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The advances in spectroscopy and theory that have occurred over the past two decades begin to provide detailed in situ resolution
of the molecular transformations that occur at both gas/metal as well as aqueous/metal interfaces. These advances begin to allow
for a more direct comparison of heterogeneous catalysis and electrocatalysis. Such comparisons become important, as many of the
current energy conversion strategies involve catalytic and electrocatalytic processes that occur at fluid/solid interfaces and display
very similar characteristics. Herein, we compare and contrast a few diﬀerent catalytic and electrocatalytic systems to elucidate the
principles that cross-cut both areas and establish characteristic diﬀerences between the two with the hope of advancing both areas.

1. Introduction
Electrocatalysis and heterogeneous catalysis are closely related in that they involve well-controlled sequences of elementary bond-breaking and making processes and share
many common mechanistic principles in the transformation of molecules over supported metal and metal oxide
catalysts. While there are many areas of synergy between the
two, including the materials that are used and the available
reaction pathways and mechanisms, there are also wellestablished diﬀerences [1–4]. Heterogeneous catalysis has
often celebrated more detailed insights into reaction mechanisms than electrocatalysis due to the advances in spectroscopy and theory of the gas/solid interface as compared to
the more complex aqueous/solid interface in electrocatalysis.
As such electrocatalysis has often followed from the mechanistic advances derived from gas phase heterogeneous catalysis. Many of the current eﬀorts in heterogeneous catalysis,
however, are focused on energy conversion strategies involving catalytic transformations which proceed at the fluid/
solid interface and, as a consequence, are now closely following the leads from electrocatalysis. A number of common
mechanistic principles and features are beginning to emerge
between the two fields. Understanding the synergies as well as

the diﬀerences between catalysis and electrocatalysis should
thus enable advances in the science and application for both
areas. Herein, we compare and contrast some of the fundamental mechanistic constructs as well as the practical applications for electrocatalysis and heterogeneous catalysis. More
specifically, we focus on metal catalyzed oxidation processes.

2. General Comparisons between Catalysis
and Electrocatalysis
At the macroscopic level, many of the catalytic materials that
are used in catalysis and electrocatalysis are very similar in
that they involve supported metal particles, where the interaction between the metal and support is critical to catalyst
performance as well as catalyst stability. The metal or metal
oxide/support interface can result in sites with unique
structural or electronic characteristics, novel bifunctional
sites, and/or sites that promote proton and electron transfer.
The nature and the strength of the bonds between the metal
and the support control the stability of these materials and
their resilience to harsh reaction environments.
The characterization of the electronic and atomic structure of the metal and the support in both catalysis as well
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as electrocatalysis is typically carried out through the use
of extended X-ray absorption spectroscopy (XAFS), electron
microscopy, X-ray (XPS) and ultraviolet photoelectron spectroscopy (UPS). In addition, many of the most active metals
used in electrocatalysis are very often the same as those used
in heterogeneous catalysis. For example, Pt and other group
VIII metals are known to be very active in the electrocatalytic
oxidation of alcohols and the reduction of oxygen in fuel
cells, automotive exhaust catalysis and hydrogenolysis, and
hydrogenation catalysis in the conversion of petroleum and
renewable resources. This is predominantly the result of
the well-established Sabatier’s Principle which suggests that
the metals in middle of the periodic table demonstrate an
optimal metal-adsorbate bond strengths necessary to balance
surface reaction steps and product desorption steps [5–9].
In addition to similarities, there are well-established differences between traditional gas phase heterogeneous catalysis and electrocatalysis. Perhaps the greatest diﬀerence
between the two relates to the unique reaction environments
in which they are carried out. The gas phase catalytic
environment is far less complex than that of the electrified water/metal interface for electrocatalytic systems, thus
allowing for more detailed spectroscopic characterization of
the working surface intermediates, application of ultrahigh
vacuum experiments as well as direct comparisons with
theoretical simulations on model surfaces. The presence of
solution, ions, charged interfaces, complex surface potentials,
and electric fields present in electrocatalytic systems can
all act to significantly change the surface chemistry and
catalysis that occurs in these environments. These interfaces
tend to significantly promote polar reactions and direct
heterolytic bond activation steps which would otherwise be
unstable and not occur in gas phase catalytic systems. The
electrochemical environment, however, is typically much
harsher and deleterious to catalyst stability than that found
in gas phase catalysis. The dissolution of the metal and
the support are thus important concerns for electrocatalytic
processes as these steps are enhanced under electrochemical
conditions. In addition, the presence of electrolyte often
enhances or impedes catalytic kinetics and within certain
potential regions can result in poisoning of the surface.
While there are important diﬀerences between electrocatalysis and catalysis that result from the presence of solution,
counter ions, and electric fields, Nørskov [8–12], Anderson
[13–18], and others [1, 6] have been able to model the electrochemical systems by simply carrying out gas phase
calculations on well-defined model clusters and surfaces and
adding in the critical features that influence the surface
chemistry such as local water molecules as well as the influence of potential. This is an important step in that one has the
ability to not only understand but begin to tune the reaction
chemistry. Understanding the similarities and diﬀerences
of the molecular transformations that occur at ultrahigh
vacuum conditions and electrochemical conditions will undoubtedly drive advances in the development of catalytic and
electrocatalytic materials and processes.
In addition to the scientific issues, there are also a number of important technological diﬀerences in the “infrastructure” that supports the heterogeneous and electrocatalysis
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communities. Most of electrocatalysis appears to be centered
around fuel cells and more specifically proton exchange
membrane (PEM) fuel cells carry out the oxidation of hydrogen, oxygenates, or hydrocarbon molecules to CO2 and the
reduction oxygen to water [19]. This is in clear contrast
to heterogeneous catalysis, which spans a wide and diverse
range of diﬀerent molecules with very rich chemistry and
stands behind extensive chemical, automotive, petroleum,
and pharmaceutical industries. In addition, there have
been significant research and development investments in
heterogeneous catalysis from the government as well as
industry. Methane reforming, methane combustion, ammonia synthesis NOx conversion, and Fischer Tropsch synthesis,
for example, are very large-scale processes which have no
analogue in electrocatalysis. Furthermore, the future directions for PEM fuel cell catalysis is very specific with a strong
focused eﬀort on resolving the issues related to durability
and maintaining catalytic activity for many years. This is
quite diﬀerent than the shorter lifetimes involved in most
heterogeneous catalytic processes with the exception of automotive emission catalysis. In electrocatalysis, catalyst must be
able to withstand the harsh operating conditions and operate
eﬀectively over the lifetime of the vehicle. Catalyst loss and
deactivation tend to be quite severe in electrocatalysis due to
the presence of solution, ions, and electric fields which not
only lead to catalyst poisoning but also catalyst dissolution.
This significantly limits the choice of catalytic materials to
specific supported metals/alloys, metal oxides, and other
stable inorganic materials such as chalcogenides or carbides.
This is a very narrow range of possibilities as compared to
what is typically practiced in the gas phase heterogeneous
catalysis community. The long term durability, aggressive
solution conditions (both high and low pH), as well as the
cost tend to prevent other avenues available to gas phase
catalysis to be applied in the field of electrocatalysis.
Despite the complexity and the challenges of the electrochemical environment and the diﬀerences outlined above,
many of the fundamental constructs that govern gas phase
catalysis are also integral to electrocatalysis. There have been
a number of pioneering developments in spectroscopy,
kinetic analyses, theory, and synthesis that have occurred
over the past few decades that have clearly shown how traditional concepts from heterogeneous catalysis apply directly
to electrocatalysis. This includes the elucidation of nature
of the active site, competitive adsorption phenomena, the
influence of alloys, promoters and poisons, structure sensitivity, surface oxidation state, particle size eﬀects, and metal
support interactions. A schematic representation of the complex metal solution interface that would exist in either
the catalytic or electrocatalytic oxidation of glucose over a
carbon-supported PtRu alloy cluster is shown in Figure 1.
In a review that is now over ten years old, Jarvi and Stuve
[20] elegantly described the direct link between some of the
fundamental principles that control heterogeneous catalysis
and electrocatalysis. This included the specific accounting
of active sites, the identification of reaction intermediates in
elucidating reaction mechanisms, and the role of poisons and
modifiers and their influence on catalytic kinetics and aging.
The authors nicely showed that the kinetics for catalysis and
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Figure 1: Schematic representation of the complex aqueous/metal
interface involved in the catalytic and electrocatalytic oxidation
of glucose over a PtRu alloy particle supported on carbon in the
presence of electrolyte.

electrocatalysis were essentially the same and shared a common framework.
The complexity of the aqueous/metal interface and the
inability to spectroscopically resolve molecular intermediates
at this interface limited early electrocatalytic studies to measurements of macroscopic kinetics with little understanding
of the elementary molecular transformations, the active sites
or the influence the atomic and the electronic structure. This
put electrocatalysis at a distinct disadvantage over traditional
gas phase heterogeneous catalysis. The tremendous breakthroughs that have occurred over the past two decades in
the ability to characterize the atomic structure of the working
surface and reaction intermediates on the surface within the
electrochemical environments have made it possible to begin
to discuss elementary mechanisms and the influence of specific structural and composition parameters. Breakthroughs
in broad-band spectroscopy [21], in situ electrochemical NMR [22–24], EXAFS [25–29], and surface-enhanced
infrared spectroscopy [30, 31] are helping to significantly
advance our understanding of electrocatalysis and in some
cases begin to rival that in gas phase catalysis. These methods
now allow for the direct insights into the nature of the active
sites as well as surface intermediates under actual working
conditions. Such insight has led to an exponential growth
in the literature in the identification of active sites, reaction
mechanisms, and rigorous structure-property relationships.
Despite these important advances, the molecular resolution
of intermediates under working conditions still presents a
significant challenge and as such has been limited to only a
few diﬀerent intermediates and systems. In addition, these
methods provide information on model systems that lack
the complexity of the actual catalytic environment and often
provide only a limited understanding.
In addition to these advances in spectroscopy, the past
two decades have witnessed exponential increases in computational power and tremendous advances in theory and
simulation methods. The development of density functional
theory along with higher level ab initio wave function methods, and novel embedding methods, for example, has revolutionized our understanding adsorbate bonding and reactivity

on well-defined surfaces and organometallic clusters. Due to
limited computational resources, methods, and knowledge,
most of these initial theoretical studies were focused on modeling ideal single-crystal surfaces under vacuum conditions.
The insights and confidence gained from these initial eﬀorts
together with further increases in computational methods
and nurturing from the experimental electrocatalysis community have helped to “seed” the exponential growth that
has occurred in the development and the application of
theory in electrocatalysis over the past ten years. Many of
the initial developments were based on important insights
into the electronic factors that controlled electrocatalytic
reactivity. Andserson pioneered the development of reaction
center model [13, 15, 18, 32–35], whereas Nørkov and
colleagues [11, 12] developed a simple but elegant method
that directly relates gas phase surface reaction energies to
reaction energies at applied potentials. Schmickler et al. [36–
38] developed a model Hamiltonian that appropriately captures bond-breaking and bond-making processes that occur
over metal surfaces in electrochemical systems by combining
fundamental electron transfer and solvent reorganization
principles derived from Marcus theory, Newns Anderson
theory on surface reactivity, and a tight binding theory.
These initial eﬀorts were subsequently followed by ab
initio-based simulation methods to follow chemistry within
the aqueous metal interface and the direct relationship to
electrocatalysis at applied potentials. There are now a number of rather sophisticated models that include the presence
of solution, electrochemical potentials, applied fields, and
actual electrolyte in modeling the electrocatalysis. Filhol,
Taylor, and Neurock used explicit electrolyte or charge to
establish the double layer at the surface [39–43]. The charged
surfaces were then referenced to vacuum in order to establish
the working potential. Otani et al. used DFT to describe
the water metal interface and coupled this with an eﬀective
screening medium to represent to polarizable continuum
[44, 45]. Jionnouchi and Anderson developed a similar approach by combined density functional theory and modified
Poisson-Boltzmann theory [46]. Rossmeisl et al. [47] used
explicit protons at the water/metal interface to establish
the double-layer interface. While the models by Neurock,
Otani, Anderson, and Nørskov diﬀer in how they treat the
double layer, they are providing more rigorous solutions
to the electrochemical transformations that occur on electrode surfaces. It is important, however, to note that these
approaches are at best semiquantitative due to limitations of
fundamental accuracy of the quantum mechanical methods,
modeling electron transfer reactions and simulating long
time dynamics, the full reaction environment, or the millions
of configurations needed for accurate statistical treatments.
Vapor phase density functional calculations of bond energies
and activation barriers are typically within the range of 0.1–
0.2 eV accuracies but can have outliers [2, 48]. The simulation of electrochemical systems would at best only be 0.3 V.
Despite these issues, theory has plaid and will likely continue
to play a very valuable role in understanding and establishing
trends.
The discussions that follow will look to theory only to
provide insights rather than quantitative predictions. All of
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the simulations reported were carried out gradient corrected
periodic DFT calculations using the Vienna Ab Initio
Simulation Program (VASP) [49, 50] with four-layer metal
slabs in the presence of solution, where the bottom two layers
in the metal were held fixed to the bulk lattice positions of
the metal. The coordinates of the metal atoms in the top
two layers along with all of the atoms in the adsorbates as
well as in the solution layer were fully optimized. Transition
states were isolated using the nudged elastic band method
with climbing [51, 52] followed by the dimer method [53].
The specific details are reported in the previous papers [39–
43].
Rather than continue to discuss the obvious connections
between electrocatalysis and gas phase heterogeneous catalysis, it is perhaps more interesting to discuss the growing
eﬀorts for carrying out heterogeneous catalysis in solution
and new and emerging results that connect heterogeneous
catalysis to well-established principles and phenomena in
electrocatalysis. There has been an exponential growth over
the past few years in carrying out heterogeneous catalytic
reactions in solvents or aqueous media. This has been the
result of the significant eﬀorts to convert biomass into
chemicals and fuels [54–59]. The carbohydrates that result
from the breakdown of biomass are soluble in aqueous
media and in addition can be catalytically converted at lower
temperatures and much milder conditions than traditional
gas phase processes. Similarly, many of the processes used
in the selective hydrogenation and selective oxidation of fine
chemical and pharmaceutical intermediates are also carried
out in aqueous or solvent media that operate at lower temperatures to control both chemical as well as enantiomeric
selectivities. Many of the catalyst performance and durability
issues found in these systems have strong parallels to those
found in electrocatalysis. Despite the similarities, there have
been very few attempts to connect or compare the two.

3. Specific Comparisons between Catalysis and
Electrocatalysis: Example Systems
3.1. Metal Support Interface. Before discussing specific
chemistry, we will first focus the metal-support interface in
aqueous phase heterogeneous catalysis and electrocatalysis.
While the lower temperatures used in aqueous phase catalysis
help to control the reaction selectivity, the presence of water
often leads to the hydrolysis of metal support bonds which
can significantly limit the supports that can be used due to
issues related to metal sintering and dissolution. Much of the
initial work in the area of conversion of biorenewables was
carried out over traditional transition metal catalysts (Pd,
Ru, Pt, and Ni) and their supports including SiO2 , Al2 O3 ,
TiO2 , and high surface area carbons in order to identify active
and selective materials [54–57, 60]. There was little emphasis
on the fundamental surface chemistry that occurred in the
solution phase or the stability of these materials. Maris et al.
[61, 62] were some of the first to identify the potential issues
related to metal-support interactions under aqueous phase
catalytic conditions. They showed that while Ru supported
on SiO2 leads to 100% selective hydrogenation of glucose to
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the sugar alcohol, the catalyst used was inherently unstable in
aqueous media and resulted in the significant metal particle
growth. Subsequent studies by Ketchie et al. [63] used in
situ X-ray absorption spectroscopy to monitor the oxidation
state of the Ru and follow the metal stability over a range
of traditional supports including SiO2 , γ-Al2 O3 , carbon, and
TiO2 . Significant sintering of Ru on both SiO2 and Al2 O3
supports occurred at the mild conditions associated with
the conversion of biorenewables. Both the high surface area
activated carbon and titania, on the other hand, were found
to be stable supports for aqueous phase catalysis over a range
of operating conditions. They showed that diﬀerent carbons
may behave diﬀerently and that great care must be taken
to elucidate the nature of the metal-support interactions
under actual process conditions. Most of the recent studies
on the conversion of renewables as well as the hydrogenation
of pharmaceutical intermediates are now carried out on
activated high surface area carbon due to the stability issues.
Interestingly, many of these issues were resolved in the
electrocatalysis community many years earlier as metal dissolution is one of the key issues that limit fuel cell durability.
Carbon has been the preferred support throughout electrocatalysis as a result of the stability, durability, conductivity,
and reactivity of the metal/carbon interface. More recent
eﬀorts have demonstrated that the introduction of titania can
help to stabilize the metal/support interactions at the cathode
for oxygen reduction.
Despite the advances in both catalysis and electrocatalysis
towards stabilizing the metal/support interface, it is clear
that this is an important area which will require mechanistic
insights into the fundamental processes that lead to dissolution and loss of metal and practical advances to solve the
issues of durability.
3.2. Oxidation of CO
3.2.1. Catalytic Oxidation of CO. A second example in which
heterogeneous catalysis and electrocatalysis are related is the
recent discoveries concerning the unique catalytic activity
of supported metal particles in the presence of an aqueous
medium. Perhaps most evident is the work that has been
carried out over supported Au. Up until 1987, gold was
considered to be inert and inactive for catalysis. In a pioneering discovery, Haruta et al. [64, 65] demonstrated
that nanometer-sized Au particles supported on TiO2 were
highly active for low-temperature CO oxidation in the gas
phase. This work led to a tremendous number of follow-up
studies aimed at understanding the mechanism by which
this reaction proceeds and demonstrates the unique behavior
of nanometer and subnanometer-sized Au particles in catalyzing a range of diﬀerent reactions over TiO2 as well as
other supports [66, 67]. A number of possible explanations
for the unique reactivity of Au have been presented in the
literature [67] including quantum-size eﬀects [68], increased
coordinatively unsaturated edge and corner sites [69], the
presence of cationic or anionic Au centers [70, 71], and
unique sites at the Au/TiO2 interface [72]. While the mechanism is still openly debated, much of the literature suggests
that sites along the interface are responsible for the high
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catalytic activity. Some have speculated that the Au-Ti
site pairs that result at the Au/TiO2 interface stabilize the
adsorption and activation of O2 or the formation of hydroxyl
intermediates both of which can catalyze these reactions [67].
The later idea is supported by the fact that the introduction
of small amounts of water or base significantly promotes CO
oxidation over Au/TiO2 [73, 74]. Catalysis on these active
2–4 nm-sized Au clusters is thought to be quite diﬀerent
than that found in the electrocatalysis, as the former is
carried out in the gas phase at low temperatures over small
Au clusters without an applied potential or the presence of
promoters. In addition, O2 is the active oxidant in gas phase
heterogeneous catalysis, whereas activated water or hydroxyl
intermediates are thought to oxidize CO in electrocatalysis.
Kim et al. [75] and Sanchez-Castillo et al. [76] and
Ketchie et al. [77, 78] later demonstrated that bulk Au as well
as Au nanotubes were also very active in catalyzing CO
oxidation if the reactions were carried out in an aqueous
media. The rates over bulk Au were found to be over an
order of magnitude higher in water than those in gas phase.
While CO oxidation can proceed readily in the gas phase
for nanometer clusters of Au on TiO2 , water is necessary
for carrying the reactions out over bulk Au as well as Au
supported on carbon.
These same aqueous phase CO oxidation rates were increased by up to 50 times upon increasing the pH of solution
from neutral conditions (pH = 7) to basic conditions (pH =
14) and by over an order of magnitude from those in neutral
solutions when the reactions were carried out in the presence
of 0.5% H2 O2 [76].
Dumesic et al. suggested that mechanism for CO oxidation in water may proceed via the formation of surface
hydroxyl intermediates that can catalyze CO oxidation similar to the classic bifunctional mechanism suggested in electrocatalysis [79–82] and shown previously from theoretical
calculations by Desai and Neurock [83, 84]. In this mechanism, water is activated on Ru sites within a PtRu surface
alloy, whereas CO binds/blocks the Pt sites as is shown in
Figure 2. CO oxidation proceeds via a nucleophilic attack of
the OH (bound to Ru) on a neighboring CO (bound to Pt)
coupled with the heterolytic splitting of O–H to form CO2 as
well as an electron and a proton. This mechanism would also
help to explain the significant promotional eﬀects that occur
when the reaction is carried out in the presence of base both
catalytically [76, 78] as well as electrocatalytically [85, 86].
3.2.2. Electrocatalytic Oxidation of CO over Au. The anodic
oxidation of CO over Au/C was actually established in 1965,
over two decades before the pioneering work of Haruta
[87, 88]. The reaction readily proceeds over single crystal
as well as polycrystalline Au electrodes at low temperature
in alkaline media at potentials which are 0.5 V lower than
those found with Pt which is used in most fuel cells. While
CO oxidation readily occurs over single-crystal electrodes in
acidic media, the rate is significantly enhanced when carried
out in alkaline media. CO oxidation proceeds over Au(111)
and Au(110) at potentials of 0.1 and 0.2 V RHE, respectively,
which is 0.5 V lower than those recorded in acid media [88].
Similar diﬀerences for CO oxidation in acidic and alkaline

5

Figure 2: DFT-calculated transition state for the electrocatalytic
oxidation of CO on Pt (green spheres) by hydroxyls formed via the
dissociation of water over Ru (yellow spheres). The resulting electron is transferred to the metal whereas the proton shuttles away
from the surface via the water network (copyright Science [83]).

media also exist for polycrystalline Au. The reaction is
thought to proceed via the coupling of CO∗ and OH∗ in a
mechanism that is similar to that presented above in Figure 2.
While the reaction proceeds in acidic media, the activation of
water to form OH∗ on Au at lower potentials is diﬃcult. The
reaction is significantly faster in alkaline media as a result
of increased formation of OH∗ at lower potentials and the
stronger adsorption of CO at these lower potentials. The
higher coverages of CO∗ and OH∗ in alkaline media further
enhance the rate of reaction at the lower potentials. This
shift in potential results in an increase in electron density
at the metal surface which further enhances backdonation.
Rodriguez et al. [88, 89] suggested that the increased CO
adsorption further enhances the adsorption of OH and selfpromotes the reaction.
Nearly all of the early electrocatalytic studies were carried
out over bulk polycrystalline Au electrodes. The exceptional
findings by Haruta et al. [64, 65] and the suggestions of
the unique interface for nanoparticles of Au supported on
TiO2 prompted Hayden et al. [85, 86] to examine the electrocatalytic oxidation of CO over nanoparticles of Au on
TiO2 . They demonstrated considerable enhancements in the
electrocatalytic rates of CO oxidation for Au nanoparticles
supported on TiO2 even when the reaction is carried out
in acidic media. The enhancement was attributed to the
substrate-induced reactivity of Au as discussed below [85,
86].
3.2.3. Particle Size Eﬀects on CO Oxidation. The results from
gas phase catalysis carried out over supported Au clusters
indicate that the reaction is structure sensitive where the
highest catalytic activity occurs for 2–4 nm sized particles
supported on TiO2 [66, 67]. The results in aqueous media,
however, are not as clear. Ketchie et al. show a significant
increase in the activity in moving from 42 nm down to 5 nm
[77]. The activity on 2-3 nm-sized clusters, however, was
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more diﬃcult to quantify as a result of diﬃculties in the synthesis of monodisperse particles [64, 65, 67]. Under electrochemical conditions, Hayden et al. [85, 86] showed
that while polycrystalline Au electrodes readily oxidize CO
to CO2 , they require overpotentials greater than 0.7 V as
AuO forms and inhibits the reaction. They demonstrated
significant structure sensitivity in the reaction, whereby 3 nm
Au particles were much more active even at potentials as low
as 0.3 V. Au particles smaller than 2.5 nm showed a significant
decrease in activity as did particles larger than 3.5 nm. They
speculate that the loss in activity below 3 nm is the result of
quantum size eﬀects rather than from irreversibly adsorbed
oxygen. There appears to be clear similarities for particle
size eﬀects in comparing the results for CO oxidation under
electrocatalytic conditions with those found for Au/TiO2 in
the gas phase heterogeneous catalysis. The reactions over
Au/C in solution, however, were less conclusive.
3.2.4. CO Oxidation Mechanisms. As was suggested earlier,
the heterogeneous catalytic and the electrocatalytic oxidation
of CO may proceed by common mechanisms or at least
common features in the mechanism. We compare the mechanistic ideas for the catalytic and electrocatalytic oxidation of
CO over both TiO2 and carbon supports.

Ti1

Ti2

(a)

Ti2

Ti1

0.004

0.002

− 0.002

0

− 0.004

3

(1) Catalytic and Electrocatalytic Oxidation of CO over TiO2 .
The unique reactivity of nanometer-sized Au particles on
TiO2 used in both catalysis as well as electrocatalysis is
thought to be dictated by sites at the Au/TiO2 interface. We
have recently shown that the Ti cations in direct proximity
to the adsorbed Au become positively charged as a result
of local charge transfer from Au to local Ti5+ cations as
is shown in Figure 3 [90]. This increase in charge along
with the direct involvement of both Au and Ti5+ atoms
stabilize the bidentate adsorption of O2 . This increases the
O2 adsorption strength by nearly 60 kJ/mol and promotes
its activation at these dual interface sites. This subsequently
catalyzes the reaction between O2 coadsorbed CO. While
O2 is not present in the electrocatalytic oxidation of CO,
water can adsorb and activate at these same perimeter sites.
DFT calculations indicate that the adsorption of water at this
same charged interfacial Ti5+ site is −104 kJ/mol, whereas
water on a Ti5+ site removed from Au and on a Au site
near the support are significantly weaker at −77 kJ/mol and
−8 kJ/mol, respectively. These Au-Ti perimeter sites likely
attenuate the activation of water. The resulting intermediate
(either activated water or surface hydroxyl groups) can then
react with coadsorbed CO to form CO2 . This is consistent
with the results from Hayden et al. [85, 86] who showed
a direct relationship between electrocatalytic activity and
the perimeter of the particle and was able to rule out the
influence of low coordinate Au atoms and quantum size
eﬀects.
The diﬀerences between the gas phase reactions and
the electrocatalytic reactions may simply be the nature of
the active oxidant that forms. In the presence of water, the
oxidant involved in catalysis and electrocatalysis is likely the
same.

Charge density diﬀerence (e/Å )
(b)

Figure 3: Charge density diﬀerence that results at Ti5+ centers of
TiO2 adjacent to Au upon the adsorption of Au nanorods or clusters. (Copyright Science [90]).

(2) Au/C The Eﬀects of Water and Base. The heterogeneous
oxidation of CO over bulk Au/C in water appears to proceed
via a mechanism that involves the nucleophilic addition of
OH groups present in solution or on the surface formed
under reaction conditions to adsorbed CO∗ . This results in
the formation of CO2 and either adsorbed hydrogen or a
proton and an electron.








CO∗ + OH∗ −→ COOH∗ −→ CO2 aq + H∗ +

∗

(1)
CO∗ + OH∗ −→ COOH∗ −→ CO2 aq + H+ + e− +

∗

(2)
The latter is identical to the mechanism typically proposed
in electrocatalysis. The results for the heterogeneous CO
oxidation in water over Au/C indicate that the reaction can
proceed solely by the presence of H2 O2 and water without
oxygen [76]. In the presence of oxygen, small amounts of
H2 are formed possibly as the result of the water gas shift
reaction [76]. Both of these results strongly suggest that OH
groups are formed and directly participate in the oxidation
mechanism [76]. Similar reactions occur in the electrocatalytic oxidation of CO over Au/C in both acid as well as
alkaline media.
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(b)

(c)

(d)

Figure 4: DFT-calculated reaction coordinate for the oxidation of CO via adsorbed OH∗ over Au. The reaction proceeds via: (a) the
coadsorption of CO∗ and OH∗ , (b) the nucleophilic attack of OH∗ on CO∗ to form the HO∗ –∗ CO surface intermediate, (c) cleavage
of O–H bond in the transition state, and (d) formation of CO2 and H3 O+ products. The active CO∗ and OH∗ surface species are highlighted
in green as they proceed through the reaction.

In order to model the oxidation of CO over bulk Au
in solution, we have carried out detailed density functional
theory calculations with CO and OH or H2 O adsorbed on a
Au(111) surface immersed in water [91]. The resulting activation barrier for the reaction (2) above was calculated to be
negligible, whereas the overall reaction energy was calculated
to be exothermic by −231 kJ/mol. Various structures along
the reaction coordinate are shown in Figure 4. The reaction
proceeds via the formation of the OC–OH bond combined
with the heterolytic splitting of the O–H bond to form an
H3 O+ intermediate which subsequently undergoes a second
proton transfer to another water molecule.
The overall mechanism for the heterogeneous catalyzed
oxidation of CO may proceed via the formation of local
electrochemical cell or circuit, where CO is oxidized by OH
resulting in the formation of proton and an electron which
subsequently catalyzes the reduction of O2 to the active OH
intermediates or to H2 O2 . This is discussed in somewhat
more detail in Section 3.3.2(1). These same ideas on the
oxidation of CO can readily be extended to methanol as well
as other alcohols.

ketones that result from dehydrogenation with only 25%
selectivity to form the acid product. Glycerol oxidation, for
example, leads to the formation of glyceraldehyde as well
as dihydroxyacetone without further oxidation to C1 or C2
acids or CO2 . Supported Au clusters under neutral and acidic
conditions were found to be completely inactive [98].
The dehydrogenation reactivity that results over Pd and
Pt can proceed via C–H and O–H activation over the
metal or by adsorbed oxygen or hydroxyl intermediates that
form upon O2 dissociation or by the subsequent reaction
of adsorbed oxygen with water. DFT-calculated activation
barriers suggest that O–H activation of ethanol occurs via
the reaction of adsorbed ethanol with OH∗ , whereas the C–
H activation of ethanol preferentially occurs via metal sites
on the Pt and Pd surfaces [98]. Both reactions, however, are
limited on Pt and Pd, as the high surface coverages on these
metals result in barriers for both C–H and O–O activation
that are significantly greater than 100 kJ/mol. The oxidation
of alcohols over Au does not proceed over Au alone under
neutral or acidic conditions as gold cannot activate water, O2 ,
or alcohol [98].

3.3. Alcohol Oxidation. The increasing demand to shift from
petroleum-based fuels and chemical to those derived from
biomass has significantly increased eﬀorts in both the electrocatalytic and catalytic oxidation of carbohydrates feedstocks. Significant eﬀorts have been focused on the selective
oxidation of methanol, ethanol, glycerol, and other C2 –C6
polyols into chemical intermediates via heterogeneous catalysis [92–98] as well as the total oxidation of these fuels to
electrical energy via electrocatalysis [99–107]. In the next few
sections, we compare some of the similarities and diﬀerences
involved in the catalytic and electrocatalytic oxidation of
these alcohols in acidic as well as alkaline media.

(2) Electrocatalytic. The oxidation of methanol, ethanol,
glycerol, and other alcohols occurs in acidic media but requires significantly higher overpotentials than reactions carried out in alkaline media [79, 100, 108–119]. The oxidation
of methanol proceeds over most transition metals through a
sequence of elementary C–H and O–H bond activation steps
which occur on the metal, and ultimately result in the formation of CO [79, 109, 110]. Through the combination of cyclic
voltammetry, chronoamperometry, and DFT studies, we
demonstrated that the methanol decomposition occurs via
a dual path mechanism [1, 120]. At potentials below 0.35 V,
the mechanism proceeds predominantly through a sequence
of C–H activation steps to form the hydroxyl methylene
(CHOH∗ ) intermediate that subsequent breaks the O–H and
C–H bonds to form CO∗ . At potentials above 0.35 V, the O–
H bond of methanol can also be activated, resulting in the
formation of formaldehyde which can desorb or continue
on to form CO. The onset potential was found to be a
function of the Pt surface structure. The dual paths for the
oxidation of methanol to CO over Pt(111) along with their

3.3.1. Alcohol Oxidation in Acidic Media
(1) Catalytic. The catalytic oxidation of glycerol as well as
ethanol is rather low when carried out in neutral solution
over Pd and Pt with reported turnover frequencies of 0.05
and 0.06 s−1 , respectively [98]. The products that form over
these metals are predominantly intermediate aldehydes and
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Potential = +0.5 V versus NHE

−24.9

COH
CHOH

CO

−47.7

∼−245

−75

CHO

CH2 OH

−67.3

CH2 O

CH3 OH

−34

−3.91

CH3 O

Figure 5: DFT-calculated potential-dependent reaction paths for the oxidation of methanol to CO over Pt(111) [1]. At 0.5 V, both
experiments and theory point to the onset of dual paths. The primary path, available over a wide range potentials, is shown in red. It
proceeds via a sequence of C–H bond activation steps ultimately forming the hydroxyl methylene intermediate (CHOH) before activating
the final O–H bond to form CO. The minor path begins between 0.4–0.5 V RHE proceeds via the initial activation of O–H bond of methanol
to form a surface methoxy intermediate which subsequently reacts to form formaldehyde consistent with previous speculations [122].

corresponding reaction energies calculated at 0.5 V RHE are
shown in Figure 5 [1, 120]. While CO is an intermediate to
CO2 , it readily builds up on the surface and poisons more
active metals such as Pt. As such, Pt is typically alloyed with a
more oxophilic metal such as Ru to promote the adsorption
and dissociation of water thus creating bifunctional sites
on the surface [79, 109, 110]. The OH groups that result
interrupt the CO adlayer and readily oxidize CO to CO2 . The
addition of Ru also helps to weaken the Pt–CO bond thus
enhancing CO desorption. The addition of Ru to Pt lowers
the overpotential for CO oxidation by ∼0.25 V [80–82, 121]
as it prevents CO poisoning.
The oxidation of ethanol, glycerol and other larger alcohols in acidic media result in dehydrogenation which forms
the corresponding aldehyde [114–117]. The subsequent
activation of the C–C bond, however, is very diﬃcult over
typical metals such as Pt, Pd, or Au, and as such, very limited
CO2 is formed. The dehydrogenation routes are identical
to those presented above for the catalytic oxidation of the
same alcohols. The higher potentials used electrochemically
can activate water at higher potentials, and thus result in
the formation of surface hydroxyl intermediates that can
subsequently oxidize the aldehyde and ketone intermediates
[115]. This leads to the formation of acids as well as carboxylate intermediates which inhibit the surface under acidic
conditions and prevent the formation of CHx intermediates
on closed-packed crystal surfaces. Feliu et al. have shown that
steps on specific Pt surfaces Pt(554) and Pt(110) can begin to
enhance C–C bond breaking and CO2 formation, but rate is
still very limited [111, 114].
The electrooxidation of ethanol over Pt in acidic media
has two major limitations which prevent its viability as was

discussed by Lia et al. [115]. The first relates to the fact that
reaction predominantly produces acetate and acetic acid
intermediates, thus resulting in only 2 and 4 electrons, respectively, which are only very minor contributions to total
possible current. Both are thus unwanted side products for
fuel cell applications. The second limitation is that the path
to CO2 is rather diﬃcult in that it requires the activation of
C–C bond as well as the oxidation of both the CHx and CO
intermediates that form. Both of these intermediates tend to
inhibit or poison metal surfaces at lower potentials [48].
The characteristic diﬀerence between the catalytic oxidation and electrocatalytic oxidation of alcohols in acidic media
lies in the generation of the active surface intermediate.
In heterogeneous catalysis, the metal plays an important
role in activating oxygen. The surface oxygen can directly
activate the alcohol or adsorbed water to generate hydroxyl
intermediates that aid in activating and oxidizing the alcohol.
Under electrocatalytic conditions, the O–H and C–H bonds
of the alcohol can be activated on the metal directly as a result
of higher potentials or via adsorbed hydroxyl intermediates
that form by the activation of water.
3.3.2. Alcohol Oxidation in Alkaline Media
(1) Catalytic. The catalytic oxidation of polyols over Pd, Pt,
and Au is much more favorable when carried out in alkaline
media [78, 98, 123]. The TOF increases by over an order
of magnitude on Pt and over two orders of magnitude on
Pd upon the addition of a 2/1 ratio of NaOH to glycerol
[98]. Remarkably, the TOF over gold in base is over 6 s−1 ,
whereas the rate over Au in acidic media is negligible [98]. In
addition to these increases in TOF, there are also significant
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Figure 6: Reaction pathways speculated in the catalytic and electrocatalytic oxidation of glycerol over Au and Pt. Arrows in red depict paths
observed over Au and Pt whereas the paths in black are only observed over Pt. Adapted from [123].

improvements in the overall selectivity to form the acid
from the alcohol. For glycerol, the selectivity to glyceric acid
was found to be 83% over Pd, 70%–78% over Pt, and 67%
over Au [98]. The predominant side products are glycolic
and tartronic acid which are shown in the paths outlined in
Figure 6. In the presence of base, the second terminal hydroxyl group can be oxidized to form tartronic acid, but this only
occurs over Pt and Pd. The oxidation over Au results only
in the monofunctional glyceric acid product. In addition to
the selective oxygen addition, Pd and Pt can also promote
C–C activation resulting in the formation of glycolic, oxalic,
lactic, formic, and acetic acids. These C–C activation paths
appear to coincide with the formation of hydrogen peroxide
[123]. The activation of the C–C bonds have been speculated
to occur either through a retroaldol reaction which would be
catalyzed by the OH− base, or via oxidation catalyzed by the
hydrogen peroxide that forms [78, 123].
Through detailed labeling studies along with DFT simulations, we established a plausible mechanism for the oxidation of alcohols over Au in basic media [98]. The mechanism
also helps to explain the unique promotional eﬀects of OH
on Au. We discuss here the energetics involved in the reaction over the model Au(111) surface. The first step involves

the dehydrogenation of the alcohol to form the corresponding aldehyde. This can proceed via the activation of the O–
H and C–H bonds of the alcohol by the metal, adsorbed
oxygen, or adsorbed OH intermediates. As one might expect,
Au atoms alone cannot activate the O–H bond of the alcohol.
The calculated barrier to activate ethanol to ethoxy over
Au(111) in the presence of solution was calculated to be
204 kJ/mol (the transition state is shown in Figure 7(a)). The
O–H bonds are much more readily activated by the weakly
adsorbed OHδ − intermediates via a mechanism which involves a proton abstraction by the OHδ − surface intermediate
(the transition state is shown in Figure 7(b)). The inability of
Au(111) to activate the O–H and C–H bonds is well established, as bulk Au is quite noble. The binding energy of
OH∗δ − on Au(111) in water is only −216 kJ/mol (versus
−274 kJ/mol on Pt(111)), thus making it quite basic. The
weak interaction promotes its ability to readily abstract a
proton from a neighboring O–H on the alcohol. Similarly,
the activation of the C–H bond of the ethoxy intermediate
to form acetaldehyde does not occur over Au(111) alone (see
the transition state in Figure 7(c)) but instead proceeds by
the reaction of OH∗δ − with the adsorbed ethoxy intermediate with a barrier of only 12 kJ/mol (see the transition state in
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(a)

(b)

(c)

(d)

Figure 7: DFT-calculated transition states for the activation of the O–H bond of ethanol adsorbed to Au by (a) metal surface atom or (b)
a coadsorbed hydroxyl intermediate on Au(111). The activation of the C–H bonds of the adsorbed ethoxy are activated similarly via (c)
Au atoms in the Au(111) surface or (b) via the bound OH groups on the Au(111) surface. The active bond breaking and forming sites are
highlighted in green.

Figure 7(d)). The aldehyde that results is a key reaction intermediate to form the acid in alkaline media over Au.
Most of the initial studies in the aqueous phase catalytic
oxidation of alcohols assumed that O2 was responsible for
carrying out the oxidation. By carrying out the reaction with
18 O-labeled O and H O, however, we showed that only
2
2
labeled water found its way into the resulting acid product
that forms [98]. DFT results for Au in an aqueous medium
showed that this reaction proceeds via a classic nucleophilic
attack of OH∗δ − on the adsorbed aldehyde quite similar
to thought found for the oxidation of CO. The barrier to
form the geminal diol intermediate shown in Figure 8(a)
was only 5 kJ/mol when carried out over Au and 42 kJ/mol
for reactions in the solution phase Figure 8(b). The final
C–H activation of the germinal diol to form the acid can
proceed over the Au itself (21 kJ/mol) or via reaction with
adsorbed OH∗δ − (29 kJ/mol). A schematic representation of
the mechanism which involves the unique reactivity of OH−
intermediates at the aqueous/Au interface for the selective
oxidation of the alcohol to the acid is depicted in Figure 9,
whereas the corresponding potential energy surface is shown
in Figure 10. This oxidation path proceeds without the
activation or incorporation of oxygen from O2 .
While O2 is not directly involved in any of the steps depicted in the mechanism for alcohol oxidation shown in

Figure 10, it is critical as the reaction does not occur without
it. Oxygen must somehow be intimately coupled with the
overall catalytic process which requires the balance of charge
and the regeneration of OH− . As the result of theoretical
calculations, we showed that oxygen is necessary to remove
the electrons that are generated as result of the oxidation of
the alcohol. The measured rate for the oxidation reaction is
6.1 turnovers per second per site [98]. As the steps outlined
in the cycle presented in Figure 10 consume 4 hydroxyl ions,
they generate 4 electrons per every turnover.
RCH2 OH + 4OH− −→ RCOOH + 3H2 O + 4e−

(3)

In order for the reaction to occur catalytically, the electrons
that are produced per turnover must be consumed. Each
oxygen molecule can eﬀectively remove 4 electrons via the
oxygen reduction reaction (ORR).
O2 + 2H2 O + 4e− −→ 4OH−

(4)

The oxygen reduction reaction is known to occur quite readily over single crystal Au electrodes. DFT calculations were
used to determine the reaction energies and the activation
barriers for the most relevant steps for ORR. The results
reported in Table 1 indicate that the direct dissociation of O2
(reaction 5) does not take place over Au as is well established
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Table 1: DFT-calculated reaction energies and activation barriers for possible steps involved in the reduction of O2 to OH over Au(111) in
aqueous media [98].
∗

∗

∗

∗

O2 + → O + O
O2 ∗ + H2 O∗ → OOH∗ + OH∗
OOH∗ + ∗ → OH∗ + O∗
OOH∗ + H2 O∗ → HOOH∗ + OH∗
HOOH∗ + ∗ → OH∗ + OH∗

 Erxn (kJ/mol)

 E∗ (kJ/mol)

41
−4
−56
37
−86

105
16
83
48
71

(a)

Reaction
(5)
(6)
(7)
(8)
(9)

(b)

Figure 8: DFT-calculated transition states and their activation barriers for the oxidation of acetaldehyde on (a) the Au(111) surface or (b)
in the presence of solution. The active bond breaking and forming sites are highlighted in green.

experimentally. Oxygen instead is reduced by the protons
from water and the electrons in the metal to form a peroxo
intermediate along with OH− (reaction 6). The peroxo
intermediate is subsequently reduced to hydrogen peroxide
(reaction 7) which can subsequently dissociate and result
in the formation 2OH− (aq). The intermediate formation of
hydrogen peroxide is consistent with observed experimental
results and suggestions that peroxide is responsible for C–C
bond breaking and formation of shorter acids.
This overall ORR cycle removes the 4 electrons from the
metal produced via the oxidation, and thus allows the reaction to continue catalytically. The cycle also regenerates
OH− (aq). The overall catalytic reaction then involves the
direct coupling of both alcohol oxidation and oxygen reduction cycles in one system. This can thus be considered a local,
short-circuited, electrochemical cell, where the oxidation and
reduction occur simultaneously at the metal/surface interface. The role of O2 then is to simply to remove the electrons
from the metal at a rate fast enough to maintain the optimal
surface potential of the local electrochemical cell.
(2) Electrocatalytic. The development and application of carbonate as well as anion-exchange membrane electrolytes
have significantly renewed interest in the development of
alkaline-based direct alcohol fuel cells [100]. Many of the
reaction intermediates, products, and paths discussed above
for the catalytic oxidation of alcohols in alkaline media

have also been identified or speculated to take part in the
electrocatalytic oxidation of these same alcohols. As such,
the mechanistic insights established from catalytic oxidation
should be important in understanding the chemistry and
the mechanisms that control electrocatalytic oxidation. Similarly, the detailed insights established from electrochemical
methods such as cyclic voltammetry should provide new
insights into heterogeneous catalytic oxidation.
The oxidation of methanol, ethanol, as well as other polyols in alkaline media is thought to proceed either by 4e−
or 6e− processes thus resulting in the formation of either
formate and carbonate intermediates by reactions (5), or (6)
[100]
RCH2 OH + 5OH− −→ HCOO− + 4H2 O + 4e−

(5)

RCH2 OH + 8OH− −→ CO3 2− + 6H2 O + 6e−

(6)

For methanol, the later reaction is speculated to occur
through the formation of CO. In the presence of base, surface
OH− groups readily catalyze the oxidation of methanol to
CO2 or carbonate as shown in reactions (5) and (6), respectively. At higher potentials, however, OH binds very strongly
to the metal surface and inhibits the reaction. The selectivity
to formate or carbonate depends upon the metal, metal
surface structure, potential pH, and alcohol concentration
present during the reaction. We discuss here the diﬀerence
in the electrocatalytic oxidation over Pt and Au and compare
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Figure 9: Schematic representaion of the reaction paths for ethanol and other polyol oxidation to acids over Au and Pt in alkaline media
based on DFT results and isotopic kinetic labeling experiments. (Copyright Science [98]).
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Figure 10: DFT-calculated potential energy surface for the catalytic oxidation of ethanol to acetic acid over Au(111) in the presence of base
(OH− ) and in water. Both the OH− as well as the metal are involved in the mechanism. In order establish an overall cycle, O2 is reduced via
the electrons that from as a result of the oxidation of the alcohol as well as by the reaction protons that form upon the activation of water.
Red lines refer to transition states, whereas the black lines refer to reaction intermediates.

the changes that result upon changing the pH and concentration.
While the oxidation of methanol as well as other alcohols
can be carried out in acid media as was discussed above,
the activity is rather low. The rates and currents increase
significantly with increasing the pH of solution. The electrocatalytic oxidation of methanol as well as other alcohols over
Au is quite high in alkaline media [100, 101, 104–108, 110,
118, 124–126]. The higher rates and current densities found
in alkaline media are the result of the high reactivity of OH−
anions that are weakly bound to the Au substrate at moderate

potentials. The weakly bound hydroxyls are quite basic and
will readily activate C–H and O–H bonds (on adsorbed
species) as was presented above in the catalytic oxidation of
alcohols over Au in basic media. The electrocatalytic activity
over diﬀerent Au substrates including polycrystalline Au,
Au(111), and Au(210) all show increases in activity with
increases in the solution pH [101]. The adsorption of OH−
anions onto Au is thought to significantly enhance the reactivity of the surface over a range of potentials. Electrocatalytic
oxidation can, therefore, proceed at much lower potentials
where Au is not oxidized.
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The anodic oxidation of methanol begins to occur with
the adsorption of OH− . In general, there are two very diﬀerent regimes that result for methanol oxidation over Au [101].
In the first regime, methanol is actively oxidized by adsorbed
OH− intermediates on Au at potentials as low as 0.6 V RHE.
The second regime which occurs at much more positive
potentials and results in the formation of Au–O monolayers
which are much less active for carrying out oxidation.
Chen and Lipkowski [127] and Yan et al. [107] provided
more details in terms of the changes that take place at
the surface as a result of these changes in potential and
suggest that there are actually three regimes that result upon
increasing the potential. The initial oxidation of methanol
and other alcohols proceeds quite readily from 0.07–0.13 V
versus Hg/HgO. The current increases linearly with the
adsorption of OH− in this regime. There appears to be a
weak amount of charge transfer between the OH− and the
metal surface. The second regime appears between 0.13–
0.3 V versus Hg/HgO and results in a higher degree of charge
transfer of OH and the Au sites in the surface. Regime 3
which appears at potentials greater than 0.3 V Hg/HgO is the
inactive monolayer Au oxide that results. The oxidation of
methanol is thought to proceed via the weakly held OH−
intermediates found in both regimes 1 and 2. The more
strongly held oxygen intermediates which begin to form in
regime 2 are less active. Regime 3 leads to the formation
of monolayer Au oxide coverages and thus the loss of the
active OH− sites. For methanol oxidation, the reaction is
0.75 order in methanol and 0.55 order in OH [107]. There
is a clear negative shift in the potential and an increase in
the current density with an increase in the concentration of
weakly adsorbed OHδ − and methanol coverage.
3.3.3. Ethanol Oxidation over Au. Ethanol oxidation is similar to methanol oxidation in that there is a significant shift
to lower potentials and increased current that results upon
increasing pH. Ethanol oxidation proceeds at a potential of
0.6 V versus RHE in alkaline solution which is 0.3 V lower
than that reported in acid [115]. In addition there is a shift of
−0.1 V in the maximum from 1.35 V to 1.25 V. The current
density in alkaline media is found to be over an order of
magnitude higher than that in neutral or acid conditions
[115]. Regardless of the potential or pH there is negligible
C–C bond breaking that occurs on Au, and as such, there is
very little to no CO2 formation. The mechanism is thought
to be very similar to the path outlined in Figure 10 and
presented above for the catalytic oxidation of ethanol. The
main path involves the oxidation of ethanol to acetaldehyde
through the activation of the acidic O–H and C–H bonds by
weakly adsorbed hydroxyl intermediates on the Au surface.
Acetaldehyde subsequently reacts with weakly held OHδ −
intermediates via simple nucleophilic attack depending of
OHδ − on the C=O bond of the aldehyde to form the geminal
diol intermediate which can further react with OH− to form
acetic acid or adsorbed acetate in alkaline media.
3.3.4. Extension to Polyols. These same ideas have been further extended to larger polyols such as glycerol and glucose in
alkaline media [104–106, 125]. Glycerol, for example, reacts
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via a 4e− transfer process to form glyceric acid on both Au
as well as Pt electrodes. At higher potentials, the C–C bond
of glyceric acid can further oxidize via a two electron transfer
step to form glycolic and formic acids [125]. While this occurs over both Au and Pt, the selectivity to the over-oxidized
glycolic state is much higher on Au. This was thought to
be due to the fact that Pt deactivates by the formation of a
surface oxide intermediate at much lower potential (0.9 V)
than that found on Au (∼1.3 V) [125]. This results in much
lower oxidation potentials and a much narrower window for
the subsequent oxidation to proceed. Glyceric acid as well
as glycolic acid can both undergo further oxidation on Pt
to form tartronic as well as oxalic acid, respectively. The
subsequent OH− addition steps, however, only appear to
proceed over Pt as neither of the di-substituted products
appear over Au. The results reported by Kwon and Koper
[125] for the electrocatalytic oxidation of glycerol discussed
here are very similar to those reported by Ketchie et al. [78]
for the catalytic oxidation of glycerol. Both show that C–C
bond breaking steps can readily take place in the presence
of OH− to form glycolic, formic, and oxalic acids on Au
as well as on Pt. Both also reveal that Au will only oxidize
one of the terminal –CH2 OH bonds of the polyol, whereas
Pt can oxidize both. It is very likely that the detailed
mechanism for the formation of glyceric acid established for
catalytic systems holds also for the electrocatalytic oxidation.
The elementary steps involved in C–C bond breaking are
not known for either the catalytic or the electrocatalytic
paths. The catalytic routes have been speculated to occur
via oxidation with hydrogen peroxide or by base catalyzed
paths. There is no evidence, however, for the formation of
hydrogen peroxide electrocatalytically and more likely the
reaction proceeds solely via the reaction with base.
The similarities and diﬀerences between the catalytic and
electrocatalytic oxidation of alcohols is very informative. A
closer analysis between the two suggests that the two are
nearly equivalent with the exception that oxidation of the
alcohol which occurs at the anode is decoupled from the
oxygen reduction which occurs at the cathode. The two
electrodes communicate via charge and ion transfer. In the
heterogeneous catalytic system, the alcohol is oxidized where
the electrons are directly used at the same aqueous metal
interface to reduce O2 . The rate of oxidation is thus directed
by the rate at which O2 can be reduced by electrons. This is
directly analogous to that which happens in the PEM alcohol
fuel cells.
CO and alcohol oxidation make up just two reaction systems. One can readily draw analogies to other catalytic reaction systems carried out in aqueous media. Desai and Neurock for example carried out first principles DFT calculations
to show that an aqueous medium could readily facilitate the
catalytic hydrogenation of adsorbed oxygenates [83, 84, 128].
They showed that adsorbed hydrogen could undergo an electron transfer coupled with proton transfer at the metal interface to form a local proton in the form of a hydronium ion
that could readily transfer through solution and attach itself
with the negatively charged adsorbed surface intermediate.
The solution phase here acts as a cocatalyst. As such, the
solution provides for a short-circuited electrocatalytic cell
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which allows for electron and proton generation transfer and
facile recombination. The ability carry out this heterolytic
proton transfer process is controlled by the work function
or “electron aﬃnity” of the metal. Metals such as Pd and Pt
should have the ability to convert adsorbed hydrogen into
protons that reside in solution and electrons which remain
in the metal. This was demonstrated by both Wagner and
Moylan [129] and Kizhakevariam and Struve [130] who both
showed that adsorbed hydrogen on ideal Pt substrates in
the presence of water in UHV (at low temperature) forms
hydronium ions in solution near the surface. These results
are consistent with the results from theory. More generally
the results suggest that the presence of protic media along
with high work function metals can carry out hydrogenation
reactions much more eﬃciently through proton coupled
electron transfer processes that mimic electrocatalysis.

4. Summary
While fundamental information concerning reaction mechanisms, active sights and catalytic kinetics gleaned from in situ
spectroscopy, detailed theoretical simulations and rigorous
kinetic studies for gas phase heterogeneous catalysis has
helped guide the development of electrocatalytic systems, the
complexity of the reaction environment has often precluded
more in-depth or quantitative analyses. The tremendous
advances in spectroscopy along with theory, that have taken
place over the past few decades, however, have allowed for
more detailed resolution of the molecular transformations
that occur in electrocatalytic systems along with a more
detailed following of the nature of the active centers and
their environment. There appears to be an important and
growing trend where this knowledge and guiding principles
from electrocatalysis are being used to guide heterogeneous
the complex aqueous and solvent-based catalytic processes.
The knowledge of the complex electrified interface in electrocatalysis bears a number of common similarities to the
aqueous/metal interface for catalytic reactions carried out
the presence of solution. More detailed fundamental studies
which attempt to rigorously compare heterogeneous catalysis
in solution with electrocatalysis will continue and will likely
be crucial in establishing the links between the two.
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