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ABSTRACT
The design of efficient electrocatalysts based on cheap first-row transition metals
for the oxidation and production of H2 is important for the development of renewable
energy sources. This work focuses on utilizing computational methods to investigate the
effects of ligand modification and ligand protonation on metal oxime H2 evolution
electrocatalysts. A series of diimine-dioxime complexes, M(DO)(DOX)pn
[(DO)(DOH)pn = N2,N2′-propane-1,3-diylbis(2,3-butanedione-2-imine-3-oxime), (M=Fe,
Co, Ni)] and dimethylglyoxime complexes, M(dmg2X1-X2) with proton- or BF2-bridging
units X, are studied in acetonitrile and water solvents. Density functional theory is used to
calculate MII/I reduction potentials and relative pKa values for ligand protonation. The
calculated relative pKa’s allow us to determine the likelihood of protonation and imply
that O-H-O bridges but not O-BF2-O bridges can become protonated. The calculated MII/I
reduction potentials indicate that the anodic shift due to ligand protonation is greater than
the anodic shift due to the replacement of the O-H-O bridge with the O-BF2-O bridge for
cobalt and nickel, but not for iron complexes. Even though the cobalt complex with two
O-H-O bridges has the most positive MII/I reduction potentials, it would degrade based on
experimental data. The overpotential required for H2 evolution often relates to the MII/I
reduction potential for these types of electrocatalysts. Therefore, the prediction from this
study shows that asymmetric cobalt, nickel, and iron complexes with strongly electronwithdrawing substituents containing only one O-H-O bridge are effective H2 evolution
electrocatalysts with relative low overpotential in acetonitrile and water.
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Chapter 1

Introduction
Fossil fuels are currently mankind’s major energy resource, but the use of fossil
fuels poses two problems: first, the reserves of fossil fuels are rapidly diminishing, and
second, burning fossil fuels produces greenhouse gases.1 In order to meet growing global
energy demand and reduce environmental concerns, the development of alternative and
sustainable energy sources is in demand.2 Solar energy, wind, geothermal heat, tides, and
biomass are all renewable resources; however, in terms of feasibility and fundamental
scientific perspective, solar energy is the most attractive alternative energy source.2
In nature, photosynthesis allows green plants to convert solar energy into
chemical energy by reducing CO2 to carbohydrates and oxidizing water to oxygen.2
These biological processes have inspired scientists to develop processes to transform
solar energy into fuels. Solar cells appear to be one of the most promising energy
technologies, which convert solar energy directly into electricity.2 Actually, the energy of
sunlight reaching the earth in one hour is more than the energy required for human
development in one year.1 Therefore, finding a way to store the solar energy would be a
desirable way to solve the upcoming energy crisis. The most attractive method for this
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energy conversion and storage is in the form of chemical bonds, such as hydrogen from
water splitting, or methanol from CO2 reduction.3 Hydrogen is considered an attractive
clean fuel candidate for solar energy storage. Hydrogen production, either through the
reduction of water in electrolysis (if the electricity is initially obtained from solar energy)
or achieved by an artificial photosynthetic system, is currently one of the most convenient
ways to store renewable energy.2
Water splitting consists of both oxygen evolution reaction (OER) and hydrogen
evolution reduction (HER) (Scheme 1-1).

4H + + 4e− → 2H 2
2H 2O → O2 + 4H + + 4e −
2H 2O → O2 + 2H 2
Scheme 1-1. Water splitting equations
The water oxidation reaction requires a four proton-electron transfer process to
form the O-O bond and is generally considered as the bottleneck of the whole water
splitting process. As for the water reduction, it requires a two proton-electron process and
is slow if no catalysts are present. The standard potential for HER is dependent on the
acid strength and can be described by
o
EHA/H
= EHo + /H −
2
2

2.303RT
pK a,HA ,
F

o
where EHA/H
is the standard potential for hydrogen evolution, EHo + /H is the solvated H+/H2
2
2

potential in a given solvent and K a,HA is the acid dissociation constant for the proton
source.3 It is thermodynamically impossible for HER to occur at less negative potentials
o
than EHA/H
, and the most effective catalysts will operate at a potential as close as
2

3
o
possible to EHA/H
. Many hydrogen fuel cells are dependent on the use of platinum as an
2

electrocatalyst.2 However, the use of this rare metal incurs high costs for real-world
applications. As such, the development of new effective catalysts for hydrogen
production based on cheap first-row transition metals has been a long-time goal for
chemists.4
Significant achievements have been made in recent years in designing efficient
molecular catalysts for hydrogen production. Hydrogenases, which are very efficient
enzymatic catalysts for the generation of H2, have inspired studies focused on the
synthesis and characterization of hydrogenase mimics.5 These complexes usually contain
binuclear active sites FeFe, NiRu, NiMn, and NiFe.4,6 In addition to these biomimics, a
number of nonbiomimetic synthetic molecules based on Fe, Co, and Ni were also shown
to be efficient homogenous H2 evolution catalysts.7-9
The electrocatalyzed process for H2 evolution is demonstrated by means of cyclic
voltammograms (CVs). CVs are plots of measured current versus applied potential. In a
CV, the applied potential ramps linearly versus time. During a cathodic sweep, electrons
are flowing from the electrode to the molecules in the solution; a positive current peak
will be observed when a reduction process happens. When the applied potential is
reversed (an anodic sweep), a negative current peak will be observed when an oxidation
process happens, indicating electrons are flowing from the molecules in solution back to
the electrode. If the reduction and the oxidation process occur at the same potential, a
reversible wave appears. Instead, if a chemical step such as protonation or another side
reaction happens right after the reduction process, an irreversible wave appears.
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Generally, to study H2 evolution, CVs are recorded in the presence of an increasing
amount of proton source. Catalytic hydrogen evolution is indicated by a growth in the
height of an irreversible wave with increasing acid concentration. The increase in the
height of the irreversible peak is interpreted as the production of H2 and the continuous
catalytic cycle that generates more current. The evolved H2 is generally confirmed
experimentally by a method such as gas chromatography.4 As mentioned above, the most
effective catalysts will operate at a potential as close as possible to the HA/H2 potential;
thus we can use the potential at which H2 evolved extracted from CVs to compare the
effectiveness of different electrocatalysts.4 The overpotential, the difference between the
standard potential for reduction of the acid to H2 and the actual applied potential to the
system to make the reduction occur, is one of the parameters that indicates the
effectiveness of electrocatalysts.4 Metal complexes that catalyze the reduction of protons
to H2 at a low overpotential would be considered as effective electrocatalysts.
In the early 1980’s, Espenson and co-workers reported that Co(dmgBF2)2(L)2 (1,
Figure 1-1, dmgBF2 = difluoroboryl-dimethylglyoxime) catalyzes the reduction of
protons to hydrogen in acidic aqueous solution in the presence of reducing agent
chromous ion; however proton-bridged cobaloximes Co(dmgH)2(L)2 (2, Figure 1-1,
dmgH = dimethylglyoxime) degrade in the presence of acid.10,11 Recently in 2005, Hu et
al. reported that complex 1 catalyzes H2 production in acetonitrile (MeCN) in the
presence of moderate to strong acid at a relatively modest reduction potential.12
Meanwhile, Razavet et al. showed that complex 2 catalyzes H2 evolution in acidic
dimethylformamide solution but at a much more negative reduction potential.13 The CV
studies of complexes 1-2 in MeCN show that the CoII/I reduction potential of BF2-bridged
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complexes is ~0.5 V more positive than the corresponding H-bridged counterparts.14
Since then, cobaloxime complexes have received extensive investigation
experimentally7,15 and computationally.16-18
The proposed mechanism for proton reduction by cobaloxime-based catalysts is
shown in Figure 1-2.

Homolytic A

Homolytic B

Heterolytic A

Heterolytic B

Figure 1-2. Homolytic and heterolytic mechanism for hydrogen evolution catalyzed by
cobalt complexes.
First, CoIII-hydride is formed after CoIII is reduced to a CoI species and
subsequently protonated. The CoIIIH can then react with another metal-hydride to
eliminate H2 via a homolytic mechanism (Figure 1-2-Homolytic A), or it can release H2
by protonation from an acid and generate CoIII that is subsequently reduced in a
heterolytic pathway (Figure 1-2-Heterolytic A). Alternatively, the CoIIIH can be reduced
further to yield CoIIH, which can react via an analogous homolytic (Figure 1-2-
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Homolytic B) or heterolytic (Figure 1-2-Heterolytic B) pathway.4 The relative
probability of each pathway is dependent on the chemical properties (such as metal
hydricities, pK a values, and redox potentials) of the intermediates involved and the acid
strength of the proton source. Experimental studies of cobaloxime-based catalysts
indicate that H2 production occurred at a potential near the CoII/I reduction potential in
acidic solution.5,7,12 With a moderate to strong acid, the catalytic waves were observed
near the CoII/I potential. With a weak acid, since CoI is not basic enough to be protonated,
the catalytic waves were observed near the CoI/0 potential.5 Theoretical studies of a series
of cobaloxime catalyst Co(dRgBF2)2 with different diglyoxime substituents (R) led to a
linear relationship between electron donating/withdrawing character of these substituents
and the chemical properties of the catalysts.17 Catalysts with more strongly electron
withdrawing groups are associated with more positive CoII/I reduction potentials and
more negative metal hydride pK a values.17
More recently, a new family of Ni and Co diimine-dioxime complexes has been
reported as efficient and stable electrocatalysts for hydrogen evolution in acidic
nonaqueous solutions.8 The H-bridged cobalt diimine-dioxime complex
Co[(DO)(DOH)pn(L)2] [3, Figure 1-1, (DO)(DOH)pn = N2,N2′-propane-1,3-diylbis(2,3butanedione-2-imine-3-oxime)] exhibits a more negative CoII/I reduction potential than
BF2-bridged analogues Co[((DO)2BF2)pn(L)2] (4, Figure 1-1) in the absence of acid.8 The
operating potential of the corresponding BF2-bridged nickel diimine-dioxime
Ni[(DO)2BF2)pn](5, Figure 1-1) also demonstrates an anodic shift compared to the
proton-bridged complex Ni[(DO)(DOH))pn](6, Figure 1-1) in the absence of acid. In
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terms of the overpotential required for H2 evolution, Ni complexes require ~100 mV
more overpotential than cobalt complexes.8 In acidic conditions, the anodic shift for the
electrocatalytic wave, corresponding to the CoII/I reduction, is observed when going from
BF2-bridging (complex 4) to H-bridging (complex 3).8 This anodic shift can be attributed
to protonation at the O-H-O bridge, yielding a species that is easier to reduce.8
Since using water as an energy source is the ultimate goal for H2 production, in
2012, Peters and coworkers19 studied the proton-bridged cobalt diimine-dioxime catalyst,
complex 3, along with BF2-bridged and proton-bridged cobalt diglyoxime catalysts,
complexes 1-2, in acidic aqueous solution. For proton-bridged diimine-dioxime
complexes, the catalytic peak potentials have a linear relationship with pH. For a pHdependent redox couple, the measured half-wave potential, E1/2 , can be described by the
Nernst equation,

m
E1/2 = E o' − 0.059( )pH
n

(1.1)

where E o' is the hypothetical formal potential at which the proton-coupled redox process
occurs at pH=0, m is the number of protons, and n is the number of electrons.20 The
operating potential of complex 3 exhibits a Nernstian response of ca. -60 mv/pH unit,
which is consistent with a one-electron, one-proton process (eq (1.1) specifies a 59
mV/pH unit dependence), and was proposed to involve protonation of the ligands. In
contrast, pH did not affect the catalytic peak potential catalyzed by Co(dmgBF2)2,
indicating BF2-bridged cobalt complex cannot be protonated at the ligands, and
Co(dmgH)2 failed to catalyze the hydrogen evolution reaction due to degradation in
acidic solution.
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Related fluorinated diglyoxime-iron complexes were also studied in acetonitrile.
Most notably, the monofluoroborated, proton-bridged complex Fe[(dArFg2H- BF2)(L)2])
(7, Figure 1-1, dArFg2 = dipentafluorophenylgloxime) required less overpotential than the
difluoroborated analogue Fe[(dArFgBF2)2(L)2] (8, Figure 1-1) in the presence of acid. The
doubly proton-bridged iron complex revealed more negative FeII/I reduction potentials
than the BF2-bridged complex in the absence of acid.21
Based on these observations, an interesting trend emerges: in the presence of acid,
H-bridging, due to the protonation of the O-H-O site that generates species easier to be
reduced, can shift H2 production potentials anodically, and the shifts are correlated to the
acid strength. In the absence of acid, anodic shifts were also observed going from Hbridging to BF2-bridging. Thus, the interchanging between BF2-bridging and H-bridging
leads to a connection between ligand modification and the electrocatalytic potential.
There are many combinations of BF2-bridging and H-bridging complexes, but not all of
them have been examined experimentally. One such example is the asymmetric Co and
Ni diglyoxime complexes with a single O-H-O bridge and a single O-BF2-O bridge,
which might be promising candidates for effective H2 evolution. Inspired by the earlier
theoretical work,16,17 we utilized computational methods to shed more light on ligand
modification and ligand protonation and their impact on designing more effective
molecular electrocatalysts for H2 production.
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Figure 1-1. Molecular structures for the various Co, Ni, and Fe complexes. L is typically
H2O or CH3CN. Generally, CoII and FeII complexes have two axial ligands, whereas NiII
complexes have no axial ligand. The detailed discussions of the presence or absence of
axial ligands are in Section A of Chapter 3.
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Chapter 2

Methods

A. Defining the systems.
Figure 2-1 depicts the model systems considered in this study. A is diiminedioxime complex, and B is diglyoxime complex. In these two model systems, O-H-O and
O-BF2-O are the linking bridges. Cobalt, nickel, and iron complexes with various axial
ligands were examined here.

A

B

Figure 2-1. Diimine-dioxime (A) and diglyoxime (B) electrocatalysts with various metal
centers (M=Fe, Co, Ni), various axial ligands (L=CH3CN, H2O), and various linking
bridges (X=H, BF2).
B. Computational details.
All calculations were performed using density functional theory (DFT) with the
B3P86 functional22,23 as implemented in the Gaussian 09 program package.24 The 6311+G** basis set was used for all the atoms.25-29 The density functional and basis set
were chosen based on the benchmark work of Solis et al.,16 who examined the effect of
functional type and basis set on Co electrocatalysts similar to those studied here. All
molecules were optimized in the gas phase. A vibrational frequency analysis was carried
out in order to confirm the minimum geometry and determine the zero-point energy and
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thermal corrections. The gas-phase geometry was used for all of the solution-phase
calculations, and test calculations showed that the change of geometry in solvent is
usually not significant. Solvation is described by the conductor-like polarizable
continuum model (C-PCM)30,31 using Bondi atomic radii32 and included the
nonelectrostatic contributions resulting from dispersion,33,34 repulsion,34 and cavity
formation.35 All complexes were calculated as low-spin, as indicated by experimental
analyses.36,37
C. Calculation of Reduction Potential and pK a values.
The reduction potentials and pK a values were calculated using the Born-Haber
cycle in conjunction with isodesmic reactions utilizing related, experimentally studied
reference complexes.

Scheme 2-1. Born-Haber cycle for free energy of reaction
The Born-Haber cycle, as shown in Scheme 2-1, relates the reaction free energy
o
o
in solution, ΔGsolv
, to the reaction free energy in the gas phase, ΔGgas
, and the solvation

free energies of product and reactant species, ΔGso (P) and ΔGso (R) , respectively38
o
o
ΔGsolv
= ΔGgas
+ ΔGso (P) − ΔGso (R)

(2.1)
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o
o
o
where ΔGgas
, which includes the zero-point energy and entropic
= ΔH gas
− T ΔSgas

corrections from the vibrational frequencies at T = 298.15 K.

Scheme 2-2. Born-Haber cycle for redox process
The reduction reaction can be expressed by the Born-Haber cycle described
above, as shown in Scheme 2-2, in which R is the oxidized species and free electron and
P is the reduced species. The free energy of the electron in the gas phase has been
discussed in the literature,39 and the use of this quantity can be avoided by using
isodesmic reactions as described below. The reduction potential is determined by,
o,red
ΔGsolv
where F is the Faraday constant.
E =−
F ,
o

Scheme 2-3. Born-Haber cycle for deprotonation process
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The pK a values were calculated using an approach similar to that described
above. In this case, as shown in Scheme 2-3, R is the protonated molecule and P is the
deprotonated molecule and the free proton. The gas-phase free energy and the solvation
free energy of the proton have been discussed in the literature,39 but the use of isodesmic
reactions can avoid the determination of these quantities. The pK a is defined as

pKa =

o,pKa
ΔGsolv
, where R is the universal gas constant and T is the temperature.
RT ln(10)

Scheme 2-4. Isodesmic reaction
Due to the limitations of practical basis sets and exchange-correlation functionals,
it is difficult to make absolute calculations of reduction potentials and pK a values.
Relative calculations involving isodesmic reactions are used to eliminate systematic
errors. An example of an isodesmic reaction is shown in Scheme 2-4; we focus on the
free energy change ΔG o (Rxn) of the electron-exchange reaction X+Ref − → X − + Ref ,
which can be easily calculated using the Born-Haber cycle described above.
On the basis of eq (2.1), we have
o
o
ΔGsolv
(Rxn) = ΔGgas
(Rxn) + ΔGso (X− ) − ΔGso (X) + ΔGso (Ref ) − ΔGso (Ref − ) (2.2)

Using the isodesmic reaction in Scheme 2-4, we obtain
o
!Gsolv
(Rxn) = "FE o (X) + FE o (Ref) (2.3)
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If we use the experimental reduction potential E o (Ref) of the reference compound, the
reduction potential of the investigated compound X can be calculated by

E o (X) = !

o
"Gsolv
(Rxn)
+ E o (Ref)
F
(2.4)

Similarly, the pK a value of the investigated compound can be obtained from
o
!Gsolv
(Rxn)
pK a =
+ pK a (Ref)
RT ln(10)

(2.5)

The major advantages of using isodesmic reactions to calculate relative reduction
potentials and pK a values is that we do not need to use the gas phase free energy of the
electron and proton and the solvation free energy of proton. Furthermore, we can take
into account axial ligand loss effects without calculating the free energy of self-solvation
for the ligand. In addition, this approach removes systematic errors due to the limitations
of the computational methods.
Five reference reactions are used in the isodesmic reactions:

A: Co II (DO)(DOH)pn(CH3CN) 2 + + e − → Co I (DO)(DOH)pn(CH 3CN) + CH3CN
o
ERefA
= −1.11V vs Fc+ / Fc in CH3CN

B: Co II (DO)(DOH)pn(H 2 O)2 + + e− → CoI (DO)(DOH)pn(H 2 O) + H 2 O
o
ERefB
= −0.70V vs SCE in H 2 O at pH 1.2

C: Ni II (DO)(DOH)pn + + e− → Ni I (DO)(DOH)pn
o
ERefC
= −1.22V vs Fc + / Fc in CH 3CN

D: FeII (DO)(DOH)pn(CH3CN)2 + + e− → FeI (DO)(DOH)pn(CH3CN) + CH3CN
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o
ERefD
= −2.13V vs Fc+ / Fc in CH 3CN

E: CoII (DO)(DOH)pn...H → CoII (DO)(DOH)pn + H+
Above, A is the reduction of a cobalt diimine-dioxime complex, Co(DO)(DOH)pn, in
CH3CN with ligand loss, and it is used as the reference in the isodesmic reaction to
calculate CoII/I reduction potentials in CH3CN. B is the reduction of Co(DO)(DOH)pn in
H2O at pH 1.2 with ligand loss, and it is used as the reference to calculate CoII/I reduction
potentials in H2O. C is the reduction of a nickel diimine-dioxime complex,
Ni(DO)(DOH)pn, in CH3CN without ligand loss, and it is used to calculate NiII/I
reduction potentials in CH3CN. D is the reduction of an iron diglyoxime complex,
Fe(dmgBF2)2, in CH3CN with ligand loss, and it is used to calculate FeII/I reduction
potentials in CH3CN. E is the deprotonation of protonated Co(DO)(DOH)pn in the
specified solvent. Note that the pK a value of protonated Co(DO)(DOH)pn is unknown,
but we calculate the relative pK a ’s of protonated complexes with respect to it.
Qualitatively, a larger relative pK a corresponds to a greater thermodynamic probability
of ligand protonation. There is experimental evidence that Co(DO)(DOH)pn becomes
protonated in both CH3CN8 and water.19 Thus, positive (or only slightly negative) relative
pKa’s indicate that ligand protonation is thermodynamically favorable.
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Chapter 3

Results

Portions of this chapter are taken directly from the paper submitted to Inorganic
Chemistry.
A. Structure, Axial Ligand, and Protonation Site
All of the complexes are fully optimized starting from the crystal structures when
available. The crystal and optimized structures of CoII(DO)(DOH)pn(H2O)2 are shown in
Figure 3-1. Selected M–Nimine and M–Nacetonitrile bond lengths are listed in Table 3-1. The
structure is in excellent agreement with the available crystallographic data.19

Figure 3-1. The crystal structure (left) and optimized CoII(DO)(DOH)pn(H2O)2 (right)
Table 3-1: Selected Optimized Bond Lengthsa
Solvent

M–L b

M–Nimine

Reference

CoII(DO)(DOH)pn

H2 O

2.36 (1.91)

1.91 (1.92)

ref 19

NiII(DO)(DOH)pn

CH3CN

N/A

1.89 (1.88)

ref 8

CH3CN

1.90 (1.89)

1.90 (1.94)

ref 39

Complex

II

Fe (dmgBF2)2
a

Values given in Angstroms. Values in parentheses are experimental distances obtained
from crystal structures provided in the indicated reference.
b
Distance is from metal to O or N of axial solvent ligand.
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The presence or absence of axial ligands can vary during reduction. Based on
experimental crystal structures,8,19,36,40 CoII(dpgBF2)2 (dpg = diphenylglyoxime) has two
axial acetonitrile ligands40 and CoI(dpgBF2)2 has one axial acetonitrile ligand.40
Moreover, theoretical analysis of Co(dmgBF2)2 in acetonitrile16 indicates axial ligand loss
during the CoII/I reduction. FeII(dmgBF2)2 has two axial acetonitrile ligands36 according to
the crystal structure. FeI complexes in principle are five-coordinate, and optimization of
FeI(dmgBF2)2 with two axial ligands showed that one ligand would dissociate, suggesting
that FeI has only one solvent ligand. NiII(DO)(DOH)pn has no axial ligands in the crystal
structure;8 therefore the NiI complex is not expected to have axial solvent ligands. Based
on the above analyses, optimizations were performed with two axial solvent ligands for
CoII and FeII, one solvent ligand for CoI and FeI, and no solvent ligands for NiII and NiI.
Complexes with varying numbers of solvent ligands were optimized to confirm the
number of ligands that could be bound in stable configurations. The diimine-dioxime
and diglyoxime ligands are square-planar macrocycles, and all complexes remained in the
square planar geometry upon optimization.
B. Reduction potentials and pKa’s
The following complexes were synthesized with different axial ligands that are
thought to be replaced by solvent ligands in solution: Co(DO)(DOH)pn was synthesized
with axial bromide ligands, Co(dmgH)2 was synthesized with axial water ligands, and
Co(dmgBF2)2 was synthesized with axial acetonitrile ligands. Once synthesized, they
were experimentally studied in water and/or acetonitrile. Thus, they are considered to be
either with water or acetonitrile axial ligands in the study.
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The presence of axial bromide ligands has been shown to cathodically shift
reduction potentials of Co(TIM) (TIM = 2,3,9,10-tetramethyl-1,4,8,11tetraazacyclotetradeca-1,3,8,10-tetraene) in acetonitrile when compared to axial
acetonitrile ligands. In this case, experiments showed that the bromide axial ligands were
not replaced by acetonitrile ligands, and the CoII/I reduction potential of Co(TIM) in
acetonitrile was cathodically shifted 20 mV, 50 mV, and 70 mV for the methylsubstituted, trans-methyl-phenyl-substituted, and phenyl-substituted complexes,
respectively.7 The axial ligands of the complexes studied in this thesis, however, are
expected to be replaced by solvent ligands in solution.
The CoII/I reduction potentials calculated in acetonitrile and water are given in
Table 3-2. In acetonitrile, the calculated CoII/I reduction potentials are in excellent
agreement with the experimental values. In water, the calculated reduction potential of
Co(dmgBF2)2 is in reasonable agreement with the experimental peak potential. An anodic
shift of ~300 mV is observed when the O-H-O bridge is replaced with an O-BF2-O or
propane bridge in both acetonitrile and water. In acidic solution, protonation at the
glyoxime bridge results in a greater shift in all cases except for Co(dmgH)2. In both
solvents, the Nernstian response due to ligand protonation is slightly greater than the
effect of modifying the oxime bridge. Figure 3-2 depicts the structural changes that occur
upon ligand protonation of CoII(DO)(DOH)pn.
Table 3-3 provides the pKa’s calculated for these Co complexes relative to the pKa
of protonated Co(DO)(DOH)pn, which has been shown to exhibit a Nernstian response in
acetonitrile and water.8,19 The extremely negative values of the calculated relative pKa’s
for protonated Co(DO)2(BF2)pn and Co(dmgBF2)2 suggest that protonation at the O-BF2-
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O interface is thermodynamically unfavorable both before and after reduction.
Protonation of CoII(DO)(DOH)pn at the oxime nitrogen in acetonitrile is even less
thermodynamically probable, with a relative pKa of –16.2. Protonation at the imine
nitrogen has a calculated relative pKa of –9.9 in acetonitrile, suggesting that complexes
without oxime bridges, such as Co(TIM), are unlikely to exhibit Nernstian responses.
We also considered the possibility of protonation at both O-H-O bridges for
Co(dmgH)2. The relative pKa’s for the second protonation of Co(dmgH)2 in acetonitrile
are –0.6 for CoII and 7.7 for CoI, suggesting that ligand protonation is thermodynamically
favorable at both O-H-O bridges. For this doubly protonated species, the CoII/I reduction
potential is –0.63 V vs Fc+/Fc, which is more positive than the value for the singly
protonated species. Thus, the calculations predict that protonation of both O-H-O bridges
would lead to a significantly greater anodic shift than observed for the singly protonated
species (i.e., 800 mV vs 300 mV). However, experimental evidence suggests that
diglyoximes with two O-H-O bridges readily degrade in acidic solution, possibly due to
the weakening of the hydrogen bonding in the glyoximato macrocycle.10 Therefore,
asymmetric Co complexes with a single O-H-O bridge are predicted to be effective and
stable electrocatalysts.
To investigate the impact of the metal center on these trends, we calculated the
FeII/I and NiII/I reduction potentials in acetonitrile, as given in Table 3-4. The calculated
anodic shift upon replacing the O-H-O bridge in Ni(DO)(DOH)pn with O-BF2-O is 360
mV, which is in qualitative agreement with the experimentally observed shift of 250 mV.8
The calculated FeII/I reduction potential shifts 620 mV anodically when the O-H-O bridge
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of Fe(DO)(DOH)pn is replaced with an O-BF2-O bridge. This shift is in good agreement
with the ~640 mV anodic shift in the FeII/I couple observed in cyclic voltammetry when
the O-H-O bridge of Fe(dArFg2H-BF2) is replaced with O-BF2-O.36 In terms of ligand
protonation, the calculations indicate that protonation of the O-H-O bridge of the
M(DO)(DOH)pn complexes results in a 420 mV and 630 mV anodic shift of the FeII/I and
NiII/I reduction potentials, respectively. The calculated NiII/I reduction potential of the
protonated Ni(DO)(DOH)pn is 360 mV more positive than the experimental peak
potential in the presence of three equivalents of p-cyanoanilinium (pKa = 7.6 in
acetonitrile),8 suggesting that the complex requires a stronger acid for complete
protonation. In contrast to the Ni and Co complexes, the anodic shift due to protonation
of Fe(DO)(DOH)pn is less than the anodic shift due to replacement of the O-H-O bridge
with O-BF2-O (420 mV vs 620 mV shift). This trend is also observed experimentally for
the FeII/I reduction potentials of Fe(dArFg2H-BF2) and Fe(dArFgBF2)2.36
Typically Fe diimine-dioxime and diglyoxime electrocatalysts require large
overpotentials, but the strongly electron withdrawing substituents of Fe(dArFgBF2)2 and
Fe(dArFg2H-BF2) lead to operating potentials of –0.9 V and –0.8 V vs SCE, respectively,
in CH2Cl2.36 The substituents are so strongly electron withdrawing in Fe(dArFgBF2)2 that
the catalytic peak is identified as the FeI/0 couple, presumably because the FeI complex
cannot become protonated to form an FeIII-hydride. According to this analysis, the
replacement of one O-BF2-O bridge with an O-H-O bridge decreases the ligand electron
withdrawing effect enough that FeI can become protonated, thus allowing Fe(dArFg2HBF2) to catalyze H2 evolution at the more positive FeII/I couple. Therefore, asymmetric
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Fe complexes with strongly electron withdrawing substituents are also expected to be
effective H2 evolution electrocatalysts.

Figure 3-2. Gas phase optimized CoII(DO)(DOH)pn with and without ligand protonation.
The O-H-O bridge is circled for clarity.
Table 3-2: CoII/I Reduction Potentialsa
Eo(CoII/I)

Eo(CoII/I…H)b
CH3CN
c

Co(DO)(DOH)pn

–1.11 (–1.11)

–0.73 (ca. –0.78)d

Co(DO)2(BF2)pn

–0.83 (–0.84)

–0.46

Co(dmgH)2

–1.43 (–1.48)

–1.11

Co(dmg2H-BF2)

–1.03

–0.71

Co(dmgBF2)2

–0.80 (–0.93)

–0.52
H2 O

a

Co(DO)(DOH)pn

–1.09

–0.70 (–0.70)c

Co(DO)2(BF2)pn

–0.77

–0.41

Co(dmg2H-BF2)

–1.04

–0.72

Co(dmgBF2)2

–0.81 (ca. –0.65)

–0.36

Values given in Volts vs Fc+/Fc in CH3CN and Volts vs SCE in H2O. Values in
parentheses are experimental from ref 12 in CH3CN and ref 13 in H2O. b Protonation
occurs at the O-BF2-O bridge for complexes without an O-H-O bridge and at the O-H-O
bridge otherwise. c E1/2(CoII/I) for Co(DO)(DOH)pn in CH3CN [or Ep(CoII/I) in H2O at pH
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1.2] is the reference and therefore agrees with experiment by construction. d Experimental
value is Ep(CoII/I) with p-cyanoanilinium.8
Table 3-3: Relative pKa’s of Cobalt Complexesa
CoII…H

CoI…H

CoII…H

CH3CN

CoI…H
H2 O

Co(DO)(DOH)pn

0.0b

6.4

0.0b

6.6

Co(DO)2(BF2) pn

–15.1

–8.8

–16.7

–10.6

Co(dmgH)2

4.6

10.0

N/A

N/A

Co(dmg2H-BF2)

3.5

8.9

2.1

7.6

Co(dmgBF2)2

–13.1

–8.3

–16.7

–9.0

a

Values are in pKa units for the specified solvent. Protonation occurs at the O-BF2-O
bridge for complexes without an O-H-O bridge and at the O-H-O bridge otherwise. b
pKa’s are relative to the pKa of protonated Co(DO)(DOH) in the specified solvent.

Table 3-4: MII/I Reduction Potentials of Fe and Ni Complexesa
Eo(FeII/I)

Eo(FeII/I…H)b

M(DO)(DOH)pn

–2.64

–2.22

M(DO)2(BF2)pn

–2.02

N/A

M(dmgBF2)2

–2.13 (ca. –2.13)c

N/A

Eo(NiII/I)

Eo(NiII/I…H)b

M(DO)(DOH)pn

–1.22 (–1.22)c

–0.59 (ca. –0.95)d

M(DO)2(BF2)pn

–0.86 (–0.97)

N/A

M(dmgBF2)2
–0.97
N/A
+
Values given in Volts vs Fc /Fc in CH3CN. Values in parentheses are experimental
from ref 41 (shifted from SCE with –0.38 V)42 for Fe and ref 8 for Ni. b Protonation
a
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occurs at the O-H-O bridge. c E1/2(MII/I) for Fe(dmgBF2)2 and Ni(DO)(DOH)pn in
CH3CN were the references for Fe and Ni complexes, respectively, and agree with
experiment by construction. d Experimental value is Ep(NiII/I) with p-cyanoanilinium.8
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Chapter 4

Conclusions

Cheap first-row transition metal-based hydrogen evolution catalysts have received
growing interest in recent years. Together with experimental results, theoretical methods
provide an increased understanding of the chemical properties of these catalysts and can
assist in the design of more effective cobalt-based catalysts.
In this work, we calculated the MII/I reduction potentials and the M…H relative
pKa’s for a series of diimine-dioxime and diglyoxime electrocatalysts. Comparison of the
calculated reduction potentials to the experimentally determined values indicates that this
approach provides quantitative relative reduction potentials. Calculations of relative
pKa’s for protonated Co complexes provide insight into the possibility of protonation at
proton-bridges and BF2-bridges. Analysis of the impact of ligand modification and
protonation implies that asymmetric Co, Ni and electron-withdrawing substituted Fe
diimine-dioxime and diglyoxime complexes are promising electrocatalysts that require
relatively modest overpotentials. The investigation of O-H-O bridge modification and
protonation can assist in the design of more efficient non noble metal based catalysts in
aqueous media.
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