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ABSTRACT

This thesis is concernedwith an investigation
of the anodic behaviourof ruthenium and iridium in
aqueoussolution and particularly of oxygen evolution
on thesemetals. The latter processis of major
interest in the large-scaleproduction of hydrogen gas
by the �e�l�~�c�t�r�o�l�y�s�i�s of water.

The presenceof low levels of ruthenium trichloride
-4 -3ca. 10 mol dm in acid solution give a considerable

increasein the rate of oxygen evolution from platinum
and gold, but not graphite, anodes. The mechanismof
this catalytic effect was investigatedusing potential

step and a.c. impedancetechnique. Earlier suggestions
that the effect is due to catalysisby metal ions in
solution were proved to be incorrect and it was shown
that ruthenium specieswere incorporatedinto the

surfaceoxide film. Changesin the oxidation state
of theseruthenium speciesis probably responsiblefor
the lowering of the oxygen overvoltage. Both the
theoretical and practical aspectsof the reaction
were complicatedby the fact that at constantpotential
the ratesof both the catalysedand the uncatalysed
oxygen eVOlution processesexhibit an appreciable,
continuousdecreasewith either time or degreeof
oxidation of the sUbstrate.

The anodic behaviourof iridium in the oxide
layer region has been investigatedusing conventional
electrochemicaltechniquessuch as cyclic voltammetry.
Applying a triangular voltage sweepat 10 Hz, 0.01 to
1.50 V increasesthe amount of electric charge which
the surface·canstorein the oxide region. This

activation effect and the mechanismof charge storage

�.�~



is discussedin terms of both an expandedlattice theory

for oxide growth on noble metals and a more recent theory

of irreversible oxide formation with subsequentstoichio­

metry changes. The lack of hysteresisbetween the anodic

and cathodic peaks at ca. 0.9 V suggeststhat the process

involved here is proton migration in a relatively thick

surface layer, i.e. that the reaction involved is some

type of oxide-hydroxidetransition. Lack of chloride

ion inhibition in the anodic region also supports the

irreversible oxide formation theory; however, to account

for the hydrogen region of the potential sweep a compromise

theory involving partial reduction 0f the outer regions of

iridium oxide film is proposed. The loss of charge storage

capacity when the activated iridium surface is anodized

for a short time above ca. 1.60 V is attributed to loss

by corrosionof the outer active layer from the metal

surface.

The behaviourof iridium at higher anodic potentials

in acid solution was investigated. Current-timecurves

at constantpotential and Tafel plots suggestedthat a

change in the mechanismof the oxygen evolution reaction

occurs at ca. 1.8 V. Above this potential, corrosion of

the metal occurred, giving rise to an absorbancein the

visible spectrumof the electrolyte (A = 455 nm). It
max 2+

is suggestedthat the speciesinvolved was Ir02. A

similar investigation in the caseof alkaline electrolyte

gave no evidencefor a change in mechanismat 1.8 V and

corrosion of the iridium was not observed. Oxygen

evolution overpotentialswere much lower for iridium

than for platinum in both acidic and alkaline solutions.
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CHAPTER I

INTRODUCTION
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In the field of electrochemistryinterest is often
centredon phaseboundariesand in particular on the
interfacebetweena metal and an electrolytic solution.
The propertiesof the electrolytenear the interface
differ from those in the bulk of the solution. There
is normally an electric field acrossthe interface,
the magnitudeand direction of which dependsnot only
on the metal and the electrolyte but also on any current
which may be flowing from one phaseto the other. If a
current is flowing a change in mechanismfrom ionic
conduction through the electrolyte to electronic
conduction through the metal occurs at the interface
and is accompaniedby chemical changes. These chemical
changesmay consist of any of a wide variety of electro­
chemical reactions. Examples include the electrodeposition
of metal by reduction of the correspondingions, the
corrosionof metal from the electrodesurface, and the
oxidation of water with the formation of oxide species
on the electrodesurfaceand the evolution of oxygen gas.
This thesis is concernedparticularly with the latter
type of reaction. However, some appreciationof the
propertiesof the aqueouselectrolyte/metalinterface
is prerequisiteto an understandingof any electrode
processin aqueoussolution. A survey of these
propertieswill thereforebe given in this chapter.

1.1. The Electrical Double Layer

Under equilibrium conditions in the bulk of the
electrolyte the time-averagedforces experiencedby a
particle such as an ion or a water molecule are iso­
tropic. The �p�o�s�~�t�i�v�e and negative ions are equally
distributed so that in any macroscopicregion of the
electrolyte there is overall electroneutralityand

there is no overall preferredorientationof dipoles.
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A different situation arises, however, near the interface

between the electrolyte and the metal. Here a particle
interactswith both the metal and the electrolyte and
the forces it experiencesare therefore,in general,
anisotropic �~ those in the direction of the phase
boundary are different from those in the direction of
the bulk electrolyte. Thus both positive and negative
ions in the interphaseregion will experiencenet
forces and so a build-up of chargeoccurs on the
electrolyte side of the boundary. This charge build-
up induces an equal and oppositechargeon the metal
so �t�h�a�t�~�e�c�t�r�o�n�e�u�t�r�a�l�i�t�y of the interphaseregion as
a whole (both sides of the interface) is preserved.
However, since each side is charged, an electric field
exists acrossthe interface. Due to their dipolar
character,water moleculesat the interface tend to
align themselveswith this field. Indeed,evenin the
absenceof an electric field,thesewater molecules tend
to orient themselvesin a preferreddirection due to the
assymmetryof the forceS acting on them. Thus arrays

of chargedparticlesand oriented dipoles exist at the
interface. This situation is usually referred to as
the electrical double layer (or simply as the double
1ayer),aterm derived from an early model of the
interphase.

1.2. Electrical PotentialsAcross Interfaces

The double layer at a metal/electrolyteinterface
may be discussedin terms of two fundamentalaspects,
an electrical aspectand a structural aspect. The
electrical aspectis concernedwith the magnitudeof
the excess-chargedensity on each phaseand the
electrical potentialdifference across the interface.
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Consider the problem of measuringthe potential
difference acrossthe interface.- This measurementmay
be attemptedby means of a potential-detectingdevice
such as a high impedancevoltmeter. However both
terminals of the meter are composedof metal �a�n�~ even
if this metal is the same as that of the electrode
under investigation, at least one other phaseboundary
must still be created, i.e. a contact betweena meter
terminal and the solution, in order to obtain a
deflection. Now this new interfacewill also have
a potential difference associatedwith it which will
be included in the measurement. Therefore it is
found that whereasthe intention was to measurethe
potential acrossone interface, the best that can be
achieved is a measurementof the sum of the potentials
acrosstwo interfaces. If the problem is pursued
furtherl it is found that, in general it is not possible
to measurethe potential acrossa single metal/electrolyte
boundary.

Even though it may not be experimentallydeterminable,
it is useful to analysethe difference in electrical
potential acrossa metal/electrolyteinterface in some
detail. In more precise terms, this may be defined as
the difference in electrical potential betweena point
in the bulk of the metal and a point in the bulk of the
electrolyte. In a general context the electrical
potential of any point is defined as the energy required
to overcomeelectrical forces in transportingunit
positive charge from infinity in vacuum to the point.
If this definition is applied in an experiment to
determinethe potential of a point in the bulk of
either the metal or the electrolyte, the resulting
potential is called the Galvani potential or the inner

potential. However, the experiment is purely hypothetical
becausethe test chargewill not only disturb the charge
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distribution in the interior of �~�h�e phasebut will also
experienceforces of a chemical nature. If the Galvani

potential of the metal is <Pm and that of the electrolyte
is <Ps then the Galvani potential difference �(�~�<�P�) between
them is defined as

This is a measureof the absoluteelectrical potential
difference across the interface. Again it is not an
experimentallydeterminablequantity since Galvani
potential is defined by a hypothetical experiment.

The problem of interaction between the test charge.
and the phasematerial is avoided if the potential is
defined at a point not within the phasebut close to
the surface and just outside the range of interference
forces. The Volta or outer potential �(�~�) is defined as
the work required to transportunit positive charge
from infinity to such a point. According to Grahame2

it may be defined alternatively in the caseof a metal
as the potential of a cavity in the metal with a small
exterior opening.

The Volta potential differs from the Galvan!
potential if a potential difference exists between
the interior and the surfaceof the phase, as is often
the case. This difference in potential3 is called the
surfacepotential or dipole potential (X). It occurs,
for example, when there is orientationof polar solvent
moleculeson the surfaceor when the centre of gravity
of positive chargedoes not coincide with that of
negativechargeon the surfaceof the �m�e�t�a�l�~ Thus

• = 111 + X
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The Volta potential difference �(�~�$ = �~�m - $s) is
measurable.4 ($m is the Volta potential of the metal

.and $s that of the electrolyte). However this is
generally not the absolute�p�o�t�e�n�~�i�a�l difference across
the interface since �~ does not refer toapoint in the
bulk phase. It is related to �~�$ by the expression

1.2.1.

where 6X = Xm - Xs' (m referring to metal and s to
electrolyte).

Changesin potential difference acrossa single

interface can be measuredeven though the absolutevalue
of potential difference cannot. The potential acrossan
interfacemay vary if, for example,currentis passedand
this variation may be measuredby observing the potential
between the electrodeunder investigation (the working
electrode) and a non-polarizablereferenceelectrode
through which the current also passes. An exampleof
such an electrodeis found in two electrodepolarography
where the calomel electrodefunctions as both anode and
referenceelectrode, its potential remaining essentially
constantfor the passageof small currents. Alternatively
the current may be passedbetweenthe working electrode
and a counter-electrodewhich may be subject to
considerablepolarization, if the potential is measured
againsta third electrode (referenceelectrode) through
which no current is passed. Thus when referring to the
potential (E) of an electrode,what is meant is the
potential of a cell consistingof that electrodeand

some standardreferenceelectrode.

�.�~
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1.3. Interfacial Tension and the Potential of Zero-charge

One property which yields considerableinformation on
the structureof the double layer is the interfacial tension.
This property of interfacesbears the same relationshipto
surfaceas pressuredoes to bulk volume. It may be defined
as the increasein surface energy per unit increasein
surfacearea. Work has to be done against interfacial

tension in order to change the area of the interface just
as.it has to be done againstpressureto change the volume"
of the bulk phase.

The interfacial tension of a liquid/liquid interface
is easily measured6 but that of a solid/liquid interface
is not. This had led to an emphasison the use of mercury
as an electrodematerial in double layer investigations.
Mercury is preferredfor other reasonsalso: a liquid
surface is more reproducible; fresh surfacecan be
continuouslyexposedby the use of a dropping mercury
electrode, thus reducing contaminationproblems; and
the aqueouselectrolyte/mercuryinterface is ideally
polarizable (i.e. it passesno current) over a fairly
wide range of potentials. This interfacemay therefore
be regardedas a relatively simple one, the study of

which helps in understandingthe behaviourof more
complex interfaces. If the interfacial tension (y)

of an aqueous-HCl/mercuryinterface is plotted against
potential (E), a graph of the type shown in Figure 1.1
is obtained. This is called an electrocapillarycurve
after the method of measurement.' A maximum of inter­
facial tension called the electrocapillarymaximum
(e.c.m.) is observedat a particular potential E �~
" 0
It can be showns by thermodynamicargumentsthat at"
constanttemperature(T) pressure(P) and composition (c)

= m
- q
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where qm is the chargedensity on the electrode. Thus

the slope of the y versus E curve (Figure 1.1) at any
value of E is the chargedensity (qrn) on the electrode
at that potential. In particular,since the slope at
Eo is zero,there is zero-chargedensity on the electrode
at this potential. It is thereforeknown as the potential
of zero-charge(p.z.c.} and is a fundamental reference
point in studiesof electrified interfaces.2 At the p.z.c.
the Volta potential difference across the interface is
zero �(�~�~ = 0) and therefore from equation1.2.1

=

Thus the potential difference across.the interface is
not necessarilyzero at the p.z.c.

1.4. Differential Capacitanceand the Structureof
the Double Layer

Information about the structureof the double layer
may also be obtained from capacitancemeasurements. The
differential capacitanceof the interface is defined

c = �6�~
(6E )constant

composition

As already statedqm may be obtainedby differentiation
of the y versus E curve and C may thereforebe obtained
by a further differentiation. Alternatively it may be
measuredelectrically, usually by alternatingcurrent
methodswhich are particularly useful in the caseof
solid electrodes.
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Various models of the double layer have been proposed
to explain the variation of capacitanceand interfacial
tension with potential. The degreeof successof
particular models in this regard will not be discussed
here in detail but the modern qualitative picture based
on a model by Grahame2 ,7 will be described.

The double layer may be consideredin terms of
three main regions: (a) the metallic phase, (b) an
inner layer of a few molecular diametersin thickness,
and (c) an outer or diffuse layer which extends from the
inner layer into the bulk solution. In general there will
be an excesschargedensity qm on the metal which may be
negative (an excessof electrons) or positive (a deficiency
of electrons). This chargewill reside at the surfaceof
the metal in a very thin layer that for practical purposes
may be regardedas two-dimensional. The quantitativevalue
of qm has well-defined thermodynamicsignificance8 and may
be estimatedfrom measurementsof interfacial tension as
describedearlier.

As indicated in Figure l.2,the region of the electrolyte
nearestthe metal is called the inner layer (alternatively
the compact, rigid, Helmholtz or Stern layer). It contains
water moleculesand sometimesother neutral molecules
adsorbedon the electrodesurface. Some sites on the
electrodesurfacemay, on occasion,be occupied by
specifically adsorbedions, particularly anions. The
locus of the centresof these ions is called the Inner
Helmholtz Plane (IHP), also called the Helmholtz Plane.
The chargedensity resulting from ions in the IHP is
usually denotedby qi and the distanceof the IHP from

the metal surface by Xl, which is approximatelyequal to
the radius of the ion which is specifically adsorbed.
There is not general agreementon the detailed nature
of the forces of interaction between the ions and the
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metal which bring about specific adsorption. However

experimentsseem to suggestthat'someions are speci­
fically adsorbedwhile others are not. Whether or not
an ion is specifically adsorbeddependson the properties
of the individual ion. Some authors2 ,9 have postulated
a covalent bond betweenthe ion and the electrode
surface. More recently, however, doubt has been thrown
on this explanationand both electrical image energy1 0

and the degree and type of ionic solvationll ,12 have
been suggestedas the controlling factors. �.�~

Regardlessof the mechanismof specific adsorption,
it is generally agreedthat,before an ion can penetrate
into the inner layer and be adsorbedat the IHP,it must
lose its solvation sheath,atleast in the direction
toward the metal. If the interactionwith the metal
is not strong enough to bring about desolvation, the
hydrated ion may be adsorbedat a distanceX2 from the
metal (X2 > Xl) as indicated by the shadedclusters in

Figure 1.2. As pointed.outearlier,the electrodeitself
is hydrated so that the hydrated ions adsorbedat the
electrodeare generally regardedas separatedfrom the
metal surfaceby this inner solvent layer. The locus
of the centresof these ions is called the outer
Helmholtz plane (OHP) and sometimesthe Gouy Plane.
Unlike the specific adsorptionin the IHP, ions in the
OHP are held at the electrodeby simple coulombic forces
which are independentof chemical propertiesbut depend
rather on the ionic charge. This is sometimescalled
non-specificadsorption.

Not all of the non-specificallyadsorbedions are
located on the OHP. Rather there is a gradual transition
from the concentrationin the OHP to the equilibrium
concentrationin the bulk solution and this transition
region is called the diffuse layer. The diffuse character
of this layer is due to thermal agitation which provides
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a disordering influence opposedto the ordering effect

of the coulombic forces. The net effect is an "ionic

atmosphere"similar to that surroundingan ion in bulk

�s�~�l�u�t�i�o�n�. In fact the behaviourmay be describedby

equations1 3 which greatly resemblethe Debye-Huckel

equationsfor an electrolyte. The excesschargedensity

in the diffuse layer (qd) is expressedin units of charge

per unit area of interface but is really three-dimensional.

It is essentiallythe total excesscharge on a column of

solution of unit cross-sectionalarea extending from the

OHP into the bulk solution.

The interfacial region as a whole must be electrically

neutral and therefore the chargeon the metal must be
balancedexactly by the total charge (qs) on the solution

side of the interface, i.e.

s-q = i d-(q +q )

Since the thicknessof the inner layer is extremely small

{a few molecular diameters),the thicknessof the entire

double layer is essentiallygiven by the thicknessof the

diffuse layer. The perturbationof chargedistribution

in the electrolytewhich occurs inside the diffuse layer

dies out quite rapidly with increasingdistancefrom the

electrodesurface. For example 99.99% of the diffuse
layer perturbation�o�c�c�u�r�s�l�~ within a thicknessof less

-Ithan 10 nm in the caseof 10 M electrolyte; the thickness

increaseswith decreasingconcentrationand in the caseof
-6

10 M electrolyte is of the order of 1 �~�m�. Thus the double

layer at a metal/electrolyteinterface is relatively thin•.
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1.5. Equilibrium Electrode Potential and the
Thermodynamicsof ElectrodeProcesses

The discussionso far has been concernedwith the
propertiesof the interface under conditions where there
is no charge transferacrossit. However charge transfer
occurs acrossmany metal/electrolyteinterfacesand the
resulting chemical transformationsare a prime concern
of electrochemistry. Whether or not a particular charge
transferprocessoccurs dependsboth on thermodynamic
and on kinetic factors, i.e. it dependsboth on the free­
energy difference between initial and final statesand on
the existenceor non-existenceof a mechanismwith a free
energy of activation low enough for the processto occur.
The thermodynamicaspectsare discussedin this section
and the kinetic aspectsin Section1.6.

The free energy changeoccurring when a charged
speciestransfersfrom one phaseto anotherdepends

both on chemical and electrical factors. The
chemical potential (Pi) of an unchargedspeciessi in
a particular phase, at temperatureT and pressureP,
is defined1s by the expression

=

where G = the free energy of the phase
ni = the no. of moles of si in the phase
nj = the no. of moles of any other

component in the phase

and is a measureof the work expendedper mole in bringing
the speciesfrom an infinitely dilute gaseousphase into

the given phase. : For the analogoustransferof charged
particleswork must be expendedto overcome not only the
dispersionand chemical forces but also the electrical
ones. The total work is measuredby a quantity (introduced



- 14 -

by Guggenheiml
) known as the electrochemicalpotential

�(�~�)�. It is related to the chemical potential �(�~�) by the

equationl6

-p = p + �z�F�~ 1.5.1.

where z = chargeon particle in units of electronic charge

F = Faraday'sconstant

, = Galvani potential of the phase.

Whether or not the net transferof a chargedspeciesA

is possibleon thermodynamicgrounds dependson the

electrochemicalpotential of A in each of the phases

involved.

For an interface at equilibrium the free energy

changeassociatedwith the transferprocess

d G = 0

and this condition is satisfiedwhen

-m
�~�A = -s

�~�A 1.5.2.

-m -swhere �~�A and �~�A representthe electrochemicalpotential

of A in the metal and electrolyte phases,respectively.

The speciesA may be an ion or an electron. An example

of the former case is Cu
2 + in the process

atacopperelectrodein aqueouselectrolyte. An example

of a processwhere A is an electron is

+ e

at a platinum electrodein aqueouselectrolyte. Using

equation1.5.1 to substitutefor �~ in equation1.5.2

+ = s
�~�A +
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where the superscriptsm and s representmetal and
electrolyte respectively. Therefore,

�~�s = =

i.e. the difference.inGalvani potential �(�~�~�) between
the metal and the electrolyte is exactly balancedby

the correspondingdifference �(�~�~�~ in the chemical
potential of A.

As discussedin Section 1.2 it is not possible to
measurethe potential of an electrodewith respectto
the electrolyte but it is possible to measureit with
respectto a referenceelectrode. What is being
measuredthen is really the potential of an electro­
chemical cell. If the equationsof the half-reactions
correspondingto the electrodeprocessesdEthiscell are
combined,±heresult is the equationof the overall
chemical reactionwhich will occur if current is drawn
from the cell. If this current is small so that the
reaction can occur reversibly the electrical work done
on the external circuit must equal the free energy
decreasein the cell due to reaction. Thus

�~�G = - w = -nFE

where w = electrical work done,
n = number of electronstransferredin the

overall cell reaction,

F = Faraday'sconstant,

E = potential difference between the electrodes,
�~�G = free energy changeof the reaction.

This relationshipmay also be expressedin terms of

chemical potential, viz.

1.5.3.
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where vi are the stoichiometric factors of the components

inthe equationof the cell reactionwith positive vi for

products and negative vi for reactants. If the actual

direction of spontaneousreaction is as written, �~�G will

be negative and so positive E is obtained; likewise if

the reaction cannot occur spontaneouslyas written

negative E is obtained. If the conventionl7 (Stockholm,

1953) of writing the reaction in the direction corres­

ponding to reduction at the test electrodeis adopted,

�t�h�~ sign obtained for electrodepotential will be the

actual polarity of that electrodewhen measuredwith

respectto the reference.

Since the chemical potential of any speciesin a

given phasedependson its activity, the potential of

any cell dependson the activities of the potential­

determining species. Since conditions at the reference

electrodeare constantby definition, only changesin

the activity of potential-determiningspeciesat the

test electrodeneed be considered. The chemical

potential �(�~�) of a speciesof activity a in a given

phase is

�~ = �~�o + RT In a 1.5.4.

where �~�o = the chemical potential of the speciesat unit

activity. If equation1.5.4 is substitutedin equation

1.5.3. we obtain

E = + RT �~ 1
F

�~ v, n a
J
,

n j J

where E = the potential of the test electrode

EP= the standardpotential of the test electrode

(i.e. the potential at unit activity of

potential-determiningspeciesSj at the

electrode)

and v, is positive for �o�x�i�d�a�n�~�s and negative for reductants.
J
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This relationshipbetweenelectrodepotential and
concentrationof electroactivespeciesis known as
the Nernst equation.

Electrodepotentialsare frequently quoted with
respectto the hydrogen electrode (HE). This consists
of platinized platinum .immersedin an aqueoussolution
through which hydrogen gas is bubbled at I atmosphere
pressure. The electrodereaction is

The potential of the hydrogen electrodevaries with

pH according to the Nernst equation. Since the
potential of the oxygen electrodevaries with pH
in a similar manner, a hydrogenelectrodein the
same solution as the working electrodeis often
used as a referencein oxygen electrochemistry.
Alternatively potentialsmay be quoted with respect
to the standardhydrogen electrode (SHE), i.e. with
respectto a hydrogen electrodein a solution of unity
hydrogen-ionactivity (pH = 0).

1.6. Electrode Kinetics

If a reaction is feasible on thermodynamicgrounds,
kinetic factors determinewhether or not it can occur.
Any electrochemicalreactionat the metal/electrolyte
boundary involves an electron transfer process.
Sometimesthe reactionwill involve more steps than
one, not all of which necessarilyinvolve electron
transfer. The rate-determiningstep may be either
chemical (involving no electron transfer) or electro­
chemical (electron transfer). The rate constantfor an
electron transfer step is dependenton the potential of
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the electrode. This may also affect the rate of a
chemical step indirectly by changing the concentration
of intermediatesat the electrodesurface. Thus a
change from one rate-determiningstep to anothermay
occur as a result of changing the potential. Therefore,
an understandingof the effect of potential on electron
transferprocessesis central to electrodekinetics.

Consider a simple electron transfer betweenthe
metal and a speciesA in solution bringing about the
transformation

1.6.1.

+ 0*
Let �~�G�z be the standardfree energy of activation for
the cathodic process (i.e. transferof an electron from
the metal to A) when there is zero potential difference
acrossthe interface. Then, in terms of the transition
state theory, the rate of electron transfer to A is

= kT11 aA exp {-
0*

�~�G�z }
RT

1.6.2.

where k = Boltzmann'sconstant
T = Temperaturein degreesKelvin
h = Planck'sconstant

aA = Activity of A at interface
R = Gas constant

Since a charge transfer processis involved the standard
+ 0*free energy of activation �~�G dependson the potential

acrossthe interface. Let the solid line in Figure 1.3
representthe free energy profile when there is zero
potential acrossthe interface and let the broken line
representthe correspondingprofile in the presenceof
a positive potential �~�~ on the metal with respectto
the solution. As the discussionis concernedonly with
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changesin free energy of activation the standardfree

energy of the reactantsmay be depictedas equal in

both cases. Then since the conversionof reactant

to product involves the transferof an electron, the

standardfree energy of the product will be increased

by �F�~�~�. The change in the standardfree energy of the

transition state is expectedto be intermediateto that

of reactantand product and will be representedas

�a�F�~�~ where O<a<l. Thus

.... 0*
�~�G = 1.6.3.

<.

and therefore the rate of electron transfer to A under

the influence of the potential difference �~�~ can be

written

= kT- a exp {­h A

and on substitutionfrom 1.6.3 and 1.6.2

= exp {- �a�F�~�p }
RT

....
This rate ve is the number of moles of electronstransferred

per unit time per unit area of the interface. Thus, the

cathodic current density

....
i -=

....
=:. F V z exp {- �a�F�~�~

RT
} 1.6.4.

(In the remainderof this discussion"current density" is

abbreviatedto "current").

A similar treatmentmay be applied to the anodic

reaction, i.e. electron transfer from B to the electrode.
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As seen from Figure 1.3 the standardfree energy of
activation in this case is

=

and therefore the anodic current

+
i = +Fv expz

When no net current is flowing across the interface a
dynamic equilibrium exists where the cathodic current
�~ +
iA'e is exactly balancedby ,the anodic current �i�~�'�e

= 1.6.6.

where i o is termed the exchangecurrent density. Under'
these (equilibrium) conditions there is a potential �~�, e
on the electrodewith respectto the solution. The
overpotentialn of the electrodewhen its potential is
A, with respectto the solution is defined

1.6.7.

i.e. it is a measureof how far removed the potential is
from its equilibrium value. If a net current i is flowing
acrossthe interface

Here the cathodic current is taken as positive since it
correspondsto the forward direction of reaction 1.6.1
which is written as a reduction in accordancewith the
Stockholm convention.l7 Substitutingfor A, from 1.6.7
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+ �a�F�6�~�e F
1 { ( )}{ ( an)}= Fvz exp - RT . exp - RT

- Fv {expz
�(�1�-�a�)�F�6�~�e }{exp

RT
(l-a)Fn

RT
}

But from equations1.6.4 and 1.6.5.

+ + aF6Pe
�i�6�~ = FVz exp {- }

RTe

+ + �(�1�-�a�)�F�6�~�e
�i�6�~ = FVz exp { }RTe

Therefore

i ==
aFn + .

exp {- RT} - �i�6�~ exp
e

{ (I-a) Fn }
RT

Substitutingfrom equation1.6.6

1 == i o (exp {- aFn } _ exp
RT

{ (l-a)Fn
RT } ) 1.6.8.

Equation 1.6.8 is often referred to as the Butler-Volmer

equation. It shows how the current density across the

interfacedependson the overpotential.

1.7. The Mechanismof Electron Transfer

In the derivation of equation1.6.8 the actual

mechanismof electron transfer was not discussed. This

will now be considered. Becauseof the small mass of

electronstheir wave propertiessometimesmanifest
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themselvesand one consequenceof this is that electrons
may have a finite probability of ·being found in classi­
cally forbidden regions. Thus electronscan tunnel
through potential energy barrierswhich they could not
otherwiseovercome. It can be shown by an approximate
calculation18 that in the caseof an electron traversing

-1
an energy barrier of 1 eV (96.45 kJ mole ) and of width
0.5 nm, the probability of electron tunnelling is much
greater than that of overcoming the barrier at 250 C.
Since this barrier is of the same order as those thought
to be involved at the electrodesurface, it would appear
that electron transfer in electrochemicalreactions
occurs by a tunnelling mechanism.

The probability of occupationP(E) of an electronic
stateof energy E in the metal is given by the Fermi
distribution function.

1
P(E) ==

'. 1 + exp { (E-Ef ) /kT}

where k
,.,

E f

==

==

Boltzmann's'constant
temperaturein degreesKelvin
the Fermi level of the electronsand
correspondsto the electrochemicalpotential
�~�e of electronsin the metal. .'

,.,his �i�m�p�l�i�e�~�9�t�h�a�t most of the free electronsin the metal
have energieswhich differ from Ef by less than kT. The
correspondingenergy (Er ) of an electron in solution is
the energy required in the process

A + e _ .....�:�.�~ B

where A and B are as in equation1.6.1 and the electron
is brought from vacuum at an infinite distancefrom the

�~�.
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solution. Both A and B undergo changesin configuration

due to vibrations and rotationswith correspondingchanges
in the value of Er • A condition for electron tunnelling
is that it occur betweenstatesof equal energy.20 Thus

for the reaction to occur the configurationsof A and B

must be such that Er is equal in energy to an appreciably
populatedelectronic �s�~�a�t�e in the metal, i.e. one having
an energy within about kT of Ef • Furthermore,according
to the Franck-Condonprinciple21 the instantaneous
configuration of A and B must remain constantduring the
electron transfer processso that a given value of �E�~

correspondsto a preciselydefined arrangementof atoms
in A and an identical one in B. Thus electron tunnelling
can occur only when the electron acceptor (A) or donor (B)
is in a suitably excited state and we may regard the energy

involved in this excitation as the activation energy assumed
in Section 1.6. Since a change in potential difference
acrossthe interface changesthe relative values of Ef
and Er , this activation energy is potential dependent.

1.8•.Consequencesof the Butler Volmer Equation

Equation 1.6.8 refers to a simple one-electrontransfer
process. However electrochemicalreactionsoften involve
several stepsone of which is usually rate-determining. If

n electronsare transferredin the reaction and if the rate­
determining step must occur v times for the overall reaction
to occur once, the current-overpotentialrelationshipmay
be expressed22 in a more general form of the Butler-Volmer
equation.

-=.,

i = anFni {exp (- ----) -o vRT exp (l-a)nFn
vRT } 1.8.1.
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Some limiting casesof equation1.8.1 will now be considered.

(1) At large positive n the first exponential term is

neglibibly small so that

i = - i exp { �(�l�-�~�)�n�F�n }
o vRT

• •

In Iii

n

=

=

In i o +

vRT
(l-a)nF

�(�l�-�~�)�n�F�n

vRT

vRT
In i o + (l-a)nF In i

= a + b 10glO Iii 1.8.2.

where

a =

b =

2.303 vRT
(l-a)nF

2.303 vRT
(l-a)nF

Equation 1.8.2 is known as the Tafel equationand indicates

a linear relationshipbetweenoverpotentialand log Iii at

high overpotential. Experimentally this is often so at

overpotentialsgreater than about 100 mV. A graph of n

versus log i is often referred to as a Tafel plot. From

such a plot the coefficients a and b may be obtainedand

these in turn yield values of i and (l-a)/v. Similarly
o

at large negativeoverpotentialsa Tafel plot is obtained

from which i o and a/v may be evaluated.

(2) If the exponentsin equation1.8.1 are expandedonly

the firsttwo terms need be consideredif

n « vRT
anF
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Thus

1 = i o {I anFn 1
(l-a)nFn }

vRT vRT

i nFn
0=

�v�~

and therefore

vRT
n = - { }ii nF

0

This shows that overpotential is proportional to
current at low overpotential. (The negative sign
arisesbecauseanodic overpotentialand cathodic
current are both taken as positive). The proportio­
nality constantcorrespondsto an ohmic electrical

resistance

=
vRT

i nFo
1.8.3.

and has been designated23 the charge-transferresistance.
If Rc is large, a small current will causean appreciable
overpotentialwhereasif Rc is small the potential will
not changeappreciablyfrom its equilibrium value when
a small current is passed. Thus the charge-transfer
resistanceis a measureof the polarizability of an

electrode. Equation 1.8.3. shows that the greater i o '
the less polarizable is the electrode.
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1.9. The Oxygen Electrode

The oxygen electrodeas first used by �G�r�o�v�e�2�~

consistedof a piece of platinized platinum gauze

immersed in an acid solution. Oxygen was bubbled

over the gauze and the potential was measuredagainst

a hydrogen electrode�i�~ the same solution. Grove

showed that current could be drawn from this

combinationof electrodes. He also showed that if

current was passedthrough a cell consistingof two

platinum electrodesin acid solution oxygen was

evolved at the anode and hydrogen at the cathode.

The electrodereaction for the oxygen electrode

in acid solution is

�~�'�.

+ +

If this is coupled with a hydrogen electrode

the overall reaction requiring the transferof two

electronsis

ls02 (g) . +

The standardpotential E of the oxygen electrode

is thereforegiven (see Section 1.5) by

= -.

where �~�G�~�(�H�2�0�,�l�) is the standardfree energy of formation

of liquid water. The acceptedcalorimetric value25 for
o -1 -1

�~�G�f (H20'1) �.�~�s -238 kJ mole (-56.9 kcal mole ) which

according'toequation1.9.1 yields a value EO = 1.229

volts. With a few notable exceptionswhere unusual

activation conditions were employed:6 ,27,28 the
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attainmentof this theoretical �p�~�t�e�n�t�i�a�l has not been

achievedexperimentallyfor the oxygen electrode; a
*. typical value29 for the observedrest potential on

platinum in oxygen-saturatedsolution is 1.06 V.

Low values are also reported for gold30 (0.98 V),

palladium31 (0.87 V), rhodium32 (0.93 V), iridium33

(1.02 V), ruthenium34 (0.85 V) and osmium34 (0.87 V)

in oxygen-saturatedsolution. Application of a

small anodic current to a platinum electrodein acid

solution eventually leads to a relatively steady

potential (Figure 1.4) of about 1.6 V. Thus the

overpotentialfor oxygen gas evolution is about

0.37 V. Similarly high overpotentialsare obtained

with other �~�o�b�l�e metals although all (notably those

at ruthenium and iridium) are not as high as those at

platinum.

These low rest potentialsand high oxygen evolution

overpotentialsindicate that the oxygen electrodedoes

not behave in a reversiblemanner. Owing to its great

importance in fuel cell research,considerableeffort

has been expendedby electrochemistsin investigations

into the causeof this irreversibility. A large amount

of experimentalfact' has been uncoveredas a result and

a wide variety of explanationshas been put forward even

though no generally agreedmechanismhas evolved.

1.10. Oxide Films on Noble Metals

It was realisedat an early stage that noble metals

are not truly inert to oxygen-saturatedelectrolytes.

In 1898 Mond, Ramsey and Shields35 concludedfrom

measurementof the heat evolved during the adsorption

*Unless otherwise stated, potentialsare referred to
a hydrogen electrode (HE) in the same solution.
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of oxygen on platinum black that a layer of Pt(OH)2

was formed on the platinum surface. Clear evidence
for the presenceof adsorbedoxygen films on noble
metals is obtained from constantcurrent charging
curves. Figure 1.4 shows the variation with time of
the potential of a platinum electrodein deaerated
acid solution under galvanostaticconditions. At
times less than t A a constantcathodic current is
passed; the current is reversedat t A and again at
t E (i.e. the region AE correspondsto anodic current
and the other regions to cathodic current). Infor­
mation on the processesoccurring at the electrode
surfacemay be obtained from an examinationof this
curve.

. In the region to the left of A hydrogen gas is
being evolved from the electrode. The electrodeis
covered by a film of adsorbedhydrogen atoms and
theseare oxidized when the current is made anodic.
As the hydrogen coverageof the surfacedecreases
the potential increases(the region AB) slowly to
a value of about O.4V at which point the surface is
free of adsorbedhydrogen. The only charge stored by
the surfacewhen its potential changesthrough the
region BC is that involved in charging the double
layer capacitance36

; hence the potential rise through
BC is rapid. The potential changesmuch less rapidly
through CD; here a faradaic processoccurs, i.e.
electrochemicalformation of an oxide film on the
surfaceof the platinum. This processis virtually
completeat 0 and the potential is relatively constant
over the region DE which correspondsto oxygen gas
evolution.

When the �c�~�r�r�e�n�t is subsequentlymade cathodic
(E), the above sequenceoccurs in reverse. There is
an initial rapid fall in potential which then levels
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off to a plateauat ca. O.7V over which most of the oxide

reduction occurs. When the oxi4e film has been stripped

from the surface (point F) the potential again falls,

first through a short double layer region and then more

gradually with hydride film formation until hydrogen gas

evolution begins at OV (point G). Note that formation

and oxidation of the hydride film occurs over the same

potential range (O-O.4V) but that the oxide species

formed over the range O.8V-I.6V is not substantially

reduceduntil the potential falls to about O.7V. Thus,

like the related oxygen evolution and �r�e�d�u�c�t�i�o�~ reactions,

the formation and reduction of oxide films on platinum

is an inherently irreversible process.

If a constantcurrent (I) is used, the quantity

of electricity (Q) passedacrossthe interface in any

time interval (t) is

Q = It

According to Faraday'slaws the amount of oxide or

hydride formed on the surface is thereforeproportional

to the correspondingtime interval on the charging curve.

Thus, the quantity QH = ItAB is proportional to the

capacity of the surface for adsorbedhydrogen and if it

is assumedthat there is monolayer coverage37 at OV,

it may be used as a measureof surfacearea. The

correspondingmeasureof oxide capacity, Qa = ItCD is

usually about twice QH and, assumingtwo electrons

are transferredper adsorbedoxygen atom (compared

with one per hydrogen atom), this indicates that

there is approximatelymonolayer oxide coverageof

the surface.

The ratio Qa/Qc (where Qc = ItEF) tends to vary

with the experimentalconditions. Various values have

been reported; in general those obtained from fast·
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charging techniques3S,39 (i.e. high current density)

tend to be close to unity �w�h�e�r�e�~�s those obtainedat

low current densities40 ,41 correspondto Qa > 0c.

The latter behaviour has been ascribed40 to incomplete

reduction of the surfaceoxide film at potentials

anodic to the hydrogen region. However,someauthors39

have suggestedthat the effect is due to dissolution

in the metal during the anodic polarization,ofoxygen

which is not readily removed on cathodization. This

is supportedby evidence in the literature42 ,43 that

oxygen may be dissolved in bulk platinum.

A techniqueknown as cyclic vOltammetry44 is also

commonly used in the study of oxide films. The

potential of the working electrodeis varied potentio­

statically in a triangular manner and the resulting

current is plotted againstpotential. Regions corres­

ponding to both hydride and oxide formation and

reductionmay be distinguished. Integrationof area

under the curve in the relevant regions gives the

quantities0H' 0a and Qc (since potential is a linear

function of time). Optical techniquessuch as

ellipsometry 45 yield further information on oxide

films. Ellipsometry is basedon the changesproduced

on the polarization stateof a beam of light reflected

from the electrodesurface. Reddy, Genshawand Bockris46

found that films adsorbedon platinum from oxygen­

saturatedsolution could not be detectedellipsometrically

but, if the electrodewas anodically polarized, measurable

changesoccurredat O.98V.

It is generally agreedthat platinum electrodes,

in contact with oxygen saturatedsolution or anodically

polarized, have :surface oxygen species. However, there

is controversyas to the exact structureof the film.

Some workers47 ,4
I

S,49 postulatethat it is composedof
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oxides of platinum. Ansonand �L�i�n�g�a�n�e�~�8 chemically

stripped the oxide films formed.undervarious

conditions and analysedthe solutions spectrophoto­

metrically. From their results they concludedthat

two oxides, PtO and Pt02 are present in the ratio of

6:1. Others50 ,51,52 however favour the theory that

the film consistsof adsorbedoxygen atoms. Some

evidencefor this is afforded by an observed52,53

squareroot relationshipbetween the partial pressure

of oxygen and the amount of oxygen adsorbedon the

platinum surface as measuredby cathodic stripping

techniques.

The discussionso far has been confined largely

to platinum becausework on the oxygen electrodehas

tended to concentrateon this metal. However, the

techniquesdescribedhave also been used in examining

other noble metal substrates. Charging �c�u�r�v�e�s�5�~ and

cyclic voltarnmetry55 suggestthat about a monolayer

of oxide is formed on an anodically polarized

palladium electrodebefore oxygen evolution begins.

Butler and �D�r�e�v�e�r�5�~ concluded that this consistsof

PdO which is convertedto a monolayer of Pd02 as

oxygen is evolved. With very strong anodizationthey

observedthat an oxide several layers deep could be

formed. It was concluded �f�r�o�~ rest-potentialstudies32

that rhodium, in contact with oxygen-saturatedacid

solution, adsorbsabout a monolayer of oxygen under

open-circuit conditions. An oxide film also begins

to form anodically55,56at potentialsabove 0.6 v,
and about monolayer thickness is obtainedbefore

oxygen evolution begins. This film is not readily

reduced, the oxide reduction region in the subsequent

cathodic polarization extending into the hydrogen

region. Bold and Breiter56 found that Qa > Oc

and attributed this to the strong resistanceto
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reduction of the adsorbedfilm. Gold is reported52 to
adsorbvery little oxygen from oxygen-saturatedacid
solutions but on anodic polarization an oxide, which
appearsto be the phaseoxide,Au203,is formed55,57,58

at potentialsgreater than 1.36V. On subsequent
cathodic polarization, the potential falls to about
1.2V before substantialreduction of this oxide
begins. Most observersreportedQa = 0c indicating
complete reduction of the oxide.40 ,59 Charging

curves for osmium-platedplatinum wires were obtained
by Khomchenko et a160 but the results were complicated
by corrosion of the metal which occurs above O.BBV.
The anodic behaviourof ruthenium and iridium is
discussedin detail in later chapters.

1.11. Oxide Films on Active Metals

Oxide films formed on metals at anodic potentials
very often inhibit or completely prevent corrosionof
the metal. The so-called "valve metals" have a
tendency to form a protective high-resistanceoxide
film on anodic polarization to the exclusion of all
other electrodeprocesses. Typical valve metals
include tantalum, niobium, aluminium, zirconium,
hafnium, tungsten, bismuth and antimony. Tantalum
provides an extreme example where an oxide film is
nearly always presenton the metal and anodic
polarization in aqueoussolutions of almost any
electrolytecausesthis film to grow thicker.61

Other anodic processessuch as oxygen evolution are
almost entirely inhibited even though there may be a
potential difference of some hundredsof volts across
the film. With other valve metals such as zirconium,
considerableoxygen evolution may occur but the
evidencesuggeststhat this is due to flaws in the
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film. 61 The rate-determiningstep in the growth of
theseoxides is the migration of ions through the
oxide film already formed. The electric fields

-7involved are usually extremely high (about 10 V
·cm-1) and oxide-formationcurrent, i, is found to
dependon the field, E, according to the relationship 62

i = A exp BE

where A and B are constants.

1.11.1.

Iron is the most common member of a group of
metals (including also nickel and chromium) which
undergo an active-passivetransition at a particular
potential. In the active state the metal dissolves
according to the reaction

Fe z+ -Fe + ze

and usually z = 2. This gives rise to a corrosion
current. However, above a particular potential the
corrosion reaction is inhibited by the formation of
an oxide film on the surfaceand so the corrosion
current decreasesto a very low level. This decrease
in current with increasingpotential may be quite
sharp and the potential at which it occurs is known
as the Flade potential.63 The value is given by
Franck64 as 0.58V againsta hydrogen electrodein the
same solution independentof pH for pH < 4. This does
not correspondto the equilibrium potential of any
known oxide of iron. It is about 0.6V anodic to the
reversiblepotential of either Fe/Fe203 (-0.040V)
Fe/FeO �(�-�0�.�0�6�0�~�o�r Fe/Fe304 (-0.082V).65 It has been
deduced65 from experimentalevidencethat the current
for passivefilm formation on iron is related to the
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field acrossthe film according to equation1.11.1.

This would suggestthat, as for .the valve metals,

ionic movement through the oxide under the influence

of a high electric field is rate-determining.

According to Vetter'7 corrosion of metals in the

passivestate is not due to pores in the oxide but

must be consideredas ·the dissolution of the non­

porous passivelayer in the electrolyte. If the

metal is to persist in the passivestate the oxide

film must be replenishedas quickly as it is lost

by corrosion. The discrepancybetweenthe Flade

potential and the reversibleoxide potential may

thus be explained6s,69 in terms of the overpotential

associatedwith a rate of oxide growth sufficient to

maintain a film on the surfaceof the metal.

From measurementsof the rate of oxide growth

on platinum Ord7o has concludedthat the anodic

oxidation of platinum meets the basic requirements

for a processlimited Qy the field in the oxide layer.

This suggeststhat the same basic mechanismmay be

responsiblefor the anodic oxidation of metals as

dissimilar as tantalum, iron and platinum spanning

a range of oxide film thicknessfrom thousandsof

angstromsto monolayer coverage.

1.12. The Role of Oxide Films in the Oxygen Evolution

Reaction

The maximum thicknessto which an oxide film may

grow dependson the maximum potential which can be

applied acrossthe film. The latter is determined

by the occUrrenceof other electrochemicalreactions

as the potential is raised, oxygen evolution being the

most common. The conditions under which this reaction
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may occur are summarizedby Vermilyea.71 Evolution of

oxygen gas is thermodynamically'possibleat potentials

greater than 1.23V. As outlined earlier, however, a

large overpotential is generally observedso that the

reaction requires a potential of 1.5 to 2.0V. If

there are pores in the oxide film rapid oxygen evolution

can occur in this potential region and it may not be

possible to raise the potential much higher so that

the thicknessof the oxide film is effectively limited

(cf. zirconium (Section 1.11». The behaviourof a

pore-free film dependson whether or not electronscan

pass through it. Two categoriesof film may be

distinguished:

(1) Electronically conducting films. Oxygen

is evolved at potentials in the range 1.5V to 2.0V

on oxide coveredmetals (e.g. passiveiron) where

the oxide is a good electronic semiconductor.

(2) Electronically insulating films. If the

'band-gapof the insulator is large, a large potential

drop may be sustainedby this type of film since no

electronscan pass through it. The field can thus

rise to a value sufficient for ionic migration across

the film and oxide growth can proceedindefinitely.

In the following cases,however, electronscan transfer

acrossa film of electronically insulating oxide.

(a) If the band-gapof the insulator is not
-1

sufficiently large {less than 3 eV (289.4 kJ mol )}

tunnelling of electronsfrom the valenceband to the

conductionband may occur in the presenceof the high
-7 -1

electric field (ca. 10 V cm ) required for ionic

transport. For instance, if the band-gapis 2 eV (192.9
-1 7 -1

kJ mol ) and if the electric field is 10 V cm ,the



- 38 -

distancerequired for electron tunnelling from the top

of the valence band to an empty·statein the conduction

band is 2 nm. At this distancetunnelling is expected

to occur fairly frequently so that an appreciable

electronic current can flow acrossthe film. Also if

the band-gapis small, electron tunnelling from states

in solution into the conductionband of the oxide can

occur.

(b) Even if the band-gapis large {greater than
-1

3 eV (289.4 kJmol )} electronscan tunnel through the

entire film if it is sufficiently thin.

Tantalum72 provides an example of an electronically

insulating oxide film acrosswhich electron transfer

by any of the above mechanismscannot occur. As a

result the film can reach a thicknessof several

hundred nanometersand maintain a potential difference

of several hundredvolts.

The large overpotentialassociatedwith oxygen

evolution has been observedby many workers and for

various metals. Furthermore, in most cases,there

is a slow time-variation.73, 74 As with other electrode

reactions, the magnitudedependsgreatly on the elect­

rode material. Ruetschi and Delahay75 have shown that

a negativecorrelationexists betweenthe oxygen

evolution overpotentialand the energy of the metal­

hydroxyl (M-OH) bond.

In the formulation of a mechanismfor oxygen

evolution it is important to know whether the oxygen

comes directly from the electrolyteor whether it is

formed via metal oxides. This point has been investi­

gated by �R�o�s�e�n�t�~�a�l and Veselovskiy 76 in the caseof

platinized platinum. A surfaceoxide was first formed
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anodically in an electrolyte which containedwater

enrichedwith 0 18 • The surface.oxideof the platinum

was thus also enrichedwith 0 18 • The electrolytewas

then replacedby an �~�n�r�i�c�h�e�d sample and the first

amountsof oxygen evolved were investigatedfor 0 18

content. A substantialincreaseabove the normal

0 18 contentwas found. Direct chemical participation

of the surfaceoxides can be inferred from these

results.

The oxygen evolution overpotentialdecreaseswith

increasingtemperature. In the caseof platinum

Bowden11 has reported that the dependenceof current

(i) on temperature(T) at a constantpotential of

1.9SV correspondsto a linear relationshipbetween

log i and liT. The slope yields an activation energy
-1

of 42.3 kJ mole •

In concentratedacids discontinuitiesin the

current-voltagecurve have been observed. Gerovich

et a118 have investigatedplatinum in �H�C�I�O�~ containing

the oxygen isotope 0 18 • They have shown that at

potentialsmore anodic than that at which the disconti­

nuity occurs, part of the evolved oxygen comes from the

�C�I�O�~ ion suggestingthat the discontinuity represents

the onset of direct anion participation in the oxygen

evolution reaction.

1.13. The Mechanismof Oxygen Evolution

In an analysisof the oxygen electrodereaction

Milner 19 has pointed out that an enormousnumber of

reaction paths are possible if all intermediatesare

considered'.0 Even if drastic assumptionsare made,

more than ten mechanismsare still possible. The

values of kinetic parametersfor many of thesepaths

-::'.
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are identical and thereforeevidenceother than that
obtained from Tafel slopes is required to .unambiguously
identify the completemechanism. ro date no mechanism
has been rigorously proved in this way.

The possibility of hydroxyl radicals participating
in the oxygen evolution reactionwas pointed out in an
early review by Hickling. 80 The correlationbetween

oxygen overpotentialand the energy of the M-OH
bond7s describedin Section 1.l2,affords further 1

support for this idea. Thermodynamiccalculation
by Hickling and Hil1 8l has shown that the interpretation
of oxygen overpotentialon p1atinunl in terms of oxygen
atoms as the potential-determiningspeciesis not
feasible. The hydroxyl radical is a reasonable
alternativesince, at a theoreticalpressureof 1
atm, it was estimated8l to have a potential of 2.82V
againsta hydrogen electrodein the same solution.
On this basisthe hydroxyl radical activity on platinum

-22is about 10 atm at the commencementof appreciable
oxygen evolution.82

Formation of adsorbedhydroxyl radicals probably
occurs via the transfer of an electron from a water
molecule to the electrode

-+ e 1.13.1.

The water molecule involved would presumablybe situated
in the inner region of the double layer. This would
provide an explanationfor the sharp increasein oxygen
overpotentialwhich occurs78 as current density is
increasedin concentratedacid solutions (see Section
1.12). At high current densitiesthe rate of discharge
exceedsthe rate at which water moleculescan reach the
surfaceand so the potential rises until a value is
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reachedwhere direct anion dischargecan occur.

In the mechanismfavoured by Hoare83 in the case

of platinum, equation1.13.1 is the rate-determining

step and is followed by a fast reaction

OH(ads) + OH(ads)

or

OH(ads)
�~ +
�~ O(ads) + H + e

Oxygen 1s evolved by the reactions

o + 0(ads) (ads)

and

An alternativemechanism82 regardsthe formation of

adsorbedperoxyl radicals as the slow step,viz.

In view of the fact84 ,85 that hydrogen peroxide is itself

oxidized at potentialsgreater than O.85V, the possibility

of detectingperoxide as a product of the anodic oxidation

of water is negligible.
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1.14. Ruthenium and Iridium as Substratesfor
Oxygen Evolution

The large-scaleproduction of hydrogen gas by the

electrolysisof water is currently of considerable
interest86 and the developmentof suitable thin-film
cells basedon the use of sheetsof sulphonatedfluoro­
carbon polymers has been describedrecently by Titterington
and Austin. 87 As they have pointed out, one of the major

*sourcesof energy loss in such a cell is the overpotential
associatedwith the anodic process,i.e. the oxygen

evolution reaction. The correlation between the oxygen
overpotentialand the strengthof the metal-hydroxyl
bond, reported by Ruetschi and Delahay,75 has been

mentionedearlier (Section 1.12). Of the noble metals
ruthenium and iridium have the highest numbers of
unpaired electronsper atom.88 This suggests89 strong

metal-hydroxyl interaction and, consequently,low oxygen
evolution overpotential. Furthermore, they are among.

the very few metals whose oxides behaveas metallic
conductors.90,91

Appreciable oxygen evolution on ruthenium has
been reported92,93 at relatively low overpotentials

with simultaneouscorrosion of the metal. Thermally

producedfilms of ruthenium dioxide (RU02) have,
however, been �r�e�p�o�r�t�e�d�9�0�,�9�~ as being resistantto

corrosion while possessingoxygen evolution over­
potential values as low as those for the metal. It
has further been observed95 that the addition of
ruthenium salts to the electrolyte enhancesoxygen

evolution at platinum anodes. Very little data is
available96 on the anodic behaviourof iridium but
the resultOs of Damjanovic and co-workers97 seem to

indicate a low oxygen evolution overpotentialas
expectedfrom the large number88 (1.7) of unpaired

*See Appendix I, p.168.
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electronsper atom. Furthermore, the metal has long

been regardedas highly resistantto corrosion even

when used as an anode.98 ,99 Thin-film titanium­

supportediridium and ruthenium,oxide mixtures have

found considerableapplication as a replacementfor

graphite, in the chlor-alkali industry.100,lOl

This shows that there is not an insurmountable

economic barrier to the commercial use of the rarer

platinum metals.

The foregoing suggeststhat iridium and

ruthenium basedanodematerials could possibly

find use in thin-film cells for electrolytic

hydrogen generation. Rutheniummetal appears

to be unsuitableas an oxygen evolution substrate

due to its easeof corrosion. However, the possi­

bility of using ruthenium specieson the electrode

surfaceor in the electrolyte seemsworthy of further

study, as does the possibleuse of iridium metal.

The object of the work on which this thesis is based

.was, therefore, to investigatethe anodic behaviour

of �t�h�e�~�e elements,with particular emphasison oxygen

electrochemistry.



CHAPTER II

EXPERIMENTAL
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A wide variety of experimentaltechniquesis
available to electrochemists. As well as the common

techniques(titrimetric and spectrophotometric

analysis, chromatography,mass spectrometry,etc.)

which may be used in analysing the products of an
electrochemicalreaction, numerouselectrometric

methods presentthemselves. These include polaro­
graphy (including alternatingcurrent polarography
and pulse polarography),cyclic voltarnmetry,
chronopotentiometry,conductivity measurements,
coulometry, amperometry,potential step methods
and many others. The majority of these involve
investigationof the relationshipbetweenthe

current through a working electrodeand its
potential with respectto a reference;this
categorymay be divided into two groups namely

galvanostaticand potentiostaticmethods. In the
former the current is controlled and the potential

monitored while in the latter the potential is
controlled and the current monitored.

2.1 GalvanostaticMethods

These methodsgenerally involve passinga constant
current through the working electrode,first in one
direction and then in the other direction. Usually the
magnitudesof the cathodic and anodic currentsare
identical. The instrumentaldemandsof such a technique
are a constantcurrent source, a current measuring
device, a means of current reversaland a means of
recording potential.

In the presentinvestigation, two basic galvano­

static circuits have been used. The first, represented
in Figure 2.l(a) utilized a stabilizedpower supply
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R,

PS

S

PR

FIGURE 2.l(a) : Simple GalvanostaticCircuit.

PS is a stabilized power supply, MA is a milliammeter,

S isa double-pole two-way switch and PR 1s a potentio­

meter recorder. C, Rand W representrespectivelythe

counter, referenceand working electrodesof the cell.
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(constantvoltage, V) and a large resistance(Rl).

Rl and V were sufficiently large so that most of

the voltage drop occurredacrossRl and variations

in the potential across the cell had negligible

effect on the current. The current could be

measuredby means of the milliammeter (MA)i

alternatively this could be replacedby a standard

resistanceand the current obtainedby comparing

the voltage across the resistancewith a Weston

standardcell by means of a potentiometer. The

current could be reversedby means of the double­

pole two-way switch, S. Typically, a supply voltage

of IOOV and a resistanceRl - IMQ were used.

An alternativegalvanostaticcircuit utilizing

negative feedback is illustrated in Figure 2.I(b)

where A is an operationalamplifier (i.e. a

differential amplifier with high input impedance,

very high gain and low output impedance). The

referencevoltage, VI' is applied to the non-inverting

terminal of the amplifier. The amplifier develops an

output voltage which drives a current, I, through the

cell and R2 in seriesand the voltage V2 acrossR2

is fed back to the inverting terminal of the amplifier.

The output voltage developedby the amplifier is

where K is the gain of the amplifier. Thus, if K is

sufficiently large, the difference (VI-V2) is very

small and to a good approximation

Thus the circuit: will maintain a constantcurrent

through the cell. The direction of this current
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s

........... PR

/

FIGURE 2.l(b) :- GalvanostaticCircuit Using Feedback.

MA, S, PR, C, Rand Ware as in Figure 2.l(a); A is
operationalamplifier and VI is a stabilized voltage
source.

,"
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may be reversedby means of the double-pole two-way

switch S. In the presentwork, .this circuit has been

occasionallyemployed using a Wenking potentiostat

(Model 68FRO.5 or 68TS3) as operationalamplifier.

Galvanostaticcircuitry was used in obtaining

charging curves in preliminary investigationsof

oxide films. A slight modification of the feedback

circuit in Figure 2.l(b) was used in measuring

solution resistance(see Section 2.3). However,

in most experimentspotentiostatictechniqueswere

chosenand thesewill now be describedin some

detail.

2.2 The Basic PotentiostaticMethod

In all potentiostaticmethods, the potential

of the working electrodewith respectto a reference

electrodeis controlled and the current necessaryto

maintain this potential is measured. If the current

is small and a convenientreferenceelectrodeis

available, the potential of which will not change

substantiallywhen this current is passedthrough

it, a two-electrodeconfigurationmay be used. The

desiredpotential is applied acrossthe electrodes

and the resulting current is measured. Such a system

is often used in polarography1 02 where the desired

potential is applied acrossa dropping mercury

electrode (DME) and a mercury pool of substantial

area in a chloride electrolyte. When the DME is

cathodic with respectto the mercury pool, the

latter behavesas a calomel electrode. Such an

electrodeis relatively non-polarizableand, since

the electrodearea is large comparedwith the DME,

the current density is low and therefore the potential
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acrossthe mercury pool/electrolyteinterfacedoes
not change substantiallywith variations in applied
potential.

A two-electrodesystem has the advantageof
simplicity but many situationsarise where its
application is not practical. If, for example, in
the polarographiccell described,the DME is
�r�~�p�l�a�c�e�d by a platinum electrodewhich is then made
anodic with respectto the mercury pool, the latter
no longer behavesas a non-polarizableelectrode
and an alternativereferencemust be found. In
many cases,particularly where the cell current is
high, a convenientnon-polarizablereferenceelectrode
is not available. A further error may occur in the
presenceof high cell current or poorly conducting
electrolyte since there may be substantialcurrent­
dependentpotential drop due to electrolyte
�r�e�s�i�s�t�a�n�c�e�.�1�0�3�,�l�O�~ Both problemsmay be alleviated

by use of the three-electrodeconfiguration, described
in Section 1.2. The referenceelectrodeis contained
in a separatecell compartmentwhich terminatesin a
capillary known as a Luggin capillary. This is
brought to within about 1 rom of the working electrode
surface so that the error in potential due to solution
resistanceis small.

If a three-electrodecell is used in potentio­
static investigations,some form of feedbackcontrol
is necessary. In its crudest form this might involve
manual variation of the current through the cell
so that the voltage reading betweenthe working and
referenceelectrodesremains constant. This is
usually done automaticallyby meansof a potentiostat.
The first potentiostatwas designedby Hickling10Sin

1942 and was a very crude instrumentwhen compared
with the more sophisticatedsolid-statedevices
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available today. A potentiostatis basically a high­

power operationalamplifier and .the potentiostatic

control circuit may be representedas in Figure

2.2. The working electrodeis connectedto circuit

ground and the output potential of the amplifier

is applied, through a standardresistanceRl, to

the counter electrode.so that the output current

of the amplifier flows through the cell. The

potential of the referenceelectrode,Vl with

respectto ground, is applied to the inverting

input of the amplifier and a control potential

V2 is applied to the-non-invertinginput. The

output potential, V3, of the amplifier �~�s given

by

where K is the open-loopvoltage gain of the

amplifier. Since K is very large, the quantity

(V2-Vl) must be small (typically a few millivolts)

for practical values of Va, and so to a good

approximation

Thus the potential of the working electrodewith

respectto the referenceelectrodeis automatically

controlled at - V2. The potential drop acrossRl

may be used to monitor the current through the cell.

The potentiostatsused in the presentinvesti­

gation were Wenking, model 68FRO.5 or model 68TS3.

Potential step techniquesand both fast and slow

potential sweep techniqueswere used. Some a.c.

impedancemeasurementswere also made. The type

of circuit employed is illustrated in Figure 2.3.

<.
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............

R1

.....

FIGURE 2.2 : Basic Circuit for PotentiostaticControl.

C, Rand Ware as in Figure 2.l(a)1 A is an operational

amplifier and V2 1s a voltage source.
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FIGURE 2.3 : Circuit used for Potential Step and

Potential Sweep Techniques•
.

The potentiostatis a Wenking model 6SFRO.5 or G8TS3;

A, S, 0 and F are the terminals for the reference

electrode,counter electrode,working electrodeand

control pctential respectiyelYi G and H are the output

of a variable potential sourceavailable on the

instrument. PM 51G8 is a function generator (Philips)

supplying a �t�r�i�~�n�g�u�l�a�r waveform, 51 is a double-pole

two-way switch, 52 is a simple switch �a�l�~�d E is a 2V

(lead-acid) cell: C, Rand Ware as in Figure 2.1(a):

R1 was chosen so that the potential drop across it was

usually ca. 100 mV; R2 = 1 kG, R3 and �R�~ variable,

1000 - 10nkG.
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The control potential for the Wenking potentiostatwas

obtainedeither from the triangular wave output of a

Philips PM 5168 function generatoror from a lead-acid

cell (E), togetherwith the internal variable

potential source supplied with the potentiostat.

By means of the double-poletwo-way switch, Sl,

either a potential �s�t�~�p (using the lead-acidcell

and switch S%) or a potential sweep (using the tri­

angularwaveform of the PM 5168) could be obtained.

The current through the cell was monitored by

recording the voltage across the standardresistance,

Rl, using a potentiometricrecorderor oscilloscope.

The circuit used for a.c. impedancemeasurementsis

illustrated in Figure 2.4. A sine-waveof suitable

amplitude �(�~ 10 mV peak-to-peak)and frequency (e.g.

200 Hz), from a Philips PM 5100 low frequency

generatoris superimposedon the triangular sweep

by means of the summing amplifier circuit. The a.c.

voltage acrossthe standardresistor, RI, is separated

from the d.c. by means of the capacitorC and the

resulting signal is amplified, rectified and recorded

on a potentiometricrecorder. The d.c. current may

be recordedsimultaneouslyby monitoring the d.c.

voltage acrossRl.

2.3. Error associatedwith Solution Resistance

As already pointed out, error in the measured

potential due to solution resistance(commonly

referred to as "solution iR error") is considerably

reducedby the use of a three-electrodesystemand

a Luggin capillary. However, some error remains,

due to �t�h�e�'�~�e�s�i�s�t�a�n�c�e of the solution between the

working electrodeand the tip of the capillary,

and this may be significant at high current density

�~�, .
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PM 5100

PM 5168

FIGURE 2.4 •. Circuit for A.C. ImpedanceMeasurements
during Potential Sweep•

.
Potentiostatis Wenking model 68FRO.5; function generator

and Rl are as in Figure 2.3; C, R, Wand PR are as in

Figure 2.l(a); PM 5100 is a sine-wavegenerator (Philips),

OA is an integratedcircuit operationalamplifier (LM74lCN,

National Semiconductor),A is an amplifier (gain ca. 100)

and REC is a rectifier; R2 = 1 kn, R3 = �R�~ = Rs = 10 kn,

R6 = 3.3 kO, Cl = 1 �~�F�.
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values. It is possible by means of the current inter­
ruption technique103,losa to make reasonablyaccurate

measurementsof this resistance. The technique involves
halting the current flow through the cell momentarily
while observing the potential of the working electrode
relative to the referenceelectrode. Following the
cessationof current flow, the working electrode
potential relaxesbecauseof dischargeof the double
layer through Faradaicprocesses. However, the time
interval involved in this processhas been estimated1osa,106

to be fairly long (ca. 0.3 to 0.5 msec for typical
electrodes)and so the difference betweenworking
electrodepotentialsmeasuredbefore a current
inOterruption and within 5 to 20 llsec following an

interruption is essentiallythe ohmic drop of the
cell. lO ?

The circuit used for such measurementsin the

courseof the presentinvestigationis illustrated
in Figure 2.5. The potentiostat (Wenking, 68FRO.5)
is used in a galvanostaticmode (cf. Section 2.1 and
Figure 2.l(b». The current step was applied using a
signal from the square-waveoutput of the function
generator (Philips PM 5168) via the potential divider
R2, R3 and the resulting change in potential was
measuredby means of a storageoscilloscope (Philips
PM 3251 or Advance 052200/2007Y/2006X). The results
obtained in a typical seriesof such measurementsare
shown in Figure 2.6. The magnitudeof the change in

potential is found to vary linearly with that of the
correspondingchange in current in accordancewith

Ohm's Law. From the slope of the graph the resistance,

Re, of the solution betweenthe Luggin capillary and
the working electrodemay be estimated.Values of Re,
the resistanceof the solution between the working
and counter electrodes,may, if required, be obtained
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FIGURE 2.5 : Circuit used for neasurementof Solution

Resistance

The potentiostatis as in Figure 2.4 and C, Rand Ware as in

Figure 2.1(a). The square-waveoutput of the function

generator (PM 5168) is used. Rl = IOn and R2, R) are

variable 0 - 9.9 kn.
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in a similar manner. Typically, Re = 0.20, Rc = 2.0n.

2.4. Automatic Compensationof Solution iR Error

Error due to solution resistancemay be eliminated,
or at least substantiallyreduced, by the incorporation
into the potentiostaticsystemof suitablecorrection
circuitry. lOS When such compensation-wasrequired

during the presentinvestigationone of the circuits
illustrated in Figures 2.7 and 2.8 was used.

The first of these (Figure 2.7) was used in

experimentsinvolving a step from a lower potential
of 0.6V to a preselectedupper potential. Currents
at 0.6V were small so that there was no significant

error due to solution resistance;however, at the
higher values of upper potential, compensationof iR

errors was required. A dummy cell consistingof the
variable potential source (El, R2 and R3), the meter

(MA), and the resistors �(�R�~ and Rs) was placed in
parallel with the cell. The potential R2El/(R2+R3)
simulated the potential acrossthe working and counter
electrodes. When the potential of the working
electrodewas at high anodic values current flow
through the counter electrodewas in the cathodic
direction and since the latter consistedof a large
areaof platinum its potential was ca. 0 V. ·Therefore,
R2 and R3 were chosenso that the potential acrossR2

with 52 open was equal to the pre-selectedpotential
of the working electrode. Rs was set to 1000 Re and
�R�~ was then adjustedso that

On closing the gangedswitches 51 and 52' the control
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FIGURE 2.7 : Circuit for Automatic Correction

of Solution lR Error.

The potentiostatis as in Figure 2.3: C, Rand W
are as in Figure 2.l(a): MA is a milliammeter,
El and"E2 are 2 V (lead-acid) cells and 51' 52
are gauged switches: R, = 1 kO and R, is variable
1000 - 9.9 kO.
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potential was increasedfrom 0.6V to the pre-selected
value and the dummy cell was simultaneouslyconnected.
Under theseconditions

where i1 was the current through the cell and i2 was
the current through the dummy.
Therefore

was the potential acrossRs and, since this was
included in the control loop, correction for
potential drop across Re was automaticallyeffected.

The circuit in Figure 2.7 had the disadvantage

of being suitableonly for a fixed potential. Further­
more, changing to a different potential required
adjustmentof R2, R3 and R_. To overcome these

difficulties anothercircuit was designed (Figure

2.8). Here a correction resistanceR2 was inserted
between the working electrodeand the potentiostat.

The potential across R2 was amplified by an inverting

amplifier of gain -R4/Rs = -2. The output of this was
fed to one input of a summing inverting amplifier,
the control potential E1 being fed to another input
of the same amplifier. This output potential, E2,
was applied to the control terminal of the potentiostat.
Now

where i is the (anodic) cell current.

The potential of the referenceelectrodelead is

=
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FIGURE 2.8 : FeedbackCircuit for Automatic Correction

of Solution iR Error.

The potentiostatand R1 are as in Figure 2.3; C, R
and Ware as in Figure 2.1(a); OAI and OA2 are as
OA in Figure 2.4; R3 = R6 = R7 = Ra = R9 = 10 kn,
Rs = 5 kn, RIo = 3.3 kn.

'"
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and the potential of the working electrodelead is

=

Therefore the potential differencebetweenthese

two is given �b�~�"

1
E WR = =

=

Thus the correctedpotential of the working electrode

is

EWR = E 1
- iRWR e =

(All potentialsexcept EWR and E1
WR are quotedwith

respectto ground).

It is often found in practice that it is not
possible to make R2 = Re as this degreeof positive
feedbackwould cause the circuit to oscillate.
However, it is usually possible to use a value of
R2 which is about 90% of Re • In potential sweep
experimentson iridium, for example, a resistance
R2 = 0.88 Re was used, thus correcting for 88% of
the solution iR error.

2.5. Electrodesand Cells

In an.'experimentalcell it is important that

the current density and hence the potential should
be uniform over the entire surfaceof the working
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�e�l�e�c�t�r�o�d�e�.�l�0�~ This requirementis met if all points

on the working electrodeare equivalentwith respect
to distancefrom the counter electrode. The precise
geometrical requirementsare less stringent if
solutions of high conductivity are employed. In the
cells describedbelow, the counter electrodewas
thereforearrangedabout the working electrodein
as symmetrical a manner as practicable.

Two designsof cell were used. Cell No. 1
(Figure 2.9) consistedof a glasswater-jacketed
vessel supplied by Metrohm having a plastic lid
with socketsfor B14 ground-glasscones. The
working electrodewas constructedby soldering wire
of the metal under investigationto a copper lead
and sealing itthrough one end of a glass tube. About
10 rom of the wire was exposedand a ground-glasscone
on the tube fitted into a socket in the cell lid.
Surroundingthe working electrodewas a helical
spiral of platinum wire which servedas a counter
�~�l�e�c�t�r�o�d�e�. This arrangementgave excellent current
distribution in the high conductivity electrolytes

-3(1 mole dm �H�C�l�O�~�, �H�2�S�0�~ or NaOH) used. The hydrogen
referenceelectrodewas constructedas shown in Figure
2.9 and the tip of the Luggin capillary was fixed
about 1 rom from the surfaceof the working electrode.
A nitrogen inlet and outlet and a thermometer (not
shown) were fitted through further sockets in the cell
lid. The cell was thermostattedat (25 ± O.l)oC by
circulating water from a constanttemperaturebath
through the water-jacket. This cell was normally
used except in the investigationof iridium corrosion.

Cell No. 2 is illustrated in Figure 2.10. The
Luggin capillary is rigidly fixed to the stem of the
working electrodewhich also incorporatesa gas outlet.
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FIGURE 2.9 Cell no. 1.

A = water jacket; B = cell lid; C = Bl4 joint;

D = working electrode; �~ = counter electrode;

F = hydrogen electrodeconsistingof a piece of

platinum wire entering through the hydrogen inlet

tube; the end of the wire is platinized;

H = hydrogen inlet; J = hydrogen outlet;

K ··glasswool. plug; L = Luggin capilliary.
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FIGURE 2.10 : Cell no. 2.

A = ground glass cone to fit E; B = iridium wire

working electrode; C = Luggin capillary; D =

polythene tube to hydrogen electrodecompartment;

E = ground glass socket to take Ai F = platinum

gauze counter electrode; G =.ground glass joint;

H = sinteredglass frit (porosity 3).
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A piece of polythene tubing connectsthe Luggin to
the referenceelectrodecompartment,Figure 2.10(a).
The counter electrodeconsistsof two piecesof
platinum gauze, one on each side of the working

electrodeand separatedfrom it by means of sintered
glass discs. This cell was primarily used in studying

the corrosion of an iridium working electrodeand the
sinteredglass confined the corrosion product to the

working electrodecompartment. Both the main cell
section and the hydrogen electrodecompartmentwere
immersed in a water bath at (25 ± O.l)oe.

The water used in electrolytepreparationwas
triply distilled, once from alkaline potassium

permanganateand subsequentlytwice in a commercial
quartz still. Analytical grade reagentswere used.
The wire for the constructionof working electrodes
was supplied by Koch-Light LaboratoriesLtd.

(platinum 99.999%, gold 99.999% and iridium 99.9%).
Where oxygen would interfere, it was removed from
solution by purging with white-spot nitrogen which
had been further purified by passingit over a

heatedcopper catalyst (BASF catalyst, 200°C) and
through a column of molecular sieve (Linde, Type
3A).
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c

8

A

Hydrogen ElectrodeCompartment
of Cell No.2.

A �~�'�p�l�a�t�i�n�i�z�e�d platinum wire; B = hydrogen inlet

tube (outlet not shown); C = ground glass joint;

�~ = polythene tube to working electrodecompartment.



CHAPTER III

RUTHENIUM
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Rutheniumwas the last of the platinum metals

to be discovered, being first reportedby Osannl09

in 1827. A rare element, its abundancein the

earth'scrust is probablyllO near 0.0004 ppm.

Like osmium it has a hexagonalclose-packedcrystal

structure; the other noble metals have a face-centered

cubic structure.lll Ruthenium is very inert and is

not attackedby acids.112 When heatedto 10000C in

oxygen the stabledioxide Ru02 is formed.113 The

anodic electrochemistryof the metal has been

investigatedby Llopis and Vazquez92 using ruthenium

plate and by Burke and 0'Meara93 using ruthenized

platinum.

3.1. Anodic Oxide Films on Ruthenium

Anodic charging curves obtained92 ,93 in 1.OM

HCl04 starting from 0 V do not show a clear separation

of three regions as found with platinum (cf. Section

1.10). The hydrogen film oxidation region extendsup

to rather positive potentialsand the oxidation of

ruthenium begins at low potentials so that the processes

overlap. If the starting potential is slightly more

negative than that of a hydrogen electrodein the same

electrolyte, a first region correspondingto hydrogen

film oxidation is distinguishable92 but no region

correspondingto double layer charging is evident.

Potential sweep experiments93 confirm the above

results. The curve obtained is in marked contrast to

those reported for platinuml14 ,llS and most other

noble metalsI16 ,.117 and there is strong overlap

betweenthe oxygen and hydrogen regions. However

if the potential is allowed to go well into the

cathodic region, to potential values.atwhich vigorous
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hydrogen evolution takes place, an inflection at
about 0.25 V on the subsequentanodic sweep is
reported.93 It is suggestedthat this corresponds
to the beginning of oxide film formation.

L10pis and vazquez92 reportedtwo changesin

slope giving three linear regions in the anodic
charging curves. These are the hydrogen region
alreadymentioned and two oxide regions and

correspondto amounts of electricity 0H' 001 and
002'respectively. Region 001 begins at a potential
of 0.55 V and this is regardedas the beginning of
ruthenium oxidation. However', cyclic sweep experi­
ments on ruthenizedplatinum93 suggestthat the
oxidation of ruthenium begins at ca. 0.25 V.

Region 002 begins at 1.05 V and it is suggested
that RU02 formation begins at this potential. The
value agreesquite well with the value given by
Zoulov and Pourbaixl18 for RU02 formation.

The value of 0H was found to increaseas the
starting potential was made more cathodic. 001 and·
002 do not vary significantly with starting potential

-2 -2and values of 23 mC cm and 25 mC cm respectively,
are reported. These quantitiesof electricity are
much higher than those obtained in the case of

rhodium. Assuming that 001 correspondsto formation
of a monolayerof RuO and 002 to formation of a RU02
monolayer, the values found would imply a roughness
factor in the order of 55 for the ruthenium plate
electrode. This seemsvery high. In the absence
of surfacearea measurements,a definite conclusion
cannot be drawn as to the reason for the high oxide
capacity but it seems likely that more than monolayer
adsorptionmay be involved. However, Burke and 0'Meara93

have reported that the charge required to change the
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potential of the ruthenizedelectrodefrom the hydrogen
evolution region to that of oxygen evolution is about

_2
110 mC cm This is appreciablyless than the

-2correspondingvalue (ca. 300 mC cm . ) required for
platinized platinuml19 but it is suggested93 that
the difference is due to the formation of a smoother,
more adherentdeposit in the caseof ruthenium.

Cathodic charging curves in 1M HCl0 4 from
starting potentials ranging from 0.75 to 1.55 V
have been examined.92.93 Typically a linear curve

without inflections is obtained tending in the end
towards a steadyvalue which correspondsto hydrogen
formation. There is no initial drop in potential
which could be related to charging of the double
layer. Burke and 0'Meara93 have reportedthat the
cathodic charging curve is longer than the anodic
one and have suggestedthat an explanationmay lie
in the difficulty with which the oxide film on
ruthenium is reduced. Thus, it is postulatedthat
evolution of gaseoushydrogen commencesbefore all
oxide is removed from the surface. This may also
explain why pretreatmentat potentialsof appreciable
hydrogen evolution is required before the first
inflection on either the potential sweep curve93

or the anodic charging curve92 is observed.

If a ruthenizedelectrodeis potentiostatted

initially at 0 V in oxygen-stirredsolution and then
put on open circuit the potential increasesuntil a
rest potential of ca. 0.9 V is eventually obtained93

(after a period of at least 30 min). The oxide
coverageof the surfaceat various times after
putting the electrodeon open circuit was estimated

from anodic charging curves and a close inter­
relationshipbetweenoxide coverageand potential
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was found, both varying in a virtually identical

manner with time. The current potential behaviour

for the cathodic reduction of dissolvedoxygen gas

has also been investigated.93 Comparedwith platinum,

the reaction on ruthenium was found to require a

considerablyhigher overpotential.

The results quoted above can be accountedfor

in terms of the strong affinity of ruthenium for

oxygen. It has been pointed out by Llopis and

Vazquez92 that if the platinum metals are placed

in order of increasingnumber of unpairedd-electrons

per atom, the oxide coverageis also found to increase

and the potential at which oxidation of the surface

begins is found to decreasein the same order. These

results indicate that it is reasonable,as suggested

by Uhlig,120,121 to supposethat the d-electrons

participatedirectly in the bonding of �o�x�y�g�e�n�~�o�m�s

to the surfaceof platinum metals. Ruthenium and

osmium which have the highest number of unpaired

d-electronsper atom88 also have the greatest

affinity �~�o�r oxygen. Rao and co-workers88 quote

a limiting value of 95% for the oxide coverage

attainedby a ruthenium electrodein oxygen-saturated

solution comparedwith a value of 25% for platinum

under similar conditions. It has been suggested

that this strong affinity of the ruthenium surface

for oxide speciesnot only accountsfor the low

potential required to initiate oxide film formation

and the consequentoverlap of the hydrogen and oxygen

regions but also explains the low oxygen rest potential

at the heavily oxidized ruthenium surface. For a

similar reasonruthenium is a very unfavourable

substratefor oxygen reduction,93 the adsorbed

intermediatebefng highly stabilized and only

reducedat large cathodic overpotentialvalues.
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3.2. The Anodic Propertiesof .Thermally-Prepared
Ruthenium Dioxide Films

Among the oxides of the transition metals,
ruthenium dioxide (RU02) is rather unusual in that
togetherwith a few other oxides9o (e.g. Ir02, TiO),
it exhibits a metallic conductivity of the order of

-1 -1104 ohm cm in single crystals.91 ,122 This is

also found in films 123 preparedby the thermal
decompositionof RuC13 although the values are
some 1000 times less. As a consequenceof the
excellent results obtained in chlor-alkali cells,124,125

considerableinterest has arisen during the last few
years in electrodesbasedon thesematerials. Their
propertieshave been examined in some detail by
Trasatti and co-workers.126,127

The electrochemicalbehaviourof thermally­
preparedRU02 films 126,127 differs both from that

.126 f .of RU02 single crystals and rom anod1cally formed
oxide.93 ,127 The current/voltagecurve for a single

crystal is characteristicof a redox processwhereas
the thermally-preparedfilm of RU02 behavesas an
electric capacitorexhibiting a charging and dis­
charging processwhich does not effect the response
of the electrodeeven after a very long working
period. The curve for ruthenium is similar to that
for the thermal ruthenium dioxide films except that
current values are higher in the caseof ruthenium.
The similarity is expectedsince ruthenium has a
surfaceoxide film at anodic potentials.92,93

.However, the propertiesof the anodically formed

oxide differ from those of the thermally-prepared
film in that the latter is not observedl26 ,127 to

corrode at anodic potentials. The overpotential
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for oxygen evolution on both thermal ruthenium
dioxide126,127 and on ruthenium92 ,93,127 is much

lower than on platinum.

Galvanostaticcharging curves of thermal ruthenium
dioxide films 126,127 show two linear regions, the change

in slope occurring at about 0.3 V. If the charge (q)
of the electrodeis measuredbetween the potential
of oxygen evolution and 0.3 V, the values obtained
from the anodic and cathodic curves are fairly similar.
These values are reportedto be independentof current
density and, for a given electrode,are remarkably
reproduciblefrom one run to another; any variation
indicates that the film has been damagedmechanically

or chemically. Thus �~�)�r�e�p�r�e�s�e�n�t�s a quantity by which
the electrodemay be characterized;the value depends

on the temperatureof preparation, the thicknessof
the film and the atmospherein which it has been
annealed. Trasatti and co-workers126,127 concluded

that in this potential region the ruthenium dioxide

film is acting as a large capacitorand the current

may be consideredas a charging current.

The charge stored on the electrodemeasured

by integrationof the current potential curves is
almost a linear function of potential as in the case
of a capacitor. The slope of the graph gives an

-2apparentcapacityof about 100 mF cm which is very
large comparedwith the double layer capacity or the
capacity due to surface films. As the rate of linear
change in potential is increased,the integral capacity

decreasesalthough the slope of the line remains
unaltered, i.e. the differential capacity is the

same. This indicatesthat a relatively slow

phenomenonwhich is not simple displacementof
electronsmust be involved in the charging process.
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Further evidencefor this is afforded by the fact

that the electrodetakes some time to reach zero
current at any constantpotential. It is suggested
that the processis related to non-stoichiometry,
the maximum charge storagecapacityof the electrode
correspondingto one electron for each ruthenium

3+atom formally presentas Ru • In other words, in

this range of potential the formal reaction

�R�U�~�+ + e =

is responsiblefor the charge storagepropertiesand
is restrictedto a number of atoms equal to the
magnitudeof the non-stoichiometry,whereasthe

remaining atoms in the lattice are unreactive.
This formal solid-stateredox reaction is accompanied
by penetrationof protons into the lattice during the
cathodic charging, and expulsion of protons from the
bulk of the solid phaseduring anodic charging.

The total charge required to change the potential

of the electrodefrom the oxygen evolution region to

the hydrogen evolution region dependson current
density. It is also found that if the electrode
is held at 0.1 V the charge capacityof the electrode

obtained from the subsequentanodic charging curve
increaseswith increasingtime at 0.1 V. This suggests
that modifications much slower than the processjust

describedoccur in the electrodeat potentialsmore
cathodic than 0.3 V. As further evidenceof this
the behaviourof an electrodeafter prolonged hydrogen

evolution may be cited. An electrodekept at -0.05 V
for 15 hr showed, 1 hr after release,an open circuit
potential of about 0.5 V increasingvery slowly.
Likewise if the electrodewas maintainedunder oxygen
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evolution at 1.6 V for 15 hr the open-circuit potential
decreasedrather rapidly to 1.35 V after release. The
normal rest potential (0.95 V) was easily established
in this case, however, after a very short excursion
of the electrodepotential to values just above the
hydrogendischargeregion. In the caseof the
electrodewhich was cathodizedfor 15 hr, a rapid
passagethrough the anodic region before the oxygen
evolution region did not yield a similar result.
Furthermore,persistenthydrogen evolution led to
some collapseof the film with the depositionof a
black powder, presumablyruthenium at the bottom of
the cell. Trasatti and co-workers suggested127 that
below 0.3 V the entire lattice becomesunstable
with respectto reduction. They concludedthat
penetrationof hydrogen atoms is the most probable
mechanism, reduction now involving all atoms in the

lattice.

A reporteddifference127 between a "dry" electrode

(just preparedand dipped in the electrolyte) and a
"wet" electrode (after some immersion and potential
cycling) is worth noting. Although the current/
potential curves for the two caseswere similar,
some �q�u�a�n�t�i�~�v�e differenceswere observed. It was
suggestedthat the bulk of the electrodemust undergo
some rearrangementwhich might be associatedwith
hydration or protonationof the lattice, before the
current/potentialcurve could assumeits usual shape.

3.3. Oxygen Evolution and Corrosion

A sharp increasein current was observed'3on

the current/potentialcurve of ruthenium in acid
solution at about 1.4 V. In going from 1.4 V to
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1.5 V, the anodic current increasedfrom 1 rnA
_2 -2 .

cm to 100 rnA cm • A similar increase,though

of much smaller magnitude, was observedin alkaline

solution though under theseconditions no evolution

of oxygen occurred. The increasein current density

was accompaniedby the developmentof a greenish­

yellow colour in the solution, obviously due to

ruthenium corrosion.92 ,93 Evidence that the species

obtained in acid was, in fact, the tetroxide is

afforded by the report93 that during the corrosion

reaction in 1M HCl0 4 , a black solid was formed along

the gas outlet line from the cell. This solid

probably was hydrated ruthenium dioxide arising from

the decompositionof the �~�o�l�a�t�i�l�e and unstable
tetroxide,128 RU0 4.

The variation of current density with time at

fixed anodic potentialswas also investigated.93

At 1.30 V the current density values were small

and decreasedin an �e�x�p�o�n�e�n�t�i�a�~ manner with time.

At 1.40 V the initial values were also quite small

'but, rather than decreasingin the normal way, the

current density in this case increasedwith time.

A further unusual feature of the processwas the

fact that the increasedid nqt occur in a regular

manner but showed somewhat irregular jumps while

continuing to rise for a period of at least 4 hr.

At 1.45 V the current density was initially quite

large and continued to increaseregularly over the

first 10 min after which time the processwas

complicatedby the depletion of the ruthenium deposit

on the underlying smooth platinum surface.

These resultsmay be explained in terms of the

anodic dissolutionof ruthenium and the evolution of

oxygen gas. The irregular rate of increaseof current
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93
density with time at 1.40 V has been attributed .to
stresscorrosion cracking.129 At this potential

value the corrosion reaction is slow and it has been
suggestedthat stress,developingat ·the heavily
oxidized surface, gives rise to cracking and partial
dissolutionof the oxide film at irregular intervals.
Associatedchangesin corrosion and oxygen evolution
rates were assumedto account for the irregular
current increases.

The observednegativecorrelation7S between
experimentaloxygen overpotentialvalues and the
estimatedstrengthof the metal hydroxyl (M-OH)
bond is mentionedearlier (Section 1.12). Thus,
ruthenium, which is a strongly chemisorbingmetal,

evolves oxygen at a relatively low overpotential
(0.17 V). However, the use of ruthenium as an
oxygen evolution substrateis renderedimpractical
by the easewith which the metal corrodesat anodic
potentials. Thermally-preparedruthenium dioxide
films 127 also evolve oxygen at low overpotentials
and are reportednot to corrode at the potentials
involved. This type of electrodewould, therefore,
appearto be a useful substratefor oxygen evolution.

3.4. Investigationof Oxygen Evolution at Noble
Metal Electrodesin the Presenceof Ruthenium

Salts

It has been reported9S that the overpotentialof

oxygen evolution at a platinum anode in aqueous1M
�H�C�I�O�~ is considerablyreduced if ruthenium trichloride
is added to the electrolyte. A suggestedexplanation
of the lower overpotentialwas in terms of a catalytic
mechanismoccurring in solution due to the presenceof
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ruthenium ions. The results of further investigation
of the effect are now presented. Experimentswere
carried out using cell no. 1. Ruthenium trichloride
solutions were preparedby dissolVing 0.1 g of the
salt (RuC13 • x H20, JohnsonMatthey ChemicalsLtd.)
in 100 ml of electrolyte solution. In most cases
the addition of a 1 ml sample of this solution to the
electrolyte in the working compartmentof the cell
(ca. 50 ml capacity) was sufficient to have a pro­
nouncedeffect on the oxygen overvoltage.

Reproducibility of experimentalresults is
generally a problem with solid electrodes,especially
in the anodic region where oxide films producedon the
electrodesurface are not readily reduced.49 It was
found that in order to avoid effects associatedwith
the previous history of the specimen, it was necessary
to adopt a standardpretreatment. This involved
cycling the electrodepotential from 0 to 1.7 V at

-22.5 x 10 Hz for 3 min, then 4 min at 0 V to remove
oxide, and finally 3 min at 0.6 V to oxidize hydrogen
or any other reducedspecieson the metal surface.
This pretreatment,which causedconsiderableroughening
of the electrodesurface (as indicated in the caseof
platinum by the increasedanodic oxide capacity) was
found to be essentialin the caseof potential­

steppingexperiments.

RESULTS

3.5. Charging Curve Experiments

The lowering of the oxygen overvoltagein the
presenceof ruthenium trichloride is demonstrated
in Figure 3.1 where charging curves are shown for
platinum both in the absenceand in the presenceof

�~�.
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FIGURE 3.1 : Charging curve for a platinum electrode
-3 0in 1 mol dm HCl04. T = 2S C, both in the absence

(----) and in the presence(----) of ruthenium chloride
. -3

in the solution. RUCl, concentration= O.lS-romol dm •
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the ruthenium salt. As is well known from previous
investigationsof the anodic behaviourof platinum,49

oxygen evolution in the absenceof ruthenium does not

commenceuntil the end of the oxide film region, i.e.

ca. 1.5 V. Even then the anodic potential increases
gradually under' constantcurrent conditions as the

oxide coverageor thicknesson the substrateincreases.

In the presenceof the ruthenium salt oxygen evolution

commencesat ca. 1.4 V and although the potential again
tends to drift to more anodic values with time, the

rate of increaseis considerablyless under these

conditions, i.e. potentialswere always lower in the

presenceof ruthenium trichloride for the passageof

equivalent amounts of electricity. The addition of

ruthenium trichloride to the acid solution when the

electrodepotential had already reached1.55 V caused

only a very slight reduction (ca. 20 mV) in the oxygen

evolution potential.

3.6. Potential-stepExperiments

Previous potential-stepmeasurementswith platinum

in acid solutions?4 have clearly shown two stages,

an initial oxide film formation processfollowed by

the main oxygen evolution reaction. The complexity

of the latter processis clearly shown by the recent
work of Schultze?'who reported a marked continuous

variation of the current, i.e. rate of oxygen evolution,

with time under potentiostaticconditions. The results

shown in Figures 3.2, 3.3 and 3.4 refer largely to the

second (oxygen evolution) stageof the reaction since

preliminary experimentsshowed that at 1.6 V oxide

film formation was virtually completedwithin a period

of one second.
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Figure 3.2, curve A illustrates the typical behaviour
of a platinum electrodein ruthenium-freeacid
solution when the potential was steppedfrom the
oxide-free region (0.6 V) to an oxygen evolution
potential (1.6 V). This curve also demonstrates
the fact that after the surfacehad been oxidized
for a considerableperiod (325 s) at the higher
potential, the addition of ruthenium trichloride
causedonly a slight increasein the oxygen evolution
current. Subsequentpretreatmentof the electrode
in the presenceof the ruthenium salt causeda
considerableincreasein the oxygen evolution current
at 1.6 V (Figure 3.2, curve B), the rate for instance
being ca. 15 times that for the same reaction in the
absenceof ruthenium after a period of 5 min at the
oxygen evolution potential. An unexpectedfeature of
the resultswas the fact that transferringan electrode
which had been pretreatedand anodizedfor 30 s at
1.6 V in an acid solution containing ruthenium to a
similar solution containing no ruthenium resulted in
continued enhancementof the oxygen evolution process
(Figure 3.2, curve C). Obviously the lowering of the
oxygen evolution potential in the presenceof ruthenium
must be due to some speciesdepositedon the electrode
surface, and apart from this initial dischargeprocess,
the lowering of the oxygen overvoltagedoes not require
any further participationof dissolvedruthenium species.
Whatever the natureof the specieson the surface, its
catalytic effect on the oxygen evolution processis lost
once the electrodein the ruthenium-freesolution is
allowed to go cathodic. Subsequentanodic stepping
experimentsin the ruthenium-freesolution give the
results shown in Figure 3.2, curve D, i.e. typical

of untreatedplatinum.
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FIGURE 3.2 Current decay curves for a platinum
electrodewhose potential was steppedat �~�e�r�o time
from 0.6 to 1.6 V in 1 mol dm- 3 HelO.. at 250 C. (0)
In the initial absenceof RuC13 which was then
added after the electrodehad been anodized for
325 sec (see arrow); (0) electrodepretreated
and the potential steppedin the presenceof
RuC13i (A) repeatof the previous run except
that after 30 sec the electrodewas transferred
to ruthenium-free1 mol dm- 3 HelO.. solution;
(x) the same electrodeactivated in Ru solution
whose potential after transfer to the pure acid
was allowed to go to 0 V prior to applying the
potential step. The RuCl3 concentrationin
theseexperimentswas 0.15 romol dm- 3•
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An attempt was made to investigatein more detail
the potential range over which the specieson the
surfaceresponsiblefor the lowering of the oxygen
overvoltagewas stable. A platinum electrodewhich
had been pretreatedand preanodizedfor a short time
in the presenceof ruthenium trichloride was trans­
ferred to a ruthenium-freesolution and subjectedto
the potential variations shown in the inset in Figure
3.3. For example, after 50 s at 1.6 V the current

-2
density was 0.32 rnA cm ; the potential was then
lowered to 1.4 V for 1 min, returned to 1.6 V and
after 50 s the current density was found to be
slightly higher (presumablydue to some loss of

-2oxide) at 0.35 rnA cm • Next the potential was
dropped to 1.2 for 1 min, returned to 1.6 V and the·
current again recordedafter 50 s. This procedure
was repeateda number of times on each occasion
subjecting the surface film to a low potential for
1 min, reapplying the higher (1.6 V) potential and
measuringthe current density after a period of 50 s.
The results shown in Figure 3.3 clearly show that an
active surface tends to lose its catalytic properties
when held at potentials less than ca. 1.0 V. It is
evident from theseresults that after holding the
electrodefor 1 min at 0.7 V, the activity of the
electrodesurfacefor the oxygen evolution reaction
is quite close to that of an electrodewhich had never
been exposedto ruthenium (Figure 3.3, lower curve).

Further potential-stepexperiments,shown in
Figure 3.4 demonstratethat the extent to which the
platinum electrodeis pretreatedin the ruthenium
solution has a marked influence on the subsequent
rate of oxygen evolution at 1.6 V. Also demonstrated
in Figure 3.4 is the fact that transferring the

electrodefrom an acid to an alkaline solution
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(curve D) virtually eliminates the ruthenium enhancement
of the oxygen evolution process;

3.7. A.c. Polarographyand Potential Sweep Measurements

The responseof the platinum-solutioninterface to
the applied a.c. voltage in the absenceof the ruthenium
salt is shown (dashedline) in Figure 3.5. In some
respectsthis curve bears a similarity to the d.c.
cyclic voltammogramfor this system.44 For example,

on going'in the anodic direction there is an increase
in current at ca. 0.85 V correspondingto initial oxide
film formation followed by a larger increaseabove
1.6 V correspondingto oxygen evolution, while on
going cathodic from this region there is a sharp
drop at ca. 0.75 V correspondingto loss of the oxide
film. Addition of ruthenium trichloride to the
solution causedtwo a.c. peaks to appearon the
anodic scan (Figure 3.5), one at 0.79 to 0.8 V and
the other at 1.38 to 1.39 V. A slight shoulder
occurredon the subsequentcathodic sweep at ca.
0.4 V. An unusual feature of these peaks is that
after adding the ruthenium salt with the potential
held at ca. 0.37 V they do not appear in the first
anodic scan. Those a.c. peaks for the solution
containing ruthenium as illustrated in Figure 3.4
were only observedon the secondand subsequent

runs.

The conventionald.c. behaviourwhich was

recordedat the same time as the a.c. results
describedabove:is illustrated in Figure 3.6.
In this case, a lowering of the oxygen evolution
potential and an increasein the oxygen evolution
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current at the higher potential values was observed
even during the first run after the addition of the
ruthenium salt. In subsequentruns the oxygen

evolution current appearedto increaseconsiderably;
for instancein one particular case the current at
the maximum point of the anodic sweep (1.94 V)

increasedon adding the ruthenium salt by a factor
of ca. 3 (relative to the blank, i.e. no ruthenium

present) on the first scan and by a factor of ca.

4.5 (again relative to the blank) on the second scan.
In subsequentanodic scansit was noted that as the

point at which the d.c. current showed a marked increase
was lowered slightly, to ca. 1.40 V and the rate of
current increasewith voltage was unusually large and
a definite shoulderbegan to appearon the anodic

curve. It is possible that this shoulderwas due
to corrosionof metallic rutheniumdepositedat the

lower region of the potential scan.

3.8. Effect of pH

In order to test the effect of pH on the lowering
of the oxygen overvoltage a seriesof phosphatebuffer
solutions were made up ranging in pH from 1.8 to 12.3.
Addition of ruthenium trichloride to thesebuffer

systemsgave solutions which appearedto hydrolyse

gradually with time giving a range of green to black
suspensions. Most of thesehad little effect on the

oxygen overvoltageand it was noted that at pH 7.0

freshly preparedsolutions, which were active
initially, soon became inactive. Even solutions
of ruthenium trichloride in pure water developed
a brown colloidal appearance. Total stability and

marked catalysiswas best observedwith strongly

acidic solutions, e.g. 1 M �H�C�l�O�~�.



- 90 -

3.9. Effect of ElectrodeMaterial

The influence of ruthenium trichloride in the
solution on the anodic evolution of oxygen on a
bright gold anode was investigatedby means of
slow sweep cyclic voltammetry. Typical results
for an acid solution are shown in Figure 3.7
where in the caseof the blank, curve (a), there
was the usual high overvoltagefor hydrogen evolu­
tion on gold and an increasein anodic current at
1.2 V correspondingto the onset of oxide film
formation.130 Addition of the ruthenium salt at
ca. 0.9 V during the course of an anodic sweep gave
a small peak just above 1.4 V and a considerable
increasein the oxygen evolution current. The
effects of the ruthenium salt were more marked in
subsequentcycles and included the following:
(a) a marked increasein the hydrogen evolution
current; (b) a more pronouncedpeak just above
1.4 Vi and (c) a further increasein the oxygen
evolution rate right up to the sweepmaximum at
1.73 V. The increasedrate of hydrogen evolution
is most likely associatedwith the plating out of
rutheniummetal at the gold surfaceat low potentials
with consequentsharp reduction of the hydrogen over­
voltage. This deposit of ruthenium seemedto corrode
vigorously at 1.4 V and the area under this anodic
stripping peak was found to increaselinearly
(Figure 3.8) with the length of time that the
potential was held at zero volts. The fact that
the.straight line in Figure 3.8 does not pass through
the origin may be due to two factors: (i) oxidation
of Ru(III) speciesin solution to a higher oxidation
stateat this potential value (1.4 V) and (ii) the
experimentswere carried out by a potential sweep
techniqueso that even when the potential was not
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held for any given time at 0 V there was still ruthenium

metal depositedat the lower region of the sweep.

Similar potential sweep experimentswere carried
out with carbon electrodes;however, no detectable

influence of the ruthenium salt on the anodic behaviour
was detectedin the caseof this electrodematerial.

3.'10. Discussion

It was suggestedby earlier wo£kers that the
lowering of the oxygen overvoltagein the presence
of ruthenium trichloride was due to the oxidation

of the ruthenium ions to a higher valence state
which then reactedwith water resulting in oxygen
evolution.9s This type of catalysis is well known
in electrochemistry,generally in the caseof

processesrequiring considerableovervoltage, e.g.

hydrogen peroxide reduction on mercury in the
presenceof ferric ions.131 However, since the
catalysis in the presentcase can occur in a solution
which is virtually free of ruthenium ions, the only
requirementbeing that the platinum be pretreatedin
the presenceof the ruthenium salt (Figure 3.2,
curve C), it appearsthat the lowering of the oxygen

overvoltageis primarily a heterogeneousphenomenon,
most likely involving the incorporationof ruthenium

into some type of surface layer.

There is clear evidence in the caseof gold,

and also indications in the case of platinum, that
rutheniummetal was plating out at the surfaceat

low potentials. Although it could thereforebe

argued that the lowering of the oxygen over­

voltage was due to the conversionof the platinum
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or gold to a ruthenium surface, this appearsto be
unlikely for a number of reasons. First of all"
ruthenium metal is unstableand corrodesvigorously
under anodic conditions92 ,93; secondly, the

potential values observedduring the charging curve
for platinum in the presenceof ruthenium trichloride
(Figure 3.1) are typical of those for a clean platinum
electrode- at least up to the onset of oxygen evolution;
finally, despite the fact that the corrosion of the
ruthenium layer shows up as a sharp, quite distinct
peak in the case of gold (Figure 3.7) the oxygen
evolution processis considerablyenhancedat higher
potential values. It appearsfrom the latter evidence
that the corrosion and evolution are separateprocesses
which may have in common the fact that they occur at a
potential correspondingto a change in the oxidation
stateof the ruthenium. Apparently the ruthenium

speciesresponsiblefor the catalysisare incorporated,
doped, or trapped in the platinum or gold oxide film
on the surface, and the depositionand corrosion
processesmay have a considerableinfluence on the
concentrationof thesecatalytic sites in the film.

The lowering of the oxygen overvoltagedue to

the incorporationof ruthenium speciesin the oxide
film can be explained in a number of ways. If one
assumesthat this overvoltage is associatedwith
slow electron transfer through the oxide film,7o
then doping with ruthenium oXide, which is a metallic
conductor,91would be expectedto lower the voltage
drop acrossthe oxide film. If, however, the rate­
determining step is a chemical processat the
electrodesurface, ruthenium speciescould enhance
the oxygen evolution processby stabilizing the
hydroxyl radical, a commonly acceptedintermediate



- 95 -

in the oxygen evolution process,49,75,81with the

result that the concentrationof such radicals and
the probability of their reacting to yield oxygen82

will be increased. In chemical terms an increasein
the oxidation state of ruthenium speciesat ca. 1.4 V
may result in two hydroxyl radicals, or a hydroxyl
radical and an oxygen atom, being held as adjacent
ligands to the same central atom, thus favouring
their combination to yield oxygen gas. Such a
mechanismis generally acceptedin the caseof
homogeneouscatalysis involving transition metal
�i�o�n�~�.�1�3�2 It may be seen that the interpretation

of oxygen overvoltagein terms of either intermediate
radicals82 or the formation of unstablevalence
statesl33 ,l34 are virtually identical since both

involve an increasein the oxidation stateof the
surfaceatoms followed by loss of oxygen.

The a.c. responseof the platinum electrodein
the presenceof ruthenium trichloride is not easily
explained. The virtual absenceof the a.c. peaks
at 0.8 V and 1.4 V during the first anodic scan
after adding the salt (despite the fact that there
was an increasein the rate of oxygen evolution
during this first run) suggeststhat thesepeaks,

which were quite marked in later scans,were
associatednot with ruthenium speciesin solution
but with changesin some specieson the electrode
surface. From thermodynamicdatall8 ruthenium metal
should be stable in 1 M HCl04 below 0.6 V; above this
a wide variety of oxides and hydroxides, some quite
stable and others not, may be produced. It does not
seem possibleat this stage to assigneither of the
two a.c. peaks to a definite electron-transferprocess.
The loss of catalytic activity on transferof an active
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electrodeinto alkaline solution (Figure 3.4, curve
D) can also be accountedfor in'terms of thermo­

dynamic datal18 as at high pH the ruthenium oxide
is probably leachedout of the film in the form of
the ruthenateor perruthenateion.

One of the most unusual propertiesof ruthenium,
which it shareswith only a few other transition

elements, is the ability to form oxide bridges with
two three-centremolecular orbital bonds.135 This
can account not only for the metallic conductivity
of Ru02 but may also be involved in the incorporation
of ruthenium in the oxide film on platinum. Reduction

of theseoxide bridges would lead to loss of ruthenium
and a diminution of catalytic activity (Figure 3.3).

The absenceof catalytic effects in the caseof the
carbon electrodemaybe partly due to the inability

of this smaller, non-transition,element to partici­

pate in oxide bridging.

Platinum is the most common anode material used

in experimentalcells. Furthermore,most of the
fundamental researchinto anodic processeshas been
carried out using platinum. It is now apparent,

however, that other anodematerialsmay be superior
to platinum, at least in some respects. Ruthenium

is a more effective catalyst for anodic oxygen
evolution but its limited resistanceto corrosion
renders its use impractical. Thermal ruthenium
dioxide films are also better electrocatalystsfor

various anodic processesand thesealso have a high

resistanceto corrosion.

Some improvement in the catalytic properties
of platinum has been obtained by pretreatmentin the

presenceof ruthenium salts. It has been shown that,
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contrary to the initial suggestions,95this effect

is probably due to the incorporation into the
platinum surface film of ruthenium species. The
improvement is of a rather transientnature,
however, the ruthenium speciesbeing easily removed
from the surface. Efforts to find a better oxygen
evolution substrateled to considerationof iridium,
a platinum metal with d-electronpropertiessimilar
to those of ruthenium. This metal is, apparently,

highly resistantto corrosion and its electrochemical
propertiesdo not appearto have been exhaustively

investigated.

:.



CHAPTER IV

IRIDIUM

Part 1: The Oxide Film Region
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Iridium was isolated by Smithson Tennant136 in
1803. Its density is very close to that of osmium but
values basedon x-ray determinationsof the lattice
parameterssuggestthat iridium has the highest density
of all the elements.112,137 It is attackedby oxygen

at red heat to give the dioxide which forms a surface
film and protects the metal from further oxidation
until much higher temperaturesare reached.112

Iridium is extremely resistantto chemical corrosion,
being unaffectedby all acids.112 It has been reported
to corrode both at anodic potentials96 ,138 and under

the influence of alternatingcurrents99 ,138 in chloride

media. Its anodic behaviour, particularly in chloride­
free media, has, however, been studied98 much less than,
for example, that of platinum. In the presentwork both

the anodic oxide formation (discussedin this chapter)

and anodic oxygen evolution and associatedcorrosion

(Chapter V) have been investigated.

4.1. Oxide Films on Iridium

The metal forms a stabledioxide, Ir02, which
may be isolatedboth in anhydrous139 and in �h�y�d�r�a�t�e�d�l�~�O

forms. Both the anhydrousand hydrated forms of the

sesquioxide, Ir203, may also be isolated but �~�r�e

chemically not as stable as the �d�i�o�x�i�d�e�.�l�~�o The
�t�r�i�o�x�i�d�e�,�1�3�9�,�1�~�O�,�1�4�1 �d�i�o�x�i�d�e�l�~�O�,�l�~�l and �m�o�n�o�x�i�d�e�l�~�O

(but not the sesquioxide)have been detectedin the
gas phaseand, while there is no evidencefor the
existenceof the solid monoxide, there are reports
in the early literature of a �c�o�m�p�o�u�n�d�l�~�2 approximating

IrOs.
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Hoare33 investigatedthe Ir/02 electrodeand
observedthe effect of pH and oxygen partial pressure
on the rest potential. He concludedthat a layer of
adsorbedoxygen atoms is formed on an iridium surface
in contact with oxygen-saturatedacid solutions.
Charging �c�u�r�v�e�s�5�~�/�l�~�3 and cyclic �v�o�l�t�a�r�n�m�e�t�r�y�5�5�,�5�6�,�1�~�~�,�1�~�5

have shown that oxide films are formed on iridium
electrodesat anodic potentials. Estimatesof the
degreeof coverageat the beginning of oxygen
evolution vary, however, from a single monolayer to
20 monolayers.

Bold and Breiter56 have inferred from potential
sweep data that a monolayer of oxygen is adsorbed
prior to oxygen evolution but that a further small
amount of oxygen is adsorbedeven after evolution

begins. They have suggestedthat the additional
oxygen is dissolved in the surface layers of the metal
lattice. Kurnikov and �c�o�-�w�o�r�k�e�r�s�l�~�5 have also used

potential sweep techniquesto investigatethe anodic
oxidation of iridium and have reported that, in
contrast to other metals of the platinum group, the
adsorptionof oxygen on the metal proceedswith the
formation of comparativelythick (phaseoxide) layers.
Monolayer coveragewas achievedby theseauthors at a

-3
potential of 0.6 V - 0.65 V in 0.5 mole dm �H�2�S�0�~

and the adsorption increasedrapidly with increasing
potential, reachingmore than 20 monolayersbefore

evolution of oxygen commenced. Results have also
been �r�e�p�o�r�t�e�d�l�~�5 for experimentscarried out in

alkali and it appearsthat, while adsorptionof
oxygen begins at a lower potential, the total amount

of oxygen adsorbedis only half as great.as in acid.
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4.2. The Reversibility of the Oxide Formation and
Reduction Reactions

Charging curves for the platinum metals41 ,143,146

(especiallyplatinum itself) usually show that the
oxide films are reducedonly at potentialsconsider­
ably more cathodic than those at which they are
formed. This effect, frequently referred to as

hysteresis,is also evident in the cyclic voltammo­
grams of �p�l�a�t�i�n�u�m�4�4�,�~�o and most of the platinum
metals.55 The cyclic voltammogramof iridium55,56,144

in acid solution, however, shows peaks corresponding
to the formation and reductionof the oxide film at
approximately the same potential. This suggeststhat
the electrochemicaloxide formation and reduction
reactionson iridium are reversibleprocesses. Peaks
on the voltammogramobtained in alkaline solution145

occur at potentialsdifferent from those in acid;
but here again there is little hysteresisbetween
the oxide formation and reduction processes. There
appearsto be some discrepancy,however, betweenthis

recent work of Kurnikov and co-workers145 and the

earlier work of Bold and Breiter.56 The latter
reported that in alkaline solution the reduction
peaks occur at potentialsslightly more cathodic

than the correspondingoxide formation peaks. The
reportedhysteresis(ca. 150 mV) is, however, much
less than that generallyobservedin the caseof
the other platinum metals.44,55

Stonehartand co-workers147 have investigated

the behaviourof the oxide reduction peaks on
platinum, palladium, rhodium and iridium. Electrodes
were anodi2edat various potentialsand for various

times and the oxide was then reduced in a cathodic
potential sweep. It was reported in the caseof all
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the metals investigated,exceptiridium, that as the
pretreatmentpotential was made·more anodic, the

potential of the oxide reduction peak shifted to
more cathodic values. A similar cathodic shift of

the reduction peak was observedif the anodization
time at a given potential was increased. This effect
was notably absent in the caseof iridium. Kurnikov
and co-workers145 have also observedthis effect and
have furthermore reported that the maxima on the

cathodic potential sweep curve of iridium lie at the
same potentials regardlessof the potential at which
the oxide layer was formed. The increasinglycathodic

potential values required for oxide reduction in the
caseof platinum, palladium and rhodium were attributed

by them to an increasein strengthof the bond of
oxygen to the metal and the result with iridium was
regardedas evidencefor the absenceof such bond­
strengtheningin this case. Stonehartand co-workers147

investigatedthe effect in some detail in the caseof
platinum. They postulatedthat the progressivechange

�~�n the potential for reduction of the film was due to
rearrangementof the platinum and oxygen speciesfrom

an ad-layer type of arrangementto a two-dimensional
Pt-O-Pt surfacephase. From the results obtainedon
iridium they concludedthat no such rearrangement
occurredon that metal. This would be expectedin the
caseof iridium if the anodic film was formed as a
phaseoxide, a situation which seemsplausible in view

of the reported145 growth of multilayer films.

4.3. The PresentInvestigation

In the courseof cyclic voltammetry experiments

on iridium, Capon and Parsons144 recently observed
that if the electrodepotential was cycled continuously
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in the region 0.05 V - 1.4 V over a period of ca. 1
hr, currents in the oxide region progressively
increased. No explanationwas put forward and the
effect was not further investigated.

During preliminary experimentsin the present
study of the anodic behaviourof iridium, similar
results were obtained. Since these showed that the

oxide capacityof an iridium electrodewas dependent
on its pretreatmentand in view also of the remarkable
discrepancybetween the values reportedby Kurnikov
and co-workers145 and those reportedby Bold and
Breiter,56 it was decided to investigatethe effect

in detail.

The iridium electrodeused had an exposedarea

of 0.22 cm2 and was constructedas describedin
Section 2.5. Experimentswere carried out using

-31.0 mole dm H2S04 as electrolyte in cell no. 1

(Figure 2.m). The electrochemicaltechniquesused
were charging curves, cyclic voltammetry and a.c.

impedancemeasurements.

RESULTS

4.4. Charging Curves

Conventionalcharging curves obtainedwith iridium

anodes in nitrogen-stirredacid or alkaline solutions
suggestthat only a monolayer of oxygen is adsorbedon
the metal surfaceprior to oxygen gas evolution.54 ,14J,148

The absenceof any arrest in the potential against
time curves over the oxide layer region is taken as
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evidence for the absenceof any type of stoichiometric
oxide (e.g. Ir02) formation. In the present investi­
gation it was found that although this type of
conventionalcharging curve was obtained following
a preliminary anodizationat 1.935 V, markedly different
resultswere obtained if, after this initial oxidation,
the electrodepotential was cycled in a triangular

manner at 10 Hz in the range 0.01 to 1.5 V for a short
period, e.g. 1 min. The resulting charging curve

(Figure 4.1) showed an unusually large oxide charge
capacity, and marked potential arrestswere noted at
about 0.75 and 0.94 V in the anodic direction and at
1.40 and 0.96 V Qn the subsequentcathodic curve.

This change in behaviourof the iridium surface
persistedalmost indefinitely provided that the
potential of the electrodedid not rise above ca.

1.6 V for any length of time. However, if an
"activated" electrodewith its enhancedoxide charge
capacitywas anodizedat 1.935 V, then subsequent
charging curves showed.theconventional lower
capacity, rather featureless,oxide layer region.

In what follows the phrase "activatedat 10 Hz"

will be used to indicate that the potential of the
electrodewas varied in a triangular manner between

0.01 and 1.5 V at a frequency of 10 Hz.

4.5. Cyclic Voltammetry

In Figure 4.2, the full line illustrates the type

of cyclic voltammogramobtainedwith an iridium

electrode.which had been anodizedat 1.935 V for
1 min and then activatedat 10 Hz for a further 1
min. The dashedline shows the results obtained
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-2
c.d. = 182 �~�A cm •



- 105 -

1.4
�L�-�-�_�-�L�-�-�-�-�L�.�-�~�~�_�I�'�-�-�-�-�-�a�.�.�.�-�~�-�I

o 0.2 0.4 0.6 0.8 1.0 1.2

electrodepotentialIV (againsthydrogenelectrode)

/
."

- .,- I... --"'----'-_- I
- -. Io�h�L�=�=�:�:�t�:�=�:�:�:�:�:�:�:�:�:�'�-�i�=�=�=�:�:�:�~�:�"�+�-�:�=�-�=�'�:�:�"�'�=�'�I�-�-�-�-�+�f �~�-�_�-�I�~�_�-�-�-�_�-�_�-�_�4�1 ....�~�<�L�L�-�J

�~�_�-�-�e�.�-�=�-�:�:�.�.�;�-�=�-�:�-�=�- - --. - .....-- ...--.- ...........

�~�o�o

�H�~�'�, )

�.�~
fvc

J
c:
c-:

.100

,I

FIGURE 4.2 Cyclic voltammogram (30 mV S-l I
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when the activation at 10 Hz was omitted. The oxide
chargecapacity is obviously muoh greater in the

first case. On the basis of theseresults one can

distinguish two types of iridium surface: the first
is an activatedsurfacewith a high oxide charge
capacity and the seconda deactivatedsurfacewith
low oxide charge capacity. Transformationof one
type to the other is readily achieved: an activated
surfacemay be deactivatedby strong anodization

(above ca. 1.6 Vi see Section 4.7) while a deactivated
surfacemay be activatedas describedearlier by
cycling its potential.

A detailedexaminationof the cyclic voltamrnograms

shown in Figure 4.2 is quite interesting. On both
types of surface the main oxidation and reduction
processesoccur at about 0.97 V with, as noted
�p�r�e�v�i�o�u�s�l�y�,�5�5�,�5�6�,�1�~�7 remarkably little hysteresis•.

Activating the iridium surfaceat 10 Hz had the

effect not only of increasingthe overall oxide
charge capacitybut also of demonstratingclearly

the existenceof a minor peak on the anodic curve
at about 0.7 V, and a shoulderon the same curve at
about 1.4 V. A surprising feature illustrated in
the results given in Figure 4.2 is that despite the
effect of cycling on the oxide charge capacityof
the iridium surface, the effect on the hydrogen
capacity or hydrogen region of the curve was negligible.

This important point is illustrated in Figure 4.3 where
a plot of peak heights as a function of the degreeof
activation shows a continuous steady increasefor all
the oxide peakswhile the hydrogen peak at 0.10 V

remains constant. This lack of dependenceof the
hydrogen peak currents is a feature which may be
noted also on some of the subsequentdiagrams. The
absenceof the small peak at about 0.7 V on the
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FIGURE 4.3 Effect of activation at 10 Hz (see

text) on the peak heights of the cyclic vo1tammogram.

L1, �~ and. refer to the anodic peaks at 0.98, 0.74

and 0.10 V respectively: 0 and 0 refer to the

oxide reduction peaks at 1.37 and 0.97 V,respective1y.



- 108 -

cathodic side of the voltammogramof an activated

surface and the fact that the cathodic currents in
the double layer region are larger than the corres­
ponding anodic currents for both activatedand de­
activatedsurfacessuggestsincomplete reduction of
the oxide prior to entering the hydrogen region.

Estimation of the oxide charge on the iridium
surface involved measuringthe area under the

cathodic curve from the maximum anodic potential
(usually 1.50 V) down to an arbitrary value of
0.40 V. The area thus obtainedwas comparedwith
the area under the curve for the prior anodic sweep.
Generally it was found that the area under the
cathodic curve was about 90% of the area under the

anodic curve in the caseof an activatedelectrode.
However, for a deactivatedelectrodethe ratio of
anodic to cathodic charge is of the order of 2:1

indicating incomplete reduction of the oxide in

this case.

The effect of added chloride on the �v�o�l�t�~�~�o�g�r�a�m�s

was investigatedfor both activatedand deactivated

electrodes. In either case both the anodic and
cathodic oxide peaks were unaffectedon making the

-3electrolyte0.04 mol dm with respectto HCl.
Current levels at potentialsclose to the maximum
(1.5 V) were slightly increasedbut this may be
ascribedto some chlorine evolution at these potentials.

4.6. The Activation Process

The increasein the oxide charge capacity of the

iridium surface.wasinvestigatedby taking an initially

inactive electrodeand activating it atlO Hz. At
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regular intervals during the activation processthe
10 Hz cycling was stoppedand one or two cyclic
voltammograms (0.01 - 1.5V at 0.01 Hz) run to
observeany changesin surfacebehaviour. The
oxide charge capacity of the surfacewas estimated

in each case from the area under the oxide reduction
portion of the curve as describedearlier. From the
results (Figure 4.4) it is clear that the oxide

charge capacityoffue iridium surface increases

markedly with increasingnumber of activating cycles.
For instance, the initial oxide charge capacity after

-2anodizing at 1.935 V was 2.11 me cm but cycling the
potential 5000 times (at 10 Hz) increasedthis

-2capacity to 46 mC cm The simplest explanation

for this increasein oxide charge capacity is
rougheningof the electrodesurfaceas is �k�n�o�w�n�f�~�9

to occur when the potential of platinum metals is
cycled in the presenceof dissolved hydrogen gas.

That this is not the case is clearly shown by the
fact that activating the electrodefor oxygen

uptake has virtually no effect on the hydrogen
capacityof the surfacewhich should also vary

with surfacearea.

A feature of the activation processworth

mentioning is the fact that for a particular degree

of activation, successivescansat 0.01 Hz gave
identical curves over the whole potential range.

Furthermore,stopping the activation to record
these scanshad no apparenteffect on the rate of

increaseof oxide charge capacity as a function of
the number of cycles (Figure 4.4). Clearly whatever

changewas responsiblefor increasingoxide charge
capacityof the surfacewas of a permanentcharacter

(provided that the potential was not allowed to rise

above ca. 1.55 V).
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FIGURE 4.4 : Effect of activating at 10 Hz on

the capacity of a smooth iridium electrodein

1.0 mol dm-3 �H�2�S�0�~ at 2SoC.
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4.7. The DeactivationProcess

As mentionedpreviously the oxide charge capacity
of an active surfacewas markedly reducedby anodizing
at 1.935 V. To investigatethis effect the following
experimentwas carried out. A smooth iridium surface
was first strongly deactivatedby maintaining it at a
high anodic potential (1.935 V) for 1 min; this
ensureda uniformly low level of activity at the
beginning of each run. The electrodewas next

activatedat 10 Hz for 1 min and then maintainedat
a selectedanodic potential in the range 1.50 to 1.75
V for 1 min. Cyclic sweeps (0.02 - 1.5 V) at 0.01 Hz
were then carried out. As shown in Figure 4.5 the

height of all oxide peaks in the resulting voltammo­
grams showed a marked decreasefor pretreatment

potentialsabove about 1.63 V. In contrastto this
the height of both anodic hydrogen peaks and the

cathodic current at 0.025 V were virtually independent

of the anodic pretreatment.

The transition from high to low oxide charge

capacitywas also investigatedas a function of the
period of anodizationat the high potential value in
the following manner. The electrodewas deactivated
initially by keeping at 1.935 V for a preselected
period of time. The effect of the latter pretreatment
times on the oxide charge capacity of the surfacewas
determinedfrom peak height measurementson subsequent

cyclic voltammograms (0.01 - 1.5V at 0.01 Hz). From
the results shown in Figure 4.6 it is evident that

the enhancedoxide charge capacity of the iridium
surfacedecreasesrapidly with time as a result of
anodizationat 1.65 V, whereasthe two hydrogen peaks

are, as usual, unaffected.
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4.8. Visual Observationof the Electrode

Measurementsof the area under the hydrogen-film
oxidation region of the cyclic voltammogram (e.g.

Figure 4.2) showed that the hydrogen coveragewas
sUbstantiallyunalteredby the activation process.

-2The value obtained, 350 �~�C cm , comparesrather
well with a recent literature report1 50 of 310 �~�C

-2 -2cm • If it is assumedthat the 350 �~�C cm
correspondsto complete hydrogen coverageon a metal
which according to d-band theory can chemisorbquite
strongly,52 then the charge for an oxide monolayer

-2 -2would be 700 �~�C cm • Given a value of 46 mC cm
as the oxide charge capacity of a well-activated
electrode (see Figure 4.4) then if the charge
storageprocesswere conversionof metal to metal
oxide the amount of oxygen in the surfaceoxide would
be ca. 66 times that for monolayer coverage. If
however, as would appearto be the case (see Discussion),
the charge storageis due to stoichiometrychangesin

the oxide, then the oxygen contentof the surfacecould
be greater than this by a factor of some small integer

(possibly 4).

In fact visible changeswere observedduring the

course of potential sweepsat 0.01 Hz for an iridium

electrodewhich had been activatedat 10 Hz for at
least 1 min. The colour of the surfacechangedfrom
a whitish metallic appearanceat lower potentials to
blue-black above about 1.0 V during the anodic sweep,
and returned to the original white stateat about
0.9 V during the subsequentcathodic sweep. Also
of interestwas·the fact that if the potential sweep

was extendedto,higher anodic values, the iridium
surfacechangedcolour �f�~�o�m white to blue-black as
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usual at ca. 1.0 V but changedback to white at ca.

1.7 V even though the potential.wasstill increasing
in the anodic direction. If the anodic scan was
stoppedfor a short while at 1.65 V the electrode
maintaineda dark colour and oxygen bubbles could

be seen evolving; however, if the scan was allowed
above about 1.7 V, the colour rapidly changedto
white. The transition from dark to white colour

at thesepotentialswas irreversible, i.e. on the
subsequentcathodic scan the dark colour did not
reappear.

4.9. Increasein Oxide Charge at Higher Potentials

The shoulderon the oxygen evolution current at
about 1.4 V in the cyclic voltammogram (Figure 4.2)

indicates further increasein the oxide charge
contentof the surface in this region. The effect
of potential on the extent of this increasewas
investigatedby deactivatingthe electrodefor 1
min at 1.935 V, activating at 10 Hz for 1 min, and
thenrunning slow (0.01 Hz) potential sweeps from
0.01 V to some selectedupper limit in the range
1.35 to 1.65 V. It was found (Figure 4.7) that

although the two lower anodic oxide peaks and the
lower oxide reduction peak remainedessentially
constant, the first oxide reduction peak at about

1.4 V increasedmarkedly as the maximum potential
of the sweep was increasedover the region indicated.

Obviously the degreeof oxidation of the anodic film
was increasingin this region which is close to the
critical potential for deactivation. In fact the
slight drop in some of the oxide peak values in
Figure 4.7 for scanswhere the maximum exceeded
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1.60 V is quite likely due to loss of oxide charge
capacity as a result of the commencementof the
deactivationprocess.

4.10. ImpedanceMeasurements

The responseof the iridium/solution interface
to an a.c. signal is illustrated for the oxide layer
region in Figure 4.8. Again there is a marked
difference in responsebetweenactivatedand

deactivatedsurfaces,the a.c. currentsbeing
much larger in the caseof the former. From Figure

4.8(a) it can be seen that the a.c. current behaviour
is highly reversiblebelow 1.5 V, the a.c. peaks on
the anodic scan being reproducedat approximately

the same potential on subsequentcathodic scans.

However, if the anodic scan was allowed to increase

to higher potentials, for instanceto 1.74 V, then
the a.c. current values in the subsequentcathodic

sweep were considerablylower {Figure 4.8(b)}. An
interestingfeature of the latter experimentwas
the appearanceof a sharp a.c. current peak at ca.

1.56 V.

DISCUSSION

4.11. The ExpandedLattice and Irreversible Oxide

Theories

Bold and Breiter56 reportedbriefly on an
observationthat the oxide coverageof the surface
increasedwith time during the courseof potential
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sweep experimentson iridium. Without investigating

the phenomenonin detail, they attributed the increase

to an expansionof the surface layer of the metal

lattice. Thus the enhancedanodic charge capacity

may be treatedin terms of the conventionalview

of the oxidation of a noble metal surface (e.g.

platinum) except that there is penetrationof oxygen

into the expandedmetal lattice. In contrast to this

is the view expressedby Woods1 51 that the growth of

the voltammetric peaks is due to the irreversible

formation of an oxide specieson cycling. According

to this view, currents in the oxide region of the

cyclic voltammogramare associatedwith changesin

oxide stoichiometry. It is assumedthat the oxide

film formed anodically on iridium is retainedunder

cathodic conditions so that, under all conditions,

one is dealing with an oxide· rather than with a

metallic iridium electrode.

Iridium has a wide range of oxidation states

ranging up to +8 and a variety of oxide species,

e.g. Ir203, Ir02' Ir03,are reported. There are

three different couples each with equilibrium

potentials (Eo) in strong acid in the region of

0.9 V, ViZ. 152

+ - EN 0.926-0.0591pH (1)2Ir +3H20 + Ir203+6H +6e , =
0

+2H20 + -
EoN 0.926-0.0591pH (2)Ir + Ir02 +4H +4e , =

2Ir02 + -
Eo/V 0.926-0.0591pH (3)Ir203+ H20 + +2H +2e , =

There is some discrepancybetween thesevalues and that

of the main anodic peak on the voltammogramat 0.98 V;

however, this is not too surprising as the exact potential
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probably dependson the degreeof hydration of the film.
In terms of the expandedlattice theory where one is
consideringmetal/metaloxide transitions the anodic
processesinvolved may be (1) or (2), whereas in terms
of the oxide retention theory the stoichiometrychanges
involved can be explained in terms of (3). According
to the latter view processes(1) and (2) are irreversible
whereas (3) is highly reversible. However, it is quite
probable that other species,e.g. non-stoichiometric
oxides, and hydroxides, are presentin the anodic film.
Since equilibrium potential values are not available
for many of these species,and in any event evidence
basedon peaks on the cyclic voltammogramis an
unreliable basis for phase identification, the nature
of the activatedanodic film on the iridium surface
must await some type of spectroscopicinvestigation,
e.g. X-ray photoelectronspectroscopy.1 53

4.12. Hysteresis

The lack of hysteresisbetween the main oxidation
and reduction peaks at 0.98 V is highly unusual for a
noble metal. The discrepancycan be explained if one
acceptsthat with iridium the oxide merely changes,
oxidation statewhereaswith other noble metals the
oxide is formed from, and reducedto, the metal. Such
a change in oxidation state could occur by the further
oxidation of an oxide of low valency during the
anodic sweep. On the cathodic sweep the oxide would
return to the original statewith consequentloss of
oxygen. While bonds in such oxides may have
appreciablecovalent character,the oxygen must bear
a significant negativecharge in view of its marked
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e1ectronegativity. Comparing some ionic radius
�1�5�~ 0 - .0 2- 0values ·(0,0.73 Ai 0, 1.76 Ai 0 ,1.32 Ai

�~�+ 0 0Ir , 0.68 Ai Ir, 1.36 A) it is difficult to see
. how oxygen could be absorbedor desorbedthrough
an oxide film of the order of 100 atoms in thickness
sufficiently rapidly to give reversiblebehaviour.
The changesin oxidation statecould alternatively
be explained in terms of the inter-conversionof an
oxide and a hydroxide correspondingrespectivelyto
the higher and lower oxidation states. In accord with
a mechanismsuggestedby Trasatti and �c�o�-�w�o�r�k�e�r�s�9�~ for

ruthenium oxide films, such an interconversionmight
be brought about by the migration of protons into the
oxide and out of the hydroxide. A·processof this
nature seemsmore likely to give reversiblebehaviour
than one involving the intermigration of oxygen and
iridium. Indeed the lack of a comparablemechanism
makes the lack of hysteresisextremely difficult to
explain in terms of the expandedlattice theory.

4.13. The Mechanismof the Activation Process

As indicated above, the activation processon
cycling the potential may be explained in terms of
growth of an irreversibleoxide. The main anodic
processduring a voltage sweep involves the oxidation
.of the low-valenceoxide to a higher statebut some
iridium metal is also oxidized. It is evident from
the vo1tammogramthat during the courseof a
potential sweep the stoichiometryof the oxide film

varies and the correspondingchangesin the ionic
dimensionsand oxide structureprobably createstress
variations acrossboth the oxide itself and the oxide/
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metal interfacewhich favour oxidation of the metal.

Such a process,involving intermigration of oxygen

and iridium, would be expectedto be kinetically

slow. On the subsequentcathodic sweep the oxide

is reduced to the lower valence statebut not to

iridium metal. Thus on each sweep there is a net

increasein the amount of irreducible oxide on the

surfacewith a consequentincreasein the charge

capacity. The rate of this chargecapacity increase

per activating cycle has been estimatedfrom Figure
-2

4.3 as 13.3 �~�C cm , the value being taken after an

activation period of 1 min at 10 Hz. This value

representsonly about 0.13% of the chargecapacity

of the oxide film, i.e. after 1 min of activation

the major portion of the charge is involved in oxide

stoichiometrychanges.

4.14. The Ratio of Anodic to Cathodic Charge

According to Feldberg and �c�o�-�w�o�r�k�e�r�s�~�o and also

Vetter and �B�e�r�n�d�t�~�l the ratio of anodic charge (Q >a
to cathodic charge (Qc> for the oxide formation and

dissolution processeson bright platinum is approxi­

mately 2:1 for the first measurementswith a fresh

platinum surface. This ratio decreasesin subsequent

measurementsto values approaching1:1. A similar

effect has been noted here in the caseof iridium

where the ratio of anodic to cathodic charge Qa:Qc

is of the order of 2:1 for a deactivatedelectrode

but changesto 1:1 on activation. Feldberg and

�c�o�-�w�o�r�k�e�r�s�~�o have explainedtheir observationsin

terms of the formation of an oxide film on the

platinum which is difficult to reduce beyond the
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half-reducedstate. The presentresults for iridium
might be similarly explained if'it is assumedthat
the oxide formed anodically is only partially reduced
in the oxide region of the cathodic sweep. However,
as discussedlater, slow reduction of the outer layers
of the remaining oxide may occur at potentialsclose
to zero. In the caseof an activatedelectrodethe
fraction of the total oxide film representedby this
reducedouter region is small and so the anodic charge
capacity Qa is not significantly affected. However,
for a deactivatedelectrodewhere the total amount
of oxide on the surface is small, the fraction
reducedat lower potentialsmay be appreciablewith
the result that the ratio Qa:Qc may be closer to
2:1 than 1:1 for the initial cycles.

4.15. Deactivationat Anodic Potentials

Whatever the nature of the active layer produced
on the iridium surfaceas a result of potential
cycling, its propertiesare lost on anodizationabove
about 1.60 V (Figures 4.5 and 4.6). It seems reason­
able to assumethat this deactivationarlsesdue to
loss by corrosion of the outer layer. As may be
seen from Figure 4.7 the �d�e�g�r�e�e�~�o�x�i�d�a�t�i�o�n of the
iridium surface increasessignificantly in the
oxygen evolution region. Evidently at about 1.60 V
the outer layer is oxidized to a soluble iridium
species, Although loss of this active layer is
quite rapid (Figure 4.6) there is no indication of
subsequentloss of iridium from the resulting de- .
activatedsurfaceuntil much higher potential values
(> 1.80 V). Further indications of a marked change
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in the behaviourof an iridium surfaceat the lower
potential value are worth noting. First of all both
the presentinvestigationand the results of Damjanovic
and co-workers97 ,155 show that a sharp change in the

Tafel slope for oxygen evolution occurs at about 1.57 V.
Secondly, a peak occurs on the a.c. current against
voltage curve at 1.56 V (Figure 4.8). According to
the theory of a.c. �p�o�l�a�r�o�g�r�a�p�h�y�1�5�~�s�u�c�h a peak is due
to the coexistenceof both componentsof a redox

�c�~�u�p�l�e�, a situation which would be expectedto arise
in the event of a corrosion process. The peak on the
a.c. curve at 1.56 V correspondsto the potential where
the oxidized and reduced forms of the couple are present
at equal activities, and the fact that the corrosion/
deactivationprocessbecomesmarked only at ca. 1.60 V
(Figure 4.5) suggeststhat there is significant over­
voltage associatedwith this reaction.

4.16. The Effect of Added Chloride Ion

A major advantageof the irreversibleoxide theory
is that it can account for the effect of chloride ions
on the anodic behaviourof iridium. The presenceof
chloride ion in solution is known to inhibit the
formation of an anodic oxide film on a clean platinum
surface.157 This effect can be explained in terms of

specific adsorptionof chloride ions onto the platinum
in aqueoussolution, and there is little reasonfor
�a�~�s�u�m�i�n�g that iridium should behave in a different
manner. However, the oxide layer region of the cycliC
voltammogramof .iridium was unaffectedby the addition
of chloride. This suggeststhat the processinvolved
here is not formation of an oxide film on a clean metal
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surfacebut possibly hydroxide oxidation with proton
transfer to the solution as describedearlier. Thus,
the oxidizable species (-OH) is already present in
the oxide layer, and adsorptionof chloride ion on
an oxide surface is in any event probably not as
strong as on a clean metal.

4.17. The Hydrogen Region

A major difficulty with the irreversibleoxide
theory arises in connectionwith the hydrogen region
of the cyclic voltarnmogram. The anodic oxide film
in questionhere is not the type of sinteredoxide
film preparedfor application in the chlor-alkali
industry by the thermal treatmentof ruthenium or
iridium trichloride on a titanium support.94

Insteadone is dealing with a freshly-deposited,
unsintered,and probably hydrated iridium oxide
film which can readily undergo a change in stoichio­
metry at ca. 0.975 V. Consideringalong with this
the fact that the known oxides of iridium are
thermodynamicallyunstablewith respectto reduction
below ca. 0.9 V under the conditions used, it seems
unlikely that the surfacewould remain in the
oxidized stateat low potentials. Another point
worth noting is the excellent agreementbetweenthe
charge required for the anodic hydrogen region both
in the presentwork and in the resultsof Bonnemay
et allso for iridium (310 to 350 �~�C cm-2

) and that
-2quoted by Gilman for platinum (300 �~�C em ). These

data would suggestan oxide-freemetal surfaceand
would in fact favour the expandedlattice theory
unless one could visualise some type of hydroxide
to oxide transition in the lower potential region
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+OH d �~ 0 d + H + ea s a s

The reverseof this processcorrespondsto hydrogen
adsorptiononto an oxide surface.

As noted earlier some slow reduction of the
surfaceof the lower valency iridium oxide at low
potentialswould explain the discrepancybetween
the anodic and cathodic chargesfor a deactivated

electrode. Further evidence for such a process

is afforded by the fact that currents in the double­
layer region are appreciablyhigher during the
cathodic sweep than during the anodic sweep.

This suggeststhat slow reduction of the lower
oxide is occurring at thesepotentialson the
cathodic sweep and it is reasonableto assumethat

this reduction continues in the hydrogen region.
Furthermore, the magnitudeof these cathodic
double layer currents is not changedsignificantly

after activation at 10 Hz. This suggeststhat the
.processinvolved is independentof the oxide thickness
and is likely to be a surface effect. Thus, it is

possible that the outer layers of the iridium oxide
are reducedso that hydrogen can chemisorbon an

array of iridium atoms supportedon an oxide. Cyclic
voltammetry is not a steadystate techniqueand some
oxygen may be diffusing slowly from the bulk to the

surface and being reducedthere over the lower region.

Current flow acrossthe oxide may well occur by an
electronicmechanismsince iridium oxide is known to
�e�~�h�i�b�i�t electronic conductivity.91 On continuing in

the anodic direction above the hydrogen region the

oxygen from the interior could reoxidize the surface

thus preventingchloride ion inhibition of the anodic

process.
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4.18. Comparisonwith Related Work

Recent ellipsometric experimentsby Otten and
Vischer158,159 are in agreementwith the above

results. The ellipsometric parameters,4 and �~

for iridium measuredat 0.2 V were found to change

if the potential of the electrodewas cycled. A
correspondingincreasein the anodic oxide capacity
of the surfacewas observed. The results obtained

in both casesindicated that relatively thick layers
were formed; however, the values did not agree, those

obtainedby ellipsometry being considerablylarger

than those obtainedby coulometry. This was inter­
preted as being due to local penetration,i.e.

pitting, of the metal surface. Furthermore,a
"disturbedmetal layer" formed at the surfaceand

extending towards the interior of the metal was
assumedby these authors. This is equivalent to
the expandedlattice theory. The lack of hysteresis
was not discussedbut it is difficult to understand

how a process, such as oxidation of iridium metal,
involving intermigrationof oxygen and iridium could
occur in a reversiblemanner. Similarly the lack of
inhibition of the oxidation processby added chloride

ion does not seem to be consistentwith the theory.

The possibility of proton migration94 as the mechanism
of oxidation and reduction was not mentioned in this

work.

Rand and WOOdS160 also observedan increasein

�t�~�e anodic oxide capacityof iridium electrodes

during progressiveslow potential cycling. They

further reported that the electrodewas deactivated

if it was removed from the cell and soaked in hot
chromic acid, and that a similar effect was observed

-3
if the electrolytewas replacedby 5 mole dm H2S0 4



- 129 -

and potential cycling was continued. In the latter

case, however, it appearsthat the electroderetained

some of its enhancedoxide charge capacity. The

activation effect was interpretedin terms of the

irreversibleoxide theory and the deactivationin

chromic acid or by cycling in relatively concentrated

acid was regardedas occurring by dissolution of the

oxide film. An observation160 that a slow corrosion

of 'iridium occurredduring potential cycling is

interestingin this connectionand it was suggested

that a balanceexisted between the formation and

dissolutionof the oxide layer in 5 mole dm-3 �H�2�S�0�~�.

It was also reported that a black deposit, presumably

an oxide, was sometimesformed by accidentallyheating

the iridium electrodeduring constructionand that

such an electrodeshowed similar behaviour to one

which had been activatedby potential cycling. This

would appear to lend further support to the

irreversibleoxide theory.

While iridium appearsto be an exception

within the platinum metal group on accountof the

highly reversible valence change in its anodic

film, this type of change is by no means uncommon

in electrochemistry. Thus, the reaction of the

nickel hydroxide electrodeat anodic potentials

in strong base involves the oxidation of Ni(OH)2

to NiOOHi this has been widely investigated161

and proton diffusion measurementsin the anodic

film were carried out recently by MacArthur162

using potential sweep and pulse techniques.

Similar work has been carried out in the caseof

the manganesedioxide163 and vanadium �o�x�i�d�e�1�6�~

electrodesystemswhere the correspondingreactions

are
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and

The first of these reactions is of considerable

interest since it occurs at the cathodeof the

commercial zinc/manganesedioxide alkaline battery.

It appearsfrom a recent review1 65 of proton

conduction in solids that an investigationof

proton migration in iridium oxide would be quite

interesting.

It may be pointed out, in conclusion, that

the presentwork seems to clarify the situation

with regard to some rather unusual claims made in

connectionwith an iridium electrodewhich was

patented166 as a pH-monitoring probe. According

to Ives and Janz167 this electrodeis preparedby

plating iridium onto a cleanedbasemetal and it

should be operatedin a solution in contactwith

air (but not pure oxygen). Measurementsapparently

show that this electrodehas an EO value of 0.97 V,

it respondsin a near theoreticalmanner to pH over

the range 0 to 14 at temperaturesfrom oOe to 70oe.
Furthermore,although it has a low impedance, it

requires a high impedancemeasuringcircuit as it
-7 -2

cannot deal with more than 10 amp cm without

polarizing - a surprisingdisability for a supposedly

reversibleelectrodeas pointed out by Ives and Janz.

These facts suggestthat the electrodein

questionhere is the Ir02/IrOOH system, the pH

responsebeing due to the equilibrium
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and the equilibrium potential of ca. 0.98 V according

to the presentwork agreeingquite well with the quoted

value of 0.97 V. Obviously this low impedanceelectrode

will be easily polarized since only a small charge is

required to saturatethe oxide layer or denude it of

protons.



CHAPTER V

IRIDIUM

Part 2: The Oxygen Evolution.Region
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Iridium is similar to ruthenium in many respects.
Both form oxides which behaveas metallic conductors:126

their specific resistancesare comparablewith that
of mercury and have positive temperaturecoefficients.91

Of the platinum metals ruthenium and iridium have the
highest number of unpairedd-electronsper atomi88

this suggestsstrong metal-hydroxyl bonding89 and,

consequently,low oxygen evolution overpotential.75

As discussedearlier (Chapter III), low overpotential

for oxygen evolution is, in fact, observedin the case
of ruthenium but a simultaneouscorrosion reaction
occurs.93 However, iridium has long been regarded

as extremely resistantto corrosion98 and seems to

be a much more interestingsubstratefor the investi­

gation of the oxygen evolution reaction.

5.1. The Corrosion of Iridium

From a chemical point of view, iridium is an
extremely stablemetal.112 It is unaffectedby all

acids (including aqua regia) and is only slightly
attackedby non-oxidizing molten alkalis. For this

reasonit has sometimesbeen used insteadof platinum
for making crucibles and other apparatus.

Llopis and Jorge96 have investigatedthe anodic

corrosionof iridium in hydrochloric acid solutions.

This was statedto proceedthrough the formation of
. 2- 3-IrC1 6 and IrCl 6 , the formation of Ir(III) tending

to be more important at less positive potentials.
The metal was reported to be more resistantto

corrosion than platinum under both d.c. and a.c.

conditions.
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A high overpotentialwas reported96 for the
anodic corrosion reaction; galvanostaticanodic
and cathodic charging curves were used to study
the effect. Passivitywas reported to set in at
potentialswhere the anodic formation of an oxide
film occurs. For HCI concentrationshigher than

-34 mol dm anodic charging curves could be divided
into two sections, the first correspondingto
corrosionof the metal and the secondto evolution
ot chlorine and oxygen on the passivatedmetal.
At lower acid concentrationsno intermediatearrest
was observedon the charging curves indicating
passivationof the iridium even at the lower current
densities. The values at which the electrode
passivatedwere found to increasewith increasing
HCI concentrationand temperature,but in any case
they were much lower than those observedwith
platinum electrodesunder similar conditions.

The anodic corrosion of iridium by direct
current alone has also been studied99 using radio­
active tracer techniques. The isotope used was
192Ir which has a half-life of 74.4 days. The
results confirmed that the metal passivatedvery

easily but �s�o�m�~ corrosion remained, its rate being
very small and dependenton pH and chloride ion
concentration. The nature of the complexesformed
in this investigationwas not discussed.

The activating effect of chloride ions on the
anodic corrosion of the metal was explained96 in
terms of specific adsorptionat the surface. This,
it was claimed, leads to a weakeningof the bonds
between the surfaceatoms and the metal lattice.

On the other �h�a�n�~�, the formation of complexesleads
to stabilizationof metal ions on the solution side.
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When the potential reachesa suitably positive value,
metal ions pass to.the solution side forming complexes
with the chloride ions and it may be expectedthat
specific adsorptionwill lead to a diminution of the
free energy barrier that controls the rate of the
anodic dissolution process.

Llopis98 has further reportedthat the corrosion
rate of iridium in chloride solution is markedly
increasedby superimposingan alternatingcurrent, �~

this effect being less marked with iridium than with t,

-3platinum. Results obtained in 6 mol dm HCl showed
that for a given direct current (i ), the electrode

c
remainedpassiveuntil a certain value of alternating

current (i ) was superimposed. As i was furthera a
increased,the corrosion rate also increased. The
effect of a.c. was stated to be more pronouncedat
low frequencies.

Valence statesof dissolved iridium were

determinedand the formation of both Ir(III) and
Ir(IV) was reported. The relative proportion of
Ir(III) increasedas the potential was made less
positive, or as i was decreased,or as the ratio

c
i /i was increased.a c

The corrosion of iridium in chloride solution
under the influence of a.c. only was investigated99

using mains frequency (50 Hz). It was found that,
at constantalternatingcurrent density, the ratio
of Ir(III) to Ir(IV) increasedwith acid concen­
tration. Furthermore, the surfacestateof the
electrodeplayed a part so that the ratio obtained
at a particular HCl concentrationand a.c. current

density was not always the same.
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The nature of the ionic speciesexisting in
solution as a result of iridium ·.corrosionby a.c.
was studied99 by UV and visible absorptionspectros­
copy. The spectrumobtaineddependedon the acid
concentrationused. It was possible to assign some
of theseto definite complexes. A slow tirne­
variation of the spectrumwas also reported in
the caseof the more dilute HCl solutions and this
was attributed to the spontaneousreduction of
Ir(IV) speciesto IreIII).

The behaviourof iridium in sulphuric acid
solutions during the passageof alternating
currentsof large amplitude was investigated
by Boiko and Kadaner.168 It was reportedthat
corrosion of the iridium at 50 Hz a.c. in 7.5 mol

-3dm �H�2�S�0�~ occurredat higher alternatingcurrent
density values. The valency of iridium in the.
solution speciesdependedon the current density.

_2
No corrosionwas observedat 50 rnA cm , but at
100 rnA cm-2 corrosion of iridium to the trivalent
stateoccurred. At 250 rnA cm-2 both trivalent and
tetravalentiridium specieswere reported.

In summary then, corrosion of iridium under
the influence of alternatingcurrent has been
reported in both HCl and �H�2�S�0�~ solutions. A slow
corrosion reaction has also been observedfor
anodically polarized iridium in Hel solutions.
There appear, however, to be no reports in the
literature of iridium corrosion by d.c. in chloride­

free media.

t._



- 136 -

5.2. Oxygen Evolution on Iridium

Damjanovic, Dey and Bockris97 have investigated
platinum, rhodium, iridium and platinum-rhodium
alloys as electrocatalystsfor the oxygen electrode

reaction. They reported that at potentialsmore
anodic than 1.4 V, iridium was the most active of

the substratesinvestigated. All the substrates

showed two distinct linear regions with different
slopes in the anodic overpotentialregion of the
V-log i (Tafel) plot. Transition from one slope
to the other was reported to be sharp. Except

in the caseof rhodium in acid solution, only one
linear region was observedon the corresponding
Tafel plot for oxygen reduction.

In the caseof iridium, the line obtained
at lower anodic overpotentialson the Tafel plot

intersectedthe line for cathodic overpotentials
at 1.23 V and it was concludedfrom this that the
same mechanismaccountsfor both the oxygen evolution

and reduction reactions. It was deducedfrom the
Tafel slopes that the overall rate is controlled by

an electrochemicalstep which occurs twice while the
overall reactionoccurs once. It was furthermore
statedthat two charge transfersprecede the rate­

controlling step in the case of the anodic reaction.

Three reaction paths which satisfy this requirement
were considered. Observationof the pH-dependence
of the overpotentialled to the conclusion that the

following was the most likely mechanism.

+ -
�-�-�-�~�~ SOH + H + e ,

+ -
�-�-�-�.�~ SO + SH20 + H + e ,

2S0 .. 02 + 25,
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where S representsa site on the metal-surface. This is

termed the electrochemicaloxide mechanism. More detailed

considerationof the variation �~�f overpotentialwith pH

in both acid and alkaline solutions led Damjanovic and

Wong169 to support the electrochemicaloxide mechanism

at iridium electrodes.

The oxygen evolution reactionon iridium was also

investigatedby Hoarer
170 who reporteda linear Tafel

plot with a slope of 80 mV. It was concludedthat the

reaction takes place on a conducting layer of Ir02 and

that the mechanismis similar to that for platinum and

rhodium. The observedTafel slope (80 mV) compares

poorly however with the value (40 mV) reportedby

Damjanovic and co-workers.97 This casts some doubt on

the latter group'smechanisticinterpretationwhich was

basedalmost solely on Tafel slope values. Indeed they

themselveshave noted that mechanismdeductionscan be

made in this manner only when the changeof the substrate

with potential and time is negligible in the potential

region of the kinetic analysis.

5.3. The PresentInvestigation

The poor agreementbetween publishedresults and

the lack of a generally-agreedmechanismindicated the

need for further researchon oxygen evolution at iridium.

Since previous investigationstended to centre on low

current densities, it was decided to study the behaviour

of the metal over a wide range of anodic potentialsand

to investigatealso whether any corrosion occurred.

Experimentswere carried out using cell no. 2

(Figure 2.10). When cell currentswere likely to exceed

2'rnA automatic correctionof solution iR was made, using.

the circuits in Figures2.7and 2.8. In potential step

experiments,the electrodewas pretreatedby keeping its

potential at 0.0 V for 1 min and subsequentlyat 0.6 V

for a further 1 min.

All spectrawere recordedon a Perkin-Elmer 402

ultraviolet-visible spectrophotometerusing quartz cells.
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RESULTS

5.4. The Time-Variation of Current

The variation of current density as a function

of time was investigatedfor an iridium electrode

at a number of different potentials. In each case

the electrodewas pretreatedat 0 V and 0.6 V as

describedearlier. Resultswere plotted using

logarithmic scaleson both axes and are shown in

Figure 5.1. Over the anodic range 1.50 V to 1.70V

linear behaviourwas observed, i.e. the logarithm

of the current density decreasedin a linear manner

with the logarithm of time. Similar behaviourhas

been reportedby Schultze
7

- in the caseof platinum

for times greater than 1 sec and for potentials from

1.6 to 2.0 V. However, at potentialsof 1.8 V and

greater the anodic currents in the caseof iridium

decreasedinitially, then becamesteady for some

time prior to undergoing a subsequentslow increase

to approximatelyconstantvalues. At a potential

of 1.75 V the observedslope was intermediateto

the two casesdescribedabove; evidently the

transition from one type of behaviour to another

occurred in this region.

5.5. Tafel Plots

The constructionof a Tafel plot for the oxygen

evolution processis generally complicatedby the

difficulty in attaining true steady-state�v�a�l�u�e�s�.�7�3�,�7�~

In the case of iridium the problem is alleviated
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somewhat in the region above 1.8 V since here the
currents reach a relatively constantvalue in a
short time (typically 5 min). At lower potentials
the current densitieschange; however, the rate of
change becomessmall at long times so that the
variati·on of current density with potential may.
be examinedby comparing the pseudo-steady-state
current densitiesafter a particular time at each
potential. The resulting Tafel plot is shown in
Figure 5.2. The current density values shown for
potentialsof 1.78 V and greaterwere the minima
on the current decay curves. At potentials lower
than 1.78 the values shown for iridium are the
pseudo-steady-statecurrent densitiesattained
after a time of 60 min. The correspondingcurve
for platinum is also shown, the pseudo-steady­
statevalues being measuredin this case after 15

min.

It is apparentthat over the range investigated
(1.6 V to 1.95 V) the current density on iridium is
much greater than on platinum (by a factor of 52 at

1.6 V and 1780 at 1.95 V). Three linear regions
are evident on the plot for iridium: AB, BC and
DE, with Tafel slopes of 53.5 mV, 112.0 mV, and
126.6 mV, respectively. Evidently the change in the
anodic behaviourof iridium mentionedearlier 1n
connectionwith the current decay curves must occur
in the potential range CD. As will be described
shortly this region also correspondsto the onset
of corrosion. It may be worth noting that although
the anodic current undergoesa marked increaseover
the short range CD, the regions on either side of
this transition, i.e. BC and DE,have similar slopes.

�~�'�.
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5.6. Effect of Electrolyte

The behaviourof platinum and iridium electrodes
in acidic and alkaline electrolytesat high anodic
potential was comparedby measuringthe current
decay curve at a constantpotential of 1.89 V. The
results, which were again plotted using a logarithmic
scaleon both axes (Figure 5.3) clearly show that the
highest current density was obtainedwith iridium
anodesin acidic solution. In the caseof platinum
the current densitieswere of similar magnitude in

-3 -31.0 mol dm as in 1.0 dm NaOH but on iridium
the current densitiesin acid were much greater
(by a factor of ca. 51 after 1000 sec) than the
correspondingvalues in base. However, even in
base the current densitieson iridium were much
greater (by a factor of ca. 33) than the corresponding
values on platinum. The current decay in the caseof
iridium in 1.0 mol dm-3 NaOH is similar to the
behaviourof platinum under both acidic and basic
conditions. The obvious exception is iridium in

-31.0 mol dm �H�2�S�0�~�, where an initial small decrease
is followed by a slow subsequentincreasein anodic
current density. Evidently there must be an unusual
mechanismfor oxygen evolution at iridium anodes
at high potential (> 1.75 V) in acidic media.

5.7. Corrosion

It was observedduring the anodizationof iridium

at high potentials in acidic media that some corrosion

of the metal occurred to give a brown speciesin
solution. This ,side-reactionwas investigatedby

pretreatingthe electrodeat 0 V and 0.6 V as
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mentionedpreviously and then stepping the potential

to a preselectedanodic value. 'After a given period

of time the electrolysiswas stoppedand the electro­

lyte removed from the anode compartmentof the cell.

The iridium content of this solution was measured

using the stannousiodide technique, and the UV­

visible spectrumof the brown solution was also

recorded. Fresh electrolytewas placed in the cell

and the experimentwas repeatedat the same potential

for different times. The quantity of iridium in

solution, as estimatedby the stannousiodide174

analysis, was plotted against the anodizationtime.

From theseplots the rate of corrosion of iridium

was determinedat each potential in the range 1.85 V

to 1.95 V. The optical density of the electrolyte

at 455 nm (standardizedto a volume of 15 ml) was

also plotted againstanodizationtime as shown in

Figure 5.4. The linearity of the plots indicates

that Beer's law was obeyed, and comparisonwith the

iridium concentrationsobtainedby the analysis

procedureyield a value of £ = 1.2 X 104 litre

mole-1 cm-1 for the molar extinction coefficient.

The measuredcorrosion rates correspondto

partial current densitiesfor corrosion ranging
-2 -2

from 18.6 �~�A cm at 1.85 V to 633 �~�A cm at

1.95 V, assumingan overall 6-electronprocess

(e.g. Ir to Ir02++). Since the correspondingtotal

current densitiesare 0.3 A cm-
2

at 1.85 V and 1.85 A
-2cm at 1.95 V, the current density due to corrosion

is a negligible fraction of the total in the potential

range investigated. As shown in Figure 5.5, a linear

Tafel-type plot of slope 59 mV was obtainedby

plotting the logarithm of the corrosion rate versus

potential. Since the slope of the corresponding
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region of the Tafel plot for the total current (which
is essentiallythe oxygen evolution current) as shown
in Figure 5.2 is 126.6 mV, the rate of iridium
corrosion is evidently increasingmore rapidly than
the rate of oxygen evolution.

5.8. The Solution Species

The UV-visible spectrumof the brown iridium
speciesobtained from corrosion of iridium in

-31.0 mol dm H2S04 (Figure 5.6) was found to have
an absorbancemaximum at 455 nm. A similar result
was obtained if 1.0 mol dm- 3 HCl04 was used instead

of H2S04 showing that the iridium speciesobtained
is not affected by the nature of the anion present.
If the electrolytecontaining the brown iridium
specieswas allowed to stand for a few days its
colour changedto purple and the spectrumwas then
shown to have an absorbancemaximum at 535 nm

. (Figure 5.6). A similar colour changewas obtained
almost immediately if an oxidizable species (e.g.
hydrogen or hydrogen peroxide) was added to the
brown solution.

5.9. The Effect of Chloride Ion

The effect of added chloride ion on the oxygen

evolution current was briefly investigated. Current­
voltage curves for an iridium electrodein 1.0 mol

-3
dm H2S04 in the absenceof chloride and in the
presenceof various concentrationsof chloride ions

are shown in Figure 5.7. Obviously at higher
potentialsthe current densitiesare markedly
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decreasedby the progressiveaddition of chloride.
Comparedwith corrosion into chloride-freeelectrolyte,
corrosion into chloride containing electrolytedid not
occur as readily and it resulted in a brown species
with an absorbancemaximum A = 480 nm, whose colourmax
did not changeon standing.

DISCUSSION

5.10. Oxygen Evolution Mechanisms

There is at presentno generally acceptedmechanism
for the oxygen evolution reaction. This lack is scarcely
surprising in view of the complexity of the processwhich
may involve electrochemical,adsorbedradical, and oxide
film decompositionsteps,133as well as taking place at

an interface where the extent of metal oxidation can
vary with both potential and �t�i�m�e�.�7�~ Attempts to use

Tafel slopes (6V/6 log i) as an unambiguouscriterion
of reaction mechanismin the caseof the oxygen
evolution reaction97 have been criticized by Breiter133

and the fact that the reportedTafel slopes for this
reaction at low current densitieson iridium vary from
40 mV97,169 to 80 mV 170per logarithmic unit of current

density reinforces the need for caution.

As"mentionedearlier thermodynamiccalculations
by Hickling and Hills 81 suggestthat hydroxyl radicals

producedaccording to the equation

---. OH da s + + e 5.1
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playa central role in the oxygen evolution process.
The idea i$ supportedby the observed?Scorrelation
betweenexperimentaloxygen overvoltagevalues and
the estimatedstrengthof the M-OH bond for a range
of metals. This correlation is borne out by the
presentinvestigationwhere the Tafel plots (Figure
5.2) show that the ratesof oxygen evolution, over
the potential range investigated,are much higher
on iridium as comparedwith the less strongly
chemisorbingplatinum.

5.11. ProcessesOccurring at Lower Potentials

There is ample evidencefrom cyclic voltammetry
(see Chapter IV) that an iridium surface in aqueous
solution is coveredwith an oxide film at potentials
well below the reversibleoxygen potential of 1.23 V.
It seemsreasonable,therefore, to assume (as have
Damjanovic and co-workers9 ?,169 that at low over­

potentials « 1.57 V) there is a small equilibrium
avtivity of adsorbedhydroxyl radicals on the
oxidized electrodesurface, and that the rate of
oxygen evolution is determinedby the reaction of
thesewith other surface speciessuch as oxygen.
The break in the Tafel plot at 1.57 V (Figure 5.2)

clearly indicatesa changeof mechanismat this
potential, and it is possible that at this stage
the reactionof the adsorbedradicals is so rapid
(due to their high activity) that their rate of
formation, according to equation 5.1 becomesrate
determining. Although Ir02 is quite a good
electronic conductor there is, as seen in Chapter
IV, evidencefrom cyclic voltammetry that over the
region 1.4 V to 1.6 V the anodic film on iridium
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can take up considerablequantitiesof oxygen and this
increasein oxide stoichiometry"mayimpede electron
transfer. It is assumed,therefore,that above 1.57 V
there is a non-equilibrium concentrationof hydroxyl
radicals on the oxide surfaceand an appreciable

charge-transfercomponent in the total overpotential.
Some evidence linking "the change in oxygen evolution
behaviour with changesin the propertiesof the oxide
film is provided by the fact that the thick anodic
film producedon an iridium surfaceby cycling the ,-
potential in a triangular manner (e.g. 0.01 V to <,"

1.50 V at 10 Hz) corrodesoff the surface above
1.57 V.

The decreasein oxygen evolution current with
time under potentiostaticconditions at potentials
less than ca. 1.8 V (Figure 5.1) is probably due to
slow transformation,possiblewith further slow
uptake of oxygen, of a thin layer of surfaceoxide
resulting in lower reactivity or electronmobility

in this region.

5.12. ProcessesOccurring at Higher Potentials

A sharp increasein current density occurs with
an iridium electrodein acid solution at ca. 1.8 V
(Figure 5.2). Above this potential it was also
observedthat the current density time behaviour at
constantpotential (Figure 5.1) differed from that
at lower potentialsas describedearlier. These
facts seem to indicate a change in the mechanism
of oxygen evolution in this region. The onset of
continuous iridium corrosion'atabout this potential
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suggestsa major �c�~�a�n�g�e in the propertiesof the
metal ions in the anodic film. ·It is possible
that above 1.8 V a higher oxidation stateof
iridium is produced in the outer region of the
�o�~�i�d�e layer; this can react with water to yield
an unstableoxide specieswhich decomposeswith
evolution of oxygen gas and regenerationof the
lower oxidation stateof the metal ion. This type

of cyclic mechanisminvolving participationof an
ionic speciesin two valence statesis well

establishedin electrochemistry,a well-known
example being the reduction of hydrogen peroxide

at a mercury cathodein the presenceof ferric ions.131

The rate of reduction of hydrogen peroxide on mercury

tends to be rather slow. However, on addition of a
ferric salt the ferric ions are reducedto ferrous ions
and the latter reduce the hydrogen peroxide and are

thereby convertedback to the ferric state to carry
on the cycle. Some evidence in support of a mechanism

of this type may be got from the work of Wohler and
�.�W�i�t�z�m�a�n�n�l�~�2�w�h�o reported that by fusing iridium with

sodium peroxide a compoundof approximatecomposition
IrQ may be obtained, and that this liberatesoxygen

on treatmentwith sulphuric acid solution. Possibly

a similar speciesis formed on iridium under anodic
conditions. It is also interestingto note that
while eerie sulphateis stable in sulphuric acid

solution, it reactswith the water presentto
liberate oxygen gas when low concentrationsof iridium

ions are presentin the solution.171

Both the oxygen evolution processand the

corrosion processobey the Tafel relationship, and

while the former is one million times faster than the

latter, the observedslope values show that the
corrosion rate is increasingwith potential twice
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as rapidly as the oxygen evolution rate. This result
may be explained by assumingthat the rate-determining
step is the formation of the higher oxide speciesand
that there is then competition between reaction with
water, resulting in oxygen evolution, and the corrosion
process. Of these two reactions, the former is a purely
chemical processand is not expectedto be greatly
influenced by potential changes. The corrosion reaction

on the other hand, since it involves electron transfer,
is expectedto increasewith increasinganodic potential.

Therefore, the more marked dependenceof the corrosion
processon potential can be explained in terms of this
electrocatalyticmechanisminvolving formation of a

reactive higher oxidation state.

It is likely that the hydroxyl radical is the
intermediatein the oxygen evolution reaction not

only at potentialsbelow 1.8 V but also at short times
after a potential step to values above 1.8 V. This

would explain the initial decreasein current at these
potentials. However, at longer times reaction via the

higher oxidation state intermediatebecomesmore
important than reactionvia hydroxyl radicals and
the current becomesalmost constantsince the species

being oxidized is now within, and not simply on, the
outer regions of the anode surface. A very slow
increasein current density occurring above 1.8 V

at these longer times probably reflects changesdue

to corrosion or rearrangementin the oxide film
resulting either in an increasein the amount of

oxide participating in the reactionor a lowering

of the activation energy for the formation of the

higher oxidation state.

The brown �~�p�e�c�i�e�s formed in the bulk of solution
during the course of the corrosion reaction is probably
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++IrQ2 • This iridium VI specieshas been reported

earlier by Dwyer and Gyarfas172 who preparedit by

oxidation of iridium(III) sulphate,perchlorateor

nitrate at a smooth platinum anode. The purple

solution obtainedon addition of a reducible species

to the brown solution was probably some form of
. 172 ++ . +quadrivalent irid1um,. e.g. IrQ or ([rOQH) •

The current obtained in base at potentials

above 1.8 V is considerablysmaller than the corres­

ponding current in acid. Furthermore, it decays

continuouslywith time (Figure 5.3). It appears,

therefore, that even at thesehigh potentials the

oxygen evolution reaction in baseoccurs via a

hydroxyl radical intermediaterather than by the

type of oxide decompositionmechanismassumedin the

caseof acid. The difference could be explainedeither

if the higher oxidation stateof iridium was not

formed or if it did not decomposereadily in alkaline

solution. Evidence in support of the latter is

provded by the work of 'Wohler and Witzmann1..2 who

observedthat IrQ is stable in alkaline solution.

The possible formation of iridate species152 (IrQ ..=)

in solutions of high pH must also be borne in mind.

The chloride inhibition of the oxygen evolution

reaction on iridium (Figure 5.7) is scarcelysur­

prising since this anion is weakly hydrated and tends

to displacewater molecules in the inner region of the

double layer.173 It is capableof functioning as a

ligand and by bonding to metal ions on the surface

�i�~ can retard various electrodeprocessesin the

di . 157ano c reg1on.
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It might appearat first that iridium is
unsuitableas a substratefor oxygen evolution
due to the corrosion reaction. However, this is

not necessarilytrue since the current densities
involved at the potentialswhere corrosion occurs
are very large. .Oxygen is evolved on iridium at
1.65 V at the same rate as on platinum at 1.95 V
and a rate of oxygen evolution 30 times that on

platinum at 1.95 V is obtainedon iridium at a
potential well below that at which detectable

corrosion begins. This could be increased
considerablyby the use of iridized rather than

bright iridium electrodes. From the viewpoint of
industrial application, the high cost of iridium
also dictates the use of thin iridium depositson
basemetals such as titanium and the propertiesof

such deposits, particularly those of high roughness
factor, on such substrateswould seem to merit

investigation.
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APPENDIX 1

The following table which refers to the most

recent data on the General Electric Company's

solid polymer electrolyser87 is included to

illustrate the various sourcesof energy loss

associatedwith the electrolytic production of

hydrogen from water. Current density i = 2.15 A
-2 -2 0

cm (2000 A ft ); temperature,T = 82.2 C

(1800 F) •

TheoreticalVoltage (82.20 C) = 1.18 volts

Oxygen Overvoltage = 0.38 volts

Hydrogen Overvoltage = 0.04 volts

Electrolyte ResistanceLosses = 0.45 volts

Leads Losses = 0.05 volts

OperatingCell Voltage = 2.10 volts
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1. Lowering of the Overvoltagefor Oxygen Evolution
at Noble Metal Electrodesin the Presenceof
Ruthenium Salts.

D. N. Buckley and L. D. Burke, J. �E�l�e�c�t�~�o�a�n�a�l�.

�C�h�e�m�.�~ 1974, 52, 433-442.

2. Enhancementof Charge Capacity of an Iridium

Surface in the Anodic Region.

D.N. Buckley and L. D. Burke, J. Chem. Soc.
�F�a�~�a�d�a�y �T�~�a�n�8�. �1�~ 1975, 71, 1447-1459.

3. Oxygen Evolution and Corrosion Behaviour of

Iridium under Anodic Conditions.
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