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Redox and electrochemical water splitting catalytic
properties of hydrated metal oxide modified
electrodes†

Richard L. Doyle,* Ian J. Godwin, Michael P. Brandon and Michael E. G. Lyons

This paper presents a review of the redox and electrocatalytic properties of transition metal oxide electrodes,

paying particular attention to the oxygen evolution reaction. Metal oxide materials may be prepared using a

variety of methods, resulting in a diverse range of redox and electrocatalytic properties. Here we describe the

most common synthetic routes and the important factors relevant to their preparation. The redox and

electrocatalytic properties of the resulting oxide layers are ascribed to the presence of extended networks of

hydrated surface bound oxymetal complexes termed surfaquo groups. This interpretation presents a possible

unifying concept in water oxidation catalysis – bridging the fields of heterogeneous electrocatalysis and

homogeneous molecular catalysis.

In context

Over the past 50 years considerable research efforts have been
devoted to the realisation of efficient, economical and renewable
energy sources. Metal oxide materials have played a large part in
this drive with demonstrated applications at both the research and
commercial level. Their use in areas such as batteries, fuel cells and
water electrolysis has resulted in the development of materials with
a diverse range of structural and chemical properties. In all cases,
understanding the fundamental electrochemistry of the material
can be invaluable for rational design and optimisation. This review
focuses on the redox, charge transport and electrocatalytic proper-
ties of transition metal oxide electrodes as they pertain to the
electrolytic splitting of water. Particular emphasis is placed on the
nature of the active surface which is interpreted in terms of
hydrated interlinked oxymetal complexes termed surfaquo groups.
In this way, the review seeks to bridge the gap between hetero-
geneous electrocatalysis and homogeneous molecular catalysis for
water oxidation, areas of considerable modern interest and activity.

1. Introduction

From coal to natural gas, the trend in fuel usage over time has
tended towards an increase in the hydrogen content of the fuel.1

This natural progression coupled with the dwindling supplies of
traditional oil based fuels, increased awareness of CO2 emissions
and soaring oil costs would lead one to believe that hydrogen gas
will be a strong choice of fuel for the future. Indeed, hydrogen
gas has been described as the ultimate clean energy source.2

Molecular hydrogen not only possesses a higher gravimetric
energy density when compared with traditional fossil fuels but
its combustion in energy devices such as fuel cells produces
water as its only by product.3 Consequently, the use of hydrogen
as a fuel has been proposed as the basis for a long term energy
conversion and storage option, the so called hydrogen economy,
consisting of the production of molecular hydrogen from non-
fossil sources, its distribution and storage, and its cold combus-
tion in a fuel cell to generate electricity.4

Of course when considering the environmental impact of an
energy source, its method of production, and not just the
products of its combustion, must also be taken into account.
Currently, the dominant industrial method of hydrogen pro-
duction is from the steam reforming of natural gas.5 This is an
inherently environmentally offensive route due to both the
consumption of natural gas as a fossil fuel, and to the produc-
tion of CO2 as a product of the steam reforming process. In
contrast, hydrogen generation via alkaline water electrolysis,
using electricity generated from renewable sources, offers a
clean, environmentally friendly and reliable route to the large
scale hydrogen production required for a possible hydrogen
economy.6–9 However, although the reaction of interest in an
electrolysis cell is the generation of molecular hydrogen at
the cathode, it is the generation of molecular oxygen at the
anode which is the most energy intensive step in the overall
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electrolysis process.9–11 In practice, the efficiency of water
electrolysis is limited by the large anodic overpotential of the
oxygen evolution reaction (OER). Thus, understanding and
optimising the oxygen evolution process is seen as one of the
remaining grand challenges for both physical electrochemistry
and energy science.

Over the past thirty years, considerable research effort has
been devoted to the design, synthesis and characterization of
OER anode materials with the aim of achieving useful rates of
active oxygen evolution at the lowest possible overpotential,
thereby optimizing the overall electrolysis process. Currently,
the optimal OER anode materials are Dimensionally Stable
Anode (DSA) type electrodes based on RuO2 and IrO2. These
electrode materials, which were originally used in the produc-
tion of chlorine, exhibit the lowest overpotentials for the OER at
practical current densities.12 That said, despite their excellent
electrocatalytic performance, the high cost of these materials,
particularly iridium, and their poor long term stability in alka-
line solution renders their widespread commercial utilisation
both uneconomical and impractical.13 In light of these limita-
tions, the oxides of the first row transition metals offer a
compromise solution. Although they possess inferior electro-
catalytic activity for the OER, their relatively low cost and long
term corrosion resistance in alkaline solution makes them
attractive OER anode materials.13–18 Consequently, a significant
body of research exists on the application of non-noble transition
metal oxides as OER anodes. Among the most promising materials
are various intermetallic alloys,19–21 electrodeposited nickel,22–25

cobalt26–28 and manganese oxides,29 spinels including nicke-
lites,30–33 cobaltites34–36 and ferrites,37,38 perovskites,39–42 and
hematite photoanodes.43

An important practical and fundamental factor which
should also be noted when considering OER anode materials
is that, even in the case of the parent metal, the anodic
OER always occurs at an oxidised surface.44 Hence, the electro-
catalytic surface for such anodic processes is the external
interface of the oxide film with the electrolyte solution. Accordingly,
the physical and electrochemical properties of both noble and
non-noble metal oxides have been studied in detail. Conway44

has provided a comprehensive account of the surface oxidation
processes on Pt and Au, examining the mechanism of anodic
oxide formation from the sub-monolayer stage through to
the growth of 3-dimensional bulk oxide films. Equally, the
formation and electrochemistry of hydrated transition metal
oxide films has been explored by Burke and Lyons45 in their early
review on the subject. More recently, Lyons and coworkers46 have
presented a thorough account of the redox and OER electro-
catalytic properties of the hydrated metal oxide films in base.
On the other hand, the electrochemical and catalytic behavior
of compact anhydrous oxides, typically produced by the ther-
mal decomposition of precursor metal salts, has been covered
extensively by Trasatti.47,48

In the present review we focus our attention on three
common types of OER anode materials: thermally prepared
DSA type oxide electrodes, electrochemically prepared hydrous
oxide electrodes, and electrodeposited bulk oxide/hydroxide

electrodes. It is not our intention here to present an exhaustive
review, as these synthetic methods together cover a vast range
of the materials covered in the literature, instead we wish to
emphasise some of the key concepts common to these materials
and to the study of the OER in general. Firstly, we distinguish
between the various synthetic routes and describe the main
factors affecting the preparation of these materials; experimental
parameters such as the annealing temperature and electrolyte
concentration can have a dramatic effect on the nature and
electrochemical properties of the oxide formed. Secondly, a brief
outline of the redox properties of some representative first row
transition metal and noble metal oxides is provided, paying
particular attention to Fe, Ni, Co, and, Ru and Ir. It is our belief
that a study of the OER should not be separated from the surface
electrochemistry of the OER anodes. In particular, we highlight
how the redox characteristics and acid/base behaviour of the
transition metal oxides can be ascribed to the presence of active
octahedrally co-ordinated surface groups or surfaquo groups.
Thirdly, we discuss how the application of fundamental electro-
chemical techniques such as steady-state polarization Tafel
analysis, reaction order studies, open circuit potential decay
curves (OCP) and electrochemical impedance spectroscopy
(EIS) can form the basis of a comprehensive kinetic study of
the OER, providing mechanistically significant kinetic para-
meters such Tafel slopes and reaction orders. In addition, we
examine how the determination of turnover frequencies (TOF)
can aid in the comparison of the electrocatalytic performance
of different materials. Finally, various mechanistic aspects of
the OER are summarised, paying particular attention to the
concept of the surfaquo group. From this we postulate an OER
mechanism incorporating our proposed surfaquo group representa-
tion which aims to bridge the ideas for the OER at metal oxides
with water oxidation using molecular catalysts, and relate more
general ideas in catalysis to electrochemical studies.

2. The materials: transition metal oxide
electrodes

For the purposes of our discussion it is convenient to classify
the transition metal oxide electrodes into three groups:

(i) DSA type electrodes.
(ii) Hydrous oxide electrodes.
(iii) Bulk oxide/hydroxide electrodes.
We may readily distinguish between these electrodes based

on the nature of the oxide material, whether anhydrous or hydrous,
amorphous or crystalline, compact or microdispersed, and their
methods of preparation. In the following we give a brief overview
of each type of electrode, with a focus on the most important
factors affecting the preparation and electrocatalytic properties
of the oxide layer.

2.1 DSA type electrodes

Activated metal anodes, more commonly known as Dimension-
ally Stable Anodes (DSA), consist of an underlying inert metal
such as titanium, which is then coated with electrocatalytically
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active oxides of platinum group metals. Although the term DSA
strictly refers to the underlying valve metal substrate,49 the
complete assembly of the substrate and the catalytically active
metal oxide coating is often referred to as a DSA electrode.50,51

DSA electrodes based on Ti-supported RuO2 and Ru-based mixed
oxide films, which compositionally resemble the industrial DSA
used in commercial electrolyzers, have been studied extensively
with early fundamental work being carried out by Beer,49

Trasatti,52,53 and De Nora54 to name but a few. Indeed such
DSA type electrodes were central in showing that noble metal
oxides show significant enhancements in electrolytic activity
over that of the bare metal.49,51 Subsequently, various non-noble
metal oxides and mixed oxides have also received considerable
attention, among these materials the most notable include
spinels such as NiCo2O4

30–33 and Co3O4,34–36 along with various
perovskites.39–42

The oxide materials used in DSA type electrodes are most
commonly prepared by the thermal decomposition of precursor
metal salts, usually chlorides or nitrates, and therefore typically
consist of compact anhydrous oxides such as the rutile, per-
ovskite and spinel materials discussed above, in which oxygen
is present only as a bridging species between two metal cations
and ideal crystals constitute tightly packed giant molecules.55–57

More recently, attention has also focused on sol–gel techniques,
which are reported to give fewer residual impurities and thus,
enhanced service lifetimes.50,58–61 That said, the popularity of
the thermal method is understandable given the ease with
which oxide and, in particular, mixed oxide electrodes may be
prepared. In this procedure a metal salt or a predetermined mix
of metal salts in the desired stoichiometry are dissolved in a
suitable solvent, often water or isopropanol, and the resulting
solution is concentrated until a ‘paste’ consistency has been
achieved. The paste can then be painted onto the metal substrate
and the solvent evaporated. Several coatings may be applied, taking
care to evaporate the solvent after each application, until a suffi-
ciently thick oxide loading has been obtained, typically 1–5 mg
of oxide per cm2.57 The electrode is then annealed at a given
temperature for several hours to ensure complete decomposi-
tion of the metal salt to the metal oxide.

The choice of annealing temperature is probably the most
important consideration when using a thermal preparation
technique, having a demonstrated influence on the composi-
tion, morphology and electrocatalytic properties of the oxide
film. It has been shown that the composition of the oxide film
is closely dependent on the preparation temperature.62–64 On
one hand, the temperature should be sufficiently high to allow
the decomposition of the metal salt to the corresponding metal
oxide, thereby minimising chloride/nitrate impurities. Trasatti
and coworkers64 have shown that the level of chloride impurities
in RuO2 films formed from RuCl3 decreases with increasing
temperature in the range 300–800 1C. However, depending on
the annealing temperature different phases of the oxide layer
may also form. For example, at temperatures T > 400 1C NiCo2O4

decomposes to NiO, resulting in enrichment of the NiCo2O4

surface with NiO.65,66 Similarly, Co3O4 decomposes to CoO at
temperatures exceeding 900 1C.65,67 In addition, the surface

morphology of the oxide layer is also affected by the annealing
temperature. Lodi et al.68 have observed that the surface rough-
ness of compact RuO2 films increases with increasing prepara-
tion temperature.

In light of these temperature effects, it is not surprising that
the electrocatalyitic properties of the oxide films are strongly
influenced by the annealing temperature. In general, the
electrocatalytic activity of thermally prepared oxides, such as
RuO2 and Co3O4, tends to decrease with increasing annealing
temperature.69 Trasatti and coworkers64 noted that the activity
of pure RuO2 films, as expressed by the redox charge Q* which
can be used as a measure of the surface concentration of active
sites (Section 3.1), decreased as the temperature increased over
the temperature range 300–800 1C. On the other hand,
the activity of a series of Co3O4 films decreased over the range
300–450 1C.70,71 In the latter case, the reduction in electro-
catalytic activity was associated with a decrease in excess oxygen
in the film with increasing temperature. Furthermore, Iwakura
et al.72 have shown that lower Tafel slopes (ca. 40 mV dec�1) can
be observed for RuO2 films fired at 450 1C than for similar
oxides fired at 850 1C (ca. 70 mV dec�1). In the same way, the
electrocatalytic activity of b-MnO2 was found to be optimised
when thermally treated at 480 1C.73 Using higher temperatures
to anneal the oxide caused a decrease in activity, which was
attributed to a decrease in the conductivity of the layer due to
the formation of excess Mn2O3.

In addition, it is also important to highlight here the effect
of surface morphology on the electrocatalytic activity of the
thermally prepared oxide films. Trasatti and coworkers64,74

proposed that the electrocatalytic properties of RuO2-based
electrodes are essentially related to the morphological structure
of the surface rather than to its chemical composition. RuO2

films prepared using the brush coating technique outlined above
typically exhibit a ‘cracked’ morphology, as shown in Fig. 1.75

However, Lodi et al.68 found that films with significantly more
compact morphologies could be prepared using a dip coating
procedure. Interestingly, the former authors observed distinct

Fig. 1 SEM micrograph of a mixed IrO2/RuO2 coated Ti electrode showing the
characteristic ‘cracked’ film morphology.
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differences in the Tafel slope depending on the level of ‘com-
pactness’ of the surface oxide.64,74 The ‘compact’ or low defect
films exhibited a Tafel slope of ca. 40 mV dec�1 and this was
observed to increase with increasing ‘compactness’. On the other
hand, Tafel slopes of ca. 30 mV dec�1 were observed for the more
defective or ‘cracked’ films. The authors related these differences
to changes in the value of Q*, essentially observing an increase in
Tafel slope with decreasing Q*. That is, higher concentrations
of active surface sites are associated with a more defective or
‘cracked’ morphology.

2.2 Hydrous oxide electrodes

In contrast to the compact anhydrous materials discussed above
hydrous oxides are almost invariably prepared in aqueous environ-
ments resulting in more hydrated and dispersed materials,
where oxygen is present not just as a bridging species between
metal ions but also as O�, OH and OH2 species in coordinated
terminal group form. Dispersion in the present context refers to
the molecular level, i.e. microdispersion, and is usually due to
the presence of strand, layer, tunnel or cage structures which
allow not just small ions but also solvent molecules to permeate
the oxide or hydroxide phase. In many cases, the latter materials,
when in contact with aqueous media, contain considerable
quantities of loosely bound and trapped water, plus, occasion-
ally, electrolyte species. Indeed Burke and Lyons45 noted that
with highly dispersed materials the boundary between the solid
and aqueous phases may be somewhat nebulous as the two
phases virtually intermingle. Furthermore, it is important to
stress that the latter materials are very often deposited in the
kinetically most accessible, rather than the thermodynamically
most stable form. Hence, they are typically amorphous or only
poorly crystalline and will indeed be prone to rearrangement in a
manner that is directly influenced by factors such as tempera-
ture, pH and ionic strength.

Hydrous oxides may be prepared in a number of ways
depending on the intended application of the material. Base
precipitation is a routine procedure in gravimetric analysis. In
this approach the transition metal ions are usually precipitated
in hydrous form by the addition of base. The advantage of this
method is its simplicity and oxide suspensions prepared in this
manner may be used to examine double layer phenomena such
as measurement of the potential of zero charge and ion
adsorption phenomena.76 However, the investigation of the
redox and electrocatalytic properties of these materials is less
facile and requires that the hydrous oxide, ideally present in a
uniform, homogeneous thin film form, be attached to some
type of inert electronic conductor or supporting electrode. Various
ways of preparing such coated chemically modified electrodes
have been employed. One of the simplest approaches involves the
direct anodization of the metal in an electrolyte using potentio-
static or galvanostatic techniques. This is frequently regarded as
involving layer growth via a dissolution/precipitation hydrolysis
type mechanism. This simple technique has been shown to be
effective for some of the noble metals such as Pt77–79 and Au,80 but
seems to be ineffective for Ir81–83 as the hydrous oxide dissolves

under the highly anodic dc conditions that are successful in the
case of Pt.

Probably the most versatile and convenient technique used
to generate hydrous oxides in a form suitable for the real time
determination of their redox switching and electrocatalytic
behavior is potential cycling.84,85 In this method the potential
of an electrode of the parent metal which may be noble or non-
noble is cycled repetitively between suitable lower and upper
limits in an aqueous solution of appropriate pH, often alkaline.
The type of potential perturbation used for oxide growth, whether
sinusoidal, square or triangular wave apparently makes little
difference. Indeed the triangular wave is most convenient as
changes in the current vs. potential response, the voltammogram,
can be employed during the oxide growth reaction to monitor
changes in redox behavior associated with the latter.86 That said,
Arvia and co-workers87 contend that a repetitive square wave
potential pulse is very effective for the controlled generation of
relatively thick hydrated metal oxy-hydroxide films.

In Fig. 2a, a series of cyclic voltammograms showing the
growth of the hydrous layer on an Fe electrode are presented as
an example of the usefulness of this method. Using the
triangular wave method or cyclic voltammetry, the growth of

Fig. 2 (a) Cyclic voltammograms recorded during the growth of a hydrous iron
oxide film in 0.5 M NaOH between the potential limits of �1.30 V and 0.75 V at
350 mV s�1. (b) The voltammetric charge capacity Q under the A3 peak as a
function of the number of growth cycles N for a hydrous iron oxide film prepared
0.5 M NaOH. The growth curve simulated using eqn (1) is presented as a
continuous line.
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the hydrous oxide film on the metallic support can be readily
monitored by following the development of the set of A3/C2
redox peaks, corresponding to the main charge storage process
on the surface, as a function of either time or the number of
cycles N. It should be noted that the integrated voltammetric
charge Q, the area under each voltammetric wave, is directly
related to the oxide layer thickness L, and we have shown
previously that the variation in the value of Q as a function of
N can be fitted quantitatively using the following expression,

Q = a[1 � exp(�bN)] (1)

Experimentally it is found that the charge tends toward a
constant limiting value as the number of cycles increases, as
shown in Fig. 2b. The decrease in oxide growth rate dQ/dN with
increasing film thickness has been attributed to the increasing
inhibition of water and hydroxide ion transfer to the inner region
of the oxide layer with increasing hydrous oxide thickness.46

It has been noted that potential cycling causes roughening
of the surface of noble metals such as platinum under certain
conditions.88,89 Certainly, the oxide layers prepared in this
manner on the surface of Fe electrodes exhibit significant
surface roughness, as can be observed clearly from the SEM
micrograph presented in Fig. 3a. The oxide/solution interface of
such oxide layers is thought to consist of an inner compact
anhydrous layer MOx and an outer microdispersed hydrous
layer of general form MOa(OH)b(OH2)c. This is the duplex layer
model proposed by Burke and coworkers90,91 and depicted
graphically in Fig. 3b. In this model, the ions of the inner
region are held in place by a rigid network of polar covalent
bonds through which ionic transport is difficult whereas charge
percolation proceeds comparatively easily and quickly through
the outer, hydrous, polymeric oxide region. The kinetics of the
latter process can be quantitatively determined using simple
techniques such as cyclic voltammetry (Section 4). On repetitive
cycling, the porous outer layer increases in thickness at the
expense of the underlying metal, the mechanism of which has
been described by Burke and Lyons,84 and Pickup and Birss,93

and recently reviewed by Lyons and coworkers.46

The extent of hydrous oxide growth is known to depend
strongly on the values chosen for the upper and lower limit of

the potential sweep as well as the cycling frequency and the
solution pH. The marked dependence of oxide growth rate on
the lower limit of the potential sweep is indicative of the
essential role that partial reduction of the anhydrous oxide
layer plays in the production of a thick deposit. Thus, with
platinum94 and gold,95 two metals where oxide monolayer
behaviour is well defined, the optimum lower limit lies at a
potential value at, or below, the value of the monolayer oxide
reduction peak. In a similar manner, Lyons and coworkers96

have recently examined the effect of the lower potential limit on
the growth of hydrous Fe oxide films. As shown in Fig. 4a, the
extent of hydrous oxide growth on an Fe electrode, as measured
by the charge capacity Q, is maximised when the potential
sweep is reversed at the C1 peak potential, corresponding to the
reduction of the compact anhydrous layer.

Partial reduction of the compact oxide layer apparently
facilitates rearrangement of oxycation species at the metal surface,
leaving it in a somewhat disrupted state. On subsequent re-oxidation
of the partially reduced metal surface the compact layer is restored
but the outer region of the compact film is present in a more
dispersed form and on further reduction the latter material becomes
incorporated into the hydrated outer layer.46

The upper limit of the potential sweep also has an important
effect on the rate of oxide growth. Lyons and coworkers84,96

have found that the efficiency of hydrous oxide growth
increases for more anodic upper potential limits. This is shown
clearly in Fig. 4b where the charge capacity Q for hydrous Fe
oxide films is observed to increase as a function of the upper
potential limit. The importance of this parameter probably lies
in the fact that it extends oxygen penetration into the outer
regions of the metal lattice resulting in thickening of the
compact layer. Indeed, it has been noted that the upper limit
must be sufficiently anodic that compact oxide formation
exceeds significantly the single monolayer level so that on
subsequent reduction, a disturbed, highly disordered layer of
metal atoms is prepared on the electrode surface thereby
facilitating hydrous oxide growth.46 In addition, employing
more anodic upper potentials may help to generate a slight
expansion and stress associated disruption at the metal-oxide
interface and also enable the uptake of a slight excess of oxygen
by the oxide phase. Another effect of this parameter which

Fig. 3 (a) SEM image of a hydrous oxide covered iron electrode. The film was prepared in 1.0 M NaOH for 120 cycles between �1.30 V and 0.75 V at a sweep rate of
400 mV s�1. (b) Schematic representation of the Burke–O’Sullivan Duplex Layer Model of the oxide/solution interface.
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should be considered is the fact that the more anodic the value
of the upper potential limit the more difficult the reduction of
the compact anhydrous oxide layer becomes.96 This behavior is
likely due to increased passivation of the electrode surface at
the more anodic potentials. Indeed, it has been established that
the oxide reduction reaction involves a nucleation process
which occurs less rapidly as the film formation potential is
raised.97 Consequently, Lyons and coworkers96 have observed
that a relationship exists between the upper and lower limit such
that the optimal lower limit necessary to achieve maximum
hydrous oxide growth is determined by the value chosen for
the upper limit of the potential sweep.

On the other hand, it is not just the magnitude of the
potential applied to the electrode which should be considered,
the time spent in the critical regions of the upper and lower
limit of the sweep also appears to be important. This is often
demonstrated by a sharp maximum in the charge capacity Q vs.
growth sweep rate curve for many transition metals such as
Fe,17,84 as shown in Fig. 5a. The decrease in the efficiency of
multilayer oxide growth with increasing sweep rate for values
greater than the optimum, 340 mV s�1 in the case of Fe in 1.0 M
NaOH, may possibly be due to a hysteresis effect. Lyons84 has

shown that the voltammetric peak potentials for the outer
hydrous and compact oxide shift with increasing sweep rate.
The oxidation peak potential shifts to more anodic values and
the reduction peaks shift to more cathodic values. Hence a
certain amount of hysteresis exists between formation and
reduction of the compact and hydrous films. It is quite prob-
able that the reduction region of the film shifts gradually to
more cathodic potentials as the sweep rate increases, which
results in insufficient reduction or rupture of the anhydrous
layer. Conversely, the decrease in oxide growth rate below
340 mV s�1 may be due to excessive reduction of the compact
layer. Thus, the important role of sweep rate in the develop-
ment of the charge storage capacity of the surface film clearly
demonstrates the importance of kinetic factors in the potential
cycling route to hydrous oxide film formation.

Furthermore, Lyons and coworkers17,84,96 have shown that
the rate of hydrous oxide growth is dependent on the electrolyte
concentration. The latter authors examined the growth of
hydrous Fe oxides in a range of base concentrations and the
resultant growth profiles are presented in Fig. 5b. During
the initial stages of layer growth (small N), the growth rate
is more rapid in the more concentrated (5.0 mol dm�3) as
opposed to the more dilute (0.1 mol dm�3) hydroxide solutions.

Fig. 4 The voltammetric charge capacity Q under the A3 peak plotted as a
function of (a) the lower potential limit and (b) the upper potential limit for
hydrous iron oxide films prepared using 120 growth cycles in 0.5 and 1.0 M
NaOH with a sweep rate of 350 mV s�1. Note: the C1 peak potentials,
corresponding to the reduction of the compact inner oxide layer, were
�1.33 V and �1.30 V in 0.5 and 1.0 M NaOH respectively.

Fig. 5 (a) The effect of oxide growth sweep rate on the voltammetric charge
capacity Q determined for a hydrous iron oxide film prepared using 30 growth
cycles in 1.0 M NaOH. (b) Q plotted as a function of the number of growth cycles
N for hydrous iron oxide films prepared in 0.1, 0.5, 1.0 and 5.0 M NaOH. The
growth curves simulated using eqn (1) are shown as continuous lines.
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However, the growth rate decreases quite rapidly with increasing N
in the more concentrated medium, whereas the growth rate is less
affected with increasing N in the more dilute solutions. Evidently,
increased hydroxide ion activity suppresses hydroxide dissociation
and/or favours adsorption of this species. Lyons and coworkers46

note that this will result in the inhibition of crystallization of the
hydrous oxide layer, and the resulting more amorphous film will be
more effective in excluding water from the inner region of the oxide
film, thereby inhibiting the growth of the microdispersed hydrous
layer. Certainly, as can be seen from Fig. 5b, significantly greater
redox capacities may be obtained for hydrous oxide layers prepared
in the lower base concentrations whereas only limited development
of the hydrous layer can be achieved in very concentrated base, with
inhibition of hydrous oxide growth becoming apparent after only
20–30 growth cycles in 5.0 mol dm�3 NaOH.

In addition to the latter effect, the base concentration used
to prepare the hydrous oxide can also influence the electro-
catalytic properties of the film. Lyons and coworkers96,98,99

found that hydrous Fe oxide layers exhibited distinct Tafel
slopes for the OER depending on the concentration of NaOH
used to prepare the film. In particular, it was observed that
hydrous layers grown in high base concentrations had an
associated Tafel slope of ca. 60 mV dec�1 whereas those grown
in low base concentrations (o1.0 M) exhibited a Tafel slope of
ca. 40 mV dec�1. This differing Tafel behaviour was attributed
to the fact that more dehydrated layers, with differing electro-
catalytic properties, would be formed in the more concentrated
base solutions. Indeed, the latter authors noted that by purposely
dehydrating the hydrous Fe oxide layer, a film with a characteristic
Tafel slope of 40 mV dec�1 could be transformed into one
displaying a 60 mV dec�1 slope.96,98

2.3 Bulk oxide/hydroxide electrodes

Bulk oxide/hydroxide electrodes have been studied extensively
in the literature. This work has, in a large part, been prompted
by the uses these materials have found in energy storage
technology. For instance, transition metal oxides based on
nickel,100–108 cobalt,109–111 manganese112–121 and iron122–126

have been identified as possible electrode materials for electro-
chemical supercapacitors, whereas Ni(OH)2 is widely used as a
cathode material in Ni–Cd127–130 and Ni–Metal hydride131,132

batteries. In addition, it has long been recognised that nickel,
cobalt and their various mixed oxides exhibit promising electro-
catalytic properties for the electrochemical oxidation of water.133–142

Indeed, in recent years, the cobalt catalyst film (CoCF) developed by
Nocera and co-workers26 has attracted much attention because of
its efficiency at neutral pH, self assembly from low cost materials
and for its self repair mechanism.143 Moreover, as noted by Dau
et al.,10 the success of this material may have initiated a revival
of bulk metal oxide/hydroxide materials as catalysts for electro-
chemical water oxidation.

In the present context, the designation bulk oxide/hydroxide
electrode refers to a metal oxide or hydroxide film deposited on
a conducting substrate. While these oxide materials may be more
compact than the microdispersed hydrous oxides discussed
previously, they often lack the long-range bonding order of the

more crystalline materials employed in DSA type electrodes.10

Several physical and chemical methods of preparing these films
have been described in the literature. These include
sol–gel processes,114,144–146 hydrothermal synthesis,147

chemical precipitation,117,148,149 vacuum evaporation,150

mechanical grinding,151 pyrogenation,152 electrostatic spray
deposition153 and electron beam deposition,154 as well as
various sputtering155,156 and vapour deposition techniques.157,158

However, possibly the simplest and most versatile of the existing
synthetic approaches is electrochemical deposition. In this
method, the conducting substrate is coated either anodically
or cathodically with a metal oxide or hydroxide film from an
electrolyte solution containing an appropriate metal salt. Various
experimental techniques including potentiostatic,107,108,159

galvanostatic,121,126,160–164 potentiodynamic,29,165–167 and pulse
techniques121,168,169 have been used and depending on the
specific parameters, metal oxides and hydroxides of different
nanostructures, such as nanoparticles,170 nanoneedles159 and
nanorods,29,164 morphology and composition may be prepared.
In this way, electrochemical techniques offer unique control over
the physical and chemical properties of the oxide/hydroxide
layers being deposited.

Specifically, it is known that the electrochemical method
employed for the electrodeposition can have a strong influence
on the composition of the oxide/hydroxide film. For example,
Ni(OH)2 is most commonly prepared galvanostatically or potentio-
statically from an aqueous solution containing nickel nitrate.159–164

Under such circumstances the deposition chemistry involves the
direct or indirect reduction of the nitrate ion to either nitrous acid,
hydroxylamine or the nitrite ion.160,171,172 In all cases the hydroxyl
ion is generated, resulting in the formation of either a-Ni(OH)2

or b-Ni(OH)2 according to eqn (2),

Niaq
2+ + 2OH� - Ni(OH)2 (2)

Alternatively, Ni(OH)2 may also be formed according to
eqn (2) using cyclic voltammetry in an aqueous acetate buffer
solution containing Ni2+ and OH� ions. However, under these
conditions it has been noted that the following process may
occur as the potential is cycled anodically,167,173

OH� - OHads + e� (3)

Niaq
2+ + H2O + OHads - NiOOH + 2H+ (4)

Additionally, the following solution processes may also
occur,167,173

Ac� + H2O - HAc + OH� (5)

Niaq
2+ + OH� - NiOHaq

+ (6)

NiOHaq
+ + OHads - NiOOH + 2H+ (7)

where Ac = CH3COO�. Hence, both Ni(OH)2 and NiOOH may
well be formed during the course of the potential sweep
perturbation.

A similar dependence of the composition of the oxide/
hydroxide film on the experimental method has also been observed
for Mn and Co based materials. Xiao et al.121 anodically deposited
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manganese oxide films using galvanostatic and pulsed current
methods. X-ray diffraction (XRD) analysis indicated that the
galvanostatic method produced Mn3O4 films, whereas the films
produced using the pulsed current technique contained a mix
of Mn3O4 and MnOOH. On the other hand, Castro et al.28,142

compared the anodic deposition of cobalt oxide on nickel
substrates using potentiostatic and potentiodynamic techni-
ques. Using cyclic voltammetry and X-ray photoelectron
spectroscopy (XPS) the authors observed that under potentio-
dynamic conditions the cobalt oxide being deposited mixed
with the surface nickel oxide, which was formed during the
voltammetric scan, to produce a NiCo2O4 film. Conversely, pure
Co3O4 was deposited under potentiostatic conditions.

Furthermore, variations in the different experimental para-
meters, such as electrolyte composition, applied potential,
electrode substrate and sweep rate for potentiodynamic deposi-
tion, have also been shown to affect the properties of the
electrodeposited oxide/hydroxide films. Nagarajan et al.126

found that the addition of chitosan to the plating solution
increases the adhesion of g-Fe2O3 films to the substrate.
Similarly, the use of a water–ethanol mixture has been shown to
enhance the adhesion of Ni(OH)2 films to the metal support.171,172

On the other hand, Yousefi et al.164 examined the effect
of dissolved oxygen content on the cathodic galvanostatic
deposition of manganese oxide from Mn(NO3)2 solutions. They
determined from the use of XRD and XPS that Mn3O4 was
preferentially formed in an oxygen rich environment whereas,
Mn(OH)2 films were produced when the plating solution was
degassed with N2.

The influence of the deposition potential on the thickness of
anodically formed MnO2 was reported by Cherchour et al.159

The thickness of the deposited film increased with applied
potential, reaching a maximum at the MnO2 anodic peak
potential. Further increases in potential beyond the Mn(II)/
Mn(IV) oxidation peak had no effect on the thickness of the as
formed film, although thinner films were formed when the
deposition was carried out at potentials where oxygen was
evolved. Alternatively, Nocera and co-workers26 have noted
that CoCF deposited at potentials below the onset of oxygen
evolution are microscopically smooth, whereas films deposited
at potentials which promote water oxidation have a nodular
surface. Moreover, extended X-ray absorption fine structure
(XAFS) analysis indicated that the former films exhibit greater
long-range bond order than those formed at the higher potentials
associated with oxygen evolution.

In addition, the effect of sweep rate on the potentiostatic
deposition of Ni(OH)2 films was investigated by Lyons and
coworkers.167 Cyclic voltammograms recorded for films pre-
pared at different sweep rates, with all other experimental
conditions the same, are presented in Fig. 6. Evidently, the
timescale adopted for the layer deposition can affect the
composition of the deposited oxide film. Both the a/g-Ni(II/III)
and the b/b-Ni(II/III) redox transitions, as described by the Bode
cycle173 and outlined below in Section 3.3, were observed for
the layers deposited at slow sweep rates/long timescales. This is
clear from the two anodic peaks and the cathodic doublet

observed for the layer prepared at 10 mV s�1 and the anodic
peak doublet and associated cathodic peak doublet observed
for the layer prepared at 20 mV s�1. On the other hand, only a
single broad anodic and cathodic peak corresponding to the a/
g-Ni(II/III) transition could be noted for the layers deposited at
shorter timescales. The latter authors attributed this effect to
dehydration within the layer which would be expected to
increase for longer experimental timescales and would be
reflected in the appearance of the set of b/b redox peaks
associated with the more anhydrous b-Ni(OH)2 phase of the
oxide material. Furthermore, Lyons and coworkers167 found
that the sweep rate can also affect the OER electrocatalytic
properties of potentiodynamically deposited Ni(OH)2 films. In
Fig. 6 it is clear that a lower OER onset potential and higher
currents at a fixed OER potential were observed for the Ni(OH)2

film deposited at 20 mV s�1, indicating a significant improve-
ment in the OER activity of this film in comparison with those
prepared at 10 mV s�1 or 50 mV s�1.

However, among the various experimental parameters the
electrode substrate seems to have the greatest influence on the
electrocatalytic properties of the oxide/hydroxide films. El-Deab
et al.29 compared the OER electrocatalytic activity of g-MnOOH
nanorods deposited on Au, Pt and glassy carbon (GC) sub-
strates. They found that the lowest OER onset potential was
obtained for a manganese oxide modified Au substrate. In a
number of recent publications, Bell and coworkers25,27 have
also highlighted the effect of the substrate on the electrocata-
lytic properties of Ni and Co oxides. In particular, they observed
that the OER activity of a submonolayer of cobalt oxide
decreases in the order CoOx/Au > CoOx/Pt > CoOx/Pd > CoOx/
Cu > CoOx/Co.27 This trend was interpreted in terms of the
electronegativities of the substrates. That is, the more electro-
negative metals, such as Au, can facilitate the formation
of higher Co oxidation states thereby improving the electro-
catalytic properties of the oxide. Similarly, the latter authors
found that a monolayer of nickel oxide deposited on Au
exhibited greater electrocatalytic activity when compared with
an equivalent layer deposited on a Pd substrate.25

Fig. 6 Cyclic voltammograms recorded in 1.0 M NaOH at 40 mV s�1 for a Au
electrode modified with nickel hydroxide films deposited using 30 growth cycles
performed at a sweep rate of 10, 20 and 50 mV s�1.
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Interestingly, in the case of very thin layers of nickel oxide
deposited on Au substrates, Bell and coworkers25 detected the
formation of a mixed Ni–Au oxide on the substrate surface,
suggesting that the substrate can also influence the composi-
tion of the oxide. Indeed, Lyons and co-workers167 have
observed similar substrate effects for the redox characteristics
of Ni(OH)2 films. The latter authors noted distinct differences
in the voltammetric profiles of Ni(OH)2 films deposited on Au,
Pt and GC substrates. Representative cyclic voltammograms
recorded for Ni(OH)2 deposits on each substrate are presented
in Fig. 7. It is noteworthy that a clear distinction between the
a/g and b/b redox transitions of Ni(OH)2 could be observed using
the Au substrate, whereas this distinction was significantly less

well defined for the GC and Pt substrates. Clearly the composition
of the oxide layer and/or the kinetics of the redox switching
processes were affected by the nature of the substrate.

3. Redox switching and acid/base properties
of transition metal oxides: the Surfaquo
group

In general, the redox switching behaviour exhibited by transi-
tion metal oxides in contact with aqueous solutions is complex.
Redox switching in this sense refers to the potential induced
change in oxidation state of linked oxy-metal groups which
constitute the metal oxide film. Consequently, the redox
behaviour of transition metal oxides is highly influenced by
both the nature of the oxide and the manner of its preparation.
Depending on a range of factors including the composition and
structure of the oxide, and the available oxidation states of the
metal, various redox transitions may occur which give rise to
the characteristic charge storage and supercapacitive behaviour
associated with such films.

In view of this variety and complexity, it is important to
point out a common feature of transition metal oxide redox
chemistry. That is, surface oxy groups are known to hydrate or
hydroxylate in aqueous solution.174,175 Metal oxide surfaces
have a significant hydrophilic character when immersed in
aqueous alkaline solutions. As the oxide interacts with water,
solvent molecules can become bonded to the metal cations,
which exhibit Lewis acidity, resulting in the transfer of a proton
to a neighbouring oxygen site. In addition, undissociated water
molecules may also be present. Hence, the surface oxy groups
can become extensively hydrated or hydroxylated. Indeed, it has
been noted that the chemical composition of the outer region
of thermally prepared DSA type oxides, such as RuO2 and IrO2,
in contact with aqueous acid and base solutions may not be
dissimilar to the anodically generated hydrous oxide films
prepared via potential cycling of the parent metal in the
corresponding aqueous media, although the degree of hydration/
hydroxylation exhibited by the thermally prepared films may
differ substantially from that of their electrochemically prepared
analogs.176,177 These hydrated surface species, termed surfaquo
groups, may undergo rapid redox transformations involving the
simultaneous loss or gain of electrons, protons and hydroxide
ions.12,178 In the case of the hydrous oxides the redox transition
likely involves the entire film, whereas the redox reactions are
confined to surface oxymetal groups in the case of the more
compact thermal deposits. Thus, these redox reactions are often
both time and potential dependent and can be readily monitored
in real time using potential sweep voltammetry.

In the present section we focus on the interfacial redox
chemistry of representative noble, Ru and Ir, and non-noble,
Fe, Ni and Co, metal oxide materials. A brief overview of the
redox characteristics of each material is provided with the
intention of gaining a conceptual understanding of the oxide
surface that facilitates the OER. Taking into account the
surfaquo group concept, the redox behaviour of the various

Fig. 7 Cyclic voltammograms recorded in 1.0 M NaOH at a sweep rate of
40 mV s�1 for (a) Au, (b) GC and (c) Pt electrodes modified with nickel hydroxide
films deposited using 30 deposition cycles.
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oxide materials is interpreted in terms of the redox chemistry of
hydrated surface groups. In particular, we highlight how a
study of the pH dependence of the redox potentials can aid
in determining the nature of the surfaquo groups associated
with each material.

3.1 Interfacial redox chemistry of ruthenium and iridium
based electrodes in alkaline solution

The general aspects of the redox behaviour of ruthenium and
iridium based thermally prepared oxide electrodes are dis-
cussed here. Typical voltammetric curves recorded in aqueous
base for thermally prepared RuO2 coatings on a Ti substrate are
presented in Fig. 8. There is now widespread agreement that
the charge recorded during the course of voltammetric experi-
ments for such oxide films is largely pseudocapacitive in
nature. That is, the charge is mainly associated with interfacial
redox processes. Distinct reversible peaks are noted at ca. 0.45 V
prior to the onset of active oxygen gas evolution for RuO2 based
electrodes with two further sets of broad, less well defined
peaks at lower potentials of ca. 0.2 V and �0.3 V respectively. As
can be observed from Fig. 8, most of the charge associated with
these redox processes is distributed rather broadly over an
extended potential range which signifies an energetic hetero-
geneity with regard to the redox active sites within the oxide
surface. It is also clear that the integrated voltammetric charge
recorded between the potential limits in Fig. 8 is relatively
symmetric, indicating that a high degree of reversibility is
exhibited by the interfacial redox processes.

Accordingly, it has been suggested that the voltammetric
peaks observed for both RuO2 and IrO2 based oxide systems
may be assigned to a series of redox transformations involving
tightly bound surface oxymetal species.12,57,178 The specific
nature of these redox active surface groups has been discussed
by Lyons, Burke and coworkers.12,57,75,176 It was determined
that only oxycations at certain sites, presumably sites of
low coordination such as kink or ledge sites, are capable of
participating in the redox reactions giving rise to the peaks

observed in the voltammetric response.12,176 Bearing in mind
our previous discussion on the hydrophilic nature of surface oxy
groups, the important factor here seems to be the ability of the
latter type of cations to extensively coordinate water molecules.
Inactive ruthenium or iridium species would exhibit a higher
degree of oxygen bridging type coordination and would most likely
exist along terrace sites. These ideas emphasising the important
role of hydration in determining the difference between active and
inactive surface bonded groups led to the designation of the former
as surfaquo groups. Although the structure of such active surfaquo
groups is unknown, it is very likely that the linkage to the surface
involves one or more oxygen bridges to generate the following
type of hydrous species,

(–O–)2RuO2(OH2)2 2 (–O–)2RuO(OH)2(OH2) (8)

(–O–)2RuO2(OH2)2 2 (–O–)2Ru(OH)4 (9)

with the bridging oxygens being represented by –O–. The latter
structures represent Ru(VI) surfaquo species and such equilibria
between hydrated oxides, oxyhydroxides and hydroxides are
well-known for hydrated oxides.

The redox behaviour of such surface immobilized oxymetal
groups is assumed to involve the simultaneous loss or gain of
protons and electrons.57,75 It is well established that thermally
prepared RuO2 films exhibit three distinct redox processes
involving Ru(III/IV), Ru(IV/VI) and Ru(VI/VII) surface redox transitions.
Thus, the various RuO2 redox transformations may be represented
respectively by the following equations,57,75

(–O–)2Ru(OH)(OH2)3 - (–O–)2Ru(OH)2(OH2)2 + H+ + e�

(10)

(–O–)2Ru(OH)2(OH2)2 - (–O–)2Ru(OH)4 + 2H+ + 2e� (11)

(–O–)2Ru(OH)4 - (–O–)2RuO(OH)3 + H+ + e� (12)

The standard potentials of which, quoted against the rever-
sible hydrogen electrode (RHE), are typically 0.45 V, 1.0 V and
1.4 V respectively. It has been observed that the latter transition
which occurs just prior to the onset of oxygen evolution is most
marked in base. On the other hand, the redox chemistry of IrO2

involves a major charge storage Ir(III/IV) transition which can be
represented by the following,

(–O–)2Ir(OH)(OH2)3 - (–O–)2Ir(OH)2(OH2)2 + H+ + e� (13)

and an Ir(IV/VI) transition at more elevated anodic potentials
prior to the onset of active oxygen evolution,

(–O–)2Ir(OH)2(OH2)2 - (–O–)2Ir(OH)4 + 2H+ + 2e� (14)

In this way the redox behaviour of RuO2 and IrO2 films
can be rationalised in terms of the redox chemistry of the
surfaquo groups.

The surface redox chemistry of metal oxides may be further
understood by examining the manner in which the peak potentials
derived from the cyclic voltammograms vary in magnitude with
changes in solution pH. While the latter expressions explain the
high degree of reversibility exhibited by the RuO2 and IrO2 redox
peaks, they do not provide a rationale for the proposed acid/base

Fig. 8 Typical voltammogram recorded at 40 mV s�1 in 1.0 M NaOH for a
thermally prepared RuO2 coated Ti substrate.
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character of the metal oxides.12 Burke and Lyons17,45 have
shown that, for an ideal oxide electrode system in aqueous
solution at 25 1C, the potential decreases with increasing pH by
ca. 59 mV per pH unit with respect to a pH independent
reference electrode such as the normal hydrogen electrode
(NHE) or the saturated calomel electrode (SCE). This type of
potential–pH shift is referred to as a Nernstian shift, since it is
predicted by the Nernst equation, and is typified by the
reversible hydrogen electrode (RHE) and the Hg–HgO system,
which is frequently the reference electrode of choice in alkaline
solution. In this respect, it should be noted that no potential
pH shift will be observed if the reference electrode is pH
dependent since the potential of this type of electrode also
exhibits a Nernstian shift. On the other hand, so called super-
Nernstian shifts, where the potential–pH dependence differs
significantly from the expected 59 mV per pH unit predicted
by a Nernstian analysis, are often observed for the various metal
oxide systems.17,45 It has been shown that for pure RuO2

electrodes the shifts in peak potential with changes in solution
pH for the lower redox transitions are typically 15 mV per pH
unit vs. a pH dependent reference electrode such as the RHE or
about 75 mV per pH unit for a pH independent reference
electrode such as the SCE,178 whereas even larger shifts have
been observed for the hydrous oxide films (as discussed in
Section 3.2 & 3.3).

This type of super-Nernstian behaviour has been discussed in
detail by Burke and Lyons175–177 and is usually interpreted in
terms of hydrolysis effects. That is, the effect of the loss of
protons from water molecules co-ordinated to the metal cation.
Transition metal aquocations tend to be acidic in aqueous
media and are prone to hydrolyse according to the following
equation,179

[M(OH2)x]n+ - [M(OH2)x�1(OH)](n�1)+ + Haq
+ (15)

In particular, Burgess180 has noted that there is an increase
in the acidity of the latter metal complexes with increasing
charge on the metal cation. Therefore, by analogy with the
solution phase, the hydrolysis effect for metal oxide surfaces is
assumed to be greater for the oxidised state of the redox couple
where the greater charge density on the cation facilitates proton
loss from coordinated water molecules. The extent of this effect
is apparently lower in the case of thermally prepared films
when compared with the hydrous oxides, as evidenced by their
lower super-Nernstian shifts. The bonding of the oxycations to
the rigid, anhydrous, highly conducting RuO2 lattice evidently
affects the hydrolysis process, although the precise manner by
which this occurs has yet to be established unambiguously.
Given the importance of the charge on the metal cation, it is
possible that the resulting electric field around the hydrolysis
site is slightly reduced by interactions with the highly mobile
electrons in the compact solid. Alternative factors which may be
of importance are: (i) a more limited access, and therefore
influence, of OH� ions to the surface bonded species, (ii) the
two bridging oxygens in the surface groups are not protonated
at any stage making the remaining hydrogen atoms less likely

to be removed and (iii) some of the remaining hydrogen atoms
may be partly stabilized by interactions either with the surface
or other nearby surface groups.

The mathematical treatment of such super-Nernstian
potential–pH behaviour, where the redox switching of the oxide
layer is complicated by additional hydrolysis effects, has been
described by Lyons and coworkers.17,175–177 Using a simple
thermodynamic argument, the variation in voltammetric peak
potential with pH may be predicted to be,

dE

dpH
¼ �2:303RT

F
r� qð Þ ¼ �0:059 r� qð ÞV=pH (16)

where r and q denote the number of hydroxide ions complexed
to the metal cation in the oxidised and reduced form respec-
tively. Thus, a zero potential shift with respect to a pH depen-
dent reference electrode implies that both the reactant and the
product possess the same net charge and typical Nernstian
behaviour is observed. Alternatively, a positive potential shift
with pH is indicative of an oxidised state that is more positive
than the reduced state, whereas the converse is true in the case
of an observed negative potential/pH shift. For most surface
groups r and q cannot be determined explicitly, instead the
quantity (r � q) can be interpreted as the ratio of protons
gained or hydroxide ions lost per electron gained in the
reduction of the surfaquo group. Consequently, the experi-
mentally observed 5/4(2.303RT/F) V or 0.074 V potential–pH
shift observed for the Ru(III/IV) and Ru(IV/VI) transitions implies
that r � q = 1.25 which can be rationalised by the following
reaction schemes,

(–O–)2Ru(OH)(OH2)3 - (–O–)2Ru0.25� (OH)2.25(OH2)1.75

+ 1.25H+ + e� (17)

(–O–)2Ru0.25� (OH)2.25(OH2)1.75 - (–O–)2RuO0.75(OH)3.25

+ 2.5H+ + 2e� (18)

The non-integral charge value could possibly arise as a mean
value in a polymeric or interlinked system of surfaquo groups.
Indeed, the importance of such hydroxy complexes as possible
intermediates in the formation of polynuclear species held
together by hydroxyl or oxy bridges has been outlined by
Lyons and co-workers17,18,45 in relation to the hydrous oxide
materials. The latter structural links act as the glue by which
the extended microdispersed hydrous oxide structures are held
together.

Another important feature relating to the redox switching
behaviour of metal oxide films is the integrated voltammetric
charge Q*. As noted previously, the voltammetric charge arises
from the surface redox transitions outlined above and thus,
is a very useful parameter to facilitate characterization of the
interfacial properties of metal oxide films in aqueous solutions.
In particular, the value of Q* determined between pre-defined
limits has been shown to be a relative measure of the active
surface area of the oxide film.48,181 In this sense, Lyons and
Burke57 have noted that cyclic voltammetry provides a useful
technique for obtaining an estimate of the active surface-group
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coverage Y. The surface-group coverage Y may be regarded as
the ratio of the surface area occupied by a surface group SG to
the total (or real) surface area ST,

Y = SG/ST (19)

It has been shown for various RuO2 based oxide coatings
that the voltammetric charge recorded under potential
cycling conditions is a linear function of surface area.182

Accordingly, substitution for the quantity ST is possible using
the relationship,

Q* = QT = kSTXRuO2
(20)

where k is a constant of proportionality and XRuO2
denotes the

mole fraction of RuO2 in the surface layer. In order to obtain a
similar relation for SG it may be assumed, to a first approxi-
mation, that the octahedrally coordinated surface group is of
roughly circular geometry. Now, if there are NG such groups on
the surface and it is assumed that all active groups react at the
redox potential then,

SG ¼ NGpR2 ¼ Qp

e
pR2 (21)

where R denotes the mean radius of the surface species, Qp is
the peak charge density and e is the electronic charge. Hence,
substitution of eqn (20) and (21) into eqn (19) yields the
following expression for the surface coverage Y,

Y ¼ kQppR2

eQT
XRuO2

(22)

It should be noted that the quantities Qp and QT may be
obtained from cyclic voltammograms run between set limits
and under given experimental conditions. For a pure RuO2 film
in 6.0 M NaOH at 80 1C, Lyons and Burke57 report typical values
of Qp = 0.022 C for the Ru(VI/VII) redox peak and QT = 0.23 C.
In addition, it has been shown that k = 1.6 � 10�2 C cm�2

(mol% RuO2)�1.182 Using values of 0.67 and 1.32 Å for the ionic
radii of the Ru4+ and O2� ions respectively,183 R can be approxi-
mated as 3.3� 10�10 m. Hence, a value of ca. 0.34 nm2 is obtained
for the area occupied by a surface group, which compares well
with the commonly accepted value of ca. 0.16 nm2 for a nitrogen
molecule. Finally, if it is assumed that e = 1.6 � 10�19 C then
substitution of these values into eqn (22) yields a value of 0.3 for
the active surface group coverage. Interestingly, as noted by
Lyons and Burke,57 this value is in good agreement with coverage
values reported by Bockris et al.184,185 for perovskite based oxide
systems, thereby highlighting the potential usefulness of this
rather simple analysis.

3.2 Interfacial redox chemistry of iron based electrodes in
alkaline solution

Typical voltammetric profiles recorded for a polycrystalline Fe
electrode in 1.0 M NaOH are presented in Fig. 9. In the initial
stages of oxidation, the voltammetric profiles exhibit quite an
amount of fine structure. As shown in Fig. 9a, four well defined
anodic peaks (A1–A4) and two cathodic peaks (C1, C2) are
usually observed. In addition, it has been noted that the general

features of the voltammetric response remain unchanged, even if
the concentration of base is increased.84 These various features,
reflecting surface redox processes involving surface bound oxy
iron species, have been assigned by a number of authors in the
literature.186–195 Our current viewpoint is primarily informed by
the work of Burke and Lyons.84

Peak A1 is most probably due to the formation of a layer of
adsorbed hydroxy species,

Fe + OH� - FeOHads + e� (23)

combined with the electrochemical displacement of adsorbed
hydrogen,

FeHads - Fe + H+ + e� (24)

Peak A2 may then represent the conversion of both Fe and
FeOHads to a thin film of Fe(II) hydroxide or oxide according to,

FeOHads + OH� - Fe(OH)2 + e� (25)

FeOHads + OH� - FeOads + H2O + e� (26)

However, due to a variety of other possible reactions, the
overall interfacial reaction resulting in Fe(II) film formation

Fig. 9 Cyclic voltammograms recorded in 1.0 M NaOH at 40 mV s�1 for (a) a
polycrystalline Fe electrode and (b) a series of hydrous oxide coated Fe electrodes
prepared using various numbers of growth cycles between �1.3 V and 0.75 V at a
sweep rate of 400 mV s�1.
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may be more complex than that outlined above. For instance
hydroxylation reactions such as,

FeO + H2O - Fe(OH)2 (27)

will result in the conversion of oxy to hydroxy species in the
outer region of the surface layer. Also, place exchange processes
can result in an increase in the thickness of the surface
layer.196–199 The latter type of growth process has been
proposed to involve a rapid place exchange step followed by a
rate determining Temkin discharge of OH� ions onto sites in
which a surface iron atom is already attached to a hydroxyl
group displaced into the first layer beneath the surface,

FeOHads - HOFe. . .(Fast) (28)

HOFe + OH� - HOFeOHads. . .(Slow) (29)

HOFeOHads - Fe(OH)2 - FeO + H2O (30)

For a non-noble metal such as iron, the aforementioned
surface processes are likely to be accompanied by film thickening
even at quite low potentials. Furthermore, it has been noted
that active dissolution to form soluble oxy iron species may
occur according to,200,201

FeO + OH� - HFeO2
� (31)

HFeO2
� + OH� - FeO2

2� + H2O (32)

As a result, a deposit of gelatinous ferrous oxide Fe(OH)2

which is weakly bound to the metal can be formed by the
subsequent hydrolysis of the HFeO2

� ion,

HFeO2
� + H2O - Fe(OH)2 + OH� (33)

In simple terms, peak A3 and its cathodic counterpart C2 are
attributed to the following Fe(II)/Fe(III) redox transformation,

Fe(OH)2 + OH� - FeOOH + H2O + e� (34)

which involves an electrochromic colour change from transpar-
ent to yellow/green as the oxidation state changes from Fe(II) to
Fe(III). However, it has been noted previously that the A3/C2
peaks exhibit the usual characteristics of a hydrated or hyper-
extended oxide. Lyons and coworkers84,96,98 have reported
super-Nernstian potential–pH shifts for peaks A3/C2 of the
order of dE/dpH = �2.303(3RT/2F) = �0.088 V per pH unit at
T = 298 K, indicating that the oxide acquires a net negative
charge in the oxidised state relative to the reduced state. Since
traces of this peak appear even during the first sweep of a fresh,
previously unused electrode, it is possible that at the outer
regions of the oxide film the hydroxylation process outlined
in eqn (27) is succeeded by a further stage which involves
coordination of additional H2O and OH� species. Indeed, this
concept of a hydrated outer oxide layer is well established for
Fe electrodes. Early ellipsometric and spectroscopic studies
performed by Bockris and coworkers202,203 and O’Grady204

pointed to the presence of bound water in the passive layer
formed on polycrystalline iron. In particular, these authors
suggested a hydrated polymeric oxide model for the passive
oxide layer. Furthermore, it can be seen from Fig. 9b that the

A3/C2 peaks are the only peaks to display a significant enhance-
ment upon potential cycling. Hence the latter peak combination is
attributed to an Fe(II)/Fe(III) redox transition in a polymer micro-
dispersed hydrous oxide layer, formed initially by hydration of the
outer regions of the Fe(OH)2 or FeO film.

In recent years, the redox switching and interfacial beha-
viour of such hydrous oxide modified electrodes have been
examined using Probe Beam Deflection (PBD) and Electro-
chemical Quartz Crystal Microbalance (EQCM). These techni-
ques have proved very useful in the real time study of coupled
electron and ion transport processes in these films and have
been described by Lyons205 and by Oyama and Ohsaka.206 In
relation to the hydrous oxide layers prepared on iridium
electrodes, Kotz and co-workers207 determined that protons
are ejected from the film during the course of oxidation in acid
solution, whereas hydroxide ions and charge compensating
counterions are consumed for the same process in base. In
light of this, it is reasonable to suppose that similar processes
are also involved in the redox switching reaction of iron
oxyhydroxide layers. Accordingly, by analogy with a scheme
produced by Burke and Whelan176 for redox switching of
iridium oxide films, it has been proposed that the main charge
storage reaction represented by peaks A3/C2 may be better
described by,84

[Fe2(OH)6(OH2)3]n
2� + 3nOH� - [Fe2O3(OH)3(OH2)3]n

3�

+ 3nH2O + 2ne� (35)

with charge neutrality being maintained by the movement of
charge compensating cations such as Na+ in the case of Fig. 9.
Importantly, it can be shown, following a similar treatment to
that outlined in Section 3.1, that the ratio of hydroxide ions to
electrons in the latter expression will yield the experimentally
observed pH dependence. Hence, one has a rapid topotactic
reaction involving hydroxide ion and counterion ingress and
solvent egress at the oxide/solution interface, and electron
injection at the metal/oxide interface.

In this way, the hydrous oxide film may be regarded as surface
bound polynuclear species held together by hydroxyl or oxy
bridges. It is noteworthy that the film has been described in
terms of linked surfaquo groups which are arranged in a dispersed
three dimensional structure with each group being electrocataly-
tically active.17 This is an important consideration when a model
for the OER is being developed. Indeed, the surfaquo groups
are specifically implicated as the catalytic centres in the hydrous
oxide layers.96,98 The latter assertion being supported by the pH
dependence of the OER at hydrous iron oxide covered electrodes.
In Fig. 10, E–pH plots generated for peak A3 and the OER onset
potential are presented for comparison. As stated previously,
the redox peaks associated with the hydrous layer exhibit a
super-Nernstian E–pH dependence, here A3 shifts negatively
by ca. 0.1 V per pH unit. Significantly, the OER onset potential
exhibits an E–pH shift of similar magnitude to peak A3,
ca. �0.093 V per pH unit, suggesting that the anionic surfaquo
groups of the hydrous layer actively partake in oxygen evolution at
hydrous oxide covered Fe electrodes.
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That said, it is important to emphasise that the formulae
presented above should only be considered as a general guide.
Other forms of Fe(II) and Fe(III) hydrated oxides are also
possible and in fact mixtures such as hydrated Fe3O4 are quite
likely. Indeed, the slightly irreversible nature of the main
charge storage peaks, as evidenced by the difference in
potential between A3 and C2, is more akin to the behavior
exhibited by manganese rather than that of iridium and rhodium.
In this sense, mixed oxide or hydroxide intermediate formation
analogous to Mn3O4, or Mn(OH)3 may also be involved.208 Peak A4
is also related to an Fe(II)/Fe(III) redox transition. However, at
this higher potential it is the inner more amorphous region of
the Fe(II) species that is oxidised. Thus, the upper anodic peak
A4 is probably due to an Fe(II)/Fe(III) redox transition in the
anhydrous compact oxide layer of FeO or Fe(OH)2 at the metal
surface, leading to the formation of such species as g-Fe2O3,
Fe3O4 or FeOOH.

The cathodic peak C1 corresponds to the reduction of the
compact, anhydrous inner layer according to the following
reaction,

FeO�FeOOH + H2O + 3e� - Fe + FeO2
2� + H2O + OH�

(36)

A useful aspect of this reaction is that the charge capacity of
peak C1 can be used to estimate the extent of the compact layer
growth. In this respect, it is to be noted from Fig. 9b that the
compact layer does not continue to grow to any great extent
with increasing number of potential cycles.

3.3 Interfacial redox chemistry of nickel based electrodes in
alkaline solution

The redox behaviour of nickel hydroxide and oxyhydroxide
based electrodes is one of the most extensively studied systems
in electrochemistry. This is due primarily to the practical
utilisation of these electrodes in several technologically impor-
tant areas including alkaline battery and electrolysis cells.
However, progress in understanding the nature of the redox
reactions at these materials in aqueous solution has been slow.

As noted by McBreen209 in his review on the electrochemistry
of nickel hydroxides, the complexity of these reactions along
with their variability with respect to factors such as electrode
preparation and history has made normally routine analysis
significantly more complicated. In the present discussion we
briefly outline the current understanding of the redox chemistry
of nickel and its oxides as it relates to electrochemically generated
hydrous and bulk nickel oxide electrodes.

The voltammetric behaviour of polycrystalline Ni electrodes
has been studied by a number of authors including Seghiouer and
coworkers,210 Burke et al.,177,211 Visscher and Barendrecht,212

de Souza et al.,213 and Simpraga and Conway214 to name but a
few. Typical voltammetric profiles in 1.0 M NaOH for a poly-
crystalline Ni electrode and a polycrystalline Ni electrode which
has been subjected to a repetitive potential cycling regime are
presented in Fig. 11. It is almost universally agreed that the
lower anodic peak observed in the potential region between
�0.6 V and �0.8 V is principally associated with the oxidation
of metallic Ni to Ni(II) species, although there has been some
disagreement about the nature of the Ni(II) oxide species
formed at this potential. For example, Makrides215 proposed
that NiO and Ni(OH)2 were produced, while Okuyama et al.216

Fig. 10 The A3 peak potential and the OER onset potential for a typical hydrous
iron oxide covered electrode plotted as a function of the solution pH. Error bars
representing 2s are also shown.

Fig. 11 Cyclic voltammograms recorded in 1.0 M NaOH at 40 mV s�1 for (a) a
polycrystalline Ni electrode and (b) a hydrous oxide coated Ni electrode prepared
using 300 growth cycles at 150 mV s�1 between �1.45 V and 0.65 V vs. Hg/HgO.
The insets show the effect of reversing the potential sweep at �0.2 V, i.e. below
the main charge storage peaks.
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suggested that the oxide film in this potential region was non-
stoichiometric, consisting of NiO and Ni3O4. By analogy with
the situation outlined for Fe in base the following sequence of
reactions can be visualised at low potentials,91,217

Ni + OH� - NiOHads + e� (37)

NiOHads + OH� - Ni(OH)2 + e� (38)

NiOHads + OH� - NiOads + H2O + e� (39)

However, it should be noted that the overall interfacial
reaction resulting in Ni(II) film formation will likely be compli-
cated by surface hydroxylation reactions eqn (27) and place
exchange film thickening reactions eqn (28–30) similar to those
discussed for Fe above. Indeed, the complex nature of the film
formed at these low potentials has been emphasised by Burke
and Twomey.177,211 Based on the variation of the voltammetric peak
potential with changes in pH in alkaline solution, ca. 13 mV per pH
unit vs. a pH independent reference electrode, they proposed
that both oxidation and hydrolysis processes were operative in
this region leading to the formation of a species with anionic
character. For the purposes of rationalization this species was
tentatively assigned the formula [Ni(OH)2.4]0.4�. Hence, in very
simple terms the net anodic reaction corresponding to peak A1
can be represented as,

Ni + 2.4OH� - Ni(OH)2.4
0.4� (40)

Furthermore, when the anodic limit of the potential sweep
was maintained well below the upper redox charge storage
peaks, Burke and Twomey177,211 observed a pH invariant catho-
dic peak at potentials some 0.3 V lower than the anodic peak.
This peak has also been observed by Lyons and coworkers18,218

and is shown clearly in the insets of Fig. 11. The cathodic peak
C1 is reproducibly observed, irregardless of whether the nickel
electrode has been subjected to a potential multicycling
perturbation or not, provided the upper limit of the potential
sweep is reversed at a potential far from the onset of the
development of the main charge storage peaks. In relation to
this peak, it has been suggested that the reversal in sweep
direction at low potentials causes the initially produced
hydrated oxide species to transform to a more anhydrous form
such as to NiO.177,218 In this light the C1 reduction peak could
be due to,

NiO + H2O + 2e� - Ni + 2OH� (41)

In essence the proposal put forward by Burke and Twomey177,211

is that, due to post electrochemical place exchange reactions,
the anionic oxide becomes neutral before being reduced back
to Ni metal. In an ellipsometric study de Souza et al.213 found
that the first layer of oxide formed at potentials close to the
lower anodic peak A1 consists of NiO. However this becomes
covered with a thick film of Ni(OH)2 upon further increase
of potential. Another significant observation of Burke and
Twomey177,211 was that the magnitude and position of the
lower anodic peak did not alter much with repetitive potential
cycling. This is supported by the work of Lyons and coworkers18,218

presented in Fig. 11. On this basis it has been suggested that it
is the inner, compact oxide layer, assuming a duplex layer
model, that is reduced at significant cathodic potentials, and
thus, even on cycling, the A1 peak is associated with oxidation
of Ni metal to Ni(II) at the metal/porous hydrous oxide interface.

The complexity of Ni(OH)2 redox chemistry is further high-
lighted by the presence of two distinct sets of anodic peaks,
labelled A2 and A2*, and cathodic peaks, labelled C2 and C2*,
at more elevated anodic potentials. These redox peaks, shown
clearly in Fig. 11a for a polycrystalline Ni electrode, are asso-
ciated with a Ni(II)/Ni(III) transition and represent the main
charge storage reaction in Ni hydroxide films. It is noteworthy
that a similar voltammetric fine structure has been observed for
the electrodeposited Ni(OH)2 material shown previously in
Fig. 7. In general, the magnitude of the area under the anodic
and cathodic waves increases with repetitive potential cycling
corresponding to the formation of a hydrous oxide deposit on
the nickel surface.177,212,218 It is to be noted that peak A2*
disappears with potential multicycling, whereas the cathodic
peak doublet C2 and C2* remain even after considerable multi-
cycling, as shown in Fig. 11b. In this way, raising the upper
limit of the voltammetric sweep from �0.20 V to greater than
ca. 0.60 V ensures the occurrence of further restructuring of the
surface layer involving more complete protonation and further
uptake of oxygen, resulting not only in increased film thickness
but also generation of Ni(III) or possibly even Ni(IV) sites in the
oxide film. As a consequence of this process, the lower cathodic
peak C1 is no longer observed which suggests the formation of
a more stable oxide coating.18 The lower limit of the potential
sweep has to be extended well into the active hydrogen evolution
region before significant reduction of the hydrous oxide occurs.
In fact, it has been observed that the optimum lower limit for
efficient hydrous oxide formation on Ni is ca. �1.45 V.177

A significant point here is that the state of the electrode
surface immediately prior to the onset of oxygen evolution is
largely dictated by the redox process occurring at the latter
anodic peaks. Thus, the specific processes involved in the Ni(II)/
Ni(III) transition can provide insight into the nature of the OER
catalytic sites. A major advance in the understanding of the
Ni(II)/Ni(III) transition was made by Bode et al.173 who described
the redox behaviour in terms of four phases as illustrated in
Fig. 12. The discharged or reduced Ni(OH)2 material can exist
either as a largely anhydrous phase designated as b-Ni(OH)2

or as a hydrated phase denoted as a-Ni(OH)2. Oxidation of the
b-Ni(OH)2 material is envisaged to produce a phase referred to
as b-NiOOH, whereas oxidation of the a-Ni(OH)2 material
produces g-NiOOH. Hence one expects two distinct redox
transitions: b/b and a/g. Here, the corresponding redox peaks
are designated A2*/C2* and A2/C2 respectively. It can also
be noted from Fig. 12 that upon ageing, especially in more
concentrated alkali solution, the a-Ni(OH)2 can dehydrate and
re-crystallize as b-Ni(OH)2. Furthermore, upon overcharging at
more elevated potentials b-NiOOH can convert to g-NiOOH. The
non-stoichiometric nature of both the discharged and charged
material is indicated by the average oxidation state of Ni in each
phase as shown in Fig. 12. It is important to note that while

PCCP Perspective

Pu
bl

is
he

d 
on

 0
8 

M
ay

 2
01

3.
 D

ow
nl

oa
de

d 
by

 T
ri

ni
ty

 C
ol

le
ge

 D
ub

lin
 o

n 
13

/0
8/

20
13

 1
6:

28
:0

6.
 

View Article Online

http://dx.doi.org/10.1039/c3cp51213d


13752 Phys. Chem. Chem. Phys., 2013, 15, 13737--13783 This journal is c the Owner Societies 2013

there is a general acceptance for the features of the Bode scheme,
it is inappropriate to think about the formation of a compound or
a phase with definite stoichiometry during the chemically
complex Ni(OH)2/NiOOH transformation. Instead the four phases
mentioned in the Bode scheme should be considered as the
limiting forms of the divalent and trivalent materials, a concept
which has recently been reviewed by Lyons and coworkers,46 with
the actual composition of the oxide at a given potential depending
on a range of factors including its history, method of preparation,
degree of hydration, defect concentration, etc. An additional point
which should also be kept in mind is that the Bode cycle relates
specifically to electrodeposited nickel hydroxides and therefore,
one must attach a degree of caution in generalising this model to
nickel hydroxides prepared by other techniques.

Taking this into consideration, peaks A2*/C2* can, in
simple terms, be attributed to the following Ni(II)/Ni(III) redox
transformation,

Ni(OH)2 + OH� - NiOOH + H2O + e� (42)

Lyons and coworkers167 have shown that regular Nernstian
potential–pH shifts are typically observed for these peaks hence
their association with the anhydrous b/b transition. On the
other hand, super-Nernstian potential pH shifts of the order of
dE/dpH = �2.303(3RT/2F) = �0.088 V per pH unit at T = 298 K
have been observed for the A2/C2 peaks attributed to an a/g
transition, indicating a hydrous or hyper-extended oxide.
Therefore, following the reasoning outlined above for Fe, it
has been proposed that the main charge storage reaction may
be described by,

[Ni2(OH)6(OH2)3]n
2� + 3nOH�

- [Ni2O3(OH)3(OH2)3]n
3� + 3nH2O + 2ne� (43)

corresponding to a Ni(II)/Ni(III) redox transition in a polymeric
microdispersed hydrous oxide layer. Interestingly, super-Nernstian
shifts of a similar magnitude have also been reported for
electrodeposited Ni hydroxide films. Lyons and coworkers167

observed a shift of ca. �0.090 mV per pH unit for the a/g redox
transition in a Ni hydroxide film electrodeposited on a Au
substrate. In light of this, the latter authors postulated that a
redox reaction involving anionic, connected surfaquo groups
similar to that presented in eqn (43) for the hydrous Ni oxide
layer may also operate for the electrodeposited film.

Certainly the redox transition in these films is more complex
than that outlined in eqn (42). In a review of EQCM work
performed on the Ni(OH)2/NiOOH redox transition, Wehrens-
Dijksma and Notten219 state that during the oxidation of
Ni(OH)2 more mass is transferred than can be accounted for
by a simple H+ extraction as suggested by eqn (42). It is
envisaged that this will be accompanied by the incorporation
or release of either positive or negative charge compensating
ions from the solution and will likely also involve H2O. A variety
of redox models have been proposed to describe the mass
changes that take place during the oxidation of Ni(OH)2 and
the latter authors have divided these models into two categories:
H+ transport models or OH� transport models. In the various H+

transport models that have been proposed, the oxidation
of Ni(OH)2 takes place in two steps: insertion of cations and
deprotonation. Bernard et al.220 have proposed a model where,
upon oxidation, initially non-hydrated Ni(OH)2 incorporates alkali
cations and different amounts of water molecules, depending on
the alkali cation present in solution. In the case of initially
hydrated Ni(OH)2, Cheek and O’Grady221 have proposed a model
where, as oxidation proceeds with cation incorporation, different
amounts of water are expelled from the lattice again depending
on which alkali cation is present in solution. On the other hand,
the application of OH� transport models follow a proposal by
Feuilade and Jacoud,222 on the basis of radio isotope measure-
ments, that the transport of hydroxide rather than that of
protons is predominant in Ni(OH)2 films. In any case, regardless
of which model is followed there seems to be general agreement
that as oxidation proceeds, alkali metal cations are incorporated
into the oxide structure.

3.4 Interfacial redox chemistry of cobalt based electrodes in
alkaline solution

Cobalt hydroxides were also studied by Bode et al.173 as part of
the seminal work that led to the development of the Bode cycle
outlined above for the Ni hydroxide electrodes. In an analogous
manner to the situation for divalent Ni hydroxides, there exists
both hydrous a-Co(OH)2 and largely anhydrous b-Co(OH)2.
The structures of these materials are closely related to the
corresponding phases in the Ni system. The a-phase contains
excess H2O and has an approximate composition range of
Co(OH)2�0.9–1.4H2O. Benson et al.223 found that anodic
polarisation of this material produced a phase with an average
Co oxidation state of 3.3 which has been recognised as the Co
analogue of the g-NiOOH phase. On the other hand, chemical
oxidation in air yielded the b-CoOOH phase. However, as was
the case for the Ni hydroxide system discussed previously, the
redox behaviour of Co based electrodes is more complicated
that this representation suggests.

Fig. 12 Schematic representation of the Bode cycle for the Ni(II)/Ni(III) redox
transition in Ni hydroxide layers.
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A series of voltammograms recorded for a polycrystalline Co
electrode in 1.0 M KOH are presented in Fig. 13. These rather
complex voltammetric profiles are typical of those generally
observed in the literature,217,224–227 and there seems to be fairly
good agreement regarding the interpretation of the various peaks.
The approach most often adopted is based on that of Behl and
Toni224 who compared the observed peak potentials with
thermodynamic data. In this respect, peak I is attributed to
the formation of adsorbed OH species on the electrode surface,

Co + OH� - CoOHads + e� (44)

The initially quite prominent peak II is attributed to a
combination of the formation of a passivating film of
Co(OH)2 and/or CoO according to,

Co + 2OH� - Co(OH)2 + 2e� (45)

Co + 2OH� - CoO + H2O + 2e� (46)

and a dissolution process forming a slightly soluble Co(II)
species,

Co + 2OH� - CoO�OHaq
� + H+ + 2e� (47)

This latter assignment is based on the results of a series
of rotating ring disk electrode (RRDE) and scanning electro-
chemical microscopy (SECM) studies performed by Behl and
Toni224 and Erts et al.228 In their RRDE studies, Behl and
Toni224 observed small but significant amounts of dissolved
Co2+ species, the concentration of which reached a maximum
at potentials just below those corresponding to peak II in
Fig. 13. They noted that the amount of dissolved Co2+ increased
with increasing KOH concentration, whereas no soluble Co3+ or
Co4+ species were detected. This data was corroborated by

RRDE work carried out by Erts et al.228 They observed that
ca. 3% soluble species were collected in 1.0 M NaOH in the same
potential region as reported by Behl and Toni.224 According to
Erts et al.,228 SECM offers a more accurate method of quanti-
fication of the concentrations of soluble species, noting that the
tip electrode can be located close to the surface and more short
lived species can be detected. In 1.0 M NaOH in the potential
region of peak II, they observed that a ‘much larger fraction of
the reaction proceeds through the dissolution/precipitation
path than revealed from RRDE’. The disparity between the
SECM results and the RRDE data was explained in terms of a
rapid precipitation of the soluble Co2+ species, with the result
that much of the soluble species could not escape to the bulk
solution and register a ring current. In 0.1 M NaOH no soluble
species were detected by SECM,228 indicating a solid-state
oxidation mechanism in the less concentrated solution.

In any case, with repetitive potential cycling, it is obvious
from Fig. 13 that the magnitude of peak II decreases and the
peak potential shifts to more negative values. Interestingly, the
magnitude of the corresponding broad cathodic peak at
ca. �0.6 to �0.85 V is observed to remain approximately
invariant. Šimpraga225 noted that the ratio of the charges
associated with this set of corresponding anodic and cathodic
peaks in 0.5 M NaOH at 298 K became unity after approximately
15 cycles in the potential range of �1.125 to �0.325 V. Similar
observations have also been made by other workers.217,226,227

This behavior has been attributed to the stabilization of the
developing anodic film with respect to the dissolution process
of eqn (47), so that after a number of cycles the anodic peak in
the potential region of �0.6 to �0.8 V should be almost entirely
due to a solid state process.

The nature of the passive layer formed on Co in alkaline
solution has been studied using ellipsometry.229,230 The most
general conclusion of these studies was that cobalt forms two
types of passive layers. The first is formed at lower potentials,
has a pH dependent thickness, and consists of Co(OH)2 and
CoO. A second passive layer is formed outside the Co(II) layer at
potentials above ca. 0 V (vs. Hg/HgO) and is envisaged to consist
of Co(III) and possibly Co(IV) species. XPS measurements by
Foelske et al.231 on polycrystalline Co in 0.1 M NaOH further
emphasize the concept of a twin layer type passive film. Below
the potential region corresponding to peak III in Fig. 13 the
passive layer is described as being a Co(OH)2 film, which can
grow to 40 nm thickness, depending on time and potential.
Significantly, the authors claim that no CoO was detected, at
least in the early stages of passivation. At potentials anodic to
peak III the outer layers of the film are said to be dominated
by Co(III) species, with the XPS measurements identifying
Co3O4 and CoOOH. Furthermore, in an XPS investigation of a
thick hydrous oxy-hydroxide layer formed by multi-cycling a
polycrystalline Co electrode in 0.5 M NaOH over a potential
range of 650 mV up to just below significant oxygen evolution,
the dominant species identified was Co3O4.225

In view of this, Peaks III and IV are attributed to the
oxidation of Co(II) species to Co(III) species. It is obvious that
the voltammetric profile in this region changes significantly

Fig. 13 Cyclic voltammograms recorded in 1.0 M KOH at 300 mV s�1 for a
polycrystalline Co electrode. The first three sweeps and those recorded after
15 min and 1 h of cycling are shown. All potentials are referenced to a Hg/HgO
electrode in 1.0 M KOH.
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with cycling tending eventually to a reversible type behaviour.
In particular, Liu et al.226 have shown that the formation and
reduction of the oxide film on Co in 0.5 M NaOH progresses
from a completely irreversible behaviour during early potential
cycles to a largely reversible behaviour upon the formation of a
thick hydrous oxide with extensive cycling. Two ‘‘mirror image’’
reversible redox peaks, with peak potentials of ca. 525 mV and
225 mV (vs. Hg/HgO) were observed to become increasingly well
resolved from about the 600th voltammetric cycle at 20 mV s�1

through to the 2885th cycle. It was found that the amount of
anodic charge reversibly accessible in the 2885th cycle was only
3% of the total accumulated charge over the course of the film
growth. This led the authors to conclude that, for this thick
hydrous oxide film, it is only a surface region layer that displays
accessible redox activity.

On the first voltammetric sweep, thermodynamic data
indicates that the oxidation of Co(II) species should begin in
the region of �0.4 V (vs. Hg/HgO) with Co3O4 being the initial
oxidation product. Gomez Meier et al.227 envisage this process
in terms of the oxidation of an inner CoO layer to Co3O4

according to,

3CoOinner + H2O - Co3O4 + 2H+ + 2e� (48)

while Burke et al.217 commented that an illustrative rationalisa-
tion of the process could be provided by the reaction,

3Co(OH)2 + 2OH� - Co3O4 + 4H2O + 2e� (49)

Relating this to peaks III and IV in Fig. 13 Burke et al.217

suggested, on the basis of the large background currents in the
anodic sweep in the region above about �0.3 V, that a hydrous
Co(II) film was gradually converted to such Co(III) containing
species as Co3O4, Co2O3 and CoOOH. They point out that, the
situation is further complicated by a number of other factors,
such as the existence of three forms of CoOOH; CoOOH(I),
CoOOH(II) and CoHO2. These authors add that hydration
effects will tend to render inaccurate the assignment, based
on thermodynamic data, of closely spaced peaks to specific
Co(II)/Co(III) transitions.

Gomez Meier et al.227 also allude to the complex hydrous
nature of the anodic oxide formed on Co in alkaline solution.
These authors view the oxide growth process in terms of
the formation of ‘sandwich-type’ structures, with a Co/CoO/
Co(OH)2 ‘sandwich’ formed at lower potentials. They envisage
peak III to represent the oxidation of a hydrous form of this
structure to a new hydrated ‘sandwich’ structure according to
the process,

[Co(CoO)(Co(OH)2)�xH2O] - [Co(CoO)(CoOOH)�x0H2O]

+ H+ + x00H2O + e� (50)

where x00 = x0 + x. The nature of this ‘sandwich’ structure will
further change with increasing potential, the CoO component
being oxidised to Co3O4. According to this viewpoint, peak IV
will then correspond to a process along the lines of,

[Co(Co3O4�CoOOH)] + 2H2O - [Co(CoOOH)4] + H+ + e�

(51)

Furthermore, on the basis of a perceived correlation
between their voltammetric peak data and the predictions of
thermodynamics, Gomez Meier et al.227 conclude that, in
the formation of the anodic film on Co, the electrochemical
reactions involve fast proton transfers and that the advance in
the degree of oxidation of the metal is accompanied by a
deprotonation and change in the water content at different
parts of the complex electrochemical interface.

It is generally agreed that Peak V is due to a surface Co(III) to
Co(IV) oxidation. Burke et al.217 attribute an electrochromic
effect observed in this potential region to a Co(III)orange/
Co(IV)brown transition according to,

CoOOH + OH - CoO2 + H2O + e� (52)

The latter authors note that the charge associated with peak
V increases on cycling. In fact, the cathodic peak VI corres-
ponding to the reduction of Co(IV) species is virtually absent on
the first cycle; peaks V and VI only become well defined at
appreciable film thickness. This observation in tandem with
the conclusions of Liu et al.,226 that the accessible reversible
charge in a thick Co oxyhydroxide film resides adjacent to the
surface, indicates very strongly that the oxidation of Co(III) to
Co(IV) species is predominantly a surface process, occurring at
the interface between a hydrous oxide layer and the solution
phase. In the context of the present work, this formation of
surface Co(IV) species is likely to be quite significant, occurring
as it does at potentials immediately below those associated with
a significant oxygen evolution current.

The relatively small magnitude of the charge associated with
the cathodic peaks in Fig. 13 during the early potential cycles
indicates that the initially formed passivating film is not easily
reduced. Peak VIII and the broad ill-defined cathodic peak at
potentials between approximately �0.4 and �0.8 V are generally
attributed to the reduction of Co(III) species.217,226,227,232

Although it is not particularly apparent in Fig. 13, probably
owing to the relatively fast scan rate at which these CVs were
recorded, most workers have observed a reasonably well-defined
peak at ca. �1.0 V associated with the reduction of Co(II)
species.217,226,227,232 As previously described, Liu et al.226 have
attributed the increasing reversibility achieved with increasing
film thickness to redox processes in the vicinity of the hydrous
oxide surface. The contrast between this behaviour and the
irreversibility noted during the earlier stages of film formation
reinforces the concept of the initially formed oxide or inner
regions of a thick film being difficult to reduce.

4. Charge transport in transition metal
oxides

The charge transport properties of transition metal oxides are
of fundamental importance for the potential applications of
these systems. Metal oxide electrode materials have been
implicated in a range of energy production and energy storage
devices, from the electrolytic splitting of water13 to various fuel
cells,233 batteries209 and supercapacitors.234,235 Although the
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specifics of each technology may differ, three key properties can
be identified for an optimal electrode material: a high electro-
chemically active surface area, fast electron transfer kinetics,
and facile and reversible ion diffusion. For metal oxide based
electrodes the latter properties are intrinsically linked to the
redox switching behaviour of the film. Therefore, an under-
standing of the kinetics and mechanism of the redox switching
reactions is essential for the development and design more
effective electrocatalytic and charge storage materials.

Redox switching in metal oxide based materials reflects the
potential induced change in oxidation state of the film and
involves the transport of both electrons and counterions. In this
way, the metal oxides may be viewed as mixed ionic/electronic
conductors similar to electroactive redox and conducting poly-
mers. The physical transport processes within the material may be
described in terms of a dual rail electrical transmission line,236–240

a general schematic of which is presented in Fig. 14. This model
consists of a series of distributed impedances corresponding to
charge transport along the polymer strand Z, ion transport within
the pore electrolyte X, and an impedance Y representing the
interface between the strand and the pore. At the simplest level
Z corresponds to the electronic resistance RE, X to the ionic
resistance RI, and Y to a distributed capacitance CS. The applica-
tion of this type of circuit has been discussed in detail by Bisquert
and coworkers236–238 in relation to electronically conducting poly-
mers and transition metal oxide materials.

Charge transport information may also be obtained from the
voltammetric characteristics of a system. On a qualitative level,
the voltammetric charge arising from the surface redox transi-
tions gives an indication of the relative kinetics of the redox
reaction and the extent to which it percolates throughout the
film. It has been experimentally established that the measured
value of the voltammetric charge depends on the potential
sweep rate with Q or Q* increasing significantly in magnitude
as the sweep rate decreases.181 This trend can be observed
clearly in Fig. 15 where the value of Q determined for a series
of hydrous Fe oxide films is plotted as a function of sweep
rate. These results may be rationalized in terms of a simple

diffusional model. In relation to the electrocatalytic and redox
properties exhibited by thermally prepared RuO2 and IrO2

electrodes in aqueous acid and base solutions, Trasatti and
co-workers181 have differentiated between an ‘inner’ or less
accessible active surface and an outer or more accessible active
surface. In their deliberations the charge capacity derived from
the voltammetric profile was presumed to contain contribu-
tions which reflected the differing degrees of access of protons
to the outer and inner regions of the oxide lattice. In this sense,
these results suggest that increasing fractions of the inner
surface of the oxide film become electroactive as the experi-
mental timescale increases. As noted by Lyons and Floquet,75

this likely occurs due to the diffusion of water molecules
through cracks, pores and grain boundaries with subsequent
acid/base reactions between bound metal oxyhydroxide groups
and protons according to,

MOx(OH)y + dH+ + de� - MOx�d(OH)y+d (53)

Indeed, Trasatti and co-workers241 have described the
proton diffusion process in terms of a surface Grotthus mecha-
nism along the pore and crack walls, with this process being
facilitated by the presence of readily dissociatable surface OH
groups. Hence, by analogy with the situation pertaining in
solution, it is to be expected that the mobility of H+ is
considerably higher than that of OH� and so access to inner
surface sites is easier for free protons than for other proton
donating species. Actually, Lyons and Floquet75 have recently
observed for a series of RuO2 and IrO2 based electrodes
that larger Q* values are obtained in acidic solutions than in
alkaline solutions, indicating a more efficient charge transport
process in acidic media.

In the hydrous and bulk oxide layers the diffusional process
may be described in terms of an electron ‘hopping’ mecha-
nism.17 Redox centres immediately adjacent to the support
electrode are directly affected by the electrode potential,

Fig. 14 Dual rail transmission line model for mixed ionic/electronic conduction
in metal oxide materials. Fig. 15 Variation of oxide charge capacity Q with analytical sweep rate for

hydrous Fe oxide coated electrodes in 1.0 M NaOH. The hydrous oxide layers
were prepared using 120 and 360 growth cycles in 1.0 M NaOH at 350 mV s�1

between the switching potentials of �1.45 and 0.35 V vs. Hg/HgO.
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whereas charge is further propagated along the oxy-metal
strands via a sequence of electron self exchange reactions
between neighbouring oxy-metal sites. So, for the thinner films
represented in Fig. 15 there is sufficient time at normal sweep
rates for the redox reaction to extend to virtually all regions of
the dispersed hydrous layer. That is, a situation of Nernstian
equilibrium prevails and the voltammetric charge is relatively
unaffected by the sweep rate. However, for the thicker films
there is not enough time, apart from at very low scan rates, for
the redox reaction to propagate throughout the entire extent of
the dispersed hydrated region. Thus, the charge capacity values
drop dramatically as the analytical sweep rate is increased.
Similar quasi-diffusive effects have been discussed for a
number of electroactive polymer systems.205,242–246

In light of the above discussion, the rate of charge percolation
in the oxide layers may be quantified in terms of a charge
transport diffusion coefficient DCT, reflecting either the rate of
electron ‘hopping’ or the diffusion of protons/hydroxide ions via
a rapid Grotthus type mechanism.17 In this sense, Laviron247–252

and Aoki253,254 have developed useful models allowing the
voltammetric response to be analysed quantitatively as a func-
tion of sweep rate. In particular, Laviron and coworkers247–252

derived general expressions for the cathodic or anodic voltam-
metric peaks for any degree of reversibility,

Ccath ¼ mZ�a 1þ Zð Þ exp f ðZÞ½ �
ZZ
1

u�ð1þaÞ exp �f ðuÞ½ �du (54)

Can ¼ �mZ�a Z�m 1� Zð Þ½ � exp f ðZÞ½ �
ZZ
1

u�a exp �f ðuÞ½ �du

(55)

Here, C denotes an adimensional current given by,

C ¼ i

F2

RT

� �
n2vAGT

(56)

where GT denotes the total surface concentration of reactant
and product and m is related to the sweep rate v according to,

m ¼ RT

F
k

nv

� � (57)

where k denotes the rate constant for the surface process. In the
latter expressions, the quantity Z is related to the potential
according to,

Z = exp[nF(E � E0
S)/RT] (58)

and f (Z) is given by,

f (Z) = [m/a(1 � a)]Z�a[1 � a(1 + Z)] (59)

In addition we note that u denotes a dummy integration
variable and the other symbols have their usual meaning.

Specifically, Lyons and Burke57 have shown that for the
Ru(VI)/Ru(VII) redox transition in a thermally prepared RuO2

layer the general expressions outlined in eqn (54) and (55)
reduce to the simple reversible form,

C ¼ i

n2F2

RT

� �
AGTv

¼ Z

ð1þ ZÞ2
(60)

for the limiting situation as m - N. It may be shown that this
function exhibits a maximum for Z = 1. Hence, examination of
eqn (58) implies that the peak potential Ep = E0

S, where E0
S is the

standard potential for the surface redox process. Now, setting
Z = 1 in eqn (60) yields the following expression for the
peak current ip,

ip ¼
n2F2A

4RT
GTv (61)

Thus, the peak current for the surface redox process is
expected to vary linearly with the sweep rate; a prediction that
has been verified experimentally for a number of thermally
prepared RuO2 and IrO2 based oxide layers.190–193

This analysis has been further developed by Aoki and
co-workers253,254 who have shown that the peak current varies
with sweep rate according to,

ip ¼ 0:446nFA
GSDCT

L2

� �
W1=2 tanhY (62)

where,

W ¼ nFL2v

DCTRT
(63)

Y = 0.56 W1/2 + 0.05 W (64)

and n, L, A and GS represent the number of electrons trans-
ferred in the redox process, the thickness of the oxide layer, the
geometric area of the electrode and the surface coverage of
the active oxy-metal groups in the surface layer respectively.
The latter quantity is related to the voltammetric charge Q
and the redox site concentration cS via,

GS = cSL = Q/nFA (65)

Two limiting forms of the general expression outlined in
eqn (62) may be identified. For low values of sweep rate
corresponding to small W, we can set tanh Y E Y in eqn (62)
to obtain,

ip ¼
n2F2A

4RT
GSv (66)

which is equivalent to the Laviron analysis in eqn (61). On the
other hand, for fast sweep rates corresponding to large W values
we set tanh Y E 1 and obtain,

ip ¼ 0:446
ðnFÞ3

RT

( )1=2

ADCT
1=2cSv

1=2 (67)

The important point to note here is that diffusion coefficients
may only be evaluated at high sweep rates, where concentration
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polarization effects due to incomplete titration of redox sites
are manifested.

Lyons and coworkers17,92 have applied the Aoki model to
the voltammetric data obtained for hydrous Fe oxide coated
electrodes. In particular, they note that the ip/v1/2 proportion-
ality can be readily obtained at reasonable values of sweep rate
for thick layers whereas the ip/v proportionality, suggesting the
operation of Nernstian equilibrium throughout the dispersed
layer during redox switching, is observed over an extended
range of sweep rates for thin layers. These general conclusions
are illustrated in Fig. 16 and 17 where the redox peak current
data recorded for hydrous Fe oxide layers prepared using 30
and 240 growth cycles respectively are presented. It can be seen
from the thin film data in Fig. 16a that excellent linearity
is observed between the peak current and scan rate for the
hydrous oxide peaks A3 and C2, and the compact oxide
reduction peak C1 over an extended scan rate window. This
observation is confirmed in the double logarithmic analysis of
the same data in Fig. 16b, where slopes of greater than 0.8 are
noted for the A3 and C2 peaks. In contrast, the data obtained
for the thicker layers varies linearly with v1/2 except at relatively
low sweep rates, as shown in Fig. 17a. In this case, the double

logarithmic analysis shown in Fig. 17b is particularly interest-
ing in that a dual slope behaviour is observed; at low sweep
rates a slope of 0.97 is obtained whereas at higher sweep rates
the slope is 0.64. Thus, the sweep rate at which concentration
polarization effects become important may be readily discerned
from the break point in this ‘‘dog’s leg’’ curve and transport
information in the form of a DCT value may be extracted from
the data in the region above this point. Based on the slopes
for the A3 and C2 peaks in the Randles-Sevcik plots in
Fig. 17a, Lyons and coworkers17,97 calculated a DCT value of
ca. 2.8 � 0.9 � 10�10 cm2 s�1 for the hydrous Fe oxide layer.

In the latter calculation, a number of assumptions were
admitted and so, the value reported for DCT can only be
considered an approximation. The concentration of redox sites
in the oxide layer was effectively given by,

cS = r/M (68)

where r denotes the density of the hydrous material and M
represents the molar mass of the fundamental repeat unit of
the hydrated oxy-iron polymer. Here, the densities of the
oxidized and reduced forms of the hydrous layer were assumed
to be given by known values for Fe(OH)2 and Fe2O3�nH2O
respectively.180,205,255 Furthermore, the molar masses for the

Fig. 16 (a) Variation of the voltammetric peak current with sweep rate for a
hydrous Fe oxide layer prepared as in Fig. 15 using 30 growth cycles. (b) log ip/
log v plot of the data outlined in (a) above.

Fig. 17 Variation of the voltammetric peak potential with v1/2 for a hydrous Fe
oxide layer prepared as before using 240 growth cycles. (b) log ip/log v plot of the
data outlined in (a) above.
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oxidized and reduced states were calculated from the surfaquo
group species presented in eqn (35). Although this representa-
tion is reasonable, it is important to remember that these
species were proposed in order to rationalize the observed
super-Nernstian potential–pH response and should not be con-
sidered absolute. However, it is important note that the DCT

value reported by Lyons and coworkers is not unreasonable and
compares well with those reported for electroactive polymers
such as polyaniline (3 � 10�9 cm2 s�1)247–252 and polypyrrole
(1 � 10�8 cm2 s�1),256–261 and other hydrated oxides such
as hydrous iridium oxide (1.5 � 10�9 cm2 s�1, acidic
solution).176,262 Therefore, we suggest that cyclic voltammetry
offers a facile and yet versatile approach to the study of charge
transport kinetics in metal oxide based materials.

5. Electrocatalytic properties of transition
metal oxides: the oxygen evolution reaction

In our discussion of the electrocatalytic properties of transition
metal oxide electrodes we will focus on the technologically
important oxygen evolution reaction (OER). The generation of
molecular oxygen via water electrolysis is a complex and energe-
tically demanding reaction. In alkaline solution, the overall half-
cell reaction for the OER may be represented as,

4OH� - O2 + 2H2O + 4e� (69)

with a reversible potential in alkaline solution of 0.303 V vs. Hg/
HgO.13,233 However, in order to generate oxygen at an appreci-
able rate an overpotential of several hundred millivolts may be
required. Indeed it has been shown that, at a given operational
current density, this relatively large anodic oxygen evolution
overpotential is the principal factor limiting the efficiency
of industrially important cathodic processes such as metal
electrowinning and hydrogen production via alkaline water
electrolysis.4,6,7,9,263,264 Consequently, there has been considerable
research effort devoted to decreasing oxygen evolution over-
potentials, through the development of novel anode materials
such as those outlined above, and to the elucidation of possible
mechanistic pathways at these electrode surfaces.10,11,46

In this context, we have adopted a classical electrochemical
approach in our examination of the kinetics of the OER at metal
oxide and oxidized metal electrodes. This approach typically
involves the use of an ensemble of steady state and transient
electrochemical techniques such as Steady-State Polarisation
curves, Open Circuit Potential Decay (OCPD) and Electro-
chemical Impedance Spectroscopy (EIS). Our aim here is not
to play down the importance of modern non-electrochemical
spectroscopic265–269 and computational methods,270–273 rather
we wish to highlight the potential usefulness of a relatively
simple and unsophisticated electrochemical approach. Such
electrochemical methods have been shown to be extremely
effective analytical tools, yielding key parameters such as the
Tafel slope b and the reaction order m of the mechanistically
significant reactant. In the present discussion we focus on the
important practical considerations relating to the application

of these techniques in a kinetic study of the OER. Building on
this, we examine how the latter kinetic parameters can be used
to propose a chemically meaningful mechanism for the multi-
step OER. Finally, the evaluation of turnover frequencies is
outlined as a useful tool in the electrocatalytic comparison of
metal oxide based OER anodes.

5.1 Kinetic studies of the OER

(a) Steady-state polarisation. Steady-state Tafel plot analysis
is the most widely applied electrochemical technique in the
electrocatalytic study of reactions such as the OER. In general
terms the Tafel equation may be written as,

Z = a + blog i (70)

implying that a plot of overpotential Z as a function of the
current i in logarithm form will be linear with a Tafel slope b
and intercept a.274 Under Nernstian conditions, the exchange
current density i0 and thus the standard heterogeneous rate
constant k0 may theoretically be calculated from the intercept a.
However, owing to the extreme irreversibility of the oxygen
evolution process, it has long been appreciated that the
principle of microscopic reversibility is unlikely to apply to
the oxygen electrode.275 As a consequence, steady state kinetic
data on the OER can only yield mechanistic information up to
and including the rate-determining step (RDS).

In the case of multistep reactions such as the OER the
experimentally observed Tafel slope can be shown to be,276–280

b ¼ 2:303
RT

~aF

� �
(71)

where R, T and F have their usual meanings and the transfer
coefficient -a is given by,

~a ¼ ~n
n
þ nrb (72)

where -
n is the number of electrons transferred before the RDS,

n is the stoichiometric number defined as the number of times
the RDS occurs for one repetition of the overall reaction, nr is
the number of electrons transferred in each occurrence of the
RDS and b is the symmetry factor, generally taken to be 1/2,
which arises from the activation of vibrational states and the
energy required to break bonds. In this way, it can be seen that
the Tafel slope is a composite parameter, giving information on
the stoichiometry and the succession of steps in the overall
reaction. For example, if the first electron transfer step in a
sequential reaction is rate-determining then nr = 1, -

n = 0 and -a =
b =1/2 implying a Tafel slope of ca. 120 mV dec�1 at 25 1C.
Similarly, if the second electron transfer step is rate-determining
nr = 1 and -

n = 1 and, assuming n = 1, we get -a = 3/2 giving a Tafel
slope of ca. 40 mV dec�1 at 25 1C. On the other hand, if the rate-
determining step involves a chemical step subsequent to the first
electron transfer step we can set nr = 0 and -

n = 1. In this case, the
b term is removed and, again assuming that n = 1, we can show
that -a = 1 predicting a Tafel slope of ca. 60 mV dec�1 at 25 1C.
Thus, the elucidation of Tafel slopes can be useful in differen-
tiating between possible reaction mechanisms.
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Experimentally, steady-state Tafel plots may be generated
using a point by point method, performed using a series of
small amplitude potential steps, e.g. 10 mV, and recording the
steady state current after each step. Alternatively, linear sweep
voltammetry performed at a slow sweep rate (o10 mV s�1) may
be used to generate the current–potential profile. Typical Tafel
plots recorded in 1.0 M NaOH for thermally prepared IrO2, RuO2

and mixed RuxIr1�xO2 oxide electrode materials are presented in
Fig. 18. Similarly, sample plots recorded for electrochemically
prepared hydrous Fe oxide and electroprecipitated Ni(OH)2 covered
electrodes are presented in Fig. 19 and 20 respectively.

While a comprehensive review of the Tafel characteristics of
the various metal oxide electrodes is beyond the scope of the
current discussion, we wish to highlight here a number of
general features relating to the Tafel analysis of these oxide
systems. Firstly, it should be pointed out that the Tafel slopes
recorded for the various oxides are often quite sensitive to
factors such as the experimental conditions, the manner in
which the oxides are prepared and even the experimental history
of the electrode. For example, Lyons and Brandon14–16,281 have
reported steady increases in Tafel slope from ca. 40 mV dec�1 to
ca. 60 mV dec�1 with extended use for passive oxide covered Fe
and Co electrodes. These authors noted that the former Tafel
slope is characteristic of a fresh electrode, whereas the latter
value can be observed for an electrode that has undergone a

significant number of polarisation experiments. More recently,
Doyle and Lyons96,98,99 have shown that the concentration of
NaOH used in the preparation of hydrous Fe oxide layers has a
significant influence on the observed Tafel slope for these
electrode systems. It was observed that hydrous layers grown
in high base concentrations had an associated Tafel slope of ca.
60 mV dec�1 whereas those grown in low base concentrations
(o1.0 M) exhibited a Tafel slope of ca. 40 mV dec�1. This
differing Tafel behaviour, which has been labelled Type A and
Type B respectively,96,98,99 has been attributed to dehydration of
the hydrous layers prepared in the more concentrated base
solutions. Similarly, as shown in Fig. 20, Lyons and co-workers167

have observed a steady decrease in Tafel slope from values in
excess of 60 mV dec�1 to ca. 45 mV dec�1 with increasing
solution concentration of NaOH for electroprecipitated Ni(OH)2

coated gold electrodes. This result was also interpreted in terms
of a dehydration effect. It has been shown that the anhydrous
b-form of Ni(OH)2 is more electrocatalytically active than the more
hydrated a-form.226 Indeed, it has been noted that b-NiOOH is the
‘right type of oxide’ for the OER.137 Thus, the increasing electro-
catalytic behaviour of the Ni(OH)2 layer, as evidenced by the

Fig. 18 Steady-state Tafel plots recorded in 1.0 M NaOH at 293 K for thermally
prepared RuO2, IrO2 and mixed RuxIr1–xO2 oxide coated Ti electrodes. Fig. 19 Steady-state Tafel plots recorded in 1.0 M NaOH at 293 K for hydrous

iron oxide films prepared using a range of growth cycles. The films were grown
(a) in 1.0 M NaOH between switching potentials of �1.45 V and 0.35 V at a
sweep rate of 350 mV s�1 and (b) in 0.5 M NaOH between switching potentials of
�1.30 V and 0.75 V at a sweep rate of 400 mV s�1.
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decrease in the Tafel slope with increasing base concentration,
was attributed to higher levels of the b-form of the layer being
present in the more concentrated base solutions. Conversely, in
the case of thermally prepared RuO2 and IrO2 based electrodes
a Tafel slope of ca. 40 mV dec�1 is consistently observed in
the literature.57,75,181 That said, some authors have observed
variations in the slope depending on the surface roughness of
the oxide layer.64,74

Secondly, an important kinetic feature of the OER Tafel plots
presented here is the presence of two distinct linear regions.
Such changes in Tafel slope with increasing overpotential are
often observed in polarisation measurements that characterise
the kinetics of the OER, and are particularly evident for the
RuO2 and IrO2 plots in Fig. 18. Four possible explanations for
the change in Tafel slope are often considered:276,280 (a) a
change in reaction pathway, (b) a change in the electrode
substrate, (c) a change in the RDS within a given pathway,
and (d) the influence of changing potential on the adsorption of
the reaction intermediates. However, it is the latter two reasons
that are generally thought to be the most likely. Moreover,
Damjanovic et al.276,280 suggest that it might be possible to
discriminate between changes in Tafel behaviour due to either
(c) or (d) by carefully examining the steady state polarisation

curves. For example, they provide a rough calculation which
shows that, if the heat of adsorption of an intermediate species
changes by a typical value of about 10 Kcal mol�1 as its
fractional coverage y increases from 0.1 to 0.9, then the range
of potentials over which Temkin conditions might be expected
to prevail is limited to ca. 150 mV. Thus, the limitation of one of
the straight line Tafel regions to such a small potential range
would point towards (d) as opposed to (c) being the reason
behind the dual slope behaviour. That said, it is important to
note that increases in the Tafel slope may not necessarily be
mechanistically significant. A continuous increase in the Tafel slope
with applied potential, as is apparent at very high overpotentials in
Fig. 19 for the hydrous Fe oxide electrodes, may simply be the result
of a reduction in the effective electrode surface area with increasing
gas evolution at the higher applied potentials. Therefore, caution
should be taken when interpreting multiple Tafel regions in
terms of a possible mechanistic pathway.

In this respect, Trasatti et al.181,282 have outlined a useful
method of Tafel analysis which can be used to separate ohmic
drop effects from second Tafel slope effects, thereby allowing
the identification of true mechanistically significant dual Tafel
behaviour. In this method, the Tafel equation is modified to
include the uncompensated ohmic drop as follows,

E = a + blog i + iR (73)

Differentiation of eqn (73) with respect to i gives,

dE

di
¼ b

i
þ R (74)

Now it can be noted from eqn (74) that a plot of DE/Di as a
function of 1/i, where DE and Di are the change in potential and
current for two consecutive data points respectively, and i is the
mean current for the same two data points, will be linear with slope
b equivalent to the Tafel slope and intercept R, which the latter
authors have interpreted as the average uncompensated resistance
between the electrode surface and the tip of the Luggin capillary or
reference electrode over the explored potential range. The effective-
ness of this type of data treatment is highlighted in Fig. 21 where a
comparison of both types of Tafel analysis is shown. Steady-state
polarisation data obtained for a hydrous oxide coated Fe electrode
analysed in the usual manner is presented in Fig. 21a, while the
same data analysed using eqn (74) is presented in Fig. 21b. Both
methods gave virtually identical lower Tafel slopes. Furthermore,
while there was slight disagreement regarding the upper Tafel slope
with values of 118 and 100 mV dec�1 obtained respectively, the
important point here is that a clear and distinct second Tafel region
was observed in both cases. Thus, in this situation, it could be
concluded that the dual Tafel behaviour was in fact mechanistically
significant and not simply due to ohmic effects.

An interesting feature of the latter type of data treatment is
that it purports to offer an estimation of the uncompensated
solution resistance Ru. That is, the resistance between the
reference probe electrode and the working electrode which
gives rise to ohmic drop effects according to,

Eeff = Eapp � iRu (75)

Fig. 20 (a) Steady-state Tafel plots recorded in a range of base concentrations
for electroprecipitated Ni(OH)2 coated gold electrodes. (b) The experimental Tafel
slope b as a function of the solution NaOH concentration.
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where Eeff is the actual effective potential at the working
electrode for an anodic reaction and Eapp is the potential
applied by the potentiostat. Depending on the experimental
conditions and electrochemical setup the effect of this resis-
tance can be quite significant, particularly under high currents,
and may need to be compensated for. Various methods of iR
compensation or elimination have been reported in the litera-
ture. Indeed this concept can be quite complex and has been
the subject of a number of informative discussions,283,284 hence
it will not be dealt with in detail here. However, it is worth
noting that one of the simplest methods of iR compensation
involves the post-experimental correction of the data according
to eqn (75) using an experimentally determined value of Ru. In
this manner, accurate iR compensation relies on the accurate
determination of Ru.

Taking this into consideration, we have compared the value
of Ru obtained using the method outlined by Trasatti
et al.181,282 with those obtained using more established techni-
ques in Table 1. Probably the simplest method involves the
application of a small amplitude potential step in a potential
region where no Faradaic processes are occurring, as shown in
Fig. 21c. Under these conditions the only current flow should

be due to double layer charging and the current response can
be represented by,274

i ¼ DE
Ru

exp
�t

RuCdl

� �
(76)

where DE is the magnitude of the potential step, typically
50 mV, and Cdl is the double layer capacitance. Furthermore,
logarithmic analysis of eqn (76) gives,

ln i ¼ ln
DE
Ru

� �
� �t
RuCdl

(77)

implying that Ru can be calculated from the intercept of a plot
of ln i as a function of the time t (Fig. 21c). The obvious

Fig. 21 (a) Steady-state Tafel plot recorded in 1.0 M NaOH at 298 K for a hydrous Fe oxide electrode prepared using 120 growth cycles. (b) The polarization data from
(a) presented in the form of eqn (74). (c) A plot of ln I vs. t generated from the current-time transient (inset) resulting from a potential step from 0.50 V to 0.55 V vs. Hg/
HgO for a hydrous Fe oxide electrode. (d) A series of impedance spectra performed at various potentials associated with active oxygen evolution presented in the
Bode-Log|Z| format for a hydrous Fe oxide electrode.

Table 1 Comparison of the uncompensated solution resistance Ru values
determined using different experimental and computational methods

Experimental method Calculated Ru/O

Trasatti–Tafel 6.4
Potential step 5.9
EIS 5.4
CH iR test 5.7
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advantage of this method apart from its simplicity is the fact
that it also allows for an estimation of the double layer
capacitance from the slope of the ln i vs. t plot. Alternatively,
the resistance Ru may be determined using EIS performed at a
fixed potential, typically the open circuit potential. Although
the impedance response of the electrochemical cell, when
taken over a range of frequencies, will likely contain contribu-
tions from various diffusive, Faradaic and charging processes,
at high frequencies these contributions are negligible compared
with Ru.274 Consequently, Ru can be obtained from the high
frequency resistive plateau in the Bode-Log|Z| representation of
the impedance data, as shown in Fig. 21d, or equivalently from
the high frequency intercept in a Nyquist plot. However, if too
high a frequency is used there is a danger that the measured
impedance may no longer apply to the electrochemical cell but
will be more representative of the electrical setup such as the
wires, connections, etc. Therefore, it is recommended that an
initial scan be performed over an extended frequency range to
determine the most appropriate frequencies for Ru determina-
tion. Subsequent measurements may then be performed over
an abbreviated frequency range or even at a single frequency.
The final method employed was the built in iR test function
used on all CH potentiostat models. This method utilizes the
same theory outlined in eqn (76) except that the current is
sampled at set points after the potential step is applied and the
initial current I0 is calculated by extrapolating exponentially
back to zero time. Now, since DE = I0Ru, Ru can easily be
calculated from this measurement and to reduce any error
the software performs this procedure multiple times, output-
ting the average result. It can be seen from Table 1 that the
values obtained for Ru using all four methods are in good
agreement with each other with a mean value of 5.9 � 0.4 O. In
particular, the value of Ru calculated from the Trasatti–Tafel
analysis does not deviate significantly from the values obtained
using the more established methods. In view of this, we believe
Trasatti et al.181,282 have outlined a relatively simple yet power-
ful analytical tool for the interpretation of steady-state polarisa-
tion data, enabling a clear distinction between differing Tafel
regions and yielding accurate estimates for the Tafel slopes and
the uncompensated solution resistance Ru.

Finally, further useful kinetic information can be obtained by
performing steady-state Tafel analysis over a range of concentrations
of a mechanistically significant reactant. In this way, apparent
reaction orders m may be determined from the slopes of log i vs.
log c plots at constant potentials, where c is a concentration term.
The evaluation of such reaction orders, when combined with
corresponding Tafel slopes, helps to provide a comprehensive
kinetic analysis of the reaction in question and is particularly useful
in distinguishing between different possible mechanistic pathways.
These experimentally determined reaction order values can often be
potential dependent and so it is necessary to generate reaction order
plots at a range of potentials. This is especially important for systems
exhibiting dual Tafel behaviour, as distinct reaction orders can often
be associated with each Tafel region.

In the case of alkaline water electrolysis the pertinent
concentration term is the activity of the hydroxide ion aOH�.

Typical reaction order plots for hydrous Fe oxide films prepared
in a range of base concentrations are presented in Fig. 22, along
with the corresponding series of steady-state Tafel plots. The
OH� ion activities were calculated from the mean ionic activity
coefficients g� reported in the literature.285 Reaction orders
mOH� of ca. 0.98 � 0.15, 1.33 � 0.12, 1.01 � 0.12 and 0.92 �
0.04 were obtained at potentials located in the low Tafel region
for hydrous Fe oxide films prepared in 0.1, 0.5, 1.0 and 5.0 M
NaOH respectively. In the high Tafel region the corresponding
reaction orders were 0.62 � 0.05, 0.95 � 0.18, 0.94 � 0.06 and
0.77 � 0.10 respectively. Similar numerical values for the
reaction orders were obtained for hydrous oxide layers prepared
using a range of growth cycles indicating that the reaction order
is not dependent on the hydrous oxide charge capacity.

The results outlined here highlight an important point which
must be considered when interpreting reaction order data. That is,
reaction orders should theoretically be integer values. While many of
the latter reaction orders are statistically close to unity, some are of a
more fractional nature. In a conventional kinetic analysis, under
assumed Langmuir adsorption conditions with low surface coverage
of intermediates, a reaction order mOH� = 1 suggests that only a
single hydroxide ion reacts at each active site for all steps up to and
including the RDS. Similarly, if mOH� = 2 then a total of 2OH�

equivalents can be assumed to be involved in the overall reaction
prior to and including the RDS. However, it can be more difficult
to rationalise fractional reaction orders. A number of authors
have considered the effect of the diffuse layer potential f* on
the observed kinetic parameters.75,286–288 Here, the diffuse layer
corrected electrode potential is represented by E � f* where,

f� ¼ RT

F
ln as (78)

and as = aOH� or aH+ depending on the medium. Thus, if the
experiments are not performed at a constant ionic strength
then the observed reaction order might not correspond to a
constant E � f*. For example, Lyons and Floquet75 suggest that
correcting for the diffuse layer potential can account for the
fractional reaction order mH+ = �1.5 observed for RuO2 layers in
acidic media. On the other hand, Carugati et al.74 have
proposed that fractional reaction orders may arise due to
competing or parallel reaction pathways. In such cases, the
experimentally observed kinetic parameters represent a combi-
nation of the parameters expected for the competing pathways,
the exact value of which depends on the fraction of catalytic
sites following each individual pathway. Then again, Lyons
and Brandon92 have shown that the fractional reaction order
mOH� = 1.5 observed for an ‘aged’ passive oxide coated iron
electrode can be rationalised by admitting Temkin rather than
Langmuir adsorption conditions.

(b) Open circuit potential decay. Steady-state measure-
ments of electrode processes are often complemented by
studies of the decay of the open circuit potential (OCP), which
can also characterize in many cases the kinetics and mechanism
of the basic process involved in the electrode reaction. This
approach is frequently adopted in cases where elucidation of
the reaction mechanism by steady state polarization techniques is
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complicated by continuous alteration of the electrode surface with
time. Open circuit potential decay measurements are usually carried
out by initially polarizing the electrode at a potential in the region
where OER Tafel behaviour is observed. The duration of pre-OCP
decay polarisation varies in the literature by both research group and
the nature of the electrode but, generally the polarisation time
should be sufficient to achieve a steady-state current. Most modern
potentiostats now possess a pre-programmed OCP decay measure-
ment function, allowing easy application of this technique. However,
OCP decay measurements may also be obtained manually. In this
method, the potentiostat is switched off after a suitable polarisation
period and the electrode potential is measured at various time
intervals using a high impedance voltmeter, which is disconnected
between readings in order to avoid any forced discharge.

The basis of the study of open circuit potential decay curves is
that the slope �bOCP of the E vs. log t decay curve is equal to the
slope b of the Tafel plot for steady state polarization.289 Under open
circuit conditions, the loss of charge capacity displayed by oxide
films is thought to be a consequence of the fact that most of the
charge storage region is located above the thermodynamic potential
for the decomposition of water. Self-discharge then is assumed to
proceed by an electrochemical mechanism analogous to that of
corrosion. That is, the simultaneous occurrence of anodic and
cathodic reactions as a mixed potential via a local cell mechanism.

In such systems either the anodic or cathodic process tends to be
rate limiting and a potential corresponding to one or the other of the
processes is set up. In the present case, self-discharge consists of a
cathodic oxide reduction process and an anodic oxygen evolution
process. It has been noted that the oxide reduction may be regarded
as a combined electron and proton switching process in regions of
the film where access by the electrolyte is low.57,75 Therefore, given
the fast proton and electron switching transport properties of these
films, as discussed in Section 4, the rate of self-discharge is assumed
to be governed by the anodic oxygen evolution process.

In general, the current density at an electrode can be written as
the sum of the charging current iC and the Faradaic current iF,289

i = iC + iF (79)

At time t0 when the current is switched off, i = 0 and
Z = Z0. Hence,

iC = �iF (80)

Noting that,

iCdt ¼ dq; C ¼ dq

dV
¼ dq

dZt
(81)

Fig. 22 Steady-state polarisation curves recorded in a series of base concentrations for hydrous iron oxide films prepared using 120 growth cycles. The films were
grown in (a) 0.1 M NaOH, (b) 0.5 M NaOH, (c) 1.0 M NaOH, and (d) 5.0 M NaOH. Reaction order plots generated at fixed potentials in the low and high Tafel slope
regions are shown in the insets of each graph.
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where q is charge and C is capacitance, we can show that,

�iFdt = dq = CdZt (82)

Under anodic conditions with Zt > RT/F,

�i0ebZtF/RTdt = CdZt (83)

which after rearranging and integrating gives,

Z t

t0

�i0ð Þdt ¼
ZZ
Z0

Ce�bZtF=RTdZt (84)

Now, for t c t0 and Z0 c Z,

�i0t ¼
RT

bF
e�bZtF=RT (85)

and taking the logarithim gives,

Zt ¼
2:303RT

bF
log

RT

bFi0

� �
� 2:303RT

bF
logðtÞ (86)

Thus, an equivalent Tafel slope can be determined from the
slope of a plot of the measured potential or overpotential
during the decay as a function of log t. Typical results for
RuO2 and IrO2 are presented in Fig. 23, where well defined

exponential decays and excellent linear plots of E vs. log t can be
observed. In this case, the slopes obtained from the E vs. log t
curves were in good agreement with those derived from steady
state polarization measurements75 highlighting the potential
usefulness of this technique for the elucidation of Tafel slopes.

However, such simple relationships between the OCP decay
slope and the steady-state Tafel slope are not always observed.
This is evident in Fig. 24 where the OCP decay curves and
corresponding E vs. log t plots for a hydrous oxide coated Fe
electrode are shown. It is clear that more complicated OCP
decay behaviour was recorded for the hydrous films. At short
decay times a slope �bOCP of ca. 23 mV dec�1 is obtained,
whereas at longer times the slope �bOCP varies between ca. 160
and 180 mV dec�1 depending on the initial polarisation
potential. Importantly, these slopes differ considerably from
the expected slope of ca. 60 mV dec�1 which was obtained using
steady-state polarisation and EIS techniques.96,98 Indeed, the
presumption of numerical identity between the decay slope and
the Tafel slope is not always justifiable. There is an assumption
evident in the mathematical treatment outlined in eqn (79–86)
that the capacitance C is constant.289 In fact, Conway and
Bourgault290–292 have shown that interpretations of OCP decay
slopes in terms of rate-determining mechanisms are only valid
under conditions where the electrode surface capacity is inde-
pendent of potential. In situations where the surface capacity
varies during self-discharge the observed decay slope can differ
quite significantly from the steady-state Tafel slope. In such
cases, the latter authors have identified mathematical relation-
ships between the observed decay slope and the true Tafel
slope. In particular, two primary limiting cases have been
discussed.290 If the surface coverage of intermediates during
self-discharge is assumed to be low it can be shown that the
surface capacity decreases with decreasing potential. Under
these conditions the relationship between the decay slope bOCP

and the true Tafel slope b is given by,

bOCP ¼
b0b

b� b0
(87)

where b0 is some positive multiple or fraction of RT/F. Hence
the observed decay slope is predicted to be greater than the
Tafel slope. Conversely, if there is high but not full coverage of
intermediates the surface capacity increases with decreasing
potential and the following expression for the decay slope is
obtained,

bOCP ¼ �
b0b

b0 � b
(88)

indicating that the observed decay slope will be less than the
Tafel slope. In this way, Conway and Bourgault290 proposed
that the relationship between the decay slope and the steady
state Tafel slope could be used to determine the potential
dependence of the surface capacity and the fractional surface
coverage of adsorbed intermediates.

Taking this into consideration, the lack of agreement
between the decay slopes and the Tafel slopes for the hydrous
oxide layers suggests that the surface capacity does not remain

Fig. 23 Open circuit potential (OCP) decay curves recorded in 1.0 M NaOH for
thermally prepared RuO2 (a,b) and IrO2 (c,d) films deposited on a Ti support. The
variation of the OCP after a 5 min polarisation period at a potential in the oxygen
evolution region is shown as a function of (a,c) time and (b,d) log (time).
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constant during self-discharge. Unlike the situation outlined
by Conway and Bourgault,290 where the surface capacity
was related to the surface coverage of discrete adsorbed inter-
mediates, here the surface capacity is related to the concen-
tration of charged surface or surfaquo groups. It is envisaged
that these species are the active sites for oxygen evolution,
becoming reduced as part of the accompanying cathodic pro-
cess in self-discharge. In this respect, it is to be expected that
the surface capacity varies during self-discharge or even during
steady-state polarisation for that matter. In actual fact, Doyle
and Lyons96,98 have shown previously that the double layer
capacitance determined from EIS measurements is not con-
stant during oxygen evolution, but increases with increasing
potential in accordance with the formation of charged surface
intermediates. Thus, it is possible that the variation in the
decay slopes shown in Fig. 24 can be interpreted in terms of a
decrease in the surface concentration of charged surfaquo
groups. Following the reasoning of Conway and coworkers, at
high potentials or short decay times a large proportion of the
surfaquo groups are in the higher charged state implying
significant surface coverage of intermediates and the observed
decay slope is lower than the Tafel slope. On the other hand, for
longer times the surface coverage becomes considerably
reduced due to increased discharge of the surfaquo groups
and the decay slope is greater than the Tafel slope. Of course

this interpretation begs the question: why the seemingly
constant surface capacity for the thermally prepared RuO2

and IrO2 films, as evidenced by the similarity of the slopes of
the E vs. log t and Tafel plots. In this sense, it is instructive to
note the extent of oxide reduction during the self-discharge
process. In the case of the hydrous oxide films outlined above,
the surfaquo group reduction encompasses the entire layer.
However, for the thermally prepared films the reduction reac-
tion does not proceed to any extent into the bulk of the film but
remains essentially localized in the outer hydrated surface
region. Hence, the reduction process which accompanies oxygen
evolution during self-discharge may not significantly affect the
surface capacity of the RuO2 and IrO2 films, thereby accounting
for the similarity of the Tafel and OCP decay slopes.

(c) Electrochemical impedance spectroscopy. Electrochemical
impedance spectroscopy (EIS) is a useful experimental tool in
probing the kinetics of electrocatalytic reactions and in charac-
terising the properties of the electrode/electrolyte interfaces at
which such reactions occur. To measure the impedance of an
electrochemical cell, a sinusoidal excitation voltage is applied to
the system, over a range of frequencies, and the current response
of the system is measured. In this way, electrochemical processes
such as charge transfer, ion diffusion and capacitance are
separated on the basis of their frequency dependent response
and can be evaluated individually if their time constants differ
enough, with fast processes being observed at high frequencies
while slower processes are observed at lower frequencies. As was
the case for the OCP decay measurements outlined above, an
initial polarisation period at the applied potential is usually
employed prior to recording the EIS response in order to allow
the system to reach a steady-state. The analysis of EIS data
recorded in this way often involves fitting to an electrical
equivalent circuit which for our purposes can be developed from
a mathematical analysis of the proposed OER mechanistic
sequence. The components of the equivalent circuit, which
may take the form of resistors, capacitors, inductors etc., can
in many cases be assigned to physically meaningful parameters
and processes such as rate constants via the Faradaic impe-
dance, film resistances, and ionic and electronic transport rates.
Thus, when the appropriate model is applied it can help to
understand both the physicochemical properties of the oxide
layer and the kinetics of the OER.

Lyons and coworkers have recently shown that the circuit in
Fig. 25 is a good general model for the OER at passive oxide and
hydrous oxide covered electrodes.96,98,293 Typical EIS responses
for hydrous Fe oxide covered electrodes recorded over a range
of potentials associated with active oxygen evolution are pre-
sented in Fig. 26. In general, the EIS responses of these types of
electrode are characterised by three relaxation processes. This
is clear from the three distinct capacitance peaks in the Bode-
Phase plots of Fig. 26(3) and the three pseudo-semicircular
regions at lower potentials in the Nyquist plots of Fig. 26(1).
The CfilmRfilm loop of the equivalent circuit model is observed at
high frequencies and is attributed to the dielectric properties
and the resistivity of the underlying compact oxide film,
respectively. In some systems, particularly for the more conducting

Fig. 24 Variation of OCP as a function of (a) time and (b) log (time) for a
hydrous oxide coated Fe electrode in 1.0 M NaOH after a 5 min polarisation
period at a series of potentials in the oxygen evolution region.
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oxides such as Ni based systems,14,293 this feature can be
difficult to observe due to a low film resistance/high electronic
conductivity. The Cdl element models the double-layer capaci-
tance, while RO represents the electrolyte resistance. In terms of
the electrocatalytic properties of the oxide layer, the resistive
elements Rs and Rp are related to the kinetics of the interfacial
charge transfer reaction. In particular, the polarisation resis-
tance Rp can be viewed as a total charge transfer resistance for
the combined steps, up to and including the RDS, of the OER.
In the theoretical treatment of Harrington and Conway,294 the
reciprocal resistance 1/Rp was shown to be equal to the sum of
similar reciprocal resistances for each of the individual charge
transfer steps. Consequently, Rp is related to the overall rate of
the OER. On the other hand, the later authors have shown that

Rs is related, albeit in a rather complicated fashion, to the rate
of production of one or more surface intermediates.294 In a
general way, Rs gives an indication of the ease with which these
species can be formed. Following the assertions of the same
authors, Cf is given the value of a capacitor which in parallel
with Rs correctly models the relaxation of the charge associated
with a surface intermediate.

Of particular interest here is the fact that both Cdl and Cf

have been shown to vary with potential in the oxygen evolution
region.96,98 The fitting values obtained for these parameters are
plotted as a function of applied potential in Fig. 27. It can be
seen from Fig. 27a that the values of Cdl increased with
increasing potential. Moreover, this increase in the capacitance
coincided with the onset of significant oxygen evolution current

Fig. 25 Equivalent circuit used to model the OER at passive oxide and hydrous oxide coated transition metal electrodes.

Fig. 26 Electrochemical impedance spectra recorded in 1.0 M NaOH at a series of potentials associated with active oxygen evolution for (a) Type A and (b) Type B 120
cycled hydrous iron oxide films in the Nyquist (1), Bode-Log|Z| (2) and Bode-Phase format. The experimental data is represented by discrete points and the simulated
impedance response generated using the equivalent circuit model in Fig. 25 is represented by a continuous line.
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and therefore, is likely a reflexion of the increasing concen-
tration of charged surface states as the OER progresses. Indeed,
similar increases in the surface capacity due to the formation of
surface states have been observed for thermally prepared IrO2

based electrodes,237 as well as hematite photoanodes.43,295 In
this sense, the corresponding variation in Cf with increasing
OER potentials, which can be observed in Fig. 27b, has been
attributed to the changing concentration of charged inter-
mediates in the surface layer. In this way, the EIS results lend
support to our interpretation of the OCP behaviour outlined
above. That is, the lack of agreement between the Tafel slopes
and the decay slopes arises from the potential dependence of the
surface capacity of the hydrous oxide layers during oxygen evolu-
tion. Furthermore, the differing potential dependence of the Cf

element for Type A and Type B hydrous Fe oxide films in Fig. 27b
suggests that this element describes a different charging process
for each film. Thus, it has been proposed that different inter-
mediates are involved in the OER rate-determining process for
these films, in agreement with the contrasting Tafel behaviour
observed for Type A and Type B hydrous oxide films.96,98

In addition to the latter type of interfacial analysis, EIS also
provides a useful accessory method for the determination of
Tafel slopes. Obtaining equivalent Tafel slopes using EIS
involves the experimental determination of the total Faradaic
resistance Rfar as a function of applied potential. In the case of

the equivalent circuit shown in Fig. 25, Rfar is calculated from
the fitting parameters as Rfar = Rp + Rs.

92,96,98 At an oxygen
evolution overpotential Z where simple Tafel behaviour pre-
vails, the current density i is related to Z via the following
expression,92,96,98,296

i = i0 exp(2.303Z/b) (89)

where i0 is the exchange current density for the OER. Taking the
derivative of i with respect to Z gives,

di

dZ
¼ 2:303i

b
exp 2:303Z=bð Þ (90)

Therefore, noting that di/dZ = di/dE = 1/Rfar, and by perform-
ing a logarithmic analysis of eqn (90) the following expression
is achieved,

log
1

Rfar

� �
¼ E

b
þ log

2:303i0
b

� �
(91)

implying that the inverse slope of a plot of log(1/Rfar) against E
is equal to the Tafel slope b. Sample plots of log(1/Rfar) vs. E
generated for the hydrous Fe oxide EIS data in Fig. 26 are
presented in Fig. 28. For ease of comparison, the corresponding
dc Tafel plots are also shown. Clear agreement is observed
between the two different methods with Tafel slopes of

Fig. 27 The optimum fitting values of (a) Cdl and (b) Cf plotted as a function
of applied potential for Type A and Type B 120 cycled hydrous oxide films.
A typical steady state current profile for a 120 cycled Type A film is also presented
in (a) above.

Fig. 28 Tafel plots generated from EIS and Steady-state polarisation
data recorded in 1.0 M NaOH for (a) Type A and (b) Type B 120 cycled hydrous
oxide films.

PCCP Perspective

Pu
bl

is
he

d 
on

 0
8 

M
ay

 2
01

3.
 D

ow
nl

oa
de

d 
by

 T
ri

ni
ty

 C
ol

le
ge

 D
ub

lin
 o

n 
13

/0
8/

20
13

 1
6:

28
:0

6.
 

View Article Online

http://dx.doi.org/10.1039/c3cp51213d


13768 Phys. Chem. Chem. Phys., 2013, 15, 13737--13783 This journal is c the Owner Societies 2013

ca. 60 mV dec�1 and 40 mV dec�1 observed at low overpoten-
tials and a Tafel slope of ca. 120 mV dec�1 uniformly observed
at high overpotentials.

5.2 Mechanistic studies of the OER

In the face of the considerable research efforts devoted to the
OER, the mechanism of the OER at transition metal oxide
surfaces remains controversial. In terms of a mechanistic
analysis, the major difficulty lies in the fact that the OER, as
outlined in eqn (69), is a complex process involving the transfer
of 4 electrons. Over the years various possible mechanistic
schemes have been proposed. Indeed, if all possible reaction
intermediates are taken into account a large number of viable
pathways for the OER can be envisaged,297 although Hoare275

and Kinoshita298 both point out that by admitting a number of
assumptions, the number of possible pathways can be reduced
to ten or eleven. In Table 2 a summary of the diagnostic criteria
for some of the most commonly considered oxygen evolution
pathways is presented. Reproduced from the original work of
Bockris and Otagawa,39,184 this table outlines the predicted
Tafel slopes and reaction orders for each step in a given
pathway. In this way, Table 2 highlights an inherent complica-
tion in attempts at kinetic mechanistic analysis of the OER.
That is, the values of kinetic parameters such as Tafel slopes
predicted for a given pathway are not unique. Hence, it is often
very difficult to unambiguously identify the pathway operative
for a particular system. In addition, the surface coverage of the
reaction intermediates may well vary with potential, further
complicating the thermodynamic and kinetic analysis of the
OER. Thus, the important question of whether a common
mechanism for the OER at transition metal oxides can be
formulated, thereby facilitating a theory of electrocatalysis for
oxygen evolution, is currently unresolved.

In light of this, much research has been focused on attempts
to rationalise the relative electrocatalytic activities of different
electrode materials in terms of a given physicochemical prop-
erty.302 Indeed, considering the variety of OER anode materials
in the literature the idea of such a universal ‘descriptor’ of
catalytic activity is particularly attractive. However, attempts to
draw correlations between electrode physicochemical proper-
ties and OER catalytic performance is complicated by the fact
that it is the metal oxide and not the metal that catalyses oxygen
evolution. In their seminal electrochemical work, Bockris and
Ottagawa39,184 suggested that the catalytic OER activity corre-
lated inversely with the surface bond energy of OH. Accord-
ingly, the rate determining step may be the desorption of OH or
oxygenated species from the surface – obviously the weaker the
metal–OH bond the greater the rate of desorption at a given
overpotential. More recently, theoretical calculations based on
Density Functional Theory (DFT) and Molecular Orbital (MO)
Theory have made significant contributions to the study of the
OER. Rossmeisl et al.271 suggest that the surface oxygen bind-
ing energy is a suitable descriptor for OER activity with the
formation of a surface adsorbed OOH species being rate-
determining at rutile-type oxides such as RuO2, IrO2 and
TiO2. On the other hand, Suntivich et al.303 and Subbaraman

et al.304 have focused their catalytic analysis at a more atomic/
molecular scale. The former authors argue that the level of
occupancy of the eg-symmetry electrons in the transition metal
of a perovskite AMO3 is a suitable descriptor as it determines
the binding of oxygen intermediates to the metal M whereas,
the latter authors propose a correlation between the metal–
hydroxide bond strength in 3d-metal oxyhydroxide surface
clusters and their OER catalytic activity.

Certainly the incumbent trend in mechanistic interpreta-
tions of the OER is toward a focus on the molecular rather than
solid state properties of the anode materials. This is high-
lighted in the work of Suntivich303 and Subbaraman304 outlined
above and concurrently through the dramatic rise in interest in
the area of homogeneous water oxidation catalysis. Notable
works include those of Meyer,305–308 Thummel,309–311

Llobet,312–316 Sun,316–319 and Crabtree320–322 to name but a few.
One of the advantages of these systems is the ease with which
mechanistic studies can be performed. In this respect, it is
interesting to observe that intermediate species similar to those
proposed for heterogeneous systems, such as M–OH, MQO and
M–OOH where M is a catalytically active metal centre, are
typically implicated for the molecular catalysts.323,324 Indeed,
to facilitate a comparison of mechanisms it has been noted that
the discharge of a hydroxide ion at an electrode surface, such as
those outlined in Table 2, can be related to ligation of the
hydroxide ion to a metal of the surface oxide, with a resultant
increase of one in the formal oxidation state of the metal.10

Moreover, it has been suggested that bulk metal oxides repre-
sent a catalytic material which may share properties with both
heterogeneous electrocatalysts and homogeneous molecular
catalysts. In particular, Dau et al.10 pose the tantalising con-
ceptual question of whether the more amorphous metal oxide/
hydroxide materials can be viewed best as an extended solid-
state material or rather as an aggregate of multiple metal oxide
complexes with molecular properties. Specifically, the latter
authors note that, for a mechanistic discussion of the CoCF
developed by Nocera and coworkers,26 it may not be necessary
to extend the structure beyond the basic repeating unit. It is our
opinion that this concept, bridging the fields of homogeneous
and heterogeneous catalysis, holds the key to further advance-
ment in the mechanistic understanding of the OER.

In the early mechanistic schemes outlined in Table 2, the
OER was usually interpreted in terms of an initial discharge of
hydroxide ions at the surface leading to the formation of
discrete adsorbed intermediates such as OH radicals,

M + OH� - MOH + e� (92)

with subsequent steps in the reaction involving the formation
of a range of surface adsorbed intermediates such as MO,
MOOH or physisorbed peroxide species.10,11 These surface
species could then react with each other, with other intermedi-
ates or with the electrolyte to liberate oxygen gas, the specific
details of which depending on the various anode materials and
experimental conditions. According to this classical adsorption
type approach, if the stability of the adsorbed intermediate
formed in the primary discharge step can be increased, then
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the rate control can shift to a later step. Thus, low Tafel slopes
were attributed to the interaction of strongly adsorbed surface
intermediates.275,325 An alternative view point is highlighted in
the mechanism of O’Grady300 in Table 2, who emphasised the
importance of oxide redox transitions in the course of the OER.
In this often encountered concept, the OER is facilitated by the
cyclic formation and decomposition of an unstable intermediate
containing a metal centre in a higher valence state (z + 1) than its
initial state (z).300,326 The significance of this approach lies in its
ability to account for low experimental Tafel slopes without the
need to consider strong surface adsorption.

In the latter mechanistic schemes, the OER was not expected
to occur on the entire available electrode surface but was
instead localised at specific catalytically active surface sites,
somewhat ambiguously represented by M. Indeed, Trasatti64

has noted that the origin of the electrocatalytic properties of
thermally prepared RuO2 films is not to be sought in the intrinsic

rutile structure of the oxide, rather the catalytic properties are
more likely to originate from the state of surface atoms. In this
sense, Lyons and co-workers96,98,281 suggest that the specific
nature of the active site can be envisaged if attention is paid
to the underlying surface chemistry. Importantly, negative
super-Nernstian E–pH shifts have been observed for the oxides
of a number of transition metals including Ni,167,211 Fe,84,85,98

Au,175 Rh,262 Ir176 and Ru.57,75 Recalling our discussion on the
redox properties of the various oxides, such shifts in peak
potential with increasing pH imply that the oxidised state has
acquired a negative charge relative to the reduced state. This
anionic oxide formation arises from the well known acidic
properties of oxide surfaces in solutions of high pH,45,327 and
can be equivalently regarded in terms of the adsorption of
excess OH� ions, proton loss from coordinated water molecules
or the formation of hydroxyl surface complexes.177,211 For example,
O’Sullivan and Burke328 proposed, based on the anionic nature

Table 2 Kinetic parameters derived for the 5 most common OER mechanistic pathways39,184

Rate-determining step

Langmuir Temkin

@E

@ ln i

a @ ln i

@ lnCOH�

� �
E;zc

@E

@ ln i

a

vb y - 0 y - 1 y - 0 y - 1 NAd Ae NAd Ae Conditionf

(I) Bockris’s oxide path39,184

1. M + OH� - MOH + e� 4 2RT/F 1
2. 2MOH - MO + M + H2O 2 RT/2F N 2 0 2RT/F 0.5 rOH B rO

RT/F 1 rOH c rO

3. 2MO - 2M + O2 1 RT/4F N 4 0 RT/2F RT/F 2 1 K2 B 1
RT/4F RT/3F 2 1 K2 { 1

(II) Bockris’s electrochemical path39,184

1. M + OH� - MOH + e� 2 2RT/F 1
2. MOH + OH� - MO + H2O + e� 2 2RT/3F 2RT/F 2 1 2RT/F 1 rOH B rO

RT/F 1.5 rOH c rO

3. 2MO - 2M + O2 1 RT/4F N 4 0 RT/2F RT/F 2 1 K2 B 1
RT/4F RT/3F 4 3 K2 { 1

(III) Krasil’shchikov’s path299

1. M + OH� - MOH + e� 2 2RT/F 1
2. MOH + OH� - MO� + H2O 2 RT/F N 2 1 N 1 rOH B rO–

2RT/F 1.5 rOH c rO–

3. MO� - MO + e� 2 2RT/3F 2RT/F 2 0 2RT/F 0 K2 B 1
2RT/F 1 K2 { 1

4. 2MO - 2M + O2 1 RT/4F N 4 0 RT/2F RT/F 2 1 K3 B 1
RT/4F RT/3F 2 1 K3 { 1

(IV) O’Grady’s path300

1. Mz + OH� - MzOH + e� 2 2RT/F 1
2. MzOH - Mz+1OH + e� 2 2RT/3F 2RT/F 1 0 2RT/F 0 r1 B r2

g

RT/F 0.5 r1 c r2

3. 2Mz+1OH + 2OH� - Mz + H2O + O2 1 RT/4F N 4 2 RT/2F RT/F 4 3 K2 B 1
RT/4F RT/3F 4 3 K2 { 1

(V) Kobussen’s path296,301

1. M + OH� - MOH + e� 1 2RT/F 1
2. MOH + OH� - MO + H2O + e� 1 2RT/3F 2RT/3F 2 1 2RT/F 1 rOH B rO

RT/F 1.5 rOH c rO

3. MO + OH� - MO2H� 1 RT/2F N 3 1 N 1 K2 B 1
RT/F 2 K2 { 1

4. MO2H� + OH� - MO2
� + H2O + e� 1 2RT/5F 2RT/F 4 1 2RT/F 1 K3 B 1

2RT/F 2 K3 { 1
5. MO2

� - M + O2 + e� 1 2RT/7F N 4 0 RT/F 2RT/F 1 0.5 K4 B 1
RT/2F 2RT/3F 1 1.5 K4 { 1

a Symmetry factors, i.e. b, g, and d, in all steps, were taken as 1
2. b Stoichiometric number. c z is the potential difference between the outer

Helmholtz plane and the bulk of the solution. d Nonactivated desorption of O2. e Activated desorption of O2. f r is a coefficient determining the
variation of heat of adsorption of a particular species with coverage. Unless stated, r values for each species were taken as equal. Ki is the
equilibrium constant of the ith step. g r1 and r2 refer to r for MzOH and r for Mz+1OH, respectively.
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of the anodic oxide formed on Rh in base, that oxygen evolution
occurs at surface complexes that can be represented as
[Rh(IV)Om(OH)n]p�, where p = 2m + n � 4. Indeed, similar
considerations should apply to any oxide phase known to
acquire a net negative charge in alkaline solution. Thus, the
electrocatalytic activity of the various oxide films can be
ascribed to the presence of complex anionic surface groups,
consisting of octahedrally co-ordinated metal complexes – the
surfaquo group. That said, it is important to emphasise here
that the formulae for these anionic species are devices pre-
sented to rationalize the observed E–pH behaviour where the
exact surface stoichiometry is often unknown. However, we
believe that this approach is more realistic than thinking in
terms of discrete stoichiometric oxy-hydroxide species.

In view of these considerations, we now outline a number of
current mechanistic interpretations of the OER at oxide elec-
trodes, taking into account the nature of the metal surfaquo
groups. The following general mechanism was proposed by
Lyons and Floquet75 for the OER at RuO2 and IrO2 electrodes,

[MOm(OH)n(OH2)y]p� + OH� 2 [MOm(OH)n(OH*)(OH2)y�1]p�

+ H2O + e� (AI)

[MOm(OH)n(OH*)(OH2)y�1]p� - [MOm(OH)n+1(OH2)y�1]p�

(AII)

[MOm(OH)n+1(OH2)y�1]p� - [MOm(OH)n+1(OH2)y�1](p�1)� + e�

(AIII)

[MOm(OH)n+1(OH2)y�1](p�1)� + 2OH� 2

[MOm(OH)n�1(OH2)y�1](p�1)� + O2 + 2H2O + 2e�

(AIV)

[MOm(OH)n�1(OH2)y�1](p�1)� + OH� + H2O 2

[MOm(OH)n(OH2)y]p� (AV)

where M = Ru or Ir. In the case of RuO2 the initial oxidation
state in the sequence is Ru(VI) and so p = 2m + n � 6 whereas for
IrO2 an initial oxidation state of Ir(IV) is assumed and p = 2m +
n � 4. Significantly, this mechanism was shown to be in
excellent agreement with the experimental data obtained in
both acid and base. By way of illustration, the key surfaquo
groups and reaction steps for the OER at RuO2 and IrO2 films in
base are presented in schematic form in Fig. 29.

The first step (AI) in the mechanistic sequence involves the
initial discharge of a hydroxide ion at the oxide surface result-
ing in an increase of 1 in the metal oxidation state. The
important feature here is the formation of a higher energy
surface bound hydroxyl group OH*. Hence, the second step
(AII) depicts a restructuring process to accommodate this
energetically inequivalent hydroxyl group. While the specific
details of this process are unknown, it is thought to involve a
restructuring of the hydrogen bonding network surrounding
the active site. Molecular dynamic simulations of metal
adsorbed hydroxyl groups suggest that the hydrogen bonding
surrounding a surface bound OH species differs from that of a
surface water molecule.329 Specifically, it is shown that the
oxygen–oxygen distances in the OH hydrogen bonded complex

are shorter than for the other water molecules. This situation is
similar to that observed in bulk solution,330,331 and implies that
the rate-limiting step for the process of the OH migration,
either in solution or on a surface, is the rearrangement of
the local oxygen environment and not the proton transfer
event.329–331 In this way, the first two steps may be viewed
analogously as an electron transfer facilitated migration of OH�

from solution onto the surface, with a fast initial discharge step
and a slow hydrogen bonding restructuring process. Indeed,
this purely chemical step is shown to be rate-determining for
IrO2 in acid, predicting a Tafel slope of 60 mV dec�1 and a
reaction order mOH� = 1 or mH+ = �1.

The third step (AIII) is thought to involve the formation of an
unstable high oxidation state Ir(VII) or Ru(VIII) surfaquo group,
which serves as a precursor to di-oxygen. As illustrated in
Fig. 29, this step is shown to be rate-determining for IrO2 in
base and for RuO2 over the entire pH range with a characteristic
Tafel slope of 40 mV dec�1 and reaction order mOH� = 1 and
mH+ = �1. The fourth and final steps, involving the formation of
molecular oxygen and regeneration of the catalytic centre
respectively, are therefore assumed to be fast. Finally, it should
be noted that at high overpotentials rate control changes to the
initial discharge step for both IrO2 and RuO2 across the entire
pH range, thereby accounting for the experimentally observed
increase in Tafel slope to ca. 120 mV dec�1.

In a similar treatment of the OER at oxidized transition
metal substrates in base, Lyons and Brandon14–16,92 proposed
the following general mechanism as a feasible pathway for Ni,
Fe and Co based electrodes,

[MOm(OH)n]p� + OH� - [MOm(OH)n+1]p� + e� (BI)

[MOm(OH)n+1]p� - [MOm(OH)n�1](p�1)� � –H2O2 + e�. . .RDS
(BII)

[MOm(OH)n�1](p�1)� � –H2O2 + 2OH� - [MOm(OH)n]p�

� –HO2 + H2O + e� (BIII)

[MOm(OH)n]p� � –HO2 + OH�- [MOm(OH)n]p� + O2 + H2O + e�

(BIV)

Alternatively, the latter sequence can be represented as,281

[MOm(OH)n]p� + OH� - [MOm+1(OH)n�1]p� + H2O + e�

(CI)

[MOm+1(OH)n�1]p� - [MOmOOH(OH)n�2](p�1)� + e�. . .RDS
(CII)

[MOmOOH(OH)n�2](p�1)� + 2OH� - [MOmOO(OH)n�1] p�

+ H2O + e� (CIII)

[MOmOO(OH)n�1]p� + OH� - [MOm(OH)n]p� + O2 + e�

(CIV)

In either case, M = Ni(III), Fe(VI) or Co(IV) and p = 2m + n � x
where x is the initial oxidation state of the metal centre. Taking
the example of a Ni(III) centred complex p = 2m + n � x and
noting that m = 1 is most likely, the catalytic [Ni(III)Om(OH)n] p�
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species is merely a NiOOH surface group that has coordinated
extra hydroxide ions owing to the acidic nature of the oxide.

The similarities of these mechanistic pathways notwith-
standing, the important distinction here lies in the interpreta-
tion of the intermediates. Pathway B is a modification of a
mechanism proposed by Bockris and Ottagawa39,184 in which
the RDS is assumed to involve the formation of a physisorbed
peroxide entity (�H2O2). In this way, the dioxygen entity that
will subsequently be evolved as molecular oxygen is formed by
the interaction of a coordinated OH species with an OH� ion.
On the other hand, pathway C has been informed by the results
of DFT calculations performed by Rossmeisl et al.270,271 which
suggests that the RDS is the formation of a superoxy (OOH)
species by the addition of an OH� ion on top of an adsorbed
oxygen atom. For an oxidised metal electrode in aqueous alka-
line solution, the latter analysis indicates that the coordination

of oxygen atoms by the surface metal ions will increase as the
electrode potential is raised. This process is facilitated by the
progressive oxidation of the metal ion to higher valance states.
Here, the initial catalytic site is assumed to have the maximum
coordination (m + n) permitted by the valance state and the
charge (p�) on the surface complex. Now, if the metal is already
in its highest valence state, for example a Ni(III) centre, it can
only coordinate a further O atom by the displacement of an OH
species. This is depicted in step CI and the surface metal cation
may now be considered to be saturated with respect to coordi-
nation, given its stronger interaction (double bond character)
with the O atom in comparison to the OH group (single bond
character). According to the quantum chemical analysis
of Rossmeisl et al.,270,271 if a further OH� ion attempts to
dissociate in the vicinity of the saturated cation, it is energeti-
cally more favourable for this to proceed atop one of the

Fig. 29 Mechanism of the OER at thermally prepared (a) RuO2 and (b) IrO2 films in alkaline solution.
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existing coordinated O atoms rather than for direct coordina-
tion to occur at the metal ion. This OH� may come from the
surface complex as in step CII, or more generally from solution
where steps CII and CIII are replaced by,281

[MOm+1(OH)n�1]p� + OH� - [MOmOOH(OH)n�1]p� + e�

(C0II)

[MOmOOH(OH)n�1]p� + OH�- [MOmOO(OH)n�1]p� + H2O + e�

(C0III)

Similar alternative steps involving a solution OH� may also
be produced for pathway B.14–16 In any case, the steps outlined
here involve the weakening of a metal–oxygen bond from
double bond to single bond character as in CII or from single
bond to physisorbed character in BII and are deemed to be rate
determining. While the details of the steps subsequent to the
RDS are inevitably speculative it is proposed in CIII/C0III that a
proton is transferred from the superoxy species to an OH� ion in
solution. The majority of the bonding electron density is then
concentrated between the two oxygen atoms with the result that
the dioxygen entity is readily displaced in CIV by the adsorption
of an OH� species, leading to molecular oxygen evolution and
the restoration of the active site to its original condition. In this
way, oxygen evolution is viewed as the mechanism by which a
metal oxide surface ‘copes’ with the potential driven dissociation
of OH� ions from solution, where the surface metal cations are
already fully coordinated in their highest valance state.281

However, irrespective of the pathway admitted, the signifi-
cant point here is that both of these mechanisms are capable of
accounting for the entire range of kinetic parameters observed
for oxidized Ni, Fe and Co substrates. A formal kinetic analysis
of step II takes the same form for both pathways and it can be
shown that in the limit of low Langmuir coverage of inter-
mediates this step predicts the Tafel slope of 40 mV dec�1 and
reaction order mOH� = 1 associated with the Ni electrodes.14,281

On the other hand, for ‘aged’ Fe and Co substrates,16,92,281

where a significant passive oxide layer has built up on the
electrode surface through extended use, the characteristic Tafel
slope was ca. 60 mV dec�1 at low overpotentials switching to
120 mV dec�1 at high overpotentials, with associated reaction
orders mOH� = 1.5 and 1.0 respectively. In this case, Lyons and
Brandon92 showed that treatment of step C0II or its pathway B
equivalent under Temkin adsoption conditions could account
for the low overpotential kinetic data. At high overpotentials, it
is assumed that the intermediate coverage has passed beyond
the Temkin potential window and the kinetic data can now be
interpreted under high coverage Langmuir conditions.

Furthermore, Lyons and Brandon note that the kinetic
parameters associated with the ‘fresher’ Fe and Co electrodes,
namely a Tafel slope b E 2.303 � 4RT/5F and mOH� = 1, can be
rationalized if a more complicated model of the electrode/
solution interface is envisaged.281 To this effect the latter
authors introduced a dual barrier model developed by
MacDonald and Conway332 to rationalize the OER kinetic data
obtained for Au electrodes. This model, owing much to earlier
work by Meyer,333 envisages that only a fraction DVFS of the

total potential difference between the metallic electrode and
the electrolyte DVMS = DVS is effective in lowering the potential
barrier to interfacial electron transfer. In series with this, the
remainder DVMF appears across an electronically conducting
‘barrier’ oxide, through which the charge passed in the OER
must migrate under the influence of an electric field. Hence,
one can visualise an inner region labeled F and an outer
solution region labeled S, as shown in Fig. 30.

Under a normal kinetic analysis of step C0II, the overall rate
equation takes the general form,281

i = i0 exp((1 + bS)FZ/RT) (93)

where i0 is the exchange current density for the OER and bS

denotes the symmetry factor for the interfacial electron transfer
process. Now, assuming a single symmetrical barrier, bS = 1/2
and the Tafel slope b = 2.303 � 2RT/3F. On the other hand, if
the OER is proceeding in the steady state under dual barrier
conditions, the RDS must be in equilibrium with the barrier
film charge migration process. Therefore, it is possible to
obtain an expression for the overall current density across the
two barriers by equating eqn (93) with the rate equation for the
oxide charge migration. It can be shown that the resulting
expression has the form,332,333

i = A exp((1 + bS)FZ/RT) (94)

where bS is the composite symmetry factor given by,

bS ¼
bFbS

bF þ bS
(95)

In the latter expression bF is the symmetry factor for field
assisted charge transport through the oxide and bS represents
the symmetry factor for the rate determining interfacial elec-
tron transfer reaction. The pre-factor A in eqn (94) depends on
i0 and also on the exchange current density for the charge
migration process, which in turn depend respectively on aOH�

and the activities of the barrier film charge carriers.333 A similar
dual barrier expression can be derived for the effective reaction
order with respect to the activity of a particular reactant aS,

d log i

d log aS
¼ mSbF

bF þ bS
(96)

where mS is the expected value of the reaction order under more
usual single interfacial electron transfer barrier conditions.

Fig. 30 Schematic representation of the Dual Barrier model for charge transfer
at an oxide/solution interface.
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Thus, if both potential barriers are assumed to be symmetrical
bF = bS = 1

2, then bS = 1
4 and a logarithmic analysis of eqn (94)

gives the experimental Tafel slope b = 2.303 � 4RT/5F observed
for oxidized Fe and Co substrates.281 In the same way, eqn (96)
predicts that the reaction order mOH� = 2 associated with step
C0II or indeed its pathway B equivalent under single barrier
conditions will be observed as mOH� = 1 under dual barrier
conditions, thereby accounting for the experimentally deter-
mined reaction order for the latter electrodes.281

A final point of interest regarding the mechanistic analysis of
Lyons and Brandon14–16,92,281 is their identification of the film
charge transport barrier with the anhydrous inner oxide or with
the interface between this region and the more dispersed hydrous
outer oxide. In our discussion on the interfacial redox chemistry
of Fe electrodes it was highlighted that the concept of an inner
compact oxide and an outer hydrous oxide applies not only to the
multicycled layers but also to the passive layer. Indeed it was
shown that the hydrous oxide peak A3 can be observed from the
very first potential cycle. The duplex layer model for anodic oxides
developed by Burke and co-workers,90,91,176 envisages that the ions
of the inner region are held in place by a rigid network of polar
covalent bonds, through which ionic transport is difficult, thus
limiting growth to perhaps no more than five monolayers. It is
significant that this description fits the profile of a ‘barrier’ oxide
as outlined by Meyer333 and MacDonald.332 On the other hand,
charge percolation proceeds comparatively easily and quickly
through the outer, hydrous, polymeric oxide region; the average
rate of charge diffusion for a hydrous oxide covered Fe electrode
in base is comparable to that of electrodes modified by redox
polymers such as poly(pyrrole).17,92 Interestingly, a duplex model
was also specifically proposed for the anodic oxide formed on Au
electrodes334 – the very system for which the twin barrier model
was originally applied to the OER.332

The final mechanism to be discussed pertains to the
hydrous oxide coated metal substrates. In this case, the latter

dual barrier considerations are not expected to apply as the
properties of the oxide film will be dominated by the extensive
hydrous layer produced during the multicycling procedure. The
following general mechanistic sequence has been proposed to
rationalise the OER kinetic data observed for both Fe and Ni
hydrous oxide films in base,96,98,218

SOH2 + OH� - SOH� + H2O (DI)

SOH� - SOH + e� (DII)

SOH + OH� - SO� + H2O (DIII)

SO� - SO + e� (DIV)

SO + OH� - SOOH + e� (DV)

SOOH + OH� - SO2 + H2O + e� (DVI)

SO2 + OH� - SOH� + O2 (DVII)

where S represents a surfaquo group attached to the hydrous
oxide surface by bridging oxygen ligands. A more detailed
representation is presented schematically in Fig. 31. Note that
octahedrally coordinated oxymetal surfaquo groups are identi-
fied as the catalytically active species and are located within the
hydrous layer. This mechanism takes advantage of the fact that
the dispersed hydrous layer contains considerable quantities of
water molecules which facilitate hydroxide ion discharge at the
metal catalytic site. In this way our mechanistic thinking is
guided by the earlier work of Kobussen and Broers,296,301 but
also takes into account recent developments in DFT calcula-
tions270,271,335 and homogeneous OER catalysis.323,324

The results of a comprehensive kinetic analysis of pathway D
are summarised in Table 3 where the diagnostic parameters for
each step, when it is assumed to be rate-determining, are
presented for low and high surface coverage of intermediates.
By way of an example, we now outline a sample kinetic analysis
for the primary steps in pathway D. First, we note that the first

Fig. 31 Mechanism for the OER at hydrous oxide coated Fe and Ni electrodes in alkaline solution.
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step in the reaction sequence occurs rapidly and need not be
included in the steady-state kinetic analysis. Therefore, if we
assume that the step outlined in DIII is rate determining then
the net reaction flux is given by,

fS = i/4FA = k2aOH� GSOH (97)

In the latter expression, k2 is the chemical rate constant for
the step outlined in DIII, aOH� represents the activity of the
hydroxyl ion and G denotes the surface coverage. We use the
quasi steady-state approximation for the surface coverage of
SOH to get,

dGSOH

dt
¼ k01GSOH� � k0�1GSOH � k2GSOHaOH� ffi 0 (98)

where k01 and k0�1 are the heterogeneous electrochemical rate
constants for the forward and reverse reactions in DII. We may
readily solve eqn (98) to obtain an expression for the surface
coverage,

GSOH ffi k01GSOH�= k0�1 þ k2aOH�
� 	

(99)

Hence the net flux is given by,

fS ffi
k2k

0
1aOH�GSOH�

k0�1 þ k2aOH�
(100)

In the latter expression the primed quantities represent
heterogeneous electrochemical rate constants whose potential
dependence is assumed to be given by the Butler–Volmer rate
equation,

k0n ¼ k0n exp
bFZ
RT

� �
; k0�n ¼ k0�n exp

� 1� bð ÞFZ
RT

� �
(101)

where Z denotes the overpotential and b is the symmetry factor.
In contrast the chemical rate constant is given by its standard
value and there is no potential dependence,

kn = k0
n (102)

Hence the net flux is given by,

fS ffi
k02aOH�GSOH�k

0
1 exp bFZ=RT½ �

k0�1 exp � 1� bð ÞFZ=RT½ � þ k02aOH�
(103)

Now if the step outlined in DIII is rate determining then we
can safely assume that k0

2 { k0
�1 and so eqn (103) reduces to,

fS D k0
2GSOH�aOH�(k0

1/k0
�1)exp[FZ/RT] (104)

This expression can be readily shown to predict a reaction
order of unity with respect to hydroxide ion activity and a Tafel
slope at 298 K of ca. 60 mV dec�1 (b = 2.303(RT/F)).

However, if the subsequent step outlined in DIV becomes
rate limiting we can write that,

fS ffi k03GSO� (105)

Again applying the quasi steady-state approximation we can
show that,

dGSO�

dt
¼ k2GSOHaOH� � k�2aH2OGSO� � k03GSO� ffi 0 (106)

where k�2 is the chemical rate constant for the reverse reaction
in DIII and k03 is the heterogeneous electrochemical rate con-
stant for the reaction in DIV. Solving for the surfaquo group
coverage we obtain,

GSO� D k0
2GSOHaOH�/(k0

�2aH2O + k0
3 exp[bFZ/RT]) (107)

Hence the net reaction flux is given by,

fS ffi
k02k

0
3aOH�GSOH exp bFZ=RT½ �

k0�2aH2O þ k03 exp bFZ=RT½ �
(108)

Now substituting for GSOH using eqn (99) we can obtain,

fS ffi k03
k01k

0
2

k0�1k
0
�2

� �
a�1H2O

aOH�GSOH� exp 1þ bð ÞFZ=RT½ � (109)

Hence, when the electrochemical oxo generation step DIV is
rate limiting the flux expression presented in eqn (109) predicts
that a reaction order of unity with respect to hydroxide ion activity
and a Tafel slope of ca. 40 mV dec�1 at 298 K (b = 2.303(2RT/3F))
will be observed assuming that b = 1

2.
Alternatively, at high overpotentials it is reasonable to

assume that GSOH D 1 and also k0
�2 c k0

3. Thus, eqn (108)
reduces to,

fS D k0
3aH2O

�1(k0
2/k0
�2)aOH� exp[bFZ/RT] (110)

Hence, when the electrochemical oxo generation step DIV is
rate limiting at high overpotentials the flux expression pre-
sented in eqn (110) predicts that a reaction order of unity with
respect to hydroxide ion activity and a Tafel slope of ca. 120 mV
dec�1 at 298 K (b = 2.303(2RT/F)) will be observed, again
assuming that b = 1

2. In this way, Lyons and co-workers96,98,218

note that this mechanism is in excellent agreement with the
available kinetic data for hydrous Fe and Ni oxide films. In
the limit of low surface coverage of intermediates, step DIII is
rate-determining for hydrous Ni oxide films in low base con-
centrations and for Type A hydrous Fe oxide films whereas, step
DIV is rate-determining for hydrous Ni oxide films in concen-
trated base solutions and for Type B Fe hydrous oxide films. On
the other hand, at high overpotentials the surface coverage
tends towards unity and step DIV becomes rate-determining for
the whole range of hydrous oxide layers.

In view of the above kinetic analysis, we wish to highlight
here a number of important features of pathway D. Firstly, it is
should be noted that the proposed catalytic cycle for the OER

Table 3 Kinetic parameters derived for mechanistic pathway D under Langmuir
adsorption conditions

Rate-determining step

G - 0 G - 1

b mOH� b mOH�

DII 2P 0 2P 0
DIII P 1 P 1
DIV 2P/3 1 2P 1
DV 2P/5 2 2P/3 1
DVI 2P/7 3 2P/3 2
DVII P/4 4 P 2

Note: P = 2.303RT/F and b = 1
2.
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outlined in Fig. 31 is analogous to those depicted for various
homogeneous catalyst systems.316,323,324 This is not unexpected
given the very dispersed and somewhat tenuous nature of the
catalytically active hydrous oxide layer. A common feature of
these reaction schemes is that the initial catalytic step involves
the deprotonation of a metal coordinated water molecule.
However, in the strongly alkaline conditions used in the study
of the OER at hydrous oxide systems it is likely that a significant
proportion of these coordinated water molecules will already be
deprotonated. The pKa value for a water molecule coordinated to
a highly charged metal atom is generally in the range pKa 5–9.336

In light of this, Doyle and Lyons96,98 point out that it is more
reasonable to assume that the initial deprotonation step is facile
and will occur outside of the catalytic cycle. Hence, the initial
deprotonation step is depicted as a pre-step in Fig. 31 and the
OER catalytic cycle begins with the resultant coordinated OH�

ion which we label SOH�.
Secondly, it is clear that one of the key steps in pathway D

involves the formation of a surface bound metal oxo SO species.
In Fig. 31 this species is depicted as MQO suggesting an M(V)
metal centre. However, this species could also be represented
as a metal oxyl moiety M(IV)–O. In actual fact, the degree of
radical character has been shown to depend on the length of
the metal oxo bond with M(V)QO being more stable for shorter
bond lengths.322,323 In the case of Fe, it is likely that the metal
oxo species involves an Fe(V) metal centre. Indeed, a recent
variable temperature mass spectrometry investigation has iden-
tified an Fe(V) oxo species as the catalytic centre in a biomi-
metric non-heme Fe complex.337 In the case of Ni, the situation
is less clear. The Ni–O bond may be longer and have a greater
radical character and a Ni(IV) oxyl intermediate may be the
better descriptor of the intermediate species.

Finally, we note that the formation of metal oxide SO� (DIII),
metal oxo SO (DIV) and metal peroxide SOOH (DV) species have
been designated as possible rate determining steps in pathway
D. To date, atomic-scale insight into the OER has proven
difficult due to the lack of significant spectroscopic evidence
of intermediates. However, recent surface-enhanced Raman
spectroscopic (SERS) studies provide convincing evidence for
SOOH intermediates on Au, Ni and Co substrates.25,27,338

Specifically, Bell and coworkers338 found that a characteristic
v(O–O) band of quite low intensity at 815–830 cm�1 could only
be observed for a Au substrate at potentials associated with
active oxygen evolution. Indeed, the low intensity of the v(O–O)
band in this study highlights the difficulty in obtaining direct
experimental evidence for OER intermediates. On the other
hand, Muckermann and coworkers335 propose, based on DFT
calculations, that for a GaN/ZnO surface with high coverage of
adsorbed OH� ions the intermediate associated with the high-
est energy is an oxide radical. Similarly, Rossmeisl et al.271

performed DFT studies on the OER at RuO2 surfaces. They too
found that for a surface saturated with adsorbed OH, the
highest energy intermediate was a surface oxygen species, in
this case an oxo species. Furthermore, the latter authors
assigned the highest energy state to a peroxide intermediate
when the surface was saturated with adsorbed oxo rather than

hydroxide species. Therefore, considering these studies, the
present mechanistic interpretation brings together a number of
strands in the current understanding of the OER at metal oxide
electrodes, and reflects current thinking in the allied field of
water oxidation in homogeneous catalytic systems via transi-
tion metal complexes.

5.3 Electrocatalytic performance – turnover frequencies

In recent years, the concept of a turnover frequency (TOF) has
been increasingly applied to surface catalysis. This concept is
well established for molecular catalysts and is defined as the
number of moles of product per active site per unit time. To
facilitate electrocatalytic comparisons between various surface
oxide materials, current densities at a particular overpotential
are often quoted or plotted as a function of some quantitative
parameter associated with the electrocatalytic material. For
example, the electrocatalytic activity of a hydrous Fe oxide film,
as measured by the current density at an overpotential of ca. 0.4 V,
is observed to increase as a function of the charge associated
with the hydrous Fe oxide anodic peak in Fig. 32a.96 However,
while the current density is indeed a measure of the rate of the
reaction and therefore an indicator of electrocatalytic activity, it
is not a measure of the specific electrocatalytic ability of the

Fig. 32 (a) Variation of the current density at a fixed OER overpotential of
ca. 0.4 V as a function of the oxide charge capacity Q for a series of hydrous
Fe oxide coated electrodes. (b) log–log plot of the turnover frequency calculated
at the latter OER overpotential for hydrous Fe and Ni oxide coated electrodes as a
function of Q.
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system under scope.339 This is due to the fact that the current
density is expected to be proportional to the amount of catalyst
present, as was observed for the hydrous Fe oxide film in
Fig. 32a. In this respect, the specific electrocatalytic ability of
the system can be given in terms of the TOF, which for the OER
may be defined as the number of oxygen molecules generated
per surface catalytic site per second. Accordingly, the TOF can
be calculated as follows,27,339

TOF ¼ 1

Ncat

dNO2

dt
¼ iENA

nFNcat
¼ 1

4

jE

Q
(111)

where Ncat is the number of catalytic sites, NO2
is the number of

molecules of oxygen produced, NA is Avogadro’s number, Q is
the charge and, iE and jE are the current and current density at a
potential E associated with oxygen evolution.

In Fig. 32b the calculated TOF values for a series of hydrous
Fe and Ni oxide electrodes are plotted, in double logarithmic
form, as a function of Q. In contrast to the trend observed in
Fig. 32a, the TOF decreases with increasing oxide charge
capacity Q. That is, the specific electrocatalytic performance
decreases with increasing quantities of catalyst. Similar obser-
vations have also been made by Gomez et al.339 for a series of
nanostructured Ni(OH)2 layers. The reasons behind this beha-
viour are unclear. There may be an inherent overestimation in
the number of electrocatalytic sites. The obvious assumption
being made here is that all the electroactive metal atoms giving
rise to Q also act as catalytic sites, which may or may not be
reasonable depending on the structure and morphology of the
surface oxide. Indeed, Gomez et al.339 note that the apparent
fraction of metal atoms exposed to the electrolyte will likely
decrease with increasing quantities of deposited catalyst,
thereby decreasing the relative electrocatalytic surface. Alterna-
tively, it has been suggested that charge transport may be a
limiting factor for thicker deposits.339 For very thin layers
electron transfer to the conducting substrate would be facile.
However, with increasing thickness, an increased fraction of
the layer would be dependent on charge transport processes
through the layer for its electrocatalytic functioning. In any
case, it is evident from Fig. 32b that the TOF offers a simple
comparison of electrocatalytic performance for surface materi-
als, clearly identifying the Ni based electrodes as the more
catalytically active material.

The determination of TOFs carries further significance in
that it facilitates a comparison between heterogeneous surface
catalysis and homogeneous molecular catalysis. The reported
TOF values for a selection of surface and solution based
systems are presented in Table 4. Although a wide range of
TOFs are possible for both types of system an obvious trend
emerges from their comparison; the TOF for a solution based
catalyst is typically greater than for its surface based equivalent.
This trend is seemingly independent of catalytic ability and can
be clearly noted in Table 4 from the Co3O4 and colloidal IrO2

data. This reduction in catalytic activity for surface immobi-
lised systems is not unexpected. In solution the catalyst repre-
sents a possible 3-dimensional and highly mobile active site,
whereas surface sites will be significantly more restricted both

sterically and in terms of their mobility. Indeed, even the
oxygen evolving complex of photosystem II experiences up to
a ten-fold reduction in catalytic activity in vivo as opposed to
in vitro.340,341 In addition, Bard et al.350 have noted that the
heterogeneous electrochemical rate constants for reactants
bound in a surface layer are generally 2–3 orders of magnitude
smaller than those for the same reactants in the solution phase.
In light of this, a direct comparison between surface based and
solution based catalysts seems unreasonable. However, one
must ask the question: What is the minimum TOF required
of a surface layer for its catalytic performance to approach that
of photosystem II?

6. Conclusion

We have reviewed the preparation, redox switching behaviour
and electrocatlytic properties of three classes of transition
metal oxide electrodes: DSA type electrodes, hydrous oxide
electrodes and bulk oxide/hydroxide electrodes. The character-
istic structural and physical properties of the metal oxides are
highly influenced by the manner in which they are prepared.
Key factors include: thermal annealing temperature, electro-
chemical scanning frequency and potential, electrode sub-
strate, and deposition solution. In view of the wide variety of
possible oxide materials, we have sought to highlight in this
review some unifying concepts pertaining to their redox and
electrocatalytic properties.

The redox behaviour of transition metal oxide electrodes
has been interpreted in terms of anionic surface bound octa-
hedrally coordinated metal complexes known as surfaquo
groups. This interpretation arises from the observed acid/base
properties of the oxide materials. While the spectroscopic
determination of the exact composition and structure of these
anionic entities is rendered experimentally challenging by
issues such as sample preparation, transfer from solution to
vacuum and issues regarding the meaning/reliability of data
acquired ex situ; the characteristic E–pH response of the oxide
provides a useful insight into the nature of the surface oxide.

Table 4 OER turnover frequencies for various surface and solution based
catalyst systems

Material

TOF/s�1

Surface Solution

Photosystem II340,341 100–400 (in vivo) ca. 1000 (in vitro)
[Ru(bda)(isoq)2]316 — ca. 300
[Ru2(m-OAc)(bpp)(tpy)2]2+ 320 — 0.014
Co3O4

342–344 0.0008–0.02 0.035–0.055
Colloidal IrO2

342,345–348 7 40
Thermally prepared IrO2

a 0.003 —
Thermally prepared RuO2

a 0.014 —
Aged b-Ni(OH)2

a 0.95 —
Hydrous Ni oxidea 0.003 —
Hydrous Fe oxidea 0.001 —
MnO2

342,349 0.013 —
Mn2O3

342,344 — 0.035–0.055
Nafion modified [Mn4O4L6]+ — 0.075

a Recent unpublished data from our laboratory.
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Following this interpretation, redox switching of the oxide layer
involves electron transfer along connected surfaquo groups
located not only at the oxide/solution interface, as in the DSA
electrodes, but possibly throughout the layer for the bulk and
microdispersed hydrous electrodes. The latter process is facili-
tated by the accompanied diffusion of protons or hydroxide
ions and can be readily studied both qualitatively and quanti-
tatively using simple potential sweep techniques; diffusion
coefficients in the range of 10�8 to 10�10 cm2 s�1 reported for
the hydrous materials indicate charge transport rates compar-
able to other electroactive polymers.

The electrocatalytic properties of transition metal oxides have
been described in relation to the industrially and commercially
significant oxygen evolution reaction. We have focussed here on
a classical electrochemical approach, outlining the practical and
theoretical application of steady-state polarisation curves, open
circuit potential decay curves and electrochemical impedance
spectroscopy. In particular, the benefits and importance of
utilising an ensemble of electrochemical techniques for the
elucidation of mechanistically significant kinetic parameters
such as Tafel slopes and reaction orders has been emphasised.
The latter approach was shown to provide a detailed kinetic
analysis of the OER enabling one to identify and distinguish
between possible mechanistic pathways.

In this respect we have provided an overview of some
classical and modern trends in the interpretation of the OER.
Specifically, we note the move from a more macroscopic view-
point in terms of the surface properties of the oxide to a more
microscopic viewpoint in terms of the atomic/molecular scale
properties of the layer. Certainly, knowledge of the chemical
and structural properties of the underlying oxide phase is
important in understanding the OER; the amphoteric character
of the anodic oxides implies that it is more realistic to view the
OER active sites in terms of anionic surface complexes rather
than the traditional viewpoint of stoichiometric units of the
bulk oxide material. Subsequently, a series of novel OER
mechanistic pathways involving the active participation of
metal oxyhydroxide surfaquo groups have been discussed.
These mechanistic interpretations have been inspired by the
classic works of Kobussen,296,301 Bockris39,184 and O’Grady,300

while also resonating with more recent spectroscopic25,27,338

and DFT studies,270,271,335 and current work concerning various
oxygen evolving molecular inorganic transition metal complexes.29,44

Importantly, the structure of the surfaquo groups mirrors that
of homogeneous molecular catalysts. Taking this into consid-
eration, the evaluation of turnover frequencies for the surface
immobilised catalysts represents a potential comparative
bridge with the solution based molecular catalysts, although
it is clear that a certain ‘proportionality’ in catalytic perfor-
mance needs to be accounted for. However, there seems to be a
definite emerging opinion, shared by ourselves and others,10

that the key to future developments in the study of the OER
relies on the integration of the allied fields of heterogeneous
surface and homogeneous molecular catalysis. Indeed, we can
conclude that the chemistry of the surfaquo group determines
the chemistry of the OER catalytic cycle.
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