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ABSTRACT: Electrochemical investigation of a boron-
capped tris(glyoximato)cobalt clathrochelate complex in
the presence of acid reveals that the catalytic activity
toward hydrogen evolution results from an electro-
deposition of cobalt-containing nanoparticles on the
electrode surface at a modest cathodic potential. The
deposited particles act as remarkably active catalysts for H2
production in water at pH 7.

Platinum is currently used as a catalyst for proton reduction
in fuel cells. Replacing this costly metal by cheap, abundant

materials is currently an important challenge. Several
coordination metal complexes have already been explored for
the electrocatalytic hydrogen production, including cobalt,1

nickel,2 iron,3 or molybdenum4 complexes. Among them,
cobalt bisglyoxime complexes are reputed as efficient catalysts,5

but the mechanism for hydrogen production is still
controversial. Mechanisms involving cobalt hydride formation
which can evolve through several possible pathways, as recalled
in Scheme 1, have been proposed.5,6 Cobalt chlatrochelate is
another family of cobalt catalysts for hydrogen evolution,7 but
the exact catalytic mechanism also remains an open question.
Reaction pathways similar to those proposed for cobaloxime
complexes can be envisioned.
It is however puzzling that the metal center, buried inside the

ligand cavity, could act as an active catalyst. It may accordingly
be envisaged that the ligand could play a role as illustrated by
pathway d in Scheme 1. Another possibility is that the actual
catalyst would not be the cobalt chlathrochelate itself but a
species deriving from its electrochemical transformation.
Striking precedence of such processes may be found with
oxygen evolving catalysts as, e.g., a manganese cluster
complex8a as well as a cobalt containing polyoxometalate.8b It
was shown that the active species are in fact metal oxide
nanoparticles rather than the parent homogeneous complexes.
Raising the same question of the nature of the actual catalyst,
we report the following evidence that the boron-capped
tris(glyoximato) cobalt chlathrochelate complex [Co(III)-
(dpg)3(BF)2](BF4) noted 1+ (BF4

−) hereafter (Chart 1), with
a diphenylglyoxime (dpg) as ligand, reduced in the presence of
acid leads to electrodeposition of cobalt containing nano-

particles onto the electrode surface. These nanoparticles are
shown to be very active catalysts for H2 production in water at
pH 7.
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Scheme 1

Chart 1. [Co(dpg)3(BF)2]
+ (1+)
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In the absence of acid, 1+ gives rise to three cyclic
voltammetric reduction waves in acetonitrile (Figure 1a). The

two first reversible waves correspond to the CoIII/CoII and
CoII/CoI couples successively. The third wave is an irreversible,
six-electron wave wave peaking around −1.7 V vs NHE. It
corresponds to the reduction of diphenylglyoxime as checked
with a solution of the ligand alone three times more
concentrated than 1+ (Figure 1b).
Upon addition of perchloric acid, the CoII/CoI wave is

strongly enhanced with concomitant loss of reversibility. At first
sight, this behavior seems indicative of the occurrence of proton
reduction catalysis. Closer examination of the effect of proton
and complex concentrations showed that this wave is actually
not a catalytic wave. Catalysis of proton reduction in conditions
where the acid is in excess over the Co complex should result in
an S-shaped wave, the plateau of which should continue to
increase with acid concentration, whereas the half-wave
potential remains equal to the standard potential of the
catalyst.9 This is not what it is observed (Figure 1b). The wave
remains peak-shaped over the whole range of acid concen-
trations, even when the excess of acid over the complex is as
large as 30. The peak height asymptotically reaches an upper
limit, which corresponds to the exchange of six electrons per
molecule of complex (Figure 1c).10 The peak potential shifts in
the positive direction by as much as 100 mV upon addition of
30 mM HClO4. We may thus conclude that none of the
catalytic pathways listed in Scheme 1 is operating.11 The
limiting six-electron stoichiometry points to the hydrogenation
of all C−N double bonds of the three diphenylglyoxime
ligands, requiring the transfer of two electrons and two protons
each. This is exactly the same electron stoichiometry as that for
the direct reduction of diphenylglyoxime (green curve in Figure
1a) and the reduction of the diphenylglyoxime ligands in the
complex in the absence of acid. The fact that diphenylglyoxime
hydrogenation in the presence of HClO4 now takes place at a

much more positive potential indicates the occurrence of an
intramolecular catalysis of hydrogenation by electrochemically
generated Co(I). A detailed analysis of the mechanism of this
reaction is beyond the scope of this preliminary communica-
tion. However a likely reaction sequence is described in the
Supporting Information (SI), which fits the quantitative aspects
of the variation of the peak current with concentration of acid
and complex as shown in Figure 1c and for other
concentrations in the SI. A second peak-shaped wave is
observed around −0.45 V vs NHE (noted 2 in Figure 1b),
which also grows upon addition of acid. For the same reasons
as those for wave 1, this wave does not represent proton
reduction catalysis by the complex. Although the stoichiometry
could not be investigated in detail as in the case for wave 1, the
peak increase is compatible with an overall 12e− + 12H+

stoichiometry, which may likely correspond to the hydro-
genolysis of all the N−O bonds (2e− + 2H+ each) in the boron
cap. A more detailed analysis using larger concentrations of acid
was precluded by the proximity of a third wave. This wave,
noted 3, is shown in Figure 2 (black curve) for a relatively small
acid concentration.

This catalytic wave, observed upon a first scan, is located
around −1 V vs NHE, whereas direct acid reduction takes place
around −1.25 V vs NHE (magenta curve in Figure 2). Wave 3
is similar to the wave observed in a solution of a cobalt salt,
Co(NO3)2, in the presence of the same acid concentration
(green curve in Figure 2), thus suggesting a deligation of the
metal upon complex reduction. Additional experiments lead to
the conclusion that there is in fact a surface modification upon
scanning toward cathodic potentials, generating an adsorbed,
electroactive new species. After polarizing the electrode at
−0.75 V vs NHE for 10 s, a new wave (noted dep in Figure 2)
appears around −0.65 V vs NHE of approximately the same
height as wave 3. Scanning this new wave makes wave 3
disappear, which is in line with the notion that catalysis at wave
dep exhausts the acid in the diffusion-reaction layer.9c The
initial voltammogram is restored upon careful polishing of the
electrode surface.
That electrodeposition on the electrode surface is related to

deligation of the complex was confirmed by the disappearance
of its UV−vis absorption bands7a after electrolysis at −0.75 V vs
NHE. An electrolysis at this potential at a glassy carbon foil
(see SI) in the conditions depicted in the caption of Figure 3
was then performed. SEM (Scanning Electron microscopy)

Figure 1. (a, b) Cyclic voltammetry of 0.6 mM Co[(dpg)3(BF)2]BF4
with 0.1 M of NaClO4 in acetonitrile. v = 0.1 V/s at a glassy carbon
electrode. (a) With no acid present (in green: 0.6 × 3 = 1.8 mM
diphenylglyoxime alone); (b) in the presence of increasing
concentrations of HClO4 (mM): 0 (blue), 3 (green), 6 (red), 12
(magenta), 18 (yellow), 30 (cyan). (c) Variation of the height of the
pseudocatalytic wave 1 with the concentration of acid.

Figure 2. Cyclic voltammograms in acetonitrile + NaClO4 0.1 M. v =
0.1 V/s at a glassy carbon electrode of 0.1 mM [Co(dpg)3(BF)2]BF4
with 3 mM of HClO4. Black: initial scan. Red: after a microelectrolysis
at −0.75 V vs NHE during 10 s. Green: 0.1 mM Co(NO3)2 with 3 mM
HClO4. Magenta: 3 mM of HClO4 alone.
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analysis of the electrode surface after electrolysis shows that
nanoparticles (average size 300 nm) have been deposited on
the surface (Figure 3). Control SEM images of the carbon
surface before electrolysis and after electrolysis at wave 1
(−0.25 V vs NHE), and at wave 2 (−0.55 V vs NHE), showed
no particle deposition. Also, no particles were detected on the
electrode after electrolysis at −0.75 V vs NHE in a solution
containing only Co(NO3)2 and the acid. The nanoparticles
cover a large fraction of the electrode surface, and X-ray
diffraction (XRD) as well as energy-dispersive X-ray spectros-
copy (EDX) analysis revealed that the particles contain mainly
cobalt and oxygen, along with a significant amount of fluorine
(see SI). The presence of boron oxide on the carbon surface
was also detected. Typical EDX analysis of the nanoparticles
gave the following relative atomic average percent (three
separate analyses): cobalt = 63 ± 7, oxygen = 22 ± 5, fluorine =
7 ± 1, nitrogen = 3 ± 2 (see SI for details).
Coming back to the experiments summarized in Figure 2, the

catalytic response obtained after a microelectrolysis at −0.75 V
vs NHE during 10 s (dep wave in red) may therefore be
assigned to the deposition of the cobalt nanoparticles on the
electrode surface where they catalyze proton reduction. The
small dep′ wave on the initial trace in Figure 2 (in black) may
be interpreted as resulting from the deposition of a small
amount of cobalt nanoparticles during the preceding part of the
scan.
Since it is known that electrodeposited cobalt coatings

catalyze proton reduction in water,12 we decided to test the
catalytic activity of the nanoparticles deposited in acetonitrile
toward H2 production in water. Electrodeposition on a carbon
electrode (either a GC foil for preparative electrolysis or a GC
disk electrode for cyclic voltammetry experiments) was then
performed at a controlled potential of −0.75 V vs NHE in an
acetonitrile solution containing 0.1 mM (respectively 2 mM) of
1+ and 3 mM (respectively 60 mM) of acid during 10 mn
(respectively 16 h) when using the disk electrode (respectively
the GC foil). After electrolysis, the activated electrode was
rinsed and transferred under argon to water containing a
phosphate buffer at pH 7 and used as a working electrode for
H2 evolution. At pH 7, the overpotential for proton reduction
(defined as the difference between the standard potential of the
H+/H2 couple at pH 7, −0.42 V vs NHE, and the potential
necessary to obtain a given current density) is ca. 700 mV at 20
mA/cm2 (Figure 4). The decrease of the overpotential by
reference to a bare electrode is thus 900 mV at this pH (Figure
4) for the same current density.13

Preparative scale electrolysis experiments with the activated
GC foil as an electrode, poised at −0.75 V vs NHE, led to the
results summarized in Figure 5. The catalyst appears to be
stable over long electrolysis times. The faradaic yield for H2

production passes from 75 to 85% during electrolysis,
presumably because of the delay between the production of
hydrogen bubbles on the surface and the transfer to the
headspace over the solution. The cobalt nanoparticles
deposited on the surface are thus a very active catalyst, better,
concerning cobalt derivatives, than, e.g., the recently reported
cobalt pentapyridine complex1b and the best of the cobalt
dimethylglyoxime complexes reported in ref 14.15

In summary, we have shown that the reduction of an
acetonitrile solution of the chlathrochelate cobalt complex 1+,
Co[(dpg)3(BF)2]BF4 with a diphenylglyoxime (dpg) as ligand,
at −0.75 V vs NHE and in the presence of acid leads to the
electrodeposition of Co nanoparticles on the electrode surface.
These nanoparticles are remarkably active catalysts for H2
production in water at pH 7 at low overpotential. We have
thus unambiguously demonstrated that a non-noble metal
complex previously described as a homogeneous catalyst is in
fact the precursor of a heterogeneous catalyst. This observation
along with recent reports concerning several oxygen-evolving
catalysts8 calls for reevaluation of systems described so far as
molecular homogeneous catalysts. Systematic studies of the
parameters that govern the electrochemical deposition of active
catalytic species seem in order.
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Experimental details; cyclic voltammetry of Co[(dmg)3(BF)2]-
BF4; mechanism and cyclic voltammetry simulations for
intramolecular catalysis of hydrogenation of the dpg ligands
by electrochemically generated Co(I); XRD and EDX analysis
of activated surfaces. This material is available free of charge via
the Internet at http://pubs.acs.org.

Figure 3. SEM micrographs of nanoparticles deposited on glassy
carbon surface (GC foil) after 16 h of electrolysis at −0.75 V vs NHE
with 2 mM Co[(dpg)3(BF)2]BF4 and 60 mM HClO4 in an acetonitrile
solution + 0.1 M NaClO4. Scale bar: 10 μm (left), 300 nm (right).

Figure 4. Cyclic voltammograms in water at pH 7 (0.1 M phosphate
buffer), at 0.1 V/s, carbon disk electrode. Blue line: bare electrode; red
line: electrode activated by deposition of Co nanoparticles (see text).

Figure 5. Controlled potential electrolysis (−0.75 V vs NHE) in water
at pH 7 in 0.1 M phosphate buffer, at a 1.2 cm2 double-face GC foil
working electrode. (a) Charge vs time. Blue: nonactivated electrode;
red: electrode activated by deposition of cobalt containing nano-
particles (see text). (b) H2 produced (μmol) vs time.
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