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The electrooxidation of formic acid (HCOOH) on platinum-
group metals has been widely studied for its great relevance to
electrochemistry as a prototype reaction for the electro-
oxidation of small organics and its importance in under-
standing low-temperature fuel cells.[1, 2] It is generally
accepted that electrooxidation of HCOOH on Pt proceeds
by a dual-path mechanism consisting of indirect and direct
paths.[1c] In the indirect path, HCOOH is converted into
adsorbed CO and then to CO2. In the direct path, HCOOH is
converted into CO2 via a reactive intermediate, whose
identity is still disputed. Unfortunately, the intermediates
from both the indirect and direct paths compete with each
another for adsorption sites and the opportunity to react with
oxidizers (e.g. OH) on the surface. This competition couples
these reaction paths kinetically, hampering the elucidation of
their individual reaction mechanisms.[3, 4]

In situ infrared reflection-adsorption spectroscopy
(IRAS) identifies adsorbed CO, resulting from HCOOH
dehydration, as the key reaction intermediate in the indirect
path. However, a build-up of CO is observed to poison the
system.[1d,e] In contrast, the identity of the reactive intermedi-
ate along the direct path is still controversial. Wilhelm and co-
workers initially suggested either COH or CHO.[1f] Others
have long assumed it to be COOH.[1c,h, 2c] Using IR spectros-
copy, Osawa et al. and Feliu et al. found that formate
(HCOO) is the reactive intermediate and that the oxidation
of HCOO to CO2 is the rate-determining step for formic acid
oxidation.[3–8] In contrast, Behm et al. argue that weakly
adsorbed HCOOH might be the key intermediate, leaving
HCOO as a spectator.[9–11] The electrochemical and spectral
data obtained under both static and flow conditions, which
provide the basis for these proposed reactive intermediates,
are essentially identical. However, different interpretations of
the non-linear relationship between the measured current and
the formate coverage lead to different conclusions.[4]

Cyclic voltammograms (CVs) of HCOOH oxidation
(Figure 1) show that the current (I) first peaks around 0.6 V
as the potential (U) increases. The current then remains stable
or decreases between 0.6 and 0.8 V in what is termed the
negative differential resistance (NDR) region. A sharp,
increasing around 0.95 V follows the NDR region.[3, 5, 10,12–14]

During this process, IR spectroscopy measurements reveal
that the polycrystalline Pt surface has a relatively constant
coverage of CO below 0.8 V. Above 0.8 V, the coverage of
adsorbed CO rapidly decreases due to oxidation, while
HCOO quickly increases with increasing potential, until the
surface is nearly saturated with HCOO at above 0.9 V. Once
the CO coverage is almost completely depleted (ca. 0.95 V),
the coverage of HCOO rapidly decreases with increasing
potential up to 1.2 V.

Thus, these IR measurements suggest that the CV curve
can be understood in terms of CO adsorption, desorption, and
oxidation by OH. Nevertheless, the detailed roles of adsorbed
CO and OH have yet to be elucidated, substantially hindering
our understanding of the mechanism of this fundamental
reaction.

First principles simulations have already been useful in
studying HCOOH oxidation. Two density functional theory
(DFT) studies indicate that HCOOH oxidation under elec-
trochemical conditions either proceeds via intermediate
COOH or initiates from a weakly adsorbed configuration of
HCOOH, in which the C�H bond is in a “down” config-
uration.[15] However, several independent theoretical inves-
tigations report that the HCOOH adsorption models used in
these studies do not correspond to the most energetically
favorable structure.[16, 17] More recently, using a gas phase
model (i.e. without treating solvation effects), we found that
bidentate formate (HCOOB*) is the reactive intermediate in
HCOOH oxidation. This result is fully consistent with

Figure 1. The potential-dependent rate constants (R) and the exper-
imental CV.[5] The potential sweep rate is 50 mVs�1.
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experimental studies under ultra-high vacuum (UHV) con-
ditions.[17a, 18] We also investigated the same process in the
presence of solvent and under the influence of an electrode
potential to mimic electrochemical conditions. We found that
the direct path consists of a dual-pathway mechanism, which
includes a formate pathway involving the HCOOB intermedi-
ate [Eq. (1)], and a direct pathway, involving a highly
transient CO2 intermediate [Eq. (2)].[17b]

HCOOH* ! HCOO* þHþ þ e� ! CO2 þHþ þ e� ð1Þ

HCOOH* ! COO* þ 2 Hþ þ 2 e� ! CO2 ð2Þ

Based on these studies, we aim to elucidate the role of co-
adsorbed CO and OH on the overall reaction mechanism and
thus establish the identity of the disputed intermediate(s).

In our previous study,[17b] in which we compared various
explicit solvation models, we found that Model B (Figure 2;
the nomenclature refers to Ref. [17b]), in which HCOOH is
fully embedded in a water bilayer network, provided the most
reliable model. To investigate the role of surface CO and OH
in HCOOH oxidation, fractional coverages of CO (Model C),
OH (Model D), or combinations of both (Model F) were co-
adsorbed with solvated HCOOH. The presence of the
indirect pathway has already been established through the
experimental identification of CO; we now consider the direct
and formate pathways, because they are believed to dominate
the kinetics of the oxidation process. Various reaction steps

can be proposed for these two pathways depending on the
surface coverages of CO and OH. By considering the
energetics of these different pathways in the presence of an
applied electrode potential, our results reveal the detailed
roles played by CO and OH in HCOOH oxidation and clarify
the mechanism for this fundamental electrocatalytic process.

Experimental measurements of CO* on Pt(111) in the
presence of HCOOH* reveal two adsorption geometries:
bridge-bonded CO* (COB), and top-bonded (or linearly
bonded) CO* (COL). The surface coverage of COB is low
and nearly independent of the applied potential, while the
coverage of COL depends strongly on the applied current.[5]

Consequently, herein, we neglect COB and focus on the
potential-dependent effects of co-adsorbed COL.

Table 1 shows the energies for HCOOH oxidation path-
ways investigated using Models B–F (detailed mechanisms
are in the Supporting Information). The preferred structure
for the addition of 1/9 monolayer (ML) CO* is shown in
Figure 1b (Model C1). In this case, the formate pathway
clearly dominates at low potentials, with a barrier of Ea =

1.19 eVat U = 0 V, which involves a coupled proton–electron-
transfer (CPET) process as the rate-determining step. As the
potential increases, the decomposition of monodentate for-
mate (HCOOM*) to CO2 (Ea = 0.93 eV) in the formate
pathway, and the decomposition of HCOOH* to CO2*
(Ea = 0.91 eV) in the direct pathway, become increasingly
important. This behavior is consistent with that of Model B,
indicating that the presence of up to 1/9 ML of CO* does not
substantially alter the HCOOH oxidation mechanism. Never-
theless, the increase of the reaction barriers in the presence of
1/9 ML of CO*, reveals that CO* suppresses HCOOH
oxidation, as an experimental study has already revealed.[3]

The presence of additional CO*, up to 2/9 ML as in
Model C2 (see Figure S1 c in the Supporting Information),
does not significantly alter either the structure of the
HCOOH/H2O network (Table S2) or the HCOOH oxidation
mechanism. Consequently, the barriers for the individual
reaction processes in Model C2 are only slightly higher than
the barriers for the corresponding processes in Model C1

(Table 1). Thus, low coverages of CO* (1/9–2/9 ML) suppress
HCOOH oxidation by increasing the reaction barriers, with-
out substantially altering the basic mechanistic steps.[3] Never-
theless, we expect that further increasing the coverage of CO*
would eventually block the active sites for HCOOH oxida-
tion, resulting in more drastic changes.

Figure 2. a) Solvation Model B having HCOOH structures with four
water molecules per unit cell on Pt(111). b)–d) Models C1, D1, and F1

which have 1/9 ML co-adsorbed CO, 1/9 ML co-adsorbed OH, and
both of 1/9 ML co-adsorbed CO and 1/9 ML co-adsorbed OH,
respectively. Insets present side views of the interface. T1, T2, T3 in (a)
are the different top sites; O1, O2, O3 in (b) are the different O
atoms; a and b in (b) denote the different position of water. (More
models in higher coverage of CO and OH are shown in Supporting
Information.)

Table 1: The highest barriers of the minimum energy pathways for
HCOOH oxidation at different potentials. Energy barriers in eV.

Model Formate pathway Direct pathway
U = 0 V U>0.3 V U = 0 V U>0.3 V

B 1.02 0.73 1.31 0.79
C1 1.19 0.93 1.69 0.91
C2 1.10 0.97 1.77 0.99
D1 – 0.81 – –
D2 – – – 0.79
D3 – 0.71 – 0.77
F1 – – – 0.50
F2 – – – 0.59
F3 – – – 0.45
F4 – – – 0.59
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Models D1–D3 are obtained by removing H from either
one or both of the two most acidic water molecules in
Model B. Models D1 and D2 (Figure 1c; Figure S1 e) each
contain one OH molecule per unit cell and have similar
energies. However, model D1 favors the formate pathway
(Ea = 0.81 eV), while model D2 favors the direct pathway
(Ea = 0.79 eV). Thus, at low coverages of OH* we expect
HCOOH oxidation to proceed via a dual-path mechanism,
involving both pathways depending on the local position of
OH*. Moreover, the step with the highest barrier is no longer
associated with a CPET process, but rather with either the
cleavage of a HCOOB* surface bond to form HCOOM*, or the
decomposition of HCOOH* to CO2*. In contrast to the
mechanism observed with Model B (no co-adsorbed CO* and
OH*), the steps with the highest barriers now are of pure
chemical nature (i.e. are independent of the applied poten-
tial). This difference in behavior is primarily due to OH*
avoiding a potential-dependent CPET step in the HCOOH
oxidation process. Thus, OH* not only takes the place of
water in the hydrogen-bond network, but also acts as
a reducing agent in the oxidation of HCOOH.

When we oxidize both waters to form OH* (Model D3,
qOH = 2/9 ML), we find that the steps with the highest barriers
for each pathway are potential independent and have similar
values (Ea = 0.71 and 0.77 eV for the formate and direct
pathways, respectively). The small difference between these
barriers suggests that HCOOH oxidation proceeds via a dual-
path mechanism in this case as well.

Surface OH* is only stable for electrode potentials above
0.5 V.[19] In this potential range the highest barriers in the
minimum energy pathway without OH* (Ea = 0.73 and
0.79 eV for Model B) are similar to the barriers with OH*
(Models D). Thus, OH* only has a minor effect on the
reactivity of HCOOH oxidation. Nevertheless, its presence
breaks the rate constant�s dependence on the applied
potential.

The oxidation of HCOOH under the simultaneous
influence of co-adsorbed CO* and OH* is modeled by
adding CO* to Models D1–D3 to produce Models F1–F4

(Figure 1d; Figures S1h–j). For U> 0.5 V and low surface
coverages of CO* and OH* (1/9 ML for each in Models F1

and F2) the direct pathway dominates. Desorption of CO2

(Ea = 0.50 eV) is the step with the highest barrier in the case
of Model F1, while the double dehydrogenation of formic acid
HCOOH* to CO2* (Ea = 0.59 eV) has the highest barrier in
the case of Model F2. As neither of these processes involves
a CPET, the barriers for these processes are independent of
the applied potential. They are up to 0.29 eV lower in energy
than in the absence of CO* and OH* (Ea = 0.79 eV, Model B).
Thus, together OH* and CO* promote the direct pathway,
while suppressing the formate pathway by increasing its
barriers by up to 0.23 eV (0.96 eV and 0.74 eV for Models F1

and F2, respectively, compared to 0.73 eV for Model B).
Next, we consider the presence of additional OH* by

deprotonating an additional water in Model F1 to construct
Model F3, which contains 2/9 ML OH* and 1/9 ML CO*. This
additional OH* does not change the overall mechanism of
HCOOH oxidation, but reduces the direct pathway barrier to
0.45 eV, further promoting the reaction.

Finally, we model the effects of additional CO* by adding
CO* to Model F1 to form Model F4, which contains 2/9 ML
CO* and 1/9 ML OH*. While the additional CO* increases
the barrier for the direct pathway by 0.09 eV, it is still
preferred over the formate pathway by 0.48 eV. Thus,
increasing the coverage of CO* beyond 1/9 ML, in the
presence of co-adsorbed OH*, adversely affects HCOOH
oxidation.

The presence of either CO* or OH* alone is able to
promote the activity of Pt(111) for HCOOH oxidation;
however, surprisingly, the combination of CO* and OH* is.
We attribute this synergy to a combination of changes in the
hydrogen-bond network and the induction of a surface
charge. Based on hydrogen-bond lengths involving HCOOH
(Table S2), we estimate that the hydrogen bonds in Models C1

and D2 are 0.16 eV and 0.27 eV, respectively, stronger than in
Model B. In contrast, the hydrogen bonding in Model F1 is
0.13 eV weaker. Because these hydrogen bonds must be
broken to form the product, increasing their strength
suppresses HCOOH oxidation, while weakening them pro-
motes it.

We find that OH* induces a positive charge that distrib-
utes itself across the entire Pt surface (Models D2 and F1 in
Figures S5c,d), while the positive charge induced by CO* is
localized directly below it (Model C1 in Figure S5b). Just as
Hartnig et al. find that a positive Pt surface charge activates
HCOOH oxidation by lowering the critical C�H activation
barrier,[16b] we suspect that the delocalized surface charge
induced by OH* in our system does the same. These changes
in the hydrogen-bond network and surface charge interact in
such a way that in isolation CO* (Model C1) and OH*
(Model D2) suppress or have little effect on HCOOH
oxidation. However, the presence of both CO* and OH*
(Model F1) substantially promotes it. (For mechanistic details
see Supporting Information.)

Comparing our results with experimental studies requires
an appropriate choice of surface model to match the
experimental surface coverage conditions. Thus, we must
determine the relevant surface coverages of CO (qCO) and
OH (qOH) on Pt(111) for electrode potentials of interest.
Based on IR spectroscopy studies, Osawa et al. estimate that
below U = 0.85 V, qCOL is in the range of 0.1–0.3 ML, and it
decreases until it nearly reaches zero at U = 0.95 V.[6] Thus, we
assume qCOL = 2/9 ML for the approximately constant cover-
age region[5] for U< 0.85 V, qCOL = 0 for U> 0.95 V,[3] and
qCOL = 1/9 ML for the region between. Regarding OH*,
experiments first detect OH* at U = 0.5 V; however, its
coverage is still very low at U = 0.6 V.[19] By U = 0.85 V, we
assume the OH coverage has increased to qOH = 2/9 ML.
Thus, for 0<U< 0.6 V, we utilize Model C2 (qCO = 2/9 ML,
qOH = 0). We anticipate that a more complex model will be
necessary to account for the water dissociation that takes
place in the NDR region (0.6<U< 0.85 V), and thus
approximate this region by only considering the coupling
between COOH and HCOOH. For 0.85<U< 0.95 V,
Model F3 (qCO = 1/9 ML, qOH = 2/9 ML) seems to be appro-
priate. Finally, for 0.95 V<U< 1.2 V, we utilize Model D3

(qCO = 0, qOH = 2/9 ML), which ignores the possibility of
surface oxidation. Thus, we obtain a potential-dependent
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picture of the preferred reaction mechanism (Scheme 1),
leading to the overall rate constant (R) for the HCOOH
oxidation process as a function of U (Figure 1).

Starting from U = 0 V, R increases as the potential
increases to 0.4 V, at which point it reaches a plateau that
lasts at least to the beginning of the NDR region (U = 0.6 V).
On the other side of the NDR region (U> 0.85 V), it achieves
its maximum value before entering the final region we
consider begins at U = 0.95 V, where we find a lower rate that
lasts until at least U = 1.2 V. These trends are compatible with
the experimental CV curve obtained over 0<U< 1.2 V
(Figure 1).

The initial oxidation, beginning at U = 0 V, is dominated
by the formate mechanism, which has the rate-limiting step
associated with the potential-dependent CPET process.
Because the HCOOB immediately precedes the rate-limiting
CPET process, we expect HCOOB to be detected at these low
potentials. Experiments fulfill these expectations, finding that
formate appears around U = 0.2 V in the spectra.[4, 10] As the
potential approaches U = 0.4 V, the direct pathway becomes
competitive with the formate pathway. We expect this to
result in an overall dual-path mechanism, which continues at
least to the beginning of the NDR region (U = 0.6 V).
However, the high coverage of CO and bridge-bonded
formate, present in experiments, but not included in our
model, may deactivate the direct pathway in favor of the
formate pathway.

Beginning in the NDR region, OH plays an increasingly
important role. Here it easily reacts with CO to form COOH,
which forms a hydrogen bond to the carbonyl oxygen of
HCOOH, as part of a distorted COOH–HCOOH–H2O
network. The high coverage of CO ties up the surface OH,
making it unavailable for HCOOH oxidation. More impor-
tantly, the distorted network increases the barrier for the
direct pathway HCOOH!CO2* from 0.99 eV (as in
Model C2 at U = 0.4� 0.6 V) to 1.50 eV, while having virtually
no effect on the barrier for the formate pathway. Thus, by
disabling the direct pathway, the presence of distorted COOH
above 0.60 V may partially explain the decreasing current in
the NDR region. Contributions from the adsorption of other
(still unknown) poisoning species may also play an important
role.[5, 7]

Moving beyond the NDR region, for 0.85 V<U< 0.95 V
HCOOH is oxidized almost exclusively through the direct
pathway (Ea = 0.45 eV). We find that the co-effect of CO* and
OH* here effectively promotes HCOOH oxidation, challeng-
ing the traditional conception of CO* always acting as
a poison in HCOOH oxidation. Unfortunately, the oxidative
removal of this promoting CO* at higher potentials limits this
efficient mechanism to a relatively narrow potential range.
During this process, the formation of HCOOB* (the first step
in the formate pathway) is nearly barrierless (Ea� 0 eV).
However, because the subsequent decomposition of
HCOOM* to form CO2 has a high barrier (Ea = 0.80 eV), we
expect HCOO* to rapidly accumulate on the surface. Indeed,
experiments observe this accumulation beginning at U
� 0.85 V and peaking around U� 0.95 V. We expect this
excess HCOO* to suppress HCOOH oxidation by blocking
surface sites, which would otherwise be available for the
adsorption and oxidation of additional HCOOH through the
direct pathway.

However, beyond 0.95 V, HCOO decomposes to CO2

under the influence of OH* with a barrier of Ea = 0.71 eV,
rapidly reducing the formate coverage as observed in experi-
ments.[3, 5] The experimentally observed decay of current for
potentials above U = 0.95 V is usually ascribed to the
oxidation of the Pt surface.[3] If we assume that the surface
oxide (which we have not modeled herein) is a poor catalyst,
then we might expect the decrease in reactivity to mirror the
growth of surface oxide, as the formate-pathway-catalyzing
pure Pt surface gives way to less-active Pt oxide. Thus,
because the surface is not oxidized instantaneously, we expect
the formate pathway to remain active through the initial
stages of surface-oxide formation. While thermodynamically
the formation of an oxide should form for E> 1.2 eV,[19] the
kinetics are limited by the energy barrier associated with
oxygen incorporation, which varies with the coordination of
the local surface sites. Thus, qualitatively faster oxide
formation at defects or step-edges might be expect compared
to terrace sites.

The influence of the potential sweep rate exerts a signifi-
cant influence on the CV curve. In particular, if the rates were
decreased, the oxidation peak at 0.95 V in Figure 1 would shift
toward the left and eventually merge with the peak at 0.6 V to
yield a single peak for a stationary-state system.[3,20] It has also
been found that the Pt surface is severely poisoned by CO for
very low rates (3 mVs�1). Thus the CV at 50 mVs�1 is the
optimal experimental setup for us to make comparisons with,
because it avoids CO poisoning while allowing for (quasi-
stationary state) HCOOH oxidation.

The deposition of a monolayer of CO* on the Pt electrode
prior to the oxidation of HCOOH, results in the total
suppression of the first current peak in the CV, and a positive
shift of the second current peak (DU� 0.1 V), coinciding with
a shift in the growth of the HCOO coverage.[3] The total
suppression of the first current peak is easily explained by the
inaccessibility of surface active sites for HCOOH oxidation
because of the high coverage of CO*. Furthermore, the
oxidative removal of CO* requires OH*, which is also
required for HCOOH oxidation. Thus the competition with
excess CO* for surface sites and OH* molecules decreases the

Scheme 1. Preferred reaction pathway for different electrode potential
regimes.
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rate of HCOOH oxidation, as both the build-up of OH* and
the decomposition of CO*, to reach the optimal coverages
required to synergistically promote HCOOH oxidation, as
our model predicts, are delayed, resulting in a positive shift in
the second peak. The delayed growth of the HCOO coverage,
observed in experiments, is also consistent with this inter-
pretation.

A typical chronoamperogram reveals that when the
electrode potential is stepped up from 0.05 V to 0.9 V, CO*
is completely oxidized within seconds.[4] Within this short
time, the current (I) quickly decays following an initial spike
and the HCOO coverage drastically increases. The behavior
of I corresponds to the rapid oxidation and disappearance of
CO*. Thus, Model F3 (1/9 ML of CO* and 2/9 ML of OH*) is
initially relevant, followed by Model D3 (0 ML of CO* and 2/
9 ML of OH*) once CO* has been oxidized away. The low
barrier (Ea� 0) to form HCOO* coupled with the high
barrier (Ea = 0.80) to convert it into product results in the
initial build-up of HCOO*. We anticipate that the formation
of surface oxide (experimentally identified as Pt4OH near
0.9 V, but not included in our current model) hinders the rate
of formic acid oxidation.[19]

Stepping U to 0.6 V (following the few seconds at 0.9 V)
results in an immediate increase in I then a gradual decrease
as the HCOO coverage drops by a fraction of its initial value
and quickly converges to a new constant. Under the reduced
potential we anticipate that the Pt oxide is quickly reduced,
returning the metal surface to its initial state. This frees up
additional surface sites for HCOOH oxidation, resulting in an
increased oxidation rate, which slightly reduces the concen-
tration of HCOO. Because the surface is initially covered with
HCOO, this must first decompose under surface conditions
best represented by Model D3 (Ea = 0.71 eV). As HCOO is
oxidized, surface sites become available for the adsorption of
HCOOH. The condition of the surface is probably now best
represented by a combination of Models B, D1, or D1 (Ea =

0.73, 0.79, or 0.81 eV), which all have a higher reaction barrier
than Model D3 (Ea = 0.71 eV). Thus, the removal of OH*
from the surface results in a slower HCOOH oxidation rate,
corresponding to the gradual decrease in I observed.

In conclusion, we find that CO* (in the absence of OH*)
adversely affects HCOOH oxidation: not only by blocking
active sites, but also by retarding the rates of important
reaction steps. On the other hand, OH* (in the absence of
CO*) does not significantly alter the reactivity of HCOOH
oxidation on a clean Pt surface. However, at high potentials it
oxidizes the Pt surface, and thus poisons the reaction by
blocking active sites. Nevertheless, we find that CO* and OH*
have a synergistic co-effect, such that relatively low coverages
of both effectively promote HCOOH oxidation. These
solitary and synergistic behaviors of CO* and OH* success-
fully explain the CV measurements of the electrooxidation of
HCOOH in the potential range of 0.0–1.2 V. Further studies
on the complete role of CO* and OH* will focus on the
oxidation of the Pt surface.
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