2V in the cathodic sweep. Its width at half-height is ~ 180 mV.
The separation between the anodic and the cathodic peaks (a, a' in
Fig. 1) is V40 mV and independent of sweep rate over the range 5 to-

150 mV/s. These peaks are due to adsorbed T1(I) species.

An increase in T1(I) concentration to e.g., 2.2 x 10'5§_(dashed
line in Fig. 1), reveals much more fine structure. Peaks A and A'
increase in height and are shifted in the cathodic direction by " 20 mV
with respect to the cathodic peak at the lower concentration (Fig. 1).
Peaks A and A' now occur at approximately the same potential for sweep
rates from 5 to 150 mV/s. The shoulders B, B' and the small peak, C, C'
are not exactly reproducible between separate experiments. For the same
concentration of added T1(I), they are more pronounced on bright foil
electrodes which have undergone a cleaning treatment in, for example, a
mixture of 1:1 concentrated HNO3 and H2S04 but not mechanically
polished. These peaks (B, B', C, C') are pronouncedon mechanically
polished electrode (cleaned 1n lM NaOH with ultrasound agitation) only
at concentrations of V107 4M as compared to 10~ 5M for a scan
rate of 50 mV/s. Bewick and Thomas (3) also observed more fine
structure for the UPD of thallium on chemically polished polycrystalline
silver than on mechanically polished silver. It is likely that peaks C,
C' and the shoulders B, B' are due to adsorption on different sites with
different crystallographic orientations or to some rearrangement of the
adsorbate on these sites.
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The peak potential for peak A in Fig. 1 did not depend on the
scan rate while the peak current varied linearly with scan rate. The
dependence of peaks A, B, C on the solution agitation was influenced by
the anodic limit. If the potential was not swept to values more
positive than 0.05V, none of the above mentioned peaks showed
appreciable dependence on the solution agitation. For potential limits
more anodic than 0.05V the agitation dependence is discussed later.

The formation of gold anodic film is substantially modified by
T1(1) (Fig. 1). This modification results from the formation of
thallium oxides or gold and thallium mixed oxides. Thallium oxide
formation can occur both by oxidation of T10H deposited on the surface
at more negative potentials or directly from T1(I) in solution. The
assignment of all the peaks in the anodic region (b, ¢, F, G in Fig.

1) is therefore complicatedby the occurrence of reactions involving both
species on the surface and in the solution phase. The potentials for
the formation of thallium oxides and the relative reactions are the
following (17):

T1+ + 3Hy0 = T1903 + 6HY + e~ ( 1)
E, = 1.189 - 0.0887 pH - 0.0295 1g(T1") (  la)*
E, = 1.329 - 0.0887 pH - 0.0295 1g(T1%) ( . 1b)
T150 + 2Hp0 = T103 + 4HY + 4e” ( 2)
E, = 0.778 - 0.0591 pH ( 2a)
Eo = 0.905 - 0.0591 pH ( 2b)

For concentrations of 2 x 1075M T1(I) (Fig. 1) and pH = 14,
the values of E, derived from the above equations are reported in the
following Table:

TABLE 1

Equalibrium potentials for the formation of
thallium oxides for a T1(I) concentration
of 2 x 10'5§_and pH = 14

Eq(V)
Reaction vs Hg/HgO
1la -0.0134
1b 0.1266
23 -0.147
2b -0.02

*(a) and (b) refer to the hydrated and anhydrous oxides respectively,
i.e., T1(0H)3,T1203, T1OH and T1,0." "
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For the formation of T1OH according to:
TL + OH™ = T10H + e~ « 3

E, is given by (0.485 - 0.0591). At pH = 14, a value of -0.44 V is

obtained on the Hg/Hg0 scale.

The peaks in the anodic region are not readily assigned from the
E, values reported in Table 6-1. Peak F in Fig. 6-1 can probably be
assigned to the formation and reduction respectively of T1(OH)3
present on the surface. The other peaks (G, H) may correspond to the
transformatoin of the T1(OH)3 on the surface, e.g. to Tlp03,
and/or to the formation of gold and thallium mixed oxides as will be
discussed later.

The anodic region of the gold voltammogmm is already modified by
thallium even without exposing the electrode to negative potentials
where Tl is adsorbed or bulk deposition occurs (Fig. 2). For the
experiment illustrated by Fig. 2a, the electrode was introduced into
the solution under potential control at 0.0 V. Subsequent scans in the
anodic direction were then recorded (1-3 in Fig. 2a). Peak I at

v 0.25 V, which is stirring sensitive, corresponds most probably to
the formation of TL1(OH)3 from T1(I) in the solution phase. Thallic
oxide may remain on the surface because of its low solubility product
(17) and cause an inhibition of the gold oxide formation. When the
cathodic window is opened (Fig. 2b), thallium is underpotential
deposited at ~Vv-0.2 V (peak III). Peak I at ~ 0.25 V also increases,
probably because the T1-UPD on the Au surface is oxidized to T1(OH)j3.

The behavior of the cathodic opening curves in Fig. 3 may be due
to a reconstruction of the surface (see peaks G and A) or more likely to
the reduction of thallic oxide formed in appreciable amount during the
scanning in the anodic region. Figure 3 also shows that the height
of peak F is dependent on the cathodic 1limit. This peak, which appears
when the concentration of added T1(I) is close to, or higher than 10-> M

~ is not dependent on the solution agitation (see also Fig. 5).

It is most likely due to a surface oxidation of T10H to T1(OH)3. The
anodic opening curves for a relatively high concentration of T1(I) (Fig.
4) show a main oxide reduction peak L at -0.04 V., This peak can be
attributed to the reduction of thallic oxide (or hydroxide) formed both

by oxidation of T1(I) on the surface (see also Figs. 3 and 5, peak
F) and of T1(I) in the solution phase. The small peak I in Fig. 4 may
be due to gold oxide reduction, assuming that the gold oxide and the
thallium oxide are in separate phases. The peaks in the anodic region
of the voltammograms will be further discussed later.

Figure 5 shows a marked dependence of the current on the
electrode rotation at potentials more anodic than 0.2 V during the
anodic sweep due to oxidation of the solution phase T1(I). The height
of the reduction peaks G', L also increase when the electrode is
rotated. They correspond to the reduction of T1(III1) as an oxide or
hydroxide produced at the more anodic potentials. The large increase in
the height of the reduction peaks with rotation (Fig. 5) is probably
due to the fact that a larger amount of T1(I) is transported to the
electrode and oxidized to T1(I). In fact, when the scan was stopped at
peaks L and G' the current decreased to the residual value within a few
seconds even at 400 rpm.
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In a separate experiment (Fig. 6), the electrode was
potentiostated at different potentials for at least 30s at zero rotation
rate. At a fixed potential the rotation rate was then increased from
zero to 2500 rpm and the points recorded. Anodic and cathodic waves
were obtained (Fig. 6) which correspond to the oxidation of T1(I) to
T1(III) and to the bulk deposition of T1(I) respectively. The height of
the anodic wave is less than twice that of the cathodic wave, as would
be expected for a 2 electrons vs a 1 electron process. Deviations from
the proportionality between diffusion current and concentration were
observed by Delahay and Stiehl (18) who studied the oxidation of T1(I)
on Pt. Kolthoff and Jordan (19), however, reported a difference of less
than 2% in the proportionality between the anodic diffusion currents and
the concentration of T1(I). These authors pointed out the extreme
sensitivity of the reaction to the pre-treatment of the electrode. They
used electrodes which were strongly oxidized in 10M HNO3 before the
experiment. Guidelli et al. (20) also reported that the rate of the
process T1(III) + 2e"&= T1(I) on Pt is greater on an oxidized
surface. The curve in Fig. 6 of the present work was actually
recorded in the anodic direction, starting with a reduced electrode.
This may be one of the reasons for the observed deviation of the anodic
wave from perfect reversibility. A comparison of Figs. 5 and 6
seems to indicate that the oxidation to T1(III) of the T1(I)
specifically adsorbed on the surface may be superimposed on the
oxidation of T1(I) in the bulk solution phase. In fact, in Fig. 5 the
oxidation wave is shifted to more positive potentials than in the
experiment of Fig. 6, which was carried out at quasi steady—state.

The mechanism of the redox reactions of T1(I)/T1(III) have been
studied by several authors (e.g. 20-23) and it is generally accepted
that the T1(I) oxidation to T1(III) and the reverse reaction proceed
stepwise through a mechanism involving T1(II) as an intermediate.

The purpose of the experiment reported in Fig. 6 was to define
the potential regions in which T1(I) bulk deposition and its oxidation
to T1(III) occur, rather than to attempt a kinetic analysis of these
reactions. With regard to the last point, especially as to the
formation of T1(II), James (22) pointed out that the mechanism of the
T1(I)/T1(I11) reaction cannot be satisfactorily proven by conventional
electrochemical kinetic methods.

B. pH Dependence of the T1-UPD Peak

Cyclic voltammetry curves obtained for different pH's of the T1(I)
containing soution are reported in Fig. 7. The pH was varied by
adding the required amount of 1M HC1l04 to a 0.1M NaOH solution which
was 1M in NaClO4 to maintain the ionic strength—bonstant. The
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variation of the OH™ concentration of the electrolyte causes a marked
change of the shape of the whole voltammograms and not only of the UPD
peak region. The principal UPD peak is considerably broadened and
decreased in height as the pH is decreased. Lowering the OH™
concentration also causes a shift of the peak potential in the anodic
direction. For pH's in the neutral and acid range, no pH dependence was

observed.

A plot of the cathodic peak potential vs pH is reported in Fig.
8. The slope of the straight line in the alkaline pH range varied from
-57 to =63 mV/pH unit. The observed pH dependence may be explained by
the following process:

TIOH + e == Tl(ads) + OH~ « 4
This implies that the underpotential deposited thallium is actually
present on the surface initially as T10H. This can be formed by the
interaction of adsorbed thallium with adsorbed OH groups or by direct
coadsorption of T1(I) and OH~. The behavior of the UPD peak in

Fig. 7 is that expected for the adsorption of metal ions in the
presence of strongly adsorbing anions (24). In this case, in fact, the
UPD peaks increase in height when the anion concentration is increased,
and the peak potential is displaced in the cathodic direction.
According to Gerischer et al. (24), the shift of the peak potential is
caused by a variation of the potential of zero charge due to the anion
adsorption.

C. Disk-Ring Studies in N2 Saturated Solution Containing T1(I)

The adsorption of thallium on Au was also examined
potentiodynamically using a rotating disk-ring electrode. The ring was
pot entiostated at -0.95 V where the bulk deposition of T1(I) is
convective-diffusion controlled (Fig. 6). When the disk electrode is
not connected (open disk), the ring current is given by (25):

i° /
RL=8231D (5)
L

B 1is a constant which depends on the geometry of the electrode. For
the electrode used in this experiment B was 0,207. 1In Fig. 9, the
ring current increases relative to ig0 as the disk potential is

L

swept from . ¢-0.8 V to n 0.3 V. This indicates that thallium species
stripped at the disk are collected by the ring. As the disk is swept
anodically from -0.3 V to -0.03 V the ring current decreases below

iR0 , indicating the consumption of T1(I) at the disk. It is
L
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difficult to say which thallium species is deposited in this potential
region. The formation of T1(OH)3 from T1(I) in the solution phase is
expected to occur only at —0.003 V, for the concentration of T1(I)
employed. On the other hand, the oxidation, on the surface, of TlOH to
T1(0H)3 is not expected to produce any variation in the ring current
because T1(OH)3 is rather insoluble (17). It is not possible at this
point to offer any conclusive explanation of this decrease in ring
current. Some possibilities are:

1. An oxidation of T1(I) to T1(III) occurring at potentials more
cathodic than expected on the basis of the Nernst potential
because of surface involvement. The deposition of T1(OH)j3
from T1(I) at potentials less positive than the equilibrium
potential for the reaction T1(I) + 30H™ » T1(OH)3 + 2e~
has been discussed by Brainina et al. (26).

2. T1(I) may be oxidized to T1(II) to form a surface species of
the type Au(0)4T1(II) which may then undergo dismutation on
the surface to give T1(I) and T1(II). T1(II) has been often
suggested as an intermediate in oxidation-reduction reactions
involving T1(I) and T1(II1) and evidence of its formation has
been reported in several cases. It is not possible, however,
to provide any evidence of its formation in the present case.

3. A likely explanation for the mentioned ring current decrease is
that it is due to the influence of traces of dissolved oxygen,
remaining in the electrolyte despite considerable effort to
eliminate it completely. Oxygen, or the product of its
reduction HOp~ may oxidize T1(I) to T1(III). Since very
low ring currents are involved, the method would be very
sensitive to relatively low amounts of dissolved O, i.e., 1
atm or less.

When the potential is made more positive (i.e. N =0.04 V), the
ring current becomes equal to iRg and no process occurs at the disk.

Thallium is then consumed at the disk from 0.0 to 0.6 V. This
process is probably due to the oxidation of the solution phase T1(I) to
T1(I11) some of which may remain on the electrode surface as T1(OH)j3

or T1l203.

For the scan in the cathodic direction, the disk peak I does not
give rise to any ring current and is probably attributable to gold oxide
reduction or to a mixed Au and Tl oxide reduction. Both the reduction
process corresponding to peaks L and G at the disk produce soluble
species which are detected by the ring (peaks G' and L'). These
processes can be identified as corresponding to the reduction of thallic
species in the form of an oxide and/or hydroxide on the surface. The
ring current decreases below iRE at v=0.3 V and a full shielding
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is observed at potentials more negative than -0.8 V (Fig. 9). It is
noteworthy that the occurrence of peak A at the disk, attributable to
the adsorbed thallium, does not cause the ring current to decrease below
the ig© value. This point will be discussed below.

L

In a subsequent experiment (Fig. 10) the T1(I) was monitored with
the ring at +0.3 V at which potential T1(I) is oxidized to T1(III)
'yielding T1(OH)3 and/or Tl03 on the electrode surface. The
experiment was carried out by progressively opening the anodic window
from ~0.02 to 0.6 V. For curve 1 the ring current lies below the
limiting ring current (disk at open circuit), as the disk potential is
swept cathodically from -0.02 to -0.2 V. At "V-0.3 V the ring current
reaches the open—disk value iRg indicating no net consumption or

release of T1(I) in either the anodic or cathodic sweep. For more
cathodic potentials, the ring is shielded again by the disk. Curve 2
shows no disk process from ~V0.0 to -0.2 V. 1In fact, the ring current
increases from its shielded value and at 0.0 V reaches its unshielded
value ig®. The ring remains unshielded up to "V -0.2 V when the
current %ecreases again. The subsequent opening curves (3 to 8) show
that soluble species are formed during the reduction process at the disk
from +0.05 V to v-0,25 V and are collected by the ring. The first
observation is, therefore, that the deposition process observed for
curve 1 is completely obsecured or even suppressed when the potential
limit is made more anodic than 0.0 V. Peaks A, G, I and L have been
observed also in the experiments reported above. As the disk potential
is made progressively more anodic, the height of peak L increases up to
+0.4 V (curve 6 in Fig. 10). 1t then decreases first slightly
(curve 7) and then markedly when the anodic limit is +0.6 V. Curves 7
and 8 also show the appearance of two other peaks (I and G) at ~ +0.12
V and ~ -0.16 V, respectively. This situation is exactly reflected by
the ring. Peaks L and G have been assigned above to the reduction of Tl
(IT1I) oxides. Probably peak L corresponds to the reduction of T1(O0H)j3
to T10H while peak G may be due to the reduction of Tl903 formed at

the more anodic potentials. The formation of T1l903 reduces the

amount of T1(II1) with hydrated form on the surface and this may be one
explanation for the decrease in peak L which accompanies all increases
in peak G. Peak I can be tentatively assigned to the reduction of gold
oxides or mixed gold and thallium oxides, as it was mentioned above.

In contrast to the behavior in Fig. 9, the ring current is
remarkably constant for disk potentials above 0.1 V with no hysteresis.
In this experiment, it appears that the ring properly monitors only
T1(I) and that its oxidation on the disk was under pure
convective-diffusion control. The corresponding disk current for TL(I)
oxidation under pure convective-diffusion control, as calculated
semiquantitatively from the ring shielding, is shown by the dotted curve
in Fig. 9. The excess disk current then must involve surface
oxidation most likely of gold to form Au(OH)3 and possible the
oxidation of residual T1(OH)y onthe surface to form
T1(0H)3/T1203.
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A simple explanation for the increased current on the ring, when
held at -0.85 V (Fig. 9), at disk potentials >0.1 V is that a second
species other than T1% was reaching the ring and undergoes reduction.

A good condidate is Au in soluble form. Alternatively, it is possible
that some T1(III) is produced in the solution phase during the oxidation
of T1(I), despite the extraordinarily low solubility of T1(III) in the
1M NaOH electrolyte. Supersaturation may occur and a relatively long-
period be required for the precipitation process.

The experiment illustrated in Fig. 11 was carried out using a low
concentration of T1(I) and potentiostating the disk at various
potentials for a fixed length of time (60s). Only peaks D and C are
detected at the ring. The stripping of the underpotential deposit at
the disk, from ~-0.4 to 0.0 V, does not produce any ring current.

This is clearly illustrated in Fig. 12 where the disk current has been
reconstructed by dividing the ring current by the collection efficiency.
The low ring current observed during the occurrence of peaks B and A at
the disk can be explained by a very slow dissolution of the deposit at
the ring. As mentioned above, the thallium species are coadsorbed
together with OH™ leading to the formation of T10H on the Au surface.
The detection of a ring current thus depends on the extent that the
TlOH-like adsorbate dissolves into the solution phase. This explanation
seems to be in part corroborated by the fact that for lower scan rates
(20 mV/s) and higher rotation rates (4900 rpm) than in Figs. 11 and
12, a slightly larger ring current is observed ( ~ 5% more than in Fig.
12, at -0.2 V). Even by slowing the scan rate, the ring current at the
potential where peaks A and E occur at the disk (Fig. 11) remains
negligible. Therefore, the dissolution of (T10H)ads into the solution
must be a slow process.

It is opportune to summarize at this point the results of the
potentiodynamic studies reported above. The authors propose that peaks
A and A' (see e.g. Fig. 1) are due to the following process:

(T10H)ads + e~ - TL1(UPD) + OH— (¢ 6)

where T1(UPD) may be essentially in a zero valent state. Evidence to
support this involves:

1. Lack of stirring sensitivity over the T1(I) concentraton range
examined (2 x 10’6g_to 5 x 10'5§) for sweep rates of 5 to
150 mv/s.

2. Peak potentials independent of sweep rate for the same range of
concentrations and sweep rates.

3. A pH dependence of the peak potential of v 0.06 V/pH unit in the
correct direction for reaction 6, over the pH range 10 to 13.

]
4, Peak A and A; (see e.g. Fig. 1) are complementary.

5. The peak heights are linearly dependent on the sweep rate.



65

The adsorption of T10H would in turn occur from the soluble species
TL(1) + OH™ = T1(OH)ads «C

where the adsorption isotherm, whatever it may be, will lead to a
dependence of T1(OH)ads coverage on the solution concentration of T1(I).
The adsorption process 6-7 does not involve any formal charge transfer
through the external circuit and hence will at the most be only a minor
peak or perturbation in the voltammetry curve.

Peaks B and B' (see Fig. 1) may be explained as corresponding to
adsorption on sites having different crystallographic orientation.
Peaks C and C' are sharp and narrow. Such sharp peaks have been
observed with transitions in UPD layers such as order-disorder and even
phase transitions involving condensation into patches. Such a
transition is the likely explanation for peaks C and C'.

D. 09 Reduction on Au in 1M NaOH Containing T1(I)

Figure 13 shows a comparison of the disk and ring polarization
curves for 0y reduction on Au obtained in the absence and in the
presence of 6.6 x 10“6E_T1(I). In agreement with McIntyre and Peak
(15) it is seen that the half-wave potential is not appreciably shifted
with respect to the pure Au. At potentials more negative than -0.1 V,
however, the current with T1(I) rises steeply and at -0.2 V it reaches a
value which is approximately two—fold that observed for Au in the
absence of T1(I). This value does not increase further for higher
concentrations of added T1(I). The ring current is almost completely
suppressed in the potential range from 0.0 to -0.3 V. Starting at

Vv-0.4 V it increases rapidly and approaches the value obtained in the
absence of T1(I) at Vv=0.6 V. The background ring current is quite
significant and can be attributed to the oxidation of T1(I) to T1(III)
since its magnitude is dependent on the concentration of T1(I). The
background obtained in the absence of T1(I) was negligible. The ring
currents were corrected for the background for the analysis of the
disk-ring data.

Plots of 1/i vs 1/£1/2 for the reduction of 09 in the

presence of T1(I) are shown in Figs. 14 and 15, Straight lines are
obtained which are parallel to each other over the potential range from

v=0.15 to -0.3 V. This indicates that the 09 reduction follows
first order kinetics.- At more cathodic potentials, the intercept
approaches zero indicating that 07 reduction becomes essentially
mass—-transport controlled. Figure 6-15b shows a comparison of the plots
in the presence and in the absence of TL1(I). In the latter case the B
value is 8.8 x 1073 mA/(rpm)l/2 which is in agreement with the .
one calculated from the data of Gubbins et al. (27) of 8.6 x 10~3
mA/(rpm)l/2 for a two electron process. "1In the presence of T1(I)
the B value is 17 x 103 mA/(rpm)l/2 at potentials from -0.15
to -0.3 V, which represents an almost two fold increase with respect to
the one obtained with no T1(I) present. This implies an overall
exchange of 4e™ per 02 molecule reaching the electrode surface. For
potentials more negative than -0.3 V the B value decreases at first
slightly and then more markedly. Its value is 16 x 10-3
mA/(rpm)l/2 at 0.4 V and 13.15 x 10~3 mA/(rpm)l/2 at
-0.6 V (Fig. 15b).
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A Tafel plot of E vs 1og(i/iL - i) has been constructed for two
different rotation rates (Fig. 16). The plot yields straight lines
with slopes of -55 mV/dec which were independent of rotation rate.

Figure 17 shows a very expanded polarization curve for 0
reduction in the absence and in the presence of T1(I) added to the
electrolyte. In agreement with the data of Fig. 13, the current with
T1(I) present rises steeply at v -0.1 V. It is, however, only
slightly higher than for pure gold at less cathodic potentials.

When the Tafel plot was constructed from the data of Fig. 17, two
linear regions were obtained (Fig. 18). The one at the lower
overpotentials extends over less than one decade and has a slope of -115
mV/dec while the second linear region, extending approximately over one
and a half decade has a slope of -55 mV/dec, as for Fig. 16. The
region of higher TAfel slope at lower polarization did mot show up in
Fig. 16 because of the lack of sufficient data points at low current
densities.

The value of -55 mV/dec was obtained in most of the experiments.
Values of =50 and -40 mV/dec were, however, also obtained. These
variations were observed even in successive series of polarization
measurements scanning in the positive potential direction with the same
electrode in the same solution. The Tafel slopes tended to increase
numerically from values of ~V—-40 to -55 mV/dec but no higher. The
slopes did not change, however, with rotation rate or T1(I)
concentration over the range examined (4 x 10-6 to 25 x 10-5M).

This behavior suggests surface aging effects which are probably
potential dependent. Surfaces with UPD layers are known to undergo
structural changes particularly at more negative potentials (see e.g.
28).

In Figure 18 the Tafel plot for pur Au in the absence of T1(I) is
reported for comparison. In this case deviations from Tafel linearity
are observed starting at "Vv-0.07 V and more positive potentials. These
deviations are explained by the back reaction of 09 reduction, i.e.,
HO>™ to 0. With T1(I) present, the reduction proceeds all the
way to OH™ and the back reaction does not become significant in the
range for which polarization data can be obtained.

The similarity of the slopes (-115 mV/dec s - 121 mV/dec) suggests
that the rate controlling steps both with and without T1(I) present are
the same and most likely the first electron transfer. By probably
coincidence the —-115 mV/dec region of the curve for the T1(I) containing
solution is nearly co—linear with that for pure gold at higher
polarizations. Actually with the same initial kinetic controlling step,
the current i for Au with T1(I) present would be expected to be "N 2
fold higher than without T1(I) after correction for the mass-transport
since 0Oy reduction is to principally HO2- with Au in the absence
of TI(I) and to OH™ with T1(I).
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In the region of the -115 mV/dec Tafel slope with T1(I) in
solution, the coverage with UPD Tl is low according to the earlier
discussion of the voltammetry curve (see also insert in Fig. 18). 1In
this region, however, there may be still significant coverage with a
species such as TIOH and this promotes the peroxide elimination
reaction. At potentials when the Tafel slope is -55 mV/dec, the
coverage with UPD Tl appears to become significant and to increase
substantially with potential in the cathodic direction. It appears
that, UPD Tl catalyzes the O, reduction quite substantially. The low
Tafel slope is probably the combined result of changes in the potential
energy barrier height and changes in the site (UPD) concentration with
potential. For example, for a first electron transfer step rate
controlling of the type:

+ -

O2 TlUPD + e +, TlUPD . o2 (8)

. ‘ oF

i = FKC, 6 exp T (9)

2
where 6 is the fraction of the gold surface covered by TI1 which
are available for interaction with 02. For 6 << 1 (Langmuirian region):
= + - —
4] KaTl exp RT 0 (;0)

where k is a constant and y is the electrosorption valence. Combining
egs. -9 and -10:

y+a
RT

i = FkC Kexp - ( YR (11)
02

or

. . Y+o.
i i, exp - (—EE——) n (12)
If o = 1/2 and y = 1 this equation predicts a Tafel slope of -40 mV/dec
at 25°C. Either deviations from Langmuirian behavior or an
electrosorption valence y less than unity can result in higher slopes.
For example y = 0.6 would yield, with a Langmuir adsorption isotherm, a
Tafel slope of -55 mV/dec. The state of Tl in a UPD layer on the
surface can influence the electrosorption valence. Changes in the state
of the T1-UPD layer are a possible source of the small variations of the
Tafel slope in successive voltage sweeps. A further discussion of the
Tafel slopes will appear in a later chapter in the framework of the

discussion of the O2 reduction mechanism on UPD layers.
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E. Analysis of the Disk-Ring Data

In the early work by the author (16), carried out in this
laboratory, results of a disk-ring analysis of 02 reduction in the
presence of T1(I) were reported which showed that the 09 reduction
proceeded via a parallel mechanism with K; /K9 = 0.4. The analysis
was carried out, however, only at rather negative potentials in the
diffuse limiting region since in the kinetic region the ring currents
were quite small and difficult to measure (see Fig. 13). The data
obtained in this way provide only limited information for kinetic
studies. 1In the more recent work the disk-ring analysis was attempted
by recording the polarization curves point by point and using a much
lower concentration of T1(I) in the solution (Fig. 20). One should
always be aware, however, of the severe complications in the
interpretation of disk-ring data for the reduction of 09 with ions as
T1(I) or T1(IIL) present in the solutlon. These complications for the
present course involve mainly:

1. Relatively high background ring currents (as compared to the total
observed currents) are involved due to the couple T1(I)/T1(IIL) at
the ring. Further, HO9~ can both oxidize T1(I) to T1(III) and
also reduce TL(III) to T1(I). Thus

HOp= + H90 + TI(I) -+ 30H- + TI(III) - ( 13)
and

HOp= + OH™ + TI(III) » 02 + H20 + TI(I) ( 14)

It is not clear whether these reactions proceed sufficiently
rapidly to consume any significant amount of the peroxide during
the transport of peroxide from the disk to the ring. It is
difficult to establish the rates of these reactions without a
detailed study. Consequently qualitative efforts to interpret the
disk-ring data in the work with T1(I) have been limited to
situations where the T1(I) concentration is very low compared to
the oxygen concentration. Under such conditions, the peroxide
generated should be large compared to the amount concerned in
either of the above reactions unless the peroxide yield is very
low. If the kinetics are sufficiently fast for these two
reactions, they together are equivalent to the Tl catalyzed
homogeneous decomposition of HO9~, therefore, even if T1(I) and
T1(III) are low in concentration, they can perturb the disk-ring
analysis since the Wroblowa et al. (29) scheme does not take into
account homogeneous decomposition.
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Doronin and Shirokova (30) have examined the reaction of
HO9~ with T1(I) in NaOH solutions. They attempted to monitor
the formatin of OZ with T1(I) present in the range of 1.7 x
1072 to 5.0 x 107™%M and HO2~ in the range of 6.5 x
1073 to 7.9 x IO'ZE, Using an electrochemical 09
analyzer involving a Pt electrode coated with a polyethylene film
(with a sensitivity of 10‘6§_02) they were unable to detect
the T1(I) catalyzed peroxide decomposition. This indicates that in
alkaline solutions the Tl catalyzed homogeneous decomposition to
form 02 is relatively slow. On the other hand, the studies of
these workers with Tl and HO9™ in alkaline solution using
amalgamated silver disk electrodes lead them to postulate the
following reactions:

T1(I) + HOy™ + Hy0 - TI(III) + 30H™ ¢ 15)

nT1(III) + mHOp™ — [Tln(HOZ)m](3n—m)+ ( 16)

where the T1(III) complex is then reduced according to:
(3n-m)+

[T1n(H0p)y] + Me™ - nTl(II) + mHOp~ ( 17)
[Tln(HOZ)m](3n—m)++ 2ne” + nTl(1) + mHOp™ ( 18)

The divalent thallium then undergoes disproportionation:

2T1(11) ;:ﬂ, T1(I) + TI(III) ( 19)
reduction
TI(II) + e —>T1(i) ( 20)

or oxidation to TL(III) in the solution by HOp~

- - { -
2nT1(II) + (2m + 1)HO, + H_O0-2[Tl1l (HO, ) ]\3n M)+
2 2 n n

5 + 30H (21)

There is some evidence that the T1(III) complexes with HOo™

render T1(III) soluble in NaOH where otherwise T1(OH)3 would
precepitate because of the very low solubility of T1(ILI) in
alkaline solutions. According to Doronin and Shirokova, it is also
possible that reactions similar to 15 and 16 may form a complex
compound of T1(II) with HOo .

The ring cannot be pre-treated by cathodic pulses because T1(I)
would be plated on the ring. These cathodic pulses are necessary
ordinarily to avoid the progresive formation of a thick oxide layer
which would inhibit the oxidtion of HO9~. 1In the presence of

TL1(I) in solution, the gold oxide formation is modified and the
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inhibition of the peroxide oxidation becomes an even more serious
problem, as will be discussed.

The ring potential for the disk-ring studies has to be carefully
selected so as to minimize the interference of the thallium reactions.
In the present work a potential of 0.1 V was chosen. This potential
corresponds to the maximum current observed for the oxidation of
hydrogen peroxide when this was added to the solution. The choice of
the ring potentials was also based on the disk-ring experiments carried
out under conditions similar to those for 02 reduction in the presence
of T1(I) except that the solution was saturated with nitrogen (Fig.
19). These experiments were carried out using different ring potentials
and different anodic limits of the disk potential. It is seen that
either a too high anodic disk potential (Fig. 19a) or a too anodic ring
potential (Fig. 19c¢) cause the appearance of a ring current which is
high enough to seriously disturb those observed during 09 reduction
studies. Therefore the compromise situation in Fig. 19b was adopted

for Oy reduction experiments.

With these considerations in mind, the disk-ring data of Fig. 20
have been analyzed using the diagnostic criterion of Wroblowa et al.
(29). The plots of (Id/I) x N vs 1/f1/2 are given in Fig.

21. Both the intercepts and the slopes of these plots are pure Au which
have a common intercept of 1. In terms of the Wroblowa et al. analysis,
the slopes (J) and the intercepts (S) are relabeled by fﬁg‘fallowing
equation:

k1 Zs
= + —— ——
J 1 2 il _ ( 22)

The plot of J vs S predicts an intercept > 1 depending on whether kj =
0 (series process) or ki #0 (parallel process). The intercept
observed in the plot of J vs S reported in Fig. 22 is actually
negative. This may be due to the large scatter of the points. The
scatter is not unexpected considering that the ring currents are much
smaller than the disk currents. Within the experimental error, and in
the framework of the limitations given above, the reduction of 03 on
Au in the presence of T1(I) can be considered to proceed via a series
mechanism, as for Au in the absence of T1(I).
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F. HO2~ Oxidation and Reduction in N2 Saturated 1M NaOH

Figure 23 shows a comparison of polarization curves for HO,~
oxidation and reduction obtained in the presence and in the absence of
T1(I). For the case with thallium present, the polarization curves are
shown in more detail in Figs. 24 and 28 for the oxidation and
reduction of HO2™ respectively. The potential of zero current of
the anodic-cathodic wave with thallium presnet is < 0.1 V more anodic
than for gold in the pure electrolyte (Fig. 23).

The oxidation of HO»~ is strongly inhibited in the presence of
thallium. This inhibition may be caused by the modification of the Au
surface as a consequence of the formation of a thallic oxide layer (see
above votammograms), and/or due to the impossibility of pre-treating the
electrode by cathodic pulses. This cathodic pre-treatment was necessary
in order to achieve a limiting current for the HO2~ oxidation on '
Au. ,

A reaction order plot is shown in Fig. 25. The plot could be
constructed in a narrow range of potentials only. The value of the
reaction order at 0.09 V and 0.1 V is ~l, while values larger than 1
were obtained for less positive potentials. These large values
presumably reflect complication due to the back reactions. The reaction
order obtained in the absence of T1(I) was 0.5, '

A plot of 1/i vs 1/£1/2 (Fig. 26) was constructed from the
polarization curves presented in Fig. 24. This plot shows that the B
value, and hence the number of electrons, varies with potential, as seen

in the following Table. :

TABLE II

B values as a function of potential for the oxidation
of HOp~ in the presence of T1(I)

E(V) B mA/(rpm)1/2 x 103
0.05 6

0.06 7.4

0.075 11.05
0.125 16.5

The value of 0.125 V, which is the max imum value observed, is only
slightly lower than the observed one of 16.85'mA/(rpm)1/2 for the
oxidation of HO2™ on clean Au, indicating two electrons per 02
molecule. The intercepts of the plots of Fig. 26 are greater than
zero at all potentials, indicating that the oxidation of HO9— never
becomes completely mass—transport controlled.
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The construction of Tafel plots for the HO9™ oxidation in the
presence of T1(I) presents some difficulty. The plot of E vs
i/(iL—i) is not correct since the cathodic current is not negligible.
A plot can be constructed using the equation for pure concentration
overpotential :

I
_ 2.3RT D+i1i . d
e = nr o 109 [Ia -1 ID] (23)

which applies when the transport of the reactant to the electrode
surface and the removal of the reaction products away from it are
diffusion controlled. Ip and I4 are the cathodic and anodic

limiting currents respectively and i is the observed current, negative
for a cathodic process and positive for an anodic one. 1If the oxidation
of HO9™ according to the overall reaction

HO2~ + OH™ = 07 + H20 + 2e~ ( 24)

is diffusion controlled, the plot of E vs log[Ip + 1/I4 - i] should
give a slope of 30 mV. The value of the slope observed in the present
work was actually -100 mV/dec, indicating that the oxidation of HOy~
in the presence of T1(I) is not mass—transport controlled and the plots
according to equation 24 cannot be used for mechanistic
considerations. '

The oxidation of T1(I) to T1(III) in the range of potentials where
HO»~ oxidation occurs (see Fig. 6) represents an additional
problem in the interpretation of the results. The formation of a
thallic hydroxide layer causes a change in the nature of the electrode
surface. This new surface may be less active for the electrochemical

decomposition of HO2~. In principle, however, the TL1(III) species
promote a chemical oxidation of HO2™~ according to

TI1(III) + HOp— > TI(I) + 1/2 02 + OH™ ¢ 25)

The T1(III) then might be regenerated electrochemically yielding overall
2 electrons per peroxide converted to 0p. At these positive
potentials, the 0y will not be reduced back to peroxide.

In contrast to the oxidation process, the reduction of HOy~ is
greatly enhanced when T1(I) is added to the electrolyte (Figs. 23,
27). The hysteresis in the current-potential curves is small at
potentials anodic to V0.3 V. For potentials more negative than this,
it becomes larger the larger is the cathodic limit of the potential
sweep.
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A plot of 1/i vs 1/£1/2 derived from the polarization data of
Fig. 27 is presented in Fig. 28. The straight lines obtained at
potentials from —-0.05 V to -0.2 V are approximately parallel and the
intercept becomes zero at -0.2 V indicating that the HO9~ reduction -
becomes pure mass—transport controlled. The B value derived from the
slope of these plots is 16.9 x 10'3(mA)/(rpm\)1/2 obtained for
the oxidation of HO9~ in the absence of T1(I). The reduction of
HO9™ on clean Au is difficult to study as discussed in Chapter IV.

The plot of Fig. 29 confirms that the reaction order with respect

to HO»~ is 1 for the reduction process. The value of 2 obtained at
-0.01 V is most likely due to the superimposition of the back reaction.



10.

11.

12.

13.

14,

15.

16.

17.

18.

19.

20.

74

REFERENCES
E. Schmidt and H. Gygax, J. Electroanal. Chem., 12, 300 (1966).
E. Schmidt and H. Gygax, Helv. Chem. Acta., 48, 1584 (1965).
A. Bewick and B. Thomas, J. Electroanal. Chem., 65, 911 (1975).

H. Siegenthaler, K. Juttner, E. Schmidt and W.J. Lorenz,
Electrochim. Acta, 23, 1009 (1978).

W.J. Lorenz, J. Mountzis and E. Schmidt, J. Electroanal. Chem. 21,
121 (1971).

E. Schmidt and H.R. Gygax, J. Electroanal. Chem., 12, 300 (1966).
B.J. Bowles, Electrochim. Acta, 10, 717, 731 (1965).

R.R. Adzic, D.N. Simic, A.R. Despic and D.M. Drazic, J.
Electroanal. Chem., 65, 587 (1975).

V.A. Vicente and S. Bruckenstein, J. Electroanal. Chem. 82, 187
(1977).

J.D.E. McIntyre and W.F. Peck, J. Electrochem. Soc., 123, 1800
(1976).

K.J. Cathro and D.F.A. Kodi, J. Electrochem. Soc., 111, 1416
(1964).

A.M. Abd E1 Halim, K, Juttner and W.J. Lorenz, J. Electroanal.
Chem., 106, 193 (1980).

A. Zvetanova and K. Jnttner, J. Electroanal. Chem., 119, 149
(1981).

R.R. Adzic and A.R. Despic, Z. Phys. Chem. N.F., 98, 95 (1975).

J.D.E. McIntyre and W.F. Peck, Proceedings of the 3rd Symposium on
Electrode Porcesses, The Electrochem. Soc., Inc., (1979).

R. Amadelli, J. Molla, P. Bindra and E. Yeager, J. Electrochem.
Soc., 128, 2706 (1981).

M. Pourbaix, Atlas of Electrochemical Equilibria in Aqueous
Solutions, Natl. Assoc. Corrosion Engineers, Houston (1974).

P. Delahay and G.L. Stiehl, J. Am. Chem. Soc., 73, 1655 (1951).
I.M. Kolthoff and J. Jordan, J. Am. Chem. Soc., 74, 382 (1952).

R. Guidelli, G. Pezzatini and M.L. Foresti, J. Phys. Chem., 76, 976
(1972).



\

21.
22.

23.

24,

25.

26.

27.

28.

29.

30.

75

REFERENCES

'H.A. Caltherino and J. Jordan, Talanta, 11, 159 (1964).

S. D. James, Electrochim. Acta, 12, 939 (1967).
J. Ulstrup, Electrochim. Acta, 13, 535 (1968).

D.M. Kolb, M. Przasnyski and H. Gerischer, J. Electroanal. Chen.,

54, 25 (1974).

W.J. Albery and M.I. Hitchman, Ring-disc Electrodes, Clarendon
Press, Oxford, 1971.

Kh.Z. Brainina, N.K. Kiva and V.B. Belyavskaya, Elektrokhimiya, 1,
311 (1965).

K.E. Gubbins and R.D. Walker, J. Electrochem. Soc., 112, 469
(1965).

P.L. Hagans, Thesis, case Western Reserve University, 1979.

H.S. Wroblowa, Y.D. Pan and G. Razumney, J. Electroanal. Chemi, 60,
195 (1976). L

A.N. Doronin and V.I. Shirokova, Elektrokhimiya, 13, 1147 (1977).



76

CURRENT (mA)
o
(@]
T

1 t 1 ] | | 1 1

-0.8 -0.4 0.0 0.4
POTENTIAL (V) vs.Hg/ HgO

Fig. 5.1.2.).  Cyclic voltammetry curves for Au in N, saturated
1M (solid lipe) and with increasing amounts_of
T1(): 2.5 x 10'6}4_ (dotted line), 2.2 x 10‘5§
(dashed line).Scan rate: 50 mV/s. Electrode area:
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Fig. 5.1.2.2. Cyclic voltammetry curves for Au in
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og 1.6x10~6M T1(I): a) Electrode intro-
duced at 0.0 V and anodic scan recor-
ded, b) Progressive cathodic opening.
Scan rate: 50 mV/s. Electrode area:4.5
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Cyclic voltammetry curves for Au
in N satugated IM NaOH contai-
ning 2x10 M T1(I). Cathodic ope-~
ning curves. Scan rate; 50 mV/s.
Electrode area: 4.5 cm®.
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Quasi steady-state polarization curve for the
reduction and oxidation of T1(I) on Au in 1M
NaOH . The potential was  scanned between the
chosen points with the electrode at O rpm.
The potential sweep was interrupted and the
rotation rate was simultaneously changed_to
2500 rpm. T1 (1) concentrgtion: 1.7 x 10 "M.
Electrode area: 0.458 cm”.
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Fig. 5.1.2.7. Cyclic voltammetry curves for Au in

solutions of different pH containing
1.7 x 1075 T1(1). Scgn rate: 50 mV/s.
Electrode area: 10 cm“. Ionic strength
of the solution:l, established with

NaClOa.
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in N, saturated 1M NaOH containing 9x 10°

M Tl%l) Scan rate: 50 mV/s. Rotation rate:

2500 rpm. Electrode area: 0. 458 cm
Ring potential: -0.95 V. N= 0.18.
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Comparison of the disk-ring polarization curves
for 0. reduction on Au in 1M NaOH in the absen-
ce (dished line) and in the presence of 6.6x10
M T1(I) (solid line). Scan rate: 10 mV/s.
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of 10™9M T1(I) (solid line).
Scan rate: 50 mV/s. Electrode
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DISK POTENTIAL (V) vs. Hg/HgO

Steady-state polarization cur-
ves for 0, reduction on Au

in 1M Nao%{ containing 1.2 x
107 : T1 (I).Electrode area:
0.2 cm“.
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area: 0.2 cm2.
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5.1.3 OXYGEN REDUCTION ON AG ELECTRODES MODIFIED BY AD-ATOMS PD AND PT
B. C. Wang

INTRODUCTION

Ag is widely used as electrocatalyst in oxygen reduction and
evolution and has reasonable catalytic activity. The question is
whether it is possible to modify Ag electrode surface to enhance its
catalytic activity. As some authors point out, a complete monolayer of
platinum atoms or palladium atoms deposited on gold electrodes make it
as active as a platinum electrode or a palladium electrode itself for
hydrogen evolution [l]. The same effect was obtained for HCOOH
oxidation [2] and it was shown that Bi ad-atoms enhance the activity of
Au electrodes to the same extent as they do to a platinum electrode for
the oxidation. On the other hand, palladium electrodes show even more
high catalytic activity for oxygen reduction than Pt [3]. It is
interesting from fundamental and practical points of view to increase
catalytic properties of Ag electrodes by forming mono—- or submonolayers
of Pd or Pt ad-atoms on Ag electrodes. The present study is intended to
investigate the oxygen reduction on Ag, modified by ad-atoms Pd, Pt and
the influence of some metal ions like T1, Pb, Cd on oxygen reduction by
rotating disk electrode technique and voltammetry. ESCA and SEM were
useful to identify the surface change of Ag electrodes with the addition
of Pd, T1, Pb and other ioms.

EXPERIMENTAL

All measurements were carried out in 1.0 M NaOH at 25°C. Solutions
were prepared from stock solution (50% NaOH, Baker Analyzed Reagents,
low in carbonate) as reported elsewhere {4]. Pyrolyzed water was used
in preparing the solutions. Ag and Pd smooth electrodes were polished
in a polishing cloth using 0.05H alpha aluminum»gowder (Buehler).
Solutions were pre-electrolyzed using gold (8 cm“) as a cathode and
Ho-fed palladium anode (thin-wall tube). The pre-electrolysis was
carried out for at least 12 h in 60-70 cm3 of solution agitated by
purified Ny bubbling through the solution. The potential of the Au
pre—electrolysis cathode was set to -1.1 V. All potentials are given
with reference to Hg/HgO.

Ag and Pd electrodes were pretreated in the test solution by
cycling it several times between -0.7 and 0.0 V at 50 mv/$ until the
voltammetry curves reproduced on repeated cycles. Then the solution was
saturated with 0p. The polarization curves were recorded with voltage
scanning (10 mv/s) in most cases from cathodic to anodic direction. For
the measurements in the presence of foreign metal ions (Pd, Tl, Pb, Cd),
the procedure was similar.

In the ESCA measurements, the samples were fixed to a sample mount
wiE? scotch tape and irradiated with Mg Ko rays (hy = 1253.6 eV) at
10 Torr of the vacuum in a Varian IEE-15 ESCA instrument. The
value of 284.4 eV for the carbon ls peak was used as a calibration
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standard for the identification of the energies of other peaks in the
ESCA spectrum.

Microscopy was carried out using a Cambridge Model 5410 Scanning
Electron Microscope operated by the Case Laboratories for Materials
Characterization. A 20-Kv electrobeam was used and the tilt angle was
30° from normal. All of the microscopy presented here was done on
samples which were sputter-deposited with carbon.

RESULTS AND DISCUSSIONS

Fig. 1 shows the polarization curve for oxygen reduction on Ag
electrodes in 1 M NaOH solution, saturated with 0g9. The half-wave
‘potential is about -0.2 V. The calculation, made by Levich plot, gives
the number of electrons as 3.6 transferred in oxygen ggduction. Adding
Pd_in the form PdNO3 in concentration range of 2 x 10 " M to 5 x
10 ™ M the oxygen reduction halfwave potential is shifted to the
more anodic side. The diffusion current of oxygen reduction is
increased to some extent too as it is shown in Fig. 2. 1In order to
determine Ag surface change with addition of Pd, the voltammetry curve
of Ag, modified by Pd, was taken in 1M NaOH solution saturated with
No. For comparison the voltammogram of pure Ag electrode is included
in Fig. 3 too.

From Fig. 3 it can be seen that in anodic sweeping direction, I
peak (Ag —> Agy0) is increased due to PdO formation (see the
voltammogram of pure Pd in Fig. 4), and II peak (Agp0 —> Ag0) is
shifted to more anodic potential in the presence of Pd. 1In cathodic
sweeping direction, Ag0 is reduced to Agy0 at ggre cathodic
potentials. The oxidation-reduction couple Ag“" —> Agt becomes
more irreversible in the presence of Pd. The reduction potential of
Agy0 to Ag is moved to more cathodic potential too. A more '
characteristic new reduction peak was obtained (at potential about
-0.3 V). From Fig. 4 it is evident that this peak is associated with
reduction of PdO to Pd. 1t is likely that Pd is deposited on Ag in the
form of small particles and does not form complete monolayer or coating
of Pd. For confirming this postulate ESCA spectra of Ag electrode with
Pd ad-atoms were taken and are presented in Fig. 5. The curve 1 is pure
Ag ESCA spectrum. The curve E%_shows ESCA spectra of Ag with Pd ad-atom
deposited in concentration 10 ° M Pd on Ag. The height of the Ag
peak in the latter case is decreased, but doesn't disappear. The peak
position is not changed too. This means that on the Ag surface layers
of Pd, ad-atoms are separated in the form of islands. SES photographic
pictures indicate that in the case of Ag with Pd ad-atoms, a more rough
and heterogeneous surface is obtained and this can explain the high
catalytic activity of Ag with Pd ad-atoms.

Fig. 6 and Fig. 7 show the polarization curves for oxygen reduction
on Ag with Pd ad-atoms and pure Pd. They have similar shape and the
same behavior. From this it can be concluded that Pd ad-atoms deposited
on Ag substrates have the same catalytic properties for oxygen reduction
as bulk Pd.
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‘INFLUENCE OF Tl, Pb, Cd IONS ON OXYGEN REDUCTION ON Pd.

Fig. 8 shows the polarization curves for oxygez reduction on Pd
with the addition of Tl ions from 2 x 10 ° M to 10 ™.
Contrary to Pt [5], addition of T1 ions to 1 M NaOH solution supresses
the oxygen reduction appreciably. The voltammogram of Pd electrode in
the presence of Tl ions is presented in Fig. 9. The reduction peak is
shifted to a more anodic potential in comparison with pure Pd. This,
perhaps, is due to alloy formation of Pd with Tl. Probably this alloy
is not active for H90, decomposition, hence oxygen reduction is
inhibited. The same effect was obtained in the cases of Pb and Cd.
Fig. 10 and Fig. 11 show the polarization behavior of oxygen reduction
and the voltammogram of Pd in the presence of Pb respectively. The Pb
ion slows down the oxygen reduction but to a lesser extent than Tl. An
interesting feature in Fig. 10 is that, after addition of Pb ion in
concentration 10 2 M, the oxygen evolution over-voltage is
decreased by 200 mV. Further work is needed to explain this positive
effect of Pb ion on oxygen evolution. TFig. 12 shows the effect of
Cd" ' on oxygen reduction on Pd. Cd ion inhibits oxygen reduction .
to a lesser extent than Pb.

INFLUENCE OF T1l, Pb IONS ON OXYGEN REDUCTION ON Ag ELECTRODE
MODIFIED BY Pd AND Pt AD-ATOMS

Fig. 13 shows the influence of Tl ions on oxygen reduction on Ag
modified by Pd ad-atoms. When Ag electrode is modified by Pd, oxygen
reduction is enhanced, but Tl ions inhibit oxygen reduction as it was
obtained on Pd. A separaste experiment shows that Tl ion has no effect
on oxygen reduction on Ag electrode.

Fig. 14 shows the effect of Pb ions on oxygen reduction on Ag
electrodes modified by Pt ad-atoms. In case of Pt the oxygen reduction
is not enhanced so muchas in the case of Pd, but Pb ions shift the
oxygen reduction potential to the anodic side appreciably. The enhanced
effect of Pb ions on oxygen reduction on Pt electrodes was reported
elsewhere [5]. This indicates again that Pt ad—atoms on Ag electrodes
have the same catalytic properties as bulk Pt metal. As it was '
mentioned earlier, Tl and Pb ions have different effects on Pt and Pd.
It is interesting to know how Tl and Pd ions affect oxygen reduction on
Ag electrode modified by ad-atoms of Pd and Pt. Fig. 15 shows this
effect when Ag electrode is modified by Pd and Pt in 1 M NaOH containing
HoPtClg and Pt(NO3)9. Fig. 16 shows oxygen reduction on Ag
modified first by Pd and then by Pt. Fig. 17 shows oxygen reduction on
Ag modified first by Pt and then by Pd. All these figures show that T1
ions are more sensitive to Pt ad-atoms, co-deposited with Pd on Ag
electrodes and enhance catalytic actigity for oxygen reduction. Only
when Tl ion concentration exceeds 10 “M, negative effect of Tl ions
for oxygen reduction is obtained.

CONCLUSIONS

1. Ad-atoms of Pt and Pd on Ag surfaces enhance catalytic activity of
Ag electrode for oxygen reduction.
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Tl and Pb have the negative effect for oxygen reduction on Pd
contrary to Pt electrodes.
Pt ad—-atoms co-deposited with Pd on Ag are more sensitive to the
effect of Tl ions, but the negative effect of Tl is obtained only in

concentration greater than 107 ° M for Pd co-deposited with Pt.

Ag electrode modified by Pt and Pd in the presence of Pb, Tl ions
show the stable short-term performance for oxygen reduction.
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Fig. 5.1.3.5. ESCA spectra showing Ag for pure Ag [1]
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2 x ]O'ﬁm, —a—u—-IO'Sm, —— NO T1+; sweep rate: 50 Mv/s,

rotation rate: 2500 RPM, electrode area: 0.2 cm2.
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P(NO) + 2 x 1076 T1(NO3)5 (4), IM NaOH solution + 1.5 x 705 n

HPtCle + 5 x 107 PA(NOS) + 1 x 1075 TI(NO,); (5), potential
sweep rate = 20 mv/s.
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5.1.4 OXYGEN REDUCTION AND EVOLUTION ON INTERMETALLIC COMPOUNDS
BASED ON Ni WITH GROUP IV, VB AND VIB TRANSITION METALS

Z.-y. Jiang, D. Tryk, E. Yeager

INTRODUCTION

The oxygen electrode has much significance in electrochemistry not
only in theory by also in practice, e.g. metal-air batteries and water
electrolysis. Several intermetallic compounds have been investigated as
catalysts for oxygen electrodes in the past. The activity for oxygen
reduction on ZrPt, and VPt3 supported on carbon is better than on
pure platinum supported on carbon (1). Oxygen evolution on NijTi is
slightly better than on pure nickel at 80°C in 307 NaOH (2).

This chapter will discuss some electrochemical properties
especially oxygen reduction and evolution on intermetallic compounds
based on Ni with the transition metals Mo, V, Zr, Hf, Ti and Nb. Data
were obtained in the form of oxygen reduction potential sweep curves,
oxygen evolution polarization curves and voltammetry curves using
rotating disk electrodes fabricated from these compounds. These data
will be compared to those obtained for pure nickel.

BACKGROUND

Bagotzky and coworkers have investigated oxygen reduction on the
nickel RDE and RRDE (3,4). They found that the oxide film on nickel
inhibits both oxygen and hydrogen peroxide reduction. Several workers
have performed sweep voltammetry on nickel electrodes and discussed the
change of the surface oxide layer in alkali solution (5-10). When the
potential is swept in the positive direction, nickel is oxidized to
Ni(OH)2 and then to NiOOH at high potentials in alkaline solution.
Others have studied oxygen evolution on nickel and discussed the
mechanism of this process (11-13). Paeolog et al. (14) studied anodic
passivation on Ni, Ti and Ni-Ti alloys and found that the main potential
drop under conditions of anodic polarization on Ti is concentrated in
the oxide film, and that on oxidized nickel it is in the Helmholtz
layer.

EXPERIMENTAL PROCEDURE

Pure Ni, Mo, V, Zr, Ti, Nb rods were obtained from Alfa/Ventron
(Danvers, MA). Iutermetallic compounds were made in an arc furnace
using the pure metal powders. Nickel powder was obtained from Atomergic
Chemicals (Plainview, NY). Other metal powders were from Alfa/Ventron.
The purities of these rods and powders were (%):

Ni Mo v Zr Ti Nb Hf
Rod 99.998 99.9 99.5 99.2 99.96 99.98 -
Powder 99.999 99.7 99.9 99.9 99.9 99.99 99.3

The purities of Oy and Ar were 99.998% respectively.



The intermetallic compounds were analyzed using X-ray diffraction
on a GE XRD-5 diffractometer and the patterns were compared with
literature data (15). The electrochemical cell was fabricated from
Teflon. The reference electrode used was Hg/HgO in 1M NaOH. All
potentials in this paper are referenced to this electrode. The counter
electrode was platinum. The working electrode was a rotating disk with
0.2 cm? gurface. 1M NaOH was prepared using "Baker Analyzed” reagent
grade NaOH (Baker Chemical Company, Phillipsburg, NJ) and distilled
water. 1In some cases preelectrolysis was carried out in a Teflon cell
with Pt cathode nd Pd-Hy anode. The electrode treatment was as
follows. Electrodes were mechanically polished using Buehler Ltd.
(Evanston, IL) special emery grinding paper (00 and 0000 grit) and then
1.0y , 0.3y aplha alumina and 0.05y AB gamma alumina. After washing,
the electrodes were cleaned ultrasonically. Finally the electrodes were
put into the cell under potential control.

Before doing voltammetry the potential was kept at -1.1V for 10
minutes in Ar-saturated 1M NaOH. The sweep range was between Hy
evolution and Oy evolution, from -1.1V to +0.64V. The rotation rate
was 3000 rpm. The potential sweep rate was 100 mv/s. For oxygen
reduction the potential was initially kept at -1.1V for 20 minutes in
Og-saturated 1M NaOH. Then the potential was swept in the positive
direction until the current became zero and then reversed. The sweep
rate was 5 mv/s with a rotation rate of 3000 rpm. Oxygen evolution
curves were obtained in Og-saturated solution. At first the potential
was kept at -1.1V for 2 minutes and then at +0.4V for 4 minutes, after
which the oxygen evolution polarization curve was measured. Here the
potential sweep rate was 1 mv/s with a rotation rate of 4000 rpm. At
high currents IR drop was compensated. All of the experiments were
performed at room temperature, 20 + 2°C.

For several of the pure metals the experimental conditions were
modified slightly, as will be noted later.

RESULTS AND DISCUSSION

Pure Metals.

Intermetallic compounds discussed in this chapter consisted of Ni
with Mo, V, Zr, Ti, Hf or Ni. 1Initially the electrochemical properties
of these metals were studied using linear sweep voltammetry.

Fig. 1 shows voltammetry for Ni in Ar-saturated IM NaOH solution.
Before sweeping, the potential was kept at -1.1V for 10 minutes. 1In the
first cycle there are three peaks. The first peak, at -0.6V,
corresponds to the oxidation of Ni to Ni(OH)». The second peak, at
+0.6V, corresponds to the oxidation of Ni(OH)2 to NiOOH and the third
(cathodic) peak at +0.43V, is the reverse of the second peak. The first
peak does not reappear in the second sweep because the Ni(OH)9 does
not reduce to Ni completely during the first cycle. The increase in
current of the second and third peaks probably indiates a modification
of the surface.
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Fig. 2 shows oxygen reduction curves at a Ni RDE at various
rotation speeds. Initially the potential was kept at -1.1V for 45
- minutes and then the polarization curves were recorded in an.anodic
sweep. Each curve exhibits a current drop starting around -0.8 to
~0.7V, which corresponds to peak 1 in Fig. 3. This indicates that the
Ni(OH)2 layer inhibits oxygen reduction. If the kinetics are first
order with respect to dissolved Oy, the current is related (16) to
rotation rate w by the equation.

1 1

i= e * OB (1)

, [l

where (i;)y is the kinetic limit }Pg current for 02 reduction.

Fig. 3 shows plots of i{™% vs. w’ obtained from data in Fig. 2 in

the form 7f paralleled straight 1ine7 The slope of these lines is 11.6
mA— rpm . B equals 0.086 mA rpm , corresponding to

a 4-electron reduction. If the data of Davis et al. (17) are used, the
equation

= 0.621 nFCwl/zv -1/6p2/3 (2)

yields a value of 4.16 electrons. Here it must be pointed out that the
data from (17) were obtained using 1M KOH solution.

At low current density, the Tafel slope for the oxygen evolution
polarization curve is 0.045V decade™! while at high current density
an uncompensated IR drop presumably contributes to some curvature
(Fig. 4).

A potential sweep curve for oxygen reduction is seen in Fig. 5.
When the current became zero, the current was reversed. There is a
large hysteresis indicating that the oxide film is hard to reduce and
inhibits oxygen reduction.

Ni-Mo system.

Three intermetallic compunds, NijMo, Ni3Mo and NiMo were
prepared. Figs. 6-8 show their voltammetry. The slope of the
voltammetric curve for NijMo is very similar to that for Ni. Again
there are three main peaks, two anodic and one cathodic. The small
shoulder at +0.35V has been described in the literature also on pure
nickel after many cycles (7). A peak for molybdenum dissolution is not
evident in this figure, but the magnitudes of the second and third peaks
are greaer than for nickel. 1In the case of NijMo the second and third
peaks also became large. The reason for the anodic current increase
near potential -0.1V in the first cycle is the dissolution of _
molybdenum. Because of the dissolutiuon of Mo at the surface, the real
electrode area became larger, so that the magnitudes of the nickel peaks
are also greater than for pure nickel.
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For NiMo the molybdenum dissolution peak also became large. After
these experiments a fine black powder-like surface was observed. Using

X-ray diffraction data from Ref. 15 NizMo, Ni3Mo have been
confirmed, but a standard X-ray pattern for NiMo could not be found.

Large hysteresis was found in oxygen reduction potential sweep
curves for Ni-Mo intermetallic compounds (Fig. 9). The half-wave
potentials obtained for positive—going oxygen reduction curves for NiMo
intermetallic compounds are more negative than that obtained with pure
Ni.

Oxygen evolution polarization curves for Ni,Mo and NijMo are
similar to that of nickel (Fig. 10). For NisMo the potentials are
lower by about 5mV than for nickel at the same current density. The
polarization curve for NiMo is much lower than for nickel, but NiMo is
corroded over this potential range.

Ni-V system

Voltammetry curves for Nigy, Nij3V and NigV show a behavior
similar to those for the Ni-Mo system (Figs. 11,12). The greater the
concentration of vanadium, the higher the vanadium dissolution peak, but
this effect was not as pronounced as in the Ni-Mo system. After the
electrochemical experiments, the surface of the electrode remained
bright. Both oxygen reduction and evolution curves are very similar to
those for nickel (Fig. 13). For this and the rest of the binary
systems, the oxygen evolution curves were virtually parallel to that for
Ni and thus will not be shown. For the purposes of comparison,
polarization potentials are given in Table I.

Ni-Zr system

Four Ni-Zr intermetallic compounds have been tested. The
voltammetry curves for Ni3Zr are quite similar to those for nickel
(Fig. 14). Both NiyZrp and NijZr have similar voltammetry curves
(Figs. 15, 16). The Ni(OH),/NiOOH peaks are large. The voltammetric
peaks for NiZr are smaller than those for nickel (Fig. 17) probably due
to a zirconium oxide covered electrode surface. Fig. 18 shows oxygen
reduction curves for Ni-Zr intermetallic compounds. Oxygen evolution
curves for all of the Ni-Zr intermetallic compounds are similar with
potentials slightly more positive than for nickel.

Ni-Hf system

The voltammetry curves and oxygen reduction curves for NiHf,
NigHf, and NijHf7 are similar to those for the Ni-Zr system (Figs.
19,20). The oxygen evolution curves showed that as the concentration of
hafnium increases the anodic polarization also increases. Although
voltammetry was not done on pure Hf, it is believed to also passivate.
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Ni~-Ti system.

Voltammetry curves are shown in Fig. 21. The behavior of NijTi
and NiTi is similar to that of the Ni-Hf system (Fig. 22).

Ni-Nb system.

Only one sample was tested in this system. The voltammetry and
02 reduction behavior for NijNb was similar to that for nickel
(Figs. 23,24), but the oxygen evolution behavior was poorer than for
nickel,

Table I contains a summary of the data. 1In this table are listed
the following oxygen reduction parameters. 1I4 is the half wave
current obtained in a positive—going sweep, and E is the
corresponding half wave potential. was Ob%élﬁZd in a
negative going sweep. Due to difficuity in obtaining the true limiting
current, the potential was taken assuming the same limiting current as
in the positive going sweep. The potential separation between
and E AE, indicates the degree of hysteresis.

ézﬁxygen evéiﬁtion, Table I lists the potentials at a current density
of 2 mA/cm? and the Tafel slopes over the current range from 0.5 to
5 mA/cm2.
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Table I. Polarization data for the oxygen electrode reactions on Ni-based
intermetallic compounds using rotating disk electrodes in 1M NaOH at

v25°C.
Electrodes Oxygen Reduction’ Oxygen Evolution
Id'z E1/21+’ E1/21_! AE, Eev’ A Tafel glope,
mA/ cm? vk v v at i=2mA/cm? V /decade

Ni 4.7 -0.52 -0.98 0.46 0.644 0.045
Ni4Mo 4.55 -0.54 -1.04 0.50 0.644 . 0.50
NisMo 4.7 -0.57 -1.00 0.43 0.638 0.05
NiMo 4.55 -0.62 ~1.00 0.38 - -
Nigy 4.8 -0.55 -0.95 0.405 0.65 0.059
Nigy 4.7 ~0.56 ~0.99 0.43 0.645 0.048
Nipv 4.6 -0.56 -0.96 0.395 0.642 0.050
Niszr A -0.64 -0.86 0.215 0.65 0.051
Ni7zZrsp 4.0 -0.58 -0.97 0.395 0.65 0.055
NisZr 4.1 -0.62 -0.90 0.285 0.65 0.052
Nizr 3.9 -0.62 -0.91 0.285 0.655 0.054
NiyHf, 4.45 -0.62 -0.90 0.285 0.647 0.053
NigHE 4.2 -0.57 -0.97 0.40 0.652 0.065
NiHf 3.9 -0.63 -0.99 0.36 0.658 10.050
NigTi 4.1 -0.55 -0.95 0.395 0.663 0.065
NiTi 4.1 -0.57 -0.94 0.375 0.677 0.070
Ni3Nb 4.2 -0.56 -0.97 0.41 0.667 0.052

*Potentials are referred to Hg/HgO0, OH .
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Oxygen evolution on Ni in 02-saturated 1 M NaOH.

Fig. 5.1.4.4

Rotation rate 4000 rpm. Potential sweep rate 1 mv/s.

Electrode area 0.2 cmz.
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Oxygen reduction on Ni in Oz-saturated 1 M NaOH. Rotation rate 3000 rpm.
Potential sweep rate 5 mv/s.
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Fig. 5.1.4.6.

POTENTIAL(VOLTS) vs Hg/HgO

Voltammetry curves for Ni4Mo in Ar-saturated 1 M NaOH.

Rotation rate 3000 rpm. Potential sweep rate 100 mv/s.
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Fig. 5.1.4.7. Voltammetry curves for Ni3Mo in Ar-saturated 1 M NaOH,
Rotation rate 3000 rpm. Potential sweep rate 100 mv/s.
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Voltammetry curves for NiSZr in Ar-saturated 1 M NaOH.
Rotation rate 3000 rpm. Potential sweep rate 100 mV/s.
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Voltammetry curves for Ni3Zr in Ar-saturated 1 M NaOH,
Rotation rate 3000 rpm. Potential sweep rate 100 mV/s.
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Rotation rate 3000 rpm. Potential sweep rate 100 mV/s.
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5.1.5 INTRINSIC VOLTAMMETRIC STUDIES OF THE ADSORBED AND SOLUTION PHASE
MACROCYCLICS ON GOLD ELECTRODES

So L- Gupta .

In the previous studies at Case, the aqueous soluble
tetrasulfonated metal phthalocyanimes (M.TSPc) have been prepared and
studied in the acid and alkaline electrolytes. The complexes have been
found to absorb strongly at monolayer levels on metals such as gold,
platinum and graphite, including the basal plane of stress annealed
pyrolytic graphite (1,2,3). -These transition metal complexes have high
activity for 09 reduction, usually to peroxide state, but in the
instance of the Fe-TSPc to water or OH™ (i.e., the overall 4e
reduction). The redox properties of these complexes appear to be of
considerable importance to the reduction mechanisms (4-6). Because of
the high 09 catalytic activity of the adsorbed Co-TSPc and Fe-TSPc,
special emphasis has been placed on these electrocatalysts in the
present cyclic voltammetric studies with a view to differenciate between
the redox properties of the adsorbed and solution phase species using
gold electrode.

EXPERIMENTAL

Cobalt—-tetra sulfonated phthalocyanine (Co~TSPc) and
iron-tetrasulfophthalocyanine (Fe-TSPc) were prepared and purified
according to the method of Weber and Busch (7), whereas metal-free
tetrasulfonated phthalocyanine (HpTSPc) was obtained by the procedure
described by Linstead and Weiss (8). Absorption and Raman spectra of
these samples compared very well with the literature data (9,10). Gold
disk (area = 0.196 cm? ) embedded in Teflon rod, was used as working
electrode and polished before every experiment (3). Saturated calomel
electrode (SCE) with a salt bridge was used as the reference electrode
and gold foil as the counter electrode. 0.05M HySO,; (Baker Ultrex)
and 0.1M NaOH (J.T. Baker) were used as electrolytes in triply
distilled water. Cyclic voltammetry has been used to investigate the
intrinsic redox properties of the adsorbed and solution phase species of
the metal chelates.

RESULTS

1. Fe-TSPc in 0.1M NaOH

Figure 1 shows the cyclic voltammograms for different
concentrations of Fe~TSPc in 0.1M NaOH. There seems to be a tendency
for the cathodic pea%s to develop with increase in concentration of
Fe-TSPc and with 10 “M Fe-TSPc two cathodic peaks (-0.83V and
1.05V) are obtained. However, the corresponding anodic peaks are not
good. These peaks are very sensitive to the stirring of the solution-
(Fig. 2). The cathodic peak potentials shift to more cathodic values
with increase in sweeprate and the peak currents are proportional to the
square root of the scan rate (Fig. 3). There is practically no effect
of extending the anodic voltage limit on these peaks. - The preadsorbed

\
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electrode from 1073m Fe-TSPc in 0.1M NaOH when dipped in 0.1M NaOH
alone shows no peaks. These results indicate that these peaks with
10~3M FeTSPc in solution correspond to the redox properties of the
solution phase species. Figure 4 gives the voltammogram of 5 x

1074M H_TSPc in 0.1M NaOH which shows two cathodic peaks at about

the same potentials. This suggests that the peaks obtained with

1073M FeTSPc in 0.1M NaOH correspond to the solution phase redox |
properties of the ligand. It may be noted that the gold electrode does

_not show any peak for the pre-adsorbed species. This may be either due

to the absence of adsorbed layer or to the high background current
associated with the gold electrode.

2.  Fe-TSPc in 0.05M H,SO,

Figure 5 gives the voltmmograms of 10~-3M Fe-TSPc in 0.05M
H_ SO, at various scan rates. It can be seen that a very sharp
anodic and cathodic peak appear at + 0.5V. and . 0.4V respectively.
Anodic peak potential becomes more anodic and cathodic peak potential
more cathodic with increase oflﬁgan rate. Figure 6 shows that peak
currents (ip) vs. (scan rate) relation is linear. Further this
peak is very sensitive to the stirring of the solution showing the redox
properties of the solution phase species. By extending the cathodic
voltage limit there appear two small anodic peaks at about -0.16V and
—~0.3V respectively (Fig. 7). The peak potentials of these peaks are
almost independent of scan rate. The preadsorbed electrode from
1073M Fe-TSPc in 0.05M H,SO, when dipped in' 0.05M HZSO alone shows a
small anodic peak at about -0.16V (Fig. 8). This indicates that this
peak corresponds to- the redox process of the adsorbed species which is
supported by the ip vs scan rate curve which is linear (Fig. 6). This
peak at -0.16V is also obtained .with 107°M Fe-TSPc in 0.05M H SO4.
Extending the anodic potential limit has no effecg4on these peaks.
Figures 9 and 10 give the voltammograms of 5 x 10 "M H_ TSPc in 0.05M
H,SO, and for the preadsorbed electrode from the same solution dipped
in 0.05M H SO4 alone respectively. This suggests that the peak at
about —O.l%v with Fe-TSPc in 0.05M H_SO, as well as for the preadsorbed
electrode from the same solution corresponds to the surface phase
redox process+8f tEe ligand. The well defined sharp peak at about
+0.5V with Fe ~/Fe couple in solution as indicated by the same studies
with OPG electrode (10). However, the peak at -0.3V needs more study
for its identification.

3. "Co-TSPc in 0.1M NaOH

Figure 11 gives the cyclic voltammograms ofr10'3M Co-TSPc in
0.1M NaOH at different sweeprates. It shows a sharp anodic and less
sharp cathodic peak at -0.85 and -0.9V respectively with 50 mV/s. The
peak currents are proportional to the scan rate. This peak is sensitive
to the stirring of the solution. Extending the anodic voltage limit

~gives another anodic peak at +0.14V which is stirring insensitive (Fig. 12).

The preadsorbed electrode from the same solution when dipped in 0.1M NaOH
alone gives two peaks at -0.85V and +0.14V respectively at 50
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mV/s. (Fig. 13). The peak currents for both these peaks show linear
relation with scan rate (Fig. 14). This indicates that both the peaks
correspond to the redox process of the adsorbed species. ‘The fact that
the peak at —-0.85V with CoTSPc 1in solution is stirring dependent. and is
also given by the preadsorbed electrode suggests it to be a mixed peak.
This mixed peak corresponds to the solution as 'well as surface phase
redox process of the ligand as HyTSPc also gives a peak at about the
same potential in solution. The peak at +0.14V needs more study for its
identification. I ' N -

4. Co-TSPc in 0.05M HoS0,

107 Co-TSPc in 0.05M HySO, gives a small anodic peak at
about -0.17V particularly at higher scan rates (Fig. 15). This peak is
not sensitive to the stirring of the solution and is also obtained with
the preadsorbed electrode from the same solution at the same pozential
showing thereby the redox process of the adsorbed species. 10
Co-TSPc in 0.05M HpS04 gives another, small peak at +0.94V in
addition to the peak at -0.17V (Fig. 16). This peak is quite sensitive
to stirring the. solutlon._ .. The peak currents at -0.17V are
proportional to the scan rate whereas peak currents at +0.94V are”
proportional to the square root of the scan rate (Fig. 17). The
preadsorbed electrode from the.same solution when dipped in 0.05M
H9S04 alone gives only one peak at '~0.17V." These results further
confirm that the peak at -0.17V relates to the redox process of the
adsorbed species. The peak at +0.94V corresponds to the solution phase
process. -

With 107M Co-TSPe in 0.05M H9S04 we get another peak at
+0.8V along with peaks at +0.94V and -0.17V (Fig. 18). The peaks at
+0.8V and +0.94V are very sensitive to the stirring of the solution.
The peak potential of the peak at +0.8V is very much scan rate dependent
whereas the peak potential of peaks at +0.94V and -0.17V are almost scan
rate independent. The peak current at —-0.17V vs scan rate again follows
a linear re{?gion whereas the peak currents for the other two peaks vs.
(scan rate) give linear relation (Figs. 19,20). The preadsorbed
electrode from the solution when dipped in 0.05M H,SO, alone gives
the peak at -0.18V only (Fig. 21). These results again confirm that the
peak at —0.18V is due to the redox process of the adsorbed species
whereas the peaks at +0.80V and +0.94V correspond to the process of the
solution phase species. 1t appears that the piaks at -0.17V and +0.94V
give the redox process of the ligamlas 5 x 10 "M HyTSPc also
gives peaks at about the same potentials in 0.05M HyS04 whereas the
peak a II (pfigaps corresponds to the solution phase redox process of
the Co /C couple.
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5.1.6 THE UV-VISIBLE ABSORPTION AND VOLTAMMETRY MEASUREMENTS OF
MACROCYCLICS

S. Zecevic
OBJECTIVES

The UV-visible absorption measurements of tetrasulphonated
phthalocyanines Co(II)TSPc, Fe(III)TSPc and HyTSPc have been
. undertaken with the aim of getting new information about the chemistry
of these compounds in solution phase. These results as well as the
voltammetry measurement results will be the starting base in dealing
with the uv-visible specular reflectance spectroscopy and also with
Raman Spectroscopy, which should give us new information about the
nature of the interaction between the electrode surface and these
macrocyclics.

THE UV-VISIBLE ABSORPTION MEASUREMENTS

BACKGROUND. -

Amongst many papers which have dealt with the optical properties of
phthalocyanines in solution phase, two questions have arisen as very
intriguing: The question of an oxygen adduct with macrocyclics and the
question concerning the macrocyclics aggregation i.e. the existance of
monomeyr, dimer. or perhaps higher forms of these compounds. For the time
being, there is no unique answer to these questions. Different authors
have investigated under different experimental conditions and mainly
pure water solutions (without any additions) were studied. In the case
of CoTSPc, alkaline solutions were also examined, but practically
nothing was done in acid media. Yet, the investigated macrocyclics
concentration were relatively low and in a very narrow range
10-6-10-5M.

The present study has been undertaken with the aim of clarifying
the behavior of Co(II)TSPc, Fe(III)TSPc and H9TSPc in acid; alkaline
and neutral salt solutions as well as in pure water solutions without
any3additions, in a much larger concentration range from 5 x 10=7 to
10—5M. . '

EXPERIMENTAL

Metal~tetrasulfonated phthalocyanines have been synthesized and
purified according to the method of Weber and Busch (1), whereas
metal-free tetrasulfonated phthalocyanine was obtained by a direct

sulfonation of H2Pc (Kodak) by the procedure described by Linsted and
Weiss (2).

Four different types of water were used: common distilled,
deionized, ultra pure (reverse osmosis) and pyrolytic water. The
following concentrations of the macrocyclics were studied: 5 x
10-7, 10-6, 10-5, 10-4 and 10-3M in the case of
Co(II)TSPc and 2 x 10-6, 2 x 10-5, 2 x 10”% and 2 x 10-3M
in the case of Fe(III)TSPc and H2TSPc with and without an addition of
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0.05M H2S04 (Ultrex), 0.1M NaOH (special low carbonate pellets
NaOH-J. T. Baker) or 0.05M Na2s04 (AR grade-Fisher).

Solutions were prepared in the air atmosphere and then the
saturation with different purified gases was done. 1In the case of
Co(I1)TSPc, purified He and 0y were used, and in the case of
Fe(III)TSPc H2, N2 and 02 were used. The saturations were
carried out at room temperature as well as elevated temperature
(70°C), but, absorption spectra were recorded always at room
temperature. In experiments where the aging effect was studied,
prepared solutions were left in closed glass vials (without any
treatment) at room temperature and at 70°C, and absorption spectra
were recorded during that time (up to one month). The influence of
H9092 and several organic solvents was also examined (methanol,
ethanol, ethyl glycol and pyridine).

Absorption spectra were recorded by spectrophotometer (Carry 14)
in cells of 100, 10, 1 and 0.1lmm optical path length for different
concentrations of the order of 10-6, 10-5, 10-4 and
10-3M respectively. '

RESULTS AND DISCUSSION

1.1 Absorption spectra and aging effect’

l.la. Absorption spectra of Co(II)TSPc

The uv-visible absorption spectra of Co(I1)TSPc in water
solutions without any additions show two areas of interest, the
600-700 am region and 200-400 nm region. However, it is very
difficult to say precise wave length positions of absorption peaks
because they depend on concentration (Figs. 1 and 2). Nevertheless,
in the visible region two absorption peaks can be recognized. Their
relative heights depend on concentration and time, that means this
behavior does not obey the Lamber-Beer Law. Furthermore, this means
that not only one but at least two different forms of CoTSPc are
present in solution. Acccording to the literature -the higher wave
length peak is attributed to the monomer form and the lower wave
length peak is attributed to the dimer form of CoTSPc and it is
shifted toward dimer form as the total concentration increases.

It should be noted that the height of the monomer peak, at
very low concentrations, decreases during time (Fig. 9), but this does
not mean that a degradation of CoTSPc occurs. In consideration of the
fact that at the same time the dimmer peak increases and the shape of
the spectrum in the uv-region tends to one of higher concentration, we
believe that the dimerization process occurs. It is interesting, for
example, to note that the spectrum for 10—-6M CoTSPc concentration
becomes after 32 days practically the same as the spectrum of the
fresh 10-5M solution. Similar changes were observed with 5 x
10-7M solution. ‘
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Absorption spectra of CoTSPc in acid and alkaline solutions
are, at first glance, very similar to those in pure water solutions
(Figs. 3-6). However, the changes during  time are quite opposite to
those in pure water solutions. 1In the uv-region the spectrum of the
more concentrated solutions, during time, gradually takes the shape of
those of lower concentration solutions. In the visible region the
dimer peak (626 nm) decreases during time, whereas the peak at 668 nm,
whose position is very stable and independent of comncentration, at
first increases, and then decreases (Figs. 8, 10 and 11), when the
absorption at the whole region (200-750 nm) decreases too. Hence, it
seems that during time, at first a transformation of CoTSPc occurs and
then a degradation process takes place.

It should be nmoted that these chahges are more rapid in
alkaline than in acid solutions.

1.1b. Absorption spectra of Fe(III)TSPc

Absorption spectra of Fe(III)TSPc water solutions look
simpler than those of Co(II)TSPc, particularly in the uv-region (Fig.
19). Both the uv and visible region contain one peak and one
shoulder. In terms of the monomerfMimer equilibrium, the shorter wave
length peak in the visible region is attributed to the dimer form of
FeTSPc and the shoulder is attributed to the monomer form.

In regard to the stability of Fe(III)TSPc solutions, it was
found that only pure water solutions and solutions which contain a
neutral salt (0.05M Na2s04) were stable during time. However, a
gradual decrease of absorption in the whole region during time, was
found in acid and particularly in alkaline solution. Contrary to the
CoTSPc acid and alkaline solution, this decrease of absorption starts
immediately after the solution preparation. This aging effect was
very pronounced at elevated temperature (70°C) and it was observed
even in neutral salt and pure water solutions.

l.1c. Absorption spectra of H, TSP

Absorption spectra of HyTSPc are rather different from
those of Co(II)TSPc and FE(III)TSPc. First of all, the visible region
contains more than two peaks, and on the other hand, pH effect is
tremendous: The "acid"” spectrum is quite different from the spectrum
of alkaline solutions (Fig. 20). Nevertheless, there are some
indications that the monomer—-dimer equilibrium exists here too, that
will be shown later.

1.2 The Influence of Oxygen

1.2a. Co(II)TSPc solutions

What is the main cause for the time change of spectra? 1In
the case of pure water solutions it seems that the dimerization of the
CoTSPc monomer is responsible for these changes, because, there is no
indication that a degradation occurs, and on the other hand the
spectra of very low concentrated solutions during time take the shape
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of those of more concentrated solutions.. Yet, these later are quite
stable during time.

However, the changes in acid and alkaline solutions are
attributed to the reaction of CoTSPc with molecular 09 yhich is
present in solution.. This assumption was confirmed by independent
experiments in which the acid, alkaline, water solutions of neutral
salt Na2504 and pure water solutions were saturated with 02
during a long period of time (several days). During saturation the
monomer peak (662 nm) disappears, the 668 nm peak appears (the oxygen
adduct peak (3-5)) and gradually increases, while the dimer peak (626
nm) gradually decreases and finally disappears. It should be noted
that this behavior is observed only in acid and alkaline solutions but
not in neutral Na3s04 or pure water, solutions. These later
solutions were unaffected by 02 and during a longer saturation with
02 the same changes occured as during time in closed vials.
Furthermore, the changes in Na804 solution were almost identical
to those in pure water solutions and when experiments were carried out
at 70°C all changes were more rapid and more pronounced (Fig. 13).

_ So, it can be concluded that the oxygen adduct of Co(II)TSPc
is formed only in acid and alkaline media but due to its relatively
low stability, a slow irreversible degradation of this species takes
place.

These results are in disagreement with findings of Wagner et
al. (3) who reported that after acidifying the oxygenated alkaline
solution, the oxygen adduct peak immediately disappears and after a
repeated alkalization this peak reappears, that should mean that the
oxygen adduct is formed only in alkaline solutions. These authors
claim that the oxygen adduct is formed only at pH higher than 12. We
have also done similar experiments: the oxygenated alkaline solution
of 10-5M Co(II)TSPc was undertaken to the successive acidifying
alkalization cycles and absorption spectra were recorded. However,
the oxygen adduct peak (668 nm) was' always present. The only
difference between acid and alkaline solutions was with respect to the
height of this peak being higher in alkaline solutions.

Finally, it shquld.be added that the rate of the oxygen
adduqt formation is much higher in alkaline than in acid solutions
(more than 10 times) (Figs. 10, 11, 12).

1.2b. Fe(III)TSPc solutions

Although the nature of the time changes of Fe(IIL)TSPc
spectra is different from those of CO(II)TSPc, in order to see whether
an oxygen adduct formation in Fe(III)TSPc solutions takes place, the
influence of 02, H2 and N2 was studied. Water solutions of 2 x
10-5M Fe(III)TSPc in neutral, acid and alkaline media, at room and
elevated temperature (70°C) were saturated with these gases for more
than 10 days. However, contrary to the case of Co(II)TSPc; there was
no peak sensitive to the presence of any of the used gases. This
means that Fe(III)TSPc does not form an oxygen adduct. The situation
in the literature with respect to this question is not quite clear
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because some authors (12) claim that only Fe(II)TSPc forms an oxygen
adduct, and some others (4) claim that even Fe(III)TSPc can do it.
However, it seems that these later authors were not quite sure which
form of FeTSPc they used.

We tried to reduce Fe(III)TSPc in solution phase by bubbling

Hy at 70°C and also by an electrochemical reduction using
Au electrode. However, there was no success.

l.2c. HaTSPc solutions

Having in mind that HyTSpPc is not a catalyst for oxygen
reduction reaction, we did not investigate the influence of 02 in
this case. At this moment, it should be noted that Cu(II)TSPc also
does not form an oxygen adduct (10), although it shows oxygen
reduction catalysis.

1.3 The release of 05 from the oxygen adduct

With respect to this question we have also found a disagreement
with literature data (3-5). Our results have shown that this process
is possible even at room temperature by bubbling He, but after rather
long period of time (more than 10 days) and without full
reversibility. The oxygen adduct peak could be considerably depresed
but the height of the dimer peak is not changed. This process and also
the formation of the oxygen adduct are much faster at elevated
temperature (70°C), but at the same time a considerable degradation of
the macrocyclic was found (Fig. 15).

Finally, this oxygenation-deoxygenation cycle can be repeated a
few times but without full reversibility, just due to the irreversible
degradation of the macrocyclic.

1.4 The effect of impurities and foreign substances

l.4a. The effect of foreign substances

In view of the dimer-monomer equilibrium it is important to
point out that this equilibrium is greatly influenced by foreign ions
present in solution. The equilibrium is shifted toward dimer form as
the concentration of foreign ions increases. In the case of
Co(II)TSPc solutions this influence can be observed even at very low
concentration of Na2S04 such as 10—/M (Fig. 17). The similar
effect of Nags04 was observed also in the case of Fe(III)TSPc and
HyTSPc too (Fig. 21).

1.4b. The effect of different types of distilled water

It should be noted that even distilled water can show a
significant influence on the absorption spectra of Co(II)TSPc
solutions. In solutions prepared with common distilled and deionized
water, the monomer peak is considerably depressed and the rate of the
oxygen adduct formation is lower.
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It is very surprising, however, that the pyrolytic water has
shown almost the same results as -obtained with a common distilled
water.

This water effect was found with Fe(III)TSPc solutions too,
but in this case it could be observed at the dimer peak rather than at
the monomer peak. It should be noted that this water effect was less
pronounced wlhen the macrocyclics concentration was higher and at
concentration of 10~3M it disappeared.  However, there was no
effect of water in the case of H2TSPc. :

l.4e. ' The influence of some organic solvents

The monomer peak of Fe(III)TSPc solutions is at about 668 nm,
that is very .close to the main peak of Fe(II)TSPc at 670 mm (12). 1In
order to eliminate the doubt that the monomer peak is in fact
Fe(I1)TSPc peak, we investigated the influence of some  organic
solvents such as methanol, ethanol, ethylglycol and pyridine. It is
known that some of these solvents favor the monomer peak in the case
of Co(II)TSPc and Cu(II)TSPc (1l4). Our experiments have shown the
same results. In the presence of these solvents, the monomer peak is
considerably increased and the dimer peak is decreased. This effect
was more pronounced when the organic solvent concentration was higher.
The similar. effect was observed with H2oTSPc solution in the presence
of ethanol in agreement with the literature data (6). ‘

1.4d. The influence of Hy0y

Hy09 has shown different influence on the absorption
spectra of Co(II)TSPc and Fe(III)TSPc solutions at different pH.

" Fe(III)TSPc - After an addition of H209 in Fe(III)TSPc
solution (10-5M concentration of H909 as that of Fe(III)TSPc),
in the whole region of the spectrum, absorption was gradually
decreasing during time in all cases except in acid solution (Fig. 22).
Namely, after a very sharp decrease of absorption immediately after
H202 has been added, a gradual increase of absorption occured
during time, but absorption never reached the value observed before

the H2072 addition.

Co(II)TSPc - In pure water solution a considerable decrease
of the monomer peak ws found after H202 has been added and this
decrease continued during a few days (Fig. 23). 1In the presence of
Naz504, very small absorption decrease was observed at dimer peak,
whereas in acid solution a significant increase of the 668 nm peak and
decrease of the dimer peak were observed. 1In fact, the same changes
were found as during saturation of this solution with 02, This
means that H202 increased the rate of the oxygen adduct formation.

In alkaline solution, however, it seems that H207 has speeded up
the rate of the oxygen adduct decomposition.
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2. VOLTAMMETRY MEASUREMENTS

EXPERIMENTAL

All investigations were done on OPG disk-‘electrode in Np
atmosphere. The starting electrolyte was 0.05M Najs04. After
saturating this solution with N2 (30 minutes) 1 ml of 10-3M
tetrasulfonated phthalocyanine water solution was added into 100 ml of
electrolyte and 10-5M solution was obtained. ‘After voltammetry
measurements had been done pH of the solution was measured by using a
pH-meter. In order to get appropriate pH value of the electrolyte, a
small amount (1 ml) ofcorentrated H2504 or NaOH was added, then
voltammetry was done, pH was measured and so on. 'In this way solutions
of pH 1.3 to 12.8 were examined. Some of these experiments were
repeated in borate buffer (pH 8,7) also.

The following macrocyclics were ‘studied: Fe(III)TSPc, Co(II)TSPc,
Cu(II)TSPc, H2TSPc, CoPc. These two latter were dissolved in pyridine.
In this case pre—adsorption was done by putting a drop of pyridine
solution onto the electrode surface and then, washing with pyridine;
ethanol and finally with distilled water. The influence of 09 and
H202 on voltammetry peaks was also studied. -

RESULTS AND DISCUSSION

The main attention in this work was directed toward the pH
dependence of voltammetry peaks. This dependence of voltammetry peaks
for the system Fe(III1)TSPc/OPG was already known, and in this work such
dependence was also found at several other systems. Furthermore, two
quite new peaks were found: one at very anodic potentials just before
the oxygen evolution starts and the other at cathodic side close to the
hydrogen evolution. Both peaks are very well pronounced and show the
same pH dependence with a slope of 59 mV/pH. As a matter of fact almost
all observed peaks with all studied phthalocyanines show the same slope.
However, in some cases (FeTSPc and CoTSPc) some of the peaks. show such
dependece only in acid or only in alkaline region (Fig. 30-34). Almost
in-all cases observed peaks are due to the redox process of the adsorbed
species (the peak currents are directly proportional to the scan rate,
the peak separation is very small and there is no stirring effect).
However, in the case of Cu(II)TSPc and H2TSPc there are some peaks
which are stirring dependent and with anodic or cathodic part only (Fig.
33 and 34). : :

In all investigated complexes, very anodic potentials (more anodic
than the most anodic peak) and also very cathodic potentials (more
cathodic than the most cathodic peak) give rise to the destruction of
the adsorbed species. Furthermore, the cathodic and anodic limits exert
an influence on the shape of voltammogram but in some cases the
influence is tremendous (some of the.peaks disappear completely) and in
some cases this influence is negligible.
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The most stable voltammograms are those of Fe(III)TSPc, Co(II)TSPc
and CoPc. It is to be noted that FePc(Kodak) did not show any
voltammetry peak. In connection with the adsorption of all of
tetrasulfonated phthalocyanines, one experimental fact should be pointed
out. In order to get adsorbed layers of these complexes, it is not
enough to immerse the electrode into the phthalocyanines solution only,
but a rather long potential cycling is needed. This problem was not
studied in detail but one can say that at least half an hour of cycling
is needed to get a good adsorption. In addition, it was observed that
this process was speeded up when the rate of cycling was higher but not
higher than 20 V s~l, After such a treatment, voltammogram with
preadsorbed Fe(IIL)TSPc was exactly the same as when Fe(IIL)TSPc was
present in electrolyte (Fig. 25).

In order to get some more information about the origins of the
voltammetry peaks, the influence of 02 and H202 was examined.
Results have shown that only one peak is influenced by the H202
generated or added in electrolyte. This is the most positive peak which
is shifted in the direction of anodic current when H202 was present
in the electrolyte, but the peak potential is not changed. This shift
toward higher anodic current is attributed to the appearance of anodic
oxidation of H202, which takes place at potentials close to the
potential of this peak. It should be noted, however, that this effect

of H202 was observed only in the case of Co complexes in both acid
and alkaline regions.

A small Hy0y oxidation peak was found in the case of
Fe(III)TSPc in alkaline solution too, but the most anodic voltammetric
peak of Fe(I1I)TSPc was not influenced.

In connection with these experiments, one interesting phenomenon,
observed in the case of Co(II)TSPc, should be pointed out. Namely at
lower scan rates there is no H202 oxidation peak in the forward scan
direction whereas a huge peak appearedin the reverse direction (Fig.
36). This effect is more pronounced when the scan rate is lower and
electrode rotation rate is higher. However, it is important to note,
that this effect exists only if the cathodic limit is more negative than
the potential of the peak denoted as 2. Yet, this phenomenon has been
observed only at pH>7.

Amongst all voltammetry peaks, it is obvious that some of them are
associated with redox processes of ligand and some of them are probably
associated with redox processes of the central metal atom. However, it
is surprising that more of the peaks have the same behavior in all the
investigated cases. '

In earlier investigations, it has been shown that peak #4 in the
case of Co(II)TSPc acidic solutions represents the l-electron surface
redox process, and this peak was attributed to the oxidation of Co(II)
to Co(III) i.e.

—

[Co(II)TSPC]_ ) [Co(III)TSPc]:dS +e (a)
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However, as one can see in Fig. 31 this peak is also present in
alkaline solutions, but, its potential is pH dependent. It is not quite
clear what type of process is involvedin this case, but, if reaction (a)
is valid and having in mind the fact that macrocyclic complexes of
transition metals in the oxidation state III undergo hydrolysis in water
solutions (11, 14) one can suppose the following redox reaction:

S-Co(II)TSP.OHy + of - ;;:é: S ~ Co(ILIL)TSP.OH + H20 + e (b)
where S represents the graphite substrate . The potential of the
Co(I11)/Co(I1) redox couple according to reaction (b) should shift with
pH by -59 mV/pH which is experimentally found. The same peak #4 and the
same pH dependence has been also found in the case of CoPc pre-adsorbed
from pyrldlne solution (Fig. 27 and 32). '

The similar explanation can be applied for peak #3 in the case of
FeTSPc, i.e.

S-Fe(II)TSP.OHQ:f OH'jf———ﬁ S - Ee(III)TSPaQH + H20 + e (¢)

It should be pointed out that there is a great similarity between
FeTSPc and CoTSPc with respect to the peaks designated as #1 and #2
The peak #1 can probably be attributed to the hydrogen
adsorption—desorption process while it- is not clear what type of process
is associated with peak #2. It is particularly:interesting .to note a
quite opposite pH dependence behavior of this peak with respect to that
of peak #3 in the case of FeTSPc and peak #4 in the case of CoTSPc and
CoPc. Although without a strong evidence, peak #2 can be attributed to
metal reduction to valency state I in alkaline solution, and to a ligand
reduction associated with its protonation in acidic media. The similar
behavior was found in the case of H2TSPc and CuTSPc in acidic solution
but not in alkaline one. . Yet, the hydrogen adsorption—desorption peak
was also found in the case of CuTSPc in both acidic and alkaline
solutions.

In the case of Fe(III)TSPc, the peak #4 is of the same area as that
of peak #2. Hence, this is a l-electron transfer process and, yet, the
pH-dependence is observed in the same region as for peak #3. The only
difference is that peak #4 disappears at pH < "~ 3 while peak #3 becomes
independent of pH at [H '<Vv3. One cansuppose that this peak is ‘due to the
Fe(II1)/Fe(IV) redox couple. It should be added that the similar peak
was found in the case of HpTSPc and CuTSPc. However, in the case of
CuTSPc, that peak has been observed in acidic solutions only, whereas
in the case of HyTSPc the change in the pH dependence slope is
observed at pH v 6. Therefore it 1s likely that these peaks are due to
the redox process of ligand.
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Fig. 5.1.6.22. The height of the 635 nm absorption peak of 2x107°M Fe(II1)TSPc
solutions during time in a) 0.05M HZSO4, b) pure water, c) 0.1M NaOH and d)
0.05M Na?_SO4 » at 25°C and 70°C; dashed lines - in the presence of 10°5M H
at 25°C.
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Fig. 5.1.6.24. Voltammograms of 10~ 5m Fe(111)TSPc on OPG at

Fig. 5.1.6.25. Vol tammograms of pre-adsorbed Fe(II1)TSPc on
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Fig. 5.1.6.28. voltamograms of 10~M Cu(IT)TSPc on OPG in a) acidic PH 1.8 and b) alkaline pH 11.6 solutions;
scan rate 500 mV/s, t=25°C, under N2
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Fig. 5.1.6.36. Voltammograms of ]O'SM CoTSPc on OPG in borate buffer solution
pH 8.7 in the presence of 10'4M H202. Scan rate 50 mV/s, 1600 rpm, t = 25°C,

under N2
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5.1.7 SPECTROSCOPIC STUDIES OF TRANSITION METAL
TETRASULFONATED PHTHALOCYANINES:

I. RESONANT RAMAN SPECTRA OF AQUEOQOUS SOLUTION OF COBALT
AND TRON TETRASULFANATED PHTHALOCYANINES

by

B. Simic-Glavaski and E. B. Yeager

ABSTRACT

Phthalocyanines are of considerable research interest partly as a
result of their structure and partly of their multifunctional
physicochemical properties ranging from their photo effect to high
catalysis through oxygen reduction in electrochemical and similar
biological systems.

This study attempts to provide more detailed information concerning
physicochemical and electrochemical properties of transition metal
phthalocyanines in aqueous media when they are in solution phases and
adsorbed on electrode surfaces.

INTRODUCTION

Physicochemical properties of the transition metal phthalocyanines
(M-Pc) have been investigated by numerous exprimental methods of which
the most notable are UV-visible (1), infra red (2) and Raman (3)
spectroscopies. However, M-Pc are not water soluble unless some polar
groups are added to their basic molecular structure as in
tetrasulfonated Pc(TSPc), hence data on M-TSPc in aqueous media are
scarce and sometimes controversial (4), (5).

This paper reports a study of the tetrasulfonated cobalt and iron
phthalocyanines (Co-TSPc) and Fe-TSPc) in aqueous solutiomns at various
pH by Raman spectroscopy. Raman spectra were recorded between 200-1700
cm © by the polarized and the depolarized light scattered from
phthalocyanines in acidic, neutral and alkaline solution phases with the
objective of providing more definitive data in order to obtain an
understanding of molecular behavior of these molecules which are
increasingly used and studied as catalyzers in electrochemical aqueous

systems (6), (7).

EXPERIMENTAL

Metal tetrasulfonated phthalocyanines (M-TSPc) have been
synthesized and purified according to the method of Weber and Busch (8).
The electrolytes were prepared from ultrapure grade sulfuric acid and
sodium hydroxide (J.T. Baker) and triply distilled water. Aqueous
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solutions at pH 1,7 and 13 contained 5x10_5M M-TSPc. All Raman
experiments were performed at room temperature and aerobic atmosphere.

The source of light was the Spectra Physics He-Ne laser model 125
operating at 632.8 nm with an output power of 50 mV. The laser
excitation line falls well within the visible absorption spectrum of Co
and FeTSPc.

The plane of polarization of the laser incident light was rotated
with the Spectra Physics wide band polarization rotator. The Raman
polarized and depolarized spectra from aqueous solutions of M-TSPc were
obtained using a Spex 1400 double monochromator, FW 130 photomultiplier
and photon counting electronics. The monochromator resolution was
5 em - in all experiments. The scanning speed Wéf 0.2 em /s
and the accuracy of the hand position was + 5 cm .

RESULTS AND DISCUSSION

The basic molecular structure of phthalocyanine and its schematic
molecular orbital energy diagram is shownas the insert of Figure 1,

which represents UV-visible absorption spectra of 5.10 "M Co and
Fe-TSPc in acidic, neutral and alkaline aqueous solutions.

The absorption bands are interpreted as due to a (m),
a 5y (m —> ey(T*) or T - T* transitions (9), however"
possible n-T* transition is not excluded (9). In general, M-TSPc belong
to the D4}, symmetry point group and that symmetry remains for Co and
FeTSPc in. aqueous media. The two energy states promote the electronic
transisiton aj, (1) —> ey (n*) with corresponding Q(0,0)and
Q(1,0) absorption bands in the visible region at about 680 and 630
respectively. Often these bands are attributed to a monomeric or a
dimeric molecular structure (7). The transition ap,(7) —>
e,(m*) produces Soret or B(0,0) absorption band at about 340 nm. The
aﬁditional UV absorption bands may be due to vibrational excitation.

The He-Ne laser excitation at 632.8 nm falls in the region of the Q
absorption band and several electronic transitions may occur which may
produce a number of symmetry states and thus enhance the Raman bands due
to the excitation of overlapped vibronically active modes. Raman
spectra of the polarized and depolarized light scattered from aqueous
solutions of Co-TSPc and Fe~TSPc at various pH are shown in Figures 2
and 3.

The spectra are similar in appearance and generally are in an
agreement with those obtained in prior studies (3) where phthalocyanines
were dissolved in organic solvents.

The position of the Raman bands are tabulated in Table I. Shifts
of the Raman bands were not observed as a {unction of pH within the
range of the experimental error of + 5 cm . : :
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The low frequency Raman lines below or around 500 cm—l,

according to the previous report (3) could be assigned:to the M-N
stretching vibrations or to the modified pyrrole skeletal vibrations.
The latter possibility appears more plausible since the similar bands
are recorded in metal free phthalocyanines (Hp — TSPc) in a different
experimental condition, which will be reported later (10). An aqueous
solution of Hy — TSPc is characterized with intense fluorescence at
690.5 nm which masks Raman spectra and prevents a comparative analysis
of the Raman spectra which can be obtained from other metallo
phthalocyanines.

The band at 523 cm"1 shows an anomalous depolarization ratio
0> 3/4 (in the case of Fe-TSPc) and can be explained as being due to
the rise of the asymmetric mode caused by weakening of the pyrrole ring
bond which is influenced by the position of the central Fe atom and Fe-N
distance. A theoretical study of Fe-Pc (9) was proposed an Fe vibration
out of plane as much as 0.49 X although this high spin state is not
favorable energetically.

The strong bands at 616, 699 and 767 em™ ! are most probably
due to out of plane deformation of the pyrrole rings. A special feature
for Co — TSPc is the strong shoulder at 722 cm * and the much
broader linewidth of the band at 699 cm !. All bands show the
normal depolarization ratio p < 3/4 except the band at 781 em™ ! for
Co-TSPc in neutral environment, which shows a depolarization ratio close
to unity.

The spectral region between 780 ~ 1300 cm is filled by a number of
weaker bands which are due to C-H kending and which are in principle
modified by the central metal atom. The two strongest bands at 1352 and
1551 cm - are due to =C-N and C=C stretching modes, respectively.

The intensity of these Raman bands is highly influenced by the laser
excitation (9) (3) and by the solvent, since the odd electron in the
d orbital is highly sensitive to the presence of a

l%%and.

The most interesting feature is the behavior of Fe-TSPc in various
pH environments. The band at 1352 cm = shows a frequency shift of
about 11 cm — when the alkaline solvent was used. According to a
previous study on porphyrins (11), the frequency shift may be assigned to
Fe(I1) - Fe(ILII) transition and may be indicative of an
oxidation-reduction mechanism of the iron atom.

In conclusion, the highly complex structure of metallo
phthalocyanies may produce very complex Raman spectra which can be
described by two possibilities of excitation of the polarizability
tensors (12):

(A) Excitation of the diagonal polarizability components which
excite totally symmetric modes, and
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(B) Excitation of off-diagonal .terms which mix the resonant
electronic transisiton with another one of higher energy These modes
may have any molecular orbital symmetry..

When the laser excitation falls in the Q band, region the
enhancement of B modes appears predominant. Mixing of electronic
transitions allows aj,> 29,° Py, 24 b, molecular
orbital symmetries. 1In aj, symmetry, 8 polarized Raman bands are

found to be in resonance with a laser excitation within Q bands. Both
b1y and b, give rise to depolarized Raman bands while

agy modes are inactive in normal Raman scattering. The a

symmetry is associated with the anti—symmetric tensor and produces
inverse polarization.

More detailed studies of tetrasulfonated pﬁthalocyanines (i) in
aqueous solution phases and (ii) adsorbed on electrode surfaces will be
reported in subsequent papers.

The help and interest of Mr. S. Zecevic is gratefully acknowledged,
and authors also would like to express their appreciation to the DOE and
its financial support. :
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TABLE I
Co—TSPc]cm°1| Fe-TSPcIcm'll
327
| 394
528 - 523
621 616
699 S 699
722 L 726
781 B 767
866 T 870
983 | 983
1144 ; 1144
1198 o 1208
1229 .- o 1219
1289 | 1289
1352 3 1352 (1363 pH 13)
1476 1476

1551 ' 1551
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Fig. 5.1.7.2.  Raman spectra of a) the polarized and b) the depolarized light

scattered from 5 x ]0'5M of cobalt tetrasulfonated phtha]ocyanine:in aqueohs

solutions at pH 1, pH 7 and pH 13. A relative intensity scale is indicated

in counts and spectra are twice more intense for alkaline solution, resolution

is 2.5 cme, Taser excitation is at 632.8 nm with 50 mW output power.
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Fig. 5.1.7.3. Raman spectra of a) the polarized and b) the depolarized 1ight

‘scattered from 5 x 10-5M of iron tetrasulfonated phthalocyanine in-aqueous
media. The legend is the same as in Fig. 5.1.7.2.
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5.1.8 THIN LAYER CELL FOR U.V. AND VISIBLE
SPECTROELECTROCHEMICAL STUDIES

D. A. Scherson+, Shantha Sarangapani and F. L. Urbach

ABSTRACT

A new optically transparent thin layer electrochemical cell
contained entirely into a standard quartz cell has been designed. The
main advantages of this novel configuration are the inertness of its
components to most organic and inorganic solvents, the possibility of
repeated utilization of the gold minigrid electrode and ease of
assembly. Moreover, the use of an appropriate delivery system, such as
the one presented in this work in conjunction with the cell, enables the
handling and study of oxygen sensitive materials. Path lengths and
volume of solution tests have been performed, yielding reproducible
results upon repeated assembly. The simple construction allows use of
this device as a versatile tool in the "analysis of spectral properties
of a wide variety of electrochemically generated species.

The use of optically transparent thin layer cells has become a
common practice in spectroscopic studies of electrogenerated species.
The extremely small volume of solution in direct contact with the
electrode allows a rapid equilibration of reactants and products upon
changes in potential across the metal-solution interface without
appreciable back-diffusion into the bulk of the electrolyte. Several
thin layer cell designs have been shown to yield satisfactory results in
numerous applications in spectral regioms ranging from far U.V. to
infrared.l oOne of the most widely utiized systems2 consists of a
gold minigrid placed between two standard microscope slides separated by
thin Teflon spacers, allowing the grid to protrude slightly from the
edge to make electrical connection. The assembly is sealed by covering
the sides with epoxy, leaving a small area exposed. The whole cell is
then placed into a separate vessel, normally a Petri dish, containing
the solution to be analyzed and suction is applied through the opening
until the liquid rises to an appropriate level.

As part of a continuing effort in this laboratory regarding the
spectral characterization of transition metal complexes and their redox
chemistry, a search for a cell design was initiated, such that it would
enable U.V. and visible spectra to be acquired simultaneously, provide
strict conditions of anaerobicity and be versatile enough to be used
with any organic solvent. ' '

DESCRIPTION OF THE CELL AND ASSEMBLY

A schematic representation of the whole assembly including the
delivery system 1s given in Fig. 1. The cell is built around a standard
20 mm path quartz cuvette and contains all the essential components to

+Vittofie deNora‘Diamond-Shamrock Postdoctoral Fellow
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perform most spectroelectrochemical experiments of interest. A
precision machined L-shaped Kel-F piece (E) serves the dual purpose of
providing feedthroughs for the delivery system and counter and reference
electrodes, (B) and (D) respectively. These last two components are
placed along the cuvette sides to avoid obstruction of the light beam.
The Kel-F piece (E') also mechanically holds in place a quartz

plate” (L) which has two vertical strips (“v0.015 cm thick and

0.05 cm wide) which self-adhere to the quartz plate and serve to fix the
effective optical path length. This geometry creates a cavity between
the plate (L) and the inner cell wall where a minigrid electrode (M) is
housed. A rectangular slot in the arm of (E) inside the cell allows a
clear light path. A second Teflon piece (although any material would be
suitable in most cases) (N) located precisely in front of (E) on the
outside with a similar slot through it, serves to affix (E) in the right
position by means of a screw (G). A connection to the grid which
extends over the cell along its front side is made by a second brass
screw (H) which is used to push a small brass piece (F) with a welded
thin gold foil at the end, thus allowing electrical contact to the
minigrid working electrode. A groove was milled (N) as a guiding
channel for (F) in order to avoid rupture of the gruid due to the
turning motionof the screw.

The electrolyte delivery system consists of a Teflon container with
two drilled-in capillary holes. One of these openings enables either
the transfer of solution to the cell through flexible Teflon tubes (A)
and (J) or the continuous passage of asolvent-saturated inert gas over
the solution in the cell by simply lowering (A) and raising (J). The
contact seal provided by the Kel-F piece which sits reasonably tightly
onto the quartz cuvette was sufficient to insure an inert atmosphere in
the cell as evidenced by the success obtained with known oxygen-—
sensitive cobalt(II) complexes, Syhile air vent gas was passed through
the cell. 1In a normal experiment (E) is turned ninety degrees counter
clockwise, the plate (L) positioned and the minigrid laid on top. The
cuvette is then slid in without changing the geometry and (F) is
connected by screwing in (G) and (H). Once this step is completed,
about 1 to 2 mls of solution are introduced through the delivery system.
A slight tipping of the cuvette is sufficient for a thin layer to be
spontaneously formed by capillary action. ’

As a means of examining the reproducibility of the cell geometry
upon repeated assembly, two kinds of calibration tests were made, namely
the total absorbance of a known standard (chromate, € = 4813 at A = 373 nm)
to establish the path length and the total cell volume as measured by
the charge passed in the electrolysis of a fast couple (potassium
ferro—ferricyanide).

The performance of the cell in spectroelectrochemical experiments
was evaluated by using the well characterized oxidation of o-tolidine in
acidic solution.

7‘A piece of quartz of the correct dimension can be made by using
the window of a broken cuvette and then grinding off the side walls
and excess quartz.
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EXPERIMENTAL . SECTION

Visible and U.v. spectra were obtained with the cell in Cary 1l4. A
special electrical feedthrough was installed into a circular orifice in
the spectrometer body, and the cell‘positioned onto a specifically
designed Lucite holder supported on the cavity rails. Electrochemical
experiments were performed wusing a conventional potentiostat (RDE 3,
Pine Instruments, Grove City, Pennsylvania.) and an X-Y recorder. The
working electrode was a 100 wires/in. gold minigrid, and the counter and
reference electrode a gold wire with a piece of discarded gold minigrid
at its end, and a miniature standard calomel electrode respectively.
Solutions were prepared from Baker analyzed reagents and triply
distilled water, and the concentrations similar to those reported in
Ref, 2, i.e. 4.0 x 10 3M K,Fe(CN)g in 0.5 M KCl and 1.0 x
10 3M o-tolidine in 0.5 M acetic acid, 1.0 M HC10y4 . Standard
absorption chromate solutions4 were made by dissolving KCr04 in
0.05 N KOH to a concentration of 4 x 10 =6 g/liter. Calibration
experiments were performed five times and following each run ‘the cell
was completely disassembled and the grid and other components thoroughly
washed and drled with acetone.

RESULTS

Table I lists the values of the absorbance of chromate and the
corresponding calibrated path lengths obtained through five independent
experiments as described in the Experimental Section. The average value
found was 0.0145 + 0.005 cm, which is comparable to that of other
designs, such as the one referred to in the Introduction.

The results of electrolysis experiments are given in Table II,
yielding an average cell volu%e of 3.2 + 0.2 ul. The cyclic
voltammogram of the Fe(CN)g /Fe(CN)6 in the thin layer
cell is depicced in Fig. 3 for two different scan rates, i.e. 1 mV/s and
2 mV/s. The shape of the voltammogram shows as expected, some
uncompensated resistance (IR drop) due to the restricted ionic path.
However, the charge under the cathodic and anodic waves are the same and
the value of E; ~0.77 vs. NHE is in agreement with the literature.

Figure 4 shows the cyclic voltammogram - of an o-tolidine solution
prepared as outlined above. The Ej was similar to that reported by
DeAngelis and Heineman2,

Spectroelectrochemical experiments were conducted at five different
potentials (see Fig. 5) and the values of the corresponding absorbances
are listed in Table II. The resulting Nernstian plot (see Fig. 6)
yielded a slope of 35 mV (n v2.21), slightly higher than the potential
number of 2.0.

DISCUSSION AND CONCLUSIONS

The advantages of the cell design described above are numerous.
The electrolyte comes in contact only with very inert materials,
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providing excellent conditions of cleanliness and compatibility with all
solvents of interest. Moreover, the thin layer is formed spontaneously,
making the use of a suction mechansim unnecessary. The virtual seal
between the Teflon spacers, quartz plate and wall cell is such that the
liquid layer undergoes no changes during the normal course of an
experiment. By proper operation of the delivery system a blanket of’
solvent saturated inert gas can be continuously passed through the cell,
thus avoiding the danger of electrolyte drying which would interrupt the
ionic continuity. The fact that the container is a standard quartz
cuvette allows convenient mounting of the whole assembly in the cavity
of any spectrometer.

Overall, excellent reproducibility characteristics of the cell upon
repeated assembly as shown above proves the high versatility of this
design in most spectroelectrochemical applications.
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TABLE 1

Standard chromate so1ﬁtion absorbances and corresponding calculated path
lengths as measured in thin layer cell (T.L.C.) upon repeated assembly

“Absorbance

Run # (A= 373 nm) Path length {(cm)
1 0.15 0.015
2 0.15° : 0.015
3 0.15 - 0.015
4 0.135 0.014
5 0.135 0.014
Average: 0.0145 % 0.005 cm.
TABLE I1I

Volume of the thin layer cell (T.L.C.) as evaluated from several controlled
potential electrolyses of 4 mM K4Fe(CN)6 in 0.5 M KC1.

Run # Volume of TLC (pl)

32
35
30
32
30
Average: 32 + 0.2 ul

N W N -
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Fig. 5.1.8.2. Tﬂ}ee-dimensionaj_view of assembled optically
transparent’thin layer electrochemical cell. Some details
have been omitted for clarity.
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Fig. 5.1.8.3. Cyclic voltammogram of 4 mM KFe(CN)¢ obtained
in the transparent thin layer electrochemical cell for scan
rates of 1 mV s'1 (A) and 2 mV s'1 (B).
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_Fig. 5.1.8.4. Cyclic voltammogram of 0.95 mM o-tolidine, 0.5M acetic

acid, 1.0 M HC10,. Scan rate 2 mos .
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5.1 8(a) PART II. Thin layer spectro-€lectrochemistry of binuclear
o Cobalt(II) and Nickel(II) taph macrocyclic
complexes

Shantea Sarangpani and Fred L. Urbach
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5.1.8 (a) Part ITI. THIN LAYER SPECTRO-ELECTROCHEMISTRY OF BINUCLEAR
COBALT{ITI] AND NICKEL[II] TAPH MACROCYCLIC
COMPLEXES
Shanta Sarangpani and Fred L. Urbach

ABSTRACT

The redox and spectral properties of a binuclear cobalt macrocycle,
Coztaph(N03)4-'4H20 and its nickel analogue were examined
using a specially designed thin layer cell.* The results indicate that
the anodic processes observed in both cases at 0.5-0.7V vs SCE involve
the oxidation of the 11gand system. Differences in the cathodic
processes observed fYr th Ybalt and nickel complexes are attributed to
the presence of a Co ]/Co 1] couple and to differences in
the nature of the ligand reduction in the presence of two metal ionmns.
On the first sweep the cobalt macrocycle undergoes an initial
irreversible 4e™ reduction at ~-1.2V. Subsequent sweeps showed the
appearance of a couple around--0.5V. The 4e reduction is attributed
to the reduction of the two Schiff base linkages present in the molecule
to saturated secondaf¥1%mi e ?on rs. The new redox behavior at -0.5V is
attributed to the Co Co couple of the satYraie
macrocycle. Negative potentials for the Co /Co couple
are known for complexes with an N, mcrocyclic enviromment and axially
coordinated OH™ donors.

In the case of the nickel analogue two reduction processes are
observed at -0.8V and -1.24V which correspond to a combined total
reduction of 4e”. 1In the absence of direct spectroscopic evidence for
a Ni[I] species, these cathodic waves are tentatively assigned to
stepwise reduction of the two azo methine linkages.

INTRODUCTION

A critical matter in interpreting the electron transfer reactions
of metal complexes is the identification of sites that undergo
significant changf_ﬁn the oxidation level upon passing from one redox
state to another. In the present study we are dealing with a
new class of macrocycles derived from the ligand 1,4-dihydrazino-
phthalazine. The synthesis of the dinickel macrocycle was reported by
Rosent. We have synthesized the dicobalt macrocycle and found that it
catalyzed the electrochemical reduction of oxygen in alkaline solutions.
In order to understand the electronic properties of the, macrocyclic
structure, the spectral and redox properties of Coztaph4+ and its
nickel analogue and that of 1,4-dihydrazinophthalazine (dhph) were
compared. A common solvent for these compounds was N,N-dimethyl
formamide in which high concentrations of the order of ™10 M could
be achieved for thin layer work. The sparing solubility of the Co[II]
macrocycle in 0.1M NaOH and the fast hydrolysis of the Ni[II] macrocy&ie
in alkaline solution prevented the thin layer spectroelectrochemical
study in this medium.

*See Part I
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EXPERIMENTAL

The Coptaph[NO3],-4H50 was-prepaged according to the
procedure given in an earlier report. The nickel analog was prepared
according to the literature except that Ni[NO3],-6H,0 was
used as the starting material. The IR spectra of the two macrocycles
were very similar and the solid samples were always stored in a vacuum
desiccator after thorough drying under vacuum. The DMF (ACS certified,
Fisher Scientific Company) used for electrochemical purposes was dried
over molecular sieves. The supporting electrolyte was 0.5M Et;NC10,
(G. Frederick Smith Chemical Company, Columbus, OH). The rest of the
procedure for thin layer work is the same as described in Part I. All
experiments were carried out under nitrogen. All potentials are
reported versus SCE. All spectra were recorded after the currents
reached a minimum value (i.e., till there was no change in the magnitude
of the current). At very negative potentials beyond -0.9V a residual
current was always noted, but at less negative potentials, the current
value reached almost zero while the potentials were constant.

The solutions of the macrocycles for spectroelectrochemistry were
prepared in the following way. Known volumes of the electrolyte 5 to 10
ml was deaerated for 2 hours in a teflon cell (see part I) and known
amounts of the macrocycles were dissolved in_the electrolyte to give
concentrations typically of the order of 10~

RESULTS

The Electrochemistry of the Macrocycles:

(a) The region between +1.0v and -0.4v:

The Coztaph4+ shows a broad oxidation peak around +0.7v and
a reduction peak at -0.3v (Fig. 1). Spectral changes corresponding to
the oxidation are shown in Fig. 2. The oxidation corresponds to a 4e”
process according to our controlled potential electrolysis data. (See
table I). The oxidized species could be reduced by 4e” at -0.4v. The
spectral changes observed during this reduction are shown in Figure 3.
The end product of the reduction is very similar to that of the starting
material. The cyclic voltammogram of the dinickel analog is shown in
Figure la. The electrochemical response is very similar to that of the
cobalt macrocycle. - The oxidation of the nickel compound was slow and
the electrolysis did not go to completion. Hence quantitative results
could not be achieved. However, the spectrum of the partially oxidized
species showed the same visible band that was observed in the cobalt
case.

(b) The region between 0.5v and -1l.4v:

A further excursion into the cathodic region in the case of Co,

taph4+ showed a large reduction at -1.2v [n=4]. On reversal new

*DOE Report, 1979-80.
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peaks appeared between -0.2v and -0.5v (Fig. 4 and 5). The spectral
changes observed during this reduction are shown in Figure 6.

In the case of the Nijp taph4+ the cathodic scan showed two
successive reductions, the first of which had a complimentary oxidation
peak, independent of the second reduction. (Fig. 7). The spectral
changes that occur during this reduction are shown in Figure 8. the n
value for the two reductions at -1.3v was found to be 4.

DISCUSSION:

In view of the similarity in the voltammetric behavior as well as
spectral changes, the oxidation of the cobalt and nickel macrocycles
seems to occur at the ligand. A further evidence is the fact that, dhph
when oxidized under the same conditions shows a visible band at 470 nm,
even through the extinction coefficient of this band for the oxidized
ligand is lower than what is observed for the cobalt macrocycle. The
cyclic voltammogram of dhph and the spectral changes observed during its
oxidation and reduction are shown in Figures 9 and 10. The oxidation
corresponds to an n value of 2 and the oxidized species can be reduced
by the same number of electrons. The same compund (dhph) shows a very
reversible behavior in alkaline medium. (Fig. 11). The reason for the
irreversibility in DMF could be due to the slow loss of protons whereas
in alkaline medium the deprotonation of -NH- groups facilitate rapid
charge transfer. The following scheme is proposed for the oxidation and
reduction of the ligand.

+ 2H+ + 2e”

’ N H_ _ H
N— =N D\ | N
7 < ~ /s N
H2N / NH2 H2N N NH2

N
N N

A behavior that could be compared to the electrochemistry of p-phenylene
diamine>. The same process conceivably occurs in the cobalt and the
nickel macrocycles as well. Even though the electrochemistry is
irreversible for the oxidation and reduction of the macrocycles, at
least in the cobalt case, we have found that the molecule can be cycled
between the oxidized and the reduced forms. The cathodic processes
remain unaffected by the anodic process. That was our reason for
studying the .electrochemistry in two parts, which are practically
independent of each other.

At -1.2v the 4e reduction observed for the cobalt macrocycle
results in the appearance of intense visible bands. After this
reduction the molecule does not show its original behavior. The
appearance of two new voltammetric peaks indicate the formation of a new
species.
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The following possibilities exist:

(1) The cobalt [II] centers are reduced to Co[I] followed by a further
reduction to Co[0]. But our spectral evidence” 1ndicates that the bands
at 485 nm grow in 1ntensity as a function of potential in a continuous
manner and at the end of complete electrolysis at -1.4v. the intensity
ceases to increase, but the bands to not show any further change.
Hence, reduction to the Co[O] state can be ruled out.

(2) The Schiff base linkages in the molecule are reduced by four
electrons and a more saturated molecule is produced. The intense
visible bands may be due to ligand to metal charge transfer. Only very
few examples for the electrochemical reduction of double bands of the
Schiff base linkages are known. It has been found that the.ease of
reduction depends on the polarity, and the protic nature of the solvent.
Also it is dependent on the nature of the macrocycle. 1In acetonitrile
the trans [14] diene Curtis macrocycle undergoes reduction at -2.7v
whereas some nickel macrocycles in CH30H show.Schiff base reductions
around -1.5v.

(3) .The elemental analysis of the cobalt macrocycle indicates that 4 to
5 water molecules are associated with each molecule of the macrocycle.
At very negative potentials -1.4v where the Schiff base reduction
occurs, local changes in pH might occur due to protonation of the
reduced macrocycle, resulting in the coordination of OH™ to the cobalt
centers. As reported for cobalt trans[l4] diene, when coordinated to
OH™ shows a redox couple due to Co[III]/Co[II] at negative potentials
-0.55v vs SCE.8

The behavior of the Ni[II] complex is different from what was
observed for the cobalt case. The first reduction has a complimentary
oxidation. Then second reduction is irreversible. During the process
of reduction intense visible bands appear whose intensities can be
diminished by switching to oxidizing potentials (-0.lv). It has been
reported that cyclic tetra macrocycles containing Ni[II] either give
Ni[I] complexes or metal stabilized ligand radicals, depending on the
nature of the ligand. 1In the absence of epr data it was not possible to
distinguish between a ligand radical and Ni[I] species. The high
intensity bands could be due to charge transfer from the ligand to
metal, if Ni[I] species are not involved. One striking feature about
the nickel complex is that the electrochemistry is not complicated by
the appearance of any new couples as 1is observed in the case of the
cobalt.
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TABLE 1

Thin Layer Spectroelectrochemical Data for Cogp taph(N0324.4 Hy0

POTENTTAL n* Amax, nm en Lem™!
350 16,000
+0.75 4 470, 350 11,700; 16,700
~0.75 4 | 350 16,00
-1.45 4 ‘ 485, 335 16,000; 17,000

Thin Layer Spectroelectrochemical Data for Ni, taph(NOj) .4 HéO

350 17,000

+0.75 a o 470, 350 (7): 17,800

-0.926 o 575,440,305sh 10,440; 11,000; 22,500
Reoxidized  -0.2 440, 350 5,500; 16,000
Rereduced at -1.48 b 440, 350, 300 15,200; 21,400; 28,000

Thin Layer Spectroelectrochemical Data for;dhph

340 ' 5,500
+0.75 2 540,460,340  1,000; 2,000; 7,500
-1.2v 2 340 6,000

a = an .n value could not be obtained due to extremely slow oxidation. The
partially oxidized species showed a band at 470 nm, but € was not
obtained. ‘

b = The Ni[II] macrocycle when reduced directly at -1.45v gave an n value of
4. '

* = The n values were obtained by controlled potential electrolysis of the

thin layer. [The volume of the thin layer cell was calibrated using
K3Fe(CN)g system.] Typically 3 to 4 electrolyses were carried out at
each potential and the n values reported have a maximum deviation of +
0.2. '
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Fig. 5.1.8.10(a). Thin layer spectra obtained during the oxidation of
dhph (cufvesﬁl to 6). Reduction of the oxidized species (7,8).
Concn: 1.5 x 1002 M. 1 =40.17 V; 2 = 40.26 V; 3 = +0.37 V;
+0.58 V; 6 = +0.68 V; 7 = -0.37 V; 8 = -0.67 V.
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Fig. 5.1.8.11(a)._ Cyclic voltammogram of "dhph" in 0.1M NaOH, when

adsorbed on an ordinary pyrolytic graphite disk.
Area: 0.458 cm2. Scan rates in mV/sec: 1 =
20; 2 = 50; 3 = 100; 4 = 200; 5 = 500.
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5.1.8 (b) Part IITI.ELECTROCATALYTIC PROPERTIES OF THE Fe(II) and Fe(III)
'~ COMPLEXES OF 'dhph'. (A PRELIMINARY REPORT)

Shantha Sarangapani, E.B. Yeager and F.L. Urbach

The Fe[II] and Fe[III1] complexes of dhph have been found to
catalyze the reduction of 09 to H90, by a series mechanism. The
complex was prepared by mixing equimolar solutions of dhph and an iron
salt, in methanol/water mixture. The complex when adsorbed on ordinary
pyrolytic graphite electrode shows activity towards oxygen reduction in
alkaline solutions. The disk and the ring currents are shown in Figures
1 and 2. A plot of 1/i (i=disk current) versus 1// f [f=RPM] shows
slopes dependent on the potential (Figure 3). A plot of the ratio of
the ring to disk currents versus 1/ f shows a common intercept and
potential dependent slopes, diagnostic of a series mechanisml.

Further work on the redox and spectral behavior of the iron
complexes are underway.
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Fig. 5.1.8.1(b).

O2 reduction in the presence of adsorbed Fe2(dhph)24+
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5.1.9 THE EFFECT OF IMPURITY ON SURFACE RAMAN SPECTRA
OF PYRIDINE ON AG ELECTRODE

B. C. Wang and E. Yeager

Recently, the study of the phenomenon of Surface—enhanced Raman has
been receiving a considerable amount of attention. Most of the
published papers have been concerned with mechanisms of the surface
enhancement and have attributed this enhancement to the adsorption of
molecules on the solid-solution interface [l1]. As is well known,
solution phase impurities exert a great influence on adsorption and it
has been shown, that even 10-9 M of impurities in solution could
form a monolayer on surface and change the surface properties
appreciably. However, theée problem of impurities has been largely
ignored in studies of the Raman effect to date. Therefore we have
studied the influence of impurities by measuring Raman spectra of
pyridine on Ag electrodes in 0.1 M KCI solution with water of varying
degrees of purity and KCI from different sources. This communication
reports some preliminary results of the investigation.

EXPERIMENTAL

The Raman Spectra of pyridine on the electrode surface were
measured using a Spex spectrometer (Ramalog) equipped with holograpruled
gratings. The light source was an argon ion laser (coherent radiation
CR-8) and the photon counting system contained a GaAs photomultiplier
(RCAC 31034) showing flat spectral response in the region of the
available lasers linés.

The electrochemical cell had one pyrex optical window for exciting
laser beam and for the detection of the Raman scattered light
perpendicular to the incident beam. The electrode was fixed to a
micrometer gauge shaft, an arrangement that enabled regulation of the
distance between electrode and optical window. The angle of incidence
of the radiation onto the Ag working electrode was adjusted by means of
the cell holder. The angle used in this work is 65°.

The potential of the working electrode was controlled with a
potentiostat (P.A.R. 173) and a waveform generator (P.A.R. 175). All
potentials are with respect to the saturated calomel electrode (SCE)
which was located in external compartment separated by a stopcock from
the bulk electrolyte. A ring of platinum wire was used as the counter
electrode. A Ag disc ( 0.2 cm2) embedded in a teflon rod served
as the working electrode. It was polished with AlL,0; powder (lum,
0.3um) to yield a mirror-like finish and carefully rinsed in distilled
water, and was finally cleaned in an ultrasonic bath. The 0.1 M KCI
elecrolyte was prepared using distilled water or pyrolysed water. The
KCI was from two sources: one from Fisher Scientific Company (certified
A.C.S.), another from JMC puratronic. The adsorbate was added to the
electrolyte in 0.01 M pyridine (Aldrich Chemical). KCI solutions were
deaerated by bubbling with nitrogen.
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For activation of the Ag electrode a single potential sweep (5 mV/s)
from -0.2V to +0.3V vs SCE was performed according to M. Fleischmen and

et al [2].

RESULTS AND DISCUSSIONS

Fig. 1 shows Raman spectra of pyridine on Ag in 0.1 M KCI solution
with different purity of water and different sources of KCI and their
change with potentials in both cathodic and anodic sweeping directions.
Fig. 2 displays the hysteresis of intensities for ring breathing mode of
pyridine at 1006 cm~l. The 0.1 KCI solution with JMC puratronic
and pyrolyzed water has least hysteresis. The hysteresis is most
pronounced in the case of Fischer Scientific Company KCI and distilled
water. This can be explained on the fact that, when the solution
contains more impurity, expecially heavy metals, and the Ag electrode
experiences more negative potentials, upd and.bulk deposition of some
metal ions can take place, thus changing the properties of the Ag
surface appreciably. Thus, pyridine adsorption was decreased, when the
potential was returned to initial values. Further evidence in favor of
this suggestion is that if the potential was held at -0.8 V for long
time in impure 0.1 KCI solution, pyridine intensities were bound to
decrease with time. In case of pure solution the adsorbed pyridine was
observed to keep its intensities when sweeping the potentials in both
cathodic and anodic directions from -0.2V to -0.8V. The hysteresis is
shown up more clearly, when sweeping the potentials in both directions
was repeated several times, for example three times. In pure 0.1 M KCI
solutions the intensities still remain unchanged, but in the case of the
Fischer Scientific compound with pyrolized water its intensities reduced
almost two times. Therefore we conclude, that hysteresis of Raman
intensities can be used as a measure of impurity in a solution.

From Fig. 1 it can be seen, that in the case of pyrolized water no
peak at 1025 cm~l was obtained. Fleischman et al. (3) assigned this
peak to chemical adsorption of pyridine to Lewis acid site. If one
accepts this suggestion, however, it is difficult to explain, why this
peak or Lewis acid site dissappears, when potential came back from
negative value to initial values. A. Regis et al. (4) have shown that
the pyridine adsorbed to AgCl gives peaks at 1025 ecm~l and 1052
em~l, and explain Raman enhancement by electronic resonance by
Clp.” radical. It seems for us more reasonable to assume, that the
peak at 1025 cm~l is due to adsorption of pyridine to AgCly, which
is forming during the oxidation—reduction cycle and is left on the
surface. When potential was swept to more negative value, this residual
AgCl is reduced to Ag completely, so that this peak disappears. In some
cases, whether impurity in solution hinders complete reduction of AgCl
at =0.2V or insufficient time is taken for complete reduction of AgCl,
the peak at 1025 cm~l can appear. When the electrode potential is
shifted to =-0.1V or 0.0V small amount of AgCl may be formed and the
peak at 1025 cm~l is observed.

Fig. 3 shows pyridine spectra, when Ag was subjected to progressive
rouglening. With increasing the oxidation-reduction cycles it was found,
that more and more AgCl was left on the surface and the peak at 1025

cn-l became more intense with.cycling.
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5.1.10 INVESTIGATION OF UPD AND BULK DEPOSITION OF METALS USING
SURFACE-ENHANCES RAMAN ON AG ELECTRODE

B. C. Wang and E.erager

In-situ surface—enhanced Raman spectroscopy offers intriguing
opportunities not only for detection and identification of adsorbed
species on the solid-solution interface, but for investigation of many
electrochemical processes. Most of the published work to date has been
concerned with the surface—enhancement of pyridine on Ag in KC1l solution
(1,2). It was shown (3), that Raman intensities are dependent on such
factors as surface preparation, the concentration of pyridine in
solution, the nature and concentration of the supporting electrolyte
anion and the electrode potential. On the other hand, nothing is known
about the dependence of the vibrational frequencies and intensities of
adsorbates on cations in solution. Frequency shifts of vibrational
modes during electrode processes like UPD and bulk deposition may give
some information about the substrate adsorbate interaction, the nature
of the adsorption site, and electronic and optical properties of the Ag
electrode surface. UPD and bulk deposition processes which are taking
place on a Ag electrode in conjunction with pyridine adsorption affords
an interesting opportunity for study of these processes by means of
induced change in intensity and frequency of the Raman signals of the
adsorbed pyridine. The present paper reports preliminary results of
Raman spectral changes of adsorbed pyridine on Ag upon addition of the
cations Cdt+, Tl+, and Pb+t+ to 0.1M KCl solutions.

EXPERIMENTAL

The Raman spectra were measured with a Spex spectrometer (Ramalog)
in combination with an argon ion laser (Coherent Radiation CR-8). The
spectral resolution of the monochromator was set to 2.5 ecm~l and the
integration time of the photocounting system was typically 0.53. The
polycrystalline Ag disc, serving as the working electrode, was
illuminated by the laser beam at a mean angle of incidence of 65° and
typical power at the sample was 80 mw at 514.5 nm. A detailed
description of the optical alignment and the electrochemical cell for in
situ Raman measurements has been given previously (4). Before each
measurement, the silver electrode (0.2 cm2 surface area) was polished
with Alj03 (1  um, 0.3 yum) and rinsed carefully in distilled
water and cleaned in an ultrasonic bath.

The potential of the working electrode was controlled using a PARC
173 potentiostat and a PARC 175 wave form generator. A ring of
platinum wire served as a counter electrode. All potentials are quoted
with respect to the saturated calomel reference electrode.

The electrolytes 0.1 KCl were prepared from JMC puratronic KCl and
pyrolyzed water. The adsorbate was added to the electrolyte in 0.07 M
pyridine (Aldrich Chemical). The electrolyte was deaerated by bubbling
N2 through the solutions.
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RESULTS AND DISCUSSION

Raman spectra of pyridine adsorbed on an Ag electrode in 0.1 M KC1
solution containing Cd+t (in form of CdCl2 added) in
concentrations ranging from 1.7 x 10-4 M to 7.3 x 10-4 M are
shown in Fig. 1. The frequencies of the ring vibration modes of
pyridine are not changed in the presence of the Cdtt cation. The
intensities of peaks at 1007 cm~l or at 1034 cm~l began to
decrease at -0.7V and dropped drastically at —-0.8 V with addition of
Ccdtt cations.

The voltammogram of the Ag electrode in solution with pyridine and
Cd+t+ cations present is plotted in Fig. 2. Curve 1 is the
voltammogram of the pure Ag electrode in 0.1 M KCl. Upon addition of
pyridine to the 0.1 M KCl solution the double layer capacitance of the
smooth electrode decreased a little because of pyridine adsorption.
After the oxidation-reduction cycle the surface area of Ag electrode
increased about 4-5 times and the adsorbed pyridine exhibits more fine
structure.

When Cd++ is added to the 0.1 M KCl solution a peak at ~0.6 V
was observed. According to the work of E. Schmidt et al. (5) on a Ag
electrode at a potential more positive than 0.15 V than the reversible
Cd/Ccd++ potential, the adsorbed layer of Cd was formed. At Er +
0.15 V > E> Er an alloy of Cd with Ag was formed. At -0.7 V it is
probable that the adsorption of Cd++ was completed, but the
intensity of Raman peaks was reduced only a little bit. One possible
explanation for this is that the adsorption of pyridine on the Ag
electrode is so strong, that Cd++ ions are unable to displace the
pyridine on the Ag surface. It is most likely that in the double layer
region, Cd++ ions are positioned outside the layer of adsorbed
pyridine and adsorbed Cd++ ions possess ionic character. Therefore,
the adsorption of Cd++ doesn't change the frequencies of pyridine ring
vibration modes. At -0.8 V Cd deposition takes place and optical and
electronic properties of Ag electrode are considerably changed. The
surface-enhanced Raman scattering from pyridine adsorbed on cadmium was
reported by Loo (6), but the enhancement factor was less than on Ag
electrode. Therefore, Raman intensities of pyridine at 0.8 V were
reduced but did not disappear.

Fig. 3 and Fig. 4 show Raman spectra for thecase where Tl ions were
added to 0.1 M KC1l, and the voltammograms of a2 Ag electrode in the
presence of pyridine and Tl+. In the case of Tl a 4-5 wave number
decrease of symmetric ring vibration made at 1006 cm-l was obtained.
This indicated that the Tl cation weakens the bond of pyridine to the Ag
surface. This can happen only when the concentration of Tl ions exceeds
5.7 x 1075 M in 0.1 M KCl. Below this concentration no frequency
shifts or intensity change occurs. From Fig. 4, UPD of Tl is seen to
occur at -0.6 V and bulk deposition at -0.9 V. From Fig. 3 at -0.7 V
and a concentration of 1.3 x 10-4 M Tl, Raman intensities were bound
to be decreased drastically, when a monolayer formation of Tl was
completed. It is likely that some Tl cations specifically adsorb on the
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Ag electrode and displace the adsorbed pyridine, and thus change
electrical field across compact double layet and shift the ring
vibration mode to less values. It is still not clear how many layers of
adsorbed pyridine contribute to surface—enhanced Raman. When the T1
concentration is 1.3 x 10-4 M a large decrease in Raman intensities
occurs only at -0.9 V, where the deposition of Tl takes place. At
concentrations greater than 1.3 x 10-4 M Raman spectra of pyridine
exhibit the normal dependence on potential and it may be assumed that
this is the Raman spectral behavior of Tl deposited on silver.

In the case of Pb no frequency shift of the ring vibration mode was
obtained in concentratins below 2.4 x 10-5 M PbtH+. 1In contrast
to Tl and Cd, a concentration of 8.4 x 10-5 M Pb+t+ depresses the
Raman signal of pyridine on Ag. This can be explained by the fact that
at 8.4 x 1075 M Pbtt+ a deposit of Pb is formed on the Ag surface
and no surface—enhanced Raman effect is observed on Pb. Thus the ring
vibration modes of pyridine disappear completely.

The investigations of UPD and bulk deposition in other electrolytes
and using other "probe" molecules are in progress.
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Fig 5.1.10.1. In-situ Raman spectra of pyridine on a Ag electrode in 0.1 M KCL so-
lution (JMC puratronic KCL with pyrolyzed water) with addition of
Cd** ions of different concentrations.
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5.1.11 IN-SITU AND EX-SITU MOSSBAUER SPECTROSCOPY STUDIES
OF IRON PHTHALOCYANINE ADSORBED ON HIGH SURFACE ARFA CARBON

D. A. Scherson,+ S. B. Yao* and E. B. Yeager

J. Eldridge, M. E. Kordesch®and R. W. Hoffman
Case Center for Electrochemical Sciences and the Department of Physics

ABSTRACT

The physical state of monomeric iron phthalocyanine (FePc) adsorbed
on high surface area carbons has been investigated by using ex situ and
in situ Mossbauer spectroscopy. EX situ measurements have indicated
that at relatively high loadings (P157 w/w) the spectrum is
characterized by two doublets: 1 0.39 + 0.01 mm s -1

(vs. oFe), A1 2.60 + 0.01 mm s™1; A2 0.35 + 0.02 splitting
for doublet 1 compare Tavorably with bulk FePc which is probably present

in the form of small crystallites dispersed in the support matrix. At
low loadings ( 3.5%Z) only doublet 2 attributed to FePc chemically bound
to the carbon surface was observed. The relative fraction of these two
iron species has also been shown to be sensitive to the specific method
of preparation of the sample.

In situ Mossbauer experiments have indicated that the quadrupole
splitting decreases about 15-20% upon immersion of the electrode in an
alkaline solution, corroborating earlier results obtained by this group.
Further evidence concerning the formation of an octahedral complex with
OH™ bound in an axial position was obtained by in situ measurements at
pH 0. In this case the magnitude of the quadrupole splitting was larger
than that obtained in basic operation.

Conventional oxygen reduction polarization curves with fuel cell
type electrodes prepared from Mossbauer characteriz