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Abstract 
 

Earth-abundant Transition Metal Complexes for Catalytic Proton and Carbon Dioxide Reduction 

 

By Van Sara Thoi 

Doctor of Philosophy in Chemistry 

University of California, Berkeley 

Professor Christopher J. Chang, Chair 

 

The immediacy of global climate change and depletion of non-renewable resources have 
intensified efforts in sustainable energy technologies. In particular, the conversions of protons to 
hydrogen and carbon dioxide to value-added chemicals have garnered heavy interest in the 
search for sustainable alternative fuels. The present work will focus on the development of cheap 
and earth-abundant metal catalysts for proton and carbon dioxide reduction. Our group has 
published a previous report on the electrocatalytic generation of hydrogen from neutral water by 
a high-valent molybdenum-oxo complex supported by a pentadentate ligand, [(PY5Me2)MoO]2+ 
(PY5Me2 = 2,6-bis(1,1-di(pyridin-2-yl)ethyl)pyridine), on a mercury electrode. However, the use 
of a mercury electrode under aqueous conditions is not conducive for characterizing the active 
catalytic species. Thus, a study of this system in organic media with a carbon electrode is 
initiated to examine the catalytic mechanism. Voltammetry and controlled-potential electrolyses 
show that a total of three electrons are necessary to obtain the active catalyst and offer new 
insights into the mechanism for hydrogen generation. This work corroborates with a 
computational mechanistic study. 

Moving towards first-row transition metal complexes for hydrogen evolution, a new 
series of Co complexes supported by a tetradentate pyridine platform has been developed for 
electrocatalytic and photocatalytic water reduction to understand the effects of open coordination 
sites. As direct tetradentate analogues to PY5Me2, three new ligands of the form PY4MexHy (2-
(1,1-bis(2-pyridyl)ethyl)-6-(2-(2-pyridyl)alkyl)pyridine, x = 1-3 and y = 0-2) and their Co 
complexes are synthesized and characterized. In the solid-state structure, the Co complex 
supported by PY4Me3 is a five-coordinate species, while [(PY4Me2H)Co(CH3CN)(OTf)]+ and 
[(PY4MeH2)Co(CH3CN)(OTf)]+ are six-coordinate complexes. The extra methyl group in 
PY4Me3 platform impedes the binding of a sixth ligand in the equatorial site. Interestingly, this 
small difference leads to significant differences in the electrochemical and photochemical 
behaviors of all three Co complexes. Although [(PY4Me3)Co(CH3CN)]2+ has the lowest cathodic 
onset potential for electrocatalytic water reduction, it is the least active for photochemical 
hydrogen evolution. On the contrary, the six-coordinate [(PY4MeH2)Co(CH3CN)(OTf)]+, which 
has the highest catalytic onset potential, has the highest photocatalytic performance. At pH 7, 
[(PY4MeH2)Co(CH3CN)(OTf)]+ photochemically reduces water to hydrogen with turnover 
numbers of up to 1000 in 18 h. This series of complexes offer insights on structural tuning of the 
ligand platform to improve catalytic hydrogen evolution. 
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Another important reaction related to sustainable energy is the reduction of carbon 
dioxide. The abundance of carbon dioxide in the atmosphere offers tremendous opportunities for 
using CO2 as a C1 feedstock. However, carbon dioxide is a thermodynamic sink and its activation 
requires multiple electrons and a large amount of energy. Thus, the use of metal catalysts to 
serve as a multi-electron reservoir is highly desirable. In this vein, a novel motif that uses a 
nickel complex supported by bis(N-imidazolylpyridine)methane, [Ni(Mebimpy)]2+, is discovered 
to be an active electrocatalyst for carbon dioxide reduction. Because of the large thermodynamic 
overpotential for carbon dioxide reduction, selectivity for CO2 conversion over proton reduction 
is crucial. In this system, only the conversion of carbon dioxide to carbon monoxide is observed 
even in the presence of high proton concentration. Furthermore, the potential at which carbon 
dioxide is reduced can be tuned by elongating the alkyl bridge; the added flexibility of 
[Ni(Etbimpy)]2+ and [Ni(Prbimpy)]2+ decrease the potential by 100 mV and 200 mV, respectively, 
from the parent complex. The ligand platform can be further functionalized to tune the potential 
and increase the stability of the complexes. Thus, a new family of Ni catalysts supported by 
carbene-pyridine ancillary ligands has been synthesized and fully characterized. 

Another approach towards sustainable long-term CO2 utilization is solar-driven 
photochemical reduction of CO2. To this end, a second generation of Ni catalysts has been 
developed that utilizes carbenes and isoquinolines as ligand donors. By tuning the π systems in 
the ligand platform, a Ni complex supported by bis(3-imidazoylisoquinolynl)propane 
([Ni(Prbimiq1)]2+) emerges as a promising electrocatalyst that reduces CO2 to CO at a catalytic 
onset potential E1/2 = −1.20 V vs. SCE. Moreover, photocatalytic CO2 reduction has been 
accomplished that utilizes a molecular Ir photosensitizer and an amine sacrificial reductant in an 
acetonitrile solution. In the presence of the catalyst, a five-fold increase in CO production is 
observed above background reactions. Turnover numbers of up to 98,000 in 7 hours have been 
achieved and demonstrate the potential of solar-driven catalytic CO2 reduction on a larger 
industrial scale. 
 Taken together, this body of work displays the potential of earth-abundant metal catalysts 
for proton and carbon dioxide reduction. Understanding the molecular basis for these reactions 
will further aid the development of robust and efficient catalysts in both homogeneous and 
heterogeneous systems. 
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Chapter1 

 

 

Complexes of Earth-abundant Metals for Catalytic Electrochemical Hydrogen 
Generation under Aqueous Conditions 

 
Abstract 

 
Growing global energy demands and climate change motivate the development of new 

renewable energy technologies. In this context, water splitting using sustainable energy sources 
has emerged as an attractive process for carbon-neutral fuel cycles. A key scientific challenge to 
achieving this overall goal is the invention of new catalysts for the reductive and oxidative 
conversions of water to hydrogen and oxygen, respectively. This review article will highlight 
progress on molecular electrochemical approaches to catalytic reduction of protons to hydrogen, 
focusing on complexes of earth-abundant metals that can function in pure aqueous or mixed 
aqueous-organic media. The use of water as a reaction medium has dual benefits of maintaining 
high substrate concentration as well as minimizing environmental impact from organic additives 
and by-products. 
 

1.1 Introduction 
  
 Climate change and rising global energy demands have prompted an urgent search for 
new renewable energy solutions. While great technological advances in accessing sustainable 
forms of energy such as wind and solar power have been made, the storage of these energies for 
on-demand usage and transport remains a major challenge. Molecular fuels offer an attractive 
option for resolving this issue owing to the high energy density that can be concentrated within 
chemical bonds.1-3 In particular, the splitting of water to hydrogen and oxygen in separate half 
reactions is a promising path forward as this process is completely carbon neutral as shown in the 
following equations: 
 

 
 
Ideally, water splitting can be driven by sustainable energy sources such as solar and wind 
power, and the sole combustion product from burning hydrogen is water. With the eventual goal 
of incorporating both half reactions in an integrated artificial device driven by a sustainable 
energy input, an essential scientific challenge to address is the design and implementation of 
efficient catalyst systems for water reduction and oxidation.  
 Focusing on the reductive side, the catalytic conversion of protons to hydrogen (Reaction 
1) is the key fuel-generating transformation for water-splitting cycles. Nature provides exquisite 
examples of catalysts in the form of hydrogenases, which are capable of using earth-abundant 
iron and/or nickel metal centers to reversibly interconvert protons to hydrogen at low 
thermodynamic potentials with high efficiencies and activities (rates up to 100-10,000 moles of 
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hydrogen per mole of catalyst per second).4-6 Notable advances in utilizing hydrogenases for 
water splitting applications have been reported and their catalytic mechanisms can be studied in 
molecular detail. 4,7-11 However, challenges remain in utilizing these complex macromolecules, 
including the low density of metal active sites compared to their overall large size and their 
relative long-term instability to ambient conditions.11-15 On the other hand, heterogeneous 
catalysts based on platinum and other precious metals are much more robust, but suffer from 
high cost and low abundance.16-19 As such, alternative extended solids based on more earth-
abundant elements, including mixed metal alloys,3 molybdenum-based heteropolyacids,20-22 and 
molybdenum sulfide,23-27 are being actively explored. However, heterogeneous systems by 
definition are more difficult to study as their performances are highly dependent on local 
variations in surface morphology and chemical reactivity.  
 Against this backdrop, an indispensable scientific bridge between the areas of 
homogeneous biological and heterogeneous solid-state catalysts is small-molecule chemical 
systems. Indeed, well-defined synthetic catalysts for proton reduction are valuable in many 
respects as they can (i) offer opportunities to fine-tune their performance and study their catalytic 
mechanism at a molecular level, (ii) provide discrete models for complex biological or extended 
materials, and (iii) serve as lead compounds to identify new motifs capable of hydrogen 
production under a variety of conditions. In particular, electrochemical methods have become a 
convenient route to probe these catalytic systems as well as use them as test beds for future 
integration into artificial devices. In this review, we will summarize progress in small-molecule 
approaches to electrocatalytic hydrogen evolution, focusing on systems that are compatible with 
aqueous media. 
 Water splitting and catalytic hydrogen production are expansive and important topics and 
have been the subjects of several recent reviews.3,28-30 This chapter will discuss these systems in 
three ways. First, we will focus on exclusively electrochemical studies using well-defined small-
molecule electrocatalysts, noting that biological and extended materials offer complementary 
approaches to proton reduction. Second, we will restrict our discussion to systems that utilize 
only earth-abundant metal centers that can be readily extracted and refined from the earth’s crust, 
which is in line with long-term sustainability issues of cost and scalability. Finally, we will 
highlight catalysts that can operate in either pure aqueous or mixed aqueous-organic solutions. 
The use of water as both a green solvent and substrate for hydrogen generation offers the dual 
benefits of maintaining high substrate concentrations as well as minimizing environmental 
impacts from organic additives and by-products. Although the ultimate goal for electrocatalytic 
proton reduction is to use water as both the solvent and substrate, most proton reduction catalysts 
to date operate only in non-aqueous media with organic additives. We hope to bridge this gap 
with mixed aqueous-organic systems to demonstrate efforts toward complete water 
compatibility. 
 

1.2 Metrics for evaluation of electrocatalytic systems.  
 

 Growing interest in electrocatalytic systems for hydrogen production continues to provide 
a rich and ever-expanding library of new catalytic motifs for study. At the same time, the diverse 
array of operating conditions for these systems, including variations in proton source, electrolyte, 
solvent, and working electrode, often makes direct comparisons of catalytic activity, efficiency, 
and stability challenging. One common complication is the use of different electrochemical 
references in the literature, which is a central issue for comparing catalytic systems operating 
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under mixed solvents, as the reference potential can differ greatly depending on the solvent 
conditions. Although we acknowledge that such corrections have inherent limitations, for the 
sake of simplicity, we have adopted a standardized conversion between Ag/AgCl, SCE, or 
Fc/Fc+ to SHE for evaluating the range of catalysts reported to date. These corrections are as 
follows: Ag/AgCl (water), +0.210 V; SCE (water), +0.240 V; Fc/Fc+ (acetonitrile, water-
acetonitrile), +0.640 V.  
 In addition, the nature of an acid in mixed aqueous-organic media should be addressed as 
the thermodynamic potential of reducing protons is a function of the pKa of the proton source.31 
The pKa of an organic acid in non-aqueous solvent may vary dramatically depending on the 
concentration of water, particularly for weak acids (pKa > 20).32,33 Acids with conjugate bases 
that have highly localized negative charge are better solvated by water, and this phenomenon can 
increase their acidity in organic media.32,33 Unfortunately, the effect on pKa for solutions 
containing more than trace (>1%) amounts of water has not been well-studied. Thus, caution 
must be used for direct comparisons of the activity of catalysts in different media. 
 For clarity, we define here a list of terms typically used to assess and compare 
electrocatalytic activity. Overpotential (η) is defined as the standard reduction potential for the 
H+/H2 couple under the operating conditions subtracted from the applied potential (η = Eapplied – 
E) and represents the driving force needed to reduce protons to H2 beyond the thermodynamic 
potential. Methods on how to determine overpotentials have been a subject of discussion in 
several previous reports,31,34 but for the purpose of this review we will only cite the overpotential 
reported in the literature. Faradaic efficiency or Faradaic yield is the ratio of moles of H2 
generated divided by half the charge (expressed in Faraday units) passed in a controlled potential 
electrolysis, and represents the efficiency of a catalyst to consume charge and put it towards 
productive hydrogen evolution chemistry. The turnover number (TON) is the total number of 
moles of H2 generated per mole of catalyst from a controlled potential electrolysis and is often 
used to assess the overall stability of a catalyst. The turnover frequency (TOF) is defined as the 
TON per unit of time and is a kinetic parameter; this value can be extracted from the amount of 
charge passed in a controlled potential electrolysis in a given time or from digital simulation if 
the mechanism is known. Alternatively, the observed rate constant, kobs, can be used as a proxy 
for TOF under pseudo-first order conditions in acid where there is negligible consumption of 
protons and can be calculated from cyclic voltammetry measurements using the following 
equation:35 

 

 
 

Here, ip is the peak current of the catalytic potential in the absence of acid, ic is the catalytic peak 
current plateau, n is the number of electrons involved in each catalytic turnover, R is the 
universal gas constant (8.314 J K–1 mol–1), T is temperature (K), F is the Faraday constant 
(96,485 A s mol–1), and ν is the scan rate.  
 

1.3 Mechanistic and design principles for effective hydrogen production catalysts 
 
 Careful consideration of the various potential mechanistic pathways for proton reduction 
is important for designing effective hydrogen production catalysts. Mechanistic studies of 
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electrocatalytic H2 generation by molecular metal precursors, including Co complexes in 
particular, have been investigated both experimentally and theoretically.36-41 In most cases, H2 
evolution is thought to proceed through a common metal-hydride intermediate, formed by either 
consecutive or coupled proton and electron transfers, and is followed by two possible pathways 
for subsequent H-H bond formation (Scheme 1.1). We note that, for simplicity, these generic 
structures are depicted as monometallic hydrides, but that multimetallic hydrides as well as 
metal-hydrides with high metal-ligand cooperativity via non-innocent ligands are also reasonable 
starting points. The first path involves a homolytic mechanism, where two metal-hydride 
complexes generate H2 via reductive elimination. Alternatively, a heterolytic pathway can occur, 
where the metal-hydride complex is further reduced and protonated to evolve H2. In this latter 
case, two electrons and two protons are delivered to a single metal center and a putative H-[Mn] 
is formed, suggesting that the H-Mn+1/H-Mn couple plays an important kinetic role in the H-H 
coupling process. Distinguishing between homolytic and heterolytic mechanisms is often 
challenging, as both pathways may simultaneously occur or interconvert depending on the pH or 
acid strength given system.42 In addition to the formation of metal-hydride complexes, H2 
generation can also be facilitated through protonation of an external donor that resides in the 
first- or second-coordination sphere. For example, nitrogen amines, as well as sulfur and oxygen 
donors, have been exploited as protonation sites, particularly for sterically-congested metal 
complexes.43-46 These systems operate as frustrated Lewis pairs, in much the same way that the 
natural hydrogenase systems utilize pendant redox-active cofactors or second-sphere amines to 
actively control proton delivery to a nucleophilic, reducing metal core. 
 Taken together, these mechanistic considerations highlight several design criteria that 
need to be met for creating effective catalytic systems for producing hydrogen from water. First 
and foremost, metal catalysts should have available open coordination sites and the appropriate 
electronic characteristics for generating a basic metal-hydride species (Scheme 1.2). As noted 
above, single-metal and multimetallic sites can be equally successful in this regard. Second, a 
ligand platform that can stabilize reducing metal species should be chosen to minimize the 
electrochemical overpotential needed for proton reduction. Such redox tuning can be achieved 
primarily at the metal core or via metal-ligand cooperativity using non-innocent redox-active 
ligands. Alternatively, systems where available protonation sites can be integrated into the 
superstructure offer another approach to tuning overpotential. Indeed, in natural hydrogenases, 
the tertiary structure of proteins plays a crucial role for their reactivity by controlling both proton 
and electron inventories. Using these same principles for artificial systems, building an 
appropriate secondary coordination sphere surrounding a metal-based active site, such as 
installing basic groups like amines47 and oximes,36 may assist in intra- and intermolecular proton 
transfer and thus enhance catalytic activity. In all cases, the use of water as a solvent offers the 
patent benefit of maintaining high local substrate concentration. With these criteria in mind, the 
remainder of this review will highlight molecular approaches to electrocatalytic hydrogen 
production in pure aqueous or aqueous-organic media, organized by the metal and ligand class 
employed.  
 
1.4 Cobalt catalysts 
 
 Although there are no known biological systems that utilize cobalt for the catalytic 
reduction of protons to hydrogen, the majority of reported small-molecule metal catalysts in 
aqueous media employ cobalt centers. We summarize the progress in molecular cobalt 



6 

 

complexes for electrocatalytic hydrogen production in water, organized by ligand platforms. 
 

Macrocyclic platforms 

 
 Among the earliest reported first-row transition metal catalysts for hydrogen generation 
in aqueous media were complexes based on azamacrocycles (Figure 1.1). Fisher and Eisenberg 
reported a Co(II) tetraazamacrocycle (1) that catalyzes the production of H2 from protons with up 
to 80% Faradaic yield in 2:1 water-acetonitrile mixtures and pure water at −1.26 V and −1.36 V 
vs. SHE, respectively, on a Hg pool electrode.48 Kellett and Spiro showed that water-soluble 
Co(II) complexes of meso-tetrakis(N,N,N-trimethylanilinium-4-yl)porphine chloride (2, 
CoTMAP), meso-tetrapyrid-4-ylporphine (3, CoTPyP), and meso-tetrakis(N-methylpyridinium-
4-yl)porphine chloride (4, CoTMPyP), exhibit catalytic activity for proton reduction on a Hg 
electrode at −0.71 V vs. SHE in 0.1 M trifluoroacetic acid (TFA) with over 90% Faradaic yield.49 
Proton reduction occurs at the Co(II)/Co(I) couple in DMSO solutions spiked with water and in 
neutral and acidic buffered solutions. More recently, bis(1,4,7-triazacyclodecane)cobalt(III) (5) 
has been reported to catalyze proton reduction at an onset potential of around −1.29 V vs. SHE in 
Britton-Robinson universal buffers at pH 2 to pH 10 on a hanging drop Hg electrode.50 Peters 
and co-workers established that a Co(II) tetraazamacrocycle containing a pyridine donor (6) 
catalyzes hydrogen evolution at −0.69 V vs. SHE with 92% Faradaic efficiency and a TON of 17 
in pH 2.2 phosphate buffer on a glassy carbon plate electrode.51 A feature observed prior to the 
onset of catalysis is assigned as a Co(II)/Co(I) couple, although there is some underlying 
catalytic activity at this process. 
 Cobalt chlathrochelates have also been studied for the catalytic reduction of protons to 
hydrogen. In early work by Grӓtzel and co-workers, use of [Co(sepulchrate)]3+ (7) was 
demonstrated to afford catalytic H2 evolution. Controlled potential electrolysis at −0.46 V vs. 
SHE in pH 4 phosphate buffer generates H2 at a Faradaic efficiency of 55% on a Hg pool 
electrode.52 The complexes [Co(trans-diammac)]2+ (8) and [Co(cis-diammac)]2+ (9) can also 
catalyze proton reduction at −0.79 V vs. SHE in pH 7 phosphate buffer on a Hg pool electrode.43 
Controlled potential electrolyses for both catalysts are carried out for up to 12 h and more than 
10 equivalents of charge are passed. Interestingly, similar experiments are conducted using a 
reticulated vitreous carbon (RVC) electrode, but no catalytic activity is observed. Cyclic 
voltammograms of 8 and 9 show a reversible Co(II)/Co(I) processes and an irreversible reductive 
process prior to water reduction. The current at the irreversible reduction varied linearly versus 
scan rate, leading the authors to suggest that the active catalytic species was adsorbed on the Hg 
electrode. Complexes 8 and 9 are unique catalysts as the metal centers are coordinatively 
saturated and are unlikely to form Co hydride species. The authors hypothesize that upon a one-
electron reduction, the Co(II) species is adsorbed on the surface of the electrode and generate a H 
atom on the surface of the electrode from the amine functionality of the ligand. This H atom then 
combines with another H atom to form hydrogen and the Co(II) species is reprotonated to 
regenerate the resting state.43  
 A series of boron-capped tris(glyoximato) cobalt(II) complexes (10, 11) was also 
reported to reduce the strong acid HClO4 to H2 in 1:1 water-acetonitrile mixtures at the first 
reductive event with an onset potential around −0.19 V vs. SHE.53 Savéant and co-workers later 
established that 12, a related tris(glyoximato) cobalt(II) first reported by Pantani and co-
workers,54 served as a molecular precursor for forming Co nanoparticles for hydrogen evolution 
in pH 7 phosphate buffer at −0.75 V vs. SHE, with a 75-85% Faradaic yield on a glassy carbon 
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foil electrode.55 Since an initial report from Connolly and Espenson,56 
bis(dimethylglyoximate) cobalt(II) complexes have emerged as a class of proton reduction 
catalysts that have been studied extensively in organic organic media.36,57-59 Peters and co-
workers reported a series of bis(dimethylglyoximate) cobalt(II) catalysts (13-16) for proton 
reduction in acidic water (Figure 1.1).51 In pH 2.2 phosphate buffer on a glassy carbon electrode, 
cyclic voltammograms of both 13 and 14 show an irreversible reductive process that is consistent 
with catalytic proton reduction. Cyclic voltammograms of catalysts 15 and 16 both exhibit a 
feature that preceded the catalytic current and was assigned as a Co(II)/Co(I) couple. Controlled 
potential electrolyses of 13-16 at −0.69 V vs. SHE are conducted over the course of 2 h and 
complex 13 is found to have the highest catalytic performance, generating H2 with 81% Faradaic 
yield and 23 turnovers. In a 24-h bulk electrolysis of 13, the average catalytic current decreases 
relative to the initial 2-h electrolysis, but Faradaic efficiency is retained with a final cumulative 
yield of 86% (Figure 1.2). To confirm the molecular nature of the catalyst, the glassy carbon 
electrode removed from solution after a 2-h electrolysis and rinsed with water. Resubjecting the 
electrode to controlled potential electrolysis does not produce any catalytic activity. 
 

Pyridine-based platforms 

 
 The versatile properties of pyridine as a neutral, strong-field ligand have inspired recent 
activity in using these donors for electrocatalytic reduction chemistry. To this end, our laboratory 
demonstrated that the Co(II) complex of the tetradentate bipyridine ligand PY4, 
[Co(PY4OMe)]2+ (17), can reduce TFA to H2 in both acetonitrile and 1:1 water-acetonitrile 
solutions at ca. −0.76 V vs. SHE.60 In addition, we presented a series of cobalt pentapyridine 
complexes of the type [Co(RPY5Me2)]

2+, catalysts 18-20, that are capable of reducing water at 
neutral pH (Figure 1.3).61 Cyclic voltammograms show that all three catalysts exhibit a pre-
feature that lies on top of the onset of catalysis. In a controlled potential electrolysis at −1.30 V 
vs. SHE in pH 7 phosphate buffer, complex 18 catalyzes hydrogen production at 99% Faradaic 
efficiency on a Hg pool electrode. There is no loss of activity after 60 h, and a TON of 5.5 × 104 
moles of H2 per mole of catalyst is measured. Of note, the electronic profile of the ligand is 
varied by changing the para-substituent on the axial pyridine. As expected for a molecular 
system, installation of a CF3 group, an electron-withdrawing substituent, significantly reduces 
the overpotential of catalytic proton reduction (Figure 1.4). Conversely, installing an electron-
donating NMe2 group increases the overpotential relative to the parent complex 18 (Figure 1.4). 
 Bis(iminopyridine) cobalt(II) (21) was reported by Gray and Peters to reduce protons at 
pH 2, 5, and 8 buffered water at −1.16 V vs. SHE with Faradaic efficiencies of 75%, 87%, and 
60%, respectively, on a Hg electrode.62 Cyclic voltammograms in pH 7 phosphate buffer show 
two irreversible reductions prior to the onset of catalysis; however, the authors noted that current 
density from ligand reduction may contribute to the catalytic current density. Zhao and co-
workers reported a pentacoordinate pyridyl- amine cobalt(II) complex with similarities to our 
PY5 systems, ([Co(DPA-Bpy)]2+, 22),63 for production of hydrogen from neutral pH water. In a 
cyclic voltammogram of 22 in pH 7 phosphate buffer, Co(III)/Co(II) and Co(II)/Co(I) couples 
are observed prior to the onset of catalysis at −1.2 V vs. SHE. In a 1-h controlled potential 
electrolysis at −1.4 V vs. SHE in pH 7 phosphate buffer, complex 22 is reported to catalyze 
hydrogen evolution with a Faradaic yield of 99% and a TON of >300 mol H2 (mol cat)–1 on a Hg 
pool electrode, with some decrease in catalytic activity after 3 h. 
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Other ligand platforms 

 
 Cyclopentadienyl cobalt complexes were amongst the earliest proton reduction catalysts 
examined in aqueous media (Figure 1.5). Grӓtzel and co-workers reported that 
bis(carboxycyclopentadienyl) cobalt(III) ([Co(Cp-COOH)2]

+, 23) can serve as a water reduction 
catalyst at −0.66 V vs. SHE with a Faradaic efficiency of 42% in pH 6.5 phosphate buffer on a 
Hg pool electrode.52 Koelle and Ohst subsequently reported [CpCo(P(OMe)3)2]

2+ (24) as a 
catalyst for hydrogen evolution in water at pH 5 on a Hg pool electrode. A controlled potential 
electrolysis at −0.94 V vs. SHE for 18 h was conducted and a turnover number of 20 was 
determined.42 
 Eisenberg and Holland recently reported that the bis(dithiolene) cobalt(II) complex (25) 
can reduce TFA to H2 at −0.77 V vs. SHE in a 1:1 water-acetonitrile solution, with a Faradaic 
efficiency of >99% on a glassy carbon electrode.64  Cyclic voltammograms of 25 show that the 
addition of TFA or tosic acid led to a current enhancement at the first reductive process, formally 
a Co(II)/Co(I) couple (Figure 1.6); however, due to the non-innocent nature of the ligand, 
protonation may occur either at the sulfur or the metal. Interestingly, cyclic voltammograms of 
25 in dry acetonitrile or N,N-dimethylformamide (DMF) lead to smaller current enhancements 
with the addition of acid. In a later study, the effects of electron-donating and electron-
withdrawing groups on bis(benzenedithiolene) Co(II) complexes (26, 27) were studied.65  In 
particular, the installation of electron-withdrawing substituents causes a positive shift of the 
onset potential for catalytic hydrogen evolution. In a 1:1 water-acetonitrile solution on a glassy 
carbon electrode, catalyst 27, which bears two Cl– substituents, reduces TFA at the most positive 
catalytic potential at −0.71 V vs. SHE, with a TON and TOF of 6000 mol H2 (mol cat)–1 and 
1400 h–1, respectively, after a 12-h bulk electrolysis. 
 

Observed trends in cobalt hydrogen electrocatalysts 

 
 The extensive body of research on Co catalysts offers some possible trends and 
mechanistic insights for future designs. Most importantly, the cyclic voltammograms of most of 
these systems exhibit a pre-feature prior to the onset of catalytic current that suggests the 
formation of a Co(I) species. Following Scheme 1.1, this Co(I) species can be protonated to form 
a Co(III)-H. Redox matching within this window, by either homolytic and/or heterolytic 
pathways, is critical to maintaining fast catalytic rates while minimizing overpotential. For 
complexes that are chelated by non-innocent ligands, such as 7-12 and 21, reduction and 
protonation of the ancillary ligand scaffold may play an important role for H2 evolution. 
 

1.5 Nickel catalysts 
 
 Despite the prevalence of Ni-Fe hydrogenases found in the nature, relatively few nickel-
based proton reduction catalysts that operate in aqueous media have been reported to date. A 
review on Ni-Fe hydrogenase mimics that function in pure organic media was recently 
published,66 but activities of these enzyme models under aqueous conditions have not yet been 
reported. In an early study, Fisher and Eisenberg reported that Ni tetraazamacrocycle (28) is a 
competent electrocatalyst for proton reduction at −1.46 V vs. SHE in 2:1 water-acetonitrile 
mixtures on a Hg electrode (Figure 1.7).48 Sauvage and co-workers later reported that two Ni(II) 
complexes supported by 1,4,8,11-tetraazacyclotetradecane ([Ni(cyclam)]2+, 29) and its bis-
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macrocyclic analog ([Ni2(biscyclam)]4+, 30) show catalytic activity toward proton reduction in 
neutral water on a Hg pool electrode.67 Controlled potential electrolysis at −1.26 V vs. SHE 
reveals that 30 is a better hydrogen evolution catalyst than 29 and can achieve TONs reaching 
100, presumably due to the close proximity of two Ni centers and the ability to form Ni hydride 
intermediates. 
 Electrocatalytic hydrogen generation by Ni bis(phosphine) complexes has also been 
heavily investigated in recent years, most notably in elegant work from the Dubois 
laboratories.35,47,68,69 A large body of research has focused on installing pendant amines as 
biomimetic proton relays for the reduction of organic acids at the Ni(II)/Ni(I) couple in 
acetonitrile. Recently, a family of Ni bis(phosphine) complexes [(Ni(PPh2NC6H4X2)2]

2+, 31-36, 
was reported to have enhanced electrocatalytic activity when water was added to acidic 
acetonitrile solutions.70 Catalyst 33, where X = CH2P(O)(OEt2)2, exhibits a TOF of 500 s–1 at an 
overpotential of 320 mV in pure acetonitrile on a glassy carbon electrode; addition of water leads 
to a TOF of 1850 s–1 at an overpotential of 370 mV. A new variant of [Ni(P2N2)2]

2+, catalyst 37, 
has also been found to reduce protons in acidic ionic liquid-water solutions with a TOF of 
>4×10-4 s–1 at an overpotential of 400 mV.71 A similar trend was discovered for 
[Ni(PPh2NPh)2]

2+ (38), where TOFs of 33,000 s–1 and 106,000 s–1 were achieved in pure 
acetonitrile and 1.2 M of water in acetonitrile, respectively, at −0.49 V vs. SHE (Figure 7).72 This 
remarkable rise in catalytic activity was attributed to the ability of water to enhance the rate of 
formation of the endo isomer, which allowed a second N-H stabilization. Other derivatives of Ni 
bis(phosphines) have been examined for proton reduction activity under water-compatible 
conditions.73,74 

 Similar to its Co(II) dithiolene analogues,64,65 Ni(II) dithiolene (39) was reported by 
Sarkar and co-workers to catalyze the reduction of tosic acid to H2 in 0.2 M NaClO4 in water at 
−0.5 V vs. SHE on a glassy carbon electrode coated with 39.75 Crabtree, Brudvig, and Bautista 
described Ni(II) complexes supported by pyridinediimine (40) for reducing water at pH 1 at −1.1 
V vs. SHE on a vitreous carbon electrode at 95% Faradaic efficiency.76  
 

1.6 Iron catalysts 
 
 The majority of Fe catalysts for hydrogen generation have targeted functional Fe-Fe 
hydrogenase mimics that operate in acidic organic media (Figure 1.9).5,77-82 To increase the 
aqueous compatibility of these types of compounds, water-soluble 1,3,5-triaza-7-
phosphaadamantane (PTA) has been employed as ligands in diiron scaffolds. Darensbourg and 
co-workers reported two diiron thiolate clusters (41, 42) for electrocatalytic reduction of acetic 
acid to H2 in acetonitrile and water-acetonitrile solutions at ca. −1.7 V vs. SHE on a glassy 
carbon electrode.83 Although controlled potential electrolyses in mixed water-acetonitrile 
solutions are not reported, cyclic voltammograms of 41 and 42 with acetic acid in water-
acetonitrile mixtures lead to positive shifts of all redox potentials and higher catalytic current 
relative to the redox potentials in pure acetonitrile solutions. Sun and co-workers reported similar 
findings for analogous diiron azadithiolates (43-44).84 Another method introduced by Sun to 
make diiron clusters more water-compatible is to attach a carboxylate side chain for hydrogen 
bonding.85 Cyclic voltammograms of 45 and 46 in acetonitrile solutions spiked with aliquots of 
water lead to modest current enhancements at the onset potential of −0.86 V vs. SHE, 
highlighting the importance of the carboxylic group. Recently, a hydrophobic diiron cluster (47) 
is used as a proton reduction catalyst at −0.66 V vs. SHE in pH 3 aqueous micellar solutions and 
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generates hydrogen at Faradaic efficiency.86 
 

1.7 Molybdenum catalysts 
 
 Our laboratories have explored high-valent molybdenum complexes as a unique family of 
molecular motifs for catalytic hydrogen generation. Initial studies focused on metal-oxo species 
as reductive catalysts, inspired by the elegant water activation work of Milstein,87 Tyler,88 and 
Bercaw/Parkin89 as well as Toste's original hydrosilylation methodologies using oxorhenium 
catalysts.90  In particular, we reasoned that this motif would provide greater catalytic stability in 
aqueous solutions, as any potential off-pathway reactions would ultimately funnel back to the 
metal-oxo species and thus return to productive catalytic cycles, akin to Nocera's "self-healing" 
catalysts for water oxidation.3,91,92 Thus, the key challenge for this approach is developing 
appropriate supporting ligands for metal-oxo complexes that can favor sufficient reductive 
chemistry.  
 Along these lines, we recently established that the Mo(IV)-oxo complex 
[(PY5Me2)MoO]2+ (48), upon electrochemical reduction, can catalytically convert water to 
hydrogen at a potential of −1.4 V vs. SHE in pH 7 phosphate buffer on a Hg pool electrode.93  
This catalytic system maintains full activity for at least 71 h and operates at 100% Faradaic 
efficiency. Lower-bound values for the TOF and TON are 8,500 h–1 and 6.1 × 105 moles of H2 
per mole of catalyst, respectively. Moreover, this catalytic system can operate in seawater with 
similar activity, showing that the reactivity of the MoPY5 motif is tolerant of aqueous impurities 
and that the ionic strength of seawater is a sufficient medium to maintain electrocatalysis. 
Further theoretical and experimental studies suggest that three reductive events are necessary to 
reach the catalytically active species for hydrogen generation and establish that the catalyst can 
operate under soluble, diffusion-limited conditions on alternative electrode materials and 
solvents.45,94 Taken together with select Co macrocycles, these studies on [(PY5Me2)MoO]2+ 
(48) provide a rare example of an electrocatalyst that has been evaluated both in aqueous and 
organic solutions. 
  Inspired by emerging studies on molybdenum-sulfide materials as low-cost platinum 
replacements for catalytic proton reduction,23-27 we recently reported that electrochemical 
reduction of the molecular complex [(PY5Me2)MoS2]

2+ (49) can also catalytically reduce water 
under acidic aqueous conditions on a Hg pool electrode (Figure 1.10).46 Complex 49 represents a 
rare coordination compound with a side-on bound S2

2– on the Mo(IV)that mimics the reactive 
edge sites of the two-dimensional solid MoS2. A 23-h controlled potential electrolysis of 49 at an 
overpotential of 780 mV in pH 3 acetate buffer generated hydrogen at 100% Faradaic efficiency, 
with a lower-limit TON value calculated from bulk solution of 3.5 × 103 moles of H2 per mole 
catalyst and an upper limit of 1.9 × 107 moles of H2 per mole catalyst assuming a constant 
monolayer on the electrode. The catalytic activity of 48 and 49 highlights the potential of using 
high-valent metal complexes as well as metal-ligand multiple bonded species for reductive 
catalysis in water. More generally, this MoS2 work has implications for the design of structural 
and functional molecular mimics of extended solid materials, in much the same way that 
bioinorganic chemists distill the structure and reactivity of enzymes and other complex 
biological macromolecules by modelling discrete metal active sites. 
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1.8 Surface-attached molecular catalysts 
 
 An alternative approach to water-soluble molecular catalysts for aqueous compatibility is 
to tether these systems to solid electroactive supports.11,12 In addition to potential gains in 
stability and selectivity due to isolation of active sites, the use of high-surface area electrodes 
may significantly decrease the catalyst loading and reduce the cost of production. We highlight a 
selection of examples here to give the reader a flavor of the field. In one example, glassy carbon 
electrodes modified with polyoxometallates (POMs) [Co6(H2O)30(Co9Cl2(OH)3(H2O)9(β-
SiW8O31)3)]

5- (50) and [(Co3(B-β-SiW9O33(OH))(B-β-SiW8O29OH)2)2]
22- in Vulcan-

XC72/Nafion and poly(4-vinylpyridine) are used to reduce protons in acidic water.95  Cyclic 
voltammograms of 50 in 0.5 M H2SO4 show catalytic current at ca. −0.2 V vs. SHE after cycling 
the potential from 0 to −0.6 V vs. SHE for 35 min at 100 mV s−1. Pantani and co-workers 
reported that glassy carbon electrodes modified with Co and Ni diglyoximate complexes 
embedded in Nafion can also catalyze proton reduction in 1 M H2SO4 aqueous solutions, with Co 
diglyoximate outperforming its Ni analogues.96 A more recent report by Berben and Peters 
showed that catalyst 15 can be adsorbed onto a glassy carbon electrode in the presence of tosic 
acid in acetonitrile during a controlled potential electrolysis held at −0.34 V vs. SHE.97  The 
modified electrode is used for catalytic proton reduction in pH 4 acetate solutions and generates 
hydrogen with 75% Faradaic efficiency at an overpotential of 400 mV. A TON of 5 × 106 was 
observed, and the current remains stable for 16 h.  
 Other Co tetraazamacrocycles have also been attached to electrode surfaces. Co 
porphyrin complexes adsorbed onto glassy carbon electrodes show catalytic hydrogen 
generation, but the stability of the attachment is poor.98 [Co(tetraphenylporphryin)]2+ 
incorporated into a Nafion membrane on a Pt electrode exhibits greater catalytic activity than the 
activity of both the catalyst alone and a bare Pt electrode.99 A TON of 70 h–1 is achieved at −0.49 
V vs. SHE in pH 1 phosphate solution. Co phthalocyanine complexes embedded into a poly(4-
vinylpyridine-co-sytrene) film on a graphite electrode can catalyze proton reduction at −0.69 V 
vs. SHE in pH 1 phosphate buffer with a TON of 2 × 105 h–1.100 Artero, Fontecave, and co-
workers showed that Dubois-type Ni bis(phosphine) complexes can be covalently attached 
through an amide functionality to multi-walled carbon nanotubes and deposited by dropcasting 
with Nafion onto a glassy carbon electrode to facilitate hydrogen evolution in water (Figure 
1.11).101  The immobilized catalyst can reduce protons in H2SO4 aqueous solutions at −20 mV 
vs. SHE and with over 100,000 turnovers. Pyrene attachments to carbon nanotubes show similar 
reactivity.102 Finally, Chorkendorff and co-workers have reported that incomplete cubane-type 
Mo3S4 molecules adsorbed onto a graphite electrode can act as an efficient catalyst system for 
hydrogen generation, with an onset potential of −0.2 V vs. SHE in 0.5 M H2SO4 aqueous 
solutions.103 Photoelectrochemical studies further support that the Mo3S4 clusters are 
catalytically active for proton reduction in acidic water.104 Here, Mo3S4 clusters are adsorbed 
onto p-doped Si pillars and found to catalyze proton reduction at −0.15 V vs. SHE (an 
overpotential of 400 mV when the photovoltage is added) in 0.1 M HClO4 aqueous solution 
under photoillumination of >650 nm, with a TOF of 950 s–1. 
 

1.9 Concluding remarks and future prospects 
 
 We have highlighted a number of classes of molecular platforms for catalytic 
electrochemical reduction of protons to hydrogen, focusing on systems that utilize cheap and 
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earth-abundant metal centers and exhibit aqueous compatibility. These molecular systems 
provide a valuable complement to emerging bulk solid-state materials used for proton 
reduction,3,23-27 as they offer benefits for mechanistic study and tuning through rational ligand 
design. We emphasize that the use of water as both a solvent and substrate has advantages for 
maintaining high substrate concentration and minimizing environmental impact from organic 
additives and by-products, and that aqueous-compatible molecular catalysis is therefore an 
attractive area to continue exploring in the context of green and sustainable chemistry.  
 Numerous opportunities await the next-generation of molecular systems for catalytic hydrogen 
production from aqueous media. The most important fundamental challenge is to continue to 
discover and identify novel molecular motifs for proton reduction, which can serve as lead 
compounds for new materials synthesis or help elucidate the principles by which complex solid-
state or biological systems operate. Basic science, and in particular inorganic coordination 
chemistry, can drive innovation toward these goals.  
 On the practical side, improved long-term stability and/or regeneration of molecular 
species is a key issue. Grafting well-defined catalytic units onto high surface-area electrodes has 
the potential to increase their lifetime and catalytic performance by site isolation, as well as to 
control the density of these small-footprint active sites. Integration of water reduction and 
oxidation half-reactions into a single artificial device is necessary for efficient water-splitting 
cycles, and these opposing reactions must operate under compatible conditions without the risk 
of premature recombination of protons and electrons. In this context, the application of proton 
exchange membranes105 to resolve this issue remains an open question for investigation. Finally, 
solar energy offers the most sustainable option as an energy input, and many fundamental issues 
in integration are important venues for study. Matching the energies of photosensitizer excited 
states to catalyst redox potentials, as well as optimizing distance and orientation between light-
harvesting and catalyst components are some of the critical questions to address. Molecular 
approaches to these outstanding challenges, in addition to the catalytic applications described in 
this review, will continue to play an important role in the development of sustainable energy 
technologies. 
  



13 

 

1.10 References 

 
(1)  Lewis, N. S.; Nocera, D. G. Proc. Natl. Acad. Sci. USA 2006, 103, 15729. 
(2) Esswein, A. J.; Nocera, D. G. Chem. Rev. 2007, 107, 4022. 
(3)  Cook, T. R.; Dogutan, D. K.; Reece, S. Y.; Surendranath, Y.; Teets, T. S.; Nocera, D. G. 

Chem. Rev. 2010, 110, 6474. 
(4)  Frey, M. ChemBioChem 2002, 3, 153. 
(5)  Evans, D. J.; Pickett, C. J. Chem. Soc. Rev. 2003, 32, 268. 
(6)  Armstrong, F. A. Curr. Opin. Chem. Biol. 2004, 8, 133. 
(7)  Vincent, K. A.; Parkin, A.; Armstrong, F. A. Chem. Rev. 2007, 107, 4366. 
(8)  Kluwer, A. M.; Kapre, R.; Hartl, F.; Lutz, M.; Spek, A. L.; Brouwer, A. M.; van 

Leeuwen, P. W. N. M.; Reek, J. N. H. Proc. Natl. Acad. Sci. USA. 2009, 106, 10460. 
(9)  Reisner, E. Eur. J. Inorg. Chem. 2011, 2011, 1005. 
(10) Ash, P. A.; Vincent, K. A. Chem. Commun. 2012, 48, 1400. 
(11) Woolerton, T. W.; Sheard, S.; Chaudhary, Y. S.; Armstrong, F. A. Energy Environ. Sci. 

2012, 5, 7470. 
(12) Armstrong, F. A. Curr. Opin. Chem. Biol. 2005, 9, 110. 
(13) Ibrahim, S. K.; Liu, X.; Tard, C. d.; Pickett, C. J. Chem. Commun. 2007, 1535. 
(14) Thomas, C. M.; Rüdiger, O.; Liu, T.; Carson, C. E.; Hall, M. B.; Darensbourg, M. Y. 

Organometallics 2007, 26, 3976. 
(15) Le Goff, A.; Artero, V.; Metayé, R.; Moggia, F.; Jousselme, B.; Razavet, M.; Tran, P. D.; 

Palacin, S.; Fontecave, M. Int. J. Hydrogen Energy 2010, 35, 10790. 
(16) Bockris, J. O. M.; Conway, B. E. Trans. Faraday Soc. 1949, 45, 989. 
(17) Ezaki, H.; Morinaga, M.; Watanabe, S. Electrochim. Acta 1993, 38, 557. 
(18) Steele, B. C. H.; Heinzel, A. Nature 2001, 414, 345. 
(19) Debe, M. K. Nature 2012, 486, 43. 
(20) Savadogo, O.; Lavoie, H. Int. J. Hydrogen Energy 1992, 17, 473. 
(21) Savadogo, O. J. Electrochem. Soc. 1992, 139, 1082. 
(22) Savadogo, O.; Carrier, F.; Forget, E. Int. J. Hydrogen Energy 1994, 19, 429. 
(23) Hinnemann, B.; Moses, P. G.; Bonde, J.; Jørgensen, K. P.; Nielsen, J. H.; Horch, S.; 

Chorkendorff, I.; Nørskov, J. K. J. Am. Chem. Soc. 2005, 127, 5308. 
(24) Jaramillo, T. F.; Jørgensen, K. P.; Bonde, J.; Nielsen, J. H.; Horch, S.; Chorkendorff, I. 

Science 2007, 317, 100. 
(25) Li, Y.; Wang, H.; Xie, L.; Liang, Y.; Hong, G.; Dai, H. J. Am. Chem. Soc. 2011, 133, 

7296. 
(26) Merki, D.; Fierro, S.; Vrubel, H.; Hu, X. Chem. Sci. 2011, 2, 1262. 
(27) Merki, D.; Vrubel, H.; Rovelli, L.; Fierro, S.; Hu, X. Chem. Sci. 2012, 3, 2515. 
(28) Artero, V.; Chavarot-Kerlidou, M.; Fontecave, M. Angew. Chem. Int. Ed. 2011, 50, 7238. 
(29) Du, P.; Eisenberg, R. Energy Environ. Sci. 2012, 5, 6012. 
(30) Wang, M.; Chen, L.; Sun, L. Energy Environ. Sci. 2012, 5, 6763. 
(31) Felton, G. A. N.; Glass, R. S.; Lichtenberger, D. L.; Evans, D. H. Inorg. Chem. 2006, 45, 

9181. 
(32) Kütt, A.; Leito, I.; Kaljurand, I.; Sooväli, L.; Vlasov, V. M.; Yagupolskii, L. M.; Koppel, 

I. A. J. Org. Chem. 2006, 71, 2829. 
(33) Kaupmees, K.; Kaljurand, I.; Leito, I. J. Phys. Chem. A 2010, 114, 11788. 
(34) Fourmond, V.; Jacques, P.-A.; Fontecave, M.; Artero, V. Inorg. Chem. 2010, 49, 10338. 
(35) Pool, D. H.; DuBois, D. L. J. Organomet. Chem. 2009, 694, 2858. 
(36) Baffert, C.; Artero, V.; Fontecave, M. Inorg. Chem. 2007, 46, 1817. 
(37) Dempsey, J. L.; Winkler, J. R.; Gray, H. B. J. Am. Chem. Soc. 2010, 132, 16774. 
(38) Solis, B. H.; Hammes-Schiffer, S. Inorg. Chem. 2011, 50, 11252. 
(39) Solis, B. H.; Hammes-Schiffer, S. J. Am. Chem. Soc. 2011, 133, 19036. 
(40) Muckerman, J. T.; Fujita, E. Chem. Commun. 2011, 47, 12456. 
(41) Fernandez, L. E.; Horvath, S.; Hammes-Schiffer, S. J. Phys. Chem. C 2011, 116, 3171. 



14 

 

(42) Koelle, U.; Paul, S. Inorg. Chem. 1986, 25, 2689. 
(43) Bernhardt, P. V.; Jones, L. A. Inorg. Chem. 1999, 38, 5086. 
(44) Appel, A. M.; DuBois, D. L.; Rakowski DuBois, M. J. Am. Chem. Soc. 2005, 127, 12717. 
(45) Sundstrom, E. J.; Yang, X.; Thoi, V. S.; Karunadasa, H. I.; Chang, C. J.; Long, J. R.; 

Head-Gordon, M. J. Am. Chem. Soc. 2012, 134, 5233. 
(46) Karunadasa, H. I.; Montalvo, E.; Sun, Y.; Majda, M.; Long, J. R.; Chang, C. J. Science 

2012, 335, 698. 
(47) Rakowski DuBois, M.; DuBois, D. L. Chem. Soc. Rev. 2009, 38, 62. 
(48) Fisher, B. J.; Eisenberg, R. J. Am. Chem. Soc. 1980, 102, 7361. 
(49) Kellett, R. M.; Spiro, T. G. Inorg. Chem. 1985, 24, 2373. 
(50) Abdel-Hamid, R.; El-Sagher, H. M.; Abdel-Mawgoud, A. M.; Nafady, A. Polyhedron 

1998, 17, 4535. 
(51) McCrory, C. C. L.; Uyeda, C.; Peters, J. C. J. Am. Chem. Soc. 2012, 134, 3164. 
(52) Houlding, V.; Geiger, T.; Kölle, U.; Grätzel, M. J. Chem. Soc., Chem. Commun. 1982, 

681. 
(53) Voloshin, Y. Z.; Dolganov, A. V.; Varzatskii, O. A.; Bubnov, Y. N. Chem. Commun. 

2011, 47, 7737. 
(54) Pantani, O.; Naskar, S.; Guillot, R.; Millet, P.; Anxolabéhère-Mallart, E.; Aukauloo, A. 

Angew. Chem. Int. Ed. 2008, 47, 9948. 
(55) Anxolabéhère-Mallart, E.; Costentin, C.; Fournier, M.; Nowak, S.; Robert, M.; Savéant, 

J.-M. J. Am. Chem. Soc. 2012, 134, 6104. 
(56) Connolly, P.; Espenson, J. H. Inorg. Chem. 1986, 25, 2684. 
(57) Hu, X.; Cossairt, B. M.; Brunschwig, B. S.; Lewis, N. S.; Peters, J. C. Chem. Commun. 

2005, 4723. 
(58) Hu, X.; Brunschwig, B. S.; Peters, J. C. J. Am. Chem. Soc. 2007, 129, 8988. 
(59) Dempsey, J. L.; Brunschwig, B. S.; Winkler, J. R.; Gray, H. B. Acc. Chem. Res. 2009, 42, 

1995. 
(60) Bigi, J. P.; Hanna, T. E.; Harman, W. H.; Chang, A.; Chang, C. J. Chem. Commun. 2010, 

46, 958. 
(61) Sun, Y.; Bigi, J. P.; Piro, N. A.; Tang, M. L.; Long, J. R.; Chang, C. J. J. Am. Chem. Soc. 

2011, 133, 9212. 
(62) Stubbert, B. D.; Peters, J. C.; Gray, H. B. J. Am. Chem. Soc. 2011, 133, 18070. 
(63) Singh, W. M.; Baine, T.; Kudo, S.; Tian, S.; Ma, X. A. N.; Zhou, H.; DeYonker, N. J.; 

Pham, T. C.; Bollinger, J. C.; Baker, D. L.; Yan, B.; Webster, C. E.; Zhao, X. Angew. 
Chem. Int. Ed. 2012, n/a. 

(64) McNamara, W. R.; Han, Z.; Alperin, P. J.; Brennessel, W. W.; Holland, P. L.; Eisenberg, 
R. J. Am. Chem. Soc. 2011, 133, 15368. 

(65) McNamara, W. R.; Han, Z.; Yin, C.-J.; Brennessel, W. W.; Holland, P. L.; Eisenberg, R. 
Proc. Natl. Acad. Sci. USA. 2012. 

(66) Canaguier, S.; Artero, V.; Fontecave, M. Dalton. Trans. 2008, 315. 
(67) Collin, J. P.; Jouaiti, A.; Sauvage, J. P. Inorg. Chem. 1988, 27, 1986. 
(68) Wilson, A. D.; Newell, R. H.; McNevin, M. J.; Muckerman, J. T.; Rakowski DuBois, M.; 

DuBois, D. L. J. Am. Chem. Soc. 2005, 128, 358. 
(69) Rakowski Dubois, M.; Dubois, D. L. Acc. Chem. Res. 2009, 42, 1974. 
(70) Kilgore, U. J.; Roberts, J. A. S.; Pool, D. H.; Appel, A. M.; Stewart, M. P.; DuBois, M. 

R.; Dougherty, W. G.; Kassel, W. S.; Bullock, R. M.; DuBois, D. L. J. Am. Chem. Soc. 
2011, 133, 5861. 

(71) Pool, D. H.; Stewart, M. P.; O’Hagan, M.; Shaw, W. J.; Roberts, J. A. S.; Bullock, R. M.; 
DuBois, D. L. Proc. Natl. Acad. Sci. USA. 2012. 

(72) Helm, M. L.; Stewart, M. P.; Bullock, R. M.; DuBois, M. R.; DuBois, D. L. Science 
2011, 333, 863. 

(73) Jain, A.; Lense, S.; Linehan, J. C.; Raugei, S.; Cho, H.; DuBois, D. L.; Shaw, W. J. Inorg. 
Chem. 2011, 50, 4073. 



15 

 

(74) Wiese, S.; Kilgore, U. J.; DuBois, D. L.; Bullock, R. M. ACS Catal. 2012, 2, 720. 
(75) Begum, A.; Moula, G.; Sarkar, S. Chem. Eur. J. 2010, 16, 12324. 
(76) Luca, O. R.; Konezny, S. J.; Blakemore, J. D.; Colosi, D. M.; Saha, S.; Brudvig, G. W.; 

Batista, V. S.; Crabtree, R. H. New J. Chem. 2012, 36, 1149. 
(77) Gloaguen, F. d. r.; Lawrence, J. D.; Rauchfuss, T. B. J. Am. Chem. Soc. 2001, 123, 9476. 
(78) Darensbourg, M. Y.; Lyon, E. J.; Zhao, X.; Georgakaki, I. P. Proc. Natl. Acad. Sci. USA. 

2003, 100, 3683. 
(79) Sun, L.; Åkermark, B.; Ott, S. Coord. Chem. Rev. 2005, 249, 1653. 
(80) Tard, C.; Liu, X.; Ibrahim, S. K.; Bruschi, M.; Gioia, L. D.; Davies, S. C.; Yang, X.; 

Wang, L.-S.; Sawers, G.; Pickett, C. J. Nature 2005, 433, 610. 
(81) Felton, G. A. N.; Vannucci, A. K.; Chen, J.; Lockett, L. T.; Okumura, N.; Petro, B. J.; 

Zakai, U. I.; Evans, D. H.; Glass, R. S.; Lichtenberger, D. L. J. Am. Chem. Soc. 2007, 
129, 12521. 

(82) Gloaguen, F.; Rauchfuss, T. B. Chem. Soc. Rev. 2009, 38, 100. 
(83) Mejia-Rodriguez, R.; Chong, D.; Reibenspies, J. H.; Soriaga, M. P.; Darensbourg, M. Y. 

J. Am. Chem. Soc. 2004, 126, 12004. 
(84) Wang, Z.; Liu, J.; He, C.; Jiang, S.; Åkermark, B.; Sun, L. Inorg. Chim. Acta 2007, 360, 

2411. 
(85) Gao, W.; Sun, J.; Åkermark, T.; Li, M.; Eriksson, L.; Sun, L.; Åkermark, B. Chem. Eur. 

J. 2010, 16, 2537. 
(86) Quentel, F.; Passard, G.; Gloaguen, F. Energy Environ. Sci. 2012. 
(87) Blum, O.; Milstein, D. J. Am. Chem. Soc. 2002, 124, 11456. 
(88) Yoon, M.; R. Tyler, D. Chem. Commun. 1997, 639. 
(89) Parkin, G.; Bercaw, J. E. J. Am. Chem. Soc. 1989, 111, 391. 
(90) Kennedy-Smith, J. J.; Nolin, K. A.; Gunterman, H. P.; Toste, F. D. J. Am. Chem. Soc. 

2003, 125, 4056. 
(91) Kanan, M. W.; Nocera, D. G. Science 2008, 321, 1072. 
(92) Nocera, D. G. Acc. Chem. Res. 2012, 45, 767. 
(93) Karunadasa, H. I.; Chang, C. J.; Long, J. R. Nature 2010, 464, 1329. 
(94) Thoi, V. S.; Karunadasa, H. I.; Surendranath, Y.; Long, J. R.; Chang, C. J. Energy 

Environ. Sci. 2012, 5, 7762. 
(95) Keita, B.; Kortz, U.; Holzle, L. R. B.; Brown, S.; Nadjo, L. Langmuir 2007, 23, 9531. 
(96) Pantani, O.; Anxolabéhère-Mallart, E.; Aukauloo, A.; Millet, P. Electrochem. Commun. 

2007, 9, 54. 
(97) Berben, L. A.; Peters, J. C. Chem. Commun. 2010, 46, 398. 
(98) Kellett, R. M.; Spiro, T. G. Inorg. Chem. 1985, 24, 2378. 
(99) Abe, T.; Taguchi, F.; Imaya, H.; Zhao, F.; Zhang, J.; Kaneko, M. Polym. Adv. Technol. 

1998, 9, 559. 
(100) Zhao, F.; Zhang, J.; Abe, T.; Wöhrle, D.; Kaneko, M. J. Mol. Catal. A: Chem. 1999, 145, 

245. 
(101) Le Goff, A.; Artero, V.; Jousselme, B.; Tran, P. D.; Guillet, N.; Métayé, R.; Fihri, A.; 

Palacin, S.; Fontecave, M. Science 2009, 326, 1384. 
(102) Tran, P. D.; Le Goff, A.; Heidkamp, J.; Jousselme, B.; Guillet, N.; Palacin, S.; Dau, H.; 

Fontecave, M.; Artero, V. Angew. Chem. Int. Ed. 2011, 50, 1371. 
(103) Jaramillo, T. F.; Bonde, J.; Zhang, J.; Ooi, B.-L.; Andersson, K.; Ulstrup, J.; 

Chorkendorff, I. J. Phys. Chem. C 2008, 112, 17492. 
(104) Hou, Y.; Abrams, B. L.; Vesborg, P. C. K.; Björketun, M. E.; Herbst, K.; Bech, L.; Setti, 

A. M.; Damsgaard, C. D.; Pedersen, T.; Hansen, O.; Rossmeisl, J.; Dahl, S.; Nørskov, J. 
K.; Chorkendorff, I. Nature Mater. 2011, 10, 434. 

(105) Dinh Nguyen, M. T.; Ranjbari, A.; Catala, L.; Brisset, F.; Millet, P.; Aukauloo, A. Coord. 
Chem. Rev. 

 
  



16 

 

1.11 Schemes, Tables, and Figures 

 

 
 

Scheme 1.1. Proposed mechanisms for H2 evolution via the formation of a common metal-
hydride intermediate. Note that the M designation is generalized and can represent monometallic 
or multimetallic hydrides, as well as metal-hydrides with non-innocent ancillary ligands to 
provide additional redox equivalents. 
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Scheme 1.2. Design parameters for an effective proton reduction catalyst that operates through a 
generic metal-hydride intermediate. 
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Table 1.1. Electrochemical data for water-compatible cobalt catalysts for hydrogen evolution 

Complex 
Co(II)/Co(I) 
(V vs. SHE) 

Applied potential 
(V vs. SHE)a 

Faradaic 
efficiency (%) 

TON 
(mol H2/mol cat) 

TOF 
(mol H2/mol cat⋅h) 

Electrode Conditions Ref 

1 -- −1.26 -- -- -- Hg 2:1 H2O-MeCN 48 

1 -- −1.36 <80 -- -- Hg H2O 48 

2 −0.42 −0.71 90 -- -- Hg 0.1 M TFA in H2O 49 

3 −0.47 −0.71 90 -- -- Hg 0.1 M TFA in H2O 49 

4 -- −0.71 90 -- -- Hg 0.1 M TFA in H2O 49 

5 −1.29 −1.29 -- -- -- Hg 
Britton-Robinson 

buffer 
pH 2-10 

50 

6 −0.53 −0.69 92 17 8.5b GC 
pH 2.2 phosphate 

buffer 
51 

7 −0.3 −0.46 55 -- -- Hg 
pH 4 phosphate 

buffer 
52 

8 -- −0.79 -- -- -- Hg 
pH 7 phosphate 

buffer 
43 

9 -- −0.79 -- -- -- Hg 
pH 7 phosphate 

buffer 
43 

10 −0.19 −0.19 -- -- -- GC 
HClO4, 1:1 H2O-

MeCN 
53 

11 −0.19 −0.19 -- -- -- GC 
HClO4, 1:1 H2O-

MeCN 
53 

12 -- −0.75 75-85 -- -- GC 
pH 7 phosphate 

buffer 
55 

13 −0.52 −0.69 81 23 11.5b GC 
pH 2.2 phosphate 

buffer 
51 

14 −0.52 −0.69 80 18 9b GC 
pH 2.2 phosphate 

buffer 
51 

15 −0.39 −0.69 79 16 8b GC 
pH 2.2 phosphate 

buffer 
51 

16 −0.53 −0.69 30 2 1b GC 
pH 2.2 phosphate 

buffer 
51 

17 −0.76 −0.76 -- -- -- GC 
TFA, 1:1 H2O-

MeCN 
60 
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18 −1.0 −1.3 >99 5.5 × 104 917b Hg 
pH 7 phosphate 

buffer 
61 

19 −0.84 −1.3 -- -- -- Hg 
pH 7 phosphate 

buffer 
61 

20 −1.12 −1.3 -- -- -- Hg 
pH 7 phosphate 

buffer 
61 

21 −0.6 −1.16 75, 87, 60 -- 7 × 106 c Hg 
pH 2, 5, 8 aqueous 

buffer 
62 

22 −0.90 −1.4 99 300 300b Hg 
pH 7 phosphate 

buffer 
63 

23 −0.63 −0.66 42 -- -- Hg 
pH 6.5 phosphate 

buffer 
52 

24 -- −0.94 -- 20 1.11b Hg 
pH 5 phosphate 

buffer 
42 

25 −0.40 −0.77 >99 -- -- GC 
TFA, 1:1 H2O-

MeCN 
65 

26 −0.46 -- -- -- -- GC 
TFA, 1:1 H2O-

MeCN 
65 

27 −0.27 -- -- -- -- GC 
TFA, 1:1 H2O-

MeCN 
65 

 

 a catalytic onset potential where controlled potential electrolyses were not reported; b calculated by dividing TON over the reported 
time of the electrolysis; c calculated from j = nFCp°(DkappsCs°)1/2, where j is the current density, n is number of electrons, F is 
Faraday’s constant, D is the diffusion coefficient, kapps is the apparent rate constant, and Cp° and Cs° are the concentrations of the 
catalyst and the substrate, respectively.
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Table 1.2. Electrochemical data for water-compatible nickel, iron, and molybdenum catalysts for hydrogen evolution. 

Complex 
Mn+/Mn-1

 

(V vs. SHE) 
Applied potentiala 

(V vs. SHE) 
Faradaic 

efficiency (%) 

TON 
(mol H2/ mol 

cat) 

TOF 
(mol H2/ mol 

cat⋅h) 
Electrode Conditions Ref 

28 -- −1.46 -- -- -- Hg 2:1 H2O-MeCN 48 

29 −1.34 −1.26 -- -- -- Hg 0.1 M NaClO4 in H2O 67 

30 −1.18 −1.26 -- -- -- Hg 0.1 M NaClO4 in H2O 67 

31 −0.1 −0.18b -- -- 4.3 × 105 c GC 
DMF:HOTf, 0.27 M H2O in 

MeCN 
70 

32 −0.14 −0.17b -- -- 3.7 × 106 c GC 
DMF:HOTf, 0.27 M H2O in 

MeCN 
70 

33 −0.19 −0.25b -- -- 6.7 × 106 c GC 
DMF:HOTf, 0.55 M H2O in 

MeCN 
70 

34 −0.18 −0.20b -- -- 2.6 × 106 c GC 
DMF:HOTf, 0.034 M H2O 

in MeCN 
70 

35 −0.19 −0.24b -- -- 2.8 × 106 c GC 
DMF:HOTf, 0.05 M H2O in 

MeCN 
70 

36 −0.14 −0.21b 
94  

(at −0.26 V) 
-- 1.7 × 106 c GC 

DMF:HOTf, 0.08 M H2O in 
MeCN 

70 

37 −0.62d −1.0d 92 13 4.3 × 104 c GC/RVC 
X= 0.72 H2O in 
[(DBF)H]NTf2 

71 

38 −0.49 −0.49 -- -- 1.1 × 105 c GC 
DMF:HOTf, 1.2 M H2O in 

MeCN 
72 

39 −0.13 −0.5 -- -- -- GC 
TsOH, 0.2 M NaClO4 in 

H2O 
75 

40 -- −1.1 95 -- -- RVC 
0.1 M KCl/HCl in H2O (pH 

1) 
76 

41 −1.53 −1.7 -- -- -- GC HOAc, 1:3 H2O-MeCN 83 

42 −1.38 −1.7 -- -- -- GC HOAc, 1:3 H2O-MeCN 83 

43 −1.7e −1.63e -- -- -- GC HOAc, 1:3 H2O-MeCN 84 

44 −1.8e −1.63e -- -- -- GC HOAc, 1:3 H2O-MeCN 84 
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45 -- −1.26 -- -- -- GC MeCN spiked with H2O 85  

46 -- −1.27 -- -- -- GC MeCN spiked with H2O 85 

47 -- −0.66 100 52 52g Hg 
HOAc, pH 3 water with 10 
mM sodium dodecyl sulfate 

86 

48 −1.06f −1.4 >99 6.1 × 105 8500 Hg pH 7 phosphate buffer 93 

49 −0.53f −0.96 >99 1.9 × 107 1.9 × 107 h Hg pH 3 acetate buffer 46 
 

a catalytic onset potential where controlled potential electrolyses were not reported; b back-calculated using Felton method31 (E°HA = 
−0.518) as only overpotentials were reported; c calculated from Equation 4; d potential referenced to Fc/Fc+;  e potentials were 
referenced to Ag/AgNO3; 

f Mo(III)/Mo(II) reduction potential; g calculated by dividing TON over the reported time of the 
electrolysis; h calculated based on the surface coverage of the catalyst on the Hg pool. 
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Figure 1.1. Structures of cobalt catalysts 1-16 with macrocyclic platforms 
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Figure 1.2. Controlled-potential electrolyses at −0.69 V vs. SHE in the absence (red) and 
presence of 13 (black), in 0.1 M NaClO4 aqueous solution on a glassy carbon electrode. After a 
2-h electrolysis, the electrode was rinsed with water and a controlled potential electrolysis under 
the same conditions in the absence of catalyst was conducted for 2 h (blue). Reprinted with the 
permission of American Chemical Society.51  
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Figure 1.3. Structures of cobalt catalysts 17-22 featuring pyridine-based ligand platforms. 
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Figure 1.4. Cyclic voltammograms of 18 (red), 19 (green), and 20 (blue) in pH 7 phosphate 
buffer. Reprinted with the permission of American Chemical Society.61 
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Figure 1.5. Structures of cobalt catalysts 23-27 with other ligand platforms. 
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Figure 1.6. Cyclic voltammograms of 0.5 mM of 25 in a 0.1 M solution of KNO3 in 1:1 water-
acetonitrile upon addition of 2.2 mM TFA (blue), 4.4 mM TFA (green), 6.6 mM TFA (red), and 
8.8 mM TFA on a glassy carbon electrode. Inset: acid concentration dependence on current. 
Reprinted with the permission of American Chemical Society.64   
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Figure 1.7. Cyclic voltammograms of 38 in the presence of increasing concentrations of 
DMF:HOTf, and followed by the addition of water in an acetonitrile solution on a glassy carbon 
electrode. Reprinted with the permission of American Association for the Advancement of 
Science.72 
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Figure 1.8. Structures of nickel catalysts 25-40. 
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Figure 1.9. Structures of iron catalysts 41-47. 
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Figure 1.10. Structures of molybdenum catalysts 48-49 and cyclic voltammograms in the 
absence (blue) and presence of 48 (green), 49 (orange) in pH 3 acetate buffer on a Hg pool 
electrode. Reprinted with the permission of American Association for the Advancement of 
Science.46 
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Figure 1.11 Schematic representation of the bio-inspired H2-evolving nickel catalyst grafted on a 
carbon nanotube. Reprinted with the permission of American Association for the Advancement 
of Science.101 
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Chapter 2 

 

 

Electrochemical Generation of Hydrogen from Acetic Acid Using a Molecular 
Molybdenum-Oxo Catalyst 

 

2.1 Abstract 
 

We recently reported the catalytic generation of hydrogen from water mediated through 
the in-situ reduction of the molybdenum(IV)-oxo complex [(PY5Me2)MoO]2+ (1; PY5Me2 = 2,6-
bis(1,1-bis(2-pyridyl)ethyl)pyridine) at a mercury electrode. In order to establish that the 
molecular complex is competent for the catalytic reduction of protons on other electrodes, we 
herein demonstrate its ability to reduce protons at a glassy carbon electrode in acidic organic 
media, where the active catalyst is shown to be diffusing freely in solution. Cyclic and rotating 
disk voltammetry experiments show that three stoichiometric reductions precede the catalytic 
generation of hydrogen, which occurs at potentials more negative than −1.25 V vs. SHE. Gas 
chromatographic analysis of the bulk electrolysis cell headspace confirms that hydrogen is 
generated at a Faradiac efficiency of 99%. The response of the catalytic current to variations in 
the concentration of catalyst and acid indicates first- and second-order dependences, 
respectively, while pseudo-first order conditions, with acetic acid concentrations of greater than 
0.1 M, result in a rate constant of 385 s-1 for the reduction of acetic acid in acetonitrile.  
 
2.2 Introduction 
 

As concerns over the depletion of fossil fuels and the accumulation of their combustion 
byproducts escalate, the search for sustainable and economically viable energy sources have 
become an area of intense research. In particular, electro- and photo-catalytic methods for 
generating hydrogen and oxygen from water have been explored as cost-effective ways of 
producing a carbon-neutral fuel. While precious metals show high catalytic activity for the 
electro-1-3 and photo-chemical4-9 reduction of protons, their high cost and low terrestrial 
abundance makes them unattractive for large-scale, distributed energy storage. Less expensive 
heterogeneous catalysts displaying comparable activity have also been reported,10-18 and their 
continued study promises to be an important area in sustainable energy research.  
 The potential for fine-tuning the electronic structure of molecules to optimize catalytic 
transformations using standard solution-based synthetic methods has also led to heavy interest in 
designing molecular species as catalysts for generating hydrogen and oxygen.19-29 Advances in 
the area of hydrogen generation have afforded molecular catalysts that operate at moderate to 
low overpotentials for the reduction of protons in organic media with high rates and 
lifetimes.27,30-50 The large-scale, sustainable production of hydrogen requires catalysts that 
function in or tolerate water as a solvent, and several examples of molecular catalysts that 
operate in acidic and neutral water have been reported.15,27,30,31,39,44-47,50-54 Whereas many 
speculative catalytic cycles involve protonation at a low-valent metal center, protonation at a 
ligand has been explored as an alternative strategy towards providing a highly nucleophilic site 
for proton reduction,14,41,50,55 potentially allowing for the development of more water-tolerant 
complexes.  
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We have initiated a program aimed at utilizing pyridine-based platforms for energy 
catalysis43,45,47,50,56 and recently reported the electrochemical reduction of a molybdenum(IV)-
oxo complex, [(PY5Me2)MoO](PF6)2 (1(PF6)2; PY5Me2 = 2,6-bis(1,1-bis(2-
pyridyl)ethyl)pyridine), in water, which led to a rapid catalytic cycle for the cleavage of neutral 
water to generate hydrogen under ambient conditions.43 We speculated that reduction of 1 could 
render the oxo ligand more nucleophilic, where the added electrons occupied orbitals with 
antibonding character with respect to the metal-oxo bond.57,58 Sequential proton-coupled 
reductions of 1 could then generate a seven-coordinate Mo(H)(OH) species poised for 
intramolecular H2 elimination.43,59 While 1 showed high activity and stability for water 
reduction, its significant overpotential (ca. 0.6 V) required the use of a mercury electrode to 
reduce background contributions to the measured hydrogen evolution current.60 Cyclic 
voltammograms obtained with a Hg drop electrode (A ~ 11.6 × 10–3 cm2) of 1(PF6)2 in a 0.6 M 
pH 7 phosphate buffer solution at scan rates ranging from 0.2 to 6.5 V/s show two quasi-
reversible redox couples at E1/2 = −0.49 V and −0.77 V vs. SHE before the onset of the catalytic 
current at ca. −0.88 V vs. SHE. The scan rate dependence of the peak currents of the second 
redox event shows a linear relation for the current response to changes in scan rate (Fig. 2.1), 
revealing that the molybdenum complex is adsorbed to the Hg surface.  

While the eventual utilization of a molecular proton reduction catalyst as a component of 
an electrochemical or photochemical water splitting device will likely require its immobilization 
on a surface, adsorption on Hg complicates the characterization of the catalytically active 
species. We therefore sought to identify conditions under which 1 is competent for catalytic 
hydrogen evolution without being adsorbed on the electrode. In order to evaluate the catalytic 
performance of 1 using a carbon electrode, we chose acetic acid as an inexpensive organic proton 
source with which to study the kinetics of hydrogen evolution in organic media. In this report, 
we present data showing that metal-oxo complex 1 is a competent molecular electrocatalyst for 
the reduction of protons to hydrogen under soluble and diffusion-limited conditions.  
 

2.3 Results and Discussion 
 

Cyclic Voltammetry Studies. In acetonitrile solution at a glassy carbon electrode, the 
molybdenum(IV)-oxo complex displays a rich reductive electrochemistry without adsorbing to 
the electrode surface. As reported previously,43 the cyclic voltammogram of 0.7 mM 1(CF3SO3)2 

in a 0.1 M (Bu4N)PF6 acetonitrile solution at a glassy carbon disk electrode, at a scan rate of 0.1 
V/s, shows reversible [(PY5Me2)MoO]2+/1+ and [(PY5Me2)MoO]2+/3+ redox couples at E1/2 = 
−0.84 and 1.41 V vs. SHE, respectively. Scanning to cathodic potentials beyond the first 
reversible reduction reveals an irreversible redox event at a cathodic peak potential of Ep,c = 
−1.24 V followed by a reversible couple at E1/2 = −1.55 V vs. SHE. 

Since reduction of the Mo center is expected to increase the basicity of oxo ligand, we 
hypothesized that the irreversibility of the second wave may be due to inefficient proton transfer. 
To examine this hypothesis, cyclic voltammograms were collected in the presence of 
stoichiometric and substoichiometric amounts of acid. A cyclic voltammogram of 0.5 mM 
1(CF3SO3)2 in the presence of 0.25 mM of acetic acid (0.5 equiv.) shows growth of two new 
reversible reductive events at E1/2 = −0.73 and −1.08 V vs. SHE, with concomitant attenuation of 
the reductive events at E1/2 = −0.84 and Ep,c = −1.24 V vs. SHE (Fig. 2.2). In the presence of one 
equivalent of acetic acid, the cyclic voltammogram of 1(CF3SO3)2 displays three reversible 
reductive processes at E1/2 = −0.73, −1.08, and −1.55 V vs. SHE, all of which are diffusion-
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limited, as evidenced by their square root dependence on the scan rate (Fig. 2.3). Thus, we 
postulate that in the absence of acid, the second reduction event is accompanied by adventitious 
protonation from trace water or acidic functionality on the glassy carbon surface. This would 
result in sluggish back proton transfer kinetics that would inhibit the return oxidation reaction 
and give rise to an irreversible wave. In contrast, in the presence of submillimolar concentrations 
of acid, both forward and reverse proton transfers are rapid, resulting in three reversible redox 
waves. The diffusion-limited nature of these waves contrasts with what is observed for the 
compound in water on a mercury cathode, where reduction leads to adsorption on the electrode 
surface before the onset of catalytic hydrogen evolution (Fig. 1.1).29 

Catalytic hydrogen production can also be achieved with the molybdenum(IV)-oxo 
complex in acetonitrile by supplying an excess of organic acid as a proton source. Addition of 50 
equiv. of acetic acid (35 mM) to a solution containing 0.7 mM 1(CF3SO3)2 leads to a positive 
shift in the reduction potentials, with the first redox couple occurring at E1/2 = −0.57 V followed 
by a reduction event at E1/2 = −0.80 V vs. SHE (Fig. 2.4). As shown in Figure 2.5, the magnitude 
of the positive shift varies as a function of acid strength with the most positive shifts occurring 
with stronger acids, suggesting protonation is associated with electron transfer. The proton-
coupled nature of these reduction events is further substantiated by cyclic voltammograms of 0.5 
mM 1(CF3SO3)2 with varying ratios of benzoic acid and tetrabutylammonium benzoate. Relative 
to a 1:1 ratio of benzoic acid to tetrabutylammonium benzoate, the first and second reduction 
events shift by 90 mV and 56 mV, respectively, in the presence of a 10:1 ratio of benzoic acid to 
tetrabutylammonium benzoate (Fig. 2.6), though further studies are necessary to determine the 
nature of these shifts. 

In the presence of excess acetic acid, scanning more negative to the second reduction 
event results in a sharp increase in current, indicative of catalytic proton reduction with an onset 
potential of −1.25 V vs. SHE. This catalytic current peaks at Ep = −1.60 V vs. SHE, with half the 
maximum current attained at a potential of Ep,½ = −1.40 V. Evans61 and Artero62 reported the 
thermodynamic potential (E°) for the reduction of acetic acid in acetonitrile as −0.82 and −0.59 
V vs. SHE, respectively. As such, the Ep,½ of −1.40 V for the reduction of acetic acid by 
1(CF3SO3)2 yields an overpotential of 580 and 810 mV based on these two studies, 
respectively.61,62

 For comparison, direct reduction of 35 mM acetic acid in a 0.1 M (Bu4N)PF6 

acetonitrile solution at a glassy carbon disk electrode occurs at an onset potential of ca. −1.50 V 
with Ep = −2.00 V and Ep,½ = −1.73 V vs. SHE (Fig. 2.7). Further additions of acid to a solution 
containing 0.7 mM 1(CF3SO3)2 lead to higher current enhancements and a positive shift of the 
onset potential (Fig. 2.8). Plots of the peak currents for the two precatalytic waves as well as for 
the catalytic current versus the square root of the scan rate show linear relationships, indicating 
that the redox-active species are freely diffusing in solution (Fig. 2.9). The catalytic nature of the 
peak at −1.60 V vs. SHE is established by passing ca. 25 equiv. of charge during a controlled- 
potential electrolysis conducted in a double-compartment cell, where the potential is held at −1.6 
V vs. SHE for 1 h (Fig. 2.10). Analysis of the electrolysis cell headspace by gas chromatography 
confirms the production of hydrogen with a Faradaic efficiency of 99%. 
 After establishing that 1 can catalytically reduce protons in acidic organic media, we 
turned our attention to the kinetics of this process. Using the method described by DuBois and 
coworkers,46,63 the following equation allows us to determine the observed rate constant for 
catalytic turnover under conditions of negligible acid consumption over the course of the CV 
sweep.  
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p 0.4463
obsi RTkn

i Fv
=  (1) 

 
Here, ip is the peak current of the third reduction in the absence of acid, ic is the catalytic peak 
current plateau, n is the number of electrons involved in each catalytic turnover (n = 2), R is the 
universal gas constant (8.314 J K–1 mol–1), T is temperature (K), F is the Faraday constant 
(96,485 A s mol–1), ν is the scan rate (0.05 V/s), and kobs is the observed rate constant (s–1). 
Importantly, the above equation is accurate in the limit of negligible acid consumption. Under 
such conditions, the CV waveform is expected to exhibit an S-shaped catalytic wave with a well-
defined plateau and overlapping forward and reverse scans. In our system, even at very high acid 
concentrations relative to catalyst (excess factor > 290), we observe peak-shaped catalytic waves 
displaying appreciable current hysteresis between forward and return scans. This behavior is 
indicative of significant substrate consumption over the course of the CV scan. Notwithstanding, 
we utilize equation 2 to extract lower limit estimates of kobs at high acid concentration and 
acknowledge that future studies are necessary to derive an accurate electrochemical rate law for 
hydrogen evolution. After subtracting the current from the direct reduction of protons at the 
glassy carbon electrode, a plot of ic/ip against acid concentration (Fig. 2.11) exhibits two regions. 
At acid concentrations below 0.1 M, ic/ip varies linearly with the acid concentration. However, at 
acid concentrations above 0.l M, ic/ip becomes independent of the acid concentration. Using the 
average ic/ip value observed in the acid-independent region, we estimate a kobs of 385 s–1.  

Rotating Disk Electrode Voltammetry (RDEV) Studies. A rotating disk electrode is 
utilized to probe the hydrodynamics of the system. Rotating the electrode at a fixed rate, 
ω (rpm), transports the dissolved catalyst in the bulk solution to the electrode at a fixed rate, 
creating a steady-state concentration profile and therefore a steady-state current at the electrode 
surface. Figure 2.12a shows the steady-state RDE voltammograms of 1(CF3SO3)2 obtained for 
different rotation rates at a scan rate of 0.025 V s–1 and exhibits three current plateaus indicative 
of three distinct ele1ctrochemical reductions. Similar to the cyclic voltammetry results, the 
addition of 50 equiv. of acetic acid (35 mM) generates two current plateaus, followed by a sharp 
increase in the current response which levels at a value approximately 10 times higher than the 
steady state current obtained from the catalyst alone at the same potential of –1.6 V vs. SHE. 
Half of the steady state current is achieved at a potential of –1.4 V vs. SHE, yielding an 
overpotential of 580 mV and 810 mV, depending on the E° value for hydrogen evolution (vide 
supra), for the reduction of 35 mM acetic acid.62 The RDE voltammogram is also consistent with 
three electrochemical reductions preceding the catalytic generation of hydrogen. The variation of 
the steady state current as a function of the rotation rate, given by the Levich relation, shown 
below in equation 3, is used to calculate the diffusion coefficient, D, for 1 in the electrolyte 
solution (Fig. 2.12b).  

 

 
2/3 1/2

1/6

0.62 [ ]nFD
J

ω
ν
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 (2) 

 
In the absence of acid, the Levich plot of the current density (JL) at approximately −1.8 V vs. 
SHE varies linearly as a function of ω1/2. A linear fit through the origin gives a slope of 1.34 × 
10–4 A s1/2 (R2 = 1.00). Assuming that the kinematic viscosity (ν) of the electrolyte solution is the 
same as that of pure acetonitrile (0.00435 cm2 s–1), and using n = 1 as the number of electrons 
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transferred in the third reduction event, a diffusion coefficient of D = 7.9 × 10–5 cm2 s–1 is 
calculated. Upon addition of 70 equiv. of acetic acid, the Levich plot deviates from linearity at 
rotation rates greater than 1600 rpm, suggesting the onset of kinetic limitations.64 

Potential-Dependent “Apparent Rate” of Hydrogen Production. In order to evaluate 
the performance of 1 for producing hydrogen from acetic acid at various overpotentials and to 
provide a point of reference for comparison with other molecular proton reduction catalysts that 
use the same acid source, we use a recently described method65-70 to determine apparent rates of 
proton reduction, defined as the number of turnovers the catalyst performs during the period it is 
at the electrode surface. This method normalizes for the diffusion of the molecular catalyst to the 
electrode surface at a particular rotation rate by dividing the catalytic current by the current 
generated by the catalyst alone at the same potential. 

To confirm that the conditions used in the RDEV experiments create steady-state 
currents, chronoamperometry experiments are performed using the rotating disk electrode of a 
0.1 M (Bu4N)PF6 acetonitrile solution containing 1(CF3SO3)2 (0.34 mM) and excess acetic acid 
(5.2 mM). Here, potential steps from 0 to potentials ranging from −0.29 to −2.09 V vs. SHE are 
measured at a rotation rate of 400 rpm. Upon application of a potential step, the current-time 
profile decays to within 1% of the steady-state current at time, τ ≥ 0.19 s.60 As shown in Fig. 
2.13, the steady-state current obtained through the application of potential steps matches the 
steady-state current determined through RDEV performed at the same scan rate, rotation rate, 
and concentrations of 1(CF3SO3)2 and acetic acid. This result confirms that a rotation rate of 400 
rpm is sufficient for obtaining a steady state current under these conditions.  
We next evaluated the parameter napp(E), defined as the apparent number of electrons delivered 
from the catalyst to the substrate, at a specific applied potential and rotation rate, during the time 
period that the molecular catalyst is at the electrode.60,70 At a given potential where proton 
reduction catalysis occurs, and at a fixed rotation rate where steady-state current is achieved, 
napp(E) is defined as: 
 

 c
app

p

( )
( )

nJ E
n E

J
=  (3) 

 
Here, n is the number of electrons involved in the reduction of 1 in the absence of acid (n = 1), 
Jc(E) is the catalytic current density at potential E, and Jp is the current density generated by 1 in 
the absence of acid at –1.6 V vs SHE. The values for napp at various potentials are shown in Fig. 
14a. At potentials where contributions from direct reduction of acetic acid at the glassy carbon 
electrode are observed (potentials more negative than −1.5 V vs. SHE), the background current is 
subtracted from the data. We note that this procedure gives a lower bound for napp at these 
potentials, because the current generated by direct reduction at the electrode is not limited by the 
diffusion of a molecular catalyst to the electrode surface. Similar to the results found in the 
kinetic studies using cyclic voltammetry, napp is independent of acid concentration above ca. 0.1 
M and exhibits plateau-like behavior (Fig. 2.14b). In this acid-independent region and at an 
applied potential of −1.6 V vs. SHE, napp is approximately 16. To convert from the “apparent 
number of electrons” to an “apparent turnover rate” (TOR) defined as the number of H2 
molecules produced by the catalyst during the time period it is at the electrode, the Faradaic 
efficiency of the catalyst (determined through bulk electrolysis) is taken into account as shown in 
the following equation: 
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Here, f describes the Faradaic efficiency at −1.6 V, and ncat is the number of electrons required to 
produce a molecule of hydrogen (ncat = 2) (Fig. 2.15). This analysis gives an apparent TOR of ca. 
8 s–1 at an applied potential of −1.6 V vs. SHE and at acid concentrations above 0.1 M. We note 
that, as discussed previously,70 napp and the TOR are not true kinetic measurements but only 
reference values for comparison with other molecular catalysts that reduce acetic acid to 
hydrogen under identical conditions. 

The direct comparison of molecular catalysts for proton reduction remains a challenge, 
because the activities for different catalysts have usually been assessed under very different 
conditions. In organic media, acids are typically chosen such that the thermodynamic potential 
for acid reduction is close to the Ep,½ of the catalytic current (the potential where the catalytic 
current reaches half its maximum value), resulting in a low overpotential for proton reduction 
with respect to the specific acid chosen in the study.61,62 Low overpotentials have been achieved 
for catalytic nickel24,25,27,46,71 and cobalt complexes,72 using acids such as triflic,71 
triethylammonium chloride,35 trifluoroacetic45,73 and p-toluenesulfonic acid.38 Restricting the 
discussion to catalysts evaluated under similar conditions, (i.e., under sufficiently high acid 
concentrations where the catalytic current is independent of the acid concentration), DuBois and 
co-workers have reported a series of Ni bis(diphosphine) complexes that utilize the secondary 
coordination sphere to enhance the reduction of organic acids to H2 in acetonitrile.24,25,27,46 Using 
protonated dimethylformamide and anilinium salts in acetonitrile with small amounts of water, 
Ni bis(diphospine) complexes containing pendant amines as proton relays can generate H2 with 
turnover frequencies ranging from 15 s–1

 to 106,000 s–1 with overpotentials from 220 mV to 625 
mV,27,46 based on E° values reported by Evans.61 Mo-S dimers and oxothiomolybdenum wheel-
shaped clusters can reduce a range of organic acids with overpotentials of ~100 mV and a rate 
constant of ~1.5 s–1.41,55 While the overpotential for proton reduction by 1 is significant (580 
mV61 or 810 mV,62 depending on the E° value employed), a rate constant of 385 s–1 is observed 
with acetic acid, an inexpensive acid currently produced industrially on a large scale.74 More 
importantly, these data show that successive reductions and protonations of a metal-oxo complex 
generate a catalyst competent for hydrogen evolution in acidic organic media and provide a 
baseline for systematic improvements. 
 

2.4 Concluding Remarks 
 

Voltammetry and controlled-potential electrolysis studies on carbon electrodes show that 
the electrochemical reduction of the molecular molybdenum-oxo complex, [(PY5Me2)MoO]2+, 
forms a competent catalyst for the reduction of protons in acidic organic media with a Faradaic 
efficiency of 99%. Importantly, cyclic and rotating disk electrode voltammetry indicated that the 
active catalyst is freely diffusing in solution, and that three electrochemical reductive processes 
precede the onset of catalytic proton reduction. At acid concentration in excess of 0.1 M, the rate 
constant, kobs, for hydrogen evolution is estimated to be 385 s–1. An “apparent turnover rate” for 
the reduction of acetic acid in acetonitrile by 1 of 8 s–1 at −1.6 V vs. SHE was also calculated as 
a metric for comparison to similar catalysts evaluated under identical conditions. Ongoing efforts 
are focused on decreasing the overpotential for proton reduction by 1 and related polypyridyl 
systems, with particular interest in developing catalysts that are compatible with aqueous media.  
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2.5 Experimental Section 
 

General. The compound [(PY5Me2)MoO](CF3SO3)2 (1(CF3SO3)2) was synthesized as 
previously reported.43 Glacial acetic acid (ACS grade, VWR), acetonitrile (HPLC grade, VWR), 
and tetrabutylammonium hexafluorophosphate (>99.0%, Sigma-Aldrich) were used without 
further purification. Tetrabutylammonium benzoate (>99.0%, Sigma-Aldrich) was stored under a 
N2 atmosphere and used without further purification. Benzoic acid (>99.5%, Sigma-Aldrich) was 
dried by heating at 100 °C at 250 mTorr and stored under a N2 atmosphere. 

Cyclic and Rotating Disk Electrode Voltammetry. Non-aqueous electrochemical 
experiments were conducted under a N2 atmosphere in a 0.1 M (Bu4N)PF6 acetonitrile solution at 
ambient temperature. Voltammetry and controlled-potential electrolysis experiments were 
carried out using the BASi Epsilon potentiostat. Rotating disk electrode voltammetry 
experiments were conducted with a BASi RDE-2 cell stand. All voltammetry experiments used a 
glassy carbon disk working electrode (3.0 mm diameter; 0.07 cm2) and a platinum wire counter 
electrode. A silver wire in a glass tube with a porous Vycor tip filled with a 0.1 M (Bu4N)PF6 
acetonitrile solution served as a pseudo-reference electrode. All potentials were referenced 
against the ferrocene/ferrocenium couple (Fc/Fc+) as an internal standard and converted to SHE 
by adding 0.640 V to the measured potentials.61,75 All electrochemical measurements were 
conducted without iR compensation. In all cases, cyclic voltammetry sweeps were recorded in 
quiescent solution and were initiated at the rest potential.  

Chronoamperatometry Experiments. Potential step experiments were conducted at a 
rotating disk electrode at 400 rpm in the presence of 0.35 mM of 1(CF3SO3)2 and 5.2 mM of 
acetic acid in a 0.1 M (Bu4N)PF6 acetonitrile solution. The potential was stepped from 0 V to the 
indicated potential in Fig. S5. The time (τ) required for the current to reach within 1% of the 
steady-state current after a potential step is given by:60  

 
1/3

2 / 3(0.51) 1.3
D

ωτ
ν

  ≥ 
 

 

 
where D is the diffusion coefficient, ν is the kinematic viscosity of the electrolyte solution 
(approximated as that of pure acetonitrile), and ω is the rotation rate. Here, D is 7.9 × 10−5

 cm2s–1 
(vide infra), ν is 0.004536 cm2s–1, ω is 41.9 s–1, and τ  ≥ 0.19 s. The current (blue circles) plotted 
in Fig. S5 was taken at τ = 2.5 s.  

Controlled-Potential Electrolysis and Gas Chromatographic Analysis. Controlled-
potential electrolysis was conducted using a custom-made air-tight glass double cell separated by 
a glass frit. The working compartment was fitted with a glassy carbon rod working electrode (2.5 
mm diameter, 2 cm length) and a Ag/AgNO3 reference electrode. The auxiliary compartment 
was fitted with a Pt gauze electrode. The working compartment was filled with 50 mL of 35 mM 
acetic acid in a 0.1 M (Bu4N)PF6 acetonitrile solution, while the auxiliary compartment was 
filled with 70 mL of 0.1 M (Bu4N)PF6 acetonitrile solution, resulting in equal solution levels in 
both compartments. Solution diffusion across the glass frit was slow under static pressure. Both 
compartments were sparged for 15 min with N2 and cyclic voltammograms were recorded as 
controls. Catalyst 1(CF3SO3)2 (0.1 mM) was then added and a cyclic voltammogram was 
recorded. Electrolysis was conducted for 1 h and the headspace was subjected to gas 
chromatographic analysis. An Agilent 490-GC Micro-Gas Chromatograph with a molecular 
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sieve column and heated syringe injector was used for product detection. The column was heated 
to 80 °C under Ar gas flow and an average sample volume of 200 nL was injected onto the 
column. The integrated area of the H2 peak was compared to a calibration curve (vide infra) to 
calculate the moles of H2 generated. To determine the Faradaic efficiency, this value was divided 
by the theoretical yield of hydrogen expected based on the charge passed over the course of the 
experiment. 

Calibration. Using the double-compartment cell described above, the working 
compartment was filled with 50 mL of 35 mM acetic acid in a 0.1 M (Bu4N)PF6 acetonitrile 
solution, while the auxiliary compartment was filled with 70 mL of a 0.1 M (Bu4N)PF6 
acetonitrile solution. Both compartments were sparged thoroughly with N2 and sealed. A 5-mL 
aliquot of the headspace was removed and replaced with 5 mL of CH4. Aliquots of 0.5, 1, 2, and 
3 mL of H2 were introduced to the headspace and the solution was allowed to stir for at least 30 
min. A sample of the headspace was injected into the gas chromatograph and the ratio of CH4 
and H2 was taken as points on a calibration curve (Fig 2.16). 
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2.7 Schemes, Tables, and Figures 

  
 

Fig. 2.1. Plot of the current versus the scan rate for the anodic wave of the second reduction at 
−0.74 V vs. SHE for 0.33 mM 1(PF6)2 in a 0.6 M pH 7 phosphate buffer solution obtained on a 
Hg drop electrode at scan rates ranging from 0.2 V/s to 6.5 V/s. The linear fit (y = 1.19 × 10-3

x, 
R

2 = 0.996) indicates that the reduced species is adsorbed on the Hg electrode.  
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Fig. 2.2. Cyclic voltammogram in presence of 0.5 mM 1(CF3SO3)2 in a 0.1 M of (Bu4N)PF6 
acetonitrile solution with 0 mM (black), 0.25 mM (blue, 0.5 equiv.), and 0.5 mM (red, 1 equiv.) 
of acetic acid at a glassy carbon disc electrode and a scan rate of 0.1 V/s. In the presence of a 
proton source, all three reductive processes are reversible and diffusion-limited. 
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Fig. 2.3. a) Cyclic voltammogram of 0.5 mM 1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 acetonitrile 
solution in the presence of one equivalent of acetic acid, and plots of the current versus the 
square root of the scan rate for the b) first (red, R2 = 1.00), c) second (blue, R2 = 0.999), and d) 
third (green, R2 = 0.994) reductions at a glassy carbon disc electrode for scan rates from 0.025 to 
3.03 V/s. The linear fits to the data indicate that the reduced species are freely diffusing in 
solution at all potentials in the presence of a proton source.  
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Fig. 2.4. Cyclic voltammograms of 0.7 mM 1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 acetonitrile 
solution at a glassy carbon disk electrode at a scan rate of 0.1 V/s in the absence (black line) and 
presence (blue and red lines) of 35 mM acetic acid. Blue and red lines indicate initial and 
subsequent scans, respectively.  
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Fig. 2.5. Cyclic voltammogram in presence of 0.5 mM 1(CF3SO3)2 in a 0.1 M of (Bu4N)PF6 
acetonitrile solution with 35 mM of benzoic acid (red, pKa 20.7), acetic acid (black, pKa 22.3) 
and phenol (blue, pKa 27.2) at a glassy carbon disc electrode and a scan rate of 0.1 V/s. The 
Stronger acids led to a more positive shift in the two precatalytic reduction potentials, suggesting 
protonation is coupled with electron transfer. Reported pKa values in acetonitrile were obtained 
from reference 61. 
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Fig. 2.6. Cyclic voltammograms of the a) first and b) second reductions of 0.5 mM 1(CF3SO3)2 
and 9 mM of benzoic acid in a 0.1 M of (Bu4N)PF6 acetonitrile solution with 0.9 mM (black, 
10:1), 5 mM (green, 2:1), 7 mM (blue, 3:1), and 9 mM (red, 1:1) of tetrabutylammonium 
benzoate at a glassy carbon disc electrode and a scan rate of 0.1 V/s. Relative to a 1:1 ratio of 
benzoic acid to tetrabutylammonium benzoate, the first and second reduction events shift by 90 
mV and 56 mV, respectively, in the presence of a 10:1 ratio of benzoic acid to 
tetrabutylammonium benzoate. 
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Fig. 2.7. Cyclic voltammogram in the absence (black) and presence (red) of 0.7 mM 1(CF3SO3)2 
in a 0.1 M of (Bu4N)PF6 acetonitrile solution with 35 mM of acetic acid at a glassy carbon disc 
electrode and a scan rate of 0.1 V/s. 
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Fig. 2.8. Cyclic voltammograms of 0.5 mM 1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 acetonitrile 
solution obtained at a glassy carbon disk electrode at a scan rate of 0.1 V/s in the presence of 0 
(black line), 35 mM (blue), 70 mM (green), and 105 mM (red) acetic acid. 
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Figure 2.9. Plot of the current versus the square root of the scan rate for the two precatalytic 
anodic waves at Ep = −0.64 V (blue circles, R2 = 0.999) and Ep = −0.84 V (green circles, R2 = 
0.999) and the catalytic reduction of protons at −1.6 V vs SHE (red circles, R2 = 0.998) for 0.7 
mM 1(CF3SO3)2 in a 0.1 M of (Bu4N)PF6 acetonitrile solution with 35 mM of acetic acid at a 
glassy carbon disc electrode for scan rates from 0.025 to 1 V/s. The linear fits to the data indicate 
that the reduced species are freely diffusing in solution at all potentials.  
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Fig. 2.10. Controlled-potential electrolysis of a 0.1 mM 1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 
acetonitrile solution and 17 mM of acetic acid at a glassy carbon rod electrode operating at a 
potential of at −1.6 V vs. SHE for 1 h. Charge build-up versus time (top) and GC trace (bottom). 
Background activity of direct proton reduction at the electrode has been subtracted from the data. 
A standard of CH4 was added for calibration purposes.  
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Fig. 2.11. A plot of ic/ip versus the concentration of acetic acid taken at 0.050 V/s for 0.35 mM 
1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 acetonitrile solution. At low acid concentrations, ic/ip varies 
linearly against the concentration of acetic acid; however, ic/ip exhibits plateau-like behavior at 
high acid concentration (> 0.1 M). The rate constant is determined at this acid-independent 
region to be 385 s-1, according to equation 2. Current from direct reduction of acetic acid at the 
glassy carbon electrode has been subtracted from the data and that the catalytic peak current 
plateau, ic, was taken at the catalytic peak current as an approximation in our calculations. 
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Fig. 2.12. a) RDE voltammograms of 0.36 mM 1(CF3SO3)2 in a 0.1 M (Bu4N)PF6 acetonitrile 
solution with rotation rates of 100 (black), 400 (orange), 800 (green), 1600 (yellow), 2400 (blue), 
and 3600 rpm (red) and a scan rate of 0.025 V/s. b) Levich plot of the current density at −1.8 V 
versus the square root of the rotation rate in the absence (red circles) and the presence (blue 
circles) of 35 mM acetic acid. Linear fits to the data (black lines) show that the current is 
diffusion-limited for all rotation rates in the absence of acid (y = 0.0998x, R2 = 1.000), and for 
rotation rates below ca. 1600 rpm in the presence of acid (y = 1.063x, R2 = 0.989). 
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Figure 2.13. RDE voltammograms of 0.35 mM 1(CF3SO3)2 in the absence (black) and presence 
(red) of 5.2 mM of acetic acid in a 0.1 M of (Bu4N)PF6 acetonitrile solution. The blue circles are 
steady-state currents obtained from potential step chronoamperometry after τ = 2.5 s. 1 Scan rate: 
0.025 V/s, 400 rpm. 
  



 

58 
 

 

 
 

Fig. 2.14. a) The apparent rate of electron delivery, napp, for 0.35 mM 1(CF3SO3)2 in a 0.1 M 
(Bu4N)PF6 acetonitrile solution in the presence of 5.2 mM (black), 17 mM (blue), 35 mM 
(green), 52 mM (orange), 70 mM (purple), 87 mM (yellow), 105 mM (red), 140 mM (olive), and 
157 mM (magenta) of acetic acid, at a scan rate of 0.025 V/s and a rotation rate of 400 rpm, at a 
glassy carbon disk electrode. The dotted vertical line at −0.59 V vs. SHE indicates the 
thermodynamic potential for the reduction of acetic acid to H2 in acetonitrile.62 b) napp plotted 
against concentration of acid. At acid concentrations above 0.1 M, napp is independent of acid 
concentration and exhibits plateau-like behavior. Current from direct reduction of acetic acid at 
the glassy carbon electrode has been subtracted from the data. 
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Fig. 2.15. The apparent turnover rate, TOR, (see text for details), for 0.35 mM 1(CF3SO3)2 in a 
0.1 M (Bu4N)PF6 acetonitrile solution in the presence of 5.2 mM (black), 17 mM (blue), 35 mM 
(green), 52 mM (orange), 70 mM (purple), 87 mM (yellow), 105 mM (red), 140 mM (olive), and 
157 mM (magenta)  of acetic acid, at a scan rate of 0.025 V/s and a rotation rate of 400 rpm, on a 
glassy carbon disc electrode. The dotted vertical line at −0.59 V vs. SHE indicates the 
thermodynamic potential for the reduction of acetic acid to H2 in acetonitrile. 
  



 

60 
 

 
 

Figure 2.16. Calibration curve used for determining the Faradaic efficiency by 1(CF3SO3)2 for 
hydrogen production, where V is the volume of gas injected into the headspace and S is the 
integrated area of the peak signal in the gas chromatogram. The data was fitted to y = 0.21x, R2 = 
0.9923. 
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Chapter 3 

 

 

Steric Effects on Photocatalytic Generation of Hydrogen from Neutral Water by 
Tetrapyridine Cobalt Complexes: Importance of Multiple Open Coordination Sites 
 
3.1 Abstract  
 

Hydrogen has emerged as a promising carbon-neutral fuel candidate that has high energy 
density and benign combustion products. As such, growing efforts have been directed at the 
development of catalytic hydrogen evolution from water and other non-petroleum resources. In 
this report, we describe the synthesis and characterization of a new homologous series of cobalt 
complexes supported by tetrapyridine platforms of the type PY4MexHy (2-(1,1-bis(2-
pyridyl)ethyl)-6-(2-(2-pyridyl)alkyl)pyridine, x = 1-3 and y = 0-2) and their application for 
electrocatalytic and photocatalytic reduction of water to hydrogen. Systematic tuning of steric 
constraints imposed by the ligand platform influences the number of open coordination sites at 
the metal center. Using this strategy, we demonstrate that the least sterically-congested 
derivatives 5 and 6 are active electrocatalysts for hydrogen evolution from neutral pH water 
compared to the more sterically-encumbered derivative 7, which shows little reactivity over a 
glassy carbon background. Notably, molecular catalysts 5 and 6 operate under soluble, diffusion-
limited conditions and at 100% Faradaic efficiency for hydrogen generation. This trend also 
holds for photocatalytic water reduction; tetrapyridine catalyst 5, which displays two open 
coordination sites, can photochemically generate hydrogen from neutral pH water with TONs 
reaching over 1000 (H2/Co) depending on the conditions and outperform the photoactivity of its 
pentapyridine congener [(PY5Me2)Co(H2O)]2+, a six-coordinate species that contains only one 
labile site. Taken together, this study highlights the importance of increasing open coordination 
sites in the design of more active molecular metal catalysts for electrochemical and 
photochemical hydrogen production and related energy conversion reactions.  
 
3.2 Introduction 

 
Rising global energy consumption and climate change have accelerated efforts in the 

development of sustainable energy solutions. In this context, hydrogen has emerged as a 
potential candidate as a molecular fuel for renewable energy storage and transport. Essential for 
a sustainable hydrogen economy is the advancement of efficient and economical methods for 
hydrogen generation from aqueous media. Nature has evolved remarkable hydrogenase enzymes 
based on earth-abundant iron and/or nickel centers that can perform water reduction with high 
turnovers at near thermodynamic potentials.1-3 Because of these attractive attributes, the 
application of hydrogenases for sustainable hydrogen production processes has been explored,1,4-

8 but the overall catalytic activity of these biological macromolecules is limited by their low 
active site density owing to their large size, as well as relative instability to aerobic conditions.8-

12 Alternatively, earth-abundant heterogeneous systems based on molybdenum and mixed-metal 
alloys can exhibit highly robust electro- and photocatalytic activity under highly acidic media,13-

23 but, this same heterogeneity makes identification and characterization of discrete active sites 
and systematic modifications a significant challenge.  



 

63 
 

Bridging the gap between biological and heterogeneous catalysts, molecular catalysts 
offer a path for developing simplified models of enzyme active sites for detailed study, 
elucidating mechanisms of proton reduction pathways, and iterative or high-throughput design of 
improved catalysts by systematic changes in ancillary ligand scaffolds. Many elegant examples 
of molecular electrocatalysts for hydrogen production have and continue to be reported in the 
literature, but most require the use of organic additives under non-aqueous conditions and 
operate at fairly negative potentials.13,24-26 More recently, electro- and photochemical proton 
reduction catalysts based on cobalt,27-35 nickel,36-40 iron,5,41-46 and molybdenum47-49 centers have 
been shown to generate hydrogen from mixed organic-aqueous and aqueous media.50,51 
However, the search for efficient hydrogen-generating systems that exhibit high catalytic 
turnovers at low overpotentials in pure aqueous media is still an active area of research.26,51 

Based on these considerations, we have initiated a program to invent and study new 
earth-abundant metal catalysts for proton reduction under aqueous conditions.47,49,51,52 We first 
reported that the cobalt complex supported by the bipyridine-based ligand 2-bis(2-
pyridyl)(methoxy)methyl-6-pyridylpyridine (bpyPY2(OMe)) can catalyze proton reduction to 
hydrogen in up to 50% aqueous organic media.53 Subsequently, we established that 
molybdenum47,49,54,55 and cobalt 52,56 complexes ligated by pentapyridine 2,6-bis(1,1-di(pyridin-
2-yl)ethyl)pyridine (PY5Me2) and its derivatives were also robust and efficient molecular 
electrocatalysts for H2 generation from neutral or acidic pH water. We also have exploited the 
molecular nature of these catalysts to improve the overpotential for water reduction, as illustrated 
by systematic tuning of the [(X-PY5Me2)Co(OH2)]

2+ platform by introduction of electron-
withdrawing and -donating groups at the para-position of the apical pyridine that led to a ca. 200 
mV positive shift in hydrogen catalysis for the [(CF3-PY5Me2)Co(OH2)]

2+ congener52 and its use 
for photocatalytic H2 production.56 Encouraged by these findings, we sought to construct 
tetrapyridine analogs of PY5Me2 to explore the effects of increasing available open coordination 
sites on the catalytic metal center (Scheme 1). In this report, we describe the synthesis and 
characterization of a new family of cobalt catalysts supported by tetrapyridine ligands of the type 
PY4MexHy (2-(1,1-bis(2-pyridyl)ethyl)-6-(2-(2-pyridyl)alkyl)pyridine, x = 1-3 and y = 0-2) that 
can perform electrocatalytic and photocatalytic water reduction at neutral pH values. Systematic 
tuning of ligand sterics reveals a trend in which the least congested member of the series, 
[(PY4MeH2)Co(CH3CN)(OTf)]+ (5), which contains two open labile coordination sites, is the 
most active complex of the series for robust and efficient electrocatalytic and photocatalytic 
generation of hydrogen directly from water.  
 
3.3 Results and Discussion 
 

 Synthesis and Characterization of a Homologous Family of Tetrapyridine Cobalt 
PY4MexHy Complexes. A new series of cobalt complexes supported by tetrapyridine PY4MexHy 
ligands was synthesized using the modular synthetic approach outlined in Scheme 2. Lithiation 
of an alkyl pyridine was followed by addition of a halogenated tripyridine precursor, PY3F (1), 
to afford the asymmetric tetrapyridine ligands PY4MeH2 (2), PY4Me2H (3), and PY4Me3 (4). 
Metalation of the ligands with Co(OTf)2(CH3CN)2 proceeded smoothly to yield Co complexes 5-
7. As expected for d7 Co(II) complexes, all three complexes are paramagnetic and do not exhibit 
any signals in the diamagnetic region of their 1H NMR spectra. The solid state structures of 5-7 
determined from single-crystal X-ray crystallography are shown in Figure 3.1. In all cases, the 
cobalt center is coordinated by four pyridyl donors in a distorted octahedral geometry. 
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Interestingly, 5 and 6 are six-coordinate species with a trifluoromethanesulfonate anion at the 
remaining equatorial site and a solvent molecule at the axial site, while 7 is a five-coordinate 
species with an acetonitrile axial ligand. Upon closer inspection, the equatorial coordination 
environment of 7 is more sterically congested compared to those of 5 and 6, with a methyl group 
situated at 2.930 Å away from the cobalt center that can hinder the binding of a sixth ligand in 
the solid state (Table 3.1). Indeed, electron density corresponding to protons on the methyl group 
are located and refined, and the closest Co-H distance is found to be 2.185 Å. As such, the 
geometry around the metal center in 7 can be described by the angles formed by Npy,eq-Co-H 
(83.89°, 85.73°, 170.58°) and Npy,ax-Co-H (82.40°), which closely resembles a pseudooctahedral 
coordination sphere despite ligation by only one solvent molecule. Moreover, the steric effects of 
methyl groups in this equatorial site are also observed in the analogous site in 6. The Co-
O(O2SCF3) bond length in 6 is 2.340 Å and is ca. 0.224 Å longer than the Co- O(O2SCF3) 
distance of 2.116 Å in 5. The weaker Co-O interaction in 6 suggests that even the presence of 
one methyl group near the equatorial site of interest can affect the binding of a sixth ligand. 
 To provide more supporting data as well as isostructural analogs that contain a redox-
inactive metal center, analogous Zn complexes 8-10 were also synthesized and structurally 
characterized by X-ray diffraction (Figure 3.1). As expected, six-coordinate 8 and five-
coordinate 10 are structurally similar to their cobalt analogs (Table 3.1). In the structure of 10, a 
methyl group is situated 3.113 Å away from the Zn metal center and the closest refined proton to 
Zn is at a 2.360 Å. The angles formed by Npy,eq-Zn-H are 73.43°, 81.67°, 163.83° and the Npy,ax-
Zn-H angle is 74.36°, which suggests a more distorted octahedron than in the case of the related 
Co complex 7. Unexpectedly, 9 is also five-coordinate where the methyl group is disordered in 
two positions at a distance of 3.529 Å and 4.524 Å away from the Zn metal center, and the 
shortest Zn-H distance is 2.791 Å. The geometry around the metal center is even more distorted 
than that of 10; the Npy,eq-Zn-H angles are 68.63°, 86.93°, 156.92° and the Npy,ax-Zn-H angle is 
67.08°. We speculate that the smaller Zn metal ion (high spin Co2+ and Zn2+ ionic radii are 0.885 
Å and 0.88 Å, respectively)57 may cause the coordination sphere to be smaller and account for 
the coordination differences seen in 6 and 9. The smaller coordination sphere may also lead to 
the binding of the smaller H2O ligand in the equatorial site instead of an acetonitrile or a 
trifluoromethanesulfonate anion in 8.  
 To complement the solid-state structural studies, infrared spectroscopy was used to 
examine bonding aspects of 5-10. In this regard, the sp3 and sp2 C-H bond strengths are of 
particular interest since the coordination number and the charge of the metal complex will dictate 
how strongly these bonds interact. Figure 3.2 shows IR spectra of complexes 5-10. Focusing on 
the C-H stretching frequencies of the cobalt series, it is apparent that the C-H bond strengths in 
five-coordinate 5 are stronger (lower wavenumber) than those of six-coordinate 7, with the 
stretches of 6 appearing as an intermediary of 5 and 7 (Figure 3.2b). The effects of having an 
empty equatorial coordination site are also apparent in the zinc analogues; complexes 9 and 10 
have nearly identical C-H stretches at lower wavenumbers than those observed in compound 8 
(Figure 3.2c). The IR spectra of 5-10 in acetonitrile solution are similar to those measured in the 
solid state, suggesting that the complexes maintain these structural trends under both conditions. 
 Evaluation of Tetradentate Co Complexes for Electrocatalytic Water Reduction. 
With structural and spectroscopic data in hand, we next examined the electrochemical behaviors 
of tetrapyridine complexes 5-7 by cyclic voltammetry (Figure 3.3, Table 3.2). In an acetonitrile 
solution containing 0.1 M NBu4PF6, all three complexes exhibit one reversible and one quasi-
reversible couple, and their reduction potentials are listed in Table 2. Compared to the parent 
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pentapyridine cobalt complex [(PY5Me2)Co(OH2)]
2+, the removal of one pyridine donor shifts 

the first reduction in the positive direction in the order of 7 > 6 > 5, with 5 having the most 
negative first reductive process. In contrast, the second redox couple is shifted with the opposite 
trend, with 5 exhibiting the most positive second reduction potential. The electrochemical 
properties of the redox-inactive zinc complexes 8-10 were also examined (Figure 3.4). In all 
cases, no reductive features were seen until after −1.2 V, suggesting that the first reduction in the 
cobalt series is attributable to the redox-active cobalt center. 

We next evaluated the electrochemical water reduction activity for tetrapyridine 
complexes 5-7 in neutral aqueous media (0.3 M ascorbate, pH 7) on a glassy carbon electrode 
under diffusion-limited conditions. Unlike in the case of pentapyridine [(PY5Me2)Co(L)]2+, no 
pre-features were observed in the cyclic voltammograms of all three tetrapyridine complexes 
before the onset of catalytic water reduction, which occurred at potentials where there is no 
significant background proton reduction by the glassy carbon electrode (Figure 3.5a). The 
catalytic onset potentials of 5-7 are shown in Table 3. Although 7 exhibits the least negative 
onset potential for water reduction, the current quickly levels off at more negative potentials. 
Comparing the current at −1.3 V, 5 displays the highest catalytic performance of all three 
tetrapyridine complexes.  

We then employed rotating disk electrode (RDE) voltammetry to evaluate the catalytic 
activity of these tetrapyridine cobalt-PY4 complexes (Figure 3.5b). In the RDE voltammograms 
of 5-7, a similar performance trend was observed where the catalytic activity from highest to 
lowest proceeds in the order of 5 > 6 > 7. Using a Levich plot, the current density at −1.2 V 
varies linearly as a function of the rotation rate of the electrode, indicating that the cobalt-
catalyzed water reduction processes are diffusion-limited (Figure 3.6). Moreover, RDE and 
cyclic voltammograms of the analogous Zn complexes 8-10 under identical conditions show no 
catalytic features in the same potential range, confirming that the redox-active cobalt center is 
essential to effect the catalytic multielectron reduction of water to hydrogen in these molecular 
systems (Figure 3.7). 

Next, controlled potential electrolyses in neutral pH water were conducted to determine 
the catalytic turnover and Faradaic efficiency for hydrogen evolution. Figure 3.8 shows a plot of 
charge accumulated at −1.2 V versus electrolysis time for 0.3 M ascorbate solutions at pH 7 
containing 0.5 mM of the catalyst 5-7. Complexes 5 and 6 are competent water reduction 
catalysts that produce hydrogen at 100% Faradaic efficiency, albeit with modest turnover 
numbers (TONs) of 60 and 44, respectively, within 3 hours. Despite having the lowest catalytic 
onset potential, 7 does not have comparable activity for water reduction (TON of 5 in 3 hours). 
The relatively low observed activity and 84% Faradaic efficiency suggest there are competing 
pathways in the reductive chemistry of complex 7. 
 Photocatalytic Water Reduction at Neutral pH with a Tetradentate Pyridine Cobalt 
Complex. The high catalytic performances of 5 and 6 at −1.2 V are promising indications that 
these processes can be driven photocatalytically if a photosensitizer with an appropriate 
reduction potential is employed. Accordingly, we sought to combine these earth-abundant water 
reduction catalysts with a light absorber that could subsequently transfer reducing equivalents to 
the redox-active cobalt center. Along these lines, bipyridyl-ruthenium complexes are among the 
most well-characterized metal photosensitizers and an ideal starting point for photocatalytic 
hydrogen evolution. The canonical [Ru(bpy)3]

2+ was selected owing to its ability to absorb solar 
photons in the visible region,58,59 commercial availability, and reduction potential of −1.26 V that 
can readily drive reduction of the cobalt catalyst.  



 

66 
 

Using a custom-built high-throughput screening system, tetrapyridine Co catalysts 5-7 
were evaluated under different pH in aqueous solutions containing [Ru(bpy)3]Cl2 as the 
photosensitizer and ascorbate as a sacrificial electron donor. In a typical photolysis experiment, a 
0.3 M ascorbate solution containing 20 mM of Co catalysts and 0.33 mM [Ru(bpy)3]Cl2 was 
irradiated with a royal blue LED light source (452 ± 10 nm, 540 mW) as light sources to provide 
direct metal-to-ligand charge transfer (MLCT) excitation of the [Ru(bpy)3]

2+ sensitizer. Pressure 
sensors are coupled to the air-tight Teflon reactors to extrapolate the kinetic traces of hydrogen 
evolution. The headspace of each photoreactor was typically sampled using mass spectrometry 
(MS) and gas chromatography (GC) to verify the identity and quantity of the gases produced. In 
this manner, the photocatalytic activity for water reduction by tetrapyridine catalysts 5-7 at a pH 
range of 3 to 7.5 was interrogated in parallel. As shown in Figure 3.9, the photocatalytic profiles 
of all three cobalt complexes over this pH range exhibit peak activity between pH 5 and 6. As 
anticipated from the electrochemical data, the cobalt-PY4 catalyst 5 has the highest performance 
at all pH levels measured and markedly outperforms more sterically encumbered tetrapyridine 
derivatives 6 and 7 as well as the parent pentapyridine complex [(PY5Me2)Co(OH2)]

2+. More 
importantly, 5 catalyzes water reduction at neutral pH with high activity, reaching steady 
production of >100 µmol of H2. We note that despite the many examples of electrocatalytic 
hydrogen generation by both homogeneous and heterogeneous systems, there are far fewer 
systems that can perform photocatalytic reduction of water at neutral pH with high turnover 
values. As such, cobalt-PY4 catalyst 5 is a privileged motif that has important implications for 
environmentally benign, solar-driven hydrogen production. Based on these results, we suggest 
that the increased accessibility and greater number of open, labile coordination sites in 5 
compared to the more sterically encumbered tetrapyridine PY4 and pentapyridine PY5 analogs 
may aid the binding and transformation of H2O substrates and H2 products. 

The high catalytic activity of 5 for water reduction at pH 7 warranted further 
investigation. To probe the kinetics of the reaction, the effects of catalyst and photosensitizer 
concentration on hydrogen evolution were probed. The rate of hydrogen production scales 
linearly with the concentration of 5 and saturates at > 20 µM where the catalyst ceases to be rate 
limiting (Figure 3.10). More importantly, 5 catalyzes water reduction remarkably well at neutral 
pH with TONs over 1000 (H2/Co) at low catalyst concentration (Figure 3.11). The rate also 
scales linearly with light absorption at low concentrations of [Ru(bpy)3]

2+ photosensitizer (Figure 
3.12). Mass spectrometry was used to detect gas products in the headspace of the reactor. 
Hydrogen is the main product produced in the first 18 h of photocatalysis. However, after 18 h of 
catalysis, the rate of H2 evolution decreases while the production of CO2 increases (Figure 3.13). 
It has been previously reported that the anaerobic decomposition of ascorbic acid yields CO2 by-
product.60,61 Since the amounts of CO2 produced in our system are orders of magnitude more 
than the stoichiometry of the photosensitizer and the catalyst, a likely origin of the CO2 detected 
is ascorbate oxidation. It is important to note that the kinetic traces of the pressure curves 
reproduce faithfully the kinetics of H2 evolution only during the first 18 h of photocatalysis, and 
fail after that because of CO2 production. For this reason all H2 formation rate analyses 
performed here are limited to the region where H2 is the major product. 

The stepwise mechanism for hydrogen evolution and the corresponding rate parameters 
were further interrogated by time resolved pump-probe spectroscopy experiments at pH 7. As 
shown is Scheme 3.3, [Ru(bpy)3]

2+ is excited to *[Ru(bpy)3]
2+ and forms a triplet species 

possessing a lifetime of 0.6 µs (Figure 3.14a). In the presence of ascorbate (HA-), *[Ru(bpy)3]
2+ 

is reductively quenched to [Ru(bpy)3]
+. Transient absorption spectroscopy determined that about 
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85% of *[Ru(bpy)3]
2+ is quenched in the presence of 0.3 M ascorbate at pH 7 (Figure 3.14b). The 

cage escape yield of the initial electron transfer process is 55%. This cage escape yield is 
intrinsic to the compounds involved in the electron transfer process and may limit the overall 
quantum yield of hydrogen production. In the absence of an external oxidant, [Ru(bpy)3]

+ 
recombines with the oxidized ascorbate radical (HA·) to reform [Ru(bpy)3]

2+ and ascorbate 
(Figure 3.14b). However, in the presence of [5]

2+
, an electron is transferred from [Ru(bpy)3]

+ to 
Co(II) and the [Ru(bpy)3]

2+ ground state is regenerated (Figure 3.14c). This step is expected to 
produce a formally Co(I) species termed [5]

+, which is generally considered an important 
intermediate in the catalytic hydrogen evolution cycle. By transient absorption spectroscopy, a 
reduced cobalt species was detected at 5 µs delay time (Figure 3.14d). Since ascorbate and its 
decomposition products do not have absorbance difference in the visible spectrum, the features 
observed following the decay of [Ru(bpy)3]

+ are mainly attributed to [5]
+. Monitoring the kinetic 

decay of [Ru(bpy)3]
+ in the presence of different concentrations of [5]2+, a bimolecular rate 

constant of k3 = 7.8 x 108 M-1 cm-1 was determined (Figure 3.15). The kinetics associated with 
the formation and decay of [Ru(bpy)3]

+ and [5]
+ were monitored at 505 nm and 600 nm, 

respectively. The biexponential decay at 505 nm emanates from the overlap of the decay of both 
[Ru(bpy)3]

+ and [5]+ ( Figure 15a); [Ru(bpy)3]
+ has a peak absorbance difference at 505 nm and 

[5]+ absorbs widely from 550 nm to 850 nm.  Since Co(I) absorbs across a wide range of the 
visible spectrum, the formation and decay of [5]+ was monitored at 600 nm where [Ru(bpy)3]

+ 
does not absorb (Figure 14d).  

 
3.4 Concluding Remarks 

 
In summary, we have described the synthesis and characterization of a new family of 

cobalt complexes supported by tetrapyridine PY4MexHy platforms and their application for 
electrocatalytic and photocatalytic reduction of water. The main finding of this study is that 
steric tuning around the equatorial environment of the metal center has profound effects on the 
electrocatalytic and photocatalytic activity of these complexes, revealing the trend that the more 
sterically-accessible platforms are more active for catalysis. Through the use of controlled 
potential electrolyses, tetrapyridine complexes 5 and 6 have been shown to be competent 
electrocatalysts in neutral pH water that perform hydrogen evolution at 100% Faradaic 
efficiency. More specifically, tetrapyridine catalyst 5 has been shown to achieve photochemical 
hydrogen generation at neutral pH with high TONs reaching more than 1000 (H2/Co) at low 
concentrations of 5, well surpassing the photoactivity of the pentapyridine analog 
[(PY5Me2)Co(OH2)]

2+ and more sterically encumbered tetrapyridine complexes 6 and 7. A linear 
dependence of the rate of H2 production on the concentration of the photosensitizer and catalyst 
was observed. In addition, a laser flash photolysis study suggests that the reductive quenching 
mechanism predominates under the conditions utilized in our photocatalytic experiments. All 
electron transfer intermediates relevant to the photosensitizer and catalyst were qualitatively 
detected and the corresponding rate constants and cage escape yields were quantified by transient 
absorption experiments. In addition to pursuits to reduce overpotential and increase catalytic 
activity, future efforts will focus on further mechanistic studies of the reductive processes of 
PY4MexHy complexes and related systems, as well as integration of earth-abundant 
photosensitizers into hydrogen production and other solar-driven energy conversion processes. 
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3.5 Experimental Section 

 General Synthetic and Physical Methods. Unless noted otherwise, all manipulations 
were carried out at room temperature under ambient conditions. All reagents and solvents were 
purchased from commercial sources and used without further purification. Literature methods 
were used to synthesize 1,1-bis(2-pyridyl)ethane,62 2,2'-(1-(6-fluoropyridin-2-yl)ethane-1,1-
diyl)dipyridine (F-PY3, 1),63 and [(PY5Me2)Co(OH2)](OTf)2.

52
 NMR spectra were recorded on 

Bruker spectrometers operating at 300, 400, or 500 MHz as noted. Chemical shifts are reported 
in ppm relative to residual protiated solvent; coupling constants are reported in Hz. High 
resolution mass spectra were collected on a Finnigan LTQ FT (Thermo) and Autospec Premier 
(Waters) mass spectrometer using electrospray and electron impact ionization, respectively, at 
QB3 Mass Spectrometry Facility at University of California, Berkeley. Elemental analyses were 
conducted at the University of California, Berkeley Microanalytical Laboratory.  
 Electrochemistry. Non-aqueous electrochemical experiments were conducted under a N2 
or CO2 atmosphere in 0.1 M NBu4PF6 in CH3CN. Cyclic and rotating disk electrode voltammetry 
experiments were carried out using BASI’s Epsilon potentiostat and C-3 and RDE-2 cell stand, 
respectively. In all voltammetry experiments, the working electrode was a glassy carbon disk 
(3.0 mm diameter) and the counter electrode was a platinum wire. A silver wire in porous Vycor 
tip glass tube filled with 0.1 M NBu4PF6 in CH3CN was used as a pseudo-reference electrode in 
organic solutions and the potentials were referenced against ferrocene/ferrocenium as an external 
standard. A Ag/AgCl aqueous reference electrode was used for water solutions and 0.20 V was 
added to the measured potential to convert to SHE. The scan rate for all cyclic voltammograms 
was 100 mV/s. Controlled potential electrolysis experiments were carried out using BASI’s 
Epsilon potentiostat in a custom-made Teflon two-compartment cell separated by a glass frit and 
the headspace was analyzed by GC. A glassy carbon rod, a platinum wire, and a Ag/AgCl 
electrode were used as the working, counter, and reference electrode, respectively. Typically, an 
11-mL solution of 0.5 mM catalyst in 0.1 M ascorbic acid at pH 7 was sparged for 15 minutes 
with Ar. From the headspace, 5 mL was replaced with methane gas as an internal standard. The 
solution is electrolyzed at −1.2 V vs. SHE for 3 h and gas products in the headspace was 
analyzed by an Agilent 490-GC Micro-Gas Chromatograph with a molecular sieve column lead 
to a TCD detector. The column was heated to 80°C under Ar gas flow and the average sample 
volume of 200 nL was injected onto the column.  Calibrations were conducted by using a 
methane standard as reported previously.55 

Photocatalysis Experiments. Hydrogen production measurements were performed in a 
custom-built 16-well combinatorial apparatus. Typically, 10-mL solutions were prepared in a 40 
mL air-tight EPA vials (VWR Scientific) and each sample is irradiated from the bottom using a 
royal-blue LED (Philips, Luxeon Rebel series) mounted on a starboard (LXMS-PR01-0425-CT). 
The optical output of each LED was passed through a Fraen narrow beam lens (12o beam angle, 
FLP-N4-RE-HRF) to focus the light on the photocatalytic solution. The current passing through 
the LED was controlled by a home-built circuit board and has a current range of 450 to 800 mA. 
The optical power output at λmax = 452 ± 10 nm was monitored using a power meter and this 
output (typically 540 mW at 700 mA) was adjusted before each run. An IKA orbital shaker was 
used to rotate the samples at a constant rotation speed of 150 rpm. The temperature of all 
reaction vials and LEDs was controlled by aluminum blocks cooled by a circulating chiller. The 
temperature was set to ~ 20 °C in all reactions. Solutions containing ascorbic acid/ascorbate 
(prepared by titration of ascorbic acid with NaOH) and the photosensitizer were thoroughly 
deaerated using at least 10 cyclesof vacuum/Ar pressurization cycles. All catalysts are typically 
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introduced under inert atmosphere and the vials were all equilibrated to atmospheric pressure 
before starting the photoreactions. The vials are each connected to pressure transducers (SSI 
technologies, P51 pressure sensors) through a Teflon spacer by stainless steel fittings and 
capillary tubes to a universal gas analyzer (Stanford Research Systems, UGA-hydrogen). During 
the course of the reaction, headspace pressure is monitored in real-time using a multifunction 
data acquisition box (National Instruments, NI-USB-6210) and data were logged using 
LabVIEW SignalExpress software. At the end of the photocatalytic reaction, 100 µL of the 
headspace was injected into a GC-8A (Shimadzu) equipped with a 5Å molecular sieves column 
and a thermal conductivity detector (TCD), and Ar was used as the carrier gas. In addition, the 
headspace, which was pressurized by H2 buildup during the course of photocatalysis, was 
equilibrated to atmospheric pressure and the percent of H2 relative to an internal standard of Ar 
was analyzed by mass spectrometry. GC and MS data were calibrated against a certified Ar/H2 
standard (Praxair). Quantitative results of hydrogen were typically averaged and the processed 
pressure data were normalized to the final amounts of hydrogen measured.  

Transient Absorption. The optical density of the samples was ca. 0.35 at 452 nm 
excitation wavelength. All samples were placed in 1 cm pathlength cuvettes and dearated with Ar 
for ca. 1 h.  The samples are kept under positive pressure of Ar during the course of the 
experiments. Transient absorption data were collected with an Edinburgh Instruments laser flash 
photolysis system (LP920) equipped with a Vibrant LD 355 II Nd:YAG/OPO system (OPOTEK) 
as the excitation source (~ 3.5 mJ/pulse, 1 Hz). Transient absorption spectra were collected with 
an iStar ICCD camera (Andor Technology) and kinetic traces at a specific wavelength were 
acquired using a PMT (R928 Hamamatsu). 

The cage escape yield (ΦCE) was calculated from transient absorption kinetic decay 
analysis using [Ru(bpy)3]

2+ in water as actinometer.64,65 
 

Φ�� =	

ΔA���	
�	
Δϵ���	
�

� 	×	(1 − 10�������������	)

ΔA��� !"����#
Δϵ��� !"����#� 		× 	$1 − 10��%��&'�	( × fraction	quenched

 

 
Where ∆Asample is the maximum of the decay of the radical anion, ∆εsample (12,000 M-1cm-1) was 
estimated from spectroelectrochemical measurement leading to the extinction coefficient at a 
particular wavelength, ∆Aactinometer is the maximum transient observed for the [Ru(bpy)3]

2+ 
actinometer under identical excitation conditions, and ∆εactinometer ca. 22,000 M-1cm-1 as 
previously reported.64,65 Both sample and actinometer had absorbance ca. 0.35, and the fraction 
quenched was calculated from the ratio of the excited state lifetime of [Ru(bpy)3]

2+ with and 
without ascorbate quencher. 
 General Methods for X-ray Crystallography. Single-crystal X-ray diffraction was 
conducted at University of California, Berkeley, College of Chemistry, X-ray Crystallography 
Facility. Crystals were mounted on nylon loops in paratone-N hydrocarbon oil. All data 
collections were performed on either a Bruker Quazar or APEX diffractometer equipped with a 
CCD area detector and a low temperature apparatus. Data integration was performed using 
SAINT. Preliminary data analysis and absorption correction were performed using XPREP and 
SADABS.5 Structure solution and refinement was performed using SHELX software package.6 
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2-(1,1-Bis(2-pyridyl)ethyl)-6-(1-(2-pyridyl)methyl)pyridine (PY4MeH2, 2). To a 
solution of 250 µL of 2-picoline (0.236 g, 2.53 mmol) in 100 mL of THF at -78°C was slowly 
added 1.2 mL of 2.5 M n-butyllithium (3 mmol) in hexanes and the red solution was stirred for 
30 min before 1 (0.593 g, 2.13 mmol) was added. After the solution was allowed to stir for 12 h, 
the reaction was quenched with 50 mL of water and the organic components were extracted with 
DCM (100 mL x 3). The organics were combined, washed with water, and dried with Na2SO4. 
The solution was evaporated to dryness and the tan oil was purified by alumina chromatography 
using 2% MeOH/DCM as the eluent. The final product was a tan oil (0.337 g, 0.96 mmol, 45%). 
1H NMR (500 MHz, CDCl3): δ 8.54 (d, J = 3.7 Hz, 2H), 8.45 (d, J = 4.2 Hz, 1H), 7.56 – 7.37 (m, 
4H), 7.12 – 7.02 (m, 6H), 6.99 (d, J = 8.0 Hz, 2H), 6.91 (d, J = 8.0 Hz, 2H), 4.22 (s, 2H), 2.30 (s, 
3H). 13C NMR (125 MHz, CDCl3): δ 166.15, 165.09, 159.76, 158.12, 148.90, 148.62, 136.60, 
136.17, 135.74, 123.88, 123.77, 121.24, 121.07, 120.83, 120.78, 60.12, 53.46, 47.24, 27.15. 
Anal. Calcd for C23H20N4: C, 78.38; H, 5.72; N, 15.90. Found: C, 78.06; H, 5.73; N, 15.64. EI-
HRMS ([MH]+) m/z calcd for C23H20N4 352.1688, found 352.1678. 

2-(1,1-Bis(2-pyridyl)ethyl)-6-(1-(2-pyridyl)ethyl)pyridine (PY4Me2H, 3). The 
synthesis of 3 followed the procedure of 2, starting with 231 µL (0.937 mmol) of 2- 
ethylpyridine, 745 µL of n-butyllithium (1.9 mmol), and 0.514 g of 1 (1.84 mmol) to yield a tan 
oil product (0.18 g, 0.50 mmol, 27%). 1H NMR (400 MHz, CDCl3) δ 8.56 (d, J = 5.0 Hz, 2H), 
8.46 (d, J = 4.1 Hz, 1H), 7.58 – 7.41 (m, 4H), 7.13 – 7.06 (m, 5H), 7.13 – 7.06 (m, 5H), 4.36 (q, 
J = 7.2 Hz, 1H), 2.32 (s, 3H), 1.60 (d, J = 7.2 Hz, 3H). 13C NMR (126 MHz, CDCl3) δ 166.31, 
166.23, 164.76, 164.39, 162.09, 148.57, 148.51, 136.61, 136.18, 135.61, 123.90, 122.53, 121.23, 
121.05, 121.02, 120.46, 119.96, 60.19, 49.84, 27.03, 19.98. Anal. Calcd for 
C24H22N4·0.25(H2O): C, 77.71; H, 6.11; N, 15.10. Found: C, 77.54; H, 6.30; N, 14.88. EI-HRMS 
([MH]+) m/z calcd for C24H22N4 366.1844, found 366.1844. 

2-(1,1-Bis(2-pyridyl)ethyl)-6-(2-(2-pyridyl)isopropyl)pyridine (PY4Me3, 4). To a 
solution of diisopropylamine (1.2 mL, 0.860 g, 8.51 mmol) and KOtBu (0.983 g, 8.78 mmol) in 
100 mL of THF at -78°C was slowly added 5.5 mL of 1.6 M n-butyllithium (8.8 mmol) in 
hexanes and the red solution was stirred for 30 min before 2-isopropylpyridine (0.874 g, 7.22 
mmol) was added. The solution was again allowed to stir for 30 min before 1 (2.00 g, 7.20 
mmol) was added. After the solution was allowed to stir for 12 h, the reaction was quenched with 
50 mL of water and the organic components were extracted with EtOAc (100 mL x 3). The 
organics were combined, washed with water, and dried with Na2SO4. The solution was 
evaporated to dryness and the tan oil was purified by alumina chromatography using 30% 
EtOAc/hexanes as the eluent. The final product was a tan oil (0.800 g, 2.10 mmol, 29%). 1H 
NMR (500 MHz, CDCl3) δ 8.54 (d, J = 4.0 Hz, 2H), 8.49 (d, J = 4.0 Hz, 1H), 7.51 – 7.43 (m, 
4H), 7.08 – 7.00 (m, 5H), 6.96 (d, J = 7.6 Hz, 1H), 6.92 (d, J = 8.0 Hz, 2H), 2.31 (s, 3H), 1.65 (s, 
6H). 13C NMR (125 MHz, CDCl3): δ 167.77, 166.37, 166.15, 163.88, 148.46, 148.22, 136.51, 
135.80, 135.53, 123.98, 121.75, 120.97, 120.66, 119.71, 118.01, 60.15, 48.15, 28.09, 26.87. 
Anal. Calcd for C25H24N4: C, 78.92; H, 6.36; N, 14.73. Found: C, 78.57; H, 6.46; N, 14.63. EI-
HRMS ([MH]+) m/z calcd for C25H24N4 380.2001, found 380.2000. 

[(PY4MeH2)Co(CH3CN)(OTf)]OTf (5). To a solution of 2 (0.121 g, 0.34 mmol) in 5 
mL of CH3CN was added Co(OTf)2(CH3CN)2 (0.151 g, 0.34 mmol) and the pink solution was 
stirred for 8 h. The resulting solution was evaporated to obtain a pink precipitate and was 
quantitatively recrystallized by diffusing Et2O into a concentrated solution of 8 in CH3CN. Anal. 
Calcd for C27H23N5CoF6O6S2·H2O: C, 42.19; H, 3.28; N, 9.11. Found: C, 41.97; H, 3.00; N, 
8.71. ESI-HRMS ([M]+) m/z calcd for C26H23N5CoF3O3S 560.0540, found 560.0548. 
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[(PY4Me2H)Co(CH3CN)(OTf)]OTf (6). The synthesis of 6 followed the procedure of 5, 
starting with 0.058 g (0.16 mmol) of 3 and 0.070 g (0.16 mmol) of Co(OTf)2(CH3CN)2 to yield a 
pink product (0.111 g, 0.14 mmol, 90%). Anal. Calcd for C26H22N4CoF6O6S2·H2O: C, 42.11; H, 
3.26; N, 7.56. Found: C, 41.93; H, 3.39; N, 7.46. ESI-HRMS ([M]+) m/z calcd for C25H22N4CoF-
3O3S 574.0705, found 588.0705. 

[(PY4Me3)Co(CH3CN)](OTf)2 (7). The synthesis of 7 followed the procedure of 5, 
starting with 0.030 g (0.079 mmol) of 3 and 0.035 g (0.079 mmol) of Co(OTf)2(CH3CN)2 to 
yield a pink product quantitatively. Anal. Calcd for C27H24N4CoF6O6S2·H2O: C, 42.92; H, 3.47; 
N, 7.41. Found: C, 43.20; H, 3.47; N, 7.27.ESI-HRMS ([M]+) m/z calcd for C26H24N4CoF3O3S 
588.0853, found 588.0855. 

[(PY4MeH2)Zn(OH2)(CH3CN)](OTf)2 (8). To a solution of 2 (0.030 g, 0.09 mmol) in 5 
mL of CH3CN was added Zn(OTf)2 (0.031 g, 0.09 mmol) and the colorless solution was stirred 
for 8 h. The resulting solution was evaporated to obtain a colorless precipitate and was 
quantitatively recrystallized by diffusing Et2O into a concentrated solution of 8 in CH3CN. 1H 
NMR (500 MHz, CD3CN) δ 9.28 (d, J = 4.7 Hz, 1H), 9.03 (d, J = 4.4 Hz, 2H), 8.14 – 7.95 (m, 
7H), 7.77 – 7.68 (m, 2H), 7.67 – 7.57 (m, 3H), 4.71 (s, 2H), 2.72 (s, 3H). 13C NMR (125 MHz, 
CD3CN): δ 157.64, 157.32, 156.68, 156.42, 148.99, 148.95, 141.70, 141.32, 140.99, 126.83, 
125.06, 124.41, 124.12, 123.01, 121.56, 48.97, 41.32, 23.04. Anal. Calcd for 
C25H20F6N4O6S2Zn·2H2O: C, 39.93; H, 3.22; N, 7.45. Found: C, 39.66; H, 2.95; N, 7.35. ESI-
HRMS ([M]+) m/z calcd for C24H20N4ZnF3O3S 565.0494, found 565.0498. 

[(PY4Me2H)Zn(OH2)](OTf)2 (9). The synthesis of 9 followed the procedure of 8, 
starting with 0.024 g (0.07 mmol) of 3 and 0.024 g (0.07 mmol) of Zn(OTf)2 to yield a colorless 
product quantitatively. 1H NMR (400 MHz, CD3CN) δ 9.29 (d, J = 3.5 Hz, 1H), 9.06 (d, J = 3.7 
Hz, 1H), 9.02 (d, J = 4.0 Hz, 1H), 8.23 – 8.13 (m, 3H), 8.09 (m, 2H), 8.04 (t, J = 8.1 Hz, 1H), 
7.96 (d, J = 8.2 Hz, 1H), 7.83 (d, J = 7.9 Hz, 1H), 7.77 (t, J = 6.0 Hz, 1H), 7.72 – 7.61 (m, 3H), 
5.02 (q, J = 7.1 Hz, 1H), 2.75 (d, J = 2.6 Hz, 3H), 1.81 (d, J = 7.4 Hz, 3H). 13C NMR (125 MHz, 
CD3CN): δ 160.23, 159.58, 157.39, 157.20, 156.98, 149.30, 149.23, 148.80, 142.12, 142.07, 
141.82, 141.39, 124.78, 124.71, 124.59, 123.62, 123.48, 122.67, 121.66, 49.25, 43.95, 22.75. 
Anal. Calcd for C26H22F6N4O6S2Zn·H2O: C, 41.75; H, 3.23; N, 7.49. Found: C, 41.87; H, 3.04; 
N, 7.53. ESI-HRMS ([M]+) m/z calcd for C25H22N4ZnF3O3S 579.0656, found 579.0662. 
 [(PY4Me3)Zn(OH2)](OTf)2 (10). The synthesis of 10 followed the procedure of 8, 
starting with 0.030 g (0.08 mmol) of 3 and 0.029 g (0.08 mmol) of Zn(OTf)2 to yield a colorless 
product (0.047 mg, 0.060, 77%). 1H NMR (500 MHz, CD3CN) δ 9.26 (d, J = 5.7, 1H), 9.01 (d, J 
= 5.1 Hz, 2H), 8.24 – 8.11 (m, 5H), 8.02 (t, J = 8.1 Hz, 1H), 7.98 (d, J = 8.4 Hz, 1H), 7.94 (d, J = 
8.3 Hz, 1H), 7.81 – 7.74 (m, 2H), 7.70 (m, 2H), 2.75 (s, 3H), 1.97 (s, 6H, under CH3CN). 13C 
NMR (125 MHz, CD3CN): δ 13C NMR (126 MHz, CD3CN) δ 162.41, 162.04, 157.67, 157.41, 
150.07, 149.14, 142.65, 142.47, 142.40, 125.49, 124.99, 124.33, 123.46, 122.05, 121.76, 49.96, 
44.21, 23.06. Anal. Calcd for C27H26F6N4O6S2Zn·H2O: C, 42.56; H, 3.44; N, 7.35. Found: C, 
42.46; H, 3.28; N, 7.35. ESI-HRMS ([M]+) m/z calcd for C26H24N4ZnF3O3S 593.0807, found 
593.0807. 
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3.7 Schemes, Tables, and Figures 
 
 

 
 

Scheme 3.1. Evolution of cobalt complexes based on polypyridyl platform. 
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Scheme 3.2. Synthesis of tetrapyridyl ligands 2-4 and their cobalt complexes 5-7. 
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Scheme 3.3. Proposed photocatalytic cycle for hydrogen evolution catalyzed by 5. Please note 
that hydrogen evolution is a 2 e- process and the cycle drawn is a one photon/one electron cycle.  
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Table 3.1. Crystallographic bond distances and angles for complexes 5-10 

 
Complexes Avg M-Npy (Å) M-Leq (Å) M-Lax (Å) Npy,eq-M-H (°) Npy,ax-M-H (°) 

5 2.116 2.190, OTf
-
 

2.123, 
CH3CN 

n/a n/a 

6 2.113 2.340, OTf
-
 2.078, H2O n/a n/a 

7 1.980 2.185, refined H 
1.919, 
CH3CN 

83.89, 85.73, 170.58 82.40 

8 2.133 2.121, H2O 
2.211, 
CH3CN 

n/a n/a 

9 2.069 2.791, refined H 2.049, H2O 68.63, 86.93, 156.92 67.08 

10 2.071 2.360, refined H 2.046, H2O 73.43, 81.67, 163.83 74.36 
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Table 3.2. Electrochemical data of complexes 5-10. 

Complexes E (V vs. Fc/Fc+,  CH3CN) Eonset (V vs. SHE, H2O) TON Faradaic Efficiency 

5 
E1/2  = −1.42 
Ep  = −2.13 

−0.97 60 100% 

6 
E1/2  = −1.31 
Ep  = −2.25 

−0.93 44 100% 

7 
E1/2  = −1.30 
Ep  = −2.26 

−0.80 5 84% 

8 Ep  = −2.00 n/a n/a n/a 

9 Ep  = −2.19 n/a n/a n/a 

10 Ep  = −2.06 n/a n/a n/a 
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Table 3.3. Crystallographic Data for Co complexes 5-7 

 
 [Co(PY4MeH2)](OTf)2 (5) [Co(PY4Me2H)](OTf)2 (6) [Co(PY4Me3)](OTf)2 (7) 

Empirical 

Formula C27H23N5CoS2O6F6 C26H28N4CoS2O9F6 C30.5H27N6CoS2O6F6 
Formula Weight 750.55 777.59 810.63 
Crystal System Monoclinic Triclinic Monoclinic 
Space Group P2(1)/c P-1 I2/a 
a 12.8142(5) 9.6468(5) 26.9411(13) 
b 16.9334(6) 11.9557(6) 11.4329(4) 
c 13.8652(6) 14.9502(8) 26.1884(9) 
αααα (º) 90 105.694(3) 90 
ββββ (º) 98.362(2) 105.787(3) 116.585(2) 
γγγγ (º) 90 100.066(3) 90 
V(Å3) 2976.6(2) 1538.89(15) 6678.1(5) 
Z 4 2 8 
ρρρρcalc (g/cm

3
) 1.675 1.678 1.613 

µ (mm
-1

) 0.806 0.789 0.726 
2θθθθmax (º) 50.73 50.70 49.17 
Reflections 

Collected 53489 56687 26991 
Independent 

Reflections 5471 5630 5694 
Refl/Param 12.84 12.27 11.14 
R1, wR2 (I>2σ) 0.0277, 0.0660 0.0303, 0.0716 0.0608, 0.1292 
R1, wR2 (all 
data) 0.0297, 0.0672 0.0322, 0.0727 0.1203, 0.1566 
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Table 3.4. Crystallographic Data for Zn complexes 8-10 

 
 [Zn(PY4MeH2)](OTf)2 (8) [Zn(PY4Me2H)](OTf)2 (9) [Zn(PY4Me3)](OTf)2 (10) 

Empirical 

Formula C30H30N4ZnS2O7F6 C26H24N4ZnS2O7F6 C28H30N5ZnS2O6F6 
Formula Weight 786.07 747.98 776.06 
Crystal System Triclinic Triclinic Triclinic 
Space Group P-1 P-1 P-1 
a 8.1503(3) 10.2392(5) 10.3830(6) 
b 10.9884(4) 11.9650(6) 12.0700(7) 
c 17.7861(7) 13.2548(6) 13.2830(2) 
αααα (º) 80.000(2) 81.281(2) 81.056(2) 
ββββ (º) 86.5570(10) 68.766(2) 68.583(2) 
γγγγ (º) 77.1130(10) 77.689(2) 80.711(2) 
V(Å3) 1528.81(10) 1473.88(12) 1520.93(13) 
Z 2 2 2 
ρρρρcalc (g/cm

3
) 1.708 1.685 1.664 

µ (mm
-1

) 1.030 1.066 1.034 
2θθθθmax (º) 50.76 51.04 50.90 
Reflections 

Collected 20659 24657 32435 
Independent 

Reflections 5561 5477 5622 
Refl/Param 11.83 11.56 12.00 
R1, wR2 (I>2σ) 0.0310, 0.0769 0.0380, 0.0755 0.0289, 0.0725 
R1, wR2 (all 
data) 0.0370, 0.0805 0.0439, 0.0784 0.0305, 0.0736 
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Figure 3.1. Solid-state structures of Co complexes 5-7 (top, left to right) and Zn complexes 8-10 

(bottom, left to right). Anions, solvent molecules and hydrogen atoms are omitted for clarity; 
thermal ellipsoids are shown at 50% probability. Note the methyl group in 9 are disordered over 
two positions. 
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Figure 3.2. a) Full and b, c) expanded IR spectra of complexes 5-10, showing the changes in C-
H bond strengths as the coordination number of the complexes are varied. 
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Figure 3.3. Cyclic voltammograms of complex a) 5, b) 6, and c) 7 in a 0.1 M NBu4PF6 
acetonitrile solution under an inert atmosphere, using a glassy carbon disk electrode at a scan rate 
of 100 mV·s-1. 
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Figure 3.4. Cyclic voltammograms of complex a) 8, b) 9, and c) 10 in a 0.1 M NBu4PF6 
acetonitrile solution under an inert atmosphere, using a glassy carbon disk electrode at a scan rate 
of 100 mV·s-1. 
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Figure 3.5. a) Cyclic voltammograms and b) RDE voltammograms in the absence (black) and 
presence of 0.5 mM of complex 5 (red), 6 (blue dashes), and 7 (green dots) in a 0.3 M ascorbic 
acid at pH 7 under an inert atmosphere, using a glassy carbon disk electrode at a scan rate of 100 
mV·s-1 (CV) and 25 mV·s-1 (RDE). 
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Figure 3.6. Linear Levich plots at −1.2 V of 0.5 mM of complex a) 5, b) 6, and c) 7 in a 0.3 M 
ascorbic acid at pH 7 under an inert atmosphere, using a glassy carbon disk electrode at a scan 
rate of 25 mV·s-1. 
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Figure 3.7. a) Cyclic voltammograms and b) RDE voltammograms in the absence (black) and 
presence of 0.5 mM of complex 8 (red), 9 (blue dashes), and 10 (green dots) in a 0.3 M ascorbic 
acid at pH 7 under an inert atmosphere, using a glassy carbon disk electrode at a scan rate of 100 
mV·s-1 (CV) and 25 mV·s-1 (RDE). 
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Figure 3.8. Charge accumulated over time in a controlled potential electrolysis at −1.2 V vs. 
SHE in the absence (black diamonds) and presence of 0.5 mM of complex 5 (red squares), 6 
(blue circles), and 7 (green triangles) in a 0.3 M ascorbic acid at pH 7 under an inert atmosphere, 
using a glassy carbon disk electrode. 
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Figure 3.9. a) Photocatalytic H2 production in the presence of 0.02 of complex 5 (red squares), 6 
(blue circles), 7 (green triangles), and [CoPY5Me2]

2+ (black diamonds) in a 0.3 M ascorbate 
solution at pH 3 to 7.5 containing 0.33 mM [Ru(bpy)3]Cl2 under an inert atmosphere.  
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Figure 3.10. a) Initial hydrogen production rates as a function of concentration of 5 and b) 
kinetic traces at 0.3 M ascorbate at pH 7 containing 0.33 mM [Ru(bpy)3]Cl2 and 40 µM (red), 20 
µM (blue), 10 µM (green), 5 µM (purple), 2.5 µM (orange), and 1.25 µM (black) of 5 under an 
inert atmosphere. 
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Figure 3.11. TON as a function of concentration of 5 at 0.3 M ascorbate at pH 7 containing 0.33 
mM [Ru(bpy)3]Cl2 under an inert atmosphere. 
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Figure 3.12. a) Initial hydrogen production rates as a function of concentration of [Ru(bpy)3]Cl2 
and b) kinetic traces at 0.3 M ascorbate at pH 7 containing 0.02 mM of 5 and 40 µM (red), 20 
µM (blue), 10 µM (green), 5 µM (purple), 2.5 µM (orange), and 1.25 µM (black) of 
[Ru(bpy)3]Cl2 under an inert atmosphere. 

  



 

94 

 

 

 

Figure 3.13. Mass spectrometry sampling of the headspace of two independent photoreactions 
terminated after a) 18 h and b) 60 h of catalysis. Conditions: 0.02 mM of complex 5 in a 0.3 M 
ascorbate at pH 7 containing 0.33 mM [Ru(bpy)3]Cl2 under an inert atmosphere. Please note that 
the headspace was always equilibrated close to atmospheric pressure by an oil bubbler to 
accurately measure the percent of each gas relative to Ar which was used as our internal 
standard. 
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Figure 3.14. Transient absorption of [Ru(bpy)3]

2+ in a) water, b) 0.3 M ascorbate at pH 7, and c) 
in a 0.3 M ascorbate solution at pH 7 with 0.37 mM 5. d) Formation and decay of the presumed 
Co(I) species at 600 nm.  
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Figure 3.15. a) Kinetic decay of [Ru(bpy)3]

+ probed at 505 nm at a concentration of 0 µM (red), 
103 µM (purple), 198 µM (blue), 286 µM (green), and 368 µM (black) of 5, and b) the apparent 
rate of electron transfer, K, from [Ru(bpy)3]

+ to 5, which is determined from the inverse of 
[Ru(bpy)3]

+ lifetime (τ0), as a function of concentration of 5.  A rate constant of k3 = 7.8 x 108 M-

1 s-1 was determined from the slope of the fitted line (R2 = 0.994). Conditions: 0.3 M ascorbate at 
pH 7.  
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Chapter 4 

 

 

Nickel N-Heterocyclic Carbene-Pyridine Complexes that Exhibit Selectivity for 
Electrocatalytic Reduction of Carbon Dioxide Over Water 

 

4.1 Abstract 
 

We report a homologous series of nickel(II) complexes supported by N-heterocyclic 
carbene-pyridine (Rbimpy, R = Me, Et, Pr) ligands that exhibit high selectivity for reducing 
carbon dioxide over water under electrocatalytic conditions. Elongation of the alkyl bridge in the 
ligand platform from a methyl linker to a propyl linker causes a decrease of 200 mV in the 
catalytic conversion of CO2 to CO. Chemical reduction of [Ni(Mebimpy)]2+ and [Ni(Etbimpy)]2+ 
leads to the discovery of unique Ni(I)-Ni(I) dimers that have important implications for 
improving catalytic CO2 reduction. 

4.2 Introduction 
 
Carbon dioxide (CO2) is a significant contributor to global climate change but also a 

potentially powerful C1 building block for fine and commodity chemicals.1 As such, the 
search for new catalysts, particularly those that utilize cheap and earth-abundant elements, to 
fix and transform CO2 into more useful products is a topic of growing interest. In addition to 
issues of catalyst speed, stability, and compatibility with benign aqueous conditions, a key 
challenge for reductive CO2 chemistry is developing systems that can selectively activate 
CO2 in the presence of water or other sources of protons, which can divert reducing 
equivalents away from kinetically inert CO2. To date, such selectivity has been observed in 
cobalt and nickel polyamine macrocycles2-7 but only for specific ring sizes, which has limited 
their tunability. Other CO2 reduction catalysts have been largely confined to second- and 
third-row transition metal polypyridines,8-15 metal porphyrins16-18 and phthalocyanines,19-21 
and various metal phosphine complexes22-25 many of which are air- and moisture-sensitive. 
Thus, we sought to explore other platforms, particularly those that utilize earth-abundant 
first-row transition metals, to evaluate CO2 reactivity. Here we report a series of nickel 
complexes supported by tunable tetradentate N-heterocyclic carbene-pyridine ancillary 
ligands and their ability to selectively reduce CO2 over H2O under electrocatalytic 
conditions. 

Based on seminal work with [Ni(cyclam)]2+ and related N4 macrocyclic complexes 
that show high selectivity for activating CO2 over H2O under reductive electrocatalytic 
conditions, 1-7,26 we reasoned that planar, electron-rich systems with a dz2-based nucleophile 
could provide a promising platform for activating CO2 as an electrophile in a multi-electron, 
multi-proton fashion. We were particularly attracted to the tetradentate bis(N-
imidazolylpyridine)methane) (Mebimpy, 3) ligand that mediates nickel-based Suzuki cross-
coupling reactions,27 and initiated studies to explore this system for CO2 chemistry.  

 
4.3 Results and Discussion 

 
First, we expanded the bimpy series to include new ethylene- (Etbimpy, 4) and 
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propylene- (Prbimpy, 5) bridged platforms to test the effects of chain length on the structure 
and reactivity of their nickel derivatives. To this end, we prepared a homologous series of 
Rbimpy ligands and their nickel(II) complexes as depicted in Scheme 4.1. Due to the weaker 
electrophilicity of the longer-chained dibromoalkanes compared to dibromomethane, the 
monoalkylated imidazoylpyridine (1, 2) is first isolated before the second addition of 
imidazoylpyridine for the ethylene- and propylene-bridged bimpy congeners. Deprotonation 
by Ag2O and subsequent metallation proceed smoothly to afford the new nickel complexes 
[Ni(Etbimpy)]2+ (7) and [Ni(Prbimpy)]2+ (8) as yellow solids, as well as the known compound 
[Ni(Mebimpy)]2+ (6). As expected, all three Ni(II) Rbimpy complexes are diamagnetic and the 
solid-state structures of 7 and 8 were determined by single-crystal X-ray diffraction (Figure 
4.1). Interestingly, increasing the length of the bridgehead linker causes a greater distortion 
towards a pseudotetrahedral geometry around the Ni center. This distortion is exemplified by 
measuring the angle between the two planes formed by N1-Ni1-C8 and N1i-Ni1-C8i in 7 and 
N1-Ni1-C8 and N6-Ni1-C14 in 8. The angle going from methyl to ethyl to propyl increases 
from 2.2˚ in 6 to 19.4˚ and 31.0˚ in 7 and 8, respectively (Figure 4.2). 

Cyclic voltammograms of 6, 7, and 8 in CH3CN solutions are shown in Figure 4.3. 
Complex 6 features an irreversible oxidative peak at −0.29 V, an irreversible reductive peak 
at −0.84 V, and a reversible reductive wave at −1.69 V, relative to SCE. The observed 
irreversible electrochemical behavior at the first reduction may be a result of the rigid 
methylene bridge that disfavors a square planar Ni(I) species, causing other chemical 
processes to occur. A return signal is observed at higher scan rates (Fig 4.4), suggesting that 
these pathways are competitive (vide infra). We tentatively assign these reductions to metal-
based events as the free ligand does not exhibit similar behavior in this electrochemical 
window. Interestingly, lengthening of the alkyl bridge results in two reversible reduction 
events observed for ethylene-linked 7 at −0.86 V and −1.54 V and propylene-linked 8 at 
−0.80 V and −1.46 V. Notably, extension of the alkyl linker systemically shifts the potential 
of the second reduction in the positive direction, presumably because the additional 
flexibility of the ligand scaffold confers the ability of the complex to distort in a tetrahedral 
fashion. 

Exposure of all three complexes to CO2 causes the appearance of a catalytic wave at 
the second reduction process, and addition of excess water as a proton source further 
enhances the current (Figure 4.5). Interestingly, no current enhancement is observed upon 
addition of water alone at the same levels, indicating a high selectivity for the reduction of 
CO2 over protons from H2O (Figure 4.6). Cyclic voltammograms of the free ligands 3, 4, and 
5, under a CO2 atmosphere also do not show current enhancements in the same 
electrochemical window (Figure 4.7). We also examined the effect of increasing 
concentrations of H2O on catalysis and no dependence was found at high concentrations of 
H2O (Figure 4.5). 

To probe the reactivity of these systems, we also pursued synthetic, stoichiomeric 
reductions of the Ni(Rbimpy) platforms. Initial studies focused on the characterization of 
one-electron reduced species. Treatment of 6 and 7 with one equivalent of KC8 in THF 
results in the formation of products that surprisingly exhibit NMR spectra indicative of 
diamagnetic complexes. Structural characterization of these reduction products by single-
crystal X-ray diffraction analysis reveals that complexes 9 and 10 are in fact dinickel species 
with distinct modes of dimerization. Reduction of 6 to give 9 shows dimerization in a 
"butterfly" fashion in which each Mebimpy ligand coordinates to two formally nickel(I) 
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centers. In contrast, reduction of compound 7 to give 10 results in formation of a Ni2C2 
diamond-core structure from two proximate Etbimpy ligands and contains unusual carbene 
bridges (Figure 4.8). Variable-temperature 1H NMR spectroscopy was utilized to investigate 
the dynamics of these dimers in solution. The 1H NMR spectra in the temperature range of 
−40°C to 75°C for 10 show significant fluxionality, suggesting the dimer may adopt different 
geometries in solution even at room temperature (Figure 4.9); we note that this behavior is 
not seen in the variable-temperature 1H NMR spectra for 9 in the same temperature range. 
The ability of 10 to adopt different geometries in solution may explain the distinct 
electrochemical behaviors at the first reductive event of 6 and 7. We tentatively reason this 
fluxional behavior translates to 8, though we have not yet been able to isolate a one-electron 
reduced species of 8. The cyclic voltammogram of 9 shows a quasi-reversible wave centered 
at −0.36 V, with an anodic peak at −0.29 V (Figure 4.10) that falls in the same region as the 
irreversible peak at -0.29 V observed for 6. Thus, we assign this irreversible anodic peak in 6 
as the oxidation of dimer 9. Interestingly, the cyclic voltammogram of 10 exhibits analogous 
behavior to 7, again highlighting the dynamic behavior of 10 in solution (Figure 4.10). As 
suggested by the electrochemical behavior of 6 and 7, oxygen-sensitive complexes 9 and 10 
are unreactive to CO2 and degassed H2O.  However, when 9 is exposed to either CO or 
isocyanate, a new diamagnetic species is formed as detected 1H NMR spectroscopy. 
Colorless single crystals are grown in an acetonitrile/ether diffusion and X-ray diffraction 
show the formation of [Ni(Mebimpy)2](PF6)4 (11), where the Ni center is coordinated to four 
carbene donors from two ligands (Figure 4.11).  Due to the potential evolution of toxic 
Ni(CO)4, further reactions with π acceptors were not continued. 

With these data in hand, controlled-potential electrolysis experiments were performed 
at the peak potential of the second reduction process under an atmosphere of CO2. Analysis 
of these samples shows only CO as the major reduction product with negligible formation of 
H2 under these conditions (Figure 4.12), providing further evidence that the Ni(Rbimpy) 
systems exhibit good selectivity for activating CO2 over H2O under reductive electrocatalytic 
conditions. Despite their high selectivity for CO2 reduction, the Ni(Rbimpy) catalysts operate 
at very modest rates, with turnover frequencies (TOF) ranging from 3.9 h-1 to 4.2 h-1 to 5.9 h-

1 for 6, 7, and 8, respectively; continued electrolysis at high cathodic potentials leads to 
catalyst deactivation, with hydrogenation of conjugated bonds within the bimpy ligands a 
likely weak point in these frameworks. 

 
4.4 Concluding Remarks 

 
In closing, we have presented a homologous series of nickel(II) complexes supported 

by N-heterocyclic carbene-pyridine (Rbimpy, R = Me, Et, Pr) ligands and their ability to 
reduce CO2 to CO with high selectivity for activating CO2 over H2O under reducing 
electrocatalytic conditions, albeit with modest activity. Further synthetic studies suggests that 
the formation of distinct dinickel species accounts for the different electrochemical behavior 
of 6 and 7. Current efforts are geared toward further mechanistic studies of these and related 
platforms for CO2 reduction chemistry, with particular interest in design strategies to 
maintain chemical selectivity for reducing CO2 over H2O with improved activity and 
compatibility with pure aqueous media. 

 
4.5 Experimental 
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General Synthetic and Physical Methods. Unless noted otherwise, all manipulations 

were carried out at room temperature under a dinitrogen atmosphere in a VAC glovebox or using 
high-vacuum Schlenk techniques. Diethyl ether, tetrahydrofuran, and pentane were dried over 
activated 4 Å molecular sieves, passed through a column of activated alumina, and sparged with 
nitrogen prior to use. Acetonitrile, acetonitrile-d3, propionitrile and butyronitrile were refluxed 
over CaH2, distilled, and sparged with nitrogen. All other reagents and solvents were purchased 
from commercial sources and used without further purification. Literature methods were used to 
synthesize Ni(DME)Cl2

28,29 and 2-(imidazolyl)pyridine.30
 NMR spectra were recorded on Bruker 

spectrometers operating at 300, 400, or 500 MHz as noted. Chemical shifts are reported in ppm 
relative to residual protiated solvent; coupling constants are reported in Hz. Mass spectra were 
determined at the University of California, Berkeley Mass Spectrometry Facility.  

Cyclic Voltammetry. Non-aqueous electrochemical experiments were conducted under a 
N2 or CO2 atmosphere in 0.1 M NBu4PF6 in CH3CN. Cyclic voltammetry and controlled-
potential electrolysis experiments were carried out using BASI’s Epsilon potentiostat and C-3 
cell stand. The working electrode was a glassy carbon disk (3.0 mm diameter) and the counter 
electrode was a platinum wire. A silver wire in porous Vycor tip glass tube filled with 0.1 M 
NBu4PF6 in CH3CN was used as a pseudo-reference electrode. The scan rate for all cyclic 
voltammograms was 100 mV/sec, unless otherwise noted. All potentials were referenced against 
ferrocene/ferrocenium as an external standard and converted to SCE by adding 0.40 V to the 
measured potentials.31  

Gas Chromatographic Analysis. An Agilent 490-GC Micro-Gas Chromatograph with a 
Mol Sieve column and heated syringe injector was used for product detection. The column was 
heated to 80°C under Ar gas flow and the average sample volume of 200 nL was injected onto 
the column. Controlled-potential electrolysis was conducted using a custom-made glass cell 
fitted with a glassy carbon rod working electrode (5 mm diameter), Ag/AgNO3 reference 
electrode, a Pt gauze auxiliary electrode in a glass frit, and a sparging needle. A glass adapter 
fused to Swagelok female miniature quick-connect with shut-off was also fitted to the cell and is 
used to attach to a male miniature quick-connect with shut-off on the injection line of the GC. 
Typically, a 10 mL solution of 0.3 M NBu4PF6/0.2 mM H2O in CH3CN was sparged for 10 
minutes with N2 or CO2 and cyclic voltammograms were taken as controls. From a 3 mM 
solution of catalyst in 0.3 M NBu4PF6 in CH3CN, 100 µL was injected into the cell and cyclic 
voltammograms were retaken under both N2 and CO2. The solutions are then electrolyzed at the 
second reductive wave (−1.5 V, −1.6 V, −1.7 V for 6, 7, and 8, respectively) for 2 h under CO2 
and subjected to GC analysis. For calculating turnover frequencies (TOF), a control in the 
absence of catalyst was run and the charge was subtracted from the overall charge passed in the 
catalysis.  

General Methods for X-Ray Crystallography. Single-crystal X-Ray diffraction was 
conducted at University of California, Berkeley, College of Chemistry, X-Ray Crystallography 
Facility. Crystals were mounted on nylon loops in Paratone-N hydrocarbon oil. Air-sensitive 
samples were transferred from the glove box to Paratone-N and mounted quickly to avoid 
decomposition. All data collections were performed on either a Bruker SMART, or Bruker 
APEX diffractometer equipped with a CCD area detector and a low temperature apparatus. Data 
integration was performed using SAINT. Preliminary data analysis and absorption correction 
were performed using XPREP and SADABS.5 Structure solution and refinement was performed 
using SHELX software package.6 
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Bis(N-pyridylimidazoliumyl)ethane hexafluorophosphate ([H2
Et

bimpy](PF6)2, 4). A 
solution of 2-(imidazolyl)pyridine (1.6 g, 11 mmol) in 5 mL of 1,2-dibromoethane was refluxed 
overnight. The solution was filtered by vacuum filtration and washed with CH2Cl2 to remove 
excess 1,2-dibromoethane. A sticky brown tar was obtained as 1 and suspended in CH3CN. A 
second equivalent of 2-(imidazolyl)pyridine was added and refluxed overnight. The solution was 
again filtered and washed with CH2Cl2 and the residue was dissolved in deionized H2O. NH4PF6 
(3.6 g, 0.011 mol) was added and the product was filtered by vacuum filtration as an off-white 
solid (2.6 g, 4 mmol, 38%). 1H NMR (300 MHz, DMSO): δ 10.06 (2H, s), 8.63 (d, J = 4.5, 2H), 
8.52 (2H, s), 8.21 (t, J = 8.1, 2H), 7.97 (d, J = 8.1, 2H), 7.866 (s, 2H), 7.63 (t, J = 5.1, 2H), 4.48 
(s, 4H) 13C NMR (125 MHz, DMSO): δ 149.70, 147.53, 141.13, 136.31, 125.84, 124.20, 119.81, 
114.49, 49.52. Anal. Calcd for C18H18N6F12P2: C, 35.54; H, 2.98; N, 13.82. Found: C, 35.40; H, 
2.85; N, 13.50. ESI-HRMS ([M]+) m/z calcd for C18H18N6 159.0791, found 159.0789. 

Bis(N-pyridylimidazoliumyl)propane hexafluorophosphate ([H2
Et

bimpy](PF6)2, 5). 

The synthesis of 5 followed the procedure of 4, starting with 468 mg (3.2 mmol) of 
imidazolylpyridine and 5 mL of dibromopropane (296 mg, 0.48 mmol, 15%). 1H NMR (500 
MHz, CD3CN) δ 9.38 (s, 1H), 8.64 (d, J = 4.0 Hz, 2H), 8.19 – 8.14 (m, 4H), 7.79 (d, J = 8.2 Hz, 
2H), 7.67 (d, J = 1.9 Hz, 2H), 7.64 (dd, J = 7.3, 5.0 Hz, 2H), 4.41 (t, J = 7.3 Hz, 4H), 2.65 – 2.57 
(q, J = 7.3 Hz, 2H). 13C NMR (125 MHz, DMSO) ): δ 149.58, 146.34, 140.59, 134.27, 125.58, 
123.57, 119.79, 114.10, 46.94, 29.53. Anal. Calcd for C18H18N6F12P2: C, 36.17; H, 3.24; N, 
13.50. Found: C, 36.17; H, 2.89; N, 13.17. 

[Ni(
Et

bimpy)](PF6)2 (7). A solution of 4 (1.2 g, 1.9 mmol) and Ag2O (2.97 g, 12 mmol) 
in 5 mL of CH3CN was stirred overnight and the resulting solution was filtered by vacuum 
filtration to remove excess Ag2O. To the colorless filtrate, Ni(DME)Cl2 (0.425 g, 1.9 mmol) was 
added and stirred overnight. The resulting solution was filtered by vacuum filtration and 
precipitated from Et2O. The precipitate was recrystallized in CH3CN/Et2O diffusion and yellow-
green crystals were obtained (0.505 g, 77 mmol, 40%). 1H NMR (500 MHz, CD3CN): δ 8.43 (d, 
J = 5.5, 2H), 8.34 (t, J = 7.5, 2H), 7.90 (d, J = 2.5,2H), 7.85 (d, J = 8.5, 2H), 7.67 (t, J = 6.5, 2H), 
7.39 (d, J = 2.5, 2H), 4.57 (s, 4H) 13C NMR (100 MHz, CD3CN) ): δ 146.51, 150.51, 149.86, 
143.85, 127.09, 124.50, 116.56, 112.23, 49.14 Anal. Calcd for C18H16N6NiP2F6: C, 32.51; H, 
2.43; N, 12.64. Found: C, 32.05; H, 2.40; N, 12.81. ESI-HRMS ([M]+) m/z calcd for C18H16N6Ni 
187.0389, found 187.0392. 

[Ni(
Pr

bimpy)](PF6)2 (8). The synthesis of 8 followed the procedure of 7, starting with 
180 mg (0.3 mmol) of 5 and 64 mg (0.3 mmol) of Ni(DME)Cl2. Structural characterization found 
that [Ni(Prbimpy)Cl](PF6) was formed and 103 mg (0.3 mmol) of TlPF6 was added to obtain 8 
quantitatively. Single crystals were obtained by diffusing Et2O into a concentrated solution of 8 
in CH3CN. 1H NMR (500 MHz, CD3CN) δ 8.47 (d, J = 5.4 Hz, 2H), 8.36 (t, J = 7.8 Hz, 2H), 
7.98 (d, J = 1.8 Hz, 2H), 7.91 (d, J = 8.2 Hz, 2H), 7.68 (t, J = 7.8 Hz, 2H), 7.44 (d, J = 1.9 Hz, 
2H), 4.36 (s, br, 2H), 3.98 (s, br, 2H), 2.29 (s, br, 2H). 13C NMR (125 MHz, DMSO) ): δ 157.18, 
150.37, 149.50, 143.26, 125.93, 124.40, 117.88, 112.25, 46.05, 29.64. Anal. Calcd for 
C18H18N6F12P2: , 33.61; H, 2.67; N, 12.38. Found: C, 33.33; H, 2.35; N, 12.03. 

[Ni2(
Me

bimpy)2](OTf)2 (9). A suspension of KC8 (21 mg, 0.15 mmol) in THF was added 
to a suspension of 6 (100 mg, 0.15 mmol) in THF slowly. The solution slowly turned dark and 
was stirred overnight. The solution was filtered to obtained a dark precipitate of the product and 
graphite. The precipitate was dissolved in CH3CN and the graphite was filtered. The filtrate was 
evaporated and a black residue was obtained (24 mg, 0.069 mmol, 92%). Single crystals were 
obtained by diffusing Et2O into a concentrated solution of 9 in CH3CN at -30°C. 1H NMR (500 
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MHz, CD3CN) δ 7.84 (triplet, J = 7.5 Hz, 2H), 7.67 (d, J = 2.1 Hz, 2H), 7.59 (m, 4H), 7.54 
(d, J = 2.1 Hz, 2H), 7.13 (dd, J = 6.8, 2H), 6.41 (s, 2H). 13C NMR (125 MHz, CD3CN) ): δ 
187.35, 148.53, 148.36, 138.38, 134.41, 123.76, 115.36, 110.69, 63.10 Anal. Calcd for 
C36H28N12F6O6S2 Ni2: C, 42.53; H, 2.77; N, 16.48. Found: C, 33.33; H, 2.61; N, 16.55. 

[Ni2(
Et

bimpy)2](PF6)2 (10). The synthesis of 10 followed the procedure of 9, starting with 
7.8 (0.057 mmol) of KC8 and 37 mg of 7 (0.056 mmol) and obtaining a yield of 24 mg of 10 
(0.023 mmol, 82%). Single crystals were obtained by diffusing Et2O into a concentrated solution 
of 9 in CH3CN at -30°C. 1H NMR (500 MHz, CD3CN): δ 7.95, 7.84, 7.68, 7.62, 7.49, 7.7, 7.24, 
7.12, 7.037, 6.27, 4.44, 4.23 13C NMR (125 MHz, CD3CN) ): δ 183.72, 148.81, 147.34, 138.02, 
125.23, 122.54, 121.13, 110.61, 49.01, 14.57 ESI-HRMS ([M]+) m/z calcd for C18H16N6Ni 
374.0784, found 374.0776. 
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4.7 Schemes, Tables, and Figures 
 
 

 
 

Scheme 4.1. Synthesis of [Ni(Rbimpy)](PF6)2 complexes.
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Table 4.1. Crystallographic Data for Ni complexes 7-10 

 
[Ni(

Et
bimpy)](PF6)2 

(7) 
[Ni(

Pr
bimpy)](PF6)2 

(8) 

[Ni2(
Me

bimpy)2](OTF)2 

(9) 

[Ni2(
Et

bimpy)2](PF6)2·2DME 

(10) 

Empirical 

Formula C18H16N6NiP2F12 C19H18N6NiP2F12 C36H28N12Ni2F6O6S2 C42H48N12Ni2P2F12O4 

Formula Weight 665.02 679.04 1020.24 1192.28 
Crystal System Monoclinic Trigonal Monoclinic Monoclinic 
Space Group C2/c R-3 P2(1)/c P2(1)/n 
a 10.0790(7) 33.730(4) 7.404(17) 10.6550(15) 
b 19.0802(15) 33.730(4) 31.424(7) 21.779(3) 
c 12.1281(9) 13.4121(18) 16.616(4) 21.880(3) 
αααα (º) 90 90 90 90 
ββββ (º) 100.4060(10) 90 98.615(4) 99.063(2) 
γγγγ (º) 90 120 90 90 
V(Å3) 2294.0(3) 12314(3) 3822.2(15) 5014.0(12) 
Z 4 18 8 8 
ρρρρcalc (g/cm

3
) 1.926 1.536 1.773 3.159 

µ (mm
-1

) 1.106 0.866 1.190 1.828 
2θθθθmax (º) 50.66 50.74 50.70 50.9 
Reflections 

Collected 12525 94483 32458 51586 
Independent 

Reflections 2099 5384 6961 9220 
Refl/Param 11.45 14.91 12.06 13.94 
R1, wR2 (I>2σ) 0.0217, 0.0564 0.0406, 0.1052 0.0518, 0.1058 0.0406, 0.0825 
R1, wR2 (all 
data) 0.0220, 0.0566 0.0485, 0.1099 0.0939, 0.1254 0.0837, 0.1003 
Ni-Ni (Å)   2.5087(10) 2.5790 (6) 
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Figure 4.1. Solid-state structures of the cations of 7 (left) and 8 (right). Anions, solvent 
molecules and hydrogen atoms are omitted for clarity; thermal ellipsoids are shown at 50% 
probability. 
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Figure 4.2. Profile views of cations of 6 (left),9 7 (middle), and 8 (right), showing the angle 
between two planes formed from each half of the ligand around the Ni center. Anions, solvent 
molecules and hydrogen atoms are omitted for clarity; thermal ellipsoids are shown at 50% 
probability. 
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Figure 4.3. Cyclic voltammograms of complex 6 ( ), 7( ), and 8 ( ) in 0.1 M NBu4PF6 in 
CH3CN under a N2 atmosphere. Scan rate: 100 mV/s; glassy carbon disk electrode. 
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Figure 4.4. Cyclic voltammograms of 6 in the presence of N2 at different scan rates, in 0.1 M 
NBu4PF6 in CH3CN, using a glassy carbon disk electrode. 
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Figure 4.5. Cyclic voltammograms of 6 (top), 7 (middle), and 8 (bottom) in the presence of N2, 
CO2, and H2O under a CO2 atmosphere in 0.1 M NBu4PF6 in CH3CN. Scan rate: 100 mV/s; 
glassy carbon disk electrode. 
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Figure 4.6. Cyclic voltammograms of 6 (top), 7 (middle), and 8 (bottom) under a N2 atmosphere     
( ), 0.87 mM H2O under a N2 atmosphere ( ), and subsequently, 0.87 mM H2O under a CO2 
atmosphere ( ) in 0.1 M NBu4PF6 in CH3CN. Scan rate: 100 mV/s; glassy carbon disk 
electrode. 
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Figure 4.7. Cyclic voltammograms of 3 (top), 4 (middle), and 5 (bottom) in the presence of N2 (
), CO2 ( ), and subsequently, 0.44 mM H2O under a CO2 atmosphere ( ) in 0.1 M 

NBu4PF6 in CH3CN. Scan rate: 100 mV/s; glassy carbon disk electrode. 
  



 

114 

 

 
Figure 4.8. Solid-state structures of 9 (left) and 10 (right). Anions, solvent molecules and 
hydrogen atoms are omitted for clarity; thermal ellipsoids are shown at 50% probability. 
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Figure 4.9. Variable-temperature 1H NMR of 10 from 75°C (top) to -40°C (bottom) in a gas-tight J. Young tube under a N2 
atmosphere. CD3CN; 500 MHz. 
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Figure 4.10. Cyclic voltammograms of 9 (top) and 10 (bottom) in the presence of N2 ( ), and 
their Ni(II) congeners, 6 and 7, respectively ( ) in 0.1 M NBu4PF6 in CH3CN. The arrow refers 
to the direction of the potential scanned in 9 and 10. Scan rate: 100 mV/s; glassy carbon disk 
electrode. 
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Figure 4.11. Front (left) and profile (right) view of the solid-state structure of 11. 
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Figure 4.12. Gas chromatogram of 8 after 2 h electrolysis at -1.5 V relative to SCE ( ) and 
addition of 10 µL H2 after 2 h electrolysis ( ) in 0.3 M NBu4PF6 in wet CH3CN, using a glassy 
carbon rod electrode. H2

 (top) and CO (bottom) were identified at 0.31 and 1.15 min, 
respectively.  
*unknown trace component also observed in a blank sample of air 
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Chapter 5 

 

 

Visible-Light Photoredox Catalysis: Selective Reduction of Carbon Dioxide to 
Carbon Monoxide by a Nickel N-Heterocyclic Carbene-Isoquinoline Complex 

 
5.1 Abstract 

The sustainable reduction of carbon dioxide to value-added chemical fuels is a 
longstanding challenge in the fields of catalysis, energy science, and green chemistry, and solar 
power is a promising energy source for driving CO2 reduction chemistry. In this context, there 
are key considerations that must be balanced in order to develop effective CO2 reduction cycles, 
including: 1) catalyst selectivity for promoting CO2 fixation over competing proton-to-hydrogen 
pathways under reducing conditions, 2) visible-light harvesting that matches the solar spectrum 
and avoids high-energy ultraviolet photosensitization pathways, and 3) the use of cheap and 
earth-abundant catalytic components. In this report, we present the synthesis, characterization, 
and evaluation of a new family of earth-abundant nickel complexes supported by simple N-
heterocyclic carbene-amine ligands that exhibit high selectivity and activity for the 
electrocatalytic and photocatalytic conversion of CO2 to CO. Systematic changes in the carbene 
and amine donor portions of the ancillary ligand platform have been surveyed, and 
[Ni(Prbimiq1)]2+ (where Prbimiq1 = bis(3-(imidazolyl)isoquinolinyl)propane, 1c) emerges from 
this series as a molecular catalyst for selective electrochemical reduction of CO2 with the lowest 
cathodic onset potential (E1/2 = −1.2 V vs. SCE). Using this earth-abundant catalyst in 
conjunction with the molecular iridium photosensitizer, Ir(ppy)3 (where ppy = 2-phenylpyridine) 
and an electron donor, we have developed a visible-light photoredox system for the catalytic 
conversion of CO2 to CO that proceeds with high activity and selectivity. Visible-light CO2-to-
CO conversion in this catalytic cycle at a relevant solar intensity of 130 mW·cm-2 is achieved 
with turnover numbers (TONs) and turnover frequencies (TOFs) reaching ca. 98,000 and 3.9 s-1, 
respectively, with negligible formation of molecular hydrogen from competing proton reduction 
pathways. Further studies reveal that the overall efficiency of this solar-to-fuel cycle may be 
limited by the formation of the active Ni catalyst by the excited photosensitizer and/or the 
chemical reduction of CO2 to CO at the reduced nickel center and provide a starting point for 
improved photoredox systems for sustainable carbon-neutral energy conversion. 

5.2 Introduction 
 

The search for sustainable resources has attracted broad interest in the potential use of 
carbon dioxide as a feedstock for fuels and fine chemicals.1-10 In this context, the photocatalytic 
reduction of CO2 is an attractive route that can take advantage of the renewable and abundant 
energy of the sun for long-term CO2 utilization,6,11-13 with the eventual target of coupling the 
reductive half-reaction of CO2 fixation with a matched oxidative half-reaction such as water 
oxidation to achieve a carbon-neutral artificial photosynthesis cycle.14-21 Before this ultimate 
goal can be realized, however, a host of basic scientific challenges must be addressed, including 
developing systems that balance selectivity, efficiency, and cost. With regard to selectivity, it is 
critical to minimize the competitive reduction of water to hydrogen that is typically kinetically 
favored over CO2 reduction, as well as selectively convert CO2 to one carbon product.22,23 
Another primary consideration is the use of visible-light excitation, which more effectively 
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harvests the solar spectrum and avoids deleterious high-energy photochemical pathways. 
Semiconductors such as TiO2 and SiC have been widely employed as heterogeneous catalysts for 
photochemical and photoelectrochemical conversion of CO2 to a variety of carbon products such 
as carbon monoxide, methanol, and methane.12,13 However, examples of selective light-driven 
CO2 conversion to reduced carbon products in heterogeneous systems are limited mainly to these 
wide-band gap, UV-absorbing materials that do not exhibit selectivity towards a single carbon 
product,24-27 aside from select transition-metal doped silicates.28-30 The use of semiconductors 
with molecular electrocatalysts has also been investigated for photoelectrochemical CO2 
conversion,31-33 and recent work in improved inorganic materials for electrocatalytic CO2 
reduction continues to emerge,34-40 but limited photocatalytic applications have been reported.  

Homogeneous molecular systems offer an alternative strategy for solar CO2 fixation that 
allows for modular tuning of their performances via synthetic chemistry. However, most CO2 
reduction efforts in this context have focused on electrocatalysts, including those based on cobalt 
and nickel polyamine macrocycles,41-47 second- and third-row transition metal polypyridines,48-58 
metal porphyrins59-62 and phthalocyanines,63-65 metal phosphines3,66-69 and thiolates,70 metal 
clusters,71 pyridine and amine derivatives,72-75 and N-heterocyclic carbene-pyridine platforms.76 
To date, no one synthetic system combines visible-light excitation and earth-abundant metal 
catalysts to achieve sustainable, solar CO2 conversion to a predominant product with high 
selectivity and activity. For example, photochemical reductions of CO2 with selective product 
formation using rhenium polypyridine catalysts have been extensively investigated, but these 
third-row transition metal photosensitizers absorb largely in the UV region and do not utilize the 
full solar spectrum.77,78 UV-excitable organic photosensitizers, such as p-terphenyl79-81 and 
phenazine,82 have also been used in conjunction with a variety of electrocatalysts for 
photochemical CO2 fixation.  

Visible-light photocatalytic CO2 reduction has been largely limited to noble-metal 
catalysts that have low turnovers and/or selectivity. For instance, [Ru(bpy)3]

2+ can be used as 
both a photosensitizer and a catalyst for reducing CO2 to formate with turnover numbers (TONs) 
reaching up to 27 within 24 h.83 Related systems with [Ru(bpy)3]

2+ as a photosensitizer and 
Re(bpy)(CO)3Cl have reported TONs reaching up to 48 in 4 h for selective CO production.48 
First-row transition metal complexes have also been used in conjunction with [Ru(bpy)3]

2+; early 
work on nickel N4-macrocycles and [Ru(bpy)3]

2+ have been demonstrated to approach TONs of 
0.1 for CO production, but with concomitant H2 production with TONs up to 0.7.84,85

 These 
undesirable proton reduction pathways are also observed in cobalt-based systems with 
[Ru(bpy)3]

2+, where CO/H2 ratios are typically between 0 to 3 (though selectivity ratios up to 19 
are reported, the overall productions of CO and H2 are generally much lower in those cases).86,87 
Multinuclear bipyridine-based Ru-Re88,89 and Ru-Ru90 complexes can also reduce CO2 to CO 
and formic acid, respectively. More recently, a series of Ir(tpy)(R-ppy)Cl complexes (where tpy 
= terpyridine, ppy = phenylpyridine, R = H, Me) that absorb visible light have been reported to 
reduce CO2 to CO photocatalytically with TONs of up to 50 within 5 h.91 Additionally, in all the 
above cases, high-power 500 W to 1000 W Xe or Xe-Hg lamps are necessary to achieve these 
turnovers, though the values for power per area are not reported. Since the average solar intensity 
is measured to be around 136.6 mW·cm-2,92,93 low-intensity light would be advantageous for 
practical application of these technologies. 

Against this backdrop, we have initiated a program aimed at developing visible-light 
photoredox systems using earth-abundant catalysts for the selective conversion of CO2 to value-
added products. Inspired by the seminal [Ni(cyclam)]2+ complex (where cyclam = 1,4,8,11-
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tetraazacyclotetradecane) and related systems that exhibit high selectivity for reducing CO2 over 
H2O

1,41-43,45,46,58,80,94 and the rapid emergence of visible-light photoredox catalysis for organic 
transformations,95-100 we sought to couple visible-light photosensitizers of appropriate reducing 
power with first-row transition metal catalysts to drive CO2 fixation chemistry at earth-abundant 
metal centers. We now report the synthesis, properties, and evaluation of a new family of nickel 
complexes supported by N-heterocyclic carbene-amine ligands that can perform both 
electrocatalytic and photocatalytic carbon dioxide reduction with high selectivity over proton 
reduction. Through systematic substitutions on the ancillary donors, we have discovered a nickel 
N-heterocyclic carbene-isoquinoline platform that achieves visible-light catalytic photoredox 
conversion of CO2 selectively to CO with no detectable formation of hydrogen from off-pathway 
proton reduction processes. Using a relatively low-power 150 W Xe lamp that corresponds to 
130 mW·cm-2 under our experimental conditions, we achieve TONs and turnover frequencies 
(TOFs) approaching 98,000 and 3.9 s-1, respectively. Further experiments reveal that the catalytic 
activity in this photoredox cycle is limited by either the formation of the active nickel catalyst or 
the chemical conversion of CO2 to CO, providing a path forward for future designs of carbon-
neutral solar-to-fuel conversion processes based on this strategy. 
 
5.3 Results and Discussion 
 
 Synthesis and Characterization of a Homologous Family of Nickel N-Heterocyclic 
Carbene-Amine Complexes Bearing Benzimidazole-Based Carbene Donors or 
Isoquinoline Amine Donors. Based on precedent with [Ni(cyclam)]2+ and related N4 
macrocyclic systems that exhibit high selectivity for reducing CO2 over H2O under 
electrocatalytic conditions,1,40-44,54,79,91 we reasoned that developing new planar, electron-rich 
platforms with a dz2-based nucleophile would provide a good starting point for investigation. To 
this end, we previously communicated a trio of nickel complexes supported by N-heterocyclic 
carbene-pyridine ligands that demonstrated adjustments in the length of the bridgehead tether to 
offer tunability of cathodic reduction potentials.76 Although these first-generation systems are 
capable of highly selective electrochemical reduction of CO2 over H2O, they are limited by their 
modest catalytic activity and long-term stability. To address these shortcomings, we designed 
and synthesized a new family of nickel catalysts with systematic changes at the N-heterocyclic 
carbene and amine donors (Scheme 5.1). Using the modular synthetic approach outlined in 
Scheme 5.2, monomers 1a-3a were synthesized by a palladium- or copper-catalyzed carbon-
nitrogen coupling of an imidazole or benzimidazole precursor and a halogenated pyridine or 
isoquinoline.101 The respective bis-N-heterocyclic carbene-amine ligands 1b-3b can be readily 
prepared by alkylation of 1a-3a with the appropriate dihalide linker. For example, alkylation of 
1a by dibromopropane, followed by an anion exchange with NH4PF6, afforded ligand 1b. In 
addition, the effects of conjugation on CO2 reduction can be interrogated by the synthesis and 
characterization of bis(2-benzimidazolylmethylpyridine)propane hexafluorophosphate (4b), 
which contains extra methylene groups that break the π system between the N-heterocyclic 
carbene and the pyridine donors. Deprotonation of the ligands by Ag2O followed by metallation 
with Ni(DME)Cl2 yielded the chloride-bound nickel complexes, which were then treated with 
NaPF6 to afford the final catalysts 1c-4c in near-quantitative yield. As expected, all four 
complexes are diamagnetic as shown by 1H and 13C NMR measurements.  
 The solid state structures of 1c-4c determined from single-crystal X-ray crystallography 
are shown in Figure 1. In line with our previous work on tuning alkyl linkers in the Ni(Rbimpy) 
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series,76 the propyl bridge allows a great degree of flexibility and the four-coordinate nickel 
centers in all four complexes display distorted square-planar geometries. This distortion is 
quantified by measuring the torsion angle formed by Namine-Ni-Namine-Cortho in the complexes, and 
these angles range from 24.7° to 57.2 (Figure 5.1). The Ni-N and Ni-C bond lengths are within 
the typical range for these types of donors.76,102-104  
 Evaluation of Nickel N-Heterocyclic Carbene-Amine Complexes for 
Electrocatalytic CO2 Reduction. The electrochemical behaviors of complexes 1c-4c were 
interrogated by cyclic voltammetry. First, the electronic effects of the extended conjugation on 
the carbene and amine donors of the ligand scaffold were examined (e.g., isoquinoline for 
pyridine, benzimidazole for imidazole). The cyclic voltammogram of an acetonitrile solution of 
quinoline-based 1c and 0.1 M NBu4PF6 electrolyte exhibits two reversible reductions at E1/2 = –
0.92 V and –1.38 V vs. SCE under a nitrogen atmosphere (Figure 5.2a). For comparison, the 
cyclic voltammogram of quinoline-based 2c, in which the N-heterocyclic carbene is substituted 
at the 1-position of the isoquinoline ligand, displays two reversible reductive processes at E1/2= –
0.74 V, –1.20 V and an irreversible process at Epc = –1.60 V under N2 (Figure 5.2b). Under a 
CO2 atmosphere, the cyclic voltammograms of both complexes 1c and 2c show enhanced current 
at Eonset = –1.20 V and –1.40 V, respectively, which is indicative of electrocatalysis. Notably, 
catalyst 1c represents a marked improvement in overpotential compared to the parent complex 
[Ni(Prbimpy)](PF6)2, which exhibits a cathodic catalytic current for reducing CO2 at Eonset = –
1.40 V. In contrast to what is observed for complexes 1c and 2c where the conjugation is 
extended by using an isoquinoline donor, extending the conjugation on the imidazole-based N-
heterocyclic carbene donor with a benzimidazole carbene shifts the onset reduction potential for 
CO2 reduction to more negative values. Indeed, the cyclic voltammogram of 3c features two 
reversible reductions at E1/2 = –0.63 V and –1.22 V vs. SCE (Figure 5.2c) under a nitrogen 
atmosphere and enhanced current at Eonset = –1.47 V under a CO2 atmosphere.  
 Breaking the conjugation between the N-heterocyclic carbene and the amine donors also 
shifts the onset potential of CO2 reduction to more negative values. For example, the cyclic 
voltammogram of 4c displays two irreversible processes at Epc = –1.10 V and –1.43 V under N2 
with only a slight current enhancement at Eonset = –1.45 V under CO2 (Figure 5.3a). As a result of 
the larger chelate ring size around the Ni center, the steric strain in 4c is expected to be higher 
than in the case of 3c. Indeed, this strain is reflected in the differences in the torsion angles along 
NPy-Ni-NPy-Cortho core between 3c and 4c; the extra methylene groups between the pyridine and 
carbene cause the observed torsion angle in 4c (57.2°) to be much larger than that of 3c (34.9°). 
We further probed the extent of these strain effects on CO2 reduction by evaluating an analogous 
nickel N-heterocyclic carbene-pyridine complex previously synthesized by Chen and co-workers 
(5c),102 which contains a methyl bridge between the N-heterocyclic carbenes in place of the 
propyl linker in 4c. This small change leads to a decreased torsion angle of 45.1° along NPy-Ni-
NPy-Cortho core. As anticipated, the cyclic voltammogram of 5c shows two irreversible reductions 
at Epc = –1.02 V and –1.56 V under an N2 atmosphere with only a modest current enhancement 
at Eonset = –1.50 V upon addition of CO2 (Figure 5.3b). Both 4c and 5c are significantly less 
active than 1c-3b towards CO2 reduction, suggesting that the extended conjugation at the 
appropriate location on the ligand platform is favorable for catalytic CO2 reduction. 
 By systematically tuning the location and type of ligand conjugation in this series of 
nickel complexes, catalyst 1c is determined to have the lowest overpotential for CO2 reduction 
potential at Eonset = –1.20 V. As a control experiment, a cyclic voltammogram of the ligand 1b 
under CO2 does not show any enhanced current and highlights the importance of the metal ion 
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(Figure 5.4). Controlled-potential electrolysis of an acetonitrile solution of 0.02 mM of 1c in the 
presence of 0.1 M NBu4PF6 at Ecat = –1.80 V vs. SCE was conducted over an 8-h period (Figure 
5.5). The headspace was analyzed by gas chromatography in 30-min intervals and CO was 
detected as the major gas product (Figure 5.6), along with trace amounts of CH4 (Figure 5.7). 
The Faradaic efficiency (FE) for CO production is 90% with no detectable formation of 
hydrogen within the first 30 min. A total turnover number (TON) of 35 and an endpoint FE of 
22% are calculated for CO production at 8 h (Figure 5.8). No other gas or solution products are 
detected through GC or NMR analysis. We speculate that the decrease in FE from 90% within 
the first 30 min to 22% at 8 h may be attributed to the re-oxidation of CO2-reduced products at 
the counter electrode as they accumulate in the reactor; in this case, we anticipate that FE could 
be improved through reduced mass transfer of CO2-reduced products between the working 
electrode and counter electrode compartments. Indeed, this mass transfer issue is solved through 
the use of a photoredox cycle with an external quencher, which achieves much higher activity, 
selectivity, and long-term stability. 
 Development a Solar-driven Photoredox Cycle for Catalytic CO2 Reduction with 
Nickel N-Heterocyclic Carbene-Isoquinoline Complex 1c. With electrochemical data 
showing that improvements in overpotential, we moved to incorporate molecular catalyst 1c into 
a solar-driven photoredox cycle for CO2 reduction. Specifically, we sought to combine this earth-
abundant CO2 catalyst with an appropriate light absorber that could subsequently transfer a high-
energy electron to the nickel center. An iridium photosensitizer supported by fac-
tris(phenylpyridine), Ir(ppy)3, was selected owing to its ability to absorb solar photons in the 
visible region92,93 (Figure 5.9) and potentially large driving force for the subsequent reduction of 
the nickel catalyst.105,106  

A series of experiments were conducted to test the viability of using catalyst 1c combined 
with the visible-light absorber Ir(ppy)3 and a sacrificial reductant, triethylamine (TEA), in a 
photoredox cycle for CO2 reduction. Typical photolysis experiments were conducted with a 130 
mW·cm-2 Xe lamp equipped with an AM 1.5 filter to simulate the solar spectrum and intensity. 
A glass bubbler containing an acetonitrile solution containing CO2 (~0.28 M), catalyst, 
photosensitizer, and quencher was illuminated and the headspace was directly analyzed by GC 
every hour. As shown in Figure 5.10, the visible-light photoredox cycle produced a significant 
amount of CO product over background, along with trace amounts of CH4 and C2H4 (Figure 
5.11), with activity that persisted for at least 7 h. Moreover, no hydrogen was observed above the 
detection limit of 1 ppm, establishing the high selectivity of this photoredox system for CO2 over 
proton reduction. Table 1 summarizes the TONs and TOFs under a variety of conditions. At 200 
nM of catalyst 1c and 0.2 mM Ir(ppy)3, the TON and TOF values are 1,500 and 0.058 s-1, 
respectively, using the CO product quantified after 7 h of photolysis. Moreover, TONs and TOFs 
as high as 98,000 and 3.9 s-1, respectively are determined using 2 nM loadings of 1c. The high 
turnover values achieved using this earth-abundant catalyst under visible-light photoredox 
conditions establish its promise for potential larger-scale CO production cycles.  

A number of control experiments were performed to establish that all molecular 
components are necessary for the observed solar-to-fuel catalysis. First, negligible CO product 
was detected in an illuminated acetonitrile solution containing only 0.2 mM Ir(ppy)3 
photosensitizer and 0.07 M TEA in the absence of catalyst 1c. Additionally, solutions containing 
the simple nickel salt [Ni(MeCN)6]

2+ or the free ligand 1b did not produce comparable activity to 
the nickel complex 1c. Control experiments without photosensitizer or quencher also showed 
negligible CO generation under photochemical irradiation, and no CO was produced in a dark 
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reaction with all components added. To ascertain if heterogeneous particles were formed during 
photolysis, transmission electron microscopy (TEM) experiments were conducted on the samples 
before and after photolysis. The TEM images between samples pre- and post-photolysis are 
similar (Figure 5.12), and several energy dispersive spectroscopy (EDS) measurements over 
large areas of the samples show no detectable Ir and Ni content at the sensitivity limit of this 
experiment (<0.5 atomic %). Taken together, these supporting data suggest involvement of a 
molecular nickel species in the observed photocatalysis. 
 Characterization of the Visible-Light Photoredox Cycle for Catalytic CO2 
Reduction. We next sought to probe various aspects of the photoredox cycle for catalytic CO2 
reduction mediated by nickel complex 1c. First, the quantum efficiency (QE) of the overall 
catalytic photoredox cycle for CO2 reduction is determined by using the following equation: 

%100*
2

PhotonsIncident

moleculesCO
QE

×
=  

Here, the number of incident photons can be calculated from the incident photon flux of 1.2 × 
1021 photons·cm2·h-1 (at 130 mW·cm-2) and an illuminated area of 4.24 cm2. The molecules of 
CO generated are then back-calculated from the concentration of CO (in ppm) and the total 
volume of the system (80 mL); after 7 h of photolysis, 2.1 × 10-5 mol of CO is produced. The 
calculated quantum yield for this visible-light molecular photosensitizer system is 0.01%, which 
is two orders of magnitude higher than that achieved using illuminated semiconductor 
powders.107,108 

In an attempt to improve upon this yield, we varied the solar intensity under photoredox 
conditions. As plotted in Figure 5.13, the CO production rate increases almost linearly up to 
illumination intensities of 50 mW·cm-2 (which corresponds to an incident photon flux of 
approximately 1.32 × 1017 photons·s-1). We observe that the CO production levels off with 
illumination intensities above this value, suggesting that the CO production rate is not limited by 
the light absorption past this point and that another step in the photoredox cycle is limiting the 
overall solar-to-fuel conversion efficiency. Furthermore, the relatively low intensity of light used 
in the current photoredox system may be advantageous for conditions in which solar flux is 
limiting, such as when direct sunlight is not available.  
 We next examined the dependence of photosensitizer concentration on CO production by 
varying the concentration of Ir(ppy)3 from 2 µM to 200 µM while maintaining the concentration 
of catalyst 1c at 200 nM and keeping all other reaction parameters constant. A plot of moles of 
CO product generated versus photosensitizer concentration shows a clear first-order dependence 
on Ir(ppy)3 concentration (Figure 5.14). Similar experiments were performed where the 
concentration of 1c was varied.  However, extracting useful kinetic information proved to be 
more elusive in this case. Although patent differences in the rates of CO product formation are 
observed when the catalyst concentration is varied between 0 and 200 nM, there are similar rates 
of product formation at 2 and 20 nM catalyst loading within experimental error (Figure 5.15). 
We speculate that this peculiar dependence may indicate a change in mechanism, as the 
concentration of the catalyst varies between 10- and 103-fold less than the photosensitizer and 
between 103- and 106-fold less than the quencher; this open question will be a subject of future 
studies.  
 To probe the mechanism of photoinduced electron transfer in this catalytic system 
further, we examined the rate of quenching of the Ir(ppy)3 excited state by the catalyst and by the 
electron donor, TEA, under our photocatalytic conditions using Stern-Volmer analysis according 
to the following equation:  



 

126 

 

 
 
 
 

In this equation, I0 and I are the fluorescence intensity in the absence and presence of the 
quencher, kq is the apparent rate of quenching, τ0 is the lifetime of the excited state, and [Q] is 
the concentration of the quencher. At an excitation wavelength of 400 nm, the fluorescence 
intensity at 517 nm for the Ir(ppy)3 lumophore was plotted against varying concentrations of 
catalyst 1c to give an apparent quenching rate constant of 1.7 × 109 s-1 (Figure 5.16). For 
comparison, typical rate constants for quenching of [Ru(bpy)3]

2+* are on the order of 107-1010 s-

1,109 suggesting that direct oxidative quenching of the Ir(ppy)3 with the catalyst can reasonably 
operate in this photocatalytic system. As further evidence for an oxidative quenching 
mechanism, the fluorescence of Ir(ppy)3 is not attenuated when TEA alone was used as the 
quencher (Figure 5.16c). 
 Finally, we examined the role of the sacrificial reductant in the photoredox catalysis 
cycle. Oxidation of triethylamine by [Ir(ppy)3]

+ generates an amine radical, which can potentially 
act as an oxygen atom acceptor and form the N-oxide, diethylamine, and acetaldehyde,110 and 
CO production roughly plateaus above a TEA concentration of ca, 70 mM (Figure 5.17). We also 
screened a series of other electron donors (Figure 5.18). Using a standard set of conditions (0.2 
mM Ir(ppy)3, 0.2 µM 1c, and 0.07 M of the sacrificial reductant), we observed total CO 
production at 7 h increasing in the following order: isopropanol (IPA) < triethanolamine (TEOA) 
< dimethylaminoethanol (DMAE) < triethylamine (TEA). These results confirm the importance 
of the quencher in the photoredox system and may suggest that the ability of the sacrificial 
reductant to accept oxygen atoms can impact CO2 reduction.  
 Implications for Design of Improved Photoredox Systems for Catalytic CO2 
Reduction. In addition to establishing an active and selective visible-light photoredox cycle for 
catalytic reduction of CO2 to CO, the aforementioned results have implications for the future 
design of improved systems for solar-to-fuel conversion. Scheme 5.3 summarizes a potential set 
of reactions occurring during the photocatalytic reduction of CO2 to CO. Upon illumination, 
[Ir(ppy)3] is excited to [Ir(ppy)3]*, which is governed by the apparent rate constant k1. The 
excited [Ir(ppy)]* is then quenched and, with a reduction potential of −1.73 V,106 is oxidized by 
the nickel catalyst at an apparent kq. Since the first and second reduction potentials of 1c are E1/2 

= –0.92 V and –1.38 V, the driving forces for generating the one- and two-electron reduced 
species are ca. 800 mV and 350 mV, respectively. The oxidized [Ir(ppy)3]

+ is subsequently 
reduced by the sacrificial reductant at a reduction potential of E1/2 = 0.77 V to close the catalytic 
cycle (apparent k2). Based on the electrochemical behavior of 1c, we speculate that 1c may be 
reduced twice via two one-electron transfers before being activated towards the two-electron 
reduction of CO2 to CO (apparent kcat). As the overall conversion efficiency in our system is 
limited by the slowest of these complex processes, we have systematically probed various 
reaction parameters directly associated with each of these processes to find the critical factors 
that can be improved in future designs.  
 Visible-light absorption by the photosensitizer is unlikely to be a limiting step under our 
reaction conditions as the CO production remains constant at illumination intensities greater than 
50 mW·cm-2. The first-order dependence of CO production on the Ir(ppy)3 photosensitizer 
concentration also suggests that k1 is not rate-limiting. In addition, CO production begins to 
roughly plateau at TEA concentrations greater than 70 mM, suggesting that the system is not 
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limited by regeneration of visible-light photosensitizer (k2) under these reaction conditions. 
However, the identity of the sacrificial reductant does affect the production of CO and offers an 
alternative variable to tune for improvement. Based on these systematic experiments, we 
hypothesize that the rate-determining step is likely either CO2 reduction at the nickel center (kcat) 
or the reduction of 1c to the active Ni catalyst by [Ir(ppy)3]* (kq), since two one-electron 
transfers from [Ir(ppy)3]* to the Ni catalyst must occur for every one CO2-to-CO transformation.  
 Finally, perhaps the most straightforward path forward for improvement is revealed by 
long-term stability measurements of the photocatalytic CO2 reduction cycle. The observed rate of 
CO production remains linear over a time span of 7 h but plateaus after this time point. However, 
when a second equivalent of visible-light photosensitizer was injected into the solution after 13 h 
of continued photolysis, CO production resumed at a similar rate (Figure 5.19). This result 
suggests that degradation of the photosensitizer, rather than catalyst deactivation, is a limiting 
factor for extended CO2 reduction. Developing photosensitizers with greater photostability and 
more efficient absorption of incident visible and near-infrared photons in the solar spectrum is a 
promising strategy to increase the long-term activity and efficiency of these solar-to-fuel 
conversion systems.  
 
5.4 Concluding Remarks 
 

In summary, we have described the synthesis and characterization of a new family of 
nickel complexes supported by N-heterocyclic carbene-amine ligands and their application for 
electrocatalytic and photocatalytic reduction of CO2 to CO. Focusing on N-heterocyclic carbene-
isoquinoline complex 1c, the most promising candidate in terms of cathodic onset potential, 
controlled potential electrolysis studies establish its utility as a CO2-to-CO reduction catalyst 
with high selectivity over competing off-pathway proton-to-hydrogen reduction reactions. Using 
this molecular CO2 reduction catalyst in conjunction with the photosensitizer Ir(ppy)3, we have 
developed a visible-light photoredox system for the catalytic conversion of CO2 to CO at a 
relevant solar intensity of 130 mW·cm-2. Solar-driven CO2 reduction proceeds with TONs and 
TOFs reaching as high as 98,000 and 3.9 s-1, respectively, with no detectable formation of 
hydrogen. The overall solar-to-fuel efficiency of 0.01% for this molecular system is two orders 
of magnitude higher than achieved using illuminated semiconductor powders. Experiments to 
probe various charge-transfer steps in this photoredox cycle reveal that the generation of the 
active Ni catalyst by [Ir(ppy)]* and the conversion of CO2 to CO by the reduced nickel center are 
likely limiting steps. In addition to performing further ligand modifications to decrease 
overpotential and increase the rate of catalysis, current lines of investigation include optimizing 
electron transfer between photosensitizer and catalyst components, exploring molecular and 
solid-state photosensitizers with greater light-harvesting capabilities across the solar spectrum, 
translating this catalytic chemistry to environmentally benign aqueous media, and coupling this 
reductive light-driven half-reaction to an appropriate oxidative process to achieve a complete 
solar-to-fuel system. 
 
5.5 Experimental Section 
 

 General Synthetic and Physical Methods. Unless noted otherwise, all manipulations 
were carried out at room temperature under ambient conditions. All reagents and solvents were 
purchased from commercial sources and used without further purification. Literature methods 
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were used to synthesize Ni(DME)Cl2,
111 2-benzimidazolylmethylpyridine (4a),102 and 

[Ni(Mebbimpic)](PF6)2 (5c).102
 NMR spectra were recorded using Bruker spectrometers operating 

at 300, 400, or 500 MHz as noted. Chemical shifts are reported in ppm relative to residual 
protiated solvent; coupling constants are reported in Hz. High-resolution mass spectra were 
collected using a Finnigan LTQ FT (Thermo) and Autospec Premier (Waters) mass spectrometer 
using electrospray and electron impact ionization, respectively, at QB3 Mass Spectrometry 
Facility at University of California, Berkeley. Elemental analyses were conducted at the 
University of California, Berkeley Microanalytical Laboratory.  
 Electrochemistry. Non-aqueous electrochemical experiments were conducted under a N2 
or CO2 atmosphere in 0.1 M NBu4PF6 in CH3CN. Cyclic voltammetry experiments were carried 
out using BASI’s Epsilon potentiostat and C-3 cell stand. The working electrode was a glassy 
carbon disk (3.0 mm diameter) and the counter electrode was a platinum wire. A silver wire in 
porous Vycor tip glass tube filled with 0.1 M NBu4PF6 in CH3CN was used as a pseudo-
reference electrode. The scan rate for all cyclic voltammograms was 100 mV·s-1. All potentials 
were referenced against ferrocene/ferrocenium as an external standard and converted to SCE by 
adding 0.40 V to the measured potentials.112 Controlled-potential electrolysis experiments were 
carried out using BASI’s Epsilon potentiostat in a custom-made Teflon two-compartment cell 
separated by a Nafion membrane. The cell is connected to a circulator and a SRI Gas 
Chromatograph for headspace analysis (Figure 5.19 and 5.20). A glassy carbon rod, a platinum 
wire, and a Ag/AgNO3 reference electrode were used as the working, counter, and reference 
electrode, respectively. Typically, a 15 mL solution of 0.2 mM catalyst in 0.1 M NBu4PF6 in 
CH3CN (from chemical supplier) was sparged for 30 min with N2 or CO2 and cyclic 
voltammograms were taken. The solution is electrolyzed at −1.8 V vs. SCE in 30-min intervals 
under CO2 and gas products in the headspace are monitored by GC. After each 30-min 
electrolysis, a gas recirculation pump was used to homogenize the gas composition in the system 
for 60 s and was followed by a GC analysis of the headspace. Following the GC sampling, CO2 
was sparged through the system for 2 min to reach the saturation point of aqueous CO2 solubility. 
Following this, the system was closed off and another chronoamperometric run was resumed.  
 Photocatalytic Studies. A 40-mL glass bubbler was used as the photochemical cell that 
was connected to a gas recirculation pump (Air Dimensions, B121-AP-AA1) and a SRI 8610C 
Gas Chromatograph (MG#3 pre-configuration) with a 2 m Haysep-D and a 2 m MolSieve 13X 
column leading to TCD and FID detectors (Figure 5.19 and 5.20). The FID detector was fitted 
with a methanizer to detect CO at a detection limit of 0.1 ppm and the TCD detector was used to 
detect H2 production at a detection limit of 1 ppm. The column was heated to 100  °C under He 
gas flow and the average sample volume of 1 mL was injected onto the column. A 10-mL 
solution containing the catalyst, photosensitizer, and quencher was added to the cell and sparged 
with CO2 for 30 min. Using a four-way valve, the system was closed and the headspace 
recirculated through the solution continuously during photolysis. A 150 W Xe lamp (Newport 
Corporation Solar Simulator) fitted with an AM 1.5 filter to mimic the solar spectrum was 
focused on the solution and the headspace was sampled by the GC every hour. The CO 
concentration in parts per million was calibrated using pre-mixed CO/N2 mixtures and the moles 
were back-calculated from the total headspace volume and the ideal gas law. 
 Determination of Quantum Efficiency Values. Quantum efficiency (QE) values for the 
catalytic photoredox reactions were calculated using the following equation:  
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The CO concentration in ppm that was detected by the GC was converted to total moles of CO 
produced using the ideal gas law for our system volume. Because 2 electrons are required to 
produce one molecule of CO, a factor of 2 was included in the numerator. To determine the flux 
of incident photons, the average photon wavelength was estimated to be 500 nm and the flux was 
calculated from the power measured by a power meter (Melles Griot). From the lamp intensity, 
measured to be 130 mW·cm2, and the 4.24 cm2 illuminated area of our bubbler, the incident 
photon flux was calculated to be 5.00 × 1021 h-1.  

Transmission Electron Microscopy. TEM measurements were conducted on samples 
before and after catalytic photoredox reactions using a Hitachi H-7560 microscope fitted with an 
Edax Inc, Genesis XM2 HX4851 System Energy Dispersive Spectroscopy (EDS) detector. The 
special resolution of this TEM is 1 nm along with 0.5% atomic detection limit for the EDS 
detector. The sample (0.1 mL) was drop-casted on a thin film copper TEM grid and dried 
completely before loading into the instrument for measurements.  
 General Methods for X-Ray Crystallography. Single-crystal X-ray diffraction was 
conducted at University of California, Berkeley, College of Chemistry, X-Ray Crystallography 
Facility. Crystals were mounted on nylon loops in paratone-N hydrocarbon oil. All data 
collections were performed on either a Bruker Quazar or APEX diffractometer equipped with a 
CCD area detector and a low temperature apparatus. Data integration was performed using 
SAINT. Preliminary data analysis and absorption correction were performed using XPREP and 
SADABS. Structure solution and refinement was performed using SHELX software package. 

 3-(Imidazolyl)isoquinoline (1a). A solution of CuI (0.032 g, 0.17 mmol), N-
hydroxysuccinimide (0.040 g, 0.35 mmol), and NaOMe (0.255 g, 4.7 mmol) was stirred in 35 
mL of DMSO for 15 min in a 150-mL round-bottom pressure flask. Imidazole (3.2 g, 4.7 mmol) 
and 3-bromoisoquinoline (0.66 g, 3.2 mmol) were added and the flask was sealed and heated to 
110  °C for 2 d. Water (25 mL) was added to the brown solution and the mixture was filtered to 
remove solid particles. The filtrate was then extracted with EtOAc (3 × 50 mL) and the organic 
layers were combined, washed with water, and dried with Na2SO4. The solution was evaporated 
to dryness and the residue was purified by alumina chromatography using 20% EtOAc/hexanes 
as the eluent. The final product was a light brown solid (0.25 g, 1.3 mmol, 40%). 1H NMR (500 
MHz, CDCl3) δ 9.17 (s, 1H), 8.47 (d, J = 2.0 Hz, 1H), 8.02 (d, J = 8.2 Hz, 1H), 7.88 (d, J = 8.3 
Hz, 1H), 7.80 – 7.70 (m, 2H), 7.67 (s, 1H), 7.61 (t, J = 7.5 Hz, 1H), 7.25 (s, J = 1.4 Hz, 1H). 13C 
NMR (125 MHz, CD3CN): δ 152.50, 144.71, 137.58, 135.37, 131.58, 130.61, 127.89, 127.72, 
127.21, 126.56, 116.52, 107.19. EI-HRMS ([M]+) m/z calcd for C12H9N3 195.0796, found 
195.0800. 
 1-(Imidazolyl)isoquinoline (2a). A solution of Pd(OAc)2 (0.14 g, 0.6 mmol, 10 mol %), 
BINAP (0.76 g, 1.2 mmol), NaOtBu (1.0 g, 10 mmol), 1-chloroisoquinoline (1.1 g, 6.1 mmol), 
and imidazole (0.42 g, 6.2 mmol) was refluxed in 80 mL of degassed toluene for 20 h. The 
yellow suspension was filtered and evaporated to dryness. The residue was purified by alumina 
chromatography using 20% EtOAc/hexanes as the eluent and the final product was a yellow 
solid (0.39 g, 2.0 mmol, 33%). 1H NMR (500 MHz, CDCl3) δ 8.44 (d, J = 5.6 Hz, 1H), 8.09 (s, 
1H), 8.04 (d, J = 8.6 Hz, 1H), 7.95 (d, J = 8.2 Hz, 1H), 7.79 (ddd, J = 8.2, 6.9, 1.1 Hz, 1H), 7.74 
(d, J = 5.7 Hz, 1H), 7.61 (ddd, J = 8.2, 6.9, 1.1 Hz, 1H), 7.54 (s, 1H), 7.30 (s, 1H). 13C NMR 
(125 MHz, CDCl3): δ 148.31, 141.24, 138.50, 137.73, 131.18, 129.84, 128.73, 127.28, 124.39, 
122.62, 121.43. EI-HRMS ([M]+) m/z calcd for C12H9N3 195.0796, found 195.0798. 
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 2-(Benzimidazolyl)pyridine (3a). A solution of CuI (0.33 g, 1.7 mmol), N-
hydroxysuccinimide (0.46 g, 4.0 mmol), and NaOMe (2.20 g, 40 mmol) was stirred in 35 mL of 
DMSO for 15 min in a 150-mL round-bottom pressure flask. Benzimidazole (3.23 g, 30 mmol) 
and 2-bromopyridine (2.7 mL, 4.4 g, 28 mmol) were added and the flask was sealed and heated 
to 110  °C for 18 h. Water (25 mL) was added to the brown solution and the mixture was filtered 
to remove solid particles. The filtrate was then extracted with EtOAc (3 × 50 mL) and the 
organics were combined, washed with water, and dried with Na2SO4. The solution was 
evaporated to dryness and the residue was purified by silica chromatography using 2% 
MeOH/CH2Cl2 as the eluent. The final product was a light brown oil (1.63 g, 8.3 mmol, 27%). 
1H NMR (500 MHz, CDCl3): δ 8.63 (d, J = 4.5 Hz, 1H), 8.59 (s, 1H), 8.07 (d, J = 7.4 Hz, 1H), 
7.95 (t, J = 8 Hz, 1H), 7.88 (d, J = 7.5 Hz, 1H), 7.60 (d, J = 8.1, 1H), 7.43 – 7.34 (m, 2H), 7.32 
(dd, J = 4.5, 2.5 Hz, 1H). 13C NMR (125 MHz, CDCl3): δ 149.87, 149.47, 144.68, 141.36, 
138.99, 132.13, 124.24, 123.32, 121.88, 120.64, 114.34, 112.68. Anal. Calcd for C12H9N3: C, 
73.83; H, 4.65; N, 21.52. Found: C, 73.41; H, 4.41; N, 21.16. EI-HRMS ([M]+) m/z calcd for 
C12H9N3 195.0796, found 195.0800. 
 Bis(3-(imidazolyl)isoquinolinyl)propane hexafluorophosphate (

Pr
bimiq1, 1b). A 

solution of 1a (0.070 g, 0.36 mmol) and 1,2-dibromopropane (18 µL, 0.026 g, 0.18 mmol) in 8 
mL of THF was heated to 100  °C for 2 d in a sealed 35-mL tube pressure flask. White 
precipitate was collected by vacuum filtration and dissolved in water. Ammonium 
hexafluorophosphate (0.060 g, 0.37 mmol) was added and the white precipitate was collected by 
vacuum filtration and washed with EtOH and Et2O (0.070 g, 0.096 mmol, 54%). 1H NMR (500 
MHz, CD3CN) δ 9.90 (s, 2H), 9.28 (s, 2H), 8.36 (s, 2H), 8.27 – 8.16 (m, 4H), 8.08 (d, J = 8.0 Hz, 
2H), 7.93 (t, J = 7.6 Hz, 2H), 7.82 (t, J = 8.6, 2H), 7.77 (d, J = 2.5 Hz, 2H), 4.54 (t, J = 7.1 Hz, 
4H), 2.73 (quin, J = 7.9 Hz, 2H). 13C NMR (125 MHz, CD3CN): 153.12, 141.54, 136.99, 134.51, 
132.62, 129.10, 128.85, 128.23, 127.15, 123.70, 119.74, 110.15, 47.13, 29.64. Anal. Calcd for 
C27H24N6F12P2: C, 44.89; H, 3.35; N, 11.63. Found: C, 44.56; H, 3.06; N, 11.45. ESI-HRMS 
([M]+) m/z calcd for C27H24N6 PF6 577.1699, found 577.1709. 
 Bis(1-(imidazolyl)isoquinolinyl)propane hexafluorophosphate (

Pr
bimiq2, 2b). The 

synthesis of 2b followed the procedure of 1b, starting with 0.060 g (0.30 mmol) of 2a, 16 µL of 
dibromopropane (0.031 g, 0.15 mmol), and 0.055 g of NH4PF6 (0.30 mmol) to yield a white 
product (0.044 g, 0.061 mmol, 40%). 1H NMR (400 MHz, CD3CN) δ 9.15 (s, 1H), 8.53 (d, J = 
5.6 Hz, 2H), 8.21 (d, J = 8.2 Hz, 2H), 8.13 (d, J = 5.5 Hz, 1H), 8.07 – 7.93 (m, 6H), 7.87 (dd, J = 
8.6, 6.8 Hz, 2H), 7.79 (t, J = 1.9 Hz, 2H), 4.51 (t, J = 7.3 Hz, 4H), 2.80 – 2.60 (quin, J = 8 Hz, 
2H). 13C NMR (125 MHz, CD3CN): δ 145.23, 140.95, 138.66, 136.71, 132.16, 129.93, 127.70, 
124.32, 123.76, 123.10, 122.94, 122.01, 29.92, 29.47. ESI-HRMS ([M]+) m/z calcd for C27H24N6 
PF6 577.1699, found 577.1712. 
 Bis(2-(benzimidazoyl)pyridinyl)propane hexafluorophosphate (

Pr
bbimpy, 3b). The 

synthesis of 3b followed the procedure of 1b, starting with 0.302 g (1.5 mmol) of 3a, 73 µL of 
dibromopropane (0.14 g, 0.7 mmol), and 0.252 g of NH4PF6 (1.5 mmol) to yield a white product 
(0.19 g, 0.26 mmol, 34%). 1H NMR (500 MHz, CD3CN) δ 9.60 (s, 2H), 8.76 (d, J = 4.0 Hz, 2H), 
8.46 – 8.34 (m, 1H), 8.24 (td, J = 7.8, 1.9 Hz, 2H), 8.06-8.02 (m, 2H), 7.89 (d, J = 8.2 Hz, 2H), 
7.86 – 7.78 (m, 4H), 7.78 – 7.67 (m, 2H), 4.79 (t, J = 7.5 Hz, 4H), 2.85 (quin, J = 7.5 Hz, 2H). 
13C NMR (125 MHz, CD3CN): δ 149.96, 147.05, 140.62, 131.88, 130.28, 128.35, 127.87, 
125.59, 115.92, 113.62, 44.81, 27.95. Anal. Calcd for C27H24N6F12P2: C, 44.89; H, 3.35; N, 
11.63. Found: C, 44.79; H, 3.09; N, 11.51. ESI-HRMS ([M]+) m/z calcd for C27H24N6PF6 
577.1699, found 577.1703. 
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Bis(2-(benzimidazolylmethyl)pyridinyl)propane hexafluorophosphate (
Pr

bbimpic, 

4b). The synthesis of 4b followed the procedure of 1b, starting with 0.17 g (0.82 mmol) of 2-
(benzimidazolylmethyl)pyridine, 41 µL of dibromopropane (0.081 g, 0.40 mmol), and 0.134 g of 
NH4PF6 (0.82 mmol) to yield a white product (0.10 g, 0.14 mmol, 34%). 1H NMR (500 MHz, 
CD3CN) δ 9.20 (s, 2H), 8.50 (d, J = 2.5 Hz, 2H), 7.97 – 7.79 (m, 6H), 7.73-7.68 (m, 4H), 7.60 
(d, J = 7.8 Hz, 2H), 7.38 (dd, J = 7.7, 4.7 Hz, 2H), 5.78 (s, 4H), 4.65 (t, J = 7.5 Hz, 4H), 2.70 
(quin, J = 7.5 Hz, 2H). 13C NMR (125 MHz, CD3CN): δ 152.23, 149.89, 137.66, 131.81, 131.33, 
127.42, 127.32, 124.01, 123.31, 113.96, 113.38, 51.63, 44.29, 28.16. Anal. Calcd for 
C29H28N6F12P2: C, 46.41; H, 3.86; N, 11.20. Found: C, 46.33; H, 3.54; N, 11.11. ESI-HRMS 
([M]+) m/z calcd for C27H24N6 PF6 605.2012, found 605.2014. 
 [Ni(

Pr
bimiq1)](PF6)2 (1c). A solution of 1b (0.044 g, 0.061 mmol) and excess Ag2O in 4 

mL of CH3CN was stirred for 8 h and the resulting solution was centrifuged to remove fine 
precipitate. To the colorless filtrate, Ni(DME)Cl2 (0.014 g, 0.064 mmol) was added and stirred 
for 8 h. The resulting solution was centrifuged and the filtrate was evaporated to obtain a red 
solid. Salt metathesis was performed by adding NaPF6 (0.010 g, 0.060 mmol) and stirred for 18 
h. The resulting solution was centrifuged and the filtrate was evaporated to obtain a yellow solid 
(0.037 mg, 0.047 mmol, 78%). Single crystals were obtained by diffusing Et2O into a 
concentrated solution of 1c in CH3CN. 1H NMR (500 MHz, CD3CN) δ 9.34 (s, 2H), 8.39 (d, J = 
8.3 Hz, 2H), 8.33 (s, 1H), 8.19 (d, J = 8.3 Hz, 2H), 8.10 (t, J = 8.2 Hz, 2H), 8.05 (d, J = 2.2 Hz, 
2H), 7.90 (t, J = 8.4, 2H), 7.50 (d, J = 2.2 Hz, 1H), 4.41 (br s, 2H), 4.06 (s, 4H), 2.31 (quin, J = 
5.6 Hz, 2H). 13C NMR (125 MHz, CD3CN): δ 163.70, 155.21, 14460, 137.80, 135.08, 129.63, 
129.25, 127.95, 127.08, 126.27, 107.80, 45.99, 29.66. Anal. Calcd for C27H24N6NiF12P2: C, 
41.62; H, 2.85; N, 10.79. Found: C, 40.05; H, 2.90; N, 10.50. ESI-HRMS ([M]+) m/z calcd for 
C27H24N6NiPF6 633.0896, found 633.0911. 
 [Ni(

Pr
bimiq2)](PF6)2 (2c). The synthesis of 2c followed the procedure of 1c with 

quantitative conversion, starting with 0.035 g (0.048 mmol) of 2b, 0.011 g (0.050 mmol) of 
Ni(DME)Cl2, and 0.008 g (0.048 mmol) of NaPF6 to yield a yellow product. Single crystals were 
obtained by diffusing Et2O into a concentrated solution of 2c in CH3CN. 1H NMR (500 MHz, 
CD3CN) δ 8.65 (d, J = 8.7 Hz, 2H), 8.45 (d, J = 2.3 Hz, 2H), 8.36 (d, J = 6.3 Hz, 2H), 8.24 (d, J 
= 8.3 Hz, 2H), 8.12-8.06 (m, 4H), 7.98 (t, J = 7.2, 2H), 7.56 (d, J = 2.3 Hz, 1H), 4.40-4.20 (br m, 
4H), 2.32 (quin, J = 6.0 Hz, 2H). 13C NMR (125 MHz, CD3CN): δ 162.81, 150.18, 139.88, 
139.74, 134.12, 130.88, 126.00, 124.00, 123.16, 121.16, 46.34, 30.18. Anal. Calcd for 
C27H24N6NiF12P2·H2O: C, 40.68; H, 3.03; N, 10.54. Found: C, 40.36; H, 2.82; N, 10.39. ESI-
LRMS ([M]+) m/z calcd for C27H24N6Ni 244.0624, found 244.0626. 
 [Ni(

Pr
bbimpy)](PF6)2 (3c). A solution of 3b (0.087 g, 0.12 mmol) and excess Ag2O in 4 

mL of CH3CN was stirred for 8 h and the resulting solution was centrifuged to remove fine 
precipitate. To the colorless filtrate, Ni(DME)Cl2 (0.026 g, 0.12 mmol) was added and stirred for 
8 h. The resulting solution was centrifuged and the filtrate was evaporated to obtain a red solid 
identified by NMR studies and X-ray diffraction as [Ni(

Pr
bbimpy)Cl]PF6 (0.050 g, 0.08 mmol). 

Salt metathesis was performed by adding AgPF6 (0.019 g, 0.075 mmol) and stirred for 18 h. The 
resulting solution was centrifuged and the filtrate was evaporated to obtain a yellow solid (0.065 
g, 0.08 mmol, 70% from 3b). Single crystals were obtained by diffusing Et2O into a concentrated 
solution of 3c in CH3CN. 1H NMR (500 MHz, CD3CN) δ 8.55 (d, J = 5.4 Hz, 2H), 8.45 (t, J = 
8.4 Hz, 2H), 8.3 (d, J = 8.1, 2H), 8.23 (d, J = 7.2 Hz, 2H), 7.88 (d, J = 7.8 Hz, 1H), 7.77 – 7.60 
(m, 6H), 4.75 (br s, 2H), 4.24 (br s, 2H), 2.42 (quin, J = 5.6 Hz, 2H). 13C NMR (125 MHz, 
CD3CN): δ 151.24, 150.04, 143.56, 135.16, 130.09, 126.38, 126.11, 124.04, 113.43, 112.69, 
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112.43, 43.34, 27.51. Anal. Calcd for C27H24N6NiF12P2: C, 41.62; H, 2.85; N, 10.79. Found: C, 
41.83; H, 2.75; N, 11.19. ESI-HRMS ([M]+) m/z calcd for C27H24N6NiPF6 633.0896, found 
633.0915. 
 [Ni(

Pr
bbimpic)](PF6)2 (4c). The synthesis of 4c followed the procedure of 1c with 

quantitative conversion, starting with 0.10 g (0.16 mmol) of 4b, 0.035 g (0.16 mmol) of 
Ni(DME)Cl2, and 0.027 g (0.16 mmol) of NaPF6 to yield a yellow product. Single crystals were 
obtained by diffusing Et2O into a concentrated solution of 4c in CH3CN. 1H NMR (500 MHz, 
CD3CN) δ 8.36 (d, J = 5.6 Hz, 2H), 8.04 (t, J = 7.8 Hz, 2H), 7.98-7.95 (m, 4H), 7.71 (d, J = 8.3 
Hz, 2H), 7.59 (t, J = 7.7 Hz, 2H), 7.53 (t, J = 7.7 Hz, 2H), 7.32 (t, J = 6.5 Hz, 2H), 6.63 (d, J = 
15.6 Hz, 2H), 6.15 (d, J = 21.5 Hz, 2H), 6.08 (d, J = 16.0 Hz, 2H), 4.55 (d, J = 14.9 Hz, 2H), 
3.80 (dt, J = 15.5, 7.8 Hz, 2H). 13C NMR (125 MHz, CD3CN): δ 153.89, 151.97, 141.20, 134.61, 
133.05, 125.59, 125.13, 124.94, 124.82, 111.76, 111.32, 51.10, 42.16, 27.21. Anal. Calcd for 
C29H28N6NiF12P2: C, 43.15; H, 3.25; N, 10.41. Found: C, 42.88; H, 3.0; N, 10.24. ESI-HRMS 
([M]+) m/z calcd for C29H26N6NiPF6 661.1209, found 661.1223. 
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5.7 Schemes, Tables, and Figures 
 

 

Scheme 5.1. Ligand design strategy for developing nickel carbene-amine catalysts for CO2 reduction. 
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Scheme 5.2. Synthesis of N-heterocyclic carbene-amine ligands 1b-5b and their Ni complexes 1c-5c. 
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Scheme 5.3. Proposed photoredox cycle for visible-light-induced reduction of CO2 to CO. 
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Table 5.1. Turnover numbers (TON) and turnover frequencies (TOF) at various concentrations of 1c 

[1c] (nM) TON TOF (s-1) 

2 98,000 3.9 

20 9,000 0.36 

200 1,500 0.058 
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Figure 5.1. Solid-state structures of 1c-4c (left to right). The top row shows a front view, the bottom row 
provides a side view highlighting the torsional twist induced by ligand flexibility. Anions, solvent 
molecules and hydrogen atoms are omitted for clarity; thermal ellipsoids are shown at 50% probability. 
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Figure 5.2. Cyclic voltammograms of complexes a) 1c, b) 2c, and c) 3c in a 0.1 M NBu4PF6 acetonitrile 
solution under a N2 (black) and CO2 (red) atmosphere using a glassy carbon disk electrode at a scan rate 
of 100 mV·s-1. 
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Figure 5.3. Cyclic voltammograms of complex a) 4c and b) 5c in a 0.1 M NBu4PF6 acetonitrile solution 
under a N2 (black) and CO2 atmosphere (red) using a glassy carbon disk electrode at a scan rate of 100 
mV·s-1. 
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Figure 5.4. Cyclic voltammogram of ligand 1b in a 0.1 M NBu4PF6 acetonitrile solution under a N2 
(black) and CO2 atmosphere (red) using a glassy carbon disk electrode at a scan rate of 100 mV·s-1. 
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Figure 5.5. Plot of charge accumulated versus time for a controlled potential electrolysis in a 0.1 M M 

NBu4PF6 acetonitrile solution containing 2 µM 1c at −1.8 V using a glassy carbon disk electrode under a 
CO2 atmosphere. 
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Figure 5.6. CO (red squares) and CH4 (blue circles) formation versus electrolysis time in a controlled 
potential electrolysis in a 0.1 M NBu4PF6 acetonitrile solution containing 2 µM 1c at −1.8 V vs. SCE 
using a glassy carbon disk electrode under a CO2 atmosphere. 

  



 

146 

 

 

 

Figure 5.7. Methane production in a controlled potential electrolysis in a 0.1 M NBu4PF6 acetonitrile 

solution containing 2 µM 1c at −1.8 V vs. SCE using a glassy carbon disk electrode under a CO2 
atmosphere. 
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Figure 5.8. a) Faradaic efficiency versus time and b) gas product versus electrolysis time for CO (red 
squares) and CH4 (blue circles) in a controlled potential electrolysis in a 0.1 M M NBu4PF6 acetonitrile 

solution containing 2 µM 1c at −1.8 V using a glassy carbon rod electrode under a CO2 atmosphere.  
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Figure 5.9. Absorption spectrum of Ir(ppy)3. 

 



 

149 

 

 

Figure 5.10. Photocatalytic reduction of CO2 to CO in a 0.07 M M TEA acetonitrile solution containing 
0.2 mM Ir(ppy)3 (black triangles), 0.2 µM 1c (blue circles), 0.2 mM Ir(ppy)3 and 0.2 µM 
Ni(CH3CN)4(PF6)2 (green triangles), 0.2 mM Ir(ppy)3 and 0.2 µM 1b (purple triangles), and 0.2 mM 
Ir(ppy)3 and 0.2 µM 1c (red squares), using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter.  



 

150 

 

 

Figure 5.11. Photocatalytic reduction of CO2 to minor products CH4 (red squares) and C2H4 (blue circles) 

in a 0.07 M M TEA acetonitrile solution containing 0.2 µM 1c and 0.2 mM Ir(ppy)3, using a 130 mW·cm-

2 Xe lamp fitted with an AM 1.5 filter.  
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Figure 5.12. a) TEM images and b) EDS plots of 0.07 M M TEA acetonitrile solution containing 0.2 µM 
1c and 0.2 mM Ir(ppy)3, before (left) and after photolysis (right), using a 130 mW·cm-2 Xe lamp fitted 
with an AM 1.5 filter. The copper, aluminum, and tin signals originate from the TEM grid holder and 
grid. A Pelco 300 Mesh molybdenum grid and copper grid (Ted Pella, Inc.) were used for the samples 
before and after photolysis, respectively. 
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Figure 5.13. Photocatalytic reduction of CO2 to CO in a 0.07 M M TEA acetonitrile solution containing 
0.2 mM Ir(ppy)3 and 0.2 µM 1c while varying the light intensity of a Xe lamp fitted with an AM 1.5 filter. 
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Figure 5.14. a) Photocatalytic reduction of CO2 to CO in a 0.07 M TEA acetonitrile solution containing 
0.2 µM 1c and 0.2 mM (red squares), 0.1 mM (green triangles), 0.02 mM (blue circles), and 0.002 mM 
(black triangles) Ir(ppy)3, using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter. b) Linear plot of 
CO production at the end of 7 h versus Ir(ppy)3 concentration. 
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Figure 5.15. Photocatalytic reduction of CO2 to CO in a 0.07 M M TEA acetonitrile solution containing 
0.2 mM Ir(ppy)3 and 200 nM (red squares), 20 nM (green triangles), 2 nM (blue circles), and 0 nM (black 
triangles) Ir(ppy)3, using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter.  
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Figure 5.16. a) Fluorescence spectra of an acetonitrile solution containing 0.05 mM Ir(ppy)3 in the 
absence (black) and presence of 0.04 mM (red), 0.08 mM (blue), 0.12 mM (green), and 0.15 mM (purple) 
1c. b) Linear plots of ratio of fluorescence intensities in the absence and presence of 1c versus the 
concentration of b) 1c (y = 3021x + 1, R2 = 0.97) and c) TEA, according to the Stern-Volmer Equation.  
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Figure 5.17. Plot of CO production after 7 h versus concentration of TEA in an acetonitrile solution 

containing 0.2 µM 1c and 0.2 mM Ir(ppy)3, using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter. 
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Figure 5.18. Photocatalytic reduction of CO2 to CO in an acetonitrile solution containing 0.2 µM 1c and 
0.2 mM Ir(ppy)3 in the presence of 0.07 M TEA (red squares), TEOA (blue circles), DMAE (green 
triangles), and IPA (black triangles), using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter.  
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Figure 5.19. Photocatalytic reduction of CO2 to CO in a 0.07 M TEA acetonitrile solution containing 0.2 
µM 1c and 0.2 mM Ir(ppy)3, using a 130 mW·cm-2 Xe lamp fitted with an AM 1.5 filter. At 13 h, a fresh 
source of Ir(ppy)3 was injected and CO production was continued.  
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Figure 5.19. Schematic of experimental electrochemical or photochemical system connected to a gas 
chromatograph. 
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Figure 5.20. Photographs of electrochemical cell (left) and photolysis cell (right). WE = working 
electrode, CE = counter electrode, RE = reference electrode. 

 

  



 

161 

 

 
Appendix 1 

 

 

 

 

 

 

Earth-abundant Metal Complexes Supported  by Pyridine-based Platforms 

for CO2 Reduction 

 

 

 

 

 

 

 

 

 

 

 

 

 

 

  



 

162 

 

Appendix 1 

 

 

Earth-abundant Metal Complexes Supported  by Pyridine-based Platforms for CO2 

Reduction 

 
A1.1 Synopsis 
 

This appendix summarizes efforts toward using four- and five-coordinate cobalt, nickel, 
and iron complexes supported by pyridine donors for small molecule activation and 
electrocatalytic CO2 reduction. 
 

A1.2. Design and Motivation of Ligand Manifolds 
 

2,6-Bis(arylimino)pyridine (PDIR). Metal complexes of PDIR ligands have been 
extensively studied for ethylene polymerization,1-9 hydrogenation,10-12 and hydrosilylation.6,7 
Most well-studied for their use as catalysts in ethylene polymerization, a variety of PDIR first-
row transition metal complexes have been synthesized.1-9 In addition, Chirik and co-workers 
have closely examined small molecule activation with iron amido and oxo PDIR complexes.11-16 
The tridentate ligand offers open coordination sites for substrate binding and bulky substituents 
on the aryl rings provide steric protection of the metal center. A series of derivatives can be 
synthesized to tune the electronic structure and coordination geometry of the complex. Since 
these ligands are redox-active,12,15,16 they are interesting candidates for small molecule activation 
for which the ligand itself can serve as a two-electron reservoir for multi-electron chemistry. 
Motivated by the rich chemistry of the PDIR complexes, we initiated a program to study square 
pyramidal and square planar low-valent Co and Ni PDIR complexes.  

Bis(N-pyridylimidazoliumyl)alkane (Rbimpy, where R = Me, Et). NHC ligands have 
drawn much attention due to their versatility, tenability, and widespread applications in 
molecular catalysis. A multitude of authors have reported extraordinary reactivity of NHC-based 
systems with small molecules.17-28 Recent work by Chen demonstrated interesting coordination 
chemistry and catalytic activities of Ni and Pd complexes with carbene and pyridine donor 
ligands.29-33 Based on our work Ni NHC complexes for selective CO2 reduction, we endeavor to 
synthesize iron and cobalt NHC complexes.  
 

A1.3 Syntheses and Characterization of Earth-abundant Metal Complexes 
 

 [(PDIiPr)CoL2]
2+. Condensation of 2,6-diacetylpyridine and 2,6-diisopropylaniline 

afforded 2,6-bis(isopropylphenylimino)pyridine (PDIiPr) in modest yields (Scheme A1.1).8,9 
Metallation of PDIiPr with CoCl2 yielded the dihalide Co(II) complex, (PDIiPr)CoCl2.

8,9 Attempts 
to synthesize the dicationic Co complexes by halide exchange with AgOTf in THF resulted in 
the formation of air-stable (PDIiPr)CoCl(OTf) (1). Pentane diffusion into a solution of 1 in THF 
afforded large green needles and single crystal X-ray crystallography revealed a square 
pyramidal geometry with the chloride and triflate bound to the metal center (Figure A1.1). The 
spin-only magnetic moment for Co(II) is 3.87 µB, with typical observed values between 4.1-5.2 
µB.

34 The magnetic moment of 1 in solution was measured by the Evans’ method35 and gave a µeff 
= 4.4 µB, which is consistent with a Co(II) complex with 3 unpaired electrons. 
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Cyclic voltammetry (CV) was used to explore the redox chemistry of the resulting metal 
complex. Complex 1 exhibits two reversible reductive waves at E1/2 = −1.50 V and -2.2 V 
relative to Fc/Fc+ (Figure A1.2a). An irreversible reductive wave at Epc= -0.96 V and an 
irreversible oxidative wave at Epa= 0.68 V were also observed. We presume that under the 
timescale and conditions of our experimental setup, the first reduction leads to halide 
dissociation and the subsequent two reversible reductions occur at the metal center and/or the 
ligand. However, one-electron chemical reduction with KC8 and recrystallization by slow 
evaporation from a concentrated Et2O solution yielded purple crystals that had the same unit cell 
as (PDIiPr)CoCl, a previously known compound used to prepare the dinitrogen adduct.1,2  
To understand this unusual redox activity, the dicationic [(PDIiPr)Co(CH3CN)2](BF4)2 (2) was 
synthesized by metallating with Co(BF4)2·6H2O in CH3CN. This compound has been previously 
reported36 in a patent application but its crystal structure remains unknown. Recrystallization by 
Et2O diffusion into a concentrated solution of CH3CN afforded air-stable red crystals and 
structural characterization revealed two bound CH3CN in a square pyramidal geometry (Figure 
A1.1). Two reversible reductions were observed at E1/2= −0.60 V and E1/2= −1.5 V, followed by a 
quasi-reversible reduction at E1/2= −2.3 V relative to Fc/Fc+ (Figure A1.2b). The magnetic 
moment of 2 in solution measured by the Evans’ method gave a µeff = 4.4 µB, indicative of a 
high-spin Co(II) center. One-electron reduction by CoCp2 yielded a purple compound that is 
soluble in THF. Purple crystals were grown from heptane diffusion into a concentrated solution 
in DME. Unfortunately, the X-ray diffraction data was of low quality and could only establish 
connectivity of [(PDIiPr)Co(CH3CN)]+ with unassigned electron density for a single BF4

-
 (3). The 

compound was characterized by high resolution ESI-MS, which gave an M+ peak at 581.3065, 
consistent with [(PDIiPr)Co(CH3CN)]+. 

Interestingly, addition of two equivalents of KC8 to 3 yielded a green solid that was 
crystallographically characterized as the neutral (PDIiPr)Co(CH3CN) complex (4, Figure A1.1). 
This compound is soluble in non-polar solvents and green crystalline plates can be grown from 
slow Et2O evaporation into a toluene solution of 4. The elongated Nimine-Cimine bond and 
shortened Cimine-Cipso bond. Å compared to the neutral ligand suggest a reduced PDIiPr.12,15,16 
Low-temperature EPR spectroscopy did not observe superhyperfine and hyperfine coupling, 
which suggests the unpaired electron is not localized on the Co center. As expected, this 
compound is paramagnetic and proved to be extremely air-sensitive and moisture-sensitive. 
Exposure to air resulted in an instant color change from dark green to brown. This brown 
compound is soluble in non-polar solvents and recrystallization afforded a few transparent 
crystals that had the same unit cell as the free ligand. The sensitivity of 3 and 4 to air and 
moisture has made it difficult to fully characterize these compounds. A series of similar Co 
complexes that have can stabilize multiple oxidation states have since been reported.37 

[(PDIiPr)NiL]2+.  Metallation of PDIiPr with Ni(DME)Cl2 led to the formation of 
(PDIiPr)NiCl2 as a synthon for reactivity studies.38 Like the Co(II) analog, halide exchange with 
AgOTf in THF afforded [(PDIiPr)NiCl](OTf) (5). Crystallographic characterization revealed a 
square planar neutral ligand Ni(II) complex with only the halide bound (Figure A1.3). The peaks 
in the 1H NMR spectrum are unexpectedly broad, suggesting some fluxional behavior in 
solution. The cyclic voltammogram of the complex is similar to its Co analog with an 
irreversible reductive wave at Epc= −0.95 V, a reversible reductive wave at E1/2= −1.4 V, and a 
quasi-reversible reductive wave at E1/2= −2.5 V relative to Fc/Fc+ (Figure A1.4a). Upon 
saturating a solution of 5 with CO2, the quasi-reversible reductive wave at −2.5 V becomes 
irreversible and the magnitude increases, suggesting a catalytic reduction of CO2. Additions of 
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H2O to the CO2-saturated solution caused the irreversible reductive wave at −0.95 V to become 
reversible, suggesting the formation of a reduced intermediate species in the presence of CO2 and 
H2O (Figure 1.4b). A large increase in current at the last reductive wave was observed upon the 
addition of H2O under a CO2 atmosphere that is indicative of enhanced catalysis. Unfortunately, 
5 is not a selective CO2 reduction catalyst; under an atmosphere of N2, 5 also reduces water 
(Figure A1.4c).. Nonetheless, a one-electron reduction of 5 was attempted using CoCp*

2 in 
CH3CN, which afforded red needles suitable for X-ray diffraction (Figure 3b). The asymmetric 
unit cell contains two complexes of 5 and one reduced product of [(PDIiPr)Ni(CH3CN)]OTf (6). 

[(Rbimpy)FeL2]
2+. We attempted to synthesize Co(II) and Fe(II) complexes supported by 

Mebimpy and Etbimpy by similar procedures as reported previously.39 Metallation with CoCl2 or 
CoBr2 led to an intractable mixture of products. However, metallation with FeCl2 successfully 
led to the formation of [(Mebimpy)Fe(CH3CN)2](PF6)2 (6, Figure A1.5a) and 
[(Etbimpy)Fe(CH3CN)2](PF6)2 (7, Figure A1.5b). Red single crystals of both compounds were 
grown by diffusion of Et2O into solutions in CH3CN and structurally characterized as octahedral 
Fe(II) complexes with two bound axial CH3CN molecules. Both complexes were characterized 
by high resolution ESI-MS and 1H NMR spectroscopy showed diamagnetic species, suggesting 
low-spin Fe(II) complexes. The cyclic voltammogram of 6 and 7 each showed a reversible 
oxidative wave at 0.41 V and 0.53 V, respectively (Figure A1.6). UV-vis spectroscopy indicated 
a λmax of 400 and 410 nm for 6 and 7, respectively. The apparent change from a methyl to an 
ethyl bridge led to a more negative oxidation potential as well as a lower energy transition. 
Unfortunately, attempts to scale 6 led to a mixture of free ligand and Fe complex. The poor 
solubility and instability of the metal complex precluded further characterization. As a result, 
investigation of the chemical reactivity of 6 was not completed.  

We were, however, able to scale up the synthesis of the more stable 7 and the compound 
was characterized by NMR spectroscopy and high resolution ESI-MS. Chemical oxidation with 
I2 and NBS led to the formation of [(Etbimpy)FeI2]PF6 (8) and [(Etbimpy)FeBr2]PF6 (9). Single 
crystals suitable for single crystal X-ray crystallography were grown from Et2O diffusion into a 
solution of CH3CN or CH3CH2CN. Complex 8 retains its octahedral environment with two axial 
iodide ligands (Figure A1.5c). Unfortunately, crystals of 9 diffracted poorly and the 
crystallographic data only established connectivity of an octahedral Fe(II) complex with two 
axial bromide ligands (Figure A1.5d). As expected, both complexes are paramagnetic with no 
proton resonances found in their 1H NMR spectra. Recently, these sets of complexes have been 
reported.40 

We also attempted to synthesize the respective Cu(II) complexes. The standard 
metallation and recrystallization procedure afforded large transparent crystals and small yellow 
crystals suitable for X-ray crystallography. To our surprise, both crystals were 
crystallographically characterized as doubly-oxidized 8 with a single C-C bond between the 
former carbenes. The transparent crystals had two anionic PF6 molecules ([(Etbimpy)ox](PF6)2, 
10), while the yellow crystals contained an unusual dianionic [CuCl3]

2- species 
([(Etbimpy)ox]CuCl3, 11, Figure A1.7). This result suggests a comproportionation of Cu(0) and 
Cu(II) to form Cu(I) that leads to the dimerization of the carbenes.  
 

A1.4 Summary 
 

In conclusion, we have reported the synthesis of three novel reduced Co and Ni PDIiPr 
complexes. As reported by earlier work, one- and two-electron reduction of 2 generated ligand-
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based radicals as probed by EPR spectroscopy. In addition, Fe complexes supported by Rbimpy 
have been isolated and their electrochemical behaviors were explored.   
 

A1.5 Experimental 
 

General Information. All conditions specified in this section were used for the 
experiments described unless otherwise noted. All reactions were performed under N2. All metal 
complex syntheses were manipulated in a recycling inert atmosphere box (N2). Reagents were 
purchased from commercial sources and used without further purification. Solvents for organic 
syntheses were used as received. Isolated organic products were dried over Na2SO4 and 
concentrated using rotary evaporation. CH3CN was distilled from CaH2. Toluene, pentane, THF, 
CH2Cl2, and Et2O were dried through a distillation column. The starting Ni(II) source, 
Ni(DME)Cl2, was prepared according to literature methods.41,42 Literature methods were used to 
prepare PDIiPr8,9 and 2-(imidazolyl)pyridine.43 1H and 13C NMR spectra were recorded with 
Bruker AV-300, Bruker AVQ-400, Bruker DRX-500, and Bruker AVB-400 spectrometers at 
room temperature with deuterated solvent purchased from Cambridge Isotope Laboratories. 
Mass spectrometry and elemental analysis were performed by the Micro-Mass/Analytical 
Facility in the College of Chemistry, University of California, Berkeley. X-ray crystallography 
was performed in the College of Chemistry X-ray Crystallographic Facility at the University of 
California, Berkeley. 

(PDI
iPr

)CoCl(OTf) (1). A solution of AgOTf (100 mg, 0.39 mmol) in THF was added to 
a solution of (PDIiPr)CoCl2

8,9 (200 mg, 0.34 mmol) in THF. The resulting green solution was 
stirred overnight and was filtered to remove AgCl. The solution was concentrated and pentane 
was added to precipitate the green product (150 mg, 0.20 mmol, 60%). Crystals were obtained by 
pentane diffusion into a solution of the compound in THF. 1H NMR (500 MHz, CDCl3): δ 16.96, 
16.20, 7.20, 2.33, -10.77, -24.30. Anal. Calcd for C34H43N3F3O3SCoCl·THF: C, 57.25; H, 6.45; 
N, 5.27. Found: C, 57.10; H, 6.06; N, 5.56. Evans’ Method µeff = 4.0 µB.ES-API ([M]+) m/z calcd 
for C34H43N3CoCl 575.3, found 575.3.  

[(PDI
iPr

)Co(CH3CN)2](BF4)2 (2). A solution of Co(BF4)2·6H2O (170 mg, 0.51 mmol) in 
CH3CN was added to a solution of PDIiPr (240 mg, 0.50 mmol) in CH3CN. The resulting green 
solution was stirred overnight and concentrated. Ether was added to the solution to precipitate a 
red solid (350 mg, 0.43 mmol, 88%). 1H NMR (500 MHz, CD3CN): δ 41.05, 29.12, 20.56, 16.04, 
7.65, 4.94, -3.15, -8.95, -14.83 Evans’ Method µeff = 4.4 µB. ESI-HRMS ([M]+) m/z calcd for 
C34H43N3Co 270.1389, found 270.1393.  

[(PDI
iPr

)Co(CH3CN)]BF4 (3). A solution of CoCp2 (40 mg, 0.050 mmol) in THF was 
added to a suspension of 2 (10 mg, 0.053 mmol) in THF. The resulting purple solution was 
stirred overnight. The solution was filtered and the solvent was evaporated to obtain a purple 
residue. (23 mg, 0.034 mmol, 69%). 1H NMR (500 MHz, CD3CN): δ 8.92, 7.86, 7.38, 7.27, 5.68, 
2.543, 1.95, 1.075, 1.005. ESI-HRMS ([M]+) m/z calcd for C34H43N3Co 581.3049, found 
581.3065.  

[(PDI
iPr

)NiCl]OTf (5). A solution of AgOTf (14 mg, 0.054 mmol) in THF was added to 
a solution of (PDIiPr)NiCl2

38 (31 mg, 0.051 mmol) in THF. The resulting red solution was stirred 
overnight and was filtered to remove AgCl. The solution was concentrated and ether was added 
to precipitate the red product (22 mg, 0.030 mmol, 61%). Crystals were obtained by ether 
diffusion into a solution of the compound in CH3CN. 1H NMR (500 MHz, CDCl3): δ 9.88 (2H), 
8.24 (1H), 7.26 (4H), 7.00 (2H), 3.19 (4H), 2.48 (6H), 1.35 (12H), 1.20 (12H) 13C NMR (400 
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MHz, CD3CN): δ 142.80, 130.66, 122.44, 65.80, 28.83, 24.61, 24.19, 15.23 Anal. Calcd for 
C34H43N3F3O3SNiCl: C, 56.33; H, 5.98; N, 5.80. Found: C, 56.05; H, 6.02; N, 5.88. ESI-HRMS 
([M]+) m/z calcd for C33H43N3NiCl 574.2494, found 574.2493. 

[(
Et

bimpy)Fe(CH3CN)2](PF6)2 (7). A solution of Etbimpy (250 mg, 0.41 mmol) and 
Ag2O (520 mg, 2.3 mmol) in 5 ml of CH3CN was stirred overnight and the resulting solution was 
filtered by vacuum filtration to remove excess Ag2O. To the colorless filtrate, FeCl2 (0.64 g, 0.51 
mmol) was added and stirred overnight. The resulting solution was filtered by vacuum filtration 
and precipitated from Et2O. The precipitate was recrystallized in CH3CN and Et2O diffusion and 
yellow-green crystals were obtained (230 mg, 0.30 mmol, 75%). 1H NMR (500 MHz, CD3CN): δ 
9.41 (2H, d, J=5.2), 8.31 (2H, t, J=8), 8.21 (2H, d, J=2.4), 8.02 (2H, d, J=8), 7.71 (2H, t, J=6), 
7.55 (2H, s), 4.81 (4H, s, br) 13C NMR (400 MHz, CD3CN) ): δ 207.34, 155.12, 152.44, 141.15, 
128.75, 122.94, 117.98, 111.82, 50.13 ESI-HRMS ([M]+) m/z calcd for C18H16N6Fe 186.0387, 
found 186.0389. 

[(
Et

bimpy)
ox

](PF6)2 (10) and [(
Et

bimpy)
ox

]CuCl3 (11). A solution of Etbimpy (56 mg, 
0.09 mmol) and Ag2O (44 mg, 0.19 mmol) in 5 ml of CH3CN was stirred 6 hours. The solution 
was filtered by vacuum filtration and CuCl2 (15 mg, 0.11 mmol) was added to the solution. An 
immediate green color appeared and the solution was allowed to stir for 6 hours. The reaction 
mixture was filtered and concentrated. A mixture of yellow and transparent crystals was grown 
from Et2O diffusion into a solution of CH3CN. The large transparent crystals were manually 
removed (5 mg, 0.008 mmol) and characterized as [(Etbimpy)ox](PF6)2. The slow evaporation of 
the mother liquor afforded yellow crystals (15 mg, 0.03 mmol) and characterized as 
[(PIE)ox]CuCl3. The combined yield was 42%. 1H NMR (300 MHz, DMSO): δ 10.06 (2H, s), 
8.63 (2H, d, J=4.5), 8.52 (2H, s), 8.21 (2H, t, J=8.1), 7.97 (2H, d, J=8.1), 7.866 (2H, s), 7.63 (2H, 
t, J=5.1), 4.48 (4H, s) 13C NMR (500 MHz, DMSO) ): δ 149.70, 147.53, 141.13, 136.31, 125.84, 
124.20, 119.81, 114.49, 49.52. Anal. Calcd for C18H18N6F12P2: C, 35.54; H, 2.98; N, 13.82. 
Found: C, 35.40; H, 2.85; N, 13.50. 

General Methods for X-Ray Crystallography. Crystals were mounted on nylon loops 
in Paratone-N hydrocarbon oil. Air-sensitive samples were transferred from the glove box to 
Paratone-N and mounted quickly to avoid decomposition. All data collection was performed on 
either a Bruker SMART, Bruker APEX, or Bruker Microstar diffractometer equipped with a 
CCD area detector and a low temperature apparatus. Data integration was performed using 
SAINT. Preliminary data analysis and absorption correction were performed using XPREP and 
SADABS. Structure solution and refinement was performed using SHELX software package.44  

Cyclic Voltammetry Experiments. Non-aqueous electrochemical experiments were 
conducted under an inert atmosphere in 0.1 M Bu4NPF6 in CH3CN. Cyclic voltammetry and 
controlled-potential electrolysis experiments were carried out using BASI’s Epsilon potentiostat 
and C-3 cell stand. The working electrode was a glassy carbon disk (3.0 mm diameter) and the 
counter electrode was a platinum wire. A silver wire in a glass tube with a porous Vycor tip 
filled with 0.1 M Bu4NPF6 in CH3CN was used as a pseudo-reference electrode. The scan rate 
for all cyclic voltammograms was 100 mV/sec. All potentials were referenced against Fc/Fc+ as 
an internal standard. 

EPR Spectra Measurements. Solution EPR spectra were collected at 9.25 GHz, using a 
Varian E-109 EPR spectrometer equipped with an E-102 microwave bridge.  Temperature was 
controlled by an Air Products Heli-tran liquid helium cryostat.  
 

  



 

167 

 

A1.7 References 
 
(1) Gibson, V. C.; Humphries, M. J.; Tellmann, K. P.; Wass, D. F.; White, A. J. P.; Williams, 

D. J. Chem. Commun. 2001, 2252. 
(2) Humphries, M. J.; Tellmann, K. P.; Gibson, V. C.; White, A. J. P.; Williams, D. J. 

Organometallics 2005, 24, 2039. 
(3) Smit, T. M.; Tomov, A. K.; Gibson, V. C.; White, A. J. P.; Williams, D. J. Inorg. Chem. 

2004, 43, 6511. 
(4) Tellmann, K. P.; Gibson, V. C.; White, A. J. P.; Williams, D. J. Organometallics 2005, 

24, 280. 
(5) Tellmann, K. P.; Humphries, M. J.; Rzepa, H. S.; Gibson, V. C. Organometallics 2004, 

23, 5503. 
(6) Tondreau, A. M.; Lobkovsky, E.; Chirik, P. J. Org. Lett. 2008, 10, 2789. 
(7) Trovitch, R. J.; Lobkovsky, E.; Chirik, P. J. Inorg. Chem. 2006, 45, 7252. 
(8) Small, B. L.; Brookhart, M.; Bennett, A. M. A. J. Am. Chem. Soc. 1998, 120, 4049. 
(9) Small, B. L.; Brookhart, M. J. Am. Chem. Soc. 1998, 120, 7143. 
(10) Bart, S. C.; Bowman, A. C.; Lobkovsky, E.; Chirik, P. J. J. Am. Chem. Soc. 2007, 129, 

7212. 
(11) Bart, S. C.; Lobkovsky, E.; Bill, E.; Chirik, P. J. J. Am. Chem. Soc. 2006, 128, 5302. 
(12) Bart, S. C.; Lobkovsky, E.; Bill, E.; Wieghardt, K.; Chirik, P. J. Inorg. Chem. 2007, 46, 

7055. 
(13) Bouwkamp, M. W.; Lobkovsky, E.; Chirik, P. J. Inorg. Chem. 2006, 45, 2. 
(14) Bowman, A. C.; Bart, S. C.; Heinemann, F. W.; Meyer, K.; Chirik, P. J. Inorg. Chem., 0. 
(15) Bart, S. C.; Chlopek, K.; Bill, E.; Bouwkamp, M. W.; Lobkovsky, E.; Neese, F.; 

Wieghardt, K.; Chirik, P. J. J. Am. Chem. Soc. 2006, 128, 13901. 
(16) Wile, B. M.; Trovitch, R. J.; Bart, S. C.; Tondreau, A. M.; Lobkovsky, E.; Milsmann, C.; 

Bill, E.; Wieghardt, K.; Chirik, P. J. Inorg. Chem. 2009, 48, 4190. 
(17) Smith, J. M.; Lachicotte, R. J.; Holland, P. L. Organometallics 2002, 21, 4808. 
(18) Nieto, I.; Ding, F.; Bontchev, R. P.; Wang, H.; Smith, J. M. J. Am. Chem. Soc. 2008, 130, 

2716. 
(19) Mindiola, D. J.; Hillhouse, G. L. J. Am. Chem. Soc. 2002, 124, 9976. 
(20) Mindiola, D. J.; Hillhouse, G. L. J. Am. Chem. Soc. 2001, 123, 4623. 
(21) Lee, C. H.; Laitar, D. S.; Mueller, P.; Sadighi, J. P. J. Am. Chem. Soc. 2007, 129, 13802. 
(22) Laskowski, C. A.; Hillhouse, G. L. J. Am. Chem. Soc. 2008, 130, 13846. 
(23) Hou, H.; Gantzel, P. K.; Kubiak, C. P. Organometallics 2003, 22, 2817. 
(24) Hou, H.; Gantzel, P. K.; Kubiak, C. P. J. Am. Chem. Soc. 2003, 125, 9564. 
(25) Dai, X.; Warren, T. H. J. Am. Chem. Soc. 2004, 126, 10085. 
(26) Hu, X.; Castro-Rodriguez, I.; Meyer, K. J. Am. Chem. Soc. 2004, 126, 13464. 
(27) Hu, X.; Castro-Rodriguez, I.; Meyer, K. J. Am. Chem. Soc. 2003, 125, 12237. 
(28) Hu, X.; Meyer, K. J. Am. Chem. Soc. 2004, 126, 16322. 
(29) Zhou, Y.; Xi, Z.; Chen, W.; Wang, D. Organometallics 2008, 27, 5911. 
(30) Zhang, X.; Liu, B.; Liu, A.; Xie, W.; Chen, W. Organometallics 2009, 28, 1336. 
(31) Xi, Z.; Zhou, Y.; Chen, W. J. Org. Chem. 2008, 73, 8497. 
(32) Xi, Z.; Zhang, X.; Chen, W.; Fu, S.; Wang, D. Organometallics 2007, 26, 6636. 
(33) Xi, Z.; Liu, B.; Chen, W. J. Org. Chem. 2008, 73, 3954. 



 

168 

 

(34) Meissler, G. L.; Tarr, D. A. Inorganic Chemistry; 3 ed.; Pearson Eduction, Inc.: 
Northfield, 2004. 

(35) Evans, D. F. J. Chem. Soc. 1959, 2003. 
(36) Bennett, A. M. A. In PCT Int. Appl. 1998, p 68. 
(37) Bowman, A. C.; Milsmann, C.; Atienza, C. C. H.; Lobkovsky, E.; Wieghardt, K.; Chirik, 

P. J. J. Am. Chem. Soc. 2010, 132, 1676. 
(38) Fan, R.-Q. F., Rui-Juan; Lv, Zhi-Wei; Yang, Yu-Lin; An, Feng; Gu, Da-Ming J. Coord. 

Chem. 2007, 60, 919. 
(39) Thoi, V. S.; Chang, C. J. Chem. Commun. 2011, 47, 6578. 
(40) Raba, A.; Cokoja, M.; Ewald, S.; Riener, K.; Herdtweck, E.; Pöthig, A.; Herrmann, W. 

A.; Kühn, F. E. Organometallics 2012, 31, 2793. 
(41) Masotti, H.; Wallet, J. C.; Peiffer, G.; Petit, F.; Mortreux, A.; Buono, G. J. Organomet. 

Chem. 1986, 308, 241. 
(42) Kermagoret, A.; Braunstein, P. Organometallics 2008, 27, 88. 
(43) Zhu, L.; Guo, P.; Li, G.; Lan, J.; Xie, R.; You, J. J. Org. Chem. 2007, 72, 8535. 
(44) Sheldrick, G. M. Acta. Cryst. 2008, A64, 112. 
 
 
  



 

169 

 

A1.7 Schemes, Tables, and Figures 
 

 
 
Scheme A1.1.  Synthetic route to (PDIiPr)MCl(OTf). 
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Table A1.1.  Crystallographic Data of PDIiPr Co Complexes 1, 2, and 4 

 

 (PDI
IPr

)CoCl(OTf) (1) [(PDI
IPr

)Co(CH3CN)2]2BF4 (2) (PDI
IPr

)Co(CH3CN) (4) 

Empirical Formula C37H43N3CoClF12O3S C37H49N5CoB2F8 C35H46N4Co 
Formula Weight 725.15 796.36 581.69 
Crystal System Monoclinic Orthorhombic Monoclinic 

Space Group P21/c Pbcn P2(1)/n 
a 12.746(7) 23.2613(18) 11.7302(3) 
b 16.466(9) 20.5360(14) 13.8138(4) 
c 17.244(10) 17.8695(12) 20.3953(7) 
αααα (º) 90 90 90 
ββββ (º) 98.053(6) 90 105.557(2) 
γγγγ (º) 90 90 90 
V 3583(3) 8536.2(11) 3183.75(16) 
Z 4 12 4 

ρρρρcalc (g/cm
3
) 1.344 1.859 1.214 

µ (mm
-1

) 0.664 0.701 4.431 

2θθθθmax (º) 50.82 49.4 136.5 
Reflections Collected 21670 30572 5310 
Independent 

Reflections 6451 7549 5150 
Refl/Param 15.54 15.37 13.80 
R1, wR2 (I>2σ) 0.0487, 0.1276 0.0637, 0.1792 0.0662, 0.2053 
R1, wR2 (all data) 0.0615, 0.1376 0.0755, 0.1870 0.0751, 0.2132 
Co-Npyr 2.0667 (25) 1.8412 (28)   1.8090 (42) 
Co-Nimine 2.1937 (23) 1.9817 (29)   1.8723 (43) 
 2.1993 (24)    1.9676 (29)  1.8783 (44)    
Nimine-Cimine 1.2895 (36) 1.2966 (46) 1.3451 (71) 

 1.2883 (38) 1.3002 (45) 1.3384 (66) 
Cimine-Cipso 1.5020 (39) 1.4740 (51) 1.4102 (78)   
 1.4991 (42) 1.4825 (53)  1.4262 (77)   
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Table A1.2.  Crystallographic Data of PDIiPr Ni Complexes (5-6) 
 

 

[(PDI
IPr

)NiCl]OTf 

(5) 

[(PDI
IPr

)NiCl]OTf (5) and 

[(PDI
IPr

)Ni(CH3CN)]OTf (6) 

Empirical Formula C34H43N3NiClF3O3S 
2(C34H43N3NiClF3O3S) 

(C36H46N4NiF3O3S)(THF) 
Formula Weight 724.93 2252.50 
Crystal System Triclinic Monoclinic 

Space Group P-1 C2/c 

a 11.0657(11) 36.9803(17) 
b 19.0106(19) 19.8095(9) 
c 46.786(5) 36.8509(16) 
αααα (º) 104.910(9) 90 
ββββ (º) 91.796(10) 97.077 
γγγγ (º) 91.594(13) 90 
V 3490(3) 26790 
Z 4 8 

ρρρρcalc (g/cm
3
) 1.384 1.110 

µ (mm
-1

) 0.746 1.812 

2θθθθmax (º) 53.92 137.34 

Reflections Collected 19083 96738 

Independent Reflections 11606   23222 
Refl/Param 13.67 17.97 
R1, wR2 (I>2σ) 0.0536, 0.1181 0.0689, 0.1669 
R1, wR2  (all data) 0.0969, 0.1384 0.1118, 0.1849 
Ni-Npyr 1.8146 (31) 1.8711 (29) 
Ni-Nimine 1.9121 (32)    1.9778 (35) 
 1.9126 (33)    1.9879 (34) 
Nimine-Cimine 1.3023 (49) 1.2940 (47) 
 1.2962 (45) 1.2812 (48) 
Nimine-Cipso 1.4764 (54) 1.4777 (54) 
 1.4729 (49)   1.4711 (58) 
   
   
   
   

 
  



 

172 

 

Table A1.3. Crystallographic Data of Mebimpy and Etbimpy Fe complexes (6-8) 
 

 

[(
Me

bimpy)Fe(CH3CN)2](PF6)2 

(CH3CN) (6) 

[(
Et

bimpy)Fe(CH3CN)2](PF6)2 

(CH3CN) (9) 

[(
Et

bimpy)FeI2]PF6 

(CH3CH2CN) (8) 

Empirical 

Formula C23H23N9FeP2F12 C24H25N9FeP2F12 C20H19N7eI2PF6 
Formula Weight 771.26 785.29 812.03 
Crystal System Monoclinic Monoclinic Triclinic 

Space Group C2/c C2/c Pc 
a 15.975(3) 15.707(2) 8.4748(4) 
b 15.929(3) 16.226(2) 11.5382(5) 
c 13.099(2) 13.927(2) 13.7315(6) 
αααα (º) 90 90 91.7200(10) 
ββββ (º) 102.508(2) 107.866(2) 91.5650(10) 
γγγγ (º) 90 90 97.7890(10) 
V 3254.1(9) 3378.2(8) 1329.06(10) 
Z 4 8 2 

ρρρρcalc (g/cm
3
) 1.519 2.478 1.957 

µ (mm
-1

) 0.658 1.194 1.955 

2θθθθmax (º) 50.9 53.5 56.4 
Reflections 

Collected 17064 6279 20742 
Independent 

Reflections 3011 3162 6039 
Refl/Param 13.41 13.57 17.56 
R1, wR2 (I>2σ) 0.0550, 0.1325 0.0371, 0.0964 0.0369, 0.0824 
R1, wR2  (all data) 0.0795, 0.1541 0.0509, 0.1058 0.0536, 0.0920 
Fe-Npyr 2.0983 (31)   2.0914 (19)   2.0697 (36)    
   2.0679 (35)   
Fe-Ccarbene 1.8305 (37) 1.8935 (23) 1.8934 (43) 
   1.8967 (44)    
CPh-Npyr-Fe-Npyr 

(°) 6.08 (29) 12.58 (8)   24.13 (37) 
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Table A1.4. Crystallographic Data of 10 and 11 

 

 

[(
Et

bimpy)
ox

](PF6)2(CH3CN) 

(not shown, 10) [(
Et

bimpy)
ox

]CuCl3 (11) 

Empirical Formula C20H19N7P2F12 C18H16N6CuCl3 
Formula Weight 647.34 486.26 
Crystal System Orthorhombic Monoclinic 

Space Group P-1 P2/n 
a 8.3131(4) 7.0363(4) 
b 13.4803(7) 11.4666(6) 
c 24.3021(14) 12.1961(7) 
αααα (º) 103.8810(10) 90 
ββββ (º) 94.7410(10) 103.821(2) 
γγγγ (º) 102.9800(10) 90 
V 2549.3(2) 955.52(9) 
Z 4 2 

ρρρρcalc (g/cm
3
) 1.745 1.320 

µ (mm
-1

) 1.091 1.703 

2θθθθmax (º) 54.2 136.4 

Reflections Collected 53409 10034 
Independent 

Reflections 11185 1694 
Refl/Param 15.77 13.23 
R1, wR2 (I>2σ) 0.0659, 0.1768 0.0206, 0.0564 
R1, wR2  (all data) 0.0751, 0.1870 0.0208, 0.0566 
Ccarbene-Ccarbene 1.4441 (34)   1.4504 (28)   
Ccarbene-Nimida 1.3505 (31)   1.3397 (19) 
 1.3439 (32) 1.3490 (18)   
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Figure A1.1.  Crystal structures of 1, 2, and 4 (left to right) at 50% probability thermal 
ellipsoids.  Hydrogen atoms and counterions are omitted for clarity. 
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Figure A1.2.  Cyclic voltammograms of a) 1 and b) 2 in 0.1 M of NBu4PF6 in CH3CN on a 
glassy carbon electrode at a scan rate of 100 mV/s. 
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Figure A1.3.  Crystal structures of 5 (left) and 6 (right) at 50% probability thermal ellipsoids.  In 
the case of b), two molecules of 5 are found in the asymmetric unit but are not shown.  Hydrogen 
atoms and counterions are omitted for clarity.   
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Figure A1.4. Cyclic voltammogram of a) 5 under a N2 atmosphere, b) 5 under a N2 atmosphere 
(black), under a CO2 atmosphere (red), and addition of H2O under a CO2 atmosphere (blue), and 
c) 5 under a N2 (black), and the addition of H2O under a N2 atmosphere (blue). Cyclic 
voltammograms were done in 0.1 M of NBu4PF6 in CH3CN on a glassy carbon electrode at a 
scan rate of 100 mV/s.  Redox feature in a) at 0.0 V is from the addition of ferrocene as an 
external standard. 
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a) b) 

     
 
c) d) 

 

  
 
Figure A1.5.  Crystal structures of a) 6, b) 7, c) 8, and d) 9 at 50% probability thermal ellipsoids.  
Isotropic thermal ellipsoids of 15 are shown and only establish connectivity.  Hydrogen atoms 
and counterions are omitted for clarity.   
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Figure A1.6. Cyclic voltammograms of a) 6 and b) 7 in 0.1 M of NBu4PF6 in CH3CN on a 
glassy carbon electrode at a scan rate of 100 mV/s.  A reversible redox couple is observed in the 
oxidative direction in both cases. 
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Figure A1.7. Crystal structure of 11 at 50% probability thermal ellipsoids.  Hydrogen atoms are 
omitted for clarity.     
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Appendix 2 

 

 

Protocol for Electrochemical Measurements for Proton and Carbon Dioxide 
Reduction 

 
A1.1 Synopsis 

 
This appendix summarizes protocols for collecting electrochemical measurements for 

proton and carbon dioxide reduction. 
 
A1.2 General Methods for Electrochemical Measurements 
 

General Notes on Voltammetry Experiments. Voltammetry sweeps are recorded in 
quiescent solution and should initiate at the resting potential to avoid premature reduction or 
oxidation at the start of the measurement. Since the resistance across the working and reference 
electrode has the potential to skew the reference potential, the working and reference electrode 
should always be in close proximity. Furthermore, this resistance can be measured by most 
programs and iR compensation can be conducted to minimize error in the potential. In a cyclic 
voltammetry experiment, individual redox couples should be isolate to observe independent 
events. For redox couples that appear irreversible in a cyclic voltammogram, varying the scan 
rate can change the kinetics of the reaction and allow the monitoring of different processes.  For 
example, a chemical dimerization process that occurs after an electroreduction can be probed by 
scanning faster to beat out the formation of the dimers. A linear plot of the peak current versus 
the square root of scan rate can also indicate the formation of the product is diffusion-limited.  A 
linear plot of the peak current versus scan rate indicates an adsorption process. 

Voltammetry Experiments in Non-aqueous Solvents. Non-aqueous electrochemical 
experiments are typically conducted under a N2 atmosphere in a soluble electrolyte such as 0.1 M 
(Bu4N)PF6, in dichloromethane, THF, methanol or acetonitrile. The choice of the working 
electrode in non-aqueous media is more flexible since most electrodes have a fairly large 
potential range. Thus, Pt, Au, or glassy carbon electrodes are good choices for initial screening.  
The counter electrode can be Pt or glassy carbon as these electrodes help extend the potential 
range.  The choice of reference electrode is a point of contention in the literature. Since most 
commercial reference electrodes are made for aqueous conditions and do not accurately 
reference the potential in non-aqueous media, an external reference like ferrocene, cobaltocene, 
and their derivatives should always be used in conjunction with either an aqueous reference 
electrode, a silver wire, or a Ag/AgNO3 reference electrode. It is typically safest and most 
accurate to leave the potentials referenced to these external standards, but if conversions to other 
references like SCE or SHE must be made, the solvent must be accounted for as the reference 
potential is highly solvent dependent.1 The number used for conversion should always be 
reported. 

Voltammetry Experiments in Aqeuous Media. Typical electrolytes for electrochemical 
measurements in water are KCl, KNO3, phosphate, borate, and acetate.  These solutions can be 
buffered to the appropriate pH.  The electrochemical window will change dramatically 
depending on the working electrode.  For example, Pt oxidizes and reduces water at relatively 
mild potentials and is a less useful electrode under aqueous conditions. Choices to try are glassy 
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carbon, indium tin oxide (ITO), fluorine-doped tin oxide (FTO) and Hg electrodes.  A Ag/AgCl 
is a standard reference electrode that is easy to use and commercially available, but the 
concentration of Cl- in the solution will affect the reference potential so storage of the reference 
electrode should be done according to the manufacturer’s specification.  To ensure proper 
referencing in aqueous media, potassium ferricyanide and carboxyferrocene can be used in 
conjunction. 

Rotating Disk Electrode Voltammetry (RDEV) Studies. A rotating disk electrode is 
utilized to probe the hydrodynamics of the system. Rotating the electrode at a fixed rate, 
ω (rpm), transports the dissolved catalyst in the bulk solution to the electrode at a fixed rate, 
creating a steady-state concentration profile and therefore a steady-state current at the electrode 
surface. The variation of the steady state current density (JL) as a function of the rotation rate (ω, 
rad/s), given by the Levich relation is used to calculate the diffusion coefficient, D: 

 
2 /3 1/ 2

1/ 6

0.62 [ ]nFD cat
J

ω
ν

=
L

  

The variable F is Faraday constant, [cat] is the concentration of the catalyst/analyte, and n is the 
number of electrons. The kinematic viscosity (ν) of the electrolyte solution is assumed to be the 
same as that of the pure solvent.  For the BASi RDE Cell-2 stand, at least 10 mL of solution is 
necessary for proper submersion of the rotating glassy carbon disk electrode. 

Controlled Potential Electrolysis. Controlled potential electrolyses that require 
quantitative product analysis should always be conducted in a two compartment cell, where the 
working and counter electrodes are separated to avoid re-reduction or re-oxidation of the product 
at the counter electrode. Typically a glass frit is used, but polymeric membranes like Nafion can 
also be used if appropriate solvent conditions are chosen. The resistance across the working and 
reference electrode should be measured and compensated during the experiment.  Care should be 
taken when degassing the solutions in the two-compartment cell as unequal pressures can lead to 
solution mixing. To determine the Faradaic efficiency, the integrated current (charge) is divided 
Faraday Constant, the number of electrons in the process, and the theoretical moles of product 
expected based on the charge passed over the course of the experiment.  Quantification of 
solution products can also be done by NMR spectroscopy using solvent suppression and/or 
isotopic labeling. 
 

A2.3 Electrochemical Measurements for Catalytic Proton and Carbon Dioxide 
Reduction 
 
  Proton Reduction. Organic acids are typically used for proton reduction in non-aqueous 
media.  The standard potential (which is related to pKa) for HA/A- conversion in the solvent of 
choice should be matched with the reduction potential of the metal catalyst to minimize the 
overpotential (and the likelihood) of the reaction.2 Cyclic voltammetry is used to evaluate 
catalytic activity. A rise in current after the addition of an acid is indicative of electrocatalysis. 
Moreover, the addition of an acid usually causes a reversible couple to become irreversible 
because an irreversible chemical reaction (evolution of hydrogen gas) has occurred and the 
catalyst is no longer present to be re-oxidized. Because the organic acid can be reduced by the 
bare electrode, a background scan should always be taken.  In aqueous solution, the pH can be 
varied to find the highest catalytic activity over the background reaction.  In both aqueous and 
non-aqueous solvent, the catalytic current should be corrected for significant current 
contributions from the background in all follow-up analyses, including but not limited to the 
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determination apparent turnover and apparent rate constant.  In addition, activation of a glassy 
carbon working electrode has been documented in water and may complicate the measurements.  
However, if this electrode must be used, polishing the electrode after every run may help with 
reproducibility. 

Carbon Reduction. To evaluate catalytic CO2 reduction, several cyclic voltammograms 
of catalyst should be taken: 1) N2, 2) CO2, 3) CO2 and proton source, and 4) N2 and proton 
source.  If using a volatile solvent, the gas should be saturated with the same solvent by passing 
the gas through a bubbler to minimize evaporation. Degassing should be done for at least 5 min 
for a 5 mL solution, particularly after CO2 has been introduced. 
 
A2.3 References 

 
(1) Connelly, N. G.; Geiger, W. E. Chem. Rev. 1996, 96, 877. 
(2) Felton, G. A. N.; Glass, R. S.; Lichtenberger, D. L.; Evans, D. H. Inorg. Chem. 2006, 45, 

9181. 
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Appendix 3 

 

 

Protocol for Photochemical Measurements for Carbon Dioxide Reduction 

 
A3.1 Synopsis 

 
This appendix describes procedures for obtaining photochemical measurements for 

carbon dioxide reduction using a SRI Gas Chromatograph. In general, the SRI Gas 
Chromatograph is a versatile instrument that allows for mix-and-match components for specific 
applications, but this same feature also renders it less elegant and packaged. Procedures for 
running mass spectrometry experiments are also detailed briefly. 
 

A3.3 Hardware specifications of a SRI Gas Chromatograph 

 
The SRI 8610C Gas Chromatograph (MG#3 pre-configuration) is equipped with a 2 m 

Haysep-D and a 2 m MolSieve 13X column leading to TCD and FID detectors. The sample is 
first injected onto the Haysep-D column to separate larger alkyl products before reaching the 
MolSieve column, which separates H2 and CO. There is also a solenoid that can stop the flow of 
gas to column 1 (Haysep-D) by equilibrating the forward and backward gas flow. This allows for 
longer separation on column 2 (MolSieve). This function can be controlled by editing the events 
file and can be customized for better separation (refer to SRI Multi-Gas Configuration #3 
description). After passing through the columns, the sample hits the TCD detector, which is non-
destructive to the sample, followed by the FID detector, which is a destructive method. The FID 
detector is fitted with a methanizer to detect CO at a detection limit of 0.1 ppm and the TCD 
detector is used to detect H2 production at a detection limit of 1 ppm. The methanizer essentially 
converts CO into CH4 before it hits the detector, allowing it to have a high detection limit for 
CO. In a chromatograph, the “CO” peak comes after any CH4 produced in the reaction vessel. 
The FID detector can also detect alkenes and alkanes such as CH4, C2H4, C2H6, and C3H8. At 
high concentrations, CO is also detected on the TCD detector, which is a good way to confirm 
product formation. Another potentially useful detector is the HID, which is a helium ionization 
detector that has a high detection limit for hydrogen. However, the carrier gas needs to be 
switched to argon, which lowers the detection limit on the TCD for H2. This ionizing method is 
also destructive and cannot be used in parallel with the FID without modifications to internal 
plumbing modification. As a note, sulfur compounds can destroy the methanizer and should not 
be used. High boiling point solvents are also problematic because it can stay in the column. The 
columns can be baked out at 220 °C, but the lifetime of the columns may be shortened. Running 
blank runs in between experiments can also ensure removal of residual gases in the columns. 

The SRI software, PeakSimple, allows one to load control files, like temperature 
programs and events, separately and can control up to six detectors at the same time (as long as 
the hardware supports it). Component and calibration files can also be stored for quantitation, but 
the automatic integration features are not very sophisticated as it does not use the appropriate 
baseline. Manual integration should be used, instead. Calibrations are conducted using pre-mixed 
CO/N2 mixtures from the manufacturer (usually in concentration units of parts per millon) and 
the moles were back-calculated from the total headspace volume and the ideal gas law. 
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A3.2 Photochemical Measurements for Carbon Dioxide Reduction 

 
In a typical CO2 photolysis experiment, a customized 40-mL glass bubbler is used as the 

photochemical cell and is connected to a gas recirculation pump and a SRI 8610C Gas 
Chromatograph via Swagelok miniature Ultratorr fittings (Scheme A3.1 and A3.2). The column 
is heated to 100 °C under He gas flow and an average sample volume of 1 mL is injected onto 
the column. All connections are made with steel tubing and Swagelok miniature quick-connects 
for easy assembly. A 10-mL solution containing the catalyst, photosensitizer, and quencher is 
added to the cell. Using a four-way valve, the system is sparged with CO2 for 30 min before 
sealing it and the headspace is recirculated through the solution continuously during photolysis. 
A 150 W Xe lamp (Newport Corporation Solar Simulator) fitted with an AM 1.5 filter to mimic 
the solar spectrum is focused on the solution at distance that provides a light intensity of 130 
mW·cm-2, as measured by a power meter, and the headspace was sampled by the GC every hour. 
As a note, the O-rings on the Ultratorr fittings should be check for a proper seal. Replacement 
Viton O-rings can be bought from the machine shop or the McMaster or Granger catalogs. 

 
A3.2 Mass Spectrometry for Isotopically Labeled CO2 and Reduced C1 Products  

  
 Using the SRS RGA Mass Spectrometer (located in the Long group), a mixture of a low 
pressure sampling method and a vacuum sampling method was used for direct injection of 
headspace of photolysis cell. The method is briefly described here, but the manual should be read 
before attempting this experiment. The spectrometer should be baked out and under vacuum 
prior to usage. Connect the RGA software to the instrument (requires internet) and turn on the 
filament. Begin the scan and the software will show real-time monitoring of whatever was in 
there last. If the scan does not look like the components in air, run a blank air sample to ensure 
the instrument is working properly. Make sure the y-axis is in linear mode instead of log mode. 

For a direct syringe injection, place a septum over the direct injection port (there is also a 
capillary injection port). Flip the bypass switch which would allow you to have valve 1 and 2 
open at the same time. Open Valve 1, then Valve 2. The detector is now exposed to the aperture 
of the injection site. After waiting about 5 s, open Valve 3, which turns on the turbo pump and 
evacuates the system up to the septum. The pressure will go up. When the scans do not show any 
peaks, turn off Valve 3. Inject your sample using a small needle. The vacuum should pull your 
sample in without having to push the plunger. Your sample should show up for several scans. 
The scans do not automatically save and the desired scan should be saved as both a RGA file and 
a ASC file before the next scan finishes. For the next sample, open valve 3 again and repeat 
instructions for injection. When you are finished, close valve 2 and 1 (in that order) and flip off 
the bypass switch. Turn off the filament and inform the person in charge when you are done. 
 As a general advice, always do background runs as most gases fragment even without 
your reaction. There is a library in the software package that allows you to identify percent 
fragmentation of simple gases. Because fragmentation can occur with most gases, mass 
spectrometry is not ideal for quantitation. However, using an internal standard can improve your 
chances of getting quantitative information. For example, 13CO2 normally fragments into 13CO, 
but the relative integrated areas should remain constant and can serve as a useful ratio for 
determining if more 13CO signal is observed than expected. Obviously, the more CO that is 
produced, the better this method will work. However, the error on this measurement is large, so 
the experiment should be repeated to obtain error bars. Also note that 12CO has the same mass as 
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N2. An external standard can also be used for calibration, but the results may be more convoluted 
due to more fragmented products. 
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A3.7 Schemes and Figures 

 
Figure A3.1. Schematic of experimental photolysis system connected to a gas chromatograph. 
The cell can be interchanged with an electrochemical cell as well. Swagelok miniature quick-
connects are used for all connections for ease of modification. 
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Figure A3.2. Photographs of customized electrochemical cell (left) and photolysis cell (right). 
WE = working electrode, CE = counter electrode, RE = reference electrode. 
 
 




