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ABSTRACT 

The development of renewable, carbon-neutral energy sources is compelled by the 

devastating environmental consequences that will result from the continued combustion of fossil 

fuels. Solar energy provides the capacity to easily meet our projected energy demand, but it must 

be converted to a form more easily stored and distributed. This can be achieved through artificial 

photosynthesis, which converts solar energy to chemical fuels. One attractive energy-storing 

artificial photosynthetic reaction is the light-driven reverse water-gas shift reaction (RWGS, CO2 

+ H2 → CO + H2O), which requires the successful marrying of photocatalytic hydrogen oxidation 

and carbon dioxide reduction. Prior work in our group elucidated a comprehensive kinetic and 

mechanistic picture of the photosensitization of a system capable for achieving the light-driven 

RWGS reaction, but greater understanding of catalytic H2 oxidation and CO2 reduction is required 

in order to develop a functionally competent system.  

Firstly, a molecular nickel hydrogen oxidation catalyst is studied through a combination of 

electron paramagnetic resonance techniques, X-ray crystallography, and density functional theory 

calculations. Photocatalytic hydrogen oxidation with the same catalyst is then detailed, with an 

initial stepwise approach determining that every process necessary for accomplishing catalysis is 

achievable with photochemical sensitization. Catalytic turnover is demonstrated in a 

photoelectrocatalytic system, with an electrode acting as an electron acceptor.  

Secondly, molecular catalysts for CO2 reduction are studied with the aim of understanding 

how catalytic activity is influenced by the nature of the monodentate ligands. Whether efficient 

catalysis requires the routinely employed but photolabile CO ligand is explored. The 

electrocatalytic reduction of CO2 by Ru–bipyridyl compounds is investigated and their visible-

light photochemistry is also discussed.  
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Finally, the development of a functional system for the light-driven RWGS reaction is 

discussed. The key design criteria for a system are elucidated and the use of promising nickel and 

ruthenium catalysts is probed. Electrochemical techniques are utilized to efficiently screen reaction 

conditions. Although key steps of the reaction are demonstrated, the photochemical experiments 

intended to demonstrate the light-driven RWGS reaction yielded no more than trace production of 

CO. Additional research is required to develop a fully functional system for the light-driven RWGS 

reaction. 
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CHAPTER 1: Introduction 

1.1. Background 

From the advent of the industrial revolution, the anthropogenic combustion of fossil fuels 

such as coal and oil has led to a dramatic increase in the atmospheric concentration of carbon 

dioxide,1-2 with potentially devastating environmental consequences.3-7 Compounding this threat 

is the rapid growth in global energy consumption,8 which is estimated9 to increase by 42% from 

2012 to 2040. This makes the development of renewable, carbon-neutral energy sources of vital 

importance. 

Among renewable sources of energy that could replace fossil fuels, such as geothermal, 

tidal, solar, hydroelectric, wind, and biomass, only solar energy offers the capacity to meet the 

projected growth in energy consumption,8 with the total insolation of the earth able to meet our 

current demand approximately 10,000 times over.10 For solar energy to become our principal 

energy source, methods are required to convert it to a form more easily stored and distributed.11-12 

The form of energy that is most compatible with our current energy-distribution infrastructure is 

chemical fuels. This conversion can be achieved through artificial photosynthesis, which mimics 

the natural processes that convert solar energy into high-energy chemical bonds. 10, 13-18 

Two key objectives of modern artificial photosynthesis have been the development of 

systems capable of (1) the splitting of water into H2 and O2,16, 19-28 and (2) the reduction of CO2 to 

yield renewable carbonaceous fuels.29-38 The production of H2 is desirable as it can either generate 

heat through combustion or clean electrical power upon oxidation, without the concomitant 

production of greenhouse gases.39-41 However, hydrogen is both less energy-dense and more 

difficult to store and transport than conventional fuels.42 Contrastingly, the reduction of CO2 can 

yield carbon-based fuels such as CO, CH4, and CH3OH that are both more readily-liquefied and 
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more compatible with our existing energy infrastructure. Although the subsequent power-

generating combustion of carbon-fuels will lead to the production of CO2, the conversion of CO2 

back into fuels will—provided an efficient artificial photosynthetic process—lead to a closing of 

the fuel cycle and the stabilization of atmospheric CO2 concentrations. 

As demonstrated by water-splitting, artificial photosynthesis consists of both oxidative and 

reductive components23, 25-26, 35 but, for simplicity and practicality, work on molecular processes 

such as CO2 reduction have focused primarily on the reductive half-reaction with reducing 

equivalents sourced (with very few exceptions43) from the oxidation of sacrificial electron 

donors.10, 13-14, 31, 44 Such reagents are utilized because they undergo rapid decomposition 

subsequent to photoinitiated oxidation, which suppresses back-electron transfer and enables 

substrate transformation. Offsetting the practical advantages offered by sacrificial electron donors, 

however, is that their stoichiometric consumption negates their energy-storing potential and 

prevents systems that utilize them from being renewable and energy storing. Sacrificial donors 

must be replaced with a renewable source of reducing equivalents in order to perform energy-

storing reactions.  

One prospective source of renewable reducing equivalents for artificial photosynthetic 

processes is hydrogen, which can be oxidized to generate electrons and protons (H2 → 2H+ + 2e–

).39-41 Despite hydrogen being a non-renewable resource as it is currently produced through steam-

reformation of natural gas,45 as discussed above solar water splitting could yield renewable H2 in 

the future.13-14, 25 One major impediment for utilizing hydrogen oxidation has been the 

development of efficient and inexpensive catalysts for the process as the most active catalyst 

known is platinum,46 which is limited in its application by its expense and rarity. This might be 

overcome through recent advances that have yielded highly active molecular catalysts 



3 

incorporating earth-abundant metals such as iron and nickel (vide infra).47-48 However, despite its 

potential value as an oxidative half-reaction in artificial photosynthesis, photocatalytic hydrogen 

oxidation with a molecular catalyst has yet to be demonstrated.  

A potential energy-storing artificial photosynthetic reaction is the reverse water-gas shift 

reaction (RWGS, CO2 + H2 → CO + H2O), which is an attractive target for solar fuel production.43, 

49-50 The process involves the successful marrying of two renewable half-reactions, photocatalytic 

hydrogen oxidation and carbon dioxide reduction, to yield a net energy-storing (41.2 kJ/mol) 

reaction.51 The RWGS reaction is a desirable target because CO, the carbonaceous product, can be 

subsequently transformed into an array of industrially useful compounds through the Fischer-

Tropsch process.52 Fischer-Tropsch chemistry can convert CO into liquid hydrocarbon fuels 

identical to the oil-sourced fuels currently utilized, meaning that solar fuels can be utilized with no 

significant modification to our existing energy distribution infrastructure. The key steps required 

of a photodriven RWGS reaction are outlined in Figure 1.1. The reaction proceeds though the 

reductive quenching of an excited chromophore (Chr*) by a H2 oxidation catalyst (CatH2), 

activating the catalyst towards H2 binding and oxidation. The thus-generated reduced chromophore 

(Chr−) can then reduce a CO2 reduction catalyst (CatCO2), activating that catalyst towards CO2 

binding and reduction and returning the chromophore to its ground state.  

 
Figure 1.1. Schematic representation of the light-driven reverse water-gas shift reaction (Chr = 
chromophore, CatH2 = H2 oxidation catalyst, CatCO2 = CO2 reduction catalyst). 
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A key aspect that will determine whether such a system is functional is the lifetime of the 

doubly-sensitized state (where both catalysts are activated for substrate binding and 

transformation), which is determined through the relative kinetics of forward and back electron 

transfer. The required lifetime of the state is dependent upon the rate of substrate binding/activation 

for the specific catalysts used. The supramolecular assembly of a chromophore with electron 

acceptor and/or electron donor components has been heavily studied,9, 30, 53-54 and offers precise 

tuning of electron transfer kinetics through linkage variation. However, the synthesis of such 

assemblies is often very complex and is a low-yield process. In addition, the synthesis of an entirely 

new supramolecular assembly is required in order to change even one component, making it 

difficult to screen different compositions, and the nature of an assembly places restrictions on the 

relative stoichiometries allowed of individual components. For these reasons, the artificial 

photosynthetic systems studied herein consist of freely-diffusing molecular species in 

homogeneous solution. 

Prior work by our group49-50 has demonstrated that, energetically, the energy-storing 

reverse-water-gas-shift reaction (CO2 + H2 → CO + H2O) can be driven photochemically by a 

single chromophore. In an initial study,50 a proof-of-concept system established for the first time 

that in a freely diffusing solution, two catalysts can be sensitized by an electron transfer initiated 

by the absorption of a single photon by a chromophore. The chromophore zinc 

tetraphenylporphyrin (ZnTPP) was used, as were H2 oxidation catalysts of the form [CpRCr(CO)3]− 

(R = H, CH3), and CO2 reduction catalysts of the type Re(bpy-4,4′-R2)(CO)3Cl (R = H, Me, tBu, 

COOCH3). Upon excitation of ZnTPP, rapid reductive quenching of the porphyrin S1 and T1 

excited states by CatH2 was observed, producing CatH2+ and ZnTPP–; the latter then thermally 

reduced CatCO2 to CatCO2–. This was the first example of photoredox-sensitized electron transfer 
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between two freely diffusing redox-active catalysts in solution. The catalytically competent state 

was observed to decay with a second-order half-life of approximately 15 µs, which is of a sufficient 

magnitude for substrate-trapping of sensitized catalyst intermediates. However, the specific 

catalysts of the proof-of-concept system were not active enough to successfully demonstrate the 

light-driven RWGS reaction.  

Subsequent work by our group49 expanded on this by employing catalysts that possess 

improved catalytic function. The H2 oxidation catalyst [Ni(PCy2NtBu2)]+ and the CO2 reduction 

catalyst [Co(HMD)]2+ were used, again with ZnTPP as chromophore. Transient-absorption 

experiments confirmed the production of CatCO2– and its subsequent trapping by CO2. However, 

despite the use of improved catalysts, bulk photolysis experiments achieved the production of sub-

stoichiometric amounts of CO.  

This body of work suggests that greater understanding of specific H2 oxidation and CO2 

reduction catalysts is required in order to develop a system functionally competent for the 

photocatalytic RWGS reaction. Firstly, to understand more fully the requirements of each 

component in the artificial photosynthetic system, it is necessary to independently probe and 

demonstrate photocatalytic hydrogen oxidation, which is yet to be achieved with a molecular 

catalyst. Only with insight into the specific requirements of the photocatalytic hydrogen oxidation 

half-reaction can a system be rationally developed to achieve the RWGS reaction. Secondly, 

though photocatalytic CO2 reduction has been investigated in depth using several classes of 

efficient CO2-reduction catalysts of the broad type M(bpyR)a(CO)bLcn+ (M = Ru, Re, Mn; bpyR = 

bipyridine and its derivatives),55-57 the influence of L substitution within these classes has been 

little explored. Although not necessarily an impediment to electrocatalytic applications of these 

complexes, the photoinstability of metal–carbonyl complexes is of concern in light-driven systems. 
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Thus, the development of CO-free molecular catalysts is vital for artificial photosynthetic systems. 

With these pieces in place, integrated light-driven dual-catalyst systems for the energy-storing 

RWGS reaction can be rationally developed. 

1.2. Target Complexes for Photocatalytic H2 Oxidation. 

Demonstrating photocatalytic hydrogen oxidation requires an active catalyst, and in recent 

years much has been accomplished in the rational development of earth-abundant metal 

electrocatalysts for the oxidation of H2. Taking cues from the active site structure of the 

hydrogenase enzymes,41, 58-62 naturally-occurring compounds that can oxidize H2 with rates 

comparable to Pt but which only contain earth-abundant metals (principally Fe or Ni), researchers 

have found great success by incorporating biomimetic motifs into catalyst design.63-67 Recent work 

by DuBois, Bullock, Shaw and co-workers47-48, 66, 68-71 has led to the development of an efficient 

class of molecular catalysts for hydrogen oxidation and production that feature low-cost earth-

abundant metals such as nickel and iron. Among the most promising of the catalysts developed are 

nickel diphosphine complexes of general form Ni(PR2NR′2)2n+, where PR2NR′2 (1,5-di(R)-3,7-

di(R′)-1,5-diaza-3,7-diphosphacyclooctane) is an heterocyclic diphosphine ligand featuring two 

functionalized, non-coordinating pendant amines.47, 66, 69, 72-77 These amines aid catalysis by 

assisting in the binding and cleaving of hydrogen and in the movement of protons to and from the 

nickel center. Usefully, the catalytic behavior of these compounds is tunable through varying the 

identity of the substituent groups (R and R′).78-80 The nature of the amine R′ substituent primarily 

affects the basicity of the pendant amine and the nature of the phosphine R group affects the Ni–P 

bond distance and the redox properties of the Ni center, which impacts the hydricity of the 

compound.81-82  
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 Whereas there have been many recent reports of photocatalytic H2 production with 

Ni(PR2NR′2)2n+ catalysts, there has been no corresponding investigation of light-driven H2 

oxidation. The aggregated H2 production findings detail sensitization by homogeneous 

organometallic chromophores,83-84 organic dyes,84-85 nanoparticles,86-87 proteins,88 and in a 

supramolecular system,89 among others,23, 90-92 demonstrating the versatility of Ni(PR2NR′2)2n+ 

compounds for photochemical applications. The specific compound studied in this thesis, 

Ni(PCy2NtBu2)2+ (Ni+; Figure 1.2), is utilized because it is among the fastest molecular H2 oxidation 

electrocatalysts known and is particularly amenable to use as a photocatalyst because of its large 

thermodynamic driving force for H2 binding (ΔG = –33 kJ mol–1).66, 72 This means that it is highly 

favorable for the photogenerated active state to bind H2 and that it is more likely to be irreversibly 

trapped before back-electron transfer. 

 
Figure 1.2. Depictions of the catalysts discussed in this chapter. The R and R′ groups of Ni+ are 
not shown for clarity (R = cyclohexyl, R′ = tert-butyl) 

 
1.3. Target Complexes for Photocatalytic CO2 Reduction. 

A system competent for achieving the light-driven RWGS reaction requires a molecular 

photocatalyst for the reduction of CO2 to CO. In contrast with hydrogen oxidation, catalytic CO2 

reduction has been extensively studied—particularly as a potential half-reaction for artificial 

photosynthetic systems..1-2, 29, 32-38, 44, 48, 53, 55-57, 93-124 Photocatalytic studies of CO2 reduction 

typically utilize, in addition to a molecular catalyst and a chromophore, a sacrificial electron donor 

(e.g. triethylamine, ascorbate, 1-benzyl-1,4-dihydronicotinamide) that provides reducing 

equivalents (vide supra).  
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Catalysts that accomplish the conversion of CO2 to energy-rich compounds need to 

coordinate multiple proton-coupled electron-transfer reactions,56 with the reduction of CO2 to CO 

that is required for the RWGS reaction necessitating the controlled delivery of two electrons and 

two protons. One method of directing electron-transfer and proton-transfer events in molecular 

catalysts is through utilizing p-unsaturated redox-active ligands,33, 38, 44, 55-56, 98, 107, 123-124 where 

reduction of the ligand facilitates rapid intramolecular electron transfer to the metal in sequence 

with protonation steps.55 Common redox-active ligands include such examples as porphyrins33, 93, 

107, 125-126 and polypyridines, with metal-bipyridyl compounds in particular being extensively 

investigated as electro- and photocatalysts for CO2 reduction; a recent review described the 

properties of over 80 different polypyridyl catalysts.55 The most common architecture among these 

catalysts is of the form M(bpyR)(CO)nX4–n, where bpyR is 2,2′-bipyridine or a derivative in which 

R substituents are employed to modify its electronic or steric properties, and X typically is an 

anionic ligand. Intuitively, the preponderance of CO as a ligand within metal-polypyridyl catalysts 

is logical because of its ability to stabilize the low metal oxidation states that are produced during 

CO2 reduction reactions. Indeed, many highly active catalysts bear multiple CO ligands, as 

illustrated by the extensively studied Re(bpyR)(CO)3Cl, Mn(bpyR)(CO)3Cl, and Ru(bpyR)(CO)2Cl2 

catalyst families.38, 55-57 Efforts to improve the catalytic properties of these compounds have largely 

focused on understanding the effects of varying the bpyR substituents.38, 55-57, 97-99, 116, 123-124 In 

contrast, the question of whether neutral ligands other than CO will support comparable catalytic 

activity has been much less explored.55-56 Of particular relevance to artificial photosynthesis, CO-

free catalysts are of interest because metal–carbonyl compounds are often light sensitive, making 

photoinduced CO loss a potential catalyst degradation pathway.127  
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Discussed in this work are the CO-bearing catalysts trans(Cl)-Ru(bpy)(CO)2Cl2 (Ru-1, 

Figure 1.2)128 and Ru(bpymes)(CO)2Cl2 (Ru-2, Figure 1.2; bpymes = 6,6′-dimesityl-2,2′-

bipyridine)129, which are highly selective for the conversion of CO2 to CO and are promising 

catalysts for accomplishing the RWGS reaction. Ru-1, in addition to being an active electrocatalyst 

for the reduction of CO2 to CO and formate under a variety of reaction conditions,128, 130-131 has 

been successfully employed in artificial-photosynthetic systems for CO2 reduction, wherein the 

electrons are supplied from a photoredox chromophore and sacrificial reductant.31, 132-133 The 

derivative Ru-2 has been found to possess improved stability and electrocatalytic properties owing 

to its sterically hindering mesityl groups,129 and has also been utilized in light-driven systems.133  

However, despite its success in a photocatalytic system, Ru-1 is photosensitive.134-145 

Photolysis of Ru-1 with near-UV light in acetonitrile (a common solvent for catalytic CO2 

reduction reactions) is reported to sequentially produce the photosensitive compounds cis(Cl)-

Ru(bpy)(CO)(CH3CN)Cl2 and trans(CH3CN)-Ru(bpy)(CH3CN)2Cl2, with prolonged irradiation 

yielding mer-[Ru(bpy)(CH3CN)3Cl]+ (Figure 1.3).143-144 If Ru-1 is also sensitive to visible light, it 

would have potential implications for the suitability of its use in artificial-photosynthetic systems 

that employ common transition-metal photoredox chromophores,31, 132-133 and raise the question of 

whether photoproducts of Ru-1 formed by adventitious photolysis in room light are active in and 

contribute to electrocatalytic CO2 reduction in studies of this compound. Additionally, this 

behavior raises the question of whether Ru-2 is also photosensitive, which is similarly relevant 

both with regard to the potential contribution of photoproducts to measurements of its 

electrocatalytic properties and its use in photoredox-sensitized catalytic systems. A literature 

procedure for the synthesis of Ru-2 specifies that it should be carried out in the dark,129 suggesting 

that its photoinstability was a potential concern. 
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Figure 1.3. The reported photochemical reactivity of Ru-1 in CH3CN (λex = 366 nm).143-144 
 

The question of how the catalytic function of these Ru(bpyR)(CO)2Cl2 compounds, with 

respect to CO2 reduction, is affected by replacement of CO with other neutral ligands has only 

been investigated computationally thus far.146 This question is pertinent because substitution of 

CO could yield highly-active, yet photostable, catalysts that are well suited for application in 

artificial photosynthetic systems, such as for accomplishing the light-driven RWGS reaction. 

Further, such a question is of fundamental interest in the development of CO2-reduction catalysts, 

especially regarding whether CO is an essential ligand for catalytic function or whether variation 

of the monodentate ligands within RuII(bpy)Ln complexes is a route to improve catalytic 

performance. 
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H2 oxidation and CO2 reduction to yield a functional system for the light-driven RWGS reaction. 
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H2 oxidation. Chapter 2 describes the study of Ni+ through a combination of electron paramagnetic 

resonance (EPR) techniques, X-ray crystallography, and density functional theory (DFT) 

calculations. Crystallographic and DFT studies detail the molecular structure of Ni+, and EPR 
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calculations on derivatives in which the R and R′ groups are systematically varied allow 

elucidation of structure/substituent relationships. Chapter 3 depicts a demonstration of 

photocatalytic hydrogen oxidation with Ni+. An initial stepwise approach determines that every 

process necessary for accomplishing catalysis is achievable with photochemical sensitization. 

Catalysis is demonstrated in a photoelectrocatalytic system, with an electrode acting as an electron 

acceptor.  

Chapters 5 and 6 detail the study of molecular catalysts for CO2 reduction, with the dual 

aims of understanding how catalytic activity is influenced by the nature of the monodentate 

ligands and whether efficient reduction requires the routinely employed but photolabile CO 

ligand. In Chapter 5, the electrocatalytic reduction of CO2 by Ru-1, trans(Cl)-

Ru(bpy)(CO)(CH3CN)Cl2, trans(CH3CN)-Ru(bpy)(CH3CN)2Cl2, and mer-

[Ru(bpy)(CH3CN)3Cl]+ is investigated. The visible-light photochemistry of Ru-1 is also 

discussed. In Chapter 6, the synthesis, structure, photochemistry, electrochemistry, and 

electrocatalytic CO2 reduction chemistry of the ruthenium–bipyridyl complex mer-

[Ru(bpymes)(CH3CN)3Cl]+ are described and compared to Ru-2.  

The development of a functional system for the RWGS reaction is discussed in Chapter 4. 

The use of Ni+ and Ru-2 are discussed, and electrochemical techniques are utilized to screen 

reaction conditions to ensure that catalysis is not inhibited. It is found that with all components of 

a potential RWGS system present, excepting Ru-2, the light-induced activation of H2 by Ni+ is 

still achievable—even under only a partial H2 atmosphere. Unfortunately, the photochemical 

experiments intended to demonstrate the light-driven RWGS reaction yielded no substantial 

production of CO. Additional research will be required to make this a fully functional system for 

the light-driven RWGS reaction. 
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CHAPTER 2: X-Ray Crystallographic, Multifrequency EPR, and DFT Characterization of 

the Ni(PCy2NtBu2)2n+ Hydrogen Oxidation Catalyst in the Ni(I) Oxidation State 

NOTE: This work has previously been published in an alternative format as Niklas, J.; Westwood, 

M.; Mardis, K. L.; Brown, T. L.; Pitts-McCoy, A. M.; Hopkins, M. D.; Poluektov, O. G. Inorg. 

Chem. 2015, 54, 6226–6234 

2.1. Introduction 

The environmental and social impacts of fossil fuel consumption require that we develop 

renewable sources of energy.1-3 The prospect of using molecular hydrogen as a renewable fuel has 

motivated considerable research into the development of efficient homogeneous catalysts for the 

reduction of protons to H2 and for the corresponding reverse H2-oxidation reaction.4-10 In general, 

catalysts that employ first-row transition metals are especially attractive targets owing to their 

greater natural abundance and potential lower cost relative to traditional catalysts comprised of 

rare and expensive metals like platinum. Relevant to this goal, DuBois, Bullock and coworkers 

have pioneered the development of highly active and tunable nickel–phosphine electrocatalysts of 

the general form [Ni(PR2NR′2)2]n+.11-14 These catalysts, examples of which are shown schematically 

in Figure 2.1 (for n = 1), contain second-coordination-sphere amine groups that are integral to the 

H–H bond forming and cleavage processes.13, 15-16 The nature of the R and R¢ substituents on the 

phosphine and amine units, respectively, governs whether these catalysts operate for proton 

reduction, hydrogen oxidation, or the bidirectional redox interconversion of protons and 

hydrogen.11, 17  Extensive studies of these catalysts have provided detailed insights into how the 

phosphine and amine substituents affect the redox potentials, Brønsted acidity, substrate binding 

free energies, and other underlying thermodynamic factors that control catalyst function. These 
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details are particularly rich for catalyst intermediates in the Ni(II) and Ni(0) oxidation states, which 

are amenable to study by multinuclear NMR spectroscopic methods.18 

 

Figure 2.1. [Ni(PR2NR′2)2]+ complexes discussed in this Chapter. 
 

It has been found that complexes of form [Ni(PR2NR′2)2]+, which possess the Ni(I) oxidation 

state, are key intermediates in the catalytic cycles for both proton reduction and hydrogen oxidation 

by this class of catalysts.15, 18-19 In the catalytic oxidation of hydrogen, the one-electron oxidation 

of [Ni(PR2NR′2)2]+ compounds produces the [Ni(PR2NR′2)2]2+ species that coordinate dihydrogen, 

while in catalytic proton reduction, [Ni(PR2NR′2)2]+ species initiate the cycle by binding the first 

proton. Because [Ni(PR2NR′2)2]+ compounds are paramagnetic (d9 electron configuration), their 

structures and properties are not fruitfully probed by NMR spectroscopic techniques. In contrast, 

electron paramagnetic resonance (EPR) spectroscopy is an excellent tool for characterizing the 

electronic structures of paramagnetic metal complexes and studying changes due to the variation 

of ligands and the surroundings.20-23 Recently, two EPR studies on [Ni(PR2NR′2)2]+ proton-

reduction catalysts 4+ 24 and 5+ 25 (Figure 2.1) have been reported. Among several observations, it 

Ni
P
P

N

N
P

PN

N

R′

R′

R′

R′
R

R

R

R

+

Compound
1+

2+

3+

4+

5+

R
Cy
Ph
Cy
Ph
Ph

R′
t-Bu
t-Bu
Ph
Ph

C6H4CH2P(O)(OEt)2



26 

was found that the phosphorus nuclei of these complexes are inequivalent. Further, it was noted 

that there is appreciable delocalization of the unpaired electron spin density onto the ligands. These 

and related26 studies show that EPR spectroscopy is a sensitive and useful probe for Ni(I) species 

in the [Ni(PR2NR′2)2]n+  family of catalysts. 

There have not yet been corresponding EPR spectroscopic studies of [Ni(PR2NR′2)2]+  

complexes that function as hydrogen-oxidation catalysts. These catalysts, of which the complex 

[Ni(PCy2NtBu2)2][BF4] (1[BF4]; PCy2NtBu2 = 1,5-di(tert-butyl)-3,7-dicyclohexyl-1,5-diaza-3,7-

diphosphacyclooctane) has been found to exhibit particularly high activity,18, 27 generally possess 

more strongly electron-donating phosphine R groups than do proton-reduction catalysts (e.g., R = 

cyclohexyl for 1+ vs. R = Ph for 4+ and 5+). In addition to governing catalytic activity through 

control of the thermodynamic factors noted above, these different substituents also likely affect 

the molecular structures of the catalyst, the interaction of the Ni center with the solvent (which can 

influence catalytic activity),28 and the delocalization of the unpaired electron. The contributions to 

these effects from catalytic intermediates in the Ni(I) state have not been directly probed.  

Here we report a study of 1[BF4] using X-ray crystallography, density functional theory 

(DFT) calculations, and EPR spectroscopic methods. We use EPR spectroscopy at X-band (9 

GHz), Q-band (34 GHz), and D-band (130 GHz) microwave frequencies to distinguish clearly 

between field-dependent and field-independent parameters. The multifrequency approach allows 

us to determine g tensor anisotropy and hyperfine splitting due to the 31P, 14N, and 1H magnetic 

nuclei of the ligands. The crystallographic, computational, and EPR spectroscopic studies all 

indicate that the structure of the 1+ ion is highly symmetric. This contrasts with the structure of 4+, 

which is inferred to be less symmetrical and to possess several energetically accessible conformers. 

It is additionally found that the Ni(I) center of 1+ interacts only weakly with solvent, and that the 
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magnitude of the hyperfine coupling of the Ni(I) electron spin with the phosphorus nuclei differs 

significantly from those observed previously for 4+. Computational studies of [Ni(PR2NR′2)2]+ 

compounds in which the phosphine R and amine R′ substituents of 1+ and 4+ are systematically 

interchanged (2+ and 3+, Figure 2.2) allow delineation of their individual and collective effects on 

the molecular structures and magnetic parameters of the catalysts. 

2.2. Experimental Section 

2.2.1. General Procedures for Synthesis and Characterization. All experiments were 

performed under a nitrogen atmosphere using standard Schlenk and glovebox techniques. Solvents 

used for syntheses were HPLC grade; they were further purified by passing them under nitrogen 

pressure through an anaerobic, stainless-steel system consisting of either two 4.5 in. × 24 in. (1 

gal) columns of activated A2 alumina (CH3CN, Et2O, and CH2Cl2) or one column of activated A2 

alumina and one column of activated BASF R3-11 catalyst (n-pentane).29 Butyronitrile and 

CD3CN were stored under nitrogen over activated 4 Å molecular sieves. The compounds 118 and 

1[BF4]227 were prepared by standard procedures. 1H- and 31P{1H}-NMR spectra were recorded at 

room temperature with a Bruker DRX 400 NMR spectrometer. Chemical shifts were measured 

relative to the solvent resonance (1H)30 or an external standard of 85% H3PO4 (31P). Single-crystal 

X-ray diffraction studies were performed using a Bruker D8 Venture system; full details are 

available in Chapter 7.1. 

2.2.2. Preparation of 1[BF4]. This compound was prepared by a modified version of the 

previously reported procedure.18 A mixture of 1 (0.100 g, 0.11 mmol) and 1[BF4]2 (0.107 g, 0.099 

mmol)  in CH3CN (10 mL) was stirred at room temperature for 30 min. The 31P{1H}-NMR 

spectrum of the reaction mixture showed that 1[BF4]2 had been completely consumed and 

exhibited a weak signal due to the small excess quantity of 1 employed in the starting mixture. The 
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solvent was removed under reduced pressure and the remaining orange residue was stirred for 1 h 

whilst suspended in n-pentane (30 mL) to extract unreacted 1. An orange powder was collected by 

filtration, washed with pentane (3 ´ 10 mL), and dried under vacuum. The product was 

recrystallized by vapor diffusion of Et2O into a concentrated solution of the compound in CH3CN 

(ca. 3 mL); this provided, after 3 days, green crystals of 1[BF4] (0.130 g, 63% yield) suitable for 

single-crystal X-ray diffraction experiments. 1H NMR (400.1 Hz, CD3CN): d 3.99 (v br), 1.70 (br), 

1.42 (br), 0.96 (br).  

2.2.3. Multi-Frequency EPR Studies. EPR experiments were performed and analyzed by 

Dr. Oleg Poluektov and Dr. Jens Niklas at Argonne National Laboratory. All samples were 

prepared under a nitrogen atmosphere. Solutions of 1[BF4] (~2 mM) were contained in Suprasil 

quartz capillaries; X-band sample tubes had 4 mm outside diameter (o.d.), Q-band sample tubes 2 

mm o.d., and D-band sample tubes 0.6 mm o.d. The filled EPR sample tubes were sealed under 

nitrogen to prevent exposure to air; however, in the case of the fine-bore D-band tubes, which are 

difficult to seal, some exposure to oxygen could not be avoided; this resulted in generation of a 

trace paramagnetic impurity (see Results and Discussion). Continuous wave (CW) X-band (9–10 

GHz) EPR experiments were carried out with a Bruker ELEXSYS E580 EPR spectrometer (Bruker 

Biospin, Rheinstetten, Germany), equipped with a TE102 rectangular EPR resonator (Bruker ER 

4102st) and a helium gas-flow cryostat (ICE Oxford, UK). An intelligent temperature controller 

(ITC503) from Oxford Instruments (Oxford, UK) was used. 

Pulsed X-band experiments were performed on the same spectrometer, using a Flexline 

dielectric ring resonator (Bruker ER 4118X-MD5-W1 or Bruker EN 4118X-MD4-W1) and a 

helium gas-flow cryostat (CF935, Oxford Instruments, UK). The temperature was controlled by 

an ITC503 (Oxford Instruments, UK). Pulsed ENDOR experiments were performed on the same 



29 

spectrometer using a Bruker EN 4118X-MD4-W1 resonator and a BT01000-AlphaSA 1 kW RF 

amplifier (TOMCO Technologies, Stepney, Australia). The Davies ENDOR sequence31-32 (π–t–π 

/2–t–π–t–echo) with an inversion π pulse of 148 ns, t = 10 µs, and the Mims ENDOR sequence32-

33 (π /2–t–π /2–t–π /2–t–echo) with a π/2 pulse of 24 ns, t = 10 µs, were employed. The rf pulse 

was 6 µs long. 

Continuous wave (CW) Q-band (34 GHz) EPR experiments were carried out with the same 

EPR spectrometer, equipped with a Q-band bridge (Bruker ER 051 QG), a cylindrical EPR 

resonator (Bruker ER 5106 QT-W) and a helium gas-flow cryostat (CF935, Oxford Instruments). 

The temperature was controlled by an ITC503 (Oxford Instruments, UK). The microwave (MW) 

frequency was monitored by a frequency counter (5352B, Hewlett Packard). The spectra were 

recorded under saturating conditions, yielding absorption-type line shapes, and were then 

pseudomodulated34 to yield derivative-type line shapes. 

High frequency EPR measurements were performed on a home-built D-band (130 GHz) 

spectrometer equipped with a single mode TE011 cylindrical cavity.35-36 The spectrometer was 

controlled by a PC using the SpecMan4EPR program.37 EPR spectra were recorded in pulsed mode 

in order to remove the microwave phase distortion due to fast-passage effects. The absorption line 

shape of the EPR spectra was recorded by monitoring the electron spin echo (ESE) intensity from 

a two-microwave-pulse sequence as a function of magnetic field. The duration of a π/2 microwave 

pulse was 40–60 ns, and typical separation times between microwave pulses were 150–300 ns. All 

D-band spectra have been pseudo-modulated to yield derivative-type line shapes.34 

Data processing was done as described previously38 using Xepr (Bruker BioSpin, 

Rheinstetten) and Matlab 7.11.2 (MathWorks, Natick, MA) software. The magnetic parameters 

were obtained from theoretical simulation of the EPR and ENDOR spectra. The simulations were 
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performed using the EasySpin software package (version 4.5.5).39 The accuracy in determination 

of the electronic g tensor for the set of multi-frequency EPR spectra is estimated to be ±0.001. 

2.2.4. Density Functional Theory (DFT) Calculations. Density functional theory 

calculations were performed by Prof. Kristy Mardis and students Tiara Brown and Anthony Pitts-

McCoy of Chicago State University. The molecular structures of 1+, 2+, 3+, and 4+ were optimized 

in vacuo using PQS v 2.0-3.40 Basis sets and functionals used for geometry optimizations were 

selected on the basis of a benchmarking study described below. In all cases frequency calculations 

were performed to ensure, by the absence of imaginary frequencies, that the stationary points 

obtained in the geometry optimizations were energetic minima. EPR parameters were calculated 

using the computational package Orca 2.9.1.41 The principal g-values were calculated employing 

the coupled-perturbed Kohn-Sham equations.42 The anisotropic magnetic dipole and the isotropic 

Fermi contact contributions to the hyperfine coupling were calculated for all 1H, 14N and 31P atoms. 

Second-order spin-orbit hyperfine contributions were included for 31P atoms. Calculations of the 

EPR parameters employed the B3LYP functional,43-46 the EPRII basis set47-48 for C, N, and H, the 

IGLOII basis set49 for P, and Wachters basis set50-52 for Ni. To test for influence of basis set on the 

calculated EPR parameters, additional single point calculations were performed using the def2-

TZVP basis set53 for all atoms; these showed only minor differences in the magnetic parameters 

(g tensors, hyperfine interaction tensors; see Chapter 7, Table 7.1.3). 

To determine the best method for geometry optimization, the structure of 1+ was optimized 

in vacuo using multiple basis sets (3-21G, 6-31G) and functionals (B3LYP, BP86, PBE); in each 

case, the geometry from the crystal structure of 1[BF4] served as the starting point. In general, 

these methods provided Ni–P bond distances slightly longer than those determined from the crystal 

structure of 1+ (Chapter 7, Table 7.1.4), with the 3-21G basis set providing closer agreement than 
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6-31G for a given functional. Subsequent calculation of the EPR parameters (g-values and 31P 

isotropic hyperfine coupling constants) for each structure showed that the results for the structures 

provided by the functionals BP86 and PBE are very similar to each other and close to experimental 

values. The structures provided by calculations using the B3LYP functional give larger g-values 

and smaller hyperfine constants in the subsequent EPR parameter calculations. As a consequence 

of these considerations, the BP86 functional and 3-21G basis set were used for geometry 

optimizations of 1+, 2+, 3+, and 4+ because they provide a good balance of speed and accuracy. The 

starting structures for 2+, 3+, and 4+ were obtained by substituting R and R′ in the optimized 

structure of complex 1+. Atomic coordinates of optimized structures and calculated hyperfine 

couplings constants are given in Chapter 7 (Tables 7.1.8–13). 

2.3. Results and Discussion 

2.3.1. Molecular Structure of 1+. The molecular structures of 1+ in the solid state and gas 

phase were determined using X-ray crystallography and DFT calculations, respectively. The X-ray 

crystal structure of 1[BF4] shows the presence of discrete 1+ and BF4– ions; the former is displayed 

in Figure 2.2. The Ni(I) center of 1+ exhibits a distorted tetrahedral geometry, with an intra-ligand 

P–Ni–P bite angle of 81.8˚ and with the P–Ni–P planes of the two ligands offset by a dihedral angle 

(α) of 62.1˚ (where α = 90˚ characterizes a NiP4 subunit with D2d symmetry). The NiP4 subunit is 

quite symmetric: the 1+ ion resides at a site of 2-fold rotational symmetry, and the non-symmetry-

equivalent Ni–P bonds differ in length by less than 2s (2.2175(7) and 2.2195(7) Å). The high 

symmetry about the Ni center of 1+ may be contrasted with findings for the related Ni(I) compound 

[Ni(PtBu2NBn2)2][BF4],54 the crystal-structure of which exhibits statistically significant differences 

among the Ni–P bond lengths (2.2113(15), 2.2124(17), 2.2289(15) and 2.2292(16) Å), and for 

structures calculated for 4+ using DFT (see below). In 1[BF4] the four six-membered 
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[NiPCH2NCH2P] rings formed by the chelating ligands are in the boat conformation. The long 

Ni•••N distances (Ni–N(1) = 3.412 Å, Ni–N(2) = 3.411 Å) indicate that the pendant amine groups 

are not bonded to the nickel center.  

 
Figure 2.2. Thermal-ellipsoid representation of the 1+ ion of 1[BF4] (50% probability ellipsoids). 
Carbon (grey), phosphorus (purple), nitrogen (blue) and nickel (green) atoms are shown; hydrogen 
atoms are omitted for clarity and only the first carbon atoms of the cyclohexyl and tert-butyl groups 
are shown. Selected bond lengths (Å) and bond angles (˚): Ni(1)–P(1) = 2.2175(7), Ni(1)–P(2) = 
2.2195(7), P(1)–Ni(1)–P(2) = 81.83(3), P(1)–Ni(1)–P(1)#1 = 111.36(4), P(2)–Ni(1)–P(2)#1 = 
112.13(3), P(1)–Ni(1)–P(2)#1 = 140.49(2), α = 62.1˚. Complete metrical data are provided in 
Chapter 7.1 (Table 7.1.2 and Figure 7.1.2). 

 
The gas-phase molecular structure of 1+ provided by DFT calculations (Chapter 7, Table 

7.1.5) is in essential agreement with the solid-state structure of 1[BF4] described above. The 

calculated Ni–P bond distance, intra-ligand P–Ni–P bond angle, and inter-ligand dihedral angle all 

differ slightly from those observed in the crystal structure (calculated/experimental values: Ni–P 

= 2.225/2.2185avg Å; P–Ni–P = 83.3/81.8˚; a = 69.1/62.1˚), which in part may reflect the effects 

of crystal packing. Importantly, though, the calculated structure very nearly conforms to idealized 

D2 symmetry, with the phosphorus nuclei residing in chemically equivalent positions. This is 

consistent with the observation from the crystal structure of a highly symmetric structure, and 
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contrasts with observations for 4+ described below. The six-membered rings formed by the 

chelating ligands are all computed to adopt boat conformation, as found in the crystal structure. 

The geometry about the Ni(I) center of 1[BF4] may be compared with those previously 

determined by X-ray crystallography for the redox-congeneric Ni(II) and Ni(0) compounds 

[Ni(PCy2NtBu2)2][BF4]2 (1[BF4]2)27 and Ni(PCy2NtBu2)2 (1),18 respectively. The inter-ligand dihedral 

angles of these compounds vary with dn configuration in the expected manner, with the geometry 

of d10 1 lying closer to the tetrahedral limit (α = 85˚) than that of d9 1+ (α = 62.1˚), and d8 12+ lying 

closer to the square-planar limit (α = 23˚). The Ni–P bonds lengthen with increasing oxidation state 

(d(Ni–P)avg:  1 = 2.1394 Å, 1+ = 2.2185 Å, 12+ = 2.2277 Å), and the intra-ligand P–Ni–P angle 

decreases concomitantly (ÐP–Ni–P: 1 = 83.9˚, 1+ = 81.8˚, 12+ = 80.8˚). These trends in bond 

lengths, and bond and dihedral angles were also seen for the Ni(I)/Ni(0) pair of compounds 

[Ni(PtBu2NBn2)2][BF4] and Ni(PtBu2NBn2)2.54  

2.3.2. Multi-Frequency EPR Study of 1[BF4] in Frozen Solution. Figure 2.3 shows EPR 

spectra of frozen solutions of 1[BF4] in butyronitrile at X-band (9-10 GHz), Q-band (34 GHz), and 

D-band (130 GHz) frequencies. All EPR spectra are depicted as derivative-type spectra, i.e., they 

are the first derivative of an absorption spectrum. Measurements at different cryogenic 

temperatures (in the 5–100 K range) revealed no temperature dependence of the EPR spectrum 

(see Chapter 7, Figure 7.1.3), allowing us to use the optimal temperature for each type of 

experiment.  
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Figure 2.3. Electron paramagnetic resonance spectra (X-, Q-, and D-band) of a 2 mM solution of 
1[BF4] in butyronitrile at 10 K (black: experimental spectra; red; simulations). Magnetic resonance 
parameters used for the simulations are provided in Table 2.1. The X-band EPR spectrum was 
recorded in continuous wave (CW) mode; thus, the spectrum represents the first derivative of an 
absorption spectrum. The Q-band and D-band measurements generated absorption-type spectra, 
but were pseudomodulated34 to yield derivative-type spectra. The asterisk marks the EPR signal 
of an additional paramagnetic species, probably due to decomposition of 1+; see the Experimental 
Methods for details. 

 
The comparison of X-band spectra recorded in pulsed mode with those recorded in 

continuous wave (CW) mode revealed no significant difference (after integration of the CW 

spectrum or pseudomodulation of the pulsed spectra; see Chapter 7, Figure 7.1.4). This assures 

that the pulsed experiments probe the same molecules as the CW experiments; thus, conclusions 

drawn from analyses of the pulsed experiments can be transferred to the CW experiments. The 

relatively long relaxation times at low temperatures (T < 20 K) demonstrate that we were observing 

individual nickel complexes and not multimers/aggregates (see Chapter 7, Figure 7.1.5). 

The X-band EPR spectrum of 1+ exhibits higher resolution than those previously reported 

for [Ni(PR2NR′2)2]+  complexes 4+ 24 and 5+,25 indicating it possesses a well-defined geometry even 

in frozen solution. The complicated X-band EPR spectrum is caused by the substantial anisotropy 

of the electronic g tensor and the hyperfine interaction with the four 31P nuclei (I = ½, 100% natural 

abundance), which is of comparable magnitude to the g tensor anisotropy. The pattern indicates 

that all four phosphorus nuclei are strongly coupled to the unpaired electron, and that the hyperfine 

interaction contains both significant isotropic and anisotropic parts. Hyperfine interactions with 
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other magnetic nuclei (1H, 14N, 13C) are not resolved at any of the three microwave frequencies. 

No hyperfine splitting is expected (or observed) from the nickel center, because the isotopic 

distribution of nickel is such that ~99% of nickel centers have no nuclear spin (I = 0). The g tensor 

anisotropy is not resolved at X-band, but mostly resolved at Q-band and completely resolved at D-

band. Thus, the simulation of the Q-band and D-band spectra allowed the unequivocal 

determination of the electronic g tensor, which was used as a constraint for the simulation of the 

X-band spectrum; its principal values are 2.146(1), 2.063(1), and 2.017(1). The four 31P hyperfine 

interaction tensors (A tensors) were obtained from simulation of X-band and Q-band spectra. 

These values are set out in Table 2.1. To limit the number of adjustable parameters for the fit of 

the spectra, the four 31P A tensors were assumed to be identical and their principal to be collinear 

to the principal axes of the g tensor as discussed below in the DFT section, the calculated 31P 

coupling constants show very good agreement with those obtained by fit of the spectra. 

Table 2.1. Electron Paramagnetic Resonance Parameters of [Ni(PR2NR′2)2]+ Complexes. 

Complex Solvent(s) g values (±0.001) 
31P hyperfine coupling 

constant (MHz) Ref. 

1[BF4] butyronitrile 2.146, 2.063, 2.017 150, 160, 185a  this work 

1[BF4] MeCN/CH2Cl2 (1:2) 2.146, 2.062, 2.017 150, 160, 185a this work 

4[BF4] toluene/pyridine 2.104, 2.070, 2.006 210, 220, 220a 24 

5[BF4] MeCN (with pyridine) 2.15, 2.07, 2.00b 190, 209, 224, 230c 25 

a Principal components of four equivalent 31P hyperfine coupling tensors. b g Tensor not 
spectroscopically resolved but obtained by multi-parameter fit of the X-band EPR spectrum, 
assuming isotropic 31P hyperfine coupling; values ±0.01. c Isotropic hyperfine coupling, four non-
equivalent 31P nuclei.  
 

The hyperfine coupling constants measured for 1+ are clearly different from those reported 

previously for 4+ 24 and 5+ 25 (Table 2.1). The g values of 1+ are different from those of 4+. The g 
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values of complex 5+ are rather uncertain, since the authors did not resolve the g tensor in their 

EPR experiments, but obtained it by a multiparameter fit assuming isotropic 31P hyperfine 

coupling. A clear comparison with the g tensor is thus not possible. Possible reasons for the marked 

sensitivity of the hyperfine couplings of these [Ni(PR2NR′2)2]+ complexes to the nature of the R/R¢ 

substituents will be discussed below. The EPR spectra of 1[BF4] samples prepared in two different 

solvents, butyronitrile and 1:2 acetonitrile/dichloromethane, provided virtually identical magnetic 

resonance parameters (Table 2.1 and Chapter 7, Figure 7.1.6). These results, in combination with 

the HYSCORE experiment (described below), lead to the conclusion that the solvent molecules 

do not coordinate to the nickel ion in the Ni(I) oxidation state, and that the geometry of the 1+ ion 

is essentially independent of the nature of these solvents. This is also supported by DFT 

calculations, which could not find a stable structure with acetonitrile ligating the Ni(I) ion while 

maintaining the four Ni-P bonds. 

While the simulations of the X- and Q-band spectra nicely reproduce their 31P hyperfine 

structure, the intensities are not perfectly fit in several parts of the spectrum (Figure 2.3). One 

possible reason is that the four 31P hyperfine interaction tensors are not identical, both from 

principal values and principal axes systems with respect to the electronic g tensor axes system. 

This discrepancy could be caused by small distortions of the phosphorus nuclei from a symmetry-

equivalent environment (idealized D2 symmetry for the NiP4 core). This possibility has been also 

noted in previous EPR studies of 4+ and 5+, for which the effects are more pronounced.24-25 For 5+ 

the simulation of the EPR spectrum yielded four different 31P hyperfine coupling constants, and 

the gas-phase molecular structure calculated using DFT exhibited inequivalent Ni–P bond 

distances (d(Ni–P) = 2.22–2.23 Å).25 It should be noted that for 5+, the multi-parameter fit was 

restricted to isotropic hyperfine coupling. For 1+, the crystal structure provides Ni–P bond 



37 

distances that are equivalent and DFT calculations also provide a near idealized-symmetry 

structure. Small distortions of the compound under the conditions of the EPR experiment might 

result from geometric variations among the four 6-membered [NiPCyCH2NtBuCH2PCy] rings present 

within 1+, which then are trapped in the frozen solvent matrix. Consistent with this possibility, two 

conformations are observed for the free PCy2NtBu2 ligand in solution at room temperature by NMR 

spectroscopy.27 DFT calculations on 1+ and 4+ (see below) also point to marked differences 

between the symmetries and the energetic accessibility of other conformers for these ions.   

To gain further insight into the hyperfine couplings with the ligand magnetic nuclei, which 

are a fingerprint of spin density distribution within the nearest surroundings, we performed pulsed 

ENDOR experiments at X-band. The contributions to these spectra from the strongly coupled 31P 

nuclei are expected to lie in the 50–120 MHz frequency range. Accordingly, the ENDOR spectra 

exhibit several partially overlapping signals in the frequency region between 60 and 110 MHz. 

These signals show some dependence on the static magnetic field, confirming that all 31P atoms 

have a considerable anisotropic contribution to the hyperfine interaction tensor (Chapter 7, Figures 

7.1.6 and 7.1.7).  

The low frequency region of the ENDOR spectra is dominated by signals from 1H coupled 

to the unpaired electron spin (Figure 2.4). The 1H ENDOR spectra show weak orientation 

dependence, with the largest 1H hyperfine coupling around 10 MHz. The larger of those couplings 

are attributed to 1H nuclei near to the nickel atom, which carries together with the phosphorus 

atoms the bulk of the spin density. The nearest 1H nuclei are those of the eight CH2 groups 

connecting the phosphine and amine (at distances of 3.813–4.148 Å, based on the crystal 

structure), and the four 1H at the a position of the cyclohexyl groups (3.792, 3.796 Å). The rest of 

the ENDOR lines (hyperfine coupling < 6 MHz) are assigned to distant 1H nuclei. Considering the 
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large number of such protons, no reliable analysis is feasible. To determine how solvent 1H 

contribute to the ENDOR spectra, Davies ENDOR measurements were also performed for samples 

in fully deuterated and fully protonated MeCN/CH2Cl2 (1:2) mixtures (Figure 7.1.9). The 

comparison clearly shows that solvent 1H contribute only to the matrix part of the ENDOR spectra, 

i.e. the spectral region close to the Larmor frequency. That means that they are only weakly dipolar 

coupled and distant from the paramagnetic center of compound 1+. 

Figure 2.4. Field swept Echo-detected EPR (left) and Davies ENDOR spectra (right) of 1[BF4] in 
butyronitrile at 15 K. Arrows indicate the positions where ENDOR spectra were detected. For 
details, see the Experimental Methods.  

 
No clear ENDOR signals attributable to 14N are visible, which is not surprising due to the 

small hyperfine coupling and quadrupolar nature of this nucleus. To clarify the degree of hyperfine 

coupling with 14N, we performed a HYSCORE22, 55 experiment at X-band. An advantage of the 

HYSCORE experiment compared to ENDOR spectroscopy is its high sensitivity to the nuclei in 

the (so-called) complete cancelation condition, i.e., when one of the ENDOR transition frequencies 

is negligibly small. This condition is often fulfilled at X-band for 14N with small hyperfine 

coupling. The HYSCORE spectrum (Figure 2.5) exhibits typical 14N quadrupole lines in the range 

0–5 MHz.  Simulation of the HYSCORE spectrum reveals that these lines are due to the relatively 
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large quadrupole parameter, (e2gQ/2h) ≈ 2.8 MHz, and very small hyperfine coupling, aiso ≈ 0.27 

MHz (Chapter 7, Figure 7.1.10). DFT calculations on 1+ confirm that there is negligible unpaired 

spin density on the nitrogen nuclei in 1+ and that the 14N hyperfine couplings are small (A(14N) < 

1 MHz; Chapter 7, Table 7.1.8). Signals in the 10–20 MHz range belong to 1H resonances (Larmor 

frequency of 1H at 350 mT ≈ 14.9 MHz). As for the ENDOR spectra, the HYSCORE spectrum 

reveals small anisotropy of 1H hyperfine tensors with a maximum hyperfine coupling of about 10 

MHz. 

 
Figure 2.5.  X-band HYSCORE spectra of 1[BF4] in butyronitrile at 20 K recorded at magnetic 
field position 336.5 mT. Arrows indicate the group of signals belonging to 14N and 1H nuclei. 
Signals centered at 3.6 MHz may partially stem from natural abundant 13C (see Chapter 7, Figure 
7.1.10). 
 

2.3.3. Density Functional Theory (DFT) Calculations on [Ni(PR2NR′2)2]+ Complexes. 

The EPR spectra of 1+ and hyperfine coupling constants derived therefrom are distinctly different 

from those reported previously for the related compounds 4+ 24 and 5+.25 In particular, the spectra 

for 1+ are of higher resolution than those of the other compounds, despite the similar conditions 

employed in their measurement, and the 31P hyperfine coupling constants are considerably smaller 

(Table 2.1). One possible reason for these differences is that the phosphine R and amine R¢ 

substituents of 4+ and 5+ are similar to each other (R = Ph for 4+ and 5+, R¢ = Ph for 4+ or substituted 
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phenyl for 5+; Figure 2.1) but quite different, sterically and electronically, from those of 1+ (R = 

Cy, R¢ = t-Bu). In order to probe whether the nature of the ligand substituents could account for 

the differing experimental observations for these compounds, DFT calculations were performed 

of the structures and EPR parameters of 1+ and 4+. In addition, we computationally studied 

compounds 2+ and 3+, in which the R and R¢ groups of 1+ and 4+ are permuted (Figure 2.1). 

Compounds 4+ and 5+ differ only in the nature of the para substituent on the amine phenyl group; 

thus, conclusions regarding the differences between 1+ and 4+ may also apply to differences 

between 1+ and 5+. 

Selected metrical data for the calculated gas-phase structures of 1+, 2+, 3+, and 4+ are set 

out in Table 2.2; full details are reported in Chapter 7, Tables 7.1.5–13 The conclusion of primary 

importance from these data is that whereas 1+, 2+, and 3+ are calculated to possess high symmetry 

structures, the calculations for 4+ provide three structures that are comparatively unsymmetrical. 

These structures represent discrete minima that lie close within a few kilocalories per mole (4a+, 

relative energy = 0 kcal/mol; 4b+, relative energy = +2.7 kcal/mol; 4c+, relative energy = +4.1 

kcal/mol). In particular, for 1+, 2+, and 3+, the four Ni–P bonds lengths and two intra-ligand P–Ni–

P bond angles are nearly identical for a given compound, yielding structures of approximate D2 

symmetry. For 4+, in contrast, each of the three calculated structures has several different Ni–P 

bond lengths and P–Ni–P bond angles. The previously reported calculated structure for 5+, which 

is compositionally similar to 4+, was also noted to have inequivalent Ni–P bond lengths (2.22–2.23 

Å).25 These findings are consistent with the observations, noted in the previous section, that the 

EPR spectroscopic simulations for 1+ evince a high-symmetry molecular structure about the nickel 

center, while those for 4+ are consistent with a lower symmetry structure. The EPR spectra of 5+ 
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are qualitatively similar to those of 4+, consistent with it possessing similar structure-controlling 

R and R′ groups. 

Table 2.2. Calculated (DFT) Bond Distances (Å) and Angles (°) for 1+, 2+, 3+, and 4+.a 

compd R R′ d(Ni–P) Ð(P–Ni–P)b αc bd 

1+ Cy t-Bu 2.225 83.8 69.1 333.7 

2+ Ph t-Bu 2.245 83.1 71.6 334.3 

3+ Cy Ph 2.229 85.4 60.8 348.7 

   4a+ e Ph Ph 2.252, 2.243, 2.243, 2.248 85.0, 84.2 62.4 350.3 

   4b+ e Ph Ph 2.275, 2.246, 2.246, 2.275 84.9, 84.9 56.7 354.8 

   4c+ e Ph Ph 2.267, 2.240, 2.235, 2.243 85.1, 86.3 59.2 355.0 

a Only one distance or angle is listed when it applies to all linkages of that type within the 
compound. b Intra-ligand angle. c Dihedral angle between inter-ligand P–Ni–P planes. d Average 
sum of three C–N–C angles each for four amine moieties. e These structures represent discrete 
energy minima (kcal/mol): 4a+, 0; 4b+, +2.7; 4c+, +4.1. Energy differences and energetic ordering 
depending on the functional and basis set. 

 
Pairwise comparisons among the metrical data for these compounds allow the structural 

consequences of their R and R¢ groups to be elucidated. Compounds 1+ and 3+ possess the same 

phosphine R group (Cy) but differ in their second-coordination sphere amine R′ groups (1+, t-Bu; 

3+, Ph). The change in the remote substituent has consequences both for the structure about the 

amine and for the NiP4 core. Compared to 1+, the geometries of the amine moieties of 3+ are closer 

to planar, with the sum of their C–N–C angles (b) being larger by 15° (3+, 348.7˚; 1+, 333.7˚) and 

the angle within the CH2–N–CH2 tether increasing from 111.2˚ (1+) to 114.8˚ (3+). These structural 

differences affect the geometry about the nickel center, as evidenced by the fact that 3+ exhibits a 

larger P–Ni–P bite angle (85.4˚) than that calculated for 1+ (83.8˚) and, strikingly, by the inter-

ligand dihedral angle (α), which is notably smaller for 3+ (60.8˚) than for 1+ (69.1˚) despite their 
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identical phosphine R groups. The Ni–P bond lengths are not significantly impacted by the change 

in R′. A similar comparison of the calculated structures for 1+ and 2+ reveals the consequences of 

changing the phosphine R substituent from Cy to Ph while keeping the amine R′ substituent 

constant (t-Bu). Unsurprisingly, this first-coordination sphere substitution affects the calculated 

Ni–P bond lengths, with those for 2+ (2.245 Å) being slightly longer than those for 1+ (2.225 Å). 

However, by most other metrics, the overall molecular structure is less perturbed by this 

substitution in R than by the R′ variation between 1+ and 3+. Specifically, 1+ and 2+ exhibit more 

closely similar P–Ni–P bite angles (83.8˚ and 83.1˚, respectively), inter-ligand dihedral angles α 

(69.1˚ and 71.6˚) and amine bond-angle sums b (333.7˚ and 334.3˚) than do 1+ and 3+. These 

group-specific structural perturbations carry over to 4+, which possesses the same phosphine R 

group as 2+ and amine R′ group as 3+. Compared to 1+, 4a+ exhibits the longer R-controlled Ni–P 

distances found for 2+, and variations in the R′-controlled P–Ni–P, α, and b angles that are similar 

to those for 3+. However, the combination in 4+ of these R and R′ structural perturbations results 

in conformational strains within the PR2NR′2 ligands that cannot be accommodated by a high-

symmetry structure of the types observed for 1+, 2+, and 3+, as manifested by the observation of 

marked inequivalences among its chemically related bond distances and angles and three 

computed close-lying structural local minima.  

In addition to the different molecular symmetries found for 1+ and 4+, the calculated 

magnetic parameters of these ions also differ significantly from each other. These results are set 

out in Table 2.3, in which phosphorus hyperfine couplings are given as principal values AX, AY, 

and AZ to allow a better comparison to the experimental values. The orientations of the principal 

axes have been provided in Chapter 7. For 1+, the calculated g-values and 31P hyperfine coupling 

constants are seen to be in good agreement with those observed experimentally. Inasmuch as the 
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experimental magnetic parameters of 1+ are derived from well-resolved EPR spectra, this level of 

agreement suggests that the computational methodology is adequate to predict trends in magnetic 

parameters as a function of ligand substituent and geometry.  

Table 2.3. Calculated (DFT) and Experimental EPR Parameters for [Ni(PR2NR′2)2]+ Complexes  

compd 

g-values 31P hyperfine coupling constant (MHz) 

 calcd exptl calcd exptl 
1+  2.1613, 2.0636, 2.0454 2.146, 2.063, 2.017 154, 160, 203 150, 160, 185 
2+  2.1897, 2.0804, 2.0610 n.a. 142, 148, 185 n.a. 
3+  2.1385, 2.0519, 2.0398 n.a. 170, 178, 224 n.a. 
4+  n.a. 2.104, 2.070, 2.006 n.a. 210, 220, 220 

4a+ a  2.1607, 2.0651, 2.0469 n.a. 

173, 180, 221 
166, 172, 215 
161, 168, 209 
159, 166, 206 

n.a. 

4b+ b  2.1478, 2.0600, 2.0490 n.a. 199, 204, 238 
178, 183, 229 n.a. 

4c+ a  2.1443, 2.0596, 2.0470 n.a. 

177, 184, 226 
192, 198, 242 
190, 196, 235 
172, 176, 211 

n.a. 

a Four structurally inequivalent phosphorus nuclei; see Table 2.2. b Two pairs of structurally 
inequivalent phosphorus nuclei; see Table 2.2. 

 
The phosphorus hyperfine coupling constants of 1+ are considerably smaller than those for 

4+. Because the three calculated structures of 4+ are of low symmetry, multiple hyperfine coupling 

constants are provided for each chemically distinct phosphorus nucleus. Although this prevents 

direct comparison to the experimental values, simple averaging indicates that the calculated values 

for 4+ are larger than those calculated for 1+, in line with experimental observations for the two 

compounds. It is also striking how different the hyperfine coupling constants are for a given 

conformer of 4+, and the significant differences of the values of 1+ and 4+ from those of their R/R′-

permuted analogues 2+ and 3+. This highlights both the high sensitivity of these values to structural 
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perturbations and the challenges associated with elucidating them from experiment, especially in 

frozen solutions in which multiple conformers may be found even for “symmetric” compounds. 

The smaller 31P hyperfine coupling constants of 1+ relative to 4+ and 5+ indicate that there 

are differences in the delocalization onto the ligands of the unpaired spin. The calculated spin 

densities for 1+ and 4+ are shown in Figure 2.6. It is apparent that, for both, the primary location 

of electron spin density is on the nickel atom and the four attached phosphorus atoms. Complex 

1+ has 75.8% of the Mulliken spin density located on nickel with the four phosphorus atoms having 

nearly equivalent percentages of 4.6 each for a total of 18.4%. The remaining amount is distributed 

over the ligand with no single atom having greater than 0.7%. For 4+, the Mulliken spin density is 

on average 74.4% (4a+, 76.2%; 4b+, 73.9%; 4c+, 73.2%) on nickel and 19.7% (4a+, 19.6%; 4b+, 

19.8%; 4c+, 19.7%) on the phosphorus. Qualitatively, the increased spin density on the phosphorus 

atoms for 4+ as compared to 1+ is consistent with the larger hyperfine coupling constant for the 

former. The increased phosphorus spin density is also qualitatively consistent with the fact that the 

phosphine R group of 4+ (Ph) is electron withdrawing relative to that of 1+ (Cy), as manifested 

broadly among metal–phosphine compounds through the stronger p back-bonding to aryl 

phosphines than to alkyl phosphines.56 In the present case, however, the precise contribution of 

the electron-withdrawing nature of the R group on the phosphorus spin densities is difficult to 

disentangle from geometric factors, which include the pronounced differences in R′-controlled 

bond and dihedral angles between 1+ and 4+.  
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1+ 4b+ 
Figure 2.6. Calculated electron spin densities for complexes 1+ and 4b+ at the 0.002 e/a03 
isosurface level. Note that spin density distributions for all 4+ structures look identical. Additional 
views at smaller isosurface levels are shown in Chapter 7 (Figures 7.1.11–12)  
 
2.4. Conclusions 

Crystallographic, DFT computational, and multi-frequency EPR spectroscopic studies of 

the hydrogen-oxidation catalyst [Ni(PCy2NtBu2)2]+  (1+) have provided a number of insights into its 

intrinsic properties and how these differ from those of previously studied proton-reduction 

catalysts of the broader [Ni(PR2NR′2)2]n+ family. The EPR and ENDOR spectra allowed 

determination of the electronic g tensor and the 31P hyperfine coupling constants, and together with 

HYSCORE experiments demonstrated that the hyperfine couplings of the 1H and 14N nuclei to the 

unpaired spin are intermediate and weak, respectively. The EPR spectroscopic data do not exhibit 

evidence of coordination to the Ni(I) center by the potentially ligating solvents acetonitrile and 

butyronitrile. The EPR spectra observed for 1+ are of higher resolution and evince a higher 

symmetry molecular geometry than those reported previously for Ni(PPh2NPh2)2]+  (4+) and 

Ni(PPh2NAr′2)2]+  (5+). Consistent with this, crystallographic and DFT computational studies of 1+ 

demonstrate that the NiP4 core structure is highly symmetric in the solid state and gas phase, 

respectively. In contrast, the proton-reduction catalyst [Ni(PPh2NPh2)2]+ (4+) is calculated to possess 

three less symmetrical conformers that are separated in energy by only a few kilocalories per mole. 
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The distorted structure found for 4+ results from a combination of specific R and R¢-controlled 

geometric perturbations, as deduced from the calculated structures of the R/R¢-permuted analogues 

[Ni(PPh2NtBu2)2]+  (2+) and [Ni(PCy2NPh2)2]+ (3+). It is especially noteworthy that, with the exception 

of the Ni–P bond length, the structural consequences of the remote R¢ amine substituent exceed 

those of the first-coordination-sphere phosphine R substituent, and that both substituents are 

calculated to have profound effects on the 31P hyperfine coupling constant. The larger 31P hyperfine 

coupling constants observed for 4+ relative to 1+ reflect greater spin density delocalization onto 

the ligands, as supported by DFT calculations.  

These results raise the question of whether the molecular and electronic structures of 

[Ni(PR2NR′2)2]+ complexes are generally as strongly dependent on the nature of the remote amine 

R¢ group as they are upon the first-coordination-sphere R phosphine group, as found here for 1+ 

and 4+. The combined experimental approaches described in this report appear suitable to shed 

light on both on this question and the extent to which these effects influence the catalytic activity 

of this important class of catalysts.  
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CHAPTER 3: Driving Catalytic Hydrogen Oxidation with Light 

3.1. Introduction 

 The environmental impact of mankind’s continued reliance upon fossil fuels compels the 

enhanced utilization of renewable, carbon-neutral fuels.1 However, the intermittent nature of the 

most plentiful renewable energy sources requires subsequent conversion to a form easily stored 

and transported, such as chemical energy in a fuel.2 One of the most viable and heavily researched 

such fuels is hydrogen.3-4 On demand, the chemical energy contained in hydrogen can be converted 

to electrical power by oxidation to generate electrons and protons, producing no greenhouse 

gases.5-7 However, there are three major impediments to the large-scale implementation of a 

“hydrogen economy”. First, H2 is currently produced in massive quantities through steam-

reformation of natural gas,8 a process that is both non-renewable and energy-intensive. This hurdle 

can be overcome through eventual application of our ever-advancing knowledge of solar-driven 

water splitting, which has the potential to yield an implementable, and carbon-neutral, source of 

renewable H2 in the future.9-11 Second, the most active catalyst known for hydrogen oxidation is 

platinum,12 which is limited in its application by its expense and rarity. Because of this, the 

advancement of an efficient, inexpensive catalyst for this process is a long-standing hurdle to the 

global-scale utilization of H2 as a fuel-source. Third, H2 is a gas at atmospheric temperatures and 

pressures and as such is both less energy-dense and more difficult to store and transport than liquid 

fuels.13 

The difficulty posed by H2 storage and transportation can be overcome by its utilization in 

an artificial photosynthetic system for the production of C-based fuels.14-15 Artificial 

photosynthesis requires integration of both an oxidative and a reductive catalytic process.16 

Because of the intrinsic difficulties associated with this integration, especially that arising from 
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the facility of unproductive back-electron transfer between the two catalysts, work has generally 

focused on using light to drive a single catalytic process, such as CO2 or proton reduction, with 

the other catalytic cycle being replaced by stoichiometric sacrificial reagents that suppress back 

electron transfer by decomposing upon oxidation. Although these are valuable as proof-of-concept 

experiments, the replacement of the second catalytic cycle with stoichiometrically consumed fine 

chemicals prevents these systems from being renewable, energy storing, and implementable. If 

photocatalytic hydrogen oxidation can be demonstrated and incorporated as an oxidative half-

reaction, it would enable typical sacrificial electron donors to be replaced and renewable, energy-

storing reactions to be driven. Previous work in our group15 has demonstrated that the dual 

electron-transfer sensitization of catalysts for the energy-storing reverse-water-gas-shift reaction 

(RWGS: CO2 + H2 → CO + H2O) can be driven photochemically, which is a prerequisite for 

successfully marrying two renewable half-reactions (H2 oxidation and CO2 reduction) into one 

artificial photosynthetic process.15 With this now demonstrated, the next major obstacle to the 

development of artificial photosynthetic systems featuring H2 oxidation is that photocatalytic H2 

oxidation has not been demonstrated with any molecular catalyst. The only prior example of this 

general approach is heterogeneous, involving photodriven H2 oxidation on Pt.17 

 In recent years much has been accomplished in the rational development of earth-abundant 

metal catalysts for the oxidation of H2. Work by DuBois, Bullock, Shaw and co-workers18-22 has 

led to the development of efficient molecular catalysts for hydrogen oxidation and production that 

feature nickel and iron. Taking cues from the active site structure of hydrogenase enzymes,23 

researchers have incorporated biomimetic motifs into catalyst design.21 Among the most promising 

of the catalysts developed are nickel–phosphine complexes of general form Ni(PR2NR′2)2n+, where 

PR2NR′2 (1,5-di(R)-3,7-di(R′)-1,5-diaza-3,7-diphosphacyclooctane) is an heterocyclic diphosphine 
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ligand featuring two functionalized, non-coordinating pendant amines (Figure 3.1).18, 24-26 As in 

hydrogenase, these amines aid catalysis by assisting in the binding and cleaving of hydrogen and 

in the movement of protons to and from the nickel center. Usefully, the catalytic behavior of these 

compounds is tunable through varying the substituent groups (R and R′). Altering the amine R′ 

substituent primarily affects the basicity of the pendant amine and changing the phosphine R group 

affects the Ni–P bond distance and the redox properties of the Ni center, impacting the hydride 

acceptor ability of the compound.27-28 The structural and electronic effects of these variations were 

described in Chapter 2. 

 
Figure 3.1. (Left) The primary Ni(PR2NR′2)2+ compound discussed in this chapter (R = cyclohexyl 
and R′ = tert-butyl). (Right) The chromophore Ru(bpy)32+ used for demonstrating photocatalytic 
H2 oxidation. 
 

 Whereas there have been many recent reports of photocatalytic H2 production with 

Ni(PR2NR′2)2n+ catalysts, there have been no corresponding reports of light-driven H2 oxidation by 

these or other molecular catalysts. The aggregated H2 production findings detail sensitization by 

homogeneous organometallic chromophores,29-30 organic dyes,29, 31 nanoparticles,32-33 proteins,34 

and in a supramolecular system,35 among others,36-39 demonstrating the versatility of 

Ni(PR2NR′2)2n+ compounds for photochemical applications. The compound studied in this chapter, 

Ni(PCy2NtBu2)2+ (1+; Figure 3.1), possesses one of the highest rates for molecular H2 oxidation 

electrocatalysis and is particularly amenable to use as a photocatalyst because of the large 

thermodynamic driving force for H2 binding in the Ni(II) state (ΔG = –33 kJ mol–1).21, 24 This 
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increases the probability that the photogenerated Ni(II) will be irreversibly trapped by H2 binding 

before back-electron-transfer. 

 In this chapter we detail the light-driven catalytic oxidation of H2 by a molecular nickel 

catalyst. To the best of our knowledge this is the first demonstration of homogenous photocatalytic 

H2 oxidation, a fundamental step towards the utilization of hydrogen-sourced reducing equivalents 

for solar-fuel generation.  

3.2. Experimental 

 For complete information regarding photochemical and characterization methods please 

refer to Chapter 7.2.  

Materials. Acetonitrile, diethyl ether, and pentane were HPLC grade and purified by 

passage under nitrogen pressure through an anaerobic, stainless-steel system consisting of either 

two 4.5 in. × 24 in. (1 gal) columns of activated A2 alumina (CH3CN and Et2O) or one column of 

activated A2 alumina and one column of activated BASF R3-11 catalyst (pentane).40 Benzonitrile 

(HPLC grade; Sigma-Aldrich) and C6D6 (Cambridge Isotope Laboratories) were stored over 

activated 4A sieves under nitrogen. CD3CN (Cambridge Isotope Laboratories) was stored over 

activated 3A sieves under nitrogen. Hydrogen (99.9999%, Airgas) was used without further 

purification. Pyrrolidine (≥99.5%, Aldrich) was stored under nitrogen and used without further 

purification. The compounds [Ni(PCy2NtBu2)2][BF4]2 (1[BF4]2) and Ni(PCy2NtBu2)2 (1) were 

synthesized by standard procedures.25 [Ni(PCy2NtBu2)2][BF4] (1[BF4]) was prepared by an alternate 

route41 to the original synthesis.24 [Ru(bpy)3][PF6]2 (2[PF6]2; Aldrich, 97%) was recrystallized 

from hot ethanol and dried under vacuum at 100 °C for at least 24 h. Ferrocene, and [NBun4][PF6] 

were recrystallized twice from ethanol and dried for a minimum of 18 h under vacuum at 120 °C 
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before use. All other reagents and solvents were obtained from commercial sources and used as 

received. 

Preparation of [Ni(H)(PCy2NtBu2)2][BF4] (1H[BF4]). The in situ (solution) preparation 

and 31P{1H} NMR spectrum of this compound have been reported,24 but it has not been previously 

isolated and characterized. To a stirred, faint-yellow solution of 1 (0.098 g, 0.107 mmol) in Et2O 

(10 mL) at room temperature was quickly added HBF4 (51–57 wt% in Et2O, Aldrich; 10 µL, 0.077 

mmol assuming 57 wt%), which resulted in the immediate precipitation of a bright yellow solid. 

After 1 h, the yellow powder was collected by filtration, washed with Et2O, and then dried under 

vacuum to yield 0.055 g of 1H[BF4] (69% yield). The compound is stable in the solid state at −50 

°C but thermally degrades in solution at room temperature over several days; other 

[Ni(H)(PR2NR′2)2]+ compounds have also been reported to be thermally unstable in solution.42 1H 

NMR (CD3CN, 400 MHz, Figures 7.2.2–3): d 2.99 (d, JHH = 12.3 Hz, 8H, –PCH2N–), 2.74 (d, JHH 

= 12.2 Hz, 8H, –PCH2N–), 1.89 (br m, 7H, cyclohexyl), 1.83 (br m, 7H, cyclohexyl), 1.72 (br s, 

14H, cyclohexyl), 1.30 (br s, 24H, cyclohexyl), 1.14 (s, 36H, tert-butyl), −10.80 (quin, JPH = 22.3 

Hz, 1H, Ni–H). 31P{1H} (CD3CN, Figure 7.2.4): d 12.14 (s). 31P{1H} (PhCN): d 12.6 (s) Prior in 

situ literature values: 1H NMR (PhCN, buffered): d –13.5 (br s); 31P{1H} (PhCN, buffered): d 13.0 

(s).24 

Electrochemical Methods. Electrochemical experiments were performed at room 

temperature using a Bioanalytical Systems 100 B/W Electrochemical Workstation and analyzed 

using BAS 100W version 2.0 software. All potentials are reported relative to the FeCp20/+ couple. 

Controlled potential electrolysis (CPE) experiments were performed in a sealed glass “H-cell” 

consisting of two 30 mL chambers separated by a fine glass frit (Figure 3.8). Each chamber had 

two 14/20 ground-glass access ports that were sealed with rubber septa. A three-electrode 
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configuration was used that consisted of a reticulated vitreous carbon foam working electrode 

(ERG Materials & Aerospace, ca. 15 mm × 10 mm × 5 mm), a platinum wire auxiliary electrode 

that was separated from the working solution by a medium porosity glass frit, and a Ag/Ag+ 

reference electrode (BASi, 0.01 M AgNO3 in CH3CN containing 0.1 M [NBun4][PF6]) that was 

separated from the working solution by a Vycor tip. The reference electrode was stored in a 

solution of 0.1 M [NBun4][PF6] CH3CN and a new Vycor plug was used for each experiment The 

working solution was added to one chamber and consisted of a known amount of 1+, 

[Ru(bpy)3][PF6]2, and pyrrolidine in benzonitrile solution (14 mL) containing 0.1 M [NBun4][PF6]. 

Depending on the experiment, H2 or N2 was delivered via a syringe needle through one of the 

access ports and vented via a second syringe needle to an oil bubbler. The working solution was 

sparged with the PhCN-saturated gas (N2/H2) in the dark for 30 min prior to measurements and 

then blanketed with the gas for the remainder of the experiment. For photoelectrochemical 

experiments, this chamber was positioned above a 447.5 nm LED (Rebel LED, 910 mW, Luxeon 

Star LEDs) illuminating upwards through the solution and beside a 455 nm LED (455 nm Mounted 

High Power LED, 900 mW, ThorLabs) that illuminated the solution from the side. The auxiliary 

chamber always contained the Ag/Ag+ reference electrode and Pt wire auxiliary electrode, 

immersed in CH3CN (20 mL) solution containing [NBun4][PF6] (0.1 M). Cyclic voltammetry 

determined that the reference couple lies at –0.20 V relative to the FeCp20/+ couple in PhCN (Ag0/+ 

(CH3CN) + 0.20 V = FeCp20/+ (PhCN)). All potentials are reported relative to FeCp20/+. Tygon 

tubing connected the two chambers to equalize the pressure. Control (dark) experiments involved 

both chambers being wrapped extensively in foil and room lights switched off. After each 

experiment the measured current was integrated with respect to time, yielding the charge passed. 
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3.3. Results and Discussion 

3.3.1. Mechanistic Considerations of Photocatalytic H2 Oxidation. The success of the 

Ni(PR2NR′2)2n+ family of compounds as highly active electrocatalysts for the interconversion of 

protons and dihydrogen has been accompanied with detailed investigation of the catalytic 

mechanism.43-50 The pathways proposed for electrocatalytic H2 oxidation by Ni(PR2NR′2)2n+ (R = 

cyclohexyl, R′ = tert-butyl) are outlined in Figure 3.2. Oxidation of H2 requires two oxidation and 

two deprotonation events.24 The two oxidation steps, converting 1+ to 12+ and 1H+ to 1H2+, have 

previously been driven via electrolysis. In the present work we will drive them photochemically, 

using the excited-state of the ubiquitous photoredox chromophore51-57 Ru(bpy)32+ (22+) as the 

oxidant. Electrocatalytic oxidation of hydrogen has been reported with 12+ at a potential of −0.77 

V in CH3CN and at −0.81 V in benzonitrile,24 implying that both oxidation steps are accessible 

from the MLCT-excited state of 22+ (reported E1/2 (22+*/+) = +0.39 V, CH3CN),58  
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Scheme 3.1. Proposed pathway for the electrocatalytic oxidation of dihydrogen by a 
Ni(PR2NR′2)2n+ catalyst.24 Also included is the photochemically-relevant Ni(PR2NR′2)2 (1) state. The 
R (cyclohexyl) and R′ (tert-butyl) substituents are not shown for clarity. Key thermodynamic data 
are depicted in blue (acetonitrile; potentials referenced to FeCp20/+).24-25  

 
To predict how the catalyst will function in a photochemical system it is important to 

consider what occurs immediately after each oxidation. The system as implemented in this study 

begins with compound 1+. Upon reductive quenching of the excited chromophore by 1+, the 

oxidized catalytic species (12+) needs to be trapped by either an intramolecular or rapid 

intermolecular process, so as to outcompete back-electron transfer from 2+ that results in 

regeneration of the ground states. It has been reported that H2 binding is the rate-limiting step for 

electrocatalysis, with catalytic turn-over frequency trending with the driving force for hydrogen 

addition.21 For compound 12+, the binding of H2 to form 1-H22+ is strongly thermodynamically 
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in this family and, thus, provides the greatest rate of H2 binding and the best chance of trapping 

the photochemically generated oxidized state.24 Deprotonation of 1-H22+ yields 1H+. 

Photochemically driven oxidation of 1H+ by Ru(bpy)32+* forms 1H2+, which is followed by a 

second deprotonation to restore 1+. When there is a relatively high base concentration ([Base] > 

70 mM) it is known from previous work that the concentration of base is not rate-limiting for 

electrocatalysis;24 thus, trapping of this second photo-generated oxidized state is faster than for the 

first. These steps regenerate the initial 1+ state and complete the cycle.  

In addition to this cycle there is an additional pathway that proceeds through compound 1 

(Scheme 3.1). Although viable under certain electrochemical conditions, this process is off-

pathway for photochemical H2 oxidation because two consecutive photosensitized electron 

transfer steps are required from 1 to generate the substrate-binding 12+ species. Photochemically, 

this is very difficult to achieve because it requires the second photosensitized oxidation to occur 

faster than the transient products of the first oxidation can undergo back-electron transfer.  

 Using this mechanistic knowledge, this chapter details a demonstration of light-driven H2 

oxidation with the Ni(PCy2NtBu2)2n+ catalyst. First, it will be established that each of the two 

oxidation steps required for complete H2 oxidation with a photosensitizer can be achieved. It will 

be shown that 1+ can be oxidized to 12+ via reductive quenching of a photo-excited chromophore, 

and that transient 12+ is subsequently trapped by the activation of H2. A chromophore will again 

be used to photo-oxidize compound 1H+, with subsequent rapid deprotonation of the product 

(1H2+) regenerating 1+. The sum of these two processes provide a demonstration of stepwise 

photochemical H2 oxidation. Second, it will be shown that the system can be driven catalytically 

with an electron sink to remove the reducing equivalents as they are generated. To this end, a 

photoelectrochemical approach was employed with an electrode serving as an oxidant.  
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3.3.2. Light-driven Activation and Cleavage of H2. To determine whether the excited 

state of 22+ is capable of oxidizing 1+, as necessary if it is to be a suitable chromophore for driving 

photochemical H2 oxidation, quenching studies were performed in which the emission lifetime of 

an acetonitrile solution of 22+ (70 µΜ) was measured with various concentrations of 1+ (0.0–2.0 

mM). The electronic-absorption spectrum of the solution did not change over the course of these 

experiments, indicating that no net photochemistry occurred. Though the features of the absorption 

spectrum principally correspond to 22+, a band due to 1+ at > 600 nm is readily observed (Figure 

7.2.5). That this band remained unchanged after each measurement indicates that 1+ is not 

consumed. This is expected because the quenching products, 12+ and 2+, should undergo back-

electron transfer in the absence of H2 to reform the starting materials. The emission lifetime of 22+* 

was found to decrease with increasing 1+ concentration in a manner that is in excellent agreement 

with the Stern–Volmer relationship (τ0/τ = 1 + kqτ0[Q], where τ0 is the lifetime of the chromophore, 

τ is the lifetime in the presence of a given concentration of quencher Q, and kq is the Stern–Volmer 

quenching rate constant: Figure 3.2). This analysis yielded a quenching rate constant of kq = 8.2 × 

108 M−1 s−1, which is well below the diffusion-controlled limit. Based on the relevant redox 

potentials in acetonitrile solution of 1+ and 22+* (E1/2: 1+/2+ = −0.77 V, 22+*/+ = +0.39 V), the driving 

force for the oxidation of 1 by 22+* is substantial: ΔG = −1.16 V. We postulate that the rate is 

below the diffusion limit despite the large driving force because of the large inner-sphere 

reorganization energy associated with the oxidation of 1+ to 12+. The solid-state structures of both 

compounds have been reported previously; the Ni center of 1+ has a pseudo-tetrahedral41 geometry, 

with the P–Ni–P planes of the two ligands offset by a dihedral angle (α) of 62.1˚, whereas d8 12+ 

lies much closer to the square-planar limit (α = 23˚)25.  
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Figure 3.2. Stern-Volmer analysis of the luminescence quenching of 22+ by 1+ in CH3CN. 

 
To probe whether photogenerated 12+ is sufficiently long-lived to react with H2 before 

back-electron transfer from 2+ occurs, a photochemical experiment was conducted in which a 

benzonitrile solution containing 1+ (1.9 mM), 22+ (67 µΜ), H2 (ca. 2 atm), and PCy3O (an inert 

31P-NMR internal standard) was photolyzed with 455 nm light. Over the course of 1 hour, the 

electronic spectrum of the sample in the 400–800 nm region showed complete loss of the 

absorption band of 1+ and growth of a new feature near 430 nm (Figure 3.3). Monitoring of this 

sample by 31P{1H} NMR spectroscopy showed that, concomitant with the loss of the absorption 

band of 1+, a resonance at 12.6 ppm appears (Figure 3.4). This resonance is assigned to 1H+ based 

on comparison with an isolated sample that was independently prepared by the protonation of 1 

with HBF4 (31P{1H} (PhCN): d 12.6 (s)). Integration of this resonance relative to the internal 

standard indicates that after 60 minutes of photolysis there is 94% (± 5%) conversion of 1+ to 1H+. 

Control experiments in which H2, 1+, and 22+ were individually excluded from otherwise identical 

samples resulted in an absence of change to either the 31P{1H} NMR spectrum or the electronic 

absorption spectrum. As can be seen in the catalytic cycle (Scheme 3.1), the generation of 1H+ 
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from 1+ requires not only oxidation and H2 binding, but also a base capable of deprotonating 1-

H22+. The identity of this base in the present reaction will be described later. 

 
Figure 3.3. Electronic-absorption spectra of a PhCN solution containing 1+ (1.9 mM), 22+ (67 µM), 
and PCy3O (4.7 mM) in PhCN solution under H2 (~2 atm) before and during photolysis (λex = 455 
nm).  
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Figure 3.4. 31P{1H} NMR spectra of a PhCN solution containing 1+ (1.9 mM), 22+ (67 µM), and 
PCy3O (4.7 mM) during photolysis (λex = 455 nm). 

 
 To further probe the photochemically sensitized cleavage of H2 by 1+ observed in 

benzonitrile, and to enable monitoring by 1H NMR, the previously described photolysis 

experiment was repeated in CD3CN. Unlike the reaction mixture in benzonitrile, which remained 

homogeneous throughout the photolysis, one hour of irradiation yielded the precipitation of a white 

solid (Figure 7.2.10) that was later isolated and shown by NMR to be 1 (31P{1H} (C6D6): d 7.4 (s), 

consistent with the literature25), a species that is known to be poorly soluble in acetonitrile. We 

propose that 1 is formed by the electron-transfer reaction between photogenerated 2+ and 1+. 

Monitoring of the solution phase of the reaction mixture by 1H and 31P{1H} NMR gave resonances 

corresponding to 1H+, as was also observed in benzonitrile solution (Figure 3.4). Systematic 
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control experiments were performed; no spectroscopic changes were seen when any one 

component was absent from the solution (Figure 7.2.9). Because base is required to convert 1-H22+ 

to 1H+ and none was added to these samples, we postulate that photogenerated 1 was serving this 

role. Thermodynamically, 1 is a competent base for this reaction because the pKa of 1-H22+ is 

reported as 15.6 and 1H+ (the conjugate acid of 1) is a weaker acid with a pKa of 24.6.24 This 

possibility was investigated by reacting 1-H22+ in benzonitrile (prepared in situ from the reaction 

between 12+ and H2) with 1 equivalent of 1. Monitoring of the reaction by 31P{1H} NMR 

spectroscopy showed the appearance of a resonance at 12.6 ppm in the 31P spectrum, consistent 

with the formation of 1H+ (Figure 3.5). This demonstrates that 1 is competent to deprotonate 1-

H22+.  

 
Figure 3.5. 31P{1H} NMR spectra showing the deprotonation of 1-H22+ by 1. (Bottom) The 
spectrum of 12+ in PhCN (5% CD3CN). Addition of H2 leads to the formation of 1-H22+ (middle), 
the major component being the endo/endo isomer. Also seen is a minor component of the endo/exo 
isomer, the presence of which has been previously reported.24 (Top) The addition of one equivalent 
of 1 yields 1H+. 
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 The proposed mechanism for the photochemical conversion of 1+ to 1H+ is outlined in 

Scheme 3.2. The photo-oxidation of half an equivalent of 1+ yields both 12+ and a half equivalent 

of the reduced chromophore, 2+. Subsequently, photogenerated 12+ binds H2, producing 1-H22+. In 

the absence of an oxidant, 2+ thermally reduces another half equivalent of 1+, giving 1 and 

regenerating 22+. Finally, 1 and 1-H22+ comproportionate via intramolecular proton transfer to form 

1H+. These results demonstrate that 1+ can be photochemically activated and the 12+ state can be 

trapped through H2-binding before back-electron transfer from 2+ occurs. The observation of net 

photochemistry further establishes that H2 activation by 12+ can outcompete comproportionation 

of the photogenerated 12+ and 1 states. Catalytic turnover of the chromophore 22+ (TON = 13) has 

been demonstrated, given the relative concentrations of 1+ (1.9 mM) and 22+ (67 µM) employed. 

 
Scheme 3.2. The proposed mechanism by which 1+ is converted into 1H+ photochemically. The R 
and R′ substituents are not shown for clarity. 
 

 3.3.3. Light-Driven Oxidation and Deprotonation of 1H+. The vital catalytic 

intermediate 1H+ has been prepared in situ24 but not previously isolated and independently 

characterized. For the purpose of photochemically driving hydrogen oxidation with 1+, we need to 
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probe the second oxidative step of the catalytic cycle, namely, oxidation of 1H+; this requires 

isolation of pure 1H+. The compound was prepared by protonation of 1 using HBF4 in diethyl ether 

solution. This yields a yellow precipitate that, upon collection and recrystallization, exhibits a 

single 31P{1H} NMR resonance at 12.1 ppm in CD3CN (12.6 ppm in benzonitrile). This is distinct 

from the in situ value of 13.0 ppm in benzonitrile reported by DuBois and co-workers for 1H+ as 

obtained from an equilibrium mixture containing 1, 1H+, 7-methyl-1,5,7-triazabicyclo[4.4.0]-dec-

5-ene (MTBD), and MTBD–H+.24 The 1H NMR spectrum shows a distinctive quintet at −10.8 ppm 

(J = 22 Hz), consistent with a nickel hydride species coupled to four equivalent 31P nuclei. Similar 

hydride resonances have been previously reported for other NiH(PR2NR′2)2+ compounds.42, 59-60 

 To probe whether 1H+ can be oxidized by the excited state of 22+, emission lifetimes for 

the latter were measured in the presence of various concentrations of 1H+. The emission lifetime 

of 22+* is observed to decrease with increasing 1H+ concentrations and a Stern-Volmer analysis 

(vide supra) yields a quenching rate constant of kq = 2.5 × 108 M−1 s−1 (Figure 3.6). As noted for 

1+ above, this rate constant is much smaller than expected on the basis of the large driving force 

(ΔG = −1.14 V, based on E1/2 (1H+/2+) = –0.75 V and E1/2 (22+*/+) = +0.39 V). It is proposed by 

DuBois, Bullock et al. that the oxidation of 1H+ to form 1H2+ results in proton transfer from the 

Ni center to a pendant base (Scheme 3.1) and a formal change in the oxidation state of Ni from 

Ni2+ to Ni+. Though the structures of 1H+ and 1H2+ are unknown, a crystal structure of the related 

nickel hydride [HNi(PiPr2NPh2)2]+ has been reported59 wherein the geometry around the Ni center 

is essentially tetrahedral, with a dihedral angle between the two P–Ni–P planes of 88.0°. As 

discussed previously, the structure of 1+ possesses a dihedral angle (α) of 62.1°. As 1H2+ is also a 

d9 compound, we postulate that its geometry may be similar to that of 1+. This would mean that 
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oxidation of 1H+ would be associated with both breaking of the Ni–H bond and a change of 

dihedral angle, resulting in a slow quenching rate. 

 
Figure 3.6. Stern-Volmer analysis of the luminescence quenching of 22+ (70 µΜ) by 1H+ in 
CH3CN. 

 
 In order to drive this portion of the cycle to form 1+ prior to back electron transfer from 2+ 

to 1H2+, a suitable external base is required in order to deprotonate the latter species. The base 

generally used by DuBois and co-workers in electrocatalysis with 1+ is NEt3. This base is 

unsuitable for use in a photocatalytic system with 22+ as a chromophore because NEt3 is known to 

act as a sacrificial reductant for quenching 22+*.61 Instead, pyrrolidine was used as the base. The 

addition of 0.1 M pyrrolidine to 22+ gives no attenuation of the emission-lifetime, and a 

concentration of 0.25 M pyrrolidine only results in a 1% decrease in the lifetime (Table 7.2.1). 

Thus, pyrrolidine either does not quench or negligibly quenches 22+*. Additionally, the pKa of 

pyrrolidine is 19.6 in CH3CN62 (cf. Et3N has a pKa of 18.8 in CH3CN62) and so is 

thermodynamically capable of all necessary deprotonation steps in the H2 oxidation cycle (Scheme 

3.1). This was confirmed by adding H2 to a solution of 12+ and excess pyrrolidine; 1H+ was the 

only product observed by 31P NMR spectroscopy, indicating that the initially formed 1-H22+ (not 
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observed) was fully deprotonated by pyrrolidine. Importantly, and as demonstrated by this 

experiment, pyrrolidine is not basic enough to deprotonate 1H+ (pKa = 24.6 in PhCN)24 to give 1, 

which is off-pathway for photocatalytic H2 oxidation (Scheme 3.1). 

 A 95:5 CH3CN:CD3CN solution containing 1H+, 22+, PCy3O (as internal standard), and 

pyrrolidine was photolyzed in a J. Young NMR tube with 455 nm light. After 45 minutes a white 

solid was seen and, by 31P{1H} NMR, approximately one-half of the 1H+ had been consumed 

(Figure 3.7). The solvent was removed under vacuum and C6D6 added to solubilize the white solid. 

The 31P NMR spectrum of the solid in C6D6 exhibited a resonance at 7.4 ppm that is assigned to 

1. The amount of 1 was 93% of that of the consumed 1H+.  

 
Figure 3.7. 31P{1H} NMR spectra of a CD3CN solution containing 1H+ (7.5 mM), 22+ (70 µM) 
and pyrrolidine (140 mM) during photolysis (λex = 455 nm). The top spectrum was taken after 
drying the end photolysis mixture under vacuum and dissolving the resultant residue in C6D6, 
showing the conversion of 1H+ to 1. 
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The proposed mechanism of 1H+ conversion to 1 is outlined in Scheme 3.3. Upon the 

oxidation of 1H+ by 22+*, the photogenerated 1H2+ state is trapped via deprotonation by 

pyrrolidine, resulting in the formation of 1+. One equivalent of 2+ is also generated, which 

subsequently reduces 1+ to 1. 1 is also competent to deprotonate 1H2+ but, as this pathway would 

regenerate 1H+, the accumulation of 1 indicates that deprotonation of 1H2+ by pyrrolidine is the 

primary reaction. This is expected given both the large relative concentration of pyrrolidine used 

(140 mM) and the insolubility of 1 in acetonitrile. This experiment shows that the second oxidative 

step necessary for catalytic H2 oxidation can be achieved photochemically by the chromophore 

22+.   

  
Scheme 3.3. The proposed mechanism for light-driven conversion of 1H+ to 1. Photochemical 
oxidation of 1H+ yields 1H2+, which is subsequently trapped by deprotonation by pyrrolidine. The 
reduced chromophore (2+) then thermally reduces 1+ to 1. The R and R′ substituents are not shown 
for clarity. 
 

 3.3.4. Photoelectrocatalytic Oxidation of H2. The above experiments demonstrate that 
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sensitization of 1+. They also show that the necessary electron-transfer steps occur in a manner 

fully compatible with the electrochemical mechanism proposed by DuBois, Bullock et al.24 Our 

next objective is to achieve multiple turnovers of the system and establish photocatalytic H2 

oxidation. This requires a sink for the electrons harvested by oxidation of H2, to avoid unproductive 

reduction and consumption of catalytic intermediates such as 1+. Quantifying the electrons 

harvested would also enable determination of the number of catalytic turnovers, where each 

turnover generates two electrons. Inspired by recent work by Miller et al,63 a photoelectrochemical 

experiment was devised in which an electrode was set at a suitable bias potential to oxidize 

harvested electrons without directly activating the catalysts. By monitoring the current generated 

through such an experiment, we can assess the number of turnovers achieved. 

 In order to demonstrate photocatalysis, controlled potential electrolysis (CPE) was 

performed. The selection of a suitable potential was dictated by the need to be negative of the 1+/2+ 

couple (E1/2 = −0.81 V)25 so as to prevent direct electrocatalytic H2 oxidation, and positive of the 

1+/0 (E1/2 = −1.45 V)25 and 22+/+ (E1/2 = −1.73 V)58 couples to inhibit 1+ reduction. Within these 

bounds, a potential of −1.0 V was used for all CPE experiments. As this potential is positive of the 

excited-state oxidation potential of 22+*/3+ (E1/2 = −1.23 V),64 there is expected to be oxidation of 

22+* to generate 23+. This will not inhibit photocatalytic H2 oxidation because the 23+ state 

(E1/2(22+/3+) = + 0.87 V)54 could either be reduced back to 22+ by the electrode, resulting in no net 

current being passed, or it can thermally oxidize 1+ to 12+, enabling H2 oxidation to occur and net 

current to be generated. In the second case we are still witnessing photocatalysis because oxidation 

of an excited-state is required for the generation of the catalytically capable species, and there will 

be no catalysis (and no net current produced) in the absence of light. 
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Figure 3.8. Schematic of the H-cell used for controlled-potential electrolysis experiments. 

  
 All CPE experiments were carried out in an H-cell as outlined in Figure 3.8. Electrolysis 

of a PhCN solution of 22+ (70 µΜ), 1+ (0.4 mM), H2 (1 atm) and pyrrolidine (190 nm) in the dark 

gives a small, persistent current of between −20 and −13 µΑ and a total charge of −1.2 C is passed 

over 22 hours (Figure 3.9). Contrastingly, when an identical solution is electrolyzed under 

irradiation with a 455 nm LED there is drastic current enhancement, with the current initially 

increasing to a peak value of −180 µA before dropping in a linear fashion over the course of the 

experiment, ending at −40 µΑ after 22 hours. A total charge of −8.1 C was passed which, after 

correction for dark current, corresponds to a total of 18 e− Ni−1 and thus a TON of 9 with respect 

to the catalyst. Repetition of this experiment while toggling the light source (Figure 3.9) shows 

that the current is highly responsive to irradiation, indicating that the response is not just 

photoinitiated, but is the result of a photodriven process as sustained current enhancement is 

dependent upon sustained illumination. 



73 

 
Figure 3.9. Traces of current vs. time for CPE (E = –1.0 V) of a benzonitrile solution containing 
[nBu4N][PF6] (0.1 M), 1+ (0.4 mM), 22+ (70 µM), and pyrrolidine (190 mM) under a H2 
atmosphere. (Top) Traces for electrolysis under both dark and light (λex = 455 nm) conditions. 
(Bottom) A trace for an experiment under toggling between light (455 nm irradiation, blue 
background) and dark (white background) conditions.  
 

 When an identical reaction mixture is electrolyzed in the absence of H2, a similar dark 

current is observed of about −15 µΑ (Figure 7.2.14). Upon illumination of this mixture, however, 

the current increases to −55 µΑ before decreasing in magnitude, and then going positive. This 

corresponds to a light-induced oxidative process, likely corresponding to the oxidation of 22+* to 

23+, the later reduction of which results in the positive current seen at long reaction time. A PhCN 
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solution of [nBu4N][PF6] was electrolyzed in both the dark and light at the same potential and, as 

expected, gave a very small current response (+5 µΑ) in both cases (Figure 7.2.13). 

 Photoelectrocatalytic H2 oxidation has been demonstrated by these CPE experiments. The 

presence of light leads to significant and sustained current enhancement, consistent with an 

oxidative process. Repetition of the experiment in the absence of H2 leads to a much smaller 

oxidative current enhancement that decays (comparatively) quickly, leading to the subsequent 

detection of a reductive process. This corresponds to the lack of net charge generation, implying 

that the charge carriers that give the sustained current under H2 are dihydrogen-sourced. 

3.4. Conclusions 

 We have demonstrated photocatalytic hydrogen oxidation with a molecular nickel catalyst. 

This has proved to be possible by using a catalyst that has a large driving force for substrate 

binding, so upon photochemical oxidation it is capable to out-compete back electron transfer. By 

taking a stepwise approach, we were able to determine that every process necessary for the 

catalytic cycle was achievable with chromophoric activation. Catalysis was demonstrated in a 

photoelectrocatalytic system, with an electrode acting as an electron acceptor. The findings 

reported here are vitally important for the development of new photocatalytic systems that are not 

reliant on sacrificial electron donors; an important step towards the renewable production of solar 

fuels. 
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CHAPTER 4: Electrochemical Development of a System Competent for the Light-Driven  

Reverse Water-Gas-Shift Reaction 

4.1. Introduction 

The successful replacement of fossil fuels with renewable energy requires technology to 

efficiently convert the energy obtained from intermittent renewable sources (wind, tidal, solar) to 

a form that is easily stored and distributed, such as chemical energy.1-7 As discussed in Chapter 1, 

the light-driven reverse water-gas shift reaction (RWGS: CO2 + H2 → CO + H2O) is an energy-

storing reaction involving renewable reactants that has the potential to be driven through an 

artificial photosynthetic scheme.8-9 It utilizes H2 oxidation as a source of reducing equivalents in 

order to convert CO2 to CO, while the protons produced balance the reaction by generating H2O. 

Unlike the vast majority of photochemical reactions10-13 this does not consume sacrificial donors, 

and is an energy-storing system (DHf = 41.2 kJ mol–1)14.  

Neumann and co-workers15 reported a mixed molecular–heterogeneous system that 

performs this reaction, wherein reducing equivalents are derived from the oxidation of H2 by 

colloidal platinum, and CO2 is catalytically reduced by a [ReI(phen)(CO)3L]+ (phen = 1,10-

phenanthroline) chromophore/CO2 reduction catalyst that is linked with a polyoxometalate cluster.
 

This is the only report of light-driven, molecular-catalyst-containing CO2 reduction that does not 

employ a conventional sacrificial electron donor. The finding proved the concept that two catalytic 

cycles could be integrated to yield an energy-storing photodriven reaction, and raised the 

possibility that an all-molecular system containing earth-abundant metals might be developed.  

Relevant to developing a molecular artificial-photosynthetic RWGS system, research in 

our group9 demonstrated that a H2 oxidation catalyst (CpRCr(CO)3–) and a CO2 reduction catalyst 

(Re(bpyR)(CO)3Cl) could be co-activated by chromophore-sensitized inter-catalyst electron 
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transfer in high yield following the single-photon excitation of the zinc–tetraphenylporphyrin 

(ZnTPP) photoredox chromophore. The doubly sensitized state was found to have a lifetime of 

greater than 10 µs. This lifetime should be sufficient for active catalysts to initiate substrate binding 

prior to unproductive back electron transfer, although these particular catalysts do not fall into this 

category. This research was furthered through a subsequent study by our group8 that employed the 

more catalytically active16-17 H2 oxidation catalyst Ni(PCy2NtBu2)2+ (1+, discussed in Chapters 2 and 

3; Figure 4.1) and a cobalt–diimine CO2 reduction catalyst that rapidly binds CO2 upon redox 

sensitization. It was demonstrated using transient-absorption spectroscopy that, under a mixed 

CO2/H2 atmosphere, excitation of ZnTPP resulted in inter-catalyst electron transfer and in trapping 

of the reduced Co catalyst by CO2. However, only trace CO production was observed. 

 
Figure 4.1. The catalysts discussed in this chapter. The phosphine (cyclohexyl) and amine (tert-
butyl) substituents of 1+ are not shown for clarity. 

 
In order to develop a functional photo-driven system for the RWGS reaction, it is evident 

that these proof-of-concept experiments must be extended to further explore the compositional and 

reaction-condition criteria necessary for each component: chromophore, H2 oxidation catalyst, and 

CO2 reduction catalyst. In this chapter we detail experiments employing ZnTPP as the 

chromophore, 1+ as H2 oxidation catalyst, and the ruthenium CO2 reduction catalyst trans(Cl)-

Ru(bpymes)(CO)2Cl2 (2, bpymes = 6,6′-dimesityl-2,2′-bipyridine; Figure 4.1). These components 

meet the thermodynamic criteria for achieving the photocatalytic RWGS reaction. Although key 

individual steps of the overall photocatalytic RWGS reaction were demonstrated, the overall 

reaction was not.  
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4.2. Experimental 

Detailed experimental procedures and additional figures can be found in Chapter 7.3. The 

compounds [Ni(PCy2NtBu2)2][BF4] (1+),18 [Ni(PCy2NtBu2)2][BF4]2 (12+),17 trans(Cl)-Ru(6,6′-

dimesityl-2,2′-bipyridine)(CO)2Cl2 (2),19 and N-(t-butyl)pyrrolidine (4),20 were synthesized 

according to standard procedures. The compound pyrrolidinium tetrafluoroborate was prepared by 

an adapted literature method.21 N-(o-tolyl)pyrrolidine (3) was synthesized by an analogous route 

to that reported for 4. Zinc–tetraphenylporphyrin (ZnTPP) was prepared by a group member, 

Nathan T. La Porte, using standard methods.8 

Electrochemical experiments were performed at room temperature under a N2, CO2, H2, or 

H2/CO2 (28:72 v/v) atmosphere with a BAS 100B/W electrochemical workstation. All samples 

were in CH3CN solution with 0.1 M [NBun4][PF6] electrolyte. Potentials are referenced to the 

FeCp20/+ couple. CV measurements were performed in a single-compartment cell with a three-

electrode configuration consisting of a glassy carbon working electrode (A = 0.07 cm2), a platinum 

auxiliary electrode (A = 0.02 cm2), and a silver wire quasi-reference electrode. Controlled potential 

electrolysis (CPE) experiments used a three-electrode configuration, featuring a reticulated 

vitreous carbon foam working electrode, a platinum wire auxiliary electrode separated from the 

working solution by a medium porosity glass frit, and a Ag/Ag+ reference electrode. 

4.3. Results and Discussion 

4.3.1. Design Criteria. A general scheme is shown in Scheme 4.1 for accomplishing the 

reverse water-gas-shift (RWGS) reaction via the photochemical electron-transfer sensitization of 

H2 oxidation (CatH2, A) and CO2 reduction (CatCO2, B) catalysts by a chromophore (Chr, C).8-9 To 

enable catalysis, protons need to be shuttled from A to B via an acid-base pair D. This scheme 

imposes a variety of design criteria on the components of the system, which are described herein 
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to explain the selection of the particular catalysts, chromophore, and acid-base pairs chosen for the 

present study. In general, the requirements are as follows:  

1. The excited-state reduction potential of Chr must be sufficient to oxidize CatH2 at all 

mechanistic steps in the H2 oxidation cycle that require removal of electrons, and its excited-

state oxidation potential should be insufficient to reduce CatCO2.  

2. The oxidation potential of the reduced chromophore Chr– must be sufficient to thermally reduce 

CatCO2 at all relevant steps in the CO2 reduction cycle.  

3. The catalysts should operate by single-electron steps rather than multielecton steps, to be 

compatible with the one-photon/one-electron mechanism of photoredox chromophores. 

4. The sensitized catalysts should undergo an irreversible process (e.g., substrate binding or 

transformation) that either is fast on the time scale of unproductive back-electron transfer or 

otherwise inhibits it. 

5. The pKas of protonated forms of CatH2 during H2 activation should be smaller than those of the 

protonated forms of CatCO2 during CO2 reduction; that is, there must be a thermodynamic 

driving force for transferring protons from the H2 to the CO2 catalyst cycle.  

6.  The base should not inhibit either catalyst by coordinating to it or binding to CO2.  

7. The chromophore should possess a lower-energy photoactive excited state than the catalysts to 

avoid energy transfer. 

In the remainder of this section these criteria will be used to explain the rationale for 

selecting the H2 oxidation catalyst (A), CO2 reduction catalyst (B), and chromophore (C) used in 

this study, backed by experimental data as appropriate. In the next section (4.3.2), experimental 

data will be presented that support the selection of the conjugate acid/base pair (D). 
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Scheme 4.1. Schematic Representation of the Light-Driven Reverse Water-Gas-Shift Reaction. 

 
4.3.1.1. H2 Oxidation Catalyst. The H2-oxidation catalyst Ni(PCy2NtBu2)2+ (1+) is the only 

known light-driven H2 oxidation catalyst, as described in Chapter 3. Thus, all other components 

of the RWGS system were selected in order to be compatible with 1+. The proposed mechanism 

for catalytic H2 oxidation with 1+ is shown in Scheme 4.2 and was thoroughly discussed in Chapter 

3. A key point is the strongly favorable binding of H2 to 12+ (ΔG = –33 kJ mol–1), enabling back-

electron transfer to be outcompeted upon photochemical oxidation. The use of other H2 oxidation 

catalysts with potentially preferable properties would introduce severe limitations on B, C, and D. 

For example, catalysts of the type FeCpR(PR′2NR′′)34-37 are more active than 1+ but are incompatible 

with use of coordinating bases and solvents such as acetonitrile, a common medium for 

photochemical CO2 reduction.38-39 Similarly, catalysts with metalloradical active states, such as 

[CpRCr(CO)3]–, have the advantage of being mechanistically simple because they cycle through 

only two oxidation states, as was valuable in initial proof-of-concept experiments9 demonstrating 

light-driven inter-catalyst electron transfer in a RWGS system, but generally have rates of H2 

binding too slow to outcompete unproductive back-electron transfer.9  
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Scheme 4.2. The mechanism of H2 oxidation by 1+.16-17 Thermodynamic data for the catalytic 
intermediates are shown in blue (acetonitrile solution; potentials referenced to FeCp20/+). The R 
(cyclohexyl) and R′ (tert-butyl) substituents are not shown for clarity. 

 
4.3.1.2. CO2 Reduction Catalyst. The selection of CO2 reduction catalyst (B) benefits 

from the fact that homogeneous photocatalytic reduction of CO2 has been heavily investigated.10-

13, 39-45 One catalyst that stands out as satisfying the criteria necessary for the light-driven RWGS 

reaction, and which will be examined in this chapter, is trans(Cl)-Ru(bpymes)(CO)2Cl2 (2, Figure 

4.1, bpymes = 6,6′-dimesityl-2,2′-bipyridine). The photocatalytic reduction of CO2 by 2 has been 

reported by Ishida et al.19 using Ru(bpy)32+ as chromophore and BNAH as sacrificial electron 

donor; in N,N-dimethylacetamide/H2O, CO was produced selectively (>90%) with >200 turnovers. 

This demonstrates that 2 can function in a light-driven system, albeit one that uses a sacrificial 

reductant. Subsequent detailed mechanistic study of the electrocatalytic reduction of CO2 by 2 

(Scheme 4.3) by Kubiak et al.53 showed that, following each one-electron reduction, 2 undergoes 

Ni
P

P
N

N

Ni
P
P

N

N
P

PN

N

H

H

+ H2

Base

BaseH+

BaseBaseH+

N

N
P

P

Ni
P
P

N

N
P

PN

N

H

Ni
P
P

N

N
P

PN

N

H

Ni
P
P

N

N
P

PN

N

Ni
P
P

N

N
P

PN

N

BaseBaseH+

+

2+

+

2+

2+

1+

– e–

– e–

– e–+ e–

+ e–

12+

1 1H+

1-H22+

1H2+

E1/2(Ni2+/+) = –0.77 V

∆G = –33 kJ/mol

E1/2(Ni+/0) = –1.42 V
E1/2(Ni3+/2+) = –0.75 V

pKa = 15.6

pKa = 24.6

pKa ≤ 15.6



86 

rapid, irreversible processes that could limit back-electron transfer and enable net photochemistry 

to occur. Specifically, CV experiments in the presence of protons and of CO2 indicated that the 

first reduction of 2 is coupled to protonation and that the second reduction is coupled with 

coordination of CO2. Catalyst 2 operates at chromophore-accessible potentials, with electrolysis 

in 0.5 M PhOH/CH3CN at −1.7 V providing CO production with Faradaic efficiency of 63% (with 

formate as a side product), and at −2.2 V gave CO with a Faradaic efficiency of 95%. 

  
Scheme 4.3. The mechanism of electrocatalytic CO2 reduction by 2.53 

 
Several potentially desirable classes of CO2 reduction catalysts with higher activity than 2 

have properties that render them incompatible with the criteria set out above for accomplishing the 

light-driven RWGS reaction. For example, iron(0)–tetraphenylporphyrins are among the most 

efficient and active electrocatalysts for the reduction of CO2 to CO,46 and have been employed in 

a light-driven system that produces methane and CO from CO2 using Ir(ppy)3 as chromophore and 

triethylamine (TEA) as a sacrificial electron donor.47 However, the chloro Fe(III) precursor 

requires three 1e– reductions to generate an Fe0 state capable of binding CO2;12 this is only feasible 
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photochemically when using an irreversible sacrificial donor such as TEA. Further, iron 

porphyrins possess intense visible absorption bands47 that overlap with the absorption bands of 

common chromophores such as Ru(bpy)32+.48 Indeed, their behavior as photocatalysts has been 

demonstrated by the production of multiple equivalents of CO in the absence of an external 

chromophore. A second major class of active CO2 reduction catalysts not suitable for use in the 

RWGS system are of the form M(bpyR)(CO)3Xn+,10, 39-40, 49-50 where M = Re or Mn, bpyR is a 2,2′-

bipyridine derivative, and L is a neutral (n = 1) or anionic (n = 0) ligand. Prior work in our group 

developed a proof-of-concept system for the light-driven RWGS reaction that utilized catalysts of 

the type Re(bpyR)(CO)3Cl (R = H, t-Bu, OMe, CO2Me).9 However, there was no evidence that 

these compounds could undergo the necessary loss of the X ligand following 1e– reduction to allow 

coordination of CO2 on the time scale necessary to outcompete back-electron transfer. Further, 

there is evidence from prior photocatalytic studies involving sacrificial donors (such as 

triethanolamine) that these donors—absent from the system in Scheme 4.1—play a significant role 

in photocatalysis.52  

4.3.1.3. Chromophore. The chromophore (C in Scheme 4.1) for the light-driven RWGS 

reaction must redox-sensitize both A and B: the excited chromophore oxidizes A, giving a reduced 

Chr– species that then reduces B. This is the preferred order of electron-transfer reactions because 

it is consistent with the mechanism of photocatalytic H2 oxidation developed in Chapter 3, and 

because reduced chromophores (Chr–) tend to be stronger reductants than their excited states, thus 

providing a stronger driving force for subsequent reduction of B. At the same time, the 

chromophore should not directly reduce B from the excited state. The common chromophores 

ZnTPP and Ru(bpy)32+ (Table 4.1) are both thermodynamically capable of driving H2 oxidation 

by 1+ (Ecat = –0.8 V) and CO2 reduction by 2 (Ecat = –1.7 V).  
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Table 4.1. Photophysical Data for the Chromophores Discussed in this Chapter.a 

Compound E1/2 (ox) E1/2 (red) E1/2 (*/ox) E1/2 (*/red) labs (nm) t (µs) Ref 

ZnTPP (T1) +0.39 V –1.74 V –1.20 V –0.15 V 565; 602  1200 54 

Ru(bpy)32+ +0.89 V –1.73 V –1.23 V +0.39 V 452 0.86 55 
a All values are in CH3CN solution and potentials are reported relative to the FeCp20/+ couple.  

In addition to sensitizing inter-catalyst electron transfer, the chromophore should possess 

lower-energy photoactive excited states than those of the catalysts to prevent chromophore → 

catalyst energy transfer. It was demonstrated in Chapter 3 that H2 oxidation by 1+ was photoredox 

sensitized using Ru(bpy)32+ (λmax = 452 nm, Table 4.1).55 As described in Chapter 6, however, 2 

was found to be highly photosensitive in acetonitrile solution upon exposure to both ambient 

laboratory lighting (standard overhead fluorescent lamps) and blue light (λex = 455 nm). Thus, 

Ru(bpy)32+ is unsuitable for use with 2 because of the possibility that incomplete chromophore 

filtering of light with these wavelengths will degrade 2. Relative to Ru(bpy)32+, ZnTPP has lower 

energy absorption bands (Q(1,0) = 565 nm and Q(0,0) = 602 nm, Table 4.1).54 Despite 2 not 

exhibiting any absorbance at wavelengths longer than 500 nm, photolysis of an acetonitrile 

solution of 2 with a 565 nm LED (suitable for exciting Q(1,0) of ZnTPP) slowly resulted in changes 

to the electronic absorption spectrum (Figure 4.2). This is likely the result of the LED emission 

tailing to 500 nm. In contrast, photolysis of 2 with a 590 nm LED (suitable for exciting Q(0,0) of 

ZnTPP) resulted in the electronic-absorption spectrum of 2 remaining unchanged. Thus, ZnTPP is 

a suitable chromophore for use with 2.  
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Figure 4.2. Electronic-absorption spectra of (A) 0.7 mM 2 in CH3CN during photolysis (λex = 565 
nm), (B) 2.3 mM 2 in CH3CN during photolysis (λex = 590 nm), and (C) ZnTPP in PhCN and 
CH3CN. 

 
4.3.1.4. Solvent. In addition to components A–D, the choice of solvent needs to be 

considered. Polar aprotic solvents are frequently used in molecular catalytic processes due to their 

ability to stabilize charged intermediates. It is reported16-17 that 1+ is an active electrocatalyst in 

both acetonitrile and benzonitrile and, in Chapter 3, we demonstrated that it functions as a 

photocatalyst in both solvents. ZnTPP is soluble in both, with only a small effect seen upon its 

absorption maxima (Figure 4.2). Electrocatalytic CO2 reduction has been demonstrated for 2 in 

acetonitrile solution53 but there are no reports of its activity in benzonitrile. Because of this, and 

the relative scarcity of pKa data in benzonitrile, acetonitrile is used as the solvent for this study.  
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4.3.2. Electrochemical Studies of the Acid/Base Pair for Inter-Catalyst Proton 

Transfer. A conjugate acid/base pair (D in Scheme 4.1) is necessary to transfer the protons 

generated from the hydrogen oxidation catalyst to the CO2 reduction catalyst. The minimum pKa 

required for catalytic hydrogen oxidation by 1+ is 15.6 (Scheme 4.2). Examples of bases that are 

known to be compatible with 1+ are NEt3, tBuNH2, nBuNH2, and pyrrolidine.16-17 Of these, 

pyrrolidine (pKa(pyrrolidinium) = 19.56) is the best candidate base for the light-driven RWGS 

reaction. Primary amines are unsuitable because they react with CO2, and NEt3 is known to act as 

a sacrificial electron donor to Ru(bpy)32+ whereas pyrrolidine does not quench the excited state of 

Ru(bpy)32+ (Chapter 3). Less is known about the requirements of the proton source for CO2 

reduction by 2. Phenol was used in the one detailed study of 2. Because phenol (pKa = 29.14) is a 

poorer acid than pyrrolidinium,56 phenoxide is suitable (thermodynamically) to serve as the base 

for H2 oxidation and pyrrolidinium is suitable (thermodynamically) to serve as the acid for CO2 

reduction. Given this wide pKa range, it is expected that a suitable acid/base pair can be found to 

activate both 1+ and 2. Electrochemical studies were conducted to identify this base, as described 

below. 

4.3.2.1. Electrochemical Investigation of Simple Acids Suitable for 2. Several proton 

sources that are potentially compatible with 1+ were investigated for application in a light-driven 

RWGS system with 2. Coulometric electrochemical techniques were used to simulate “ideal” 

RWGS photochemical conditions, wherein the application of a potential corresponding to the 

oxidation of ZnTPP– (E1/2(ZnTPP0/–) = –1.74 V) approximates the photochemical condition where 

ZnTPP– is present with infinite lifetime in a very large concentration. This enables the suitability 

of potential acid/base pairs to be determined more quickly, and with fewer variables, than is 

possible with photochemical experiments. Three proton sources were studied: phenol (the acid 
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used in the study of the CO2 reduction catalysis by 2), pyrrolidinium (the conjugate acid of the 

base suitable for photocatalytic H2 oxidation using 1+), and 2,2,2-trifluoroethanol (TFE, pKa = 

33,56 to determine if the pKa space can be expanded to include weaker acids than phenol). 

Controlled potential electrolysis (CPE) experiments (Table 4.2) were performed in which 2 in 

acetonitrile solution containing these acids was reduced under a CO2 atmosphere. After each 

experiment, the gas within the headspace was analyzed by gas chromatography and the presence 

of formate in the solution was assayed by 1H NMR spectroscopy.53 With phenol, the results are 

indistinguishable from literature results under similar conditions,53 whereby CO is selectively 

generated and formate and H2 are minor products. With pyrrolidinium (0.05 M), CO2 reduction 

was not observed but H2 was produced very selectively (85.7% Faradaic efficiency). The weaker 

acid TFE gave some CO production, but the process is less efficient overall than with phenol, even 

with a far higher acid concentration (1.9 M vs. 0.5 M). 

Table 4.2. CPE Experiments of CO2 Reduction by 2 and Different Acids.a  

Acid [Acid] 
(M) 

[2] 
(mM) 

Faradaic Efficiency (%) Formate 
Detected Turnoversb 

CO H2 

Phenol 0.5 0.7 48.6 2.1 Yes 7.2 

Pyrrolidinium 0.05 1.0 Trace 85.7 No 4.2 

TFE 1.9 0.6 21.1 Trace No 3.7 
a All experiments were carried out at −1.74 V under 1 atm (0.28 M) CO2 in 0.1 M [NBu4n][PF6] 
CH3CN. For experimental details see the Electrochemical Methods section. b A turnover is defined 
as two electrons being passed per catalyst molecule. Where multiple runs provided different 
numbers of turnovers, the mean is given. 

 
These results show that the amount of H2 produced increases with the acidity of the proton 

source, and that although phenol and TFE are competent for CO2 reduction from 2, pyrrolidinium 
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is unsuitable. The behavior of TFE relative to phenol is as expected for a weaker acid, with a 

greater quantity of the substrate required to generate comparable catalytic efficiencies. 

4.3.2.2. Electrochemical Investigation of Bases Suitable for 2 and 1+. Building on the 

results above, several bases were surveyed for their compatibility with the catalysts 1+ and 2, 

ZnTPP as chromophore, and phenol as proton source. First, phenoxide was examined as a potential 

base. Phenoxide is not an ideal base because it is basic enough (pKa = 29.14)56 to deprotonate 1H+ 

(pKa = 24.6)16 to give 1 (Scheme 4.2). This is undesirable because 1 requires two sequential photo-

oxidation steps to generate 12+ and bind H2, which is unlikely because there are not irreversible 

trapping steps that would outcompete back-electron transfer. Nevertheless, phenoxide was studied 

as a base because generation of 1 would be proof-of-concept that reducing equivalents provided 

by H2 could be used in the catalytic reduction of CO2 (Scheme 4.4), that is, it would be a step 

further than any previously studied homogeneous photocatalytic RWGS system.8-9 Addition of 

excess sodium phenoxide (40 mM) to a CD3CN solution of 12+ (1 mM) resulted in a color change 

from red to orange. The 31P{1H} NMR spectrum (Figure 4.3) showed that the initial single 

resonance of 12+ (δ = 12.0 ppm) disappeared and was replaced by two intense singlets at 49.9 ppm 

and −23.6 ppm, together with a weak signal at 11.4 ppm. The resulting compound does not appear 

to react with H2, as evidenced by a lack of further change to the 31P NMR spectrum. This finding 

precludes the use of phenoxide as a base for H2-oxidation with 1+. We hypothesize that phenoxide 

coordinates to 12+ to give a five-coordinate species. Other catalysts of the type Ni(P2N2)22+ are 

observed to react with Lewis bases. For example, Ni(PPh2NPh2)22+ reacts irreversibly with Cl– to 

give Ni(Cl)(PPh2NPh2)2+.58 The coordination of a fifth ligand (such as Cl– or CH3CN) is reported58-

59 to inhibit the binding of H2 to the metal center.  
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Scheme 4.4. Proof-of-concept stoichiometric system that prepares ZnTPP– from H2-sourced 
reducing equivalents to drive photocatalytic CO2 reduction. 

 

 
Figure 4.3. 31P{1H} NMR spectra in CD3CN of (Top) 12+ (1 mM) in CD3CN, (Middle) after 
addition of NaOPh (40 mM), and (Bottom) after subsequent addition of H2. 

 
The second base examined was pyrrolidine, which was shown in Chapter 3 to be suitable 

for use in photocatalytic H2 oxidation with 1+, but was shown above to be unsuitable, as 
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pyrrolidinium, as a proton source for catalytic CO2 by 2. To understand this latter behavior, CVs 

of 2 under CO2 were measured in the presence of PhOH and increasing amounts of pyrrolidine 

(Figure 4.4). In the absence of pyrrolidine, the CV exhibits a peaked waveform (E(imax) ≈ 2.3 V) 

under CO2, consistent with a report of electrocatalytic CO2 reduction under identical conditions.53 

The addition of pyrrolidine alters the shape of this catalytic response and decreases the peak current 

by approximately 30%. CPE experiments at −1.74 V and subsequent GC analysis of the headspace 

showed only a trace (unquantifiable) amount of CO is produced together with a large amount of 

H2 (corresponding to a Faradaic efficiency of 67.9%, Table 4.3), indicating that CO2 reduction by 

2 is inhibited by pyrrolidine even in the presence of phenol.  

 
Figure 4.4. CV of 2 (0.5 mM) in 0.1 M [NBun4][PF6] CH3CN with PhOH (0.5 M) at a scan rate of 
0.1 V/s under N2 (black), CO2 (blue) and with titration of pyrrolidine under CO2. 

 
Two routes by which pyrrolidine could inhibit electrocatalytic CO2 reduction by 2 include 

binding of pyrrolidine to coordinatively unsaturated catalytic intermediates (Scheme 4.3) and 

reversible coordination to CO2. Primary and some secondary amines bind to CO2 to give 

carbamates;60 although such reactivity has not been reported for pyrrolidine, even the occurrence 

of weak coordination could inhibit its activation by 2. In either hypothesis, the addition of a 
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sterically hindering moiety to pyrrolidine would inhibit coordination and enable CO2 reduction to 

occur. Thus, two sterically hindered N-R-pyrrolidines (R = ortho-tolyl (3) and tert-butyl (4); Figure 

4.5) were employed in electrochemical studies of CO2 reduction by 2 and of catalytic H2 oxidation 

with 1+.  

 
Figure 4.5. The sterically-hindered pyrrolidines examined in this chapter. 

 
Base 3 was found to be suitable for use with 2 but not with 1+. CVs of 2 in the presence of 

CO2, 0.5 M phenol and varying amounts of 3 (0–160 mM) are depicted in Figure 4.6. The addition 

of 3 decreases the catalytic current observed but, unlike pyrrolidine, does not change the shape of 

the current response. This is consistent with 3 partially inhibiting CO2 reduction by 2, but not 

altering the mechanism of the catalytic process. Bulk electrolysis of a CH3CN solution containing 

2, 0.5 M phenol, and 50 mM 3 at −1.74 V, followed by GC analysis of the headspace, indicates 

that CO is produced with a Faradaic efficiency of 11.0% and H2 is generated only in small amounts 

(< 2% Faradaic efficiency). Thus, 3 is more suitable than pyrrolidine for use in a catalytic system 

containing 2 because it is less inhibiting of CO2 reduction and greatly increases selectivity against 

unwanted H2 production. The suitability of 3 as a base for driving H2 oxidation by 1+ was probed 

by 31P{1H} NMR spectroscopy. Addition of excess 3 to a 31P{1H} NMR spectroscopic sample 

containing 1-H22+ (δ = 17.4, 17.1 ppm, prepared in situ in CD3CN from 12+ (δ = 12.0 ppm) and 

H2) did not result in a change to the pale-yellow color of the solution, nor to the resonances 

observed in the 31P{1H} NMR spectrum (Figure 4.7). This indicates that 1H+ was not formed and 

that 3 is not a competent base for driving catalytic H2 oxidation by 1+. 

N
N

3 4
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Figure 4.6. CV of 2 (0.5 mM) with PhOH (0.5 M) in 0.1 M [NBun4][PF6] CH3CN at 0.1 V/s under 
N2 (black) and CO2 (blue) with titration of N-(o-tolyl)pyrrolidine (3). For clarity, only forward 
traces are shown for scans with added 3. 

 

Table 4.3. Efficiency and Product Selectivity of Electrocatalytic CO2 Reduction by 2 Using 
Various Bases.a  

Base [Base] (M) [2] (mM) 
Faradaic Efficiency (%) Formate 

Detected Turnoversb 
CO H2 

None –– 0.7 48.6 2.1 Yes 7.2 
Pyrrolidine 0.05 0.4 Trace 67.9 No 5.6 

3 0.05 0.4 11.0 1.9 No 2.9 

4 
0.05 0.6 7.5 Trace No 2.7 
0.01 0.4 16.6 2.3 No 2.9 

0.005 0.5 38.0 4.5 No 3.2 
a All experiments were carried out at −1.74 V under 1 atm (0.28 M) CO2 in 0.1 M [NBu4n][PF6] 
CH3CN and with PhOH (0.5 M). For experimental details see Section 7.3.3. b A turnover is defined 
as two electrons being passed per catalyst molecule. Where multiple runs provided different 
numbers of turnovers, the mean is given. 
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Figure 4.7. 31P{1H} NMR spectra in CD3CN of (Top) 1 mM 12+ in CD3CN, (Middle) after addition 
of H2, and (Bottom) after subsequent addition of 70 mM 3. The appearance of resonances at –6.46 
and –8.12 is consistent with the isomerization of 1-H22+.16 

 
Unlike base 3, base 4 was found to be compatible with both electrocatalytic CO2 reduction 

by 2 and oxidation of H2 by 1+. CV measurements of 2 in acetonitrile in the presence of CO2, 0.5 

M phenol and increasing amounts of 4 (0–190 mM, Figure 4.8) show that, like for 3, the magnitude 

of the observed current decreases but the shape of the waveform is not altered. Bulk electrolysis 

of a solution containing 2, 0.5 M phenol, and 50 mM 4 at −1.74 V, and subsequent GC analysis of 

the headspace, shows that CO is produced (with a Faradaic efficiency of 7.5%) while H2 is only 

generated in a trace amount (Table 4.3). Similar experiments at lower concentrations of 4 

demonstrated that CO production is more efficient when a lower concentration of 4 used (Table 

4.3); this is consistent with the observation by CV of a decrease in catalytic current with increasing 

4 concentration. 

12+ 

1-H22+ 

1-H22+ 
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Figure 4.8. Cyclic voltammograms of 2 (0.7 mM) with PhOH (0.5 M) in 0.1 M [NBun4][PF6] 
CH3CN at 0.1 V/s under N2 (black) and CO2 (blue) with titration of 4.  

 
The use of 4 as a base in the catalytic H2 oxidation with 1+ was studied via an NMR-scale 

reaction and using electrochemical methods. Addition of excess 4 (70 mM) to a solution of 1-H22+ 

(prepared in situ via the reaction between 12+ (1 mM) and H2 in CD3CN solution) led to a color 

change from pale yellow to dark yellow. Analysis of this reaction mixture via 31P-NMR 

spectroscopy demonstrated that 1-H22+ was consumed and 1H+ (δ = 12.8 ppm) was formed (Figure 

4.9). This result suggests that 4 is a competent base for use in catalytic H2 oxidation by 1+. This 

was confirmed via cyclic voltammetry studies of 1+ under H2 in the presence and absence of 4 as 

a base (Figure 4.10). Under an atmosphere of H2 and in the absence of base, 1+ is found to exhibit 

two oxidations with properties consistent with those reported previously by DuBois and 

coworkers.16-17 The first, at Ep = −0.74 V is irreversible and corresponds to the 1+/12+ couple, with 

the irreversibility arising because 12+ rapidly reacts with H2 to yield 1-H22+. The second oxidation 

at E1/2 = −0.36 V is reversible and assigned to 1-H22+/3+. A catalytic wave is not observed because 

no base is present. Upon the addition of 4 (1–100 mM; 2–200-fold excess) a current enhancement 

is observed at the potential of the 1+/2+ couple. The magnitude of the enhancement increases with 
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base concentration up to 50 mM, consistent with electrocatalytic H2 oxidation.16-17 

(Simultaneously, current enhancement is also observed at the potential of the 1-H22+/3+ couple due 

to an alternative catalytic pathway not discussed in this work.16) Importantly, electrocatalysis is 

observed in the presence of very low concentrations of 4 (1 mM). This is relevant because, as noted 

above, CO2 reduction by 2 in the presence of 4 is most efficient when the concentration of 4 is as 

low as possible (Table 4.3). 

 
Figure 4.9. 31P{1H} NMR spectra in CD3CN of (Top) 1 mM 12+ in CD3CN, (Middle) after addition 
of H2, and (Bottom) after subsequent addition of 70 mM 4. 
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Figure 4.10. Cyclic voltammograms of 1+ (0.5 mM) in [NBun4][PF6] (0.1 M) CH3CN at 0.1 V/s 
under H2 with titration of 4. Only forward scans are shown for traces with added base for clarity. 

 
The experiments detailed in this section demonstrate that 4 is both a competent base 

to drive electrocatalytic H2 oxidation by 1+ and, under similar conditions, minimally inhibits 

electrocatalytic CO2 reduction by 2. Therefore, 4 is a suitable base for use in a light-driven 

RWGS system.  

4.3.3. Studies of the Photochemical RWGS Reaction 

Detailed in this section are attempts to utilize ZnTPP, 1+, 2, phenol, and 4 in a 

functional photocatalytic system for accomplishing the light-driven RWGS reaction. The first 

set of experiments set out to establish that photocatalytic H2 oxidation by 1+ and ZnTPP would 

occur in the presence of PhOH and 4, as will be necessary for the full RWGS system. 

Compound 2 was not present; thus, these experiments were similar to those described in 

Chapter 3 in which the reaction mixtures did not contain an acceptor for the electrons 

produced by H2 oxidation. Photolysis using a 590 nm LED of a CH3CN solution containing 1+ 

(0.8 mM), PhOH (0.5 M), 4 (10 mM), and ZnTPP under a H2/CO2 (28:72) atmosphere resulted in 
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significant changes to the electronic absorption and 31P NMR spectrum of the sample. In the 

electronic-absorption spectrum (Figure 4.11) the 800-nm band attributable to 1+ decreases in 

intensity, consistent with the consumption of 1+, and the absorbance increases slightly at 

wavelengths < 525 nm, which is the region of a rising absorption exhibited by 1H+ (Figure 7.2.8). 

The ZnTPP Q(0,0) and Q(1,0) bands do not appreciably change in intensity, indicating that ZnTPP 

is not being consumed. The 31P{1H} NMR spectrum of the sample (Figure 4.11B) confirms the 

production of 1H+ upon photolysis. These experiments demonstrate that with all components of a 

potential RWGS system present, excepting 2, the light-induced activation of H2 by 1+ is still 

achievable—even under only a partial H2 atmosphere. 

   
Figure 4.11. (A) Electronic-absorption and (B) 31P{1H} NMR spectra of a solution containing 1+ 

(0.8 mM), PhOH (0.5 M), 4 (10 mM), and ZnTPP (50 µΜ) in CH3CN under H2/CO2 (28:72) during 
photolysis (λex = 590 nm). 

 
The second set of photochemical experiments were designed to demonstrate the light-

driven RWGS reaction using all components. A wide array of conditions were explored, involving 

variation of the relative and absolute concentrations of ZnTPP, 1+, 2, and 4, with the aim of using 

these variables to control the relative rates of productive and unproductive electron transfer 

reactions. The results are compiled in Table 4.4.  

1
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Table 4.4. Conditions and Results from Photochemical RWGS Experiments with ZnTPP, 1+, 2, 
and 4, under CO2/H2.  

Time [1+] (mM) [2] (mM) [4] (mM) CO Production 

48 h 0.1 1.0 10 Trace 
48 h 7.0 1.2 10 0 

 48 ha  1.0a  1.0a  10b  0a 
72 h 0.7 1.4 10 Trace 
24 h 0.5 1.0 10 Trace 
96 h 1.3 1.3 10 0 
48 h 0.8 1.0 5 Trace 
96 h 1.1 0.1 5 0 
96 h 1.1 0.1 10 0 
96 h 1.1 2.0 5 0 
24 h 3.0 0.5 5 0 
120 h 0.6 0.5 10 Trace 
48 h 0.7 1.0 10 0.1 

a All experiments were carried out under 1 atm (0.28 M) CO2 in 0.1 M [NBu4n][PF6] CH3CN with 
0.5 M PhOH, 80 µM ZnTPP, and irradiation from a 590 nm LED. For experimental details see 
Section 7.3.3. All potentials are referenced to the FeCp20/+ couple. bWith 0.1 M [NBun4][PF6]. 
 

Unfortunately, no experiment yielded more than trace production of CO, despite 

incorporating a wide array of catalyst concentrations (0.1–7 mM 1+; 0.1–2 mM 2) and the amounts 

of acid and base shown to photogenerate 1H+ (vide infra). Thus, the light-driven RWGS reaction 

was not successfully demonstrated. The precise reason for the system’s failure to produce CO is 

unknown, though it is likely due to limited reduction of 2 and/or its rapid deactivation by back-

electron transfer. One possible process that could prevent the reduction of 2 by ZnTPP− is the 

reduction of 1+ to 1, which has a larger thermodynamic driving force from ZnTPP– (E1/2(1+/0) = 

−1.42 V, ΔG = −0.32 V, CH3CN)54 than does the reduction of 2 (ΔG ≅ −0.05 V, CH3CN).53 

Alternatively, sensitized 2− might reduce 1+ to 1 more rapidly than it can be trapped via Cl− loss 

and subsequent coordination of CO2. Due to the relatively low reduction potential of 1+, there are 
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no CO2 reduction catalysts that can be driven at potentials positive of the 1+/0 couple. To 

circumvent the unproductive reduction of 1+, a system could be developed with a different H2 

oxidation catalyst, such as FeCpR(P2N),37 which cannot be reduced from its resting state. However 

other issues would arise, particularly regarding the selection of a compatible acid/base pair. 

4.4. Conclusions 

The efforts to demonstrate the photochemically driven RWGS reaction detailed herein 

were unsuccessful. The key design criteria for a system capable of accomplishing the light-driven 

RWGS reaction have been elucidated, with it being found that 1+ and 2 are promising catalysts for 

such an application. It was also demonstrated that electrochemical techniques can be utilized to 

efficiently screen the prospective components of artificial photosynthetic systems. CO2 reduction 

by 2 has been further probed, with it being established that (1) catalysis is inhibited by sterically 

unencumbered amines and that (2) weak proton sources, like phenol and TFE, are needed to 

disfavor catalytic proton reduction. Phenol and 4 were found to be a competent acid-base pair to 

be used with 1+ and 2 in a system for accomplishing the light-driven RWGS reaction. It was 

subsequently demonstrated that hydrogen can be activated through the photochemical sensitization 

of 1+ by ZnTPP (T1) in the presence of phenol and 4, generating ZnTPP–. Unfortunately, the 

photochemical experiments intended to demonstrate the light-driven RWGS reaction yielded no 

more than trace production of CO. We postulate that the failure to accomplish the RWGS reaction 

is due to limited sensitization of 2 and/or its rapid deactivation by back-electron transfer. This 

work details some key issues in the development of artificial photosynthetic systems, particularly 

regarding the necessity of avoiding kinetically-favored unproductive pathways. 
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CHAPTER 5: Ligand Effects on Electrocatalytic CO2 Reduction by Ruthenium–Bipyridyl 

Complexes. Characterization of a Photostable, non-CO-Bearing Catalyst 

5.1. Introduction 

The environmental consequences of rising atmospheric CO2 levels have stimulated 

significant research into the development of catalytic approaches to converting CO2 to fuels and 

other useful chemicals. Progress in this field has been detailed by many recent review articles.1-48 

The conversion of CO2 to energy-rich compounds via electrochemical methods typically proceeds 

through multiple proton-coupled electron-transfer reactions. For an excellent discussion of this 

topic please see, among others,36-43 a recent review by Francke et al.45 For example, the reduction 

of CO2 to CO requires coordinated delivery of two electrons and two protons, and that to methanol 

requires six such reducing equivalents. A common design approach for coordinating the electron-

transfer and proton-transfer reactions of molecular transition-metal electrocatalysts is to employ 

p-unsaturated redox-active ligands, such as polypyridines, that undergo a ligand-centered 

reduction at a potential comparable to those of the metal-centered substrate-transformation 

processes.42-44, 46, 48 In such catalysts, the presence of the reduced ligand facilitates rapid 

intramolecular electron transfer to the metal in sequence with protonation steps.46  

Metal-polypyridyl electrocatalysts for CO2 reduction have been extensively investigated, 

with a recent review describing the properties of over 70 different complexes.46 The most common 

architecture among these catalysts are complexes of the form M(bpyR)(CO)nX4–n, where bpyR is 

2,2′-bipyridine or a derivative in which R substituents are employed to modify its electronic or 

steric properties, and X typically is an anionic ligand. Intuitively, the preponderance of CO as a 

ligand within metal-polypyridyl catalysts is logical because of its ability to stabilize the low metal 

oxidation states that are produced during CO2 reduction reactions. Indeed, many highly active 
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catalysts bear multiple CO ligands, as illustrated by the extensively studied Re(bpyR)(CO)3Cl, 

Mn(bpyR)(CO)3Cl, and Ru(bpyR)(CO)2Cl2 catalyst families.45-48 Efforts to improve the catalytic 

properties of these compounds have largely focused on understanding the effects of varying the 

bpyR substituents.8-10, 33, 42, 44-48 In contrast, the question of whether neutral ligands other than CO 

will support comparable catalytic activity has been much less explored.45-46 In addition to the 

potential opportunities for steric and electronic control that such derivatives present, CO-free 

catalysts are also of interest because metal–carbonyl compounds are often light sensitive, making 

photoinduced CO loss a potential catalyst degradation pathway.49  

One complex that exemplifies these points is trans(Cl)-Ru(bpy)(CO)2Cl2 (1, Figure 5.1), 

which is an active electrocatalyst for the reduction of CO2 to CO and formate under a variety of 

reaction conditions.50-52 Compound 1 has also been employed in artificial-photosynthetic systems 

for CO2 reduction, wherein the electrons are supplied from a photoredox chromophore and 

sacrificial reductant.53-55 The derivative Ru(bpymesityl)(CO)2Cl2 (1′, Figure 5.1) has recently been 

found to possess improved stability and properties owing to its sterically hindering mesityl 

groups,56 and has also been employed in light-driven systems.54 The question of how the catalytic 

function of these Ru(bpyR)(CO)2Cl2 compounds, with respect to CO2 reduction, is affected by 

replacement of CO with other neutral ligands has only been investigated computationally thus 

far.57 Ramakrishnan et al. probed the reactivity of single-reduced 1 (as 

[Ru(bpy)(CO)2(CH3CN)Cl]+) and compared its reactivity towards CO2 to the analogue 

[Ru(bpy)(PMe3)2(CH3CN)Cl]+. The substitution of CO for more electron-donating PMe3 groups 

increases the nucleophilicity of the Ru center and enables CO2 binding at the first reduction. 

Beyond its fundamental interest, this question is relevant because 1 is photosensitive.58-69 

Photolysis of 1 with near-UV light in acetonitrile (a common solvent for electrocatalytic CO2 
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reduction reactions) is reported to produce, in sequence, the photosensitive compounds cis(Cl)-

Ru(bpy)(CO)(CH3CN)Cl2 (2c) and trans(CH3CN)-Ru(bpy)(CH3CN)2Cl2 (3), and ultimately 

yielding mer-[Ru(bpy)(CH3CN)3Cl]+ (4+) as the final product of photolysis (Figure 5.1).67-68 If 1 

is also photosensitive to visible light, this would have potential implications for its use in artificial-

photosynthetic systems that employ common transition-metal photoredox chromophores,53-55 and 

raise the question of whether photoproducts of 1 formed by adventitious photolysis in room light 

are active in and contribute to electrocatalytic CO2 reduction in studies of this compound.  

 
Figure 5.1. The reported photochemical reactivity of 1 under 366 nm irradiation in CH3CN,67-68 
and depictions of related compounds (mes = 2,4,6-trimethylphenyl).  
 

The electrochemistry of 1 under CO2 in homogenous acetonitrile-H2O solutions has been 

explored by cyclic voltammetry.52 A catalytic current enhancement is observed, and with titration 

of H2O (0–10%) the amount of current increases concurrently with a positive shift of the onset 

potential of the catalytic wave. This behavior is ascribed to 1 as a molecular electrocatalyst; 

although 1 electropolymerizes upon reduction under N2, forming [Ru(bpy)(CO)2]n, the anodic 

feature assigned to dissolution of [Ru(bpy)(CO)2]n is suppressed under CO2—indicating that 

polymerization is not readily occurring upon reduction.52 Bulk electrolyses with 1 under CO2 have 

been carried out under a variety of conditions,51-52 with CO and formate being detected as primary 

products in all cases. Product selectivity is greatly influenced by the solvent and proton source 

used.  
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These considerations motivated an investigation of the comparative electrocatalytic 

properties of 1, trans(Cl)-Ru(bpy)(CO)(CH3CN)Cl2 (2t), 3, and 4+ (Figure 5.1) for the reduction 

of CO2. We report that 1 is highly photosensitive to visible light, producing 2c, 3, and 4+; 2t may 

be present as a minor product. Compounds 1, 2t, 3, and 4+ are found to be electrocatalysts for the 

reduction of CO2 to CO and formate, and for H+ to H2, in mixed acetonitrile–phenol solutions. 

Among these catalysts, the photostable, non-CO bearing compound 4+ exhibits the highest 

Faradaic efficiency for CO2 reduction. This indicates that use of CO ligands is not a prerequisite 

for optimizing catalytic function within this class of ruthenium polypyridyl complexes, and 

suggests that further variation of the neutral ligands within the [Ru(bpy)L3Cl]+ motif may 

provide opportunities for developing improved catalysts. The photostability of 4+ also confers 

the advantage that it can be studied under routine laboratory lighting conditions, unlike the 

photosensitive catalysts, and will be more robust in artificial-photosynthetic systems for CO2 

reduction.  

5.2. Experimental Section 

Materials. Acetonitrile used for syntheses, electrochemistry, photochemistry, and 

electronic-absorption spectroscopy was HPLC grade and purified by passage under nitrogen 

pressure through two 4.5 in. ´ 24 in. (1 gal) columns of activated A2 alumina.70 Acetonitrile (for 

recrystallizations), ethyl acetate, methanol, hexane, chloroform, and toluene (all HPLC grade); 

diethyl ether and ethanol (anhydrous); trimethylamine N-oxide dihydrate (98%, stored under N2); 

and CD3CN were used as received. Compounds 1,50 3,71 and 1′56 were synthesized according to 

standard procedures; 2t was prepared following an outline reported for its synthesis72 (see 

Supporting Information). Ferrocene and [NBun4][PF6] were recrystallized twice from ethanol and 
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dried for a minimum of 18 h under vacuum at 120 °C. CO2 (research grade, 99.9999%) and phenol 

(≥99%, unstabilized, stored under N2 in the dark) were used as received.  

Spectroscopy. 1H NMR spectra were recorded using a Bruker DRX 400 NMR 

spectrometer. Chemical shifts were measured relative to the isotopic impurity in the CD3CN 

solvent (d 1.94).73 Electronic-absorption spectra were obtained with a Cary 300 UV-Vis 

spectrophotometer of samples contained in quartz cuvettes. Infrared spectra were recorded with a 

Thermo Scientific Nicolet NEXUS 670 FT-IR spectrometer.  

 Synthesis of mer-[Ru(bpy)(CH3CN)3Cl]Cl (4Cl). A vigorously stirred, pale yellow 

solution of 1 (0.070 g, 0.18 mmol) in acetonitrile (250 mL) under N2 was irradiated for 24 h by an 

array of white LEDs, resulting in an orange solution. (The photolysis can also be conducted using 

a 26 W compact-fluorescent lightbulb with an irradiation time of one week.) The solvent was 

removed under vacuum to give a dark red residue. In air, the residue was washed with toluene (3 

× 50 mL) and ethyl acetate (3 × 50 mL). The remaining red solid was dissolved in ca. 10 mL 

acetonitrile and the resulting solution filtered through a fine-porosity sintered-glass filter. Slow 

addition of diethyl ether (ca. 100 mL) resulted in precipitation of red-orange microcrystals, which 

were collected by filtration and dried under vacuum (yield 0.043 g, 53%). A second crop of product 

was obtained by removing the solvent from the filtrate under reduced pressure, dissolving the red-

orange residue in a minimal volume of acetonitrile, and layering the resulting solution with diethyl 

ether. After standing at room temperature for 2 days, crystals of the product had formed that were 

suitable for X-ray diffraction experiments (total yield 0.059 g, 73%). 1H NMR (CD3CN, 400 MHz, 

295 K; Figures 7.4.4 and 7.4.5): δ 9.79 (d, 1H, JHH = 5.6 Hz, bpy), 9.12 (d, 1H, JHH = 5.6 Hz, bpy), 

8.36 (d, 2H, JHH = 8.0 Hz, bpy), 8.03 (m, 2H, bpy), 7.61 (m, 2H, bpy), 2.66 (s, 3H, CH3CN), 2.19 
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(s, 6H, CH3CN). UV-Vis (CH3CN, Figure 7.4.7): λmax = 437 nm. X-ray crystal structure: see 

Chapter 7.4. 

 Electrochemistry. See Chapter 7.4 for full details of electrochemical procedures. 

Experiments were performed at room temperature under either a N2 or CO2 atmosphere in CH3CN 

solution containing 0.1 M [NBun4][PF6] as electrolyte. Potentials were determined relative to 

FeCp2 or FeCp*2 internal standards and are reported relative to FeCp20/+. Cyclic voltammetry 

experiments were performed in a single-compartment cell with a three-electrode configuration 

consisting of a glassy carbon working electrode (A = 0.07 cm2), a platinum auxiliary electrode (A 

= 0.02 cm2), and a silver wire quasi-reference electrode. Controlled potential electrolysis 

experiments were performed in a sealed four-neck cell (total volume = 100 mL). A three-electrode 

configuration was used that consisted of a reticulated vitreous carbon foam working electrode 

(ERG Materials & Aerospace, ca. 15 mm × 10 mm × 5 mm), a platinum wire auxiliary electrode 

that was separated from the working solution by a medium porosity glass frit, and a Ag/Ag+ 

reference electrode (BASi, 0.01 M AgNO3 in CH3CN containing 0.1 M [NBun4][PF6]) that was 

separated from the working solution by a CoralPor tip. The working solution (40 mL) contained a 

known amount of catalyst, 0.5 M PhOH, and a stir bar. The auxiliary compartment contained 5 

mL of a CH3CN solution containing 0.1 M ferrocene (as a sacrificial reductant) and 0.1 M 

[NBun4][PF6]. Controlled-potential electrolysis products were analyzed by gas chromatography 

(CO, H2) and 1H-NMR spectroscopy (formate). 

5.3. Results and Discussion 

5.3.1. Photochemistry of 1 with Visible Light. It has previously been reported that 

exhaustive UV photolysis (lex = 366 nm) of 1 in CH3CN provides 4Cl as the terminal product, 

with 2c and 3 as photosensitive intermediates (vide supra).67-68 It is found here that 1 also 
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undergoes rapid photosubstitution with visible light, even though this pale-yellow compound 

absorbs very weakly in the visible-wavelength region (Figure 5.2). Irradiation of an acetonitrile 

solution of 1 at 455 nm (blue LED) results in the appearance, within minutes, of an electronic-

absorption band centered at 450 nm. This band is at the same position and has the same shape as 

that reported for 2c during the UV photolysis of 1.68 The 1H-NMR spectrum previously reported 

for a sample of 2c prepared in situ by UV photolysis of 1 contained several unassigned resonances 

of moderate intensity;67 one at 9.34 ppm is identical in chemical shift and multiplicity to a 

resonance reported here for 2t (Table 7.4.1), suggesting that 2t is a minor product of the photolysis 

of 1 at 366 nm. Further 455-nm photolysis of the sample results in the appearance of shoulders 

near 377 and 550 nm (Figure 5.2.), which are coincident with the positions of bands reported for 

an independently synthesized sample of 371 and similar to those observed in samples prepared 

under UV photolysis.68 Extended photolysis eventually results in the full depletion of the bands 

for 1, 2c, and 3 and formation of a strong band at 437 nm (Figure 5.2.), identical to that found for 

4+.68 These results demonstrate that 1, 2c, and 3 are all photosensitive to visible light, and that 4+ 

is photostable (or photostationary) in acetonitrile solution. 
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Figure 5.2. Electronic-absorption spectra during the photolysis of 1 in CH3CN (lex = 455 nm). 
Solid and dashed arrows indicate the growth and disappearance, respectively, of bands associated 
with the indicated compounds. 

 
Preparative-scale photolysis of 1 using either a white LED or compact fluorescent bulb in 

CH3CN solution provided, following workup, a pure sample of 4Cl whose 1H-NMR spectrum is 

largely similar to that reported for a previously reported sample that was prepared in-situ by UV 

photolysis. The chemical shift of one CH3CN ligand for the purified sample prepared here differs 

substantially from that reported for the in-situ sample (2.66 ppm; in situ,67 2.12 ppm; Table 7.4.1); 

the cause for this discrepancy is unknown. The identity of the product as 4Cl was confirmed via 

an X-ray crystal structure (Figure 7.4.8), metrical data for which are in close agreement with those 

for a previously reported (nonisomorphous) crystal structure of the salt (Table 7.4.4).67 

5.3.2. Electrochemistry of 1, 2t, 3, and 4+. The isolated compounds 1, 2t, 3, and 4+ were 

investigated by cyclic voltammetry (CV) to establish baseline properties relevant to their 

electrocatalytic activity. Prior detailed studies of 152, 74-75 and 371 by CV and coulometric methods 

found that they possess a reversible one-electron metal-centered oxidation and an irreversible two-

electron reduction; the reported CV of 4Cl exhibits similar features,68 suggesting the same 



117 

assignments. The redox potentials determined under the conditions of the present study for 1, 3, 

and 4Cl (Table 5.1, Figures 7.4.8–10) are in good agreement with earlier values when corrected 

for the difference in reference standard (DE < 0.1 V, Table 7.4.5). The CV of 2t (Figure 5.3.), 

which has not previously been studied, also shows a reversible 1e− oxidation and irreversible 

reduction, with the latter inferred to be a two-electron process based on its peak current relative to 

the oxidation. The potentials observed for 2t are within 20–40 mV of those reported for 2c68 (Table 

7.4.5), as is reasonable for two compounds with identical ligand sets. Among these four 

compounds, the CV of 1 (Figure 7.4.9) is distinctive due to the appearance of a sharp anodic feature 

at −0.8 V that is present only following a sweep of the potential through that of the 2e− reduction. 

This feature has been assigned to an electroprecipitation-redissolution process for a film identified 

as [Ru(bpy)(CO)2]n;50, 52, 74, 76 this is noted here because the polymer is an active electrocatalyst for 

CO2 reduction,52, 77-78 but is absent in the CVs of samples of 1 under electrocatalysis conditions of 

this study (vide infra).79 

Table 5.1. Redox Potentials (V vs. FeCp20/+) of 1, 2t, 3, and 4+ from Cyclic Voltammetry.a  

Compound E1/2 (Ox) Epb (Red) 
1 +1.35 −1.61 
2t +0.70 −1.82 
3 −0.01 −2.12 

 4+ +0.69 −1.88 
a Measured in CH3CN solution with 0.1 M [NBun4][PF6]. b Ep at a 0.1 V/s scan rate.  
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Figure 5.3. Cyclic voltammograms of 2t (1.0 mM) in CH3CN containing 0.1 M [NBun4][PF6]. The 
arrow indicates the direction of the scans. The reversibility of the RuII/III couple was established 
via a Randles-Sevcik analysis (Figure 7.4.12). 

 
 The redox potentials of 1, 2t, and 3 differ from each other in a manner consistent with the 

different electron-withdrawing abilities of the CO and CH3CN supporting ligands. Successive 

replacement of CO by CH3CN from 1 to 2t to 3 results in a decrease in oxidation potential of ca. 

0.7 V per substitution and in a shift of the reduction to more negative potentials by approximately 

0.2–0.3 V per substitution, with the smaller shifts for the reduction potential reflecting the fact this 

process is ligand centered rather than metal centered.  

5.3.3. Electrocatalytic CO2 and proton reduction by 1, 2t, 3, and 4+. The electrocatalytic 

reduction of CO2 by 1, 2t, 3, and 4+ was studied in CH3CN solution containing phenol as a proton 

source. Phenol was employed in order to allow direct comparison with results from a previous 

detailed study of electrocatalytic CO2 reduction by 1¢ using identical conditions.56 The cyclic 

voltammograms of 1, 2t, 3, and 4+ in CH3CN containing 0.5 M phenol under an atmosphere of 

either N2 or CO2 are shown in Figure 5.4. Under N2, the CVs of all compounds exhibit a substantial 

increase in current at potentials negative of that of the first reduction, compared to those observed 
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in the absence of phenol. The onset potential for the current enhancement depends on the nature 

of the ligands, falling in the order ca. −1.7 V (1), −1.8 V (2t, 4+), and −2.0 V vs. FeCp20/+ (3). 

Under identical conditions, the CV of phenol in the absence of these compounds shows a steeply 

rising current beginning at ca. −2.0 V (Figure 7.4.13) that arises from proton reduction.80 The fact 

that the onset potentials of current enhancement for 1, 2t, and 4+ are shifted to more positive 

potentials than that of phenol indicates that these complexes catalyze proton reduction. Consistent 

with this interpretation, the CVs of 1, 2t, and 4+ as a function of the concentration of phenol 

(Figures 7.4.13–15) show that the catalytic current rises steadily with added phenol. Gas-

chromatographic (GC) analysis of the gas present in the headspace following extended reductive 

electrolysis confirms that H2 is produced. In the case of 3, it is not possible to distinguish between 

metal-catalyzed proton reduction and proton reduction at the electrode due to the overlap between 

their current responses (Figure 7.4.13). For 1, it is noteworthy that the anodic feature observed at 

−0.8 V in the absence of phenol (Figure 7.4.9) that is associated with electrogenerated 

[Ru(bpy)(CO)2]n50, 52, 74, 76 is absent in the presence of phenol (Figure 7.4.14). That a heterogeneous 

catalyst is not responsible for the observed catalytic activity for 1 was confirmed by an electrode 

rinse test (Figure 7.4.17).81  



120 

 
Figure 5.4. Cyclic voltammograms (n = 0.1 V/s) of 1 (A), 2t (B), 3 (C), and 4+ (D) in CH3CN 
containing 0.1 M [NBun4][PF6] in the absence and presence of substrates. The black traces are for 
the compounds without substrate. The other traces are for samples that contain 0.5 M PhOH under 
N2 atmosphere (blue) and CO2 atmosphere (orange). 
 

Addition of CO2 (1 atm) to solutions of 1, 2t, 3, and 4+ in acetonitrile containing 0.5 M 

phenol results in substantial changes to their cyclic voltammograms (Figure 5.4), consistent with 

the occurrence of electrocatalytic CO2 reduction. The CVs of compounds 1, 2t, and 4+ exhibit 

peaked catalytic waves (Ep @ −2.2 V), indicating both that CO2 is depleted within the electrode 

double layer under these experimental conditions82 and that the Faradaic efficiency of CO2 

reduction is much greater than for H2 production (vide infra). The reduction potentials of the 

compounds do not change under CO2 when compared to those in acetonitrile/phenol solution in 

the absence of CO2.  
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 The products formed via electrocatalyzed reduction of CO2 and phenol by 1, 2t, 3, and 4 

were identified as CO, H2, and (except for 3) formate, via GC and 1H-NMR spectroscopic analyses 

of bulk-electrolyzed samples. These experiments also allowed determination of the Faradaic 

efficiencies for CO and H2 production. The results are set out in Table 5.2. For 1, 2t, and 4, bulk 

electrolyses were carried out at two potentials (−1.80 and −2.20 V). These potentials were selected 

because the peak catalytic current is centered at ca. −2.2 V for 1, 2t, and 4+ and all three compounds 

exhibit an inflection in the current profile at ca. −1.8 V (Figure 5.4). Compound 3 was examined 

only at −2.2 V because it does not exhibit catalytic current at −1.8 V.  

Table 5.2. Faradaic Efficiency and Product Selectivity of Ruthenium Electrocatalysts.a  

Cat. E (V vs 
FeCp2) [Cat] (mM) 

Faradaic Efficiencyb (%) Formate 
Detected 

Turnoversc 
CO H2 

1 
−1.80 0.5 16.1 ± 0.9 5.7 ± 0.2 Yes 13.7 
−2.20 0.7 17.2 ± 3.6 4.3 ± 0.9 Yes 6.4 

2t 
−1.80  0.6 14.8 ± 5.1 3.3 ± 1.3 Yes 3.2 
−2.20 0.7  9.3 ± 1.2 5.5 ± 0.9 Yes 3.7 

3 −2.20 0.5 16.7 ± 1.2 57.9 ± 3.0  No 6.0 

4+ 
−1.80  0.6 30.4 ± 4.8 7.9 ± 1.3 Yes 3.5 
−2.20 0.6 34.1 ± 0.3 7.8 ± 0.2 Yes 3.6 

 1′ 
−1.7d  1.0d 63 ± 16d 1.8 ± 0.8d Yesd 5.2d 
−1.80 0.5 65 ± 19 1.4 ± 0.7 Yes 2.8 
−2.2d 1.0d 95d 1d  5.2d 

a Experiments were carried out under 1 atm CO2 in CH3CN solution containing 0.1 M 
[NBun4][PF6] and 0.5 M PhOH. b Standard deviations were calculated from 3 measurements. c One 
turnover is defined as two electrons being passed per catalyst molecule. d Ref. 56. 
 

 The results of the bulk electrolysis experiments show that product selectivity and Faradaic 

efficiency are dependent on the nature of the supporting ligands of the ruthenium catalysts. In 

terms of selectivity, compounds 1, 2t, and 4+ possess Faradaic efficiencies that are greater for CO2 

reduction than for proton reduction by ratios ranging from ca. 2–5, with 4+ exhibiting the highest 
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overall ratio across the two potentials. Compound 3, in contrast, exhibits a much larger Faradaic 

efficiency for proton reduction than CO2 reduction, commensurate with the catalytic current for 

this compound in the absence of CO2 being indistinguishable from that for the direct reduction of 

phenol at the electrode. With regards to trends in the efficiency of CO production, 4+ exhibits 

Faradaic efficiencies at the two potentials (30.4 and 34.1%) that are approximately double those 

of 1, 2t, and 3 (9.3–17.2%), with the latter three compounds showing only a small variation as a 

function of supporting ligand.  

The metrics for electrocatalytic reduction of CO2 by 1, 2t, 3, and 4+ may be compared to 

those previously reported for related 1′ (Figure 5.1), which was found to produce CO, formate, 

and H2 under comparable conditions to those utilized in the present chapter (1 atm CO2, 0.5 M 

PhOH, CH3CN solution) at potentials of −1.7 V and −2.2 V.56 To allow a direct comparison to 

the results obtained for 1, 2t, and 4+ at −1.8 V, the products and Faradaic efficiencies of 1′ were 

measured under our conditions at this potential; the results for 1′ at −1.8 V are the same, within 

experimental error, to those reported at −1.7 V (Table 5.2). The Faradaic efficiency of 1′ for CO 

production at −1.8 V is twice that of 4+, the best of the present catalysts, and it exhibits much 

higher selectivity against coproduction of H2. In addition, the Faradaic efficiency of 1′ is 

substantially larger at −2.2 V than at −1.8 V, whereas those for 1, 2t, and 4+ are the same (within 

experimental error) at the two potentials. A critical difference between 1′ and 1, 2t, 3, and 4+ that 

appears to account for their different catalytic properties is that 1′ possesses two one-electron 

reductions (separated by 0.17 V) rather than the single two-electron reduction observed for 1, 2t, 

3, and 4+. The different behavior of the two types of compounds results from the fact that the bulky 

mesityl substituents of 1′ prevent dimerization or polymer formation upon reduction, unlike the 

behavior reported for bpy derivatives.50, 74, 76, 83  
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5.4. Conclusions  

It has been found that 1 is photosensitive to visible light in acetonitrile solution, producing 

as primary and downstream photochemical products 2c, 3, and 4+. As previously reported for 1,50-

52 compounds 2t, 3, and 4+ are active electrocatalysts for the reduction of CO2. In acetonitrile 

solution in the presence of phenol, the products produced are CO, formate, and H2. Among these 

catalysts the photostable, non-CO-bearing complex 4+ exhibits the highest Faradaic efficiency for 

CO production (by a factor of two). Although the Faradaic efficiencies and selectivities for CO2 

reduction are lower for 1, 2t, 3, and 4+ than for 1′, the present results are noteworthy in two broad 

respects. First, the observations that the catalytic metrics for 2t are comparable to 1 and that those 

for 4+ are better than both demonstrates that CO is not an essential ligand for catalytic function 

within the RuII(bpy)Ln class of compounds. This suggests, additionally, that further variation of 

the monodentate ligands within RuII(bpy)Ln complexes (for which 4+ provides a starting material) 

is a route to improving catalyst performance. Second, 4+ is photostable in acetonitrile solution, 

whereas CO-containing catalysts 1, 2t, and 3 are highly photosensitive to visible light.84 Thus, 

unlike these other catalysts, 4+ can be studied and employed under normal ambient-lighting 

laboratory conditions without concern that adventitious photolysis is decomposing the catalyst or 

that its photoproducts are also contributing to the catalytic response. This robustness may be 

particularly valuable for applications of 4+ in artificial photosynthesis, such have been reported for 

1 and 1′.53-54  
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CHAPTER 6: A Photostable, Selective Ruthenium–Bipyridyl Electrocatalyst for CO2 

Reduction 

6.1. Introduction 

As discussed in Chapter 1, the catalytic conversion of CO2 to fuels and other useful 

chemicals is of significant interest because of the steadily increasing atmospheric concentration of 

this greenhouse gas.1-48 The electrochemical reduction of CO2 to energy-rich species, such as CO 

and methanol, typically requires multiple proton-coupled electron-transfer reactions,45 and the 

incorporation of p-unsaturated redox-active ligands, such as polypyridines, is one common method 

of enabling transition metal compounds to achieve coordinated electron-transfer and proton-

transfer reactions.42-44, 46, 48 A ligand-centered reduction enables subsequent rapid intramolecular 

electron transfer to the metal in sequence with protonation steps.46  

Metal-polypyridyl electrocatalysts for CO2 reduction have been extensively investigated, 

with the most common architecture of such catalysts being the general form M(bpyR)(CO)nX4–n, 

where bpyR is 2,2′-bipyridine, or a functionalized variant, in which R substituents are incorporated 

to modify electronic or steric properties, and X typically is an anionic ligand. The electron-

withdrawing ability of CO allows it to stabilize the low-oxidation state species generally produced 

during CO2 reduction and rationalizes its utilization in such catalysts. Indeed, many highly active 

catalysts bear multiple CO ligands, such as the extensively studied Re(bpyR)(CO)3Cl, 

Mn(bpyR)(CO)3Cl, and Ru(bpyR)(CO)2Cl2 catalyst families.45-48 While the effects of varying bpyR 

substituents has been heavily investigated as a means of improving catalytic function,8-10, 33, 42, 44-

48 the substitution of CO for other neutral ligands has been much less explored.45-46 A key 

advantage to the development of such derivatives is that metal–carbonyl compounds are often light 

sensitive, with photoinduced CO loss a potential catalyst degradation pathway.49  
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The compound trans(Cl)-Ru(bpy)(CO)2Cl2 (Figure 6.1), which is an active electrocatalyst 

for the reduction of CO2 to CO and formate under a variety of reaction conditions, typifies many 

of these traits. Although it has been employed in artificial-photosynthetic systems for CO2 

reduction, wherein the electrons are supplied from a photoredox chromophore and sacrificial 

reductant,50-52 prior studies of Ru(bpy)(CO)2Cl2 demonstrate that it undergoes stepwise photo-

induced ligand substitution in acetonitrile solution upon irradiation with UV or visible light.53-54 

Upon photolysis, monodecarbonylation yields Ru(bpy)(CO)(CH3CN)Cl2 as the initial product. 

Further irradiation generates Ru(bpy)(CH3CN)2Cl2 and, finally, mer-[Ru(bpy)(CH3CN)3Cl]Cl. In 

Chapter 5 we explored ligand variation of Ru(bpy)(CO)2Cl2 and its influence upon catalytic 

function. Each of the compounds trans(Cl)-Ru(bpy)(CO)(CH3CN)Cl2, Ru(bpy)(CH3CN)2Cl2, and 

Ru(bpy)(CH3CN)3Cl+ were prepared and all were found to be active electrocatalysts for the 

reduction of CO2. The most selective catalyst for the production of CO, under the conditions of 

the study, was observed to be [Ru(bpy)(CH3CN)3Cl+; a compound that, unlike its congeners, has 

the advantage of being photostable in acetonitrile solution.  

 
Figure 6.1. Compounds discussed in this study. 
 

Recently, it has been reported that the incorporation of sterically hindering mesityl groups 

enhances the catalytic activity of trans(Cl)-Ru(bpymes)(CO)2Cl2 (1, Figure 6.1; bpymes = 6,6′-

dimesityl-2,2′-bipyridine), as compared to unfunctionalized trans(Cl)-Ru(bpy)(CO)2Cl2. A recent 
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report by Kuramochi et. al.51 detailed the photocatalytic reduction of CO2 with both 

Ru(bpy)(CO)2Cl2 and 1. It was found that the bulky mesityl moieties of 1 enabled enhanced 

selectivity for CO production by limiting dimerization. This work was furthered by Kubiak and 

coworkers55 who reported the detailed electrocatalytic behavior of 1 and investigated the 

mechanism of catalysis. It was found that, unlike Ru(bpy)(CO)2Cl2,56-59 1 was found to have no 

propensity for metal-metal bond formation—illustrating the importance of the sterically hindering 

mesityl groups. Additionally, it was found that 1 is a highly selective catalyst for the reduction of 

CO2 to CO, with a Faradaic efficiency of 95% at –2.2 V vs. FeCp20/+, in phenol-acetonitrile 

solution. The mechanism by which 1 achieves the selective electrocatalytic reduction CO2 to CO 

was probed and described.55 

Stability is a key issue in the development of catalysts for CO2 reduction.47 The 

photoreactivity of Ru(bpy)(CO)2Cl2 limits its application in photocatalytic systems and raises the 

question of whether 1 is photosensitive, which is relevant both with regard to the potential 

contribution of photoproducts to measurements of its electrocatalytic properties and its use in 

photoredox-sensitized catalytic systems. A literature procedure for the synthesis of 1 specifies that 

it should be carried out in the dark,55 suggesting that photoinstability was a potential concern. We 

find that, indeed, 1 is unstable to even ambient laboratory light. We have synthesized the new ion 

fac-[Ru(bpymes)(CH3CN)3Cl]+ (2+, Figure 6.1), which was isolated as two salts (2Cl and 2[PF6]). 

In contrast to 1, we find 2+ to be photostable. To examine what effect ligand substitution has on 

electrocatalytic ability, we have investigated the electrochemical behavior of 2+ under 

experimental conditions both similar to and different from those used in detailed study of 1. The 

suitability of 2+ as a proton and CO2 reduction catalyst was probed in acetonitrile, and it was found 

that 2+ is an active electrocatalyst that, under certain conditions, exhibits higher efficiency for CO 
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production than does 1. The difference in electrochemical and electrocatalytic behavior between 

2+ and 1 is discussed and related to ligand identity. 

6.2. Experimental Section 

Materials. Solvents used for syntheses, electrochemistry, photochemistry, and electronic-

absorption spectroscopy were HPLC grade, and were further purified by passage under nitrogen 

pressure through an anaerobic, stainless steel system consisting of either two 4.5 in. ´ 24 in. (1 

gal) columns of activated A2 alumina (acetonitrile) or one column of A2 alumina and one column 

of BASF R3-11 catalyst (toluene).60 Acetonitrile used for recrystallizations, hexane (HPLC grade), 

chloroform (HPLC grade), diethyl ether (anhydrous), and CD2Cl2 were used as received. 1 was 

synthesized according to a published procedure.51 The synthesis of 2[PF6] is described in 

Supporting Information. Ferrocene and [NBun4][PF6] were recrystallized twice from ethanol and 

dried for a minimum of 18 h under vacuum at 120 °C. The electrocatalysis substrates CO2 (research 

grade, 99.9999%) and phenol (≥99%, unstabilized, stored under N2 in the dark) were used as 

received. 

Spectroscopy and Photochemistry. 1H and 13C NMR spectra were recorded at room 

temperature using a Bruker DRX 400 NMR spectrometer. Chemical shifts were measured relative 

to solvent resonances.61 Electrospray ionization (ESI) mass spectra were measured in acetonitrile 

solution with an Agilent 6224 spectrometer. Electronic-absorption spectra were measured with a 

Cary 300 spectrophotometer of samples contained in quartz cuvettes. Non-preparative photolysis 

experiments were conducted with samples contained in quartz cuvettes in a sample chamber that 

was sealed from ambient light and contained a 455 nm LED (900 mW, ThorLabs model M455L2). 

Synthesis of fac-[Ru(6,6′-dimesityl-2,2′-bipyridyl)(CH3CN)3Cl]Cl (2Cl). A vigorously 

stirred, pale-yellow solution of 1 (0.048 g, 0.08 mmol) in CH3CN (250 mL) under N2 was 
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photolyzed for 15 h with light from an array of white LEDs (Super Bright LEDs, part no. 4NFLS-

CWH24-24V-CL, 6000 K), resulting in formation of an orange solution. (The photolysis can also 

be conducted using a 26 W compact fluorescent light bulb over a period of one week.) The solvent 

was removed under vacuum, yielding a dark red residue; this was washed with toluene (3 × 40 

mL). The red solid was extracted into CH3CN (4 mL) and the resulting solution filtered through a 

fine-porosity sintered glass frit. Dropwise addition of diethyl ether yielded a red crystalline 

material that was collected by filtration and dried under vacuum overnight (yield 0.041 g, 77%). 

1H NMR (CD3CN, 400 MHz, 295 K, Figures 7.5.2 and 7.5.3): δ 8.27 (d, 2H, JHH = 8.0 Hz, bpy), 

7.99 (t, 2H, JHH = 8.0 Hz, bpy), 7.21 (d, 2H, JHH = 8.0 Hz, bpy), 6.98 (s, 2H, mesityl-C6H2), 6.95 

(s, 2H, mesityl-C6H2), 2.45 (s, 3H, CH3CN), 2.35 (s, 6H, mesityl-CH3), 2.20 (s, 6H, CH3CN), 2.10 

(s, 6H, mesityl-CH3), 1.96 (s, 6H, mesityl-CH3). 13C{1H} NMR (CD2Cl2, 400 MHz, 295 K, Figure 

7.5.4): δ 167.70 (bpy or mesityl Ar), 161.16 (bpy or mesityl Ar), 139.17 (bpy or mesityl Ar), 

138.44 (bpy or mesityl Ar), 138.07 (bpy or mesityl Ar), 137.37 (bpy or mesityl Ar), 136.16 (bpy 

or mesityl Ar), 128.68 (bpy or mesityl Ar), 128.49 (bpy or mesityl Ar), 128.18 (bpy or mesityl 

Ar), 122.18 (CH3CN), 121.77 (CH3CN), 21.49 (mesityl-CH3), 21.38 (mesityl-CH3), 20.60 

(mesityl-CH3), 5.78 (CH3CN), 5.60 (CH3CN). ESI-MS (m/z, Figure 7.5.5): [M+] = 652.17, 

predicted = 652.18. UV-Vis (CH3CN, Figure 7.5.6): λmax = 447 nm. 

Electrochemistry. Full details of electrochemical procedures are provided in the 

Supporting Information. Experiments were performed at room temperature under either a N2 or 

CO2 atmosphere in CH3CN solution containing 0.1 M [NBun4][PF6] as electrolyte. Redox 

potentials were measured relative to FeCp2 or FeCp*2 internal standards and are reported relative 

to FeCp20/+. Cyclic voltammetry experiments were performed in a single-compartment cell with a 

three-electrode configuration consisting of a glassy carbon working electrode (A = 0.07 cm2), a 
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platinum auxiliary electrode (A = 0.02 cm2), and a silver wire quasi-reference electrode. Controlled 

potential electrolysis experiments were performed in a sealed four-neck cell (total volume = 100 

mL). A three-electrode configuration was used that consisted of a reticulated vitreous carbon foam 

working electrode (ERG Materials & Aerospace, ca. 15 mm × 10 mm × 5 mm), a platinum wire 

auxiliary electrode that was separated from the working solution by a medium porosity glass frit, 

and a Ag/Ag+ reference electrode (BASi, 0.01 M AgNO3 in CH3CN containing 0.1 M 

[NBun4][PF6]) that was separated from the working solution by a CoralPor tip. The working 

solution (40 mL) contained a known amount of catalyst, 0.5 M PhOH, and a stir bar. The auxiliary 

compartment contained 5 mL of a CH3CN solution containing 0.1 M ferrocene (as a sacrificial 

reductant) and 0.1 M [NBun4][PF6]. Controlled-potential electrolysis products were analyzed by 

gas chromatography (CO, H2) and 1H-NMR spectroscopy (formate). 

6.3. Results and Discussion  

6.3.1. Photochemistry of 1 and Synthesis and Characterization of 2+. Compound 1 was 

found to be highly photosensitive to visible light in acetonitrile solution. A solution of 1 in a sealed 

cuvette exhibited evidence of decomposition within minutes when allowed to stand under ambient 

laboratory lighting (overhead fluorescent lamps), as indicated by the appearance in the electronic-

absorption spectrum of a new band at 485 nm and absorption tail extending to ~600 nm (Figure 

6.2A). Photolysis of a sample of 1 in acetonitrile solution with a blue LED (λmax = 455 nm) 

accelerates these changes, with strong bands at 380 nm, 485 nm and 565 nm appearing within 5 

minutes (Figure 6.2B). These bands are at similar positions to those seen during the visible-light 

(Chapter 5) and UV-light53 photolysis of the related compound Ru(bpy)(CO)2Cl2 in acetonitrile, 

suggesting they arise from an analogous set of CO-loss photoproducts. Specifically, the band at 

485 nm is attributed to Ru(bpymes)(CO)(CH3CN)Cl2 (cf. Ru(bpy)(CO)(CH3CN)Cl2, lmax = 456 nm; 
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Chapter 5), which is the initial photoproduct of Ru(bpy)(CO)2Cl2, and the bands at 380 nm and 

565 nm are assigned to the secondary photolysis product Ru(bpymes)(CH3CN)2Cl2 (cf. 

Ru(bpy)(CH3CN)2Cl2, lmax = 377 nm and 550 nm; Chapter 5).62 Consistent with this attribution of 

the bands to primary and secondary photolysis products, during the first hour of photolysis the 

intensities of the bands at 380 nm and 565 nm overtake that of the initially observed 485-nm band. 

With continued irradiation the bands at 380 nm, 485 nm, and 565 nm diminish in intensity and a 

single strong band appears at 447 nm (Figure 6.2C). This band is assigned to the terminal 

photoproduct 2+, based on full characterization of an isolated sample (described below). 

Exhaustive UV photolysis of Ru(bpy)(CO)2Cl2 and Ru(bpyMe)(CO)2Cl2 also produce compounds 

of composition Ru(bpyR)(CH3CN)3Cl+ (Chapter 5).53-54  



138 

 
Figure 6.2. Electronic-absorption spectra of 1 and its photolysis products in CH3CN: (A) via 
exposure to ambient laboratory light (from overhead fluorescent lighting); (B) and (C) using a 455-
nm LED. The sample concentrations are: (A) 1.0 mM; (B) and (C) 0.3 mM. 
 

 Preparative-scale photolysis of 1 in CH3CN using either a blue LED or compact fluorescent 

bulb provided 2Cl in 77% isolated yield, following purification. The related compound 2[PF6] is 

prepared by salt metathesis between 2Cl and KPF6 (see Chapter 7.5.2). The compounds were 

characterized by 1H-NMR, 13C-NMR, and UV-visible spectroscopy, high-resolution mass 

spectrometry, and X-ray crystallography. The 1H and 13C NMR spectra of 2+ are consistent with a 

fac geometry, based on the number of resonances observed for the bipyridyl unit. This 

stereochemical assignment is supported by the crystal structure of 2[PF6] (Figure 6.3). The nature 

of the Ru(bpyR)(CO)2Cl2 R groups clearly play an important role in determining the geometry of 

the terminal Ru(bpyR)(CH3CN)3Cl+ photoproduct, as evidenced by the observed fac geometries of 
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2+ and related fac-Ru(4,4′-dimethylbpy)(CH3CN)3Cl+ and the mer geometry found for mer-

Ru(bpy)(CH3CN)3Cl+, but the origin that of this effect has not been investigated.54-55 

 
Figure 6.3. Thermal-ellipsoid representation of the 2+ core of 2[PF6] (40% probability ellipsoids). 
Carbon (grey), nitrogen (blue), chlorine (green), and ruthenium (red) atoms are shown; hydrogen 
atoms, PF6–, and interstitial CHCl3 are omitted for clarity. Selected bond lengths (Å) and angles 
(deg): Ru–Cl = 2.5220(19), Ru–N(1) = 2.070(6), Ru–N(2) = 2.029(6), Ru–N(3) = 2.037(7), Ru–
N(4) = 1.980(6), Ru–N(5) = 2.058(6), N(1)–Ru–N(2) = 76.4(2)°, N(3)–Ru–N(4) = 78.9(2)°, Cl–
Ru–N(5) = 178.75(18)°. 
 

The structure of 2+ can be compared to that previously reported for 1.55 For both 

compounds, the steric hindrance provided by the mesityl moieties leads to distortion of the 

equatorial ligands. For 2+, we find the Ru–N–C angles of the equatorial CH3CN ligands to be 

distorted from the ideal 180°, instead being 170.0° and 171.6°. In the case of 1 the Ru–C–O bond 

angles deviate to similar values (ca. 171.0°). The identity, and steric requirements, of the equatorial 

ligands seems to have a great impact on the orientation of the bpymes ligand. Interestingly, in 2+, 

the bpymes ligand is canted backwards out of the equatorial plane of the compound (C–C–N–

Ruaverage = 22.4°). This may be to limit steric clash between the CH3– groups of the equatorial 

acetonitrile ligands with the mesityl groups of the bpy ligand. For 2+, the two aromatic rings of the 

bipyridyl plane are coplanar with a N–C–C–N torsion angle of 2.04°; this differs greatly from the 

structure of 1 which has a much more distorted bipyridyl plane (N–C–C–N = 16.9°). 
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6.3.2. Photochemistry of 2+. As is expected from its method of synthesis, 2+ is observed 

as being photostable in acetonitrile solution. It is, however, not straightforward to differentiate 

between 2+ being photostable in acetonitrile or merely photostationary, with the compound 

undergoing degenerate CH3CN-for-CH3CN ligand substitution. In order to investigate the 

photostability of 2+ under conditions relevant for electrocatalytic reduction of CO2, photochemical 

studies were carried out in 4% H2O-acetonitrile (v/v). It has been reported that the compound 

[Ru(bpy)(CH3CN)4]2+ undergoes facile photo-induced ligand substitution when under 390 nm 

irradiation in acetone-d6 solution containing trace water,63 providing [Ru(bpy)(CH3CN)2(H2O)2]2+ 

in 90% yield in 4 h. Studying the photochemistry of 2+ in mixed H2O-acetonitrile solution enables 

us to have a potential photoproduct that (1) should be favorably formed if 2+ is photoreactive and 

(2) we can easily monitor by spectrophotometry. 

  
Figure 6.4. Electronic-absorption spectra of 2Cl (0.6 mM) in 4% H2O-CH3CN (v/v) (Left) in the 
dark, and (Right) under ambient laboratory lighting. 

 
 The electronic absorption spectrum of 2Cl in 4% H2O-acetonitrile (v/v) is very similar to 

that in pure acetonitrile, exhibiting a slight shift in lmax from 447 nm to 444 nm. The compound is 

thermally stable in this solvent mixture over 3 h when the solution is protected from light (Figure 

6.4). When exposed to ambient laboratory light under conditions similar to those employed for the 

study of 1 (Figure 6.4), 2+ undergoes very slight changes over 4.5 h (DA = 0.008 at lmax; 0.7% 

A B 
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change), indicating that, unlike 1, it can be handled for the duration of typical electrocatalysis 

experiments with minimal precautions. Even after 20 h of exposure to ambient light, DA = 0.017 

at lmax, or a 1.4% change. These experiments demonstrate the photostability of 2+. 

6.3.3. Electrochemistry of 2+. The electrochemical properties of 2+ in acetonitrile solution 

were determined by cyclic voltammetry (CV) and differential pulse voltammetry (DPV). The CV 

of 2+ (Figure 6.5) exhibits features arising from one oxidative and two reductive processes. The 

redox potentials for these processes are set out in Table 6.1. For 2[PF6], the oxidation is reversible 

(Figure 6.5B) and assigned to the RuII/III couple (E1/2 = 0.63 V vs. FeCp20/+). This potential is 

similar to that recently reported for the related compound mer-Ru(bpy)(CH3CN)3Cl+ (E1/2 = 0.69 

V; Chapter 5).The oxidative wave observed for 2Cl, in contrast, is quasi-reversible (Figure 7.5.9) 

due to overlap with the oxidation of Cl− at ca. +0.7 V; DPV of 2Cl (Figure 7.5.10) demonstrates it 

possesses the same oxidation potential as that of 2[PF6].63-64 The two reductions of 2+ are observed 

at −2.01 and −2.33 V. The first reduction is irreversible and exhibits an associated oxidative 

process at −1.76 V that is present both when the scan is reversed after the first and after the second 

reduction. As the scan rate is increased a small anodic feature begins to grow at −1.95 V (ΔEp = 

60 mV relative to the cathodic peak at Ep = −2.01 V, the same as measured for the FeCp20/+ internal 

reference); this suggests that the first reduction may be quasi-reversible at fast scan rates. The 

second reduction of 2+ (Ep = −2.33 V) is irreversible. 

Table 6.1. Redox Potentials (V vs. FeCp20/+) of 1 and 2+.a  

Catalyst E1/2 (Ox) Ep (1st Red)b Ep (2nd Red)b 

1 +1.22   −1.69c  −1.89c 
2+  +0.63 −2.01 −2.33 

a All measurements are by CV in CH3CN solution with 0.1 M [NBun4][PF6]. b Measured at ν = 0.1 
V/s. c From ref. 55. 
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Figure 6.5. Cyclic voltammograms of 2+-containing compounds in CH3CN solution containing 
0.1 M [NBun4][PF6]: (A) 2Cl (2 mM); (B) 2[PF6] (0.7 mM).  

 
The electrochemistry of the related compound 1 in acetonitrile was previously described in 

detail by Kubiak and coworkers,55 which provides a basis for assigning the reduction processes of 

2+. Compound 1 also exhibits two one-electron reductions (Table 6.1), which were assigned as 

bpy-centered processes. The first reduction (Ep = −1.69 V) is irreversible and produces 

[RuII(bpymes●)(CO)2Cl2]−, which undergoes rapid ligand-to-metal electron transfer and loss of Cl− 

to give RuI(bpymes)(CO)2Cl. The second reduction, which is associated with this latter product, is 

quasi-reversible (E1/2 = −1.86 V) and generates [RuI(bpymes●)(CO)2Cl]−. The reduction potentials 

of 2+ are negative of those of 1 by 0.3–0.4 V (DEred1(2+–1) = −0.32 V, DEred2(2+–1) = −0.44 V). 

The approximately constant shift of the reduction potentials between 1 and 2+ suggests that the 

natures of these processes are similar in the two compounds, namely, that the first reduction of 2+ 

results in formation of RuII(bpymes●)(CH3CN)3Cl and the second reduction in formation of 

RuI(bpymes●)(CH3CN)3. The negative shifts of the reduction potentials for 2+ relative to 1 arise 

from the substantially poorer electron-withdrawing ability of the acetonitrile ligands of 2+ 

compared with the CO ligands of 1. This difference also plays a role in determining the stability 

of the electrogenerated transients for 1 and 2+, as indicated by the different degrees of reversibility 

of their electrochemical processes. The first reduction for 1 is irreversible at CV scan rates up to 
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3.2 V/s, whereas that for 2+ begins to show an anodic wave as the scan rate is increased to 0.4 V/s. 

This suggests that chloride loss from the first reduction product to form of Ru(bpymes)(CO)2Cl is 

faster than that to form [Ru(bpymes)(CH3CN)3]+. Conversely, the second reduction of 1 is quasi-

reversible (ν = 0.1–3.0 V/s) while that for 2+ is irreversible at all scan rates studied (0.05–0.4 V/s), 

consistent with the greater ability of CO ligands compared with acetonitrile ligands to stabilize 

highly reduced compounds.  

Although not of importance for electrocatalytic CO2 reduction, the oxidation potentials of 

1 and 2+ are found to differ by a similar amount as are their reductions. The oxidation of 1 (Figure 

7.5.11) is found to be a reversible, one-electron process with E1/2 = 1.22 V (Table 6.1). This is 

assigned to the RuII/III couple, based on its similarity to this couple for the related compound 

Ru(bpy)(CO)2Cl2 (E1/2 = 1.35 V).59 The oxidation potential of 2+ is shifted from that of 1 by –0.59 

V, with the slightly larger shift as compared to that found for the reductions (–0.32, –0.44 V) 

arising from the fact that the metal-centered oxidation will be more sensitive to the nature of the 

ligands than the bipyridyl-centered reductions. 

6.3.4. Electrocatalytic Reduction of CO2 by 2+. The electrochemical reduction of 2+ in 

the presence of CO2 is found to result in the catalytic production of CO. These experiments were 

conducted in acetonitrile solution with phenol as the proton source, to provide consistency with 

the detailed study by Kubiak and coworkers of electrocatalytic CO2 reduction by 1.55 Compound 

1 and the compounds Ru(bpy)(CO)2Cl2 and mer-[Ru(bpy)(CH3CN)3Cl]+, which are analogues of 

1 and 2+, respectively, are also known to be electrocatalysts for the reduction of protons from 

phenol to H2 (Chapter 5);55 thus, the electrochemistry of 2+ in the presence of phenol was also 

studied in the absence of CO2 in order to understand possible background proton-reduction 

processes. Under N2, the CV of 2+ in acetonitrile solution containing 0.5 M phenol (the 
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concentration employed in the prior study of 1)55 shows an increase in current at potentials negative 

of ca. −1.85 V relative to that observed without phenol (Figure 6.6A). This current response is 

shifted slightly positive (by 50–75 mV) of that observed for 0.5 M phenol in the absence of 2+, 

suggesting but not clearly establishing that 2+ is serving as a proton-reduction catalyst. To probe 

this further, controlled-potential electrolysis experiments were conducted at −1.90 V, which is 

within the first reduction wave of 2+ but positive of the potential at which current steeply rises 

from direct reduction of phenol at the electrode. Gas-chromatographic analysis of the headspace 

of a bulk electrolyzed sample confirmed the presence of H2, which is produced with a Faradaic 

efficiency of 57.5% (Table 6.2). CVs of 2+ with lower concentrations of phenol show that the 

potential of the first reduction does not appear to change (Figure 7.5.12), suggesting that the 

process is not coupled with protonation of the metal center under these conditions, but this is 

difficult to establish at higher phenol concentrations owing to the substantial background current.  
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Figure 6.6. Cyclic voltammograms (ν = 0.1 V/s) of 2Cl in CH3CN containing 0.1 M [NBun4][PF6] 
with different combinations of substrates: (A) Under an N2 atmosphere, 2Cl (0.4 mM) in the 
absence of substrate (black) and with PhOH (0.5 M), and a PhOH (0.5 M) blank (dashed); (B) 2Cl 
(0.4 mM) under an N2 atmosphere (black) with PhOH (0.5 M; blue), and upon subsequent addition 
of CO2 (orange), (C) 2Cl (0.6 mM) in the absence of substrate (dotted), and under a CO2 
atmosphere (solid) with increasing amounts of PhOH.  

 
The CV of 2+ under 1 atm of CO2 in acetonitrile containing phenol differs substantially in 

appearance from those under identical conditions in the absence of CO2 (Figure 6.6B), in that the 

steeply rising waveform associated with H2 production is replaced by a structured waveform with 

lower current response at potentials below –2.0 V. The nature of the waveform under CO2 is 

dependent on phenol concentration, as shown in Figure 6.6C. In the absence of phenol, the current 

response in the region of the first reduction is similar to that observed under N2 but there is a small 

increase in current enhancement near the second reduction of the compound. Qualitatively similar 
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behavior was noted for the related compound 1 under CO2 without phenol, and attributed to the 

presence of trace H2O introduced with CO2.55 With increasing phenol concentration (7–54 mM, 

Figure 6.6C) there is a steady increase in current at −2.05 V, close to the first reduction of 2+, 

followed by a plateau in the wave at potentials up to ca. –2.3 V. This indicates that a catalytic 

process is occurring at a rate which is independent of potential. The observation that the presence 

of CO2 does not result in a change in the first reduction potential of 2+ (Figure 6.6B) indicates that 

the first reduction is not coupled to CO2 binding or coordination. A similar observation was also 

made for 1.55 At potentials more negative than −2.3 V the current response is very similar to that 

observed in the absence of phenol. At higher concentrations of phenol (125–500 mM) the 

enhancement of the current in this potential range is greater, leading to the waveform exhibiting a 

peak at ca. −2.35 V; this indicates that substrate is depleted within the double layer under these 

experimental conditions.65  

The nature and efficiencies of the catalytic reduction processes of 2+ in the presence of CO2 

and phenol were established through controlled-potential electrolysis experiments and 

corresponding gas-chromatographic and NMR-spectroscopic analyses. The results are set out in 

Table 6.2, alongside those for 1. At an electrolysis potential of −2.05 V, which is near the first 

reduction of 2+, and with 0.1 M phenol, which corresponds to the highest phenol concentration at 

which the current plateau is observed (Figure 6.6C), it is found that CO was generated with a 

Faradaic efficiency of 69.0%, formate is not produced, and H2 is a trace product. The second 

catalytic process observed near −2.20 V, which appears at higher concentrations of phenol, was 

probed by controlled potential electrolysis in the presence of 0.5 M phenol. The major product is 

again CO (with a Faradaic efficiency of 44.1%), but H2 is also produced with substantial efficiency 
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(34.7%). Thus, the more cathodic feature observed by CV corresponds to electrocatalytic proton 

reduction. 

Table 6.2. Electrocatalytic Faradaic Efficiency for CO2 and Proton Reduction by 1 and 2+.a  

Cat E (V) [Cat] 
(mM) 

[PhOH] 
(M) 

Faradaic Efficiency (%) Formate 
Detected Turnoversc 

CO H2 

1 

 −1.7d  1.0d 0.5    63 ± 16d  1.8 ± 0.8d  Yesd  5.2d 
 −2.05  0.6 0.1  48.6 ± 1.2 Trace No  5.6 
 −2.2d  1.0d 0.5 95d 1d ––  5.2d 

   −2.2d e     1.0d e 0.5   0d,e    52d,e ––     5.2d,e 

2+ 

 −1.90e  0.5e 0.5  0e  57.5 ± 6.4e ––  6.9e 
 −2.05  0.5 0.1  69.0 ± 3.9 Trace No  4.2 

−2.20 0.5 0.5    44.1 ± 2.5 34.7 ± 1.5 No 7.3 
a Experiments were carried out under 1 atm (0.28 M) CO2 in CH3CN containing 0.1 M 
[NBu4n][PF6]. b Uncertainties are calculated sample standard deviations from 3 measurements. c 
One turnover is defined as two electrons being passed per catalyst molecule; where multiple runs 
provided different numbers of turnovers, the mean is given. d From ref. 55. e Under N2 or Ar 
atmosphere. 

 
These electrocatalysis results for 2+ may be compared with those for related compound 1. 

Under the controlled-potential electrolysis conditions at which 2+ is most selective (E = –2.05 V, 

0.1 M phenol), 1 is found to also produce CO with high selectivity (i.e., no formate and trace H2 

are detected) but lower Faradaic efficiency (48.6% vs. 69.0%). The earlier study of 1 by Kubiak 

and coworkers55 employed a higher phenol concentration (0.5 M). At this concentration, the 

Faradaic efficiency for CO production by 1 is increased substantially at more negative potentials 

(95% at E = −2.20 V) with minimal production of H2,66 whereas for 2+ CO production under these 

conditions is less efficient and selective. The origin of this difference appears to be that 2+ is a 

more efficient catalyst than 1 for proton reduction from phenol, as indicated by the fact that it 

exhibits a Faradaic efficiency for H2 production at –1.90 V (57.5%, Table 6.2) that is 

experimentally indistinguishable from that for 1 at the more negative potential of –2.2 V (52%).55 
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Interestingly, these trends contrast with those recently reported for the related bpy derivatives of 1 

and 2+, namely, Ru(bpy)(CO)2Cl2 and fac-[Ru(bpy)(CH3CN)3Cl]+ (Chapter 5). The Faradaic 

efficiency for CO production at –2.20 V in the presence of 0.5 M phenol by fac-

[Ru(bpy)(CH3CN)3Cl]+ was found to be roughly double that for Ru(bpy)(CO)2Cl2, with the two 

compounds exhibiting similar efficiencies for H2 production at this potential. Critical to these 

differences is the steric protection toward catalyst oligomerization imparted by the mesityl groups 

of 1 and 2+, which results in these compounds possessing two one-electron reductions instead of 

the single two-electron reductions observed by the bpy derivatives.  

6.4. Conclusions 

The electrochemical and photochemical properties of the Ru(bpymes)-containing complexes 

2+ and 1 depend significantly upon the nature of their supporting ligands. Both complexes 

electrocatalyze the reduction of CO2 to CO in acetonitrile solution containing phenol. At –2.2 V 

with 0.5 M phenol, 1 is a highly selective and efficient catalyst for CO production compared with 

2+, which coproduces H2. In contrast, at lower proton concentrations (0.1 M phenol) and potentials 

(–2.05 V) 2+ is a more efficient catalyst than 1 for the reduction of CO2 to CO. Relevant to its 

potential stability as a catalyst, 2+ is photolytically stable in acetonitrile solution whereas 1 

decomposes under ambient lighting conditions; this property provides greater utility for 

application of 2+ in artificial photosynthetic schemes. Perhaps of more general importance is that 

these useful properties are found for a complex that does not possess CO ligands, which are the 

most commonly found supporting ligands for metal-polypyridyl electrocatalysts.46 This suggests 

derivatives prepared from 2+ containing other neutral ligands in place of CH3CN could provide 

rich opportunities to further modulate and optimize these properties.  
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CHAPTER 7: Supplementary Information 

7.1. Chapter 2 Supplementary Information 

 7.1.1. Definitions 

 

Figure 7.1.1. The compounds discussed in Section 7.1. 
 
7.1.2. Single-Crystal X-ray Diffraction Study of 1[BF4]. A rod-shaped crystal fragment 

(0.23 ´ 0.23 ´ 0.92 mm) was selected under a stereo-microscope while immersed in fluorolube oil 

to avoid possible reaction with air. The crystal was removed from the oil using a tapered glass 

fiber that also served to hold the crystal for data collection. The crystal was mounted and centered 

on a Bruker D8 Venture system with CMOS detector and Mo microsource radiation; the crystal 

was cooled to 100 K. Frames separated in reciprocal space were obtained and provided an 

orientation matrix and initial cell parameters. Final cell parameters were obtained from the full 

data set, with the exception outlined below. A “full sphere” data set was obtained using a 

combination of omega and phi scans, which sample approximately all of reciprocal space to a 

resolution of 0.75 Å, with an integration time of 7.5 sec/frame. Data reduction was made using 

APEX2 software1 including SAINT for integration. One of the data collection runs contained 
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several frames showing abrupt changes in average correlation coefficient and average spot 

intensity. These frames were removed from further data processing. Eliminating these data was 

not detrimental to the completeness of the structural data used for structure solution and 

refinement. Absorption corrections were applied using SADABS2 based on redundant diffractions. 

The structure was solved by SHELXT3 and refined by a full-matrix least-squares procedure 

using the Bruker SHELXTL software package (version 6.14, XL refinement program version 

2014/7).4-5 Repeated difference Fourier maps allowed recognition of all expected C and N atoms. 

Following anisotropic refinement of all non-H atoms, ideal H atom positions were calculated. Final 

refinement was anisotropic for non-H atoms and isotropic-riding for H atoms. Further information 

about the structure is presented in Tables 7.1–2 and Figure 7.1.2. 

Table 7.1.1. Crystallographic Data for [Ni(PCy2NtBu2)2][BF4] (1[BF4]). 

parameter 1[BF4] 

formula C48H96N4NiP4BF4 

formula wt 998.68 
space group C2/c 

unit cell dimensions a = 22.729(6) α = 90.0˚ 
 b = 11.661(3) β = 104.225(7)˚ 
 c = 20.503(6) γ = 90.0˚ 

V (Å3) 5268(2) 

Z 4 

density (calcd) (Mg/m3) 1.259 
µ (mm–1) 0.540 

T (K) 100(2) 

wavelength (Å) 0.71073  

GOF on F2 1.076  

final R indices [I > 2σ(I)]a R1 = 0.0335, wR2 = 0.0698 

final R indices (all data)a R1 = 0.0532, wR2 = 0.0774 
a R1 = ∑#|𝐹&|	– |𝐹)|# / ∑|𝐹+|, wR2 = [∑𝑤(𝐹&.–𝐹).)./∑[𝑤(𝐹&.).]]2/. 
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Figure 7.1.2. Thermal-ellipsoid representation (40% probability ellipsoids) of one 
crystallographically unique PCy2NtBu2 ligand about the Ni center of 1[BF4], showing the full 
numbering scheme. 
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Table 7.1.2. Selected Bond Lengths (Å) and Angles (°) for 1[BF4] as Determined by X-ray 
Crystallography. 

Ni(1)-P(1)#1  2.2175(7) 
Ni(1)-P(1)  2.2175(7) 
Ni(1)-P(2)#1  2.2195(7) 
Ni(1)-P(2)  2.2195(7) 
P(1)-C(1)  1.848(2) 
P(1)-C(19)  1.851(2) 
P(1)-C(13)  1.8676(19) 
P(2)-C(14)  1.8491(19) 
P(2)-C(7)  1.849(2) 
P(2)-C(20)  1.869(2) 
N(1)-C(13)  1.458(2) 
N(1)-C(14)  1.463(2) 
N(1)-C(15)  1.510(2) 
N(2)-C(20)  1.458(3) 
N(2)-C(19)  1.458(2) 
N(2)-C(21)  1.507(3) 
C(1)-C(2)  1.523(3) 
C(1)-C(6)  1.531(3) 
C(2)-C(3)  1.525(3) 
C(3)-C(4)  1.515(3) 
C(4)-C(5)  1.507(3) 
C(5)-C(6)  1.528(3) 
C(7)-C(12)  1.524(3) 
C(7)-C(8)  1.530(3) 
C(8)-C(9)  1.527(3) 
C(9)-C(10)  1.514(3) 
C(10)-C(11)  1.519(3) 
C(11)-C(12)  1.526(3) 
C(15)-C(18)  1.525(3) 
C(15)-C(17)  1.528(3) 
C(15)-C(16)  1.530(3) 
C(21)-C(22)  1.524(3) 
C(21)-C(24)  1.528(3) 
C(21)-C(23)  1.528(3) 
P(1)#1-Ni(1)-P(1)111.36(4) 
P(1)#1-Ni(1)-P(2)#181.83(3) 
P(1)-Ni(1)-P(2)#1140.49(2) 
P(1)#1-Ni(1)-P(2)140.49(2) 
P(1)-Ni(1)-P(2) 81.83(3) 
P(2)#1-Ni(1)-P(2)112.13(3) 
C(1)-P(1)-C(19) 99.85(9) 
C(1)-P(1)-C(13) 102.07(9) 
C(19)-P(1)-C(13) 102.08(9) 
C(1)-P(1)-Ni(1) 126.41(7) 

C(19)-P(1)-Ni(1) 111.47(7) 
C(13)-P(1)-Ni(1) 111.87(7) 
C(14)-P(2)-C(7) 100.10(9) 
C(14)-P(2)-C(20)102.02(10) 
C(7)-P(2)-C(20) 102.12(9) 
C(14)-P(2)-Ni(1) 111.55(7) 
C(7)-P(2)-Ni(1) 126.11(7) 
C(20)-P(2)-Ni(1) 111.91(7) 
C(13)-N(1)-C(14)111.51(15) 
C(13)-N(1)-C(15)111.67(15) 
C(14)-N(1)-C(15)113.32(15) 
C(20)-N(2)-C(19)111.60(15) 
C(20)-N(2)-C(21)111.83(16) 
C(19)-N(2)-C(21)113.36(15) 
C(2)-C(1)-C(6) 110.32(17) 
C(2)-C(1)-P(1) 111.72(14) 
C(6)-C(1)-P(1) 115.11(14) 
C(1)-C(2)-C(3) 110.45(18) 
C(4)-C(3)-C(2) 111.62(19) 
C(5)-C(4)-C(3) 111.11(19) 
C(12)-C(7)-C(8) 110.42(17) 
C(12)-C(7)-P(2) 111.51(14) 
C(8)-C(7)-P(2) 115.42(14) 
C(9)-C(8)-C(7) 111.33(18) 
C(10)-C(9)-C(8) 111.38(19) 
C(9)-C(10)-C(11)110.82(19) 
C(10)-C(11)-C(12)111.86(19) 
C(7)-C(12)-C(11)110.18(18) 
N(1)-C(13)-P(1) 115.67(13) 
N(1)-C(14)-P(2) 114.10(13) 
N(1)-C(15)-C(18)109.96(17) 
N(1)-C(15)-C(17)112.68(17) 
C(18)-C(15)-C(17)108.52(19) 
N(1)-C(15)-C(16)107.64(17) 
C(18)-C(15)-C(16)108.07(19) 
C(17)-C(15)-C(16)109.87(19) 
N(2)-C(19)-P(1) 114.26(13) 
N(2)-C(20)-P(2) 115.57(14) 
N(2)-C(21)-C(22)112.90(17) 
N(2)-C(21)-C(24)109.85(18) 
C(22)-C(21)-C(24)108.28(19) 
N(2)-C(21)-C(23)107.74(17) 
C(22)-C(21)-C(23)109.9(2) 
C(24)-C(21)-C(23)108.06(19) 
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7.1.3. Electron Paramagnetic Spectroscopy 

 

Figure 7.1.3. Comparison of CW X-band EPR spectra of 1[BF4] in butyronitrile at 5 K (black), 
40 K (red), and 100 K (green). The CW X-band EPR spectra show no temperature dependence in 
the temperature range investigated (5-100 K). The same paramagnetic species is thus monitored 
in this temperature range. This allows us to use the respective optimal temperature for experiments 
at different microwave frequencies (X-, Q-, D-band). 
 

 

Figure 7.1.4. Comparison of CW and pulsed X-band EPR spectra of 1[BF4] in butyronitrile at 5–
15 K. Note that the magnetic field has been adjusted to compensate for differences in mw 
frequencies. The integrated CW EPR spectrum is very similar to spectra recorded with various 
pulse sequences. This ensures that same paramagnetic species is monitored in CW and pulsed EPR 
experiments.  
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Figure 7.1.5. (Left) X-band inversion recovery time trace of 1[BF4] in butyronitrile at 336.5 mT 
(maximum echo intensity; see Figures 7.1.7 and 7.1.8). (Right) X-band 2-Pulse ESEEM time trace 
of 1[BF4] in butyronitrile at 336.5 mT (maximum echo intensity; see Figures 7.1.7 and 7.1.8) at 
15 K. A strong effect of temperature on spin-lattice relaxation time (T1e) was observed; 15 K was 
chosen for most pulsed X-band experiments. The relatively long spin-spin relaxation time (T2e) 
confirms that we observed isolated paramagnetic complexes and not aggregates/multimers.  

 

 

Figure 7.1.6. Comparison of EPR spectra of 1[BF4] in butyronitrile (black) and 1:2 
CH3CN:CH2Cl2 (green) at 5–15 K. The X-band EPR spectrum has been recorded in continuous 
wave (CW) mode; thus, the spectrum represents the first derivative of an absorption spectrum. The 
Q-band and D-band measurements generated absorption-type spectra, but were pseudomodulated6 
to yield derivative-type spectra. The asterisk marks the EPR signal of an additional paramagnetic 
substance, probably due to decomposition of 1+; see Chapter 2 for details. The EPR spectra of 
1[BF4] observed at the three different microwave frequencies are virtually identical in the two 
solvents. For magnetic resonance parameters, see main text. 
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Figure 7.1.7. (Left) Field-swept echo-detected X-band EPR spectrum of 1[BF4] in butyronitrile at 
15 K. Arrows indicate the magnetic field positions where the ENDOR spectra were recorded. 
(Right) 31P X-band Mims ENDOR spectra (inverted) of 1[BF4] in butyronitrile at 15 K. The 31P 
nuclei are strongly coupled to the unpaired electron of 1[BF4]; the ENDOR signals of each 31P 
nucleus are centered around A/2. The ENDOR frequencies and intensities are dependent on the 
static magnetic field selected. Hyperfine interaction extracted from analysis of the ENDOR spectra 
agrees with the information extracted from simulation of the EPR spectra. The sharp signal around 
110 MHz is an artifact of our setup. 

 

 

Figure 7.1.8. (Left) Field-swept echo-detected X-band EPR spectrum of 1[BF4] (butyronitrile, 15 
K). (Right) 31P X-band Mims ENDOR spectrum (green; inverted), 31P X-band Davies ENDOR 
spectrum (brown), and ELDOR-detected NMR spectrum (blue) of 1[BF4] (butyronitrile, 15 K). 
Davies ENDOR delivered essentially the same information as Mims ENDOR. ELDOR-detected 
NMR (no RF irradiation) shows resonance at the same frequencies, confirming that these signals 
are not an artifact of the intense RF irradiation. 
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Figure 7.1.9. Pulsed X-band EPR and Davies ENDOR spectra of 1[BF4] in fully protonated 
(black) and fully deuterated (green) 1:2 CH3CN:CH2Cl2 mixtures at 15 K. (Upper left) Field-swept 
echo-detected X-band EPR spectra; arrows indicate the magnetic field positions where the 
ENDOR spectra were recorded. (Upper right) 1H X-band Davies ENDOR spectra; the red trace is 
the difference spectrum. (Lower left) 1H X-band Davies ENDOR spectra, recorded at 323.5 mT; 
the red trace is the difference spectrum. (Lower right) 1H X-band Davies ENDOR spectra, recorded 
at 348.5 mT; the red trace is the difference spectrum. The comparison of 1H Davies ENDOR 
measurements of 1[BF4] in fully deuterated and fully protonated 1:2 CH3CN:CH2Cl2 mixtures 
clearly shows that solvent 1H contribute only to the matrix part of the ENDOR spectra, i.e., the 
spectral region close to the Larmor frequency. This means that they are only weakly dipolar 
coupled and distant from the paramagnetic center of compound 1+. 
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Figure 7.1.10. (Left) HYSCORE spectrum of 1[BF4] recorded at magnetic field position 336.5 mT 
(butyronitrile, 20 K). (Middle) Simulation of HYSCORE spectrum with one 14N nucleus; A-tensor 
(+0.3, +0.2, +0.3 MHz), Q-tensor (+1.38, +1.46, –2.84 MHz). (Right) Simulation of HYSCORE 
spectrum with two 13C nuclei; A-tensors (+2.7, +4.6, +2.7 MHz) and (–1.4, +2.6, –1.4 MHz). Note 
that the levels of contour plot intensities are not adjusted. The signals of weakly coupled 14N nuclei 
(four nitrogen nuclei almost equidistant from the Ni-center) dominate the depicted part of the 
HYSCORE spectrum. Signals from intermediate and weakly coupled 13C nuclei may contribute to 
the HYSCORE spectrum. 

 
 7.1.4. Density Function Theory Calculations 

Table 7.1.3. Effect of Functional and Basis Set on Calculated EPR Parameters for 1+.a  

Functional Basis Set g-values 
31P A-tensors (MHz)b 

B3LYP def2-TZVP7 2.1664, 2.0702, 2.0541   155, 161, 203 
 

B3LYP EPRII for C, N, H10,11 
IGLOII for P8 
Wachters for Ni9-11 

2.1613, 2.0636, 2.0454  154, 160, 203 

a EPR parameters were calculated using Orca 2.9.112 and the B3LYP functional.13-16 The initial 
structure was optimized with BP86|3-21G and used a slightly different starting structure than that 
of the main text resulting in g-values that differ by less than 1/10,000th. b The hyperfine coupling 
constants of the four 31P nuclei were found to be identical within 1 MHz in both calculations, 
respectively.  
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Table 7.1.4. Effect of Functional and Basis Set used for Geometry Optimization on the 
Calculated EPR Parameters for 1+.a  

Functional Basis Set g-values 
Isotropic Hyperfine 

Couplings of the four 31P 
nuclei (MHz) 

Average Ni–P 
distance (Å)b 

BP86 3-21G 2.1614, 2.0636, 2.0454  172, 172, 172, 172 2.225 (0.0002) 

BP86 6-31G 2.1668, 2.0698, 2.0535  203, 204, 203, 204 2.297 (0.0002) 

B3LYP 3-21G 2.2217, 2.1066, 2.0830  136, 139, 136, 139 2.280 (0.0006) 

B3LYP 6-31G 2.2444, 2.1229, 2.0974  151, 151, 151, 151 2.382 (0.0003) 

PBE 3-21G 2.1538, 2.0596, 2.0422  177, 177, 177, 177 2.220 (0.0001) 

PBE 6-31G 2.1609, 2.0664, 2.0506  206, 207, 206, 207 2.291(0.0001) 

— c — c 2.146, 2.063, 2.017  165, 165, 165, 165 
2.2185 

(0.0014) 
a EPR parameters were calculated using Orca 2.9.1,12 the B3LYP functional,13-16 the EPRII basis 
set17-18 for C, N, and H, the IGLOII basis set8 for P, and Wachters basis set9-11 for Ni. b Ni–P 
distance averaged over the four bonds is given with the standard deviation in parentheses. c 

Experimentally determined EPR parameters, Ni–P distance determined from crystal structure. 
 

 

Figure 7.1.11. Numbering system for phosphorus nuclei of 1+. 
 

Table 7.1.5. Calculated (BP86|3-21G) Ni–P Bond Lengths of Ni(PR2NR′2)2+ Complexes. Atom 
Numbers are Defined in Figure 7.1.11.  

 
Compound 

 
R 

 
R′ 

d(Ni–P) (Å)  
dav(Ni–P) (Å) Ni–P1 Ni–P2 Ni–P3 Ni–P4 

1+ Cy tBu 2.225 2.225 2.224 2.225 2.225 
2+ Ph tBu 2.244 2.245 2.245 2.245 2.245 
3+ Cy Ph 2.229 2.229 2.229 2.229 2.229 

4a+ Ph Ph 2.252 2.243 2.243 2.248 2.247 
4b+ Ph Ph 2.275 2.246 2.246 2.275 2.261 
4c+ Ph Ph 2.267 2.240 2.235 2.243 2.246 
 

Ni
P1
P2 P3

P4
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Table 7.1.6. Calculated (BP86|3-21G) NiP4 Bond Angles of Ni(PR2NR′2)2+ Complexes. Atom 
Numbers are Defined in Figure 7.1.11. For definition of R/R′, see Table 7.1.5. 

Compound Ð(P–Ni–P) intra-ligand (˚) Ð(P–Ni–P) inter-ligand (˚) α (˚) 

P1–Ni–P2 P3–Ni–P4 
P1–

Ni–P3 

P1–Ni–

P4 

P2–Ni–

P3 

P2–Ni–

P4 

1+ 83.78 83.77 135.50 113.31 113.23 135.51 69.09 

2+ 83.09 83.09 134.33 114.96 114.89 134.34 71.62 

3+ 85.44 85.44 139.81 108.42 108.36 139.82 60.85 

4a+ 84.96 84.15 138.52 109.80 109.64 139.94 62.37 

4b+ 84.86 84.85 142.40 110.99 103.64 142.41 56.66 

4c+ 85.06 86.25 143.21 109.70 105.17 138.26 59.18 

 

 

Figure 7.1.12. Labeling system for bond angles about nitrogen nuclei. 
 

  

P

N

P

R'

ab
c
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Table 7.1.7. Calculated (BP86|3-21G) Bond Angles about the Pendant Amines of Ni(PR2NR′2)2+ 
Complexes. Angles a, b, and c are Defined in Figure 7.1.12. 

Compound Ða (˚) Ðav a (˚) 
CH2–1N(R′)–

CH2 
CH2–2N(R′)–

CH2 
CH2–3N(R′)–

CH2 
CH2–4N(R′)–

CH2 
1+ 111.18 111.18 111.18 111.18 111.18 
2+ 111.66 111.66 111.66 111.66 111.66 
3+ 114.77 114.81 114.77 114.80 114.79 
4a+ 115.10 115.13 115.83 116.00 115.52 
4b+ 116.96 115.66 115.68 116.94 116.31 
4c+ 117.52 116.87 115.15 115.62 116.29 

Compound Ðb (˚) Ðav b (˚) 
CH2–1N(R′)–

CH2 
CH2–2N(R′)–

CH2 
CH2–3N(R′)–

CH2 
CH2–4N(R′)–

CH2 
1+ 111.22 111.22 111.22 111.22 111.22 
2+ 111.82 111.81 111.81 111.81 111.81 
3+ 117.18 117.14 117.13 117.19 117.16 
4a+ 112.57 119.33 118.83 118.95 117.42 
4b+ 121.63 118.43 118.46 121.60 120.03 
4c+ 121.01 122.11 116.90 120.70 120.18 

Compound Ðc (˚) Ðav c (˚) 
CH2–1N(R′)–

CH2 
CH2–2N(R′)–

CH2 
CH2–3N(R′)–

CH2 
CH2–4N(R′)–

CH2 
1+ 111.25 111.27 111.27 111.25 111.26 
2+ 110.85 110.86 110.85 110.86 110.86 
3+ 116.75 116.68 116.68 116.75 116.72 
4a+ 115.47 118.22 117.67 117.94 117.33 
4b+ 119.78 117.22 117.23 119.78 118.51 
4c+ 119.01 119.52 116.36 119.27 118.54 
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a b c d 
Figure 7.1.13. Calculated structures of complexes 1+ (top) and 4b+ (bottom) with orientation of g-
tensor on central nickel atom (blue = gZ, red = gY, green = gX; gX>gY>gZ) and orientation of 31P A-
tensors (blue=AZ, red=AY, green=AX; AX>AY >AZ): (a) all-atom; (b), no hydrogens; (c) only the 
central scaffold; (d) only the central nickel atom and the four surrounding phosphorus atoms. See 
Tables 7.1.8 and 7.1.12 for 31P A-tensors of complexes 1+ and 4b+. 
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1+ 4b+ 
Figure 7.1.14. Calculated electron spin densities for 1+ and a representative 4+ structure (4b+) at 
the 0.001 e/a03 isosurface level. 

 

 
 

1+ 4b+ 

Figure 7.1.15. Calculated electron spin densities for 1+ and a representative 4+ structure (4b+) at 
the 0.0001 e/a03 isosurface level. 
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7.2. Chapter 3 Supplementary Information 

7.2.1. Definitions 

 

Figure 7.2.1. The compounds discussed in Section 7.2. For clarity, the phosphine (cyclohexyl) 
and amine (tert-butyl) substituents of the nickel compounds are not shown.   
 

7.2.2. Synthesis and Characterization of Compounds 

Methods. All manipulations were performed under a nitrogen atmosphere using standard 

glovebox and Schlenk techniques, unless otherwise noted. 1H and 31P{1H} NMR spectra were 

recorded at room temperature with Bruker DRX 400 or AF500 spectrometers. Chemical shifts 

were measured relative to the isotopic impurity in the NMR solvent (1H)19 or an external standard 

of 85% H3PO4 in D2O (31P). J. Young NMR tubes were employed for some experiments; these 

tubes are topped with Teflon valves that provide an air-tight seal and enable connection to a 

vacuum line. Electronic-absorption spectra were obtained with a Cary 300 UV-visible 

spectrophotometer of samples contained in quartz cuvettes.  

Preparation of 1H+ by the reaction between 1-H22+ and 1. A solution sample of 1-H22+ 

was prepared in situ by adaptation of a reported procedure.20 A J. Young NMR tube was charged 

with 1 mL of a 3.2 mM solution of 1[BF4]2 (3.2 µmol) in PhCN that contained 5% v/v CD3CN. 

The sample was degassed via 3 freeze–pump–thaw cycles on a high vacuum line, back-filled with 
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H2 during the final thaw process (~2 atm), and sealed. The sample immediately changed color 

from red to pale yellow and the formation of 1-H22+ was shown by 31P{1H} NMR (δ = 16.8 Figure 

3.5). The NMR tube was reopened under N2 and 1 (3.0 mg (± 0.2 mg); 3.28 µmol) was added. The 

color of the solution turned to a darker yellow. The 31P{1H} NMR spectrum showed the presence 

of only 1H+ (δ = 12.6, Figure 3.5). 

 

Figure 7.2.2. 1H NMR spectrum of 1H[BF4] (CD3CN, 400 MHz). The Ni–H resonance is shown 
in the inset.  
 

Ni–H 
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Figure 7.2.3. Expansion of Figure 7.2.2 (1H NMR spectrum of 1H[BF4]; CD3CN, 400 MHz).  
 

 

Figure 7.2.4. 31P{1H} NMR spectrum of 1H[BF4] in CD3CN solution.  
 

–PCH2N– 

tBu–N 

Cy–P 

H2O 

CHD2CN 

Et2O 
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Figure 7.2.5. Electronic-absorption spectrum of 1+ in CH3CN solution.  
 

7.2.3. Photochemical and Photophysical Experiments 

Methods. Electronic-absorption spectra were obtained with a Cary 300 UV-Vis 

spectrophotometer of samples contained in quartz cuvettes. Photoluminescence lifetimes were 

measured using a custom-built pulsed-laser instrument that has been described previously.21 

Excitation was provided by an integrated Nd:YAG-optical-parametric-oscillator pulsed laser 

(Opotek Vibrant 355 LD; 10 Hz, 10-ns pulse width, 0.5–1.5 mJ pulse energy at sample). The 

luminescence from the sample was detected using a photomultiplier tube (Hamamatsu R5108) 

affixed to a monochromator (Horiba Scientific iHR320) and processed with a digital oscilloscope 

(TDS 3032C; Tektronix). Lifetimes were determined from analysis of luminescence decay traces 

that were the averages of 512 individual decays. Electronic-absorption spectra recorded before and 

after luminescence-lifetime measurements indicated that samples were photochemically stable 

under the experimental conditions. Preparative photolysis experiments were conducted in a sample 

chamber that was sealed from ambient light and contained a 455 nm Mounted High Power LED 
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(900 mW; ThorLabs) whose output was focused onto the sample through a bi-convex lens 

(ThorLabs N-BK7; f = 60.0 mm). 

Luminescence quenching measurements. The luminescence quenching of 22+ by 

pyrrolidine, 1[BF4] and 1H[BF4] was studied by luminescence-lifetime measurements. Samples 

containing systematically varied concentrations of pyrrolidine (0–250 mM; Figure 7.2.11), 1[BF4] 

(0–2.0 mM; Figure 3.2), or 1H[BF4] (0–4.0 mM; Figure 3.6) were prepared from a CH3CN stock 

solution of 2[PF6]2 (10 µΜ), degassed by at least 3 freeze–pump–thaw cycles on a vacuum line, 

and sealed under nitrogen. The samples were excited at 455 nm and the luminescence was detected 

at 605 nm using the pulsed-laser instrumentation described above (see Methods). Kinetic analyses 

of spectra were performed using Igor Pro. The lifetime of 22+* was determined by fitting the 

emission decay trace at 605 nm to a single exponential function, over a time-range of at least 3τ. 

Photochemical stability studies of 1+, 12+ and 1H+. Photochemical studies of acetonitrile 

solutions of 1+, 12+, and 1H+ show all three to exhibit changes in their electronic-absorption spectra 

upon photolysis with visible light (λex = 455 nm; Figures 7.2.6–8). For 1+, a band was observed to 

grow in at approximately 490 nm and, concomitantly, a band at >600 nm diminished in intensity. 

The decay of the long-wavelength band corresponds to the consumption of 33% of the initial 1+ 

over 24 h. This contrasts with photochemical experiments that feature 1+ in the presence of 22+ and 

H2, where complete decay of the same band was observed within 1 h (Figure 3.3)—indicating that 

background photolytic degradation of 1+ is very slow in comparison to the photosensitized 

conversion of 1+ to 1H+. The photolysis of 1H+ yields its partial conversion to 1+, as shown by the 

appearance of a similar long-wavelength (>600 nm) band. It is unclear if this process is 

photochemically or thermally driven, as a related [NiH(PR2NR′2)2]+ species has been reported22 to 

thermally decompose to the corresponding Ni(I) species with the presumed release of H2. Given 
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that the reaction of photogenerated 12+ with H2 is rapid enough to outcompete back-electron 

transfer, the lifetime of 12+ under the photochemical conditions of this study is assumed to be too 

brief to render its photolytic behavior relevant. Further, all the studies neglect to include the effect 

of internal filtering of 22+, which is a component of all photoredox experiments.  

Photoredox-sensitized preparation of 1H+ from 1+ and H2 in PhCN. A stock solution 

containing 2[PF6]2 (67 µΜ), 1[BF4] (1.9 mM), and PCy3O (4.7 mM; internal 31P-NMR standard) 

in 19:1 PhCN:CD3CN was prepared in a flask that was shielded from light. The absorbance of the 

starting solution at 452 nm, after correcting for 1+ (ε = 376 Μ–1 cm–1 at 452 nm, Figure 7.2.5), 

gives the concentration of 22+ to be 67 µM. Aliquots of this solution were dispensed into two 

sealable UV-Vis cuvettes and one J. Young sealable NMR tube with protection from light. 

Hydrogen (~2 atm) was added to the NMR tube and one of the cuvettes; this was accomplished on 

a vacuum line by degassing the samples via at least 3 freeze–pump–thaw cycles and then 

backfilling them during the final thaw process with H2. The other cuvette remained under N2 

atmosphere as a control. Initial 31P{1H} NMR (d 48.3 (PCy3O)) and UV-Vis measurements were 

made at this point. All samples were then photolyzed with 455-nm light (see Methods, above). The 

samples under a H2 atmosphere were monitored by UV-Vis spectroscopy every 10 min or 31P{1H} 

NMR spectroscopy every 20 min. The sample under N2 atmosphere was monitored after 1 h of 

photolysis. Samples were shielded from light while being transported to and from the 

spectrometers and during measurement. The samples under H2 atmosphere exhibited complete 

consumption of 1+ over 1 h (UV-Vis, Figure 3.3) and concomitant production of 1H+ (31P{1H} 

NMR, d 12.6, Figure 3.4); integration of the latter relative to the internal standard indicates a 94% 

yield based on 1[BF4]. The sample under N2 did not exhibit appreciable change after photolysis 

for 1 h (Figure 7.2.12). 
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 Photoredox-sensitized preparation of 1H+ and 1 from 1+ and H2 in CD3CN. A CD3CN 

solution of 1[BF4] (2 mM) and 2[PF6]2 (70 µΜ) was prepared while shielded from light and 

transferred to a J. Young NMR tube. The sample was degassed via 3 freeze–pump–thaw cycles on 

a vacuum line and backfilled with H2 (~2 atm) during the final thaw process. It was then photolyzed 

with 455 nm light and monitored at regular intervals by 31P{1H} and 1H NMR; signals associated 

with 1H[BF4] appeared and increased in intensity during photolysis. A white precipitate was seen 

after 1 h of photolysis (Figure 7.2.13). After 3 hours of photolysis the solid was isolated by 

decantation. The solid was identified as 1 on the basis of its 31P{1H} NMR spectrum (C6D6, d 7.4).  

 Photoredox-sensitized preparation of 1 from 1H+ and pyrrolidine. A J. Young NMR 

tube containing a solution of 2[PF6]2 (70 µΜ), 1H[BF4] (7.5 mM), pyrrolidine (140 mM), and 

PCy3O (6.7 mM; internal 31P-NMR standard) in CD3CN was prepared in the dark and its 31P{1H}-

NMR spectrum recorded (d 12.1 (1H+), 48.5 (PCy3O), Figure 3.7). The sample was then irradiated 

with 455 nm light for 45 min, resulting in formation of a white precipitate (Figure 7.2.14). The 

31P{1H} NMR spectrum of this sample showed that 50% of the 1H[BF4] had been consumed; no 

other signals were observed. The solvent was removed slowly from the sample under vacuum in 

the dark, and C6D6 was added to the remaining solid. The 31P{1H}-NMR spectrum exhibited only 

signals attributable to 1H+, 1 (d 7.4), and PCy3O. The relative integrated intensities of these signals 

showed that 90% of the consumed 1H+ had been converted to 1; 5% of the initial 1H+ was not 

accounted for. 
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Figure 7.2.6. Electronic-absorption spectra of a CH3CN solution of 1+ (0.9 mM) during photolysis 
(λex = 455 nm). 

 

 

Figure 7.2.7. Electronic-absorption spectra of a CH3CN solution of 12+ (1.0 mM) during photolysis 
(λex = 455 nm).  
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Figure 7.2.8. Electronic-absorption spectra of 1H+ (1.0 mM) in CH3CN during photolysis (λex = 
455 nm). The rising band at l ≥ 700 nm is consistent with the production of 1+.  
 
 

Table 7.2.1. The Emission Lifetime of 22+ in CH3CN with Various Concentrations of Pyrrolidine. 

[Pyrrolidine] (mM) t (ns) 

0 890 

100 890 

250 875 
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Figure 7.2.9. Electronic absorption spectra during photolysis (λex = 455 nm) of a PhCN solution 
containing 1+ (1.9 mM), 22+ (70 µM), and PCy3O (4.7 mM), under N2. 

 

 

Figure 7.2.10. A white precipitate that is seen upon photolysis (λex = 455 nm) under H2 of a CD3CN 
solution containing 1+ (2.0 mM) and 22+ (70 µM). 
 

 

 

Figure 7.2.11. A white precipitate that is seen upon photolysis (λex = 455 nm) of a CD3CN solution 
containing 1H+ (7.5 mM), 22+ (70 µM) and pyrrolidine (140 mM). The addition of C6D6 solubilizes 
the precipitate and shows it to be compound 1 by 31P{1H} NMR. 
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7.2.4. Electrochemical Experiments 

  

Figure 7.2.12. Photographs of the H-Cell setup used for controlled potential electrolysis 
experiments. (Left) Under ambient conditions. (Right) Under LED irradiation. 

 

Table 7.2.2. Experimental Conditions Used for CPE Experiments.a 

Exp. [1+] (mM) Gas 
Time (min) 

Figure 
Dark Light 

  1 b   0 b   N2 b   133 b   133 b 7.2.13 
2 0.60 N2 100 1500 7.2.14 
3 0.40 H2 1500 0 3.9 
4 0.40 H2 33 1310 3.9 
5 0.40 H2 See Table 7.2.3 3.9 

a All experiments, unless otherwise stated, were conducted at –1.0 V with a PhCN working solution 
containing [NBun4][PF6] (0.1 M), [Ru(bpy)3][PF6]2 (70 µΜ) and pyrrolidine (190 mM). See 
Methods for complete experimental details. b Without [Ru(bpy)3][PF6]2 and pyrrolidine.  
 
  



180 

Table 7.2.3. The Schedule of Illumination for CPE Experiment 5. 

Time (min) Condition 

0–25 Dark 

25–50 Light 

50–85 Dark 

85–112 Light 

112–150 Dark 

150–180 Light 

180–298 Dark 

298–321 Light 

321–350 Dark 
 
 

 

Figure 7.2.13. CPE at –1.0 V of a PhCN solution containing 0.1 M [nBu4N][PF6].  
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Figure 7.2.14. CPE at −1.0 V of a PhCN solution under N2 containing 1+ (0.6 mM), 22+ (70 µΜ), 
pyrrolidine (190 mM) and [nBu4N][PF6] (0.1 M). 
 

7.3. Chapter 4 Supplementary Information 

7.3.1. Definitions. 

 

Figure 7.3.1. The compounds discussed in Section 7.3. For clarity, the phosphine (cyclohexyl) 
and amine (tert-butyl) substituents of the nickel compounds are not shown. 

 
7.3.2. General Procedures. All solvents (HPLC grade, stored under nitrogen) were 

purified by passing them under nitrogen pressure through an anaerobic, stainless steel system 

consisting of either two 4.5 in. × 24 in. (1 gal) columns of activated A2 alumina (CH3CN and Et2O) 
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or one column of activated A2 alumina and one column of activated BASF R3-11 catalyst (pentane 

and toluene).23 CD3CN (Cambridge Isotope Laboratories) and 2,2,2-trifluoroethanol (≥99.5%, 

Sigma-Aldrich) were stored over activated 3A sieves under nitrogen. Pyrrolidine (≥99.5%, Sigma-

Aldrich) was stored and used under nitrogen without further purification. Ethanol (anhydrous, 

Fisher) was used as received. HBF4 (purum, 51–57% w/w in diethyl ether, Sigma-Aldrich) was 

used under nitrogen and stored at 4 °C. Phenol (unstabilized, purified by distillation, ≥99%, Sigma-

Aldrich) was stored under nitrogen in the dark. Ferrocene (Sigma-Aldrich) and 

tetrabutylammonium hexafluorophosphate (TCI) were recrystallized twice from ethanol and dried 

for a minimum of 18 h under vacuum at 120 °C before use. [Ru(bpy)3][PF6]2 (97%, Sigma-Aldrich) 

was recrystallized once from hot ethanol and dried for a minimum of 12 h under vacuum at 100°C 

before use. CO2 (research grade, 99.9999%), H2 (research grade, 99.9999%) and CO2/H2 (28:72 

v/v) were purchased from Airgas and used as received. All other reagents were purchased from 

commercial suppliers and used as received.  

NMR spectra were recorded at room temperature using a Bruker DRX 400 NMR 

spectrometer. Chemical shifts are reported relative to solvent resonances (1H)19 or an external 

standard of 85% H3PO4 in D2O (31P). J. Young NMR tubes were employed for some experiments; 

these tubes are topped with Teflon valves that provide an air-tight seal and enable connection to a 

vacuum line. Electronic-absorption spectra were obtained with a CARY 300 UV-Vis 

spectrophotometer of samples contained in quartz cuvettes; spectra were corrected for solvent 

absorption. 

7.3.3. Electrochemistry. Electrochemical experiments were performed at room 

temperature under either a N2 or a CO2 atmosphere with a BAS 100B/W electrochemical 

workstation. All experiments used CH3CN as solvent containing 0.1 M [NBun4][PF6] as 
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electrolyte. Samples containing CO2 were prepared by sparging the analyte solution with CO2 for 

at least 15 min prior to measurement. Cyclic voltammetry (CV) experiments were performed in a 

single-compartment cell with a three-electrode configuration consisting of a glassy carbon working 

electrode (A = 0.07 cm2), a platinum auxiliary electrode (A = 0.02 cm2), and either a silver wire 

quasi-reference electrode or a Ag/Ag+ reference electrode (BASi, 0.01 M AgNO3 in CH3CN 

containing 0.1 M [NBun4][PF6]) that was separated from the working solution by a CoralPor tip. 

Electrodes were polished and rinsed before use. FeCp2 or FeCp*2 was used as an internal redox-

potential reference; potentials are reported relative to FeCp20/+ (E1/2(FeCp*20/+) = -0.505 V vs. 

FeCp20/+ in CH3CN,24 confirmed under our experimental conditions). Experiments in the absence 

of substrate (phenol and/or CO2) were performed at multiple scan rates (0.05–0.40 V/s); other 

experiments were performed at a scan rate of 0.10 V/s unless otherwise stated. The reversibility of 

processes was assessed using Randles-Sevcik plots; peak currents were not corrected for 

background currents.  

Controlled potential electrolysis (CPE) experiments were performed in a sealed four-neck 

cell (total volume = 100 mL). A three-electrode configuration was used that consisted of a 

reticulated vitreous carbon foam working electrode (ERG Materials & Aerospace, ca. 15 mm × 10 

mm × 5 mm), a platinum wire auxiliary electrode that was separated from the working solution by 

a medium porosity glass frit, and a Ag/Ag+ reference electrode (vide supra). The working solution 

(40 mL) contained a known amount of 2, base, 0.5 M PhOH, and a stir bar. The auxiliary 

compartment contained 5 mL of a CH3CN solution containing 0.1 M ferrocene (as a sacrificial 

reductant) and 0.1 M [NBun4][PF6]. After a current equivalent to at least 5.4 e– per catalyst 

molecule was passed, a known volume of gas within the headspace was extracted by gastight 

syringe and its chemical composition was characterized by gas chromatography (see Section 
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7.3.4). Formate was detected by 1H NMR spectroscopy via a previously reported method:25 

following electrolysis and GC analysis of the headspace, D2O (2 mL) was added to an aliquot of 

the reaction solution (5 mL) and the resulting aqueous mixture was vigorously stirred, washed with 

CH2Cl2 (12 mL), and acidified with one drop of concentrated HCl (aq). 1H NMR (D2O, 400 MHz, 

295 K): δ 8.16 (s, 1H, HCOOH). 

7.3.4. Photochemistry. Steady-state photolysis experiments were conducted with samples 

contained in quartz cuvettes in a sample chamber that was sealed from ambient light and contained 

either a 455 nm, 565 nm, or 590 nm LED (ThorLabs) whose output was focused onto the sample 

through a bi-convex lens (ThorLabs N-BK7; f = 60.0 mm). Sample preparation for bulk photolysis 

experiments took place while shielded from ambient light. A stock CH3CN solution of ZnTPP was 

prepared in a N2-filled glovebox with an absorbance of 1.0 (± 0.05) at the maximum of the Q(0,0) 

band, to which various amounts (see Section 4.3.3) of 1+, 2, base, and phenol were added. Solutions 

were volumetrically pipetted as 2 mL aliquots into 10 mL vials containing a stir bar and were 

subsequently sealed with a rubber septum and an aluminium crimp top. The vials were removed 

from the glovebox and sparged for at least 5 m with a H2/CO2 gas mixture (28:72 (v/v)). The 

solutions were photolyzed, with stirring, under illumination from a 590 nm LED (ThorLabs). After 

photolysis, 200 µL samples of the headspace were taken using a gas-tight syringe and analyzed by 

gas chromatography.  

7.3.5. Gas Chromatography. The headspaces of photolysis and electrochemical samples 

were analysed on an Agilent 7890B GC system equipped with flame ionization (FID) and thermal 

conductivity (TCD) detectors using N2 as a carrier gas. In front of the FID was a nickel 

methanizing catalyst that converted CO and CO2 into CH4. Gases were injected using a Hamilton 

500 µL gastight syringe into a split:splitless injection port running at a 10:1 split ratio. The gases 
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were separated on a Supelco Carboxen 1010 PLOT column at 35°. Quantitation was performed by 

the Agilent software using a calibration curve generated by injecting different volumes of standard 

mixtures (Supelco SCOTTY Specialty Gas; 1.0% H2, O2, CH4, CO, and CO2 in N2 or 15.0 % 

CO2, 6.99% CO, 4.50% CH4 and 4.01% O2 in N2). 

7.3.6. Synthesis and Characterization 

Synthesis of N-(ortho-tolyl)pyrrolidine (3). This compound was prepared by a procedure 

analogous to that for 4.26 To a suspension of K2CO3 (6.9 g,  50 mmol) in ethanol (30 mL) at 60 °C 

and opened to air, was added o-toluidine (10.7 g, 100 mmol). 1,4-Dibromobutane (21.6 g, 100 

mmol) was then added dropwise with stirring. After 3 d the reaction mixture was cooled to room 

temperature and diethyl ether (30 mL) and saturated aqueous KOH (100 mL) were added. The pale 

yellow ethereal layer was separated, washed with brine (100 mL), and dried over MgSO4. After 

decantation from the desiccant, the solvent was removed under reduced pressure giving a viscous 

yellow oil. The product was purified by distillation under partial vacuum (ca. 130 °C and 1 torr) 

three times, giving 4.7 g (29.2% yield) of a colorless oil that was stored and handled under N2. The 

1H NMR spectrum was consistent with a prior report.27 1H NMR ((CD3)2CO, 400 MHz, 295 K, 

Figure 7.3.1): δ 7.07 (m, 2H), 6.90 (m, 1H), 6.79 (m, 1H), 3.14 (m, 4H), 2.28 (s, 3H), 1.92 (m, 

4H). 

Synthesis of pyrrolidinium tetrafluoroborate. This procedure is adapted from a previous 

report.28 To a stirred, faint-yellow solution of HBF4 (9.52 g of 51–57% w/w solution in Et2O, 55 

mmol assuming 51% w/w) in diethyl ether (60 mL) at ca. –10 °C, pyrrolidine (3.83 g, 54 mmol) 

was added in a dropwise manner, immediately yielding a white precipitate. After 1 h and warming 

to room temperature, the colorless solid was collected on a sintered glass frit by filtration and 

washed with hexanes (3 × 20 mL). The solid was dried under reduced pressure at 100 °C overnight 
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(yield: 7.80 g, 91%). The 1H NMR spectrum was consistent with a prior report.28 1H NMR 

(CD3CN, 400 MHz, 295 K, Figure 7.3.2): δ 6.74 (s, 2H), 3.27 (m, 4H), 1.96 (m, 4H). 

Attempted preparation of 1H[BF4] from 1-H2[BF4]2 and sodium phenoxide. A red 

CD3CN solution of 1[BF4]2 (1 mM) was prepared and a 1 mL aliquot was added to a J. Young 

sealable NMR tube. An initial 31P{1H} NMR spectrum was recorded (δ = 12.0 ppm (12+), Figure 

4.3). Under N2, excess sodium phenoxide (40 mM) was added, causing the solution to turn orange. 

Analysis by 31P{1H} NMR showed the presence of new features (δ = 49.9, 11.3, –23.6 ppm). H2 

(ca. 2 atm) was added to the NMR tube via degassing the sample on a vacuum line with 3 freeze-

pump-thaw cycles and backfilling during the final thaw process with H2. Final 31P{1H} NMR 

measurements showed no change (δ = 49.9, 11.4, –23.6 ppm). 

Attempted preparation of 1H[BF4] from 1-H2[BF4]2 and 3. A red solution containing 

12+ (1 mM) in CD3CN was prepared and a 1 mL aliquot was added to a J. Young sealable NMR 

tube. An initial 31P{1H} NMR spectrum was recorded (δ = 12.0 ppm (1[BF4]2); Figure 4.7). H2 

(ca. 2 atm) was added to the NMR tube via degassing the sample on a vacuum line with 3 freeze-

pump-thaw cycles and backfilling during the final thaw process with H2. The solution changed 

color to pale yellow and analysis by 31P{1H} NMR showed features consistent with 1-H22+ (δ = 

17.4, 17.1 ppm). Subsequently excess (70 mM) 3 was added, resulting in no color change. Analysis 

by 31P{1H} NMR only showed the presence of features consistent with 1-H22+ (δ = 17.1, –6.5, –

8.1 ppm).  

Preparation of 1H[BF4] from 1-H2[BF4]2 and 4. A red solution containing 1[BF4]2 (1 

mM) in CD3CN was prepared and a 1 mL aliquot was added to a J. Young sealable NMR tube. An 

initial 31P{1H} NMR measurement was taken (δ = 12.0 ppm (12+); Figure 4.9). H2 (ca. 2 atm) was 

added to the NMR tube via degassing the sample on a vacuum line with 3 freeze-pump-thaw cycles 
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and backfilling during the final thaw process with H2. The solution changed color to pale yellow 

and analysis by 31P{1H} NMR showed features consistent with 1-H22+ (δ = 17.4, 17.1 ppm). 

Subsequently excess (70 mM) tert-butylpyrrolidine was added, giving a color change to yellow. 

Analysis by 31P{1H} NMR showed the presence of features consistent with 1H[BF4] (δ = 12.8 

ppm).  

Photosensitized preparation of 1H[BF4] from 1[BF4], 4 and H2.  To a stock solution of 

ZnTPP (ca. 20 µM) in CH3CN was added 1[BF4] (0.8 mM), PhOH (0.5 M), and tert-

butylpyrrrolidine (10 mM). Aliquots of the solution were dispensed into a sealable UV-vis cuvette 

and a J. Young sealable NMR tube, while protected from light. Initial 31P{1H} NMR and UV-Vis 

measurements were made at this point. A H2-CO2 gas mixture (ca. 2 atm, 28:72 (v/v)) was added 

to both vessels; this was accomplished on a vacuum line by degassing the samples via at least 3 

freeze–pump–thaw cycles and then backfilling them during the final thaw process with H2-CO2. 

The samples were then photolyzed with 590 nm light (see Methods for Photolysis) and monitored 

regularly by UV-vis and NMR. Samples were shielded from light while being transported to and 

from the spectrometers and during measurement. The samples exhibited complete consumption of 

1+ over 20 h (UV-Vis, Figure 4.11A) and concomitant production of 1H[BF4] (31P{1H} NMR, d 

12.6, Figure 4.11B). 
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Figure 7.3.2. 1H NMR spectrum of N-(o-tolyl)pyrrolidine (3) in (CD3)2CO. 
 

 

Figure 7.3.3. 1H NMR spectrum of pyrrolidinium tetrafluoroborate in CD3CN. 
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Figure 7.3.4. CV responses of 2 mM 2 in 0.1 M [NBun4][PF6] CH3CN at 0.1 V/s with titration of 
TFE. For clarity, in the lower image only forward traces are shown for scans with added TFE. 
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Figure 7.3.5. CV responses of 0.6 mM 1+ with 0.5 M PhOH in 0.1 M [NBun4][PF6] CH3CN at 0.1 
V/s under H2 with titration of 4. 

 

 

Figure 7.3.6. Example FID trace from a bulk photolysis headspace sample.  
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7.4. Supplementary Information for Chapter 5 

7.4.1. Definitions. 

 

Figure 7.4.1. The compounds discussed in Section 7.4. 
 

7.4.2. Synthesis, Characterization, and Photochemistry of Compounds. 

Photochemical Instrumentation. Non-preparative photolysis experiments were conducted 

with samples contained in quartz cuvettes in a sample chamber that was sealed from ambient light 

and contained a 455 nm LED (900 mW, ThorLabs model M455L2). White LEDs used for synthetic 

scale experiments were from Super Bright LEDs, part no. 4NFLS-CWH24-24V-CL, 6000 K. 

Synthesis of trans(Cl)-Ru(bpy)(CO)(CH3CN)Cl2 (2t). This procedure is based on a report 

that provided an outline of the synthetic route but not full details.29 All steps were conducted with 

shielding from light due to the photosensitivity of the starting material and product. To a stirred, 

pale-yellow solution of 1 (0.100 g, 0.26 mmol) in acetonitrile (100 mL) under N2 was added 

trimethylamine N-oxide dihydrate (0.090 g, 0.81 mmol). The solution was stirred for 15 h and the 

resulting orange solution then reduced to dryness under vacuum. In air, the orange residue was 

dissolved in a minimal volume of hot ethanol and the resulting solution filtered through a fine-

porosity sintered-glass filter. Allowing this solution to stand at –20 ˚C overnight yielded an orange 

precipitate, which was collected via filtration and washed with cold ethanol (3 × 20 mL) and then 

hexane (3 × 20 mL). After drying under vacuum, 0.070 g (68% yield) of product was obtained as 

an orange powder. 1H NMR (CD3CN, 400 MHz, 295 K; Figures 7.4.2–3): δ 9.34 (d, 1H, JHH = 6.0 

Hz, bpy), 9.11 (d, 1H, JHH = 6.0 Hz, bpy), 8.45 (d, 1H, JHH = 8.0 Hz, bpy), 8.33 (d, 1H JHH = 8.0 
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Hz, bpy), 8.24 (t, 1H, JHH = 8.0 Hz, bpy), 7.94 (t, 1H, JHH = 6.8 Hz, bpy), 7.81 (t, 1H, JHH = 6.8 

Hz, bpy), 7.45 (t, 1H, JHH = 6.4 Hz, bpy), 2.58 (s, 3H, CH3CN). UV-Vis (CH3CN; Figure 7.4.4): 

λmax (nm) = 462, 423, 350 (sh). IR (CH3CN): νCO = 1967 cm–1. The 1H-NMR data for 2t are 

compared with those for 2c in Table 7.4.1; the substantially different chemical shifts for the two 

sets of nuclei whose chemical environment differs most significantly between 2c and 2t confirms 

that 2t is a different isomer (CH3CN: 2t 2.58 ppm, 2c 2.07 ppm; bpy-6-H: 2t 9.34 ppm, 2c 9.91 

ppm).  

 

 

Figure 7.4.2. 1H NMR spectrum of 2t in CD3CN. 

bpyH 

Ru–CH3CN 
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Figure 7.4.3. Expansion of the 1H NMR spectrum 2t in CD3CN. 
 

 

Figure 7.4.4. Electronic-absorption spectrum of 2t in CH3CN (~0.5 mM; λmax (nm) = 462, 423, 
350 (sh)).  

 



194 

 

Figure 7.4.5. 1H NMR spectrum of 4Cl in CD3CN. 
 

 

Figure 7.4.6. Expansion of the 1H NMR spectrum of 4Cl in CD3CN. 
 

bpyH 
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H2O 

CHD2CN 



195 

 

Figure 7.4.7. Electronic-absorption spectrum of 4Cl in CH3CN (~0.6 mM; λmax = 437 nm). 
 

Table 7.4.1. 1H-NMR Chemical Shift Data for 2c, 2t, and 4Cl. 

Cmpd Ref bpy CH3CN 
2t This work 9.34 9.11 8.45 8.33 8.24 7.94 7.81 7.45 2.58  

2c 30 9.91 9.09 8.44 8.34 8.24 7.95 7.84 7.44 2.07  

4Cl This work 9.79 9.12 8.36 8.03 7.61    2.66 2.19 

4Cl 30 9.77 9.12 8.36 8.03 7.60    2.12 2.20 

 
7.4.3. Single Crystal X-Ray Diffraction Study of 4Cl•2H2O.  

A small brown block (0.06 mm × 0.07 mm × 0.13 mm) was mounted with Fluorolube™ 

oil on a Dual-Thickness MicroMountTM (MiTeGen) with 20 µm sample aperture. The diffraction 

data were measured at 100 K on a Bruker D8 VENTURE diffractometer equipped with a 

microfocus Mo-target X-ray tube (λ = 0.71073 Å) and PHOTON 100 CMOS detector. Data 

reduction and integration were performed with the Bruker APEX3 software package.31 Data were 

scaled and corrected for absorption effects using the multi-scan procedure as implemented in 

SADABS.32 The structure was solved by SHELXT3 and refined by a full-matrix least-squares 

procedure using OLEX2.4-5, 33 All atoms were refined with anisotropic thermal parameters. 
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Hydrogen atoms except those of water molecules were included in idealized positions for structure 

factor calculations. Hydrogen atoms of water molecules were located in the difference Fourier map 

and allowed to be refined at 0.85 Å within a default 0.02 Å standard deviation with their thermal 

parameters being constrained to be 1.5 times of the Ueq value of the O atoms. Crystallographic 

data and details of the data collection and structure refinement are listed in Table 7.4.2, the structure 

is depicted in Figure 7.4.8, bond lengths and bond angles are set out in Table 7.4.3, and selected 

metrical data are compared to those reported previously for a different polymorph in Table 7.4.4. 
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Table 7.4.2. Crystal Data and Structure Refinement for 4Cl•2H2O 

Empirical formula  C16H21Cl2N5O2Ru  
Formula weight  487.35  
Temperature/K  100(2)  
Crystal system  monoclinic  
Space group  P21/n  
a/Å  7.0497(4)  
b/Å  21.6023(12)  
c/Å  13.3544(8)  
α/°  90  
β/°  96.449(2)  
γ/°  90  
Volume/Å3  2020.9(2)  
Z  4  
ρcalcg/cm3  1.602  
µ/mm–1  1.060  
F(000)  984.0  
Crystal size/mm3  0.134 × 0.067 × 0.061  
Radiation  MoKα (λ = 0.71073)  
2Θ range for data collection/°  4.862 to 57.53  
Index ranges  –9 ≤ h ≤ 9, –28 ≤ k ≤ 29, –18 ≤ l ≤ 17  
Reflections collected  55191  
Independent reflections  5223 [Rint = 0.0519, Rsigma = 0.0381]  
Data/restraints/parameters  5223/6/250  
Goodness-of-fit on F2  1.031  
Final R indexes [I>=2σ (I)]  R1 = 0.0343, wR2 = 0.0688  
Final R indexes [all data]  R1 = 0.0549, wR2 = 0.0742  
Largest diff. peak/hole / e Å–3  0.74/–0.55  
Rint = S | Fo2 – <Fo2> | / S | Fo2|   
R1 = S || Fo| – | Fc|| / S| Fo| 
wR2 = [S [w (Fo2 – Fc2)2] / S [w (Fo2) 2]]1/2   

Goodness-of-fit = [S [w (Fo2 – Fc2)2] / (n-p)1/2 

n: number of independent reflections; p: number of refined parameters 
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Figure 7.4.8. Thermal-ellipsoid representation (40% probability ellipsoids) of 4Cl•2H2O. 
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Table 7.4.3. Bond Lengths and Angles for 4Cl•2H2O.   

Atom Atom Length (Å) Atom Atom Length (Å) 
Ru1 Cl1 2.4379(6) C1 C2 1.382(4) 
Ru1 N1 2.055(2) C2 C3 1.383(4) 
Ru1 N2 2.0312(19) C3 C4 1.376(4) 
Ru1 N3 2.019(2) C4 C5 1.390(3) 
Ru1 N4 2.031(2) C5 C6 1.475(3) 
Ru1 N5 2.022(2) C6 C7 1.384(3) 
N1 C1 1.342(3) C7 C8 1.380(4) 
N1 C5 1.356(3) C8 C9 1.382(4) 
N2 C6 1.360(3) C9 C10 1.377(4) 
N2 C10 1.343(3) C11 C12 1.456(4) 
N3 C11 1.135(3) C13 C14 1.452(4) 
N4 C13 1.134(3) C15 C16 1.453(4) 
N5 C15 1.121(3)     

Atom Atom Atom Angle (°) Atom Atom Atom Angle (°) 
N1 Ru1 Cl1 96.82(6) C11 N3 Ru1 177.4(2) 
N2 Ru1 Cl1 176.00(6) C13 N4 Ru1 174.8(2) 
N2 Ru1 N1 79.32(8) C15 N5 Ru1 174.1(2) 
N2 Ru1 N4 94.71(8) N1 C1 C2 122.2(2) 
N3 Ru1 Cl1 91.49(6) C1 C2 C3 119.2(2) 
N3 Ru1 N1 88.57(8) C4 C3 C2 119.1(2) 
N3 Ru1 N2 89.49(8) C3 C4 C5 119.3(2) 
N3 Ru1 N4 90.78(8) N1 C5 C4 121.6(2) 
N3 Ru1 N5 179.54(8) N1 C5 C6 114.9(2) 
N4 Ru1 Cl1 89.16(6) C4 C5 C6 123.5(2) 
N4 Ru1 N1 174.01(8) N2 C6 C5 114.5(2) 
N5 Ru1 Cl1 88.96(6) N2 C6 C7 121.6(2) 
N5 Ru1 N1 91.49(8) C7 C6 C5 123.9(2) 
N5 Ru1 N2 90.07(8) C8 C7 C6 119.2(2) 
N5 Ru1 N4 89.11(8) C7 C8 C9 119.2(2) 
C1 N1 Ru1 126.29(16) C10 C9 C8 119.1(2) 
C1 N1 C5 118.6(2) N2 C10 C9 122.4(2) 
C5 N1 Ru1 115.09(16) N3 C11 C12 178.7(3) 
C6 N2 Ru1 115.96(16) N4 C13 C14 177.4(3) 
C10 N2 Ru1 125.61(16) N5 C15 C16 179.3(3) 
C10 N2 C6 118.4(2)     



200 

Table 7.4.4. Selected Bond Lengths (Å) and Angles (˚) for 4Cl from Two Nonisomorphous Crystal 
Structures. 

Nuclei 4Cl•2(H2O)a 4Cl•3/2(CH2Cl2)b 
Ru–Cl 2.4379(6) 2.4345(15) 
Ru–N(1) 2.055(2) 2.049(4) 
Ru–N(2) 2.0312(19) 2.038(4) 
Ru–N(3) 2.019(2) 2.012(4) 
Ru–N(4) 2.031(2) 2.028(4) 
Ru–N(5) 2.022(2) 2.012(4) 
N(1)–Ru–N(2) 79.32(8) 79.42(17) 
N(1)–Ru–N(3) 88.57(8) 89.88(15) 
N(1)–Ru–N(4) 174.01(8) 173.76(18) 
N(1)–Ru–N(5) 91.49(8) 91.00(15) 
N(1)–Ru–Cl 96.82(6) 95.69(13) 
N(2)–Ru–N(3) 89.49(8) 91.75(15) 
N(2)–Ru–N(4) 94.71(8) 94.42(17) 
N(2)–Ru–N(5) 90.07(8) 88.87(15) 
N(2)–Ru–Cl 176.00(6) 174.89(12) 
N(3)–Ru–N(4) 90.78(8) 91.28(16) 
N(3)–Ru–N(5) 179.54(8) 179.00(18) 
N(3)–Ru–Cl 91.49(6) 89.69(12) 
N(4)–Ru–N(5) 89.11(8) 87.89(16) 
N(4)–Ru–Cl 89.16(6) 90.45(12) 
N(5)–Ru–Cl 88.96(6) 89.76(12) 

a This work. b Ref. 30.  
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7.4.4. Electrochemical Experiments. 

Cyclic voltammetry. Electrochemical experiments were performed at room temperature 

under either a N2 or a CO2 atmosphere with a BAS 100B/W electrochemical workstation. All 

experiments used CH3CN as solvent containing 0.1 M [NBun4][PF6] as electrolyte. Samples 

containing CO2 were prepared by sparging the analyte solution with CO2 for at least 15 min prior 

to measurement. Cyclic voltammetry (CV) experiments were performed in a single-compartment 

cell with a three-electrode configuration consisting of a glassy carbon working electrode (A = 0.07 

cm2), a platinum auxiliary electrode (A = 0.02 cm2), and a silver wire quasi-reference electrode. 

Electrodes were polished and rinsed before use. FeCp2 or FeCp*2 was used as an internal redox-

potential reference; potentials are reported relative to FeCp20/+ (E1/2(FeCp*20/+) = –0.505 V vs. 

FeCp20/+ in CH3CN,24 confirmed under our experimental conditions). Experiments in the absence 

of substrate (phenol and/or CO2) were performed at multiple scan rates (0.05–0.40 V/s); other 

experiments were performed at a scan rate of 0.10 V/s unless otherwise stated. The reversibility of 

processes was assessed using Randles-Sevcik plots; peak currents were not corrected for 

background currents.  

Controlled potential electrolysis. These experiments were performed in a sealed four-

neck cell (total volume = 100 mL). A three-electrode configuration was used that consisted of a 

reticulated vitreous carbon foam working electrode (ERG Materials & Aerospace, ca. 15 mm × 10 

mm × 5 mm), a platinum wire auxiliary electrode that was separated from the working solution by 

a medium porosity glass frit, and a Ag/Ag+ reference electrode (BASi, 0.01 M AgNO3 in CH3CN 

containing 0.1 M [NBun4][PF6]) that was separated from the working solution by a CoralPor tip. 

The working solution (40 mL) contained a known amount of catalyst, 0.5 M PhOH, and a stir bar. 

The auxiliary compartment contained 5 mL of a CH3CN solution containing 0.1 M ferrocene (as 
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a sacrificial reductant) and 0.1 M [NBun4][PF6]. After a current equivalent to at least 6.4 e– per 

catalyst molecule was passed, a known volume of gas within the headspace was extracted by 

gastight syringe and its chemical composition was characterized by gas chromatography (GC; 

Agilent 7890B with FID (CO) and TCD (H2) detectors and a Supelco Carboxen 1010 PLOT 

column). Comparison with a GC calibration curve (Supelco SCOTTY Specialty Gas; 1.0% H2, O2, 

CH4, CO, and CO2, balance N2) allowed quantification of the volume of each gas present at the 

end of the run and, from this, determination of the faradaic efficiency. Three gas samples were 

extracted for each run so that the standard deviation could be calculated. Formate was detected by 

1H NMR spectroscopy via a previously reported method:25 following electrolysis and GC analysis 

of the headspace, D2O (2 mL) was added to an aliquot of the reaction solution (5 mL) and the 

resulting aqueous mixture was vigorously stirred, washed with CH2Cl2 (12 mL), and acidified with 

one drop of concentrated HCl (aq). 1H NMR (D2O, 400 MHz, 295 K): δ 8.16 (s, 1H, HCOOH). 

 

Figure 7.4.9. (Left) Cyclic voltammograms of 1.3 mM 1 in CH3CN solution containing 0.1 M 
[NBun4][PF6]. The arrow indicates the direction of the scans. (Right) Randles-Sevcik plot of the 
reversible RuII/III couple. 
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Figure 7.4.10. (Left) Cyclic voltammograms of 0.4 mM 3 in CH3CN solution containing 0.1 M 
[NBun4][PF6]. The arrow indicates the direction of the scans. (Right) Randles-Sevcik plot of the 
reversible RuII/III couple. 

 

 

Figure 7.4.11. (Left) Cyclic voltammograms of 2.0 mM 4Cl in CH3CN solution containing 0.1 M 
[NBun4][PF6]. The arrow indicates the direction of the scans. (Right) Randles-Sevcik plot of the 
reversible RuII/III couple. 
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Figure 7.4.12. (Left) Cyclic voltammograms of 2t (see Figure 5.3 in main text). (Right) Randles-
Sevcik plot of the reversible RuII/III couple.  

 

Table 7.4.5. Comparison of Redox Potentials from This Work with Literature Values.a  

Compound 
This Work Prior Reportb 

E1/2 (Ox) Epc (Red) E1/2 (Ox) Epc (Red) Ref. 

1 +1.35 −1.61 +1.36 −1.59 34 

2c –– –– +0.66 −1.84 35 

2t +0.70 −1.82 –– ––  

3 −0.01 −2.12 −0.01 −2.14 36 

 4+ +0.69 −1.88 +0.64 −1.97 35 
a Measured in CH3CN solution containing 0.1 M [NBun4][PF6]. b Converted from Ag0/+ to the 
FeCp20/+ reference using Ag0/+ = FeCp20/+ + 0.089 V,37 which was confirmed under our conditions. 
c Ep at scan rate 0.1 V/s.  
 

 



205 

 

Figure 7.4.13. Cyclic-voltammetric measurements (n = 0.1 V/s) showing proton reduction from 
phenol in CH3CN (0.5 M PhOH, 0.1 M [NBun4][PF6]) in the absence (black traces) and presence 
(red traces) of 1, 2t, 3, and 4+: (A) no catalyst added; (C) 1 (0.8 mM); (D) 2t (0.8 mM); (E) 3 (0.7 
mM); (F) 4Cl (1.0 mM). The differential pulse voltammogram of phenol in CH3CN (0.5 M PhOH, 
0.1 M [NBun4][PF6]) is shown in (B).  
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Figure 7.4.14. Cyclic voltammograms of 1 (0.8 mM) in CH3CN containing 0.1 M [NBun4][PF6] 
as a function of PhOH concentration (n = 0.1 V/s). For clarity, only forward traces are shown for 
scans with added PhOH except for that at 20 mM PhOH, which shows the absence of the anodic 
feature at –0.8 V.  

 

 

Figure 7.4.15. Cyclic voltammograms of 2t (0.8 mM) in CH3CN containing 0.1 M [NBun4][PF6] 
as a function of PhOH concentration (n = 0.1 V/s). For clarity, only forward traces are shown for 
scans with added PhOH. 
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Figure 7.4.16. Cyclic voltammograms of 4Cl (1.0 mM) in CH3CN containing 0.1 M [NBun4][PF6] 
as a function of PhOH concentration (n = 0.1 V/s). For clarity, only forward traces are shown for 
scans with added PhOH. 

 

 
Figure 7.4.17. Cyclic voltammograms of 1 mM 1 in CH3CN solution containing 0.1 M 
[NBun4][PF6], 0.5 M PhOH, and FeCp*2 (n = 0.1 V/s): black trace, initial scan; dotted blue traces, 
14 additional scans. The orange trace is the cyclic voltammogram obtained after removing the 
working electrode from the solution, rinsing it with CH3CN,38 and immersing it in a fresh CH3CN 
solution containing 0.5 M PhOH, 0.1 M [NBun4][PF6], and FeCp*2 but not 1. The absence of any 
feature other than the reduction of PhOH indicates that no Ru-containing species were deposited 
on the electrode during the first 15 CV scans; thus, the catalyst is homogeneous. 
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7.5. Chapter 6 Supplementary Information 

7.5.1. Definitions 

 
Figure 7.5.1. The compounds discussed in Section 7.5. 

 
7.5.2. Synthesis and Characterization of Compounds 

Synthesis of fac-[Ru(6,6′-dimesityl-2,2′-bipyridyl)(CH3CN)3Cl][PF6] (2[PF6]). To a 

stirred, orange solution of 2Cl (0.040 g, 0.06 mmol) in CH3CN (50 mL) was added KPF6 (0.020 

g, 0.11 mmol). A pale gray precipitate formed. After 1 h the solvent was removed under vacuum, 

yielding a heterogeneous dark orange and pale white residue. The mixture was extracted into 

CHCl3 (50 mL) and the resulting orange suspension filtered through a 2 cm pad of Celite supported 

on a sintered glass filter. The orange filtrate was concentrated to 5 mL under reduced pressure, 

layered with hexane (15 mL), and allowed to stand in the dark at room temperature for 3 days, 

yielding yellow crystals that were isolated by decantation of the mother liquor; these crystals, of 

2[PF6]•CHCl3, proved suitable for X-ray diffraction experiments. The 1H NMR spectrum of the 

compound in CD3CN solution was identical to that observed for 2Cl. 
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Figure 7.5.2. 1H NMR spectrum of 2Cl in CD2Cl2. 

 

 
Figure 7.5.3. Expansion of the 1H NMR spectrum of 2Cl in CD2Cl2. The peak labeled with an 
asterisk is due to residual CH3CN. 
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Figure 7.5.4. 13C{1H} NMR spectrum of 2Cl in CD2Cl2. 

 

 

Figure 7.5.5. ESI mass spectrum of 2Cl. 
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Figure 7.5.6. Electronic-absorption spectrum of 2Cl in CH3CN (~0.5 mM, λmax = 447 nm). 
 
7.5.3. Single Crystal X-Ray Diffraction Study of 2[PF6]•CHCl3. 

 A yellow thin plate (0.01 × 0.14 × 0.26 mm3) was mounted with Fluorolube oil on a Dual-

Thickness MicroMount (MiTeGen) with 30 µm sample aperture. Diffraction data were measured 

at 100 K on a Bruker D8 VENTURE diffractometer equipped with a microfocus Mo-target X-ray 

tube (λ = 0.71073 Å) and PHOTON 100 CMOS detector. Data reduction and integration were 

performed with the Bruker APEX3 software package.31 The crystal appeared to be a 2-component 

twin. Unit-cell parameters for each component were identified using Cell_Now. Data were scaled 

and corrected for absorption effects using the multi-scan procedure as implemented in 

TWINABS39. The structure was solved by SHELXT3 and refined by a full-matrix least-squares 

procedure using OLEX2.4-5, 33 Crystallographic data and details of the data collection and structure 

refinement are listed in Table 7.5.1. TWINABS results: For component 1:  wR2(int) was 0.1139 

before and 0.0581 after correction. For component 2: wR2(int) was 0.1178 before and 0.0590 after 

correction. Final HKLF 4 output contains 98892 reflections, Rint = 0.1127 (35288 with I > 3σ(I), 

Rint = 0.0474). The data were first solved and refined using HKLF 4 file format. The final 
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refinement cycles were carried out with HKLF 5 (final refined twin value is 0.4721(14)). All atoms 

were refined with anisotropic thermal parameters. Hydrogen atoms were included in idealized 

positions for structure factor calculations. The structure of the compound is depicted in Figure 

7.5.7 and bond distances and bond angles are set out in Table 7.5.3. 

  



213 

Table 7.5.1. Crystal Data and Structure Refinement for 2[PF6]•CHCl3.  

Empirical formula  C35H38Cl4F6N5PRu  
Formula weight  916.54  
Temperature/K  100(2)  
Crystal system  monoclinic  
Space group  P21/c  
a/Å  14.078(3)  
b/Å  12.616(3)  
c/Å  22.971(6)  
α/°  90  
β/°  103.36(3)  
γ/°  90  
Volume/Å3  3969.4(16)  
Z  4  
ρcalcg/cm3  1.534  
µ/mm-1  0.765  
F(000)  1856.0  
Crystal size/mm3  0.26 × 0.14 × 0.01  
Radiation  MoKα (λ = 0.71073)  
2Θ range for data collection/°  4.39 to 57.056  
Index ranges  -17 ≤ h ≤ 16, 0 ≤ k ≤ 15, 0 ≤ l ≤ 30  
Reflections collected  8139  
Independent reflections  8139 [Rint = 0.0474, Rsigma = 0.0814]  
Data/restraints/parameters  8139/0/479  
Goodness-of-fit on F2  1.109  
Final R indexes [I>=2σ (I)]  R1 = 0.0781, wR2 = 0.1420  
Final R indexes [all data]  R1 = 0.1218, wR2 = 0.1596  
Largest diff. peak/hole / e Å-3  1.40/-0.72  
Rint = S | Fo2 - <Fo2> | / S | Fo2|                          
R1 = S | | Fo| - | Fc|| / S| Fo| 
wR2 = [S [w (Fo2 – Fc2)2] / S [w (Fo2) 2]]1/2          

Goodness-of-fit = [S [w (Fo2 – Fc2) 2] / (n-p)1/2 

n: number of independent reflections; p: number of refined parameters 
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Table 7.5.2. Bond Lengths and Angles for 2[PF6]•CHCl3. 

Atom Atom Length (Å) Atom Atom Length (Å) 
Ru1 Cl1 2.5220(19) C12 C18 1.582(12) 
Ru1 N1 2.070(6) C13 C14 1.457(11) 
Ru1 N2 2.029(6) C14 C15 1.423(11) 
Ru1 N3 2.037(7) C14 C19 1.460(10) 
Ru1 N4 1.980(6) C15 C16 1.360(11) 
Ru1 N5 2.058(6) C16 C17 1.556(11) 
N1 C1 1.350(10) C20 C21 1.439(11) 
N1 C5 1.387(9) C20 C25 1.355(10) 
N2 C6 1.333(9) C21 C22 1.426(12) 
N2 C10 1.296(8) C21 C27 1.467(11) 
N3 C29 1.153(10) C22 C23 1.325(12) 
N4 C31 1.122(10) C23 C24 1.424(12) 
N5 C33 1.152(9) C23 C28 1.553(12) 
C1 C2 1.356(10) C24 C25 1.446(11) 
C1 C20 1.528(11) C25 C26 1.559(11) 
C2 C3 1.415(11) C29 C30 1.436(12) 
C3 C4 1.362(11) C31 C32 1.436(12) 
C4 C5 1.356(10) C33 C34 1.522(12) 
C5 C6 1.423(10) P1 F1 1.626(6) 
C6 C7 1.395(11) P1 F2 1.621(6) 
C7 C8 1.297(11) P1 F3 1.634(8) 
C8 C9 1.346(11) P1 F4 1.549(7) 
C9 C10 1.404(11) P1 F5 1.517(6) 

C10 C11 1.452(10) P1 F6 1.528(6) 
C11 C12 1.458(12) Cl2 C35 1.757(11) 
C11 C16 1.457(11) Cl3 C35 1.640(10) 
C12 C13 1.370(10) Cl4 C35 1.820(11) 

Atom Atom Atom Angle (°) Atom Atom Atom Angle (°) 
N1 Ru1 Cl1 89.64(17) C13 C12 C11 113.1(8) 
N2 Ru1 Cl1 80.18(19) C13 C12 C18 120.8(8) 
N2 Ru1 N1 76.4(2) C12 C13 C14 122.1(8) 
N2 Ru1 N3 101.8(2) C13 C14 C19 119.8(7) 
N2 Ru1 N5 100.0(2) C15 C14 C13 121.8(7) 
N3 Ru1 Cl1 85.51(19) C15 C14 C19 118.3(7) 
N3 Ru1 N1 175.1(3) C16 C15 C14 119.9(8) 
N3 Ru1 N5 93.2(2) C11 C16 C17 125.5(7) 
N4 Ru1 Cl1 94.88(19) C15 C16 C11 116.4(8) 
N4 Ru1 N1 102.5(2) C15 C16 C17 117.9(7) 
N4 Ru1 N2 174.9(3) C21 C20 C1 124.3(7) 
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N4 Ru1 N3 78.9(2) C25 C20 C1 117.4(7) 
N4 Ru1 N5 84.9(2) C25 C20 C21 118.0(7) 
N5 Ru1 Cl1 178.75(18) C20 C21 C27 118.6(7) 
N5 Ru1 N1 91.6(2) C22 C21 C20 124.1(7) 
C1 N1 Ru1 129.2(5) C22 C21 C27 117.1(7) 
C1 N1 C5 120.8(6) C23 C22 C21 119.2(8) 
C5 N1 Ru1 109.3(5) C22 C23 C24 116.4(8) 
C6 N2 Ru1 115.3(5) C22 C23 C28 118.9(8) 

C10 N2 Ru1 128.6(5) C24 C23 C28 124.6(8) 
C10 N2 C6 114.7(7) C23 C24 C25 126.6(7) 
C29 N3 Ru1 171.6(6) C20 C25 C24 115.6(7) 
C31 N4 Ru1 170.0(6) C20 C25 C26 118.3(7) 
C33 N5 Ru1 174.2(6) C24 C25 C26 126.1(7) 
N1 C1 C2 118.0(7) N3 C29 C30 179.2(9) 
N1 C1 C20 124.1(6) N4 C31 C32 177.9(9) 
C2 C1 C20 117.9(7) N5 C33 C34 176.0(9) 
C1 C2 C3 120.4(7) F1 P1 F3 174.4(5) 
C4 C3 C2 121.7(7) F2 P1 F1 83.9(3) 
C5 C4 C3 115.9(8) F2 P1 F3 91.1(4) 
N1 C5 C6 117.1(7) F4 P1 F1 97.9(5) 
C4 C5 N1 122.9(7) F4 P1 F2 178.1(5) 
C4 C5 C6 119.8(8) F4 P1 F3 87.1(5) 
N2 C6 C5 111.1(7) F5 P1 F1 84.4(5) 
N2 C6 C7 124.7(7) F5 P1 F2 83.9(4) 
C7 C6 C5 123.8(8) F5 P1 F3 97.8(5) 
C8 C7 C6 120.5(8) F5 P1 F4 95.5(4) 
C7 C8 C9 115.3(8) F5 P1 F6 176.2(5) 
C8 C9 C10 123.3(7) F6 P1 F1 97.0(4) 
N2 C10 C9 121.1(7) F6 P1 F2 92.7(4) 
N2 C10 C11 115.2(7) F6 P1 F3 80.5(4) 
C9 C10 C11 123.3(6) F6 P1 F4 87.8(4) 

C10 C11 C12 115.6(8) Cl2 C35 Cl4 107.1(6) 
C10 C11 C16 117.3(7) Cl3 C35 Cl2 113.4(6) 
C16 C11 C12 126.6(7) Cl3 C35 Cl4 111.0(6) 
C11 C12 C18 126.1(7)     

  



216 

 

Figure 7.5.7. Thermal ellipsoid representation (40% probability ellipsoids) of 2[PF6]•CHCl3. 
 
7.5.4. Electrochemical Experiments  

Cyclic Voltammetry. Electrochemical experiments were performed at room temperature 

under either a N2 or a CO2 atmosphere with a BAS 100B/W electrochemical workstation. All 

experiments used CH3CN as solvent containing 0.1 M [NBun4][PF6] as electrolyte. Samples 

containing CO2 were prepared by sparging the analyte solution with CO2 for at least 15 min prior 

to measurement. Cyclic voltammetry (CV) experiments were performed in a single-compartment 

cell with a three-electrode configuration consisting of a glassy carbon working electrode (A = 0.07 

cm2), a platinum auxiliary electrode (A = 0.02 cm2), and a silver wire quasi-reference electrode. 

Electrodes were polished and rinsed before use. FeCp2 or FeCp*2 was used as an internal redox-

potential reference; potentials are reported relative to FeCp20/+ (E1/2(FeCp*20/+) = –0.505 V vs. 

FeCp20/+ in CH3CN,24 confirmed under our experimental conditions). Experiments in the absence 
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of substrate (phenol and/or CO2) were performed at multiple scan rates (0.05–0.40 V/s); other 

experiments were performed at a scan rate of 0.10 V/s unless otherwise stated. The reversibility of 

processes was assessed using Randles-Sevcik plots; peak currents were not corrected for 

background currents.  

Controlled Potential Electrolysis. These experiments were performed in a sealed four-

neck cell (total volume = 100 mL). A three-electrode configuration was used that consisted of a 

reticulated vitreous carbon foam working electrode (ERG Materials & Aerospace, ca. 15 mm × 10 

mm × 5 mm), a platinum wire auxiliary electrode that was separated from the working solution by 

a medium porosity glass frit, and a Ag/Ag+ reference electrode (BASi, 0.01 M AgNO3 in CH3CN 

containing 0.1 M [NBun4][PF6]) that was separated from the working solution by a CoralPor tip. 

The working solution (40 mL) contained a known amount of catalyst, 0.5 M PhOH, and a stir bar. 

The auxiliary compartment contained 5 mL of a CH3CN solution containing 0.1 M ferrocene (as 

a sacrificial reductant) and 0.1 M [NBun4][PF6]. After a current equivalent to at least 8 e– per 

catalyst molecule was passed, a known volume of gas within the headspace was extracted by 

gastight syringe and its chemical composition was characterized by gas chromatography (GC; 

Agilent 7890B with FID (CO) and TCD (H2) detectors and a Supelco Carboxen 1010 PLOT 

column). Comparison with a GC calibration curve (Supelco SCOTTY Specialty Gas; 1.0% H2, O2, 

CH4, CO, and CO2, balance N2) allowed quantification of the volume of each gas present at the 

end of the run and, from this, determination of the faradaic efficiency. Three gas samples from 

each run were measured so that the standard deviation could be calculated. Formate was detected 

by 1H NMR spectroscopy via a previously reported method:25 following electrolysis and GC 

analysis of the headspace, D2O (2 mL) was added to an aliquot of the reaction solution (5 mL) and 

the resulting aqueous mixture was vigorously stirred, washed with CH2Cl2 (12 mL), and acidified 
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with one drop of concentrated HCl (aq). 1H NMR (D2O, 400 MHz, 295 K): δ 8.16 (s, 1H, 

HCOOH). 

 

Figure 7.5.8. (Left) Cyclic voltammograms of 2[PF6] (0.7 mM) in CH3CN containing 0.1 M 
[NBun4][PF6]. The figure is identical to that in Figure 5.3. (Right) Randles-Sevcik plot of the 
reversible RuII/III couple. 

 

 

Figure 7.5.9. Cyclic voltammograms of 2Cl (2.0 mM) in CH3CN containing 0.1 M [NBun4][PF6]. 
The arrow indicates the direction of the scan. 
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Figure 7.5.10. Differential pulse voltammogram of 2Cl (2.0 mM) in CH3CN containing 0.1 M 
[NBun4][PF6]. 

 

 

Figure 7.5.11. (Left) Cyclic voltammograms of 1 (1.1 mM) in CH3CN containing 0.1 M 
[NBun4][PF6]. The arrow indicates the direction of the scans. (Right) Randles-Sevcik plot of the 
reversible Ru2+/3+ couple. 
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Figure 7.5.12. Cyclic voltammograms (ν = 0.1 V/s) of 2Cl (0.5 mM) in CH3CN containing 0.1 M 
[NBun4][PF6] and varying concentrations of PhOH. For clarity, only forward traces are shown for 
scans with added PhOH. Figure B is an expansion of A. 
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