
Electrocatalytic Hydrogen Evolution from Water by a Series of Iron
Carbonyl Clusters
An D. Nguyen,† M. Diego Rail,† Maheswaran Shanmugam, James C. Fettinger, and Louise A. Berben*

Department of Chemistry, University of California, Davis, California 95616, United States

*S Supporting Information

ABSTRACT: The development of efficient hydrogen evolving
electrocatalysts that operate near neutral pH in aqueous
solution remains of significant interest. A series of low-valent
iron clusters have been investigated to provide insight into the
structure−function relationships affecting their ability to
promote formation of cluster-hydride intermediates and to
promote electrocatalytic hydrogen evolution from water. Each
of the metal carbonyl anions, [Fe4N(CO)12]

− (1−), [Fe4C-
(CO)12]

2− (22−), [Fe5C(CO)15]
2− (32−), and [Fe6C(CO)18]

2−

(42−) were isolated as their sodium salt to provide the
necessary solubility in water. At pH 5 and −1.25 V vs SCE the
clusters afford hydrogen with Faradaic efficiencies ranging
from 53−98%. pH dependent cyclic voltammetry measurements provide insight into catalytic intermediates. Both of the butterfly
shaped clusters, 1− and 22−, stabilize protonated adducts and are effective catalysts. Initial reduction of butterfly shaped 1− is pH-
independent and subsequently, successive protonation events afford H1−, and then hydrogen. In contrast, butterfly shaped 22−

undergoes two successive proton coupled electron transfer events to form H22
2− which then liberates hydrogen. The higher

nuclearity clusters, 32− and 42−, do not display the same ability to associate with protons, and accordingly, they produce hydrogen
less efficiently.

■ INTRODUCTION

Hydrogen has the potential to provide a transportable, high
density form of energy storage for use as a fuel or as a reagent
in commodity chemical synthesis. Electrocatalysis is an
appealing means for producing hydrogen because it will
facilitate conversion of electrons derived from renewable
sources, such as solar or wind, into easily storable energy.
The use of aqueous media is important if proton reduction will
ultimately be coupled with water oxidation in a closed cycle
device. Cobalt and nickel complexes feature prominently as
examples of earth abundant, molecular hydrogen evolving
electrocatalysts that operate in aqueous media, and progress
continues to be made in this area.1 However, the lower cost and
far higher natural abundance of iron make the study of iron-
based molecular electro-reduction catalysts potentially even
more appealing.
There are notably few reports of iron electrocatalysts that are

compatible with aqueous solution. A handful of iron-based
electrocatalysts have been studied in nonaqueous solution, and
this includes original work by Saveant et al.,2 and more recent
studies reported by Ott et al.,3 and by Rose and Gray.4 In
addition, an extensive collection of work inspired by
biomimetic interest in binuclear, low-valent iron complexes,
that have been synthesized to model the structure and function
of the diiron hydrogenase enzyme, exists. Many important
contributions have been made in this field,5,6 and in some
instances the model systems are compatible with water-organic

mixtures.7 Examples of iron electrocatalysts compatible with
aqueous-only solution include a report by Pickett that dianionic
(μ-pdt)[Fe(CO)2CN]2

2− was highly water-soluble (μ-pdt =
-S(CH2)3S-) although it did not electrocatalytically reduce
protons between pH 4−8.4.8 Darensbourg has studied
arylsulfonyl-appended Fe2 electrocatalysts that were water-
soluble and interacted with cyclodextrins, and showed some
activity toward acetic acid in aqueous solution at −1.45 V vs
SCE.9 In a similar vein, Gloaguen reported that sodium dodecyl
sulfate surfactant (SDS) could be used to dissolve Fe2(bdt)-
(CO)6 (bdt = benzenedithiolate) in water, and that this catalyst
reduced the protons in HOAc in unbuffered aqueous solutions,
particularly at pH 3.10

An efficient and stable water-soluble iron electrocatalyst that
operates at modest potentials is still a desirable goal. Herein, we
report on a series of low-valent multinuclear iron clusters for
electrocatalytic proton reduction in aqueous media. Structure−
function relationships can shed light on mechanistic details and
important electrocatalyst design criteria and so we have studied
a nitride-containing four iron cluster, along with carbide
containing clusters of four, five, and six iron centers:
[Fe4N(CO)12]

− (1−), [Fe4C(CO)12]
2− (22−), [Fe5C(CO)15]

2−

(32−), and [Fe6C(CO)18]
2− (42−) (Chart 1). We discuss the

electron transfer and proton-coupled electron transfer (PCET)
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events that are accessible via cyclic voltammetry (CV) between
pH 5−9. Based on these observations, we have correlated the
charge of the clusters with their relative ability to stabilize
protonated intermediates which in turn correlates with their
ability to catalyze hydrogen evolution. The butterfly shaped
clusters 1− and 22− catalyze hydrogen evolution from aqueous
solutions at −1.25 V vs SCE with 98 and 85% Faradaic
efficiency, respectively. Clusters 32− and 42− did not form
hydride intermediates, and were correspondingly less effective
for hydrogen evolution and operated at 72% and 64% Faradaic
efficiency, respectively.

■ RESULTS AND DISCUSSION
Synthesis and Characterization of Clusters. The

sodium salt of nitride containing 1− was obtained from an
aqueous solution workup of 1− following its synthesis via a
modified literature procedure.11 A single crystal X-ray
diffraction analysis of the compound was undertaken on
crystals grown by diffusion of tetrahydrofuran (THF) into an
aqueous solution to probe possible interactions between the
sodium ion and the cluster 1− (Supporting Information, Table
S1). The solid state structure of 1− revealed that two diglyme
molecules, which originate from the synthesis of 1− encapsulate
the sodium ion so that [diglyme2Na]

+ is well separated from
the anionic cluster and should not influence the reactivity of
[diglyme2Na]-1 in solution (Figure 1). All bond lengths and
angles in the cluster core are in accord with previously reported
salts of 1− (Supporting Information, Figure S1).

The carbide containing Et4N
+ and Na+ salts of 22−,12 32−,13

and 42−,14 were each prepared by procedures modified from
literature reports for the PPN salts of the clusters (PPN =
bis(triphenylphosphine)iminium, Chart 1). In the syntheses we
performed, a formulation for the sodium countercations which
incorporates two molecules of diglyme: [diglyme2Na]2-2, or 3
molecules of DME: [DME3Na]2-3, and [DME3Na]2-4, per
sodium cation is consistent with elemental analysis data and

with the integration against internal standards we observed via
1H NMR spectroscopy (Supporting Information, Figure S2).
The structures of clusters 1− and 22− are best described as
butterfly shaped, 32− is square pyramidal, and 42− is octahedral.

Electrochemical Characterization of Clusters. CV
experiments on 1−−42− were performed at pH 2, 5, 7, and 9.
CV scans at pH 2 showed anomalous behavior as compared to
other pH values, and we attributed this to decomposition of the
clusters at low pH. Background CV scans of the buffers with no
cluster added indicated that no redox events occurred in the
absence of cluster (Supporting Information, Figure S3). Based
on the CVs of 1−−42− (Figures 2−4, and 6), plots of peak

current vs square root of the scan rate were compiled for the
most distinctive feature in the cathodic region for each of the
clusters at pH 7, and their linear nature indicated that the
observed redox events are associated with clusters dissolved in a
homogeneous solution (Supporting Information, Figures S4,
S5).15 In all cases the reduction events associated with 1−−42−
are irreversible which is consistent with electrocatalytic
hydrogen evolution (vide infra).
The CV of 1− displayed an irreversible reduction event at

−1.25 V vs SCE which retained a relatively constant current
density response and reduction potential over the pH range of
5 to 9 (Figure 2, see Experimental Section for details of the

Chart 1

Figure 1. Structure of [diglyme2Na][Fe4N(CO)12] ([diglyme2-Na]-1).
Green, white, red, blue, and yellow colors indicate Fe, C, O, N, and Na
atoms, respectively. Thermal ellipsoids at 40% probability; H atoms
omitted.

Figure 2. CVs of 0.15 mM 1− in various buffered solutions from pH
2−9. 100 mV/s, GC electrode. Scans initiated at the open circuit
potential for each pH value.

Figure 3. CV of 0.15 mM 1− at pH 5 with scan reversed at −1.1 V
(red), −1.4 V (black). 100 mV/s, GC electrode.
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buffers). The observation of one consistent reduction event
over the pH range of 5−9 implies that the reduction of 1− is
not proton coupled over this range and that the redox event at
−1.25 V corresponds to the process

+ →− −[Fe N(CO) ] e [Fe N(CO) ]4 12 4 12
2

(1)

The large shift in the reductive peak position at pH 2,
combined with a change in the solution color, implied that 1− is
not stable to solutions of pH 2. On the reverse, anodic scan an
irreversible oxidation event at −0.25 V was observed at pH 5.
Reduction and oxidation cycles were performed at pH 5 where
the change in the scan direction occurred at different potentials.
This experiment showed that the oxidation event at −0.25 V is
only apparent if the reducing scan extends beyond the
reduction event at −1.25 V (Figure 3). We propose that
following reduction of 1− to 12− the cluster is protonated to
afford H1−, and that the oxidation event at −0.25 V
corresponds to oxidation of H1− according to the reactions

+ →− + −[Fe N(CO) ] H [HFe N(CO) ]4 12
2

4 12 (2)

→ +−[HFe N(CO) ] [HFe N(CO) ] e4 12 4 12 (3)

We have observed a similar sequence of events when 1− was
studied in MeCN solution in the presence of organic acids and
in that case we confirmed the identity of the oxidation event by
synthesis of an authentic sample of H1.16 In the present
experiments, the observation of H1− is pH dependent. Above
pH 7, the event at −0.25 V is not observed: this result is
consistent with very slow formation of H1− under the
conditions of low proton availability so that H1− does not
build up in solution in sufficient quantities to be observed on
the return scan near −0.25 V. At pH 5 we propose that the rate
of formation of H1− is faster than the subsequent reaction of
H1− with another proton and so observation of H1−

electrochemically is possible.
Whereas 1− was consistently reduced by one-electron at

potentials close to −1.22 V over all pH values, the carbide-
containing clusters 22−−42− displayed more variable reduction
events (Figures 4−6). In some cases variability in CVs with pH
suggested the presence of protonated cluster adducts in
solution, and the observed difference in the proton dependence
of the reduction events for 1− vs 22− is consistent with the
difference in charge on the clusters. Nitride-centered 1− is
protonated after reduction to 12−, whereas carbide-centered 22−

is protonated concurrent with reduction.
Butterfly shaped 22− displayed no reduction event that could

be reasonably assigned to reduction of the unprotonated
cluster, 22−. Low current density reduction events for 22− were
observed at fairly positive potentials: at −0.36 (pH 2), −0.47
(pH 5), −0.60 (pH 7), and −0.73 V (pH 9).17 The −55 mV
per pH unit dependence of this reversible redox event is close
to the Nernstian response of −60 mV per pH unit expected for
a one-electron and one-proton reduction (Figure 5, left).18

Moreover, the low current density and reversibility of the waves
suggest that no electrocatalytic event occurs at these redox
events and we assign these processes to a reversible two
electron reduction of 22− that is coupled with a protonation
event

+ + →− + −[Fe C(CO) ] H e [HFe C(CO) ]4 12
2

4 12
2

(4)

A second series of distinct proton-dependent reduction
features between pH 2−9 (Figure 4) were also observed. We
ascribe the electrochemical features at −0.85 V (pH 2), −1.07
V (pH 5), −1.23 V (pH 7), and −1.37 V (pH 9) to a proton
coupled one-electron reduction event which is consistent with
the 74 mV per pH unit shift to higher potential observed with

Figure 4. CVs of 0.15 mM 22− in various buffered solutions from pH
2−9. 100 mV/s, GC electrode. Scans initiated at the open circuit
potential for each pH value. Initial redox events at −0.36 (pH 2),
−0.47 (pH 5), −0.60 (pH 7), and −0.73 V (pH 9); catalytic events at
−0.85 V (pH 2), −1.07 V (pH 5), −1.23 V (pH 7), and −1.37 V (pH
9).

Figure 5. Plots of potential vs pH (left) for the reversible redox process for 22−, and (right) for the irreversible, catalytic process for 22−.
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lower proton availability which should theoretically occur at a
rate of 60 mV per pH unit (Figure 5, right). This reaction
corresponds to formation of [H2Fe4C(CO)12]

3−, which then
presumably loses H2 electrocatalytically. The assignment of
these redox events to a catalytic event is supported by the large
increase in current density:

+ + →− + −[HFe C(CO) ] H e [H Fe C(CO) ]4 12
2

2 4 12
2

(5)

→ +− −[H Fe C(CO) ] [Fe C(CO) ] H2 4 12
2

4 12
2

2 (6)

Protonation of 22− in organic solution has precedent.19

Formation of [HFe4C(CO)12]
− from [Fe4C(CO)12]

2− occurs
in organic solution in the presence of strong acids such as
CF3SO3H and the proton resides μ2-Fe2 along the butterfly
“hinge” (Chart 2). Further protonation, upon reaction of

[HFe4C(CO)12]
− with a second equivalent of CF3SO3H,

affords [HFe4(μ
2-CH)(CO)12] where the second proton

bridges the carbide and an iron center (Chart 2). In the
present work, the pH dependence of the redox events indicated
that reduction of 22− was coupled with protonation events.
Thus, protonation of 22− can occur under fairly mild conditions
near neutral pH upon reduction of the cluster. We speculate
that the first proton bridges the Fe−Fe bond on the butterfly
hinge, and that the second proton is most likely to interact with
the first proton so that their interaction leads to hydrogen
formation. Similarly rich protonation and hydride formation
chemistry has been documented in model complexes of the
diiron hydrogenase enzymes.5,20

There is a noticeable variation in the current density with
respect to pH observed for the proton coupled redox processes
described for 22−. Current density is a function of the rate of
the catalytic reaction and so it is apparent from the CVs that
the fastest rate of hydrogen evolution is observed at pH 5 (vide
infra). At higher pH values, 7 and 9, the current density
decreases with increasing pH, and this indicates that the rate of
the catalytic reaction decreases as the proton availability in
solution decreases. The current density at pH 2 does not follow
this trend in catalytic rates, and we attribute this to
decomposition of 22− under acidic conditions. Indeed, solutions
of 22− at pH 2 lose their peach color over the course of 5 h:
between pH 5−9 the peach color remains intact for longer than
24 h.
The CV scans of square pyramidal 32− and octahedral 42−

between pH 5−9 (Figure 6) include an irreversible reduction
process at −1.32, and −1.36 V, respectively, that is proton
independent, and could reasonably correspond to the reactions

+ →− −[Fe C(CO) ] e [Fe C(CO) ]5 15
2

5 15
3

(7)

+ →− −[Fe C(CO) ] e [Fe C(CO) ]6 18
2

6 18
3

(8)

The observation of a pH-independent event within the
solvent window is consistent with the greater ability of

pentanuclear 32− and hexanuclear 42− to delocalize charge, as
compared with tetranuclear 22−: a higher degree of
delocalization of charge is credited with the easily accessible
reduction processes. Additional reduction events for 32− were
observed at −0.90 V (pH 2), and at −1.03 V (pH 5), and 42−

displayed a further reduction event at −0.90 V (pH 2). We
ascribe these events to reduction of 22− which has formed by
rearrangement of 32− and 42− under the influence of protons.
The CVs for 22− described earlier showed evidence for
protonation of 22− under conditions of pH 7 or lower and so
it is reasonable that 32− and 42− also associate with protons
under similar pH conditions. It is known that 32− and 42−

rearrange to 22− in the presence of acid,21 and indeed, over
longer time periods we observed that violet solutions of 32− and
deep burgundy solutions of 42− become the peach color of 22−.

Hydrogen Evolution. The production of hydrogen by each
cluster was interrogated using controlled potential electrolysis
(CPE) experiments. The most informative CPE measurements
were those carried out at pH 5, 7 and 9, at −1.25 V vs SCE, in
0.1 M NaClO4 solution with added 4 mM of the appropriate
buffer in a sealed electrochemical cell (Table 1 and Supporting

Information, Table S2). During these experiments the head-
space was sampled using a gastight syringe and analyzed by
GC-TCD. Experiments performed at −1.25 V correspond to an
overpotential (η) of 714 mV for pH 5, 594 mV for pH 7, and
474 mV for pH 9.22 Moreover, at −1.25 V vs SCE, catalysis is
compatible with use of a glassy carbon electrode in the pH
range 5−9. Control experiments under these pH conditions
demonstrated that very little charge is passed in the absence of
catalyst (Table 1 and Supporting Information, Table S2, Figure
7). CPE experiments performed with Na2[Fe(CO)4] and
Fe(NO3)3 afforded H2 with only 35 and 20% Faradaic

Chart 2

Figure 6. CVs of 32− (left) and 42− (right) in various buffered
solutions from pH 2−9. 100 mV/s, GC electrode. Scans were initiated
at the open circuit potential for each pH value.

Table 1. Results from CPE Experiments with 0.15 mM
Catalyst in 0.1 M NaClO4/4 mM pH 5 Acetate Buffer over
2.5 ha

catalyst q (C)b Faradaic yield TONc

none 1.0
1− 68 98 34
22− 38 83 16
32− 13 72 5
42− 10 64 8

aGlassy carbon working electrode surface area = 23 cm2. Results are
averages from at least 2 trials for each catalyst. bCharge passed during
CPE experiment. cTurnover number (TON) is moles of H2 per mole
of catalyst over 2.5 h.
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efficiency, respectively, and very little charge was passed
(Supporting Information, Table S2). Reported catalysts that
operate at more negative potentials require the use of mercury
working electrodes to avoid background hydrogen evolution at
the glassy carbon electrode.
Both of the butterfly shaped clusters 1− and 22− were the

most effective for hydrogen evolution out of the clusters that
we studied. Nitride-containing 1− catalyzed liberation of
hydrogen with 98 ± 3% Faradaic efficiency over the pH
range 5−9 and operated with a current density of roughly 0.1
mA/cm2. The rate of hydrogen evolution was pH dependent
(i.e., overpotential dependent) and the fastest catalysis was
observed at pH 5 where 68 C of charge were passed over 2.5 h
(Figure 7, left). At pH 9 just 10 C of charge were passed over
the same time period. Carbide containing 22− liberated
hydrogen with 85 ± 3% Faradaic efficiency at pH 5 and 7,
and this efficiency dropped to 55 ± 3% at pH 9. The rate of
catalysis by 22− was somewhat slower than we observed for 1−

which operated at roughly 0.06 mA/cm2 under conditions of
our experiment and 38 C of charge were passed over 2.5 h at
pH 5 (Figure 7, right). CPE experiments on 1− and 22− at pH 5
and −1.25 V were run over 24 h to ascertain that the catalysts
were stable in solution: the rate of reaction remained fairly
constant over the 24 h period, as did the color of the solution.
Following CPE measurements using 1− (or 22−), the same

glassy carbon electrode was introduced into a buffered solution
absent of 1− (or 22−) and retested for hydrogen evolution
reaction (HER) at −1.25 V to probe the possibility that 1− (or
22−) may reductively plate onto the GC electrode during CPE
experiments. The electrode was found to be similar in its
effectiveness for catalysis as a freshly polished GC electrode
(Figure 7). This observation confirms that the active catalyst in
each case is the cluster in solution rather than a surface
absorbed species. We also performed an experiment where
additional 1− (or 22−) was injected into a CPE experiment after
30 min of operation. Upon injection of the aliquot, the current
density immediately increased and indicated that catalyst in
solution was responsible for HER. Potential catalysis by iron
nanoparticles formed from 1− was probed by a CPE experiment
in the presence of elemental mercury: no change compared to
experiments without mercury was observed. A subsequent CPE
with the same mercury and no 1− evolved no more H2 than a
typical blank experiment.
CPE experiments with 32− and 42− indicated that these

clusters are less efficient electrocatalysts for hydrogen evolution

than either 1− or 22−. Hydrogen evolution by 32− and 42− at pH
5 and −1.25 V occurred with Faradaic efficiencies of 72 ± 5%
and 63 ± 5%, respectively. The rates for each of the reactions
were slower as well; 13 and 10 C of charge were passed over 2.5
h by 32− and 42−, respectively. It should also be noted that,
since 32− and 42− are known to slowly rearrange to 22− some of
the hydrogen detected in these experiments may have been
formed in a reaction catalyzed by 22−.
The integrity of the most efficient clusters 1− and 22− was

investigated following CPE measurements using IR spectros-
copy. Measurements were performed on a solution aliquot of
the reaction mixture before and after the CPE experiment. The
carbonyl region of the spectra obtained before and after CPE
show no difference in either the frequency or intensity of the
absorption bands and this, in conjunction with consistent color
of the CPE solution, indicated that 1− and 22− remained intact
(Figure 8).

We attribute the effectiveness of the butterfly shaped clusters,
1− and 22−, to their ability to form protonated adducts at pH 5.
We have shown electrochemically that, following one-electron
reduction, 1− is protonated in aqueous solution to afford H1−,
and CV scans of 22− under various pH conditions indicated its
reduction is proton coupled and afforded H22− (Chart 2). In
contrast, we saw no evidence for protonation or proton coupled
electron transfer events in the CVs of 32− and 42−. We did see
some evidence that 32− and 42− rearrange to 22− at pH 5 over
the course of hours, so it is even possible that some of the
hydrogen detected from CPE experiments on 32− and 42− is
actually generated by 22−.

Mechanism of Hydrogen Evolution. The mechanistic
details for the reactions where 1− and 22− behave as catalysts
for hydrogen evolution can be discussed based on the pH
dependent CV measurements described above. Observation of
the intermediate H1− at pH 5 suggests that formation of H1−

by reduction followed by subsequent protonation are the initial
steps in a catalytic cycle for formation of H2 (Scheme 1).

Figure 7. Charge vs time plots for CPE experiments with 1− (left) and
22− (right) (black lines); with no catalyst (red lines); and with a rinsed
electrode from an experiment with 1− and 22− run in fresh electrolyte
solution to demonstrate that no catalyst plated on the electrode (blue
lines).

Figure 8. IR spectra of 1− (left) and 22− (right) recorded before
(black) and after (red) CPE.

Scheme 1
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Subsequent protonation of H1− or bimolecular H2 formation
must be a slower step since we are able to experimentally
observe build up of H1−. The pH dependence of this final step
(as observed by the presence or absence of the redox wave for
oxidation of H1−, vide supra) strongly implies that a second
protonation event closes the catalytic cycle. This mechanism is
also consistent with the first order dependence on concen-
tration of 1− which we measured using CV (Supporting
Information, Figure S6). We were unable to determine the
order with respect to acid because the catalytic reaction is
optimal only at pH 5. This proposed mechanism is consistent
with the mechanism for hydrogen evolution MeCN solution
that we have previously reported.16

The mechanism for catalysis of hydrogen evolution by 22− is
different from that described above for 1−. Whereas 1− was
protonated twice subsequent to its reduction to 12−, CV
measurements indicated that 22− undergoes two successive
proton-coupled electron transfer events (Scheme 2): an initial

one proton, one electron step is followed by another one
proton, one electron step and then liberatation of dihydrogen
closes the catalytic cycle. This mechanism is also consistent
with the first order dependence on concentration of 22− which
we measured using CV (Supporting Information, Figure S6).
Estimation of Catalytic Rates. The rate of the catalytic

reactions performed by 1− and 22− was estimated from the CV
data collected over a range of scan rates, and analyzed using an
approximation that describes the behavior of pseudo-first-order
catalytic systems:

ν
=

j

j
RTk

F
2

0.466
c

p

obs

(9)

where jc is the catalytic current density, jp is the noncatalytic
current density, R is the ideal gas constant, T = 298.15 K, F =
Faraday’s constant, and υ = scan rate. This method for
obtaining kobs has been employed to analyze the rate constant
of various hydrogen evolving electrocatalysts,23 even though it
rigorously represents a means to obtain rate constants only for
simple pseudo-first-order systems with an EC′ mechanism.24
Approximations for kobs can be obtained for system that have
mechanisms more complicated than EC′ and so we provide the
information here to enable some comparison of these iron
catalysts with other electrocatalysts that have been reported in
the literature. For 22− a value for kobs was obtained using values
for jp that were taken from the reversible redox process
observed for 22− at −0.47 (pH 5), and values for jc were
obtained at −1.01 V vs SCE. The jc values for 2

2− are essentially
scan-rate independent between 5 and 10 V/s, and the plot of jc/
jp vs the inverse of the square root of the scan rate revealed a
straight line between 5 and 10 V/s (Figure 9). From the slope
of this line, kobs was determined to be 368 s−1.
No values of jp could be obtained from the CVs of 1−

because there are no noncatalytic redox events present. The

redox event at −1.25 V is a catalytic process and afforded us
only values of jc. The CVs recorded at scan rates from 0.1 up to
10 V/s for 1− did indicate that jc is approximately scan rate
independent above 3 V/s (Supporting Information, Figure S7).
To obtain a very rough estimate of kobs for 1

− we compared the
amount of charge passed in CPE experiments of both 1− and
22−. For 1− 68 C of charge were passed over 2 h whereas 38 C
of charge were passed in the same time during catalysis by 22−.
Multiplication of the kobs value for 22− by 68/38 affords an
approximate value of kobs for 1

− which is 659 s−1.

■ CONCLUSIONS
We have demonstrated that a series of low-valent iron clusters
are active catalysts for hydrogen evolution at pH 5 at −1.25 V
vs SCE. pH-dependent CV measurements indicated that the
mechanism of hydrogen evolution by the butterfly shaped
clusters containing nitride and carbide interstitial atoms consist
of electrochemical and protonation events: the sequence of
these events varies according to cluster charge. We propose that
these protonated clusters are intermediates in the mechanism
for hydrogen evolution and are essential for the observed
efficient generation of hydrogen. In contrast, square pyramidal
and octahedral carbide containing clusters do not associate with
protons upon reduction, are inefficient for hydrogen evolution,
and slowly rearrange to afford the butterfly shaped four iron
cluster under acidic conditions.
The aqueous stability and relatively positive operating

potential for hydrogen evolution by 1− and 22− from aqueous
solution are notable aspects of their function. These catalysts
also compare very favorably with other first row transition
metal electrocatalysts that effect hydrogen evolution from
aqueous solution. These butterfly shaped clusters have very
high Faradaic efficiencies, and they operate near neutral pH.
Moreover, the range of operating potentials, from −1.1 to
−1.25 V, and overpotential of 714 mV (pH 5), fall within the
range of the most effective first row transition metal
electrocatalysts, mainly cobalt- and nickel-based, reported to
date. It is not possible to accurately compare the rates of
catalysis based on the CPE measurements because factors such
as CPE cell design, electrode surface area, and even electrode
material vary greatly between reports available in the literature.
However, the reports of charge passed during CPE measure-
ments and our estimates of kobs indicate that 1− and 22− are
efficient catalysts for hydrogen evolution in aqueous solution.
Our future work will focus on further understanding the effects
of cluster size, composition, and structure on H+ and CO2
reduction.

Scheme 2

Figure 9. (left) CVs for [diglyme2Na]2-2 recorded at scan rates
between 0.1 and 10 v/s. GC electrode, pH 5. (right) Plot of jc/jp vs
inverse of the square root scan rate taken from the left panel.
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■ EXPERIMENTAL SECTION
X-ray Structure Determination. X-ray diffraction studies were

carried out on a Bruker SMART APEX Duo diffractometer equipped
with a CCD detector.25a Measurements were carried out at −175 °C
using Mo Kα (λ = 0.71073 Å) radiation. Crystals were mounted on a
glass capillary or Kaptan Loop with Paratone-N oil. Initial lattice
parameters were obtained from a least-squares analysis of more than
100 centered reflections; these parameters were later refined against all
data. Data were integrated and corrected for Lorentz polarization
effects using SAINT25 and were corrected for absorption effects using
SADABS2.3.
Space group assignments were based upon systematic absences, E

statistics, and successful refinement of the structures. Structures were
solved by direct methods with the aid of successive difference Fourier
maps and were refined against all data using the SHELXTL 5.0
software package.25 Thermal parameters for all non-hydrogen atoms
were refined anisotropically. Hydrogen atoms, where added, were
assigned to ideal positions and refined using a riding model with an
isotropic thermal parameter 1.2 times that of the attached carbon atom
(1.5 times for methyl hydrogens). One Level A Alert in the CIF file
was observed: “PLAT029_ALERT_3_A _diffrn_measured_fraction_-
theta_full Low.......0.939”. This was due to an incorrect diffractometer
setting. The installed 2θ maximum for the diffractometer was originally
set below the actual maximum achievable value, and this is the primary
reason the data have not been fully collected. This has little to no
effect on the resulting structure.
Electrochemical Measurements. Cyclic voltammograms were

recorded under a dinitrogen (99.998%, Praxair) atmosphere in Milli-Q
water (18 MΩ) using either a CH Instruments Electrochemical
Analyzer model 620D or a model 1100B, a glassy carbon working
electrode (CH Instruments, nominal surface area of 0.0707 cm2), a
platinum wire auxiliary electrode, and a Ag/AgCl(sat.)/1 M KCl
(Pine) reference electrode for aqueous experiments. Reported
potentials are all referenced to the SCE couple, and were determined
using ferrocene (Aldrich) as an internal standard where E1/2

ferrocene/ferrocenium is +0.159 V vs SCE in water.26 Phosphate
buffer was used for pH 2, 7, and 11.4, acetate for pH 5, and borate for
pH 9. Reagents for buffer preparation were purchased from EMD,
VWR, and Sigma, and used as received. The supporting electrolyte was
sodium perchlorate monohydrate (NaClO4·H2O) (Fisher Scientific)
and was used as received. In all cases, CV sweeps were initiated at the
open circuit potential and recorded in quiescent solution. No iR
compensation was used for electrochemical measurements.
Controlled Potential Electrolyses. CPE experiments were

performed in a gastight glass cell (working electrode compartment
volume of 258 mL) under 1 atm of static dinitrogen (Praxair,
99.998%) with a stirred solution. The counter electrode compartment
was separated from the working electrode compartment by a glass frit
of medium porosity. In a typical experiment, 72 mL of degassed
electrolyte solution were used in the working electrode compartment.
Gas samples were injected directly in to a GC (see Other Physical
Measurements). The working electrode was a glassy carbon plate with
area 2.84 cm2 (Tokai Carbon), while the counter electrode was a
coiled Pt wire approximately 30 cm in length (BASi). The reference
electrodes employed for CPE experiments were of similar design to
those used for CV measurements. In between CPE experiments, the
glass cell, the stir bar, the working electrode, and the counter electrode
were cleaned by sonication in 3% (v/v) nitric acid for 5 min, rinsed
with DI water, sonicated in DI water for 5 min, rinsed with DI water,
and then sonicated in methanol for 5 min, rinsed with DI water, and
then sonicated briefly in the solvent to be used during the next CPE
experiment and allowed to dry in an oven before use. The glassy
carbon plate had the additional, initial step of being thoroughly sanded
on all surfaces with 300 grit SiC paper and then 600 grit SiC paper and
rinsed with water prior to sonication steps.
Spectroelectrochemical measurements were performed using a

gastight solution IR cell with CaF2 windows, which could be loaded
directly by attachment to the luer-lock syringe. Samples were taken

before and after the CPE experiment using a gastight syringe, and
loaded into the IR cell.

Other Physical Measurements. Elemental analyses were
performed by Columbia Analytical. Infrared spectra were recorded
on a Bruker Tensor Infrared spectrometer, and UV−vis spectra were
collected in an air free manner using an HP 8452A Diode Array
Spectrophotometer and a quartz cell (Starna) with a 1 cm path length.
Quantitative measurement of H2 was performed on a Varian 3800 GC
equipped with a TCD detector and a Carboxen 1010 PLOT fused
silica column (30 m × 0.53 mm) (Supelco) using dinitrogen
(99.999%, Praxair) as the carrier gas. One-hundred microliter samples
of the CPE atmosphere were extracted using a gastight syringe (Vici)
and injected directly into the GC. H2 concentration was determined
using a previously prepared working curve. pH measurements of
aqueous solutions were performed using a VWR SympHony pH meter
with a posi-pHlo glass electrode. The estimated error for reported pH
values is ±0.1 pH units. The meter was calibrated prior to use using a
3 point calibration with standard buffers (BDH) of pH 4, 7, and 10.

Preparation of Compounds. All manipulations were carried out
using standard Schlenk or glovebox techniques under a dinitrogen
atmosphere. Unless otherwise noted, solvents were deoxygenated and
dried by thorough sparging with Ar gas followed by passage through
an activated alumina column. Diglyme was purchased in a Sureseal
bottle, degassed, and stored over activated 3 Å molecular sieves.
Deuterated solvents were purchased from Cambridge Isotopes
Laboratories, Inc. and were degassed and stored over activated 3 Å
mo l e c u l a r s i e v e s p r i o r t o u s e . N a 2 [ F e (CO) 4 ] ,

2 7

[diglyme2Na]2[Fe4(C)(CO)12] , [Et4N]2[Fe4(C)(CO)12] ,
[DME2Na]2[Fe5(C)(CO)15], [Et4N]2[Fe5(C)(CO)15], and
[DME2Na]2[Fe6(C)(CO)18] were prepared by methods similar to
those reported in the literature. Synthesis of [diglyme2Na][Fe4(N)-
(CO)12] was adapted from a literature report and is described here
because it is sufficiently different and because structural character-
ization was not previously reported.11 All other reagents were
purchased from commercial vendors and used without further
purification.

[(diglyme)2Na][Fe4(N)(CO)12] (diglyme2Na-1). Diglyme (70
mL) was added to a mixture of Na2[Fe(CO)4] (6.6 g, 31.43 mmol)
and Fe(CO)5 (32.0 g, 163 mmol). The reaction was stirred for 2 h and
then NOBF4 (3.60 g, 30.8 mmol) was slowly added. The solution was
heated to 160 °C or reflux for 2 h and then cooled. Hexane (ca. 100
mL) was added to afford a black precipitate which was isolated by
removal of the supernatant via cannula. The black precipitate was
washed with water (3 × 100 mL), and then extracted into dry DCM
(50 mL). Ethanol (50 mL) was added into the DCM solution, and the
volume of the solvent reduced by half under vacuum. The solution was
stored at −20 °C for one week to afford 12.0 g of 1 as a black
crystalline powder (75% yield). Crystals suitable for single crystal X-
ray diffraction could be grown by evaporation of a H2O-THF (v/v 9:1)
solution of 1. IR spectrum: υCO 2016(s), 1987(s), 1965(m), 1930(m)
cm−1. Anal. Calcd. for C24H28O18NNaFe4: C, 33.33; H, 3.26; N, 1.62.
Found: C, 33.62; H, 3.45; N, 1.46. UV−vis spectrum (H2O): λmax
(εM): 294 nm (43,000), (sh) 352 nm (18,000), (sh) 580 (900) nm (L
mol−1 cm−1).
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