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The investigation of energy-storage strategies for renewable technologies is one of the 

most important modern-day challenges facing the future energy landscape. Inspired by the 

process of photosynthesis, where light energy is stored in the energy dense bonds of sugars, this 

work investigates the fundamental thermodynamic and kinetic forces directing the reactivity of 

homogenous catalysts for the electrochemical reduction of protons to H2 or CO2 to formate.  

The selective catalytic reduction of CO2 to formate is of interest because it is a carbon 

neutral process for storing energy in chemical bonds. Currently, CO2 reduction pathways to 

target fuels are often limited by the off-cycle hydrogen evolution reaction (HER) which lowers 

faradaic efficiency and product selectivity. A catalyst design strategy is described which utilizes 

thermodynamic properties and hydricity-pKa relationships to target reaction conditions for 

selective hydride transfer to specific substrates like protons or CO2 in both water and organic 

solvents.  

A detailed study of the electrocatalytic activity and selectivity of Ni and Pt diphosphine 

complexes for H2 evolution and CO2 reduction in water or the presence of acid in organic solvent 

is described. Experimental evidence demonstrates that the competing H2 evolution pathway can 
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be disfavored with changes in proton activity. These results demonstrates that metal hydricity 

can be a quantitative activity descriptor for optimizing catalyst conditions for selective CO2 

reduction. 

An investigation of the role of kinetic and thermodynamic factors that direct reactivity of 

a Pt diphosphine catalyst with protons or CO2 to achieve high selectivity for formate is also 

described. An energy landscape plot was constructed from experimental studies comparing 

observed rates for electron transfer, protonation, and CO2 binding. Our findings indicate that 

overall catalysis is limited by the rate of C-H bond formation by the reactive metal hydride. This 

information guides future compound modifications to improve catalytic activity. 

The completed work gives new fundamental insights into a thermodynamic and kinetic 

based methodology for homogeneous catalyst design.  
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Introduction 
 
 
 
 

Metal Hydricity as a Catalyst Activity Descriptor for  Fuel 

Forming Reactions  
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0.1 Energy Storage in Chemical Bonds 

One challenge facing the widespread use of renewable technologies is the question of energy 

storage: how can we store the electrical energy produced by renewable resources?  

Batteries are one solution, where electrical energy is stored as chemical energy within an 

electrochemical cell. The energy storage potential of a battery is limited by the specific energy 

(energy per unit weight) and energy density (energy per unit volume) defined by the anode-

cathode materials.1-2 Despite recent leaps in Li-ion battery technology, the restraints set by 

energy density by mass and volume (100-200 Wh kg–1) as well as energy cycling efficiencies 

constrain applications of this technology to portable electronics or electric vehicles that require 

multiple charging cycles to travel long distances.3  

In contrast, the energy density of chemical fuels like gasoline (13,000 Wh kg–1) or H2 

(33,000-39,000 Wh kg–1) far exceed those of state of the art Li–ion battery technology (Figure 

0.1)3-4 As a result, energy storage in the form of chemical fuels is better suited for long-range 

 
 

Figure 0.1 Plot of energy density by mass and volume for Li-ion batteries and chemical fuels.  
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applications like powering airplanes. Our current energy economy is centered on the use of 

liquid fossil fuels due in part to their high energy density and ease of transport. However, the use 

of fossil fuels produce harmful greenhouse gases like CO2 that are intensifying the effects of 

global climate change.5-6 Thus, there is an urgency to investigate alternative fuel sources to 

reduce the dependency on fossil fuels, while capitalizing on the advantages of high energy 

density chemical fuels.7-11  

Carbon neutral energy storage strategies that rely on the conversion of CO2 to high value 

chemicals are of particular interest. Current approaches for utilizing CO2 as a feedstock chemical 

are electrochemical10, 12-16 or hydrogenation17-24 reactions that generate useful products such as 

formate (HCO2) or methanol (CH3OH) rely on catalysts. Both formate and methanol are 

appealing alternative fuel candidates because of their potential in direct fuel utilization devices 

like fuel cells.25 Limitations on the use of these fuels are due in part to slow reaction rates and 

competitive byproduct reactions. Improvements on catalyst performance and selectivity are 

necessary to making progress towards utilization of alternative fuels.  

0.2 Electrochemical CO2 Reduction Strategies 

The single electron reduction pathway of CO2 to CO2•– requires a high standard reduction 

potential of –1.9 V vs SHE. The unfavourability of this pathway is a consequence of a high 

reorganization energy due to geometric rearrangement of CO2 from linear to bent whereas 

reduction pathways that require multi-electrons and protons occur at lower thermodynamic 

reduction potentials (Table 0.1).26-27 Despite lower thermodynamic potential requirements, 

electrochemical activation of CO2 to higher value products like formate (HCO2–) is complicated 

by slow reaction kinetics and product selectivity. Thus, current catalysts used for these 

conversions often suffer from high overpotentials and low faradaic efficiencies from competitive 
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side reactions like H2 production.28-30 Proposed reaction pathways for competing  CO2 reduction 

products to formate or CO are  is depicted in Scheme 0.1. 

Formate is a desirable 1 H+ and 2 e– CO2 reduction product that can be used in direct formate 

fuel cells to generate energy25, 31 or as a precursor to further reduced products like methanol 

Table 0.1 CO2 Reduction Potentials  

 

Scheme 0.1 Possible reduction pathways at reduced metal intermediate [ML2]n in the presence 
of CO2 and H+. 
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(CH3OH).17, 22, 32-34 Many approaches for CO2 reduction to formate have been explored including 

hydrogenation,24, 35 and electrochemical reduction.29, 36 CO2 hydrogenation requires high 

temperature and pressures compared to electrocatalytic systems.23-24, 37 However, electrochemical 

catalysts are limited by low selectivity and high overpotentials.  

A few notable examples of electrocatalysts with high selectively for formate (>90%) are 

shown in Table 0.2. Meyer and Brookhart generated a water soluble Ir POCOP complex that 

shows 93% faradaic efficiency for CO2 reduction to formate at pH 7 with minimal background 

H2 production. Hazari and Palmore et al.38 report a trihydride Ir pincer compound that is 

proposed to rely secondary coordination H-bonding interactions with the ligand backbone to 

promote catalysis. Similarly, Artero et al.39 described a highly active cobalt catalyst that 

incorporates electron donating phosphine ligands with two pendant amines, PR2NR’2. This cobalt 

catalyst utilizes secondary ligand stabilization effects of key intermediates for catalysis, where 

the most basic amine ligand exhibits the highest activity. Another particularly interesting 

Table 0.2 Selective catalysts for CO2 reduction to formate (HCO2—). 
 

 



6	
	

example is the [Fe4N(CO)12] — cluster investigated by Berben et al.40 The driving force for 

hydride transfer from [HFe4N(CO)12] — to CO2 was measured to be +5 kcal/mol in MeCN 

(uphill) and –8.5 kcal/mol in water (downhill). This switch in driving force for C-H bond 

formation suggests that secondary solvent effects are important considerations for catalysis.  

 In the proposed electrochemical process shown in Scheme 0.1, a metal complex undergoes 

electron transfer followed by a chemical step with CO2 or H+. The reduced metal species can (A) 

react with CO2 to form a metal carboxylate intermediate or (B) protonate to generate a metal 

hydride. Reactivity at this branch point in the mechanism is important for determining reaction 

pathways for formate or CO production.  

Reactivity at the reduced metal to favor protonation to form a metal hydride is one way to 

favor selectivity to formate. The metal hydride intermediate must be (1) sufficiently hydridic for 

CO2 insertion to generate formate and (2) resist reactivity with the proton source to generate H2. 

Few catalysts that meet these challenges have been reported.38-41 As a result, better 

understanding of metal hydride reactivity is needed to guide catalyst design as well as to achieve 

further reduced products.  

Fundamental mechanistic studies including the investigation of metal hydrides are necessary 

for catalyst selectivity. Molecular catalysts offer the advantage of synthetic control to tune redox 

potential and lower required overpotential costs.  

0.3 Metal Hydricity in Catalysis 

Metal hydrides are key intermediates in organometallic catalysis for important energy storage 

reactions including the evolution of H242-44 and reduction of CO2 to formate.9, 45-47 The reactivity 

of metal hydrides can be described using a thermodynamic hydricity value (∆GH–). Metal 

hydricity, or hydride donor ability (∆GH–), is an experimentally determined parameter that 
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describes the free energy associated with the heterolytic cleavage of a M-H bond to release a 

hydride (eq 1).  

 

Transition metal hydricity values can be determined using established thermodynamic 

schemes47-50 and parameters such as reduction potential and  pKa.51 Metal hydricity values for a 

series of metal hydrides52 and organic compounds53 have been measured.  The hydricity of a 

metal complex can be modified by tuning the ligand electronic structure, changing the transition 

metal, or leveraging solvent effects.52, 54-56  

Hydricity values have been shown to have a linear correlation with redox potential.54 Thus 

redox potential offers an easily accessible experimental handle for estimating hydricity values, 

although there are some exceptions.57-58 This hydricity-potential relationship highlights the 

sensitivity of hydricity due to changes in electronic structure of the metal complex. In contrast, 

the homolytic metal hydride BDFE values exhibit small changes with changes in ligand 

electronic structure and can be approximated to be ~ 60 kcal/mol.54  

Using thermodynamic schemes (Scheme 0.2 and Scheme 0.3), hydricity values can be used 

to predict catalyst reactivity towards substrates in solution such as H+ or CO2. For example, H2 

evolution at a metal hydride (eq 4) is dependent on the hydricity of H2 (∆GH2; eq 3) and the metal 

complex (∆GH–; eq 1), as well as acid pKa (eq 2). When these thermodynamic requirements are 

met, (∆GHER) < 0 (downhill) and H2 is generated. Since H2 production is a competitive pathway 

for selective hydride transfer to other substrates, like CO2, gaining a thermodynamic 

understanding of H2 production at metal hydride is crucial.  

[HML]+ [ML]2+ + H- (1)ΔGH-
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0.4 Research Goals 

The research described in this dissertation is focused on understanding the 

thermodynamic and kinetic factors controlling reactivity of metal hydride complexes for 

electrochemical reduction reactions. This investigation focuses on understanding the H2 

evolution reaction (HER) pathway at metal hydride intermediates as a strategy for selective CO2 

reduction in water and organic solvents.  To achieve this aim, a thermochemical approach is 

coupled to electrochemical mechanistic studies of Ni and Pt diphosphine complexes (Chart 0.1).  

The Ni and Pt complexes used in this study have a bidentate bis(diphosphine)ethane 

ligand backbone.59 The synthesis and characterization of the water soluble ligands tmepe (tmepe 

Scheme 0.3 Thermochemical Scheme for Hydride Transfer to CO2 
 

 
 
 

ΔGHCO2- = (ΔGH-) - 44 kcal/mol

[HML]+ + CO2 [ML]2+ + HCO2
-

H- + CO2 HCO2
-

[HML]+ [ML]2+ + H-

44 kcal/mol

Free Energy of CO2 Reduction to HCO2
- Through H- Transfer

(1)

(5)

(6)

ΔGH-

Scheme 0.2 Thermochemical Scheme for Heterolytic H2 bond Formation at a Metal Hydride 
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= 1,2-bis[di(methoxyethyl)phosphino]ethane))60-61 and dhmpe (dhmpe = 1,2-bis(di-

(hydroxymethyl)phosphino)ethane)55, 62 have been previously reported, while dmpe (dmpe = 1,2-

bis(dimethylphosphino)ethane) is commercially available. Phosphine ligands were used because 

of the tunability of the phosphine donor strength and solubility properties. In addition, the 

phosphine donor atom offers an advantageous spectroscopic handle via 31P NMR spectroscopy to 

track intermediates in mechanistic studies. Nickel and platinum metals were chosen for this work 

because they allow for further control over electronic structure. Both Ni and Pt favor formation 

5-coordinate 18 e-, d8 metal hydrides and 4-coordinate 16 e-, d8 metal complexes following 

hydride transfer. These coordination changes maintain the desired diamagnetic properties of the 

metal complexes.  

Thermodynamic studies of these complexes included measuring metal hydride hydricity 

(∆GH–) and pKa values to benchmark reactivity. Metal hydricity is an important descriptor of 

metal hydride reactivity with H+ or CO2 substrates.52, 54, 63-65 The heterogeneous catalysis 

community has found success using calculated thermodynamic activity descriptors, like substrate 

adsorption free energy, that describe critical bond making and breaking steps necessary for 

catalysis. These calculated thermodynamic descriptors and experimental catalytic activity are 

Chart 0.1 Transition Metal Hydrides with diphosphine ligand frameworks  
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used to construct volcano plots that are used for catalyst development .30 This work aims to 

investigate thermodynamic metal hydricity as a similar activity descriptor for homogeneous 

catalysts where making or breaking metal hydride bonds are critical steps.  

 Understanding and quantifying changes in metal hydricity across solvents, metals, and 

ligand frameworks allows for rational catalyst design. Herein, the metal hydricity (∆GH–) of 

[Ni(tmepe)2]2+ was measured to describe hydride donor strength in water and organic solvents.56 

The hydricity values of [Ni(dhmpe)2]2+ and [Pt(dmpe)2]2+ have been previously reported by Tsay 

et al.55 and Dubois et al.49 respectively.  

 Coupling this fundamental thermodynamic approach with detailed mechanistic and 

electrochemical studies is crucial to better understand reaction mechanism during catalysis. 

Catalytic activity and mechanistic studies of HER and CO2 reduction were conducted using the 

[Pt(dmpe)2]2+ complex using spectroscopic and electrochemical techniques.66 Kinetic rates of 

metal hydride formation and competitive pathways were investigated using cyclic voltammetry. 

The synthesis and characterization of [Ni(dhmpe)2]2+ and [Pt(dmpe)2]2+ have been previously 

reported.48, 55 Characterization of [Ni(tmepe)2]2+ was carried out using NMR spectroscopy, mass 

spectrometry and X-ray diffraction.56  
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CHAPTER 1 
 
 
 
 

Hydricity Determination, Solvent Effects, and Reactivity of 

[HNi(tmepe)2]+ 
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Ceballos, B. M.; Tsay, C.; and Yang, J. Y.; Chem. Commun, 2017, 53, 7405-7408. 
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1.1 Motivations and Specific Aims 
 
Catalytic H+ and CO2 reduction reactions both share a key metal hydride intermediate. Thus, 

gaining a better understanding of metal hydride formation and reactivity is necessary for 

designing catalysts for these reactions. A water-soluble Ni(II) complex incorporating two 

electron donating bidentate phosphorous ligands was synthesized and characterized using NMR 

spectroscopy, mass spectrometry, and X-ray crystallography. Additionally, the thermodynamic 

hydricity (∆GH–) was measured and benchmarked relative to H2 formation in acetonitrile, 

dimethylsufloxide (DMSO), and water to assess H+ and CO2 reduction capabilities. This type of 

quantitative thermodynamic analysis of potential catalysts can be used to direct selective 

catalytic pathways and to improve catalyst activity as described in Chapter 2.  

1.2 Background 
 

The	reduction	of	CO2	to	formate	is	a	convenient	path	to	a	carbon-neutral	renewable	fuel	

that	 can	 be	 transported	 as	 a	 liquid.1-6	 Formate	 can	 be	 produced	 from	 CO2	 through	

hydrogenation1-2,	7-17	or	direct	electrochemical	reduction.18-29	Utilization	of	formate	can	be	

achieved	 through	 dehydrogenation	 reactions	 to	 liberate	 dihydrogen3,	 7,	 30-37	 or	 by	 direct	

formate	 oxidation	 in	 a	 fuel	 cell	 to	 generate	 energy.38-43	 All	 of	 these	 routes	 for	 fuel	

production	 and	 utilization	 require	 catalysts.	 For	 homogeneous	 catalysts,	 these	 reactions	

both	proceed	through	a	transition	metal	hydride	intermediate	(Scheme	1.1).		
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The	thermodynamic	cycle	for	hydride	transfer	to	CO2	to	generate	formate	is	outlined	in	

Scheme	1.2.	Comparison	of	the	hydride	transfer	energy	of	a	transition	metal	hydride	(eq	1,	

ΔGH–	 (MH),	 or	 hydricity)	 to	 the	 hydride	 transfer	 energy	 of	 formate	 (eq	 2,	 ΔGH–(HCO2–)	

indicates	whether	 CO2	 reduction	 or	 formate	 oxidation	 is	 exergonic	 or	 endergonic	 (eq	 3).	

Values	 for	 ΔGH–(HCO2–)	 have	 been	 measured	 or	 estimated	 in	 several	 solvents.44-47	 To	

develop	 a	 thermodynamic	 framework	 to	 guide	 catalyst	 design	 for	 the	 interconversion	 of	

CO2	to	formate,	our	group44	and	others8,	18-19,	45,	48-56	have	been	quantifying	hydricity	values	

for	transition	metal	hydrides.		

A	 former	 postdoctoral	 associate	 Dr.	 Charlene	 Tsay,	 measured	 the	 hydricity	 (∆GH–)	 of	

[HNi(DHMPE)2]+	 (DHMPE=	 1,2-bis(di-(hydroxymethyl)phosphino)ethane,	 Chart	 1.1)	

versus	 dihydrogen	 in	 acetonitrile	 (CH3CN),	 dimethylsulfoxide	 (DMSO),	 and	 water.	 In	

solvents	 with	 higher	 polarity,	 the	 hydricity	 of	 [HNi(DHMPE)2]+	 shifts	 to	 lower	 values	 to	

Scheme 1.1. Proposed mechanism for metal hydride [HMLn]n-1 formation and H+ and CO2 
reduction.  

 

 

Scheme 1.2. Thermodynamic cycle for hydride transfer to CO2 to generate formate by a 
metal hydride. 
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become	 a	 better	 hydride	 donor.44	 In	 aqueous	 solutions,	 the	 decrease	 of	 ΔGH–	 for	

[HNi(TMEPE)2]+	 (1)	 is	 greater	 in	magnitude	 than	 the	 decrease	 in	 ΔGH–	 for	 formate.	 The	

change	in	free	energy	for	CO2	reduction	to	formate	in	water	was	initially	observed	by	Creutz	

and	 coworkers	 with	 [HRu(ƞ6-C6Me6)(bpy)]+,52-54	 and	 subsequent	 studies	 show	 a	 similar	

trend	 among	 transition	 metal	 hydrides.18-19,	 52,	 55,	 57-59	 However,	 with	 only	 a	 few	

exceptions,19,	 54,	 59	 the	 ultimate	 reaction	 favorability	 with	 CO2	 remains	 the	 same	 across	

solvents.	 In	other	words,	while	 the	magnitude	of	 the	 free	energy	changes,	but	 the	overall	

free	energy	remains	either	positive	or	negative.	This	is	true	of	[HNi(DHMPE)2]+	where	the	

free	 energy	 for	 hydride	 transfer	 to	 CO2	 (eq	 3)	 decreases	 from	13.5	 and	13.4	 kcal/mol	 in	

DMSO	and	CH3CN,	and	to	5.9	kcal/mol	in	water,	but	the	reaction	remains	endergonic	in	all	

three	solvents.	

	[HNi(DHMPE)2]+	 was	 modified	 to	 increase	 the	 metal	 hydride	 donor	 strength	 (or	

decrease	∆GH–)	in	order	to	favor	aqueous	CO2	reduction	to	formate.	To	increase	the	donor	

strength	of	the	ligand	while	maintaining	water	solubility,	DHMPE	was	replaced	with	TMEPE	

(TMEPE	 =	 1,2-bis[di(methoxyethyl)phosphino]ethane),	 shown	 in	 Scheme	 1.1.	 In	 TMEPE,	

Chart 1.1. Nickel complex with water-soluble diphosphine ligand frameworks.  
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the	 electron-withdrawing	 oxygen	 heteroatom	 is	 further	 extended	 from	 the	 phosphine	

ligand	 by	 an	 additional	 methylene	 group.	 Additionally,	 previously	 it	 was	 observed	 that	

DHMPE	was	 unstable	 to	 alkaline	 conditions,	 which	 is	 attributed	 to	 deprotonation	 of	 the	

distal	 alcohols.	 To	 circumvent	 this	 issue,	 the	 alcohols	 were	 replaced	 with	 methoxide	

substituents	in	TMEPE.	

1.3 Results and Discussion 
1.3.1 Synthesis and structure of [Ni(TMEPE)2][BF4]2, [HNi(TMEPE)2][BF4], and 

[Ni(TMEPE)2] (TMEPE = 1,2-bis[di(methoxyethyl)phosphino]ethane)  
	

1,2-bis[di(methoxyethyl)phosphino]ethane	 (TMEPE)	 was	 synthesized	 from	 methyl	

vinyl	 ether60	 in	 63%	 yield	 according	 to	 a	 modified	 preparation	 (see	 Experimental	

Section).61	The	 1H	and	31P{1H}	NMR	spectra	 (Figures	1.2	and	1.3)	are	consistent	with	 the	

original	preparation.61	

The	 Ni(II)	 complex	 [Ni(TMEPE)2][BF4]2	 (2)	 was	 synthesized	 by	 the	 addition	 of	 two	

equivalents	of	TMEPE	to	[Ni(CH3CN)6](CH3CN)0.5[BF4]2	in	CH3CN	and	upon	purification	was	

isolated	in	quantitative	yield.	2	was	characterized	by	1H	and	31P{1H}	spectroscopy	in	water	

and	 organic	 solvents.9	 Single	 crystals	 suitable	 for	 analysis	 by	 X-ray	 crystallography	were	

grown	 by	 vapor	 diffusion	 of	 diethyl	 ether	 into	 a	 THF/toluene	 solution;	 the	 solid-state	

structure	 is	 shown	 in	 Figure	 1.	 The	 nickel	 ion	 lies	 on	 an	 inversion	 center	 and	 the	

asymmetric	 unit	 contains	 only	 one	 TMEPE	 ligand;	 the	 other	 half	 of	 the	 molecule	 is	

generated	 by	 symmetry,	 resulting	 in	 an	 ideal	 square	 planar	 geometry	 around	 the	 metal	

center.	

The	Ni(0)	complex,	Ni(TMEPE)2	(3),	was	prepared	by	adding	two	equivalents	of	TMEPE	

to	Ni(COD)2	 in	THF	at	−35	°C,	resulting	in	an	immediate	color	change	from	yellow	to	dark	
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orange-brown.	The	solution	was	warmed	to	room	temperature	and	stirred	overnight	to	give	

3	in	95%	yield.	Complex	3	was	characterized	by	1H	and	31P{1H}	NMR	spectroscopy	(Figures	

1.6	and	1.7).		

The	nickel	hydride	complex	[HNi(TMEPE)2][BF4]	(1,	Chart	1.1),	was	generated	by	in	situ	

protonation	of	3	by	the	addition	of	one	equivalent	of	acid	in	either	H2O,	DMSO,	or	CH3CN.	

The	1H	and	31P	{1H}	NMR	spectra	for	1	are	shown	in	Figures	1.8	-	1.13.		

1.3.2 Benchmarking Metal Hydricity Values in Acetonitrile, Dimethylsulfoxide (DMSO), 
and Water 
 

The hydricity values were measured using the thermodynamic cycle shown in Scheme 1.3. 

The equilibrium constant (Keq) associated with the formation of complex 1 from 2 using H2 in 

the presence of a base (eq 4) was measured in CH3CN, DMSO, and H2O. With this method, the 

estimated hydricity is benchmarked to the heterolytic bond cleavage energy of H2 (∆G°H2)62 and 

 

Figure 1.1. Structural representation (left) and solid-state structure (right) of [Ni(TMEPE)2][BF4]2 
(2). Crystal structure details: asymmetric unit contains half of the molecule, other half generated by 
inversion around Ni; only one orientation of a disordered methoxyethyl group shown; thermal 
ellipsoids drawn at 50%; hydrogen atoms and two BF4 anions omitted for clarity. 



26	
	

the pKa values of the conjugate acids in the solvent of interest (Scheme 1.3). The values for the 

previously studied [HNi(DHMPE)2]+ were measured using the same method.  

In each solvent, the reaction shown in eq 4 was monitored by 1H and 31P{1H} NMR 

spectroscopy. The relative integration for [HNi(TMEPE)2][BF4] (1) and [Ni(TMEPE)2][BF4]2 (2) 

were compared to an internal capillary reference containing 0.5 M H3PO4 in D2O (eq 4). To 

ensure that equilibrium was achieved, Keq was measured when the relative amounts of 1 to 2 did 

not change for 3 days.  

Hydricity values for 1 in non-aqueous and aqueous solvents are listed in Table 1.1 and shown 

in Scheme 1.4. In CH3CN, the base Et3N (pKa  of [HNEt3]+ = 18)63 was used to establish an 

equilibrium between 1 and 2. Coordination of NEt3 to 2 was not observed by 31P{1H} NMR 

spectroscopy. The relative 31P{1H} NMR integrations at equilibrium resulted in a hydricity for 1 

of 50.6 kcal/mol in CH3CN. The hydricity of 1 in DMSO was determined using 1,8- 

diazabicycloundec-7-ene (DBU) as a base (pKa of [HDBU]+ = 12).64 Again, no coordination of 

DBU was observed by 31P{1H} NMR spectroscopy. The reaction reached equilibrium after 6 

days, and the measured Keq resulted in a hydricity of 47.1 kcal/mol. In water, H2 heterolysis was 

conducted in phosphate buffered solutions at pH 7, 7.5, and 8 with no added base. Equilibrium 

was achieved at pH 8 after 15 days and leads to a ∆GH–(1) of 22.8 kcal/mol.  

Scheme 1.3. Thermodynamic cycle used to determine hydricity values relative to the 
heterolysis of H2 
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Table 1.1. Experimentally determined hydricity values (ΔG°H–) for [HNi(TMEPE)2]+ (1) with 
conjugate acid pKa values of bases used in acetonitrile (CH3CN), dimethylsufloxide (DMSO), and 
phosphate buffer at pH 8 in H2O (eq 1, Scheme 1.2) and published values for the heterolytic 
cleavage energy of H2 (ΔG°H2) and ΔG°H–(HCO2–). Shaded gray: free energy for H– transfer from 
MH to CO2 according to eq 3 in Scheme 1.2. All ΔG values are given in kcal/mol. 

Solvent 
(ϵ) ΔG°H2 ΔG°H-

(HCO2–) 

[HNi(TMEPE)2]+ ΔG° (eq 3, Scheme 1) 
Conj. Acid  
(pKa, eq 5) ΔG°H- g[HNi(TMEPE)2]+ [HNi(DHMPE)2]+ 

CH3CN 
(38) 

a76 c44 e[HNEt3]+ (18) 50.6 6.6 13.4 

DMSO 
(50) 

a60 d42 f[HDBU]+ (12) 47.1 5.1 13.5 

H2O  
(80) 

b34 b24 H3PO4 (7) 22.8 –1.2 5.9 

aref 62. bref 45. cref 47. dref 46. eref 63. fref 64. gΔG°H- from ref 44. 
 
 
 
Scheme 1.4. Calculation for the equilibrium reaction between complex 1 and 2 for hydricity 
value (ΔG°H–) determination.  

(7)       [NiL2]2+  +         B       + H2      [HNL2]+     + BH 
Initial 𝑋 𝑋     
Change −∆ −∆   ∆ ∆ 
Equilibrium 𝑋 − ∆ 𝑋 − ∆   ∆ ∆ 

 

 
 
Table 1.2. Equilibrium constant (Keq) calculation data for H2 formation by complex 1 according 
to eq 7 in Scheme 1.4  in acetonitirile (CH3CN), dimethylsufoxide (DMSO), and water (H2O). 

Solvent X (M) n 
(eq) Y Δ Z Keq BH pKa 

ΔGH2 
(kcal/ 
mol) 

 
ΔGH- 
(kcal/
mol) 
 

CH3CN 0.024 1 1.15 1.3 X 10-3 1.15 1.32 Et3NH+ 18 76 50 

DMSO 0.015 1 0.09 1.2 X 10-3 0.09 8.5 X 10-3 DBUH+ 12 60 47 

H2O 0.024 1 0.5 7.9 X 10-3 0.5 0.5 HCO3- 8 34 22 
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Hydride donor strength increases with increasing solvent polarity, as shown in Table 1.1 and 

Scheme 1.5. By comparing the relative hydricity values of 1 (22. 8 kcal/mol) to formate (24.1 

kcal/mol), the free energy of hydride transfer to CO2 is still endergonic in organic solvents, but is 

now exergonic by –1.2 kcal/mol in water. 

1.3.3 Reactivity of [HNi(TMEPE)2]+ towards CO2 reduction and formate (HCO2-) 
oxidation reactions  
 

As expected, the experimentally measured hydricity values for [HNi(TMEPE)2]+ are lower, 

or more hydridic, than [HNi(DHMPE)2]+ in CH3CN, DMSO, and water. While hydride transfer 

from [HNi(TMEPE)2]+ is still endergonic in CH3CN and DMSO, it is now exergonic in water. 

The hydricities of many transition metal complexes have been measured in CH3CN, water, or 

both; this is one of few known complexes to exhibit solvent-dependent reactivity with CO2.19, 53-

54, 59, 65-66  

Scheme 1.5. Benchmarking of thermodynamic hydricity values ∆GH– (kcal/mol) in 
acetonitrile (CH3CN), dimethylsulfoxide (DMSO), and water.   
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 The hydricity measurement was validated by examining the oxidation of lithium formate by 

2. Upon addition of lithium formate to 2, clean hydride transfer is observed to generate 1 and 

CO2 (Figures 1.2 and 1.3) in CH3CN and DMSO, reflecting the free energies of –6.6 and –5.1 

kcal/mol, respectively, associated with this reaction. As expected, no reaction is observed for the 

equivalent reaction in aqueous solution over 1 day, as it is endergonic (Figure 1.4). 

 
 

 
Figure 1.2. 31P{1H} NMR spectrum showing complete lithium formate oxidation by complex 2  
(*) in DMSO-d6 to generate complex 1 (o) after the addition of 1 eq of lithium formate, under 
N2. 
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Figure 1.3. 31P{1H} NMR spectrum showing lithium formate oxidation by complex 2 (*) in 
CD3CN to generate complex 1 (o) after the addition of 2 eq of lithium formate under N2. 

 

 

 
Figure 1.4. 31P{1H} NMR spectrum of no reaction between complex 2 (*) and one 
equivalent of lithium formate in D2O under CO2. 
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To observe the reverse reaction, hydride transfer from 1 to CO2 to generate formate was 

attempted in aqueous solution. Metal hydrides are prone to protonation in protic solvent to 

evolve dihydrogen. However, the free energy of protonation is pH dependent according to eq 7. 

Using the heterolytic bond cleavage energy of H2 and the hydricity (∆GH–) of [HNi(TMEPE)2]+ 

(1), transfer of the hydride to a proton to generate H2 is predicted to be thermoneutral (ΔG = 0) at 

pH 8.7, resulting in equal concentrations of 1 and 2 at equilibrium under standard conditions. 

The concentration of the metal hydride (1) and Ni(II) complex (2) observed at pH 9.0 

bicarbonate buffer (Figure 1.5) is consistent with the calculated equilibrium from eq 7. As 

expected, nickel hydride (1) can be cleanly isolated in a carbonate buffer at pH 10.5, with no 

observed protonation to generate H2 after 6 days (Figure1.6). 

 
 

 
Figure 1.5. 31P{1H} NMR spectrum showing nickel hydride complex 3 (o) in pH 9 
carbonate buffered D2O with background protonation to complex 2 (*). Complex 1 
generated from protonation of Ni(0) complex 3 by [PhNH4][BF4] in CD3CN.  
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Addition of 1 atm of CO2 to solutions of 1 at pH 9 in a J. Young tube acidifies the solution to 

pH 7, which results in protonation of 1 to 2 along with some decomposition attributed to trace 

oxygen (Figure 1.7). At higher pH conditions where 1 is stable to protonation, CO2 primarily 

exists as carbonate or bicarbonate. In a bicarbonate buffer at pH 10.4, hydride transfer from 1 is 

not observed over the course of several days although the reaction was not performed under an 

atmosphere of CO2 due to solution acidification. 

  

 

 
Figure 1.6. 31P{1H} NMR spectrum showing stability of nickel hydride complex 1 (o) in pH 
10.4 carbonate buffered H2O under N2. 
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1.4 Conclusion  
 

The conversion between CO2 and formate for fuel generation and utilization in a fuel cell 

requires catalysts that proceed through transition metal hydride intermediates. Quantification of 

hydricity values for these intermediates is key to designing catalysts that can be biased towards 

either CO2 reduction or formate oxidation. In this study, a simple ligand modification to a nickel 

bis(diphosphine) complex changes the reactivity from favoring formate oxidation in DMSO, 

CH3CN, toward being exergonic for CO2 reduction in water. This is one of only a few transition 

metal hydrides known to exhibit solvent-dependent reactivity with CO2 and formate. However, 

hydride transfer from [HNi(TMEPE)2]+ (1) to CO2 at high pH in a carbonate buffer, where the 

solubility of CO2 is minimal, appears to be kinetically slow.  

 

 

Figure 1.7. 31P{1H} NMR spectrum showing nickel hydride complex 1 (o) in pH 9 buffered 
H2O under N2 (top), nickel hydride complex 1 at pH 7 after addition of CO2 (middle), nickel 
hydride complex 1 at pH 7 after addition of O2. Where complex 1 is denoted by (o), complex 
2 is denoted by (*), and unidentified decomposition complex is denoted by (X). 



34	
	

Moving to a more hydridic complex would likely lead to higher reaction rates with CO2 in 

accordance with the Evans-Bell-Polyani principle, but the constraint of energy efficiency for 

renewable fuel applications requires the reaction to remain close to thermoneutral, as it currently 

stands for [HNi(TMEPE)2]+.67-68 Therefore, modifications to lower the transition state barrier to 

improve the kinetics of hydride transfer - without increasing the driving force - is a preferable 

route for developing energy efficient catalysts. These results demonstrate how hydricity can be 

tuned through ligand design to impart favorable reactivity for the conversion between CO2 and 

formate. 

1.5 Experimental Details  
	
General Considerations 

All manipulations were carried out using standard Schlenk or glovebox techniques under an 

atmosphere of dinitrogen. Manipulations involving protic solvents were performed in a separate 

glovebox than those with non-protic solvents. Solvents were degassed by sparging with argon 

gas and dried by passage through columns of activated alumina or molecular sieves. Deuterated 

solvents were purchased from Cambridge Isotopes Laboratories, Inc. and were degassed and 

stored over activated 3 Å molecular sieves prior to use. Reagents were purchased from 

commercial vendors and used without further purification unless otherwise noted. 

[Ni(MeCN)6][BF4]2, methyl vinyl ether, and 1,2-bis[bis(methoxyethyl)phosphino]ethane (tmepe) 

were synthesized according to literature procedures.60-61, 69 

Physical Methods 

NMR Spectroscopy. 1H, 13C{1H}, and 31P{1H} nuclear magnetic resonance (NMR) spectra 

were collected at room temperature, unless otherwise noted, on a Bruker AVANCE 400 MHz, 

600 MHz or 500 MHz spectrometer. Chemical shifts are reported in δ notation in parts per 
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million (ppm). 1H and 13C spectra were referenced to TMS at 0 ppm via the residual proteo or 

natural abundance 13C solvent resonances. 31P spectra were referenced to H3PO4 at 0 ppm within 

Xwin-NMR or Bruker’s Topspin software, which derives the chemical shifts from the known 

frequency ratios of the 31P standard to the lock signal of the deuterated solvent. 31P spectra used 

in determining equilibrium concentration were obtained either with only one pulse or with long 

delay times (10s) for 3 scans to ensure quantitative integration. Manual shimming, Fourier 

transformation and automatic spectrum phasing were performed using Xwin-NMR software 

when using the 400MHz or 500MHz spectrometers. Automatic shimming, Fourier 

transformation, and automatic spectrum phasing were performed using Bruker’s Topspin 

software on the 600MHZ spectrometer. Spectra were analyzed and figures were generated using 

MestReNova 6.0.2 software. Peak integrations were calculated within MestReNova. 

X-ray Crystallography. The X-ray diffraction study was carried out at the UCI Department of 

Chemistry X-ray Crystallography Facility on a Bruker SMART APEX II diffractometer. Data 

were collected at 88 K using Mo Ka radiation (λ = 0.71073 Å). A full sphere of data was 

collected for the crystal structure.  The APEX270 program suite was used to determine unit-cell 

parameters and to collect data. The raw frame data were processed and absorption corrected 

using the SAINT71 and SADABS72 programs, respectively, to yield the reflection data files. 

Structures were solved by direct methods using SHELXS and refined against F2 on all data by 

full-matrix least squares with SHELXTL.73All non-hydrogen atoms were refined anisotropically. 

One methoxyethyl group was found to be disordered and was refined as a two-component 

disorder using partial site-occupancy factors. Hydrogen atoms were placed at geometrically 

calculated positions and refined using a riding model, and their isotropic displacement 
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parameters were fixed at 1.2 (1.5 for methyl groups) times the Ueq of the atoms to which they 

are bonded. 

Thermodynamic Measurements. Generation of HNi(II) from H2 in the presence of base (for 

water, DMSO, and acetonitrile): Under N2 atmosphere, [Ni(tmepe)2][BF4]2was dissolved in the 

deuterated solvent of interest in a J. Young NMR tube containing a capillary filled with 0.5M 

H3PO4 in D2O. One equivalent of base (Et3N in CD3CN or DBU in DMSO) was added to the 

sample to generate the corresponding [HNi(tmepe)2][BF4] in equilibrium with 

[Ni(tmepe)2][BF4]2, in water the buffer participated as the base. The sample was freeze-pump-

thawed to remove N2 from both the headspace and dissolved in solution. The J. Young tube was 

charged with H2 or CO2 for 2 minutes then allowed to equilibrate for 2 minutes. This charging 

process was repeated five times. 

The resulting equilibrium was monitored by 1H, 31P{1H} or 13C{1H} NMR spectroscopy. 

The relative integration of complex peaks to the capillary standard was used to monitor the 

equilibrium of species in solution. Equilibrium was achieved when relative integrations between 

peaks remained constant for 3 days. 

Oxidation of lithium formate. A stock solution of lithium formate was prepared in either H2O 

or DMSO-d6. In a J. Young NMR tube, a solution of 2 was prepared in solvent of interest (10 

mM in H2O, 1.5 mM in CD3CN or DMSO-d6). One equivalent of lithium formate solution from 

stock solution was added stepwise, in water and acetonitrile. Due to insolubility of lithium 

formate in acetonitrile, the DMSO-d6 lithium formate stock solution was used in experiment 

additions for reactions in acetonitrile. The reaction of 2 and lithium formate in each solvent was 

monitored by 1H, 31P{1H} NMR spectroscopy and relative integrations were compared to an 

capillary standard containing 0.5M H3PO4 in D2O.  

Synthesis.	
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Synthesis of TMEPE (1,2-bis[di(methoxyethyl)phosphino]ethane). The ligand tmepe was 

synthesized according to a previously published method with a modified purification 

procedure.61 The crude material was dissolved in acetonitrile and filtered through Celite. The 

filtrate was layered with pentane and chilled at –30 °C for 12 hours, during which a white solid 

impurity precipitated from solution and was removed by filtration. Removal of solvent under 

reduced pressure gave tmepe as a viscous yellow oil (63% yield). 

Synthesis of [Ni(TMEPE)2][BF4]2 (2). A yellow solution of TMEPE (0.110g, 0.338 mmol) 

in 3 mL of CH3CN was added dropwise slowly to a stirring blue solution of [Ni(MeCN)6][BF4]2 

(0.084g, 0.169 mmol) in 3 mL CH3CN resulting in an immediate color change from blue to dark 

orange. The solution was stirred at room temperature for 12 hrs. The solution was then filtered 

through Celite and concentrated under vacuum. The concentrated sample in CH3CN was layered 

with Et2O in the freezer resulting in the precipitation of a white impurity. The solution was 

removed from the white impurity, concentrated in acetonitrile and layered with Et2O in the 

freezer resulting in a dark orange residue. The solution was removed from residue and was 

triturated with pentane. The sample was dried under vacuum to yield an orange tacky residue. 

Yield: 0.149g (0.168 mmol, 99% yield). Crystals suitable for X-ray diffraction analysis were 

grow by slow evaporation of Et2O into a solution of THF-toluene at room temperature. ESI+ 

(DCM): 797.21 m/z {[Ni(tmepe)2][BF4]+}. 31P{1H} NMR (CD3CN) δ 55.03 (s). 1H NMR 

(CD3CN) δ 2.09 (m, 8H, PCH2CH2P), δ 2.33 (m, 16H, CH3OCH2CH2P), δ 3.31 (s, 24H, 

CH3OCH2CH2P), δ 3.67 (m, 16H, CH3OCH2CH2P).13C {1H} NMR (CD3CN) δ 58.5 (8C, 

CH3OCH2CH2P ), δ 67.2 (8C, CH3OCH2CH2P), δ 25.9 (8C, CH3OCH2CH2P), δ 22.6 (4C, 

PCH2CH2P). 
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Synthesis of [Ni(TMEPE)2] (3). A solution of Ni(COD)2 (0.27 mmol,75 mg) in 3 ml of THF 

was cooled to –35 °C for 5 minutes. Next a cooled solution (–35 °C) of tmepe ligand (0.54 

mmol, 178 mg) in 2 mL of THF was added dropwise to the cold and stirring Ni(COD)2 solution. 

After the addition, the solution color changed from yellow to dark orange-brown. The solution 

was allowed to stir at room temperature overnight to yield complex 3. Yield: 182.4 mg (0.259 

mmol, 95%yield) 31P{1H}NMR δ 32.2 (CD3CN) (s). 1H NMR (CD3CN) δ 1.49 (m, 8H, 

PCH2CH2P), δ1.79 (m, 16H, CH3OCH2CH2P), δ 3.25 (s, 24H, CH3OCH2CH2P), δ 3.5 (m, 16H, 

CH3OCH2CH2P).13C {1H} NMR (CD3CN) δ 58.3 (8C, CH3OCH2CH2P ), δ 71.01 (8C, 

CH3OCH2CH2P), δ 33.9 (8C, CH3OCH2CH2P), δ 23.1 (4C, PCH2CH2P). 

Generation of [HNi(TMEPE)2][BF4] (1). [HNi(TMEPE)2][BF4] was generated in situ using 

two methods for either aprotic or protic solvents. In aprotic solvents, 1 was produced via addition 

of 1 equivalent of [PhNH3][BF4] to 1 equivalent Ni(TMEPE)2 (3) in CD3CN. The solvent was 

removed under vacuum, resulting in a light brown residue and re-dissolved in the appropriate 

solvent (DMSO or H2O). Under aqueous conditions, water acted as the proton source to generate 

1 in solution from 3. The formation of the hydride was monitored by 1H and 31P NMR 

spectroscopy for up to 3 days.  

 

31P{1H}NMR δ 36.6 (CD3CN) (s). 1H NMR (CD3CN) δ 2.35 (m, 8H, PCH2CH2P), δ 2.08 (m, 

16H, CH3OCH2CH2P), δ 3.27 (s, 24H, CH3OCH2CH2P), δ 3.56 (br m, 16H, CH3OCH2CH2P), δ -

14.5 (m, 1H, HNi) 13C {1H} NMR (CD3CN) δ 58.6 (8C, CH3OCH2CH2P ), δ 69.2 (8C, 

CH3OCH2CH2P), δ 30.0 (8C, CH3OCH2CH2P), δ 26.8 (4C, PCH2CH2P). 
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31P{1H}NMR δ 36.8 (DMSO-d6) (s). 1H NMR (DMSO-d6) δ 1.90 (m, 8H, PCH2CH2P), δ 2.02 

(m, 16H, CH3OCH2CH2P), δ 3.24 (s, 24H, CH3OCH2CH2P), δ 3.53 (m, 16H, CH3OCH2CH2P) δ 

-14.5 (m, 1H, HNi). 

 
31P{1H}NMR δ 34.2 (D2O) (s). 1H NMR (D2O) δ 2.03 (m, 8H, PCH2CH2P), δ 2.14 (m, 16H, 

CH3OCH2CH2P), δ 3.51  (s, 24H, CH3OCH2CH2P), δ 3.70 (m, 16H, CH3OCH2CH2P).   

 
 
Figure 1.8. 1H NMR spectrum of tmepe ligand (tmepe = 1,2-
bis[di(methoxyethyl)phosphino]ethane) in CDCl3 where the black X indicate unknown 
impurity peaks.  
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Figure 1.10. 1H NMR spectra of [Ni(tmepe)2][BF4]2 in CDCl3.               

 

Figure 1.9. 31P{1H} NMR spectrum of tmepe ligand (tmepe = 1,2-
bis[di(methoxyethyl)phosphino]ethane) in CDCl3 where the black X denotes impurity peaks.  
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Figure 1.11. 31P{1H} NMR spectra of [Ni(tmepe)2][BF4]2 in CDCl3. 

 

Characterization of Ni(tmepe)2 (3). 

 
Figure 1.12. 1H NMR spectrum of Ni(tmepe)2 (3) in CD3CN.  
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Figure 1.13. 31P{1H} NMR spectrum of Ni(tmepe)2 (3) in CD3CN. 

 
 
Characterization of [HNi(tmepe)2][BF4] (1). 
 
 

 
Figure 1.14. 1H NMR spectrum showing the protonation of one equivalent of the Ni(0) complex 
3 by the addition of one equivalent of [PhNH4][BF4] in CD3CN to yield the nickel hydride 
complex 1 (o).  
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Figure 1.15. 31P{1H} NMR spectrum showing the protonation of Ni(0) complex 3 to nickel 
hydride complex 1 in CD3CN by one equivalent of [PhNH4][BF4]. 
 
 

 
Figure 1.16. 1H NMR spectrum showing the protonation of one equivalent of the Ni(0) complex 
3 by the addition of one equivalent of [PhNH4][BF4] in DMSO-d6 to yield the nickel hydride 
complex 1(o), where aniline peaks are denoted by A.  
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Figure 1.17. 31P{1H} NMR spectrum showing the protonation of complex 3 to 1 in DMSO-d6 by 
one equivalent of [PhNH4][BF4].  
 

 
Figure 1.18. 1H NMR spectrum showing nickel hydride complex 1(o) in pH 10 carbonate 
buffered D2O. 
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Figure 1.19. 31P{1H} NMR spectrum showing nickel hydride complex 1 (o) in pH 10 carbonate 
buffered D2O. 
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Selective CO2 Reduction at [HPt(dmpe)2]+ through 

Thermodynamic and Kinetic Control 
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2.1  Motivations and Specific Aims 

 Thermodynamic relationships that describe the reactivity of metal hydrides with H+ and 

CO2 were utilized to generate a modified Pourbaix diagram which outlines product favorability 

as a function of proton activity and hydricity (∆GH–), or hydride donor strength. The diagram 

describes a region of metal hydricity and proton activity in which CO2 reduction is favorable 

and H+ reduction is suppressed. This diagram was used to select [Pt(dmpe)2](PF6)2 (dmpe = 1,2-

bis(dimethylphosphino)ethane) as a potential catalyst because the corresponding hydride 

[HPt(dmpe)2]+ has the correct hydricity to access the region where selective CO2 reduction is 

possible. The selective catalytic activity of [Pt(dmpe)2](PF6)2 toward CO2 reduction is reported. 

The kinetic and thermodynamic factors that result in the observed catalytic selectivity are 

investigated by measuring relative rates of electron transfer and chemical steps using 

electrochemical and spectroscopic techniques.  The thermodynamic and kinetic analysis of the 

catalytic selectivity of [Pt(dmpe)2](PF6)2 illustrates the value of using thermodynamic product 

diagrams to guide selective and efficient catalyst discovery.  

2.2 Background 

 Applying renewable electricity to reduce CO2 through formation of energy-rich C-H bonds 

is a central goal for the generation of sustainable fuels.2-4 However, low product selectivity (or 

Faradaic yield) is often the result of parasitic H2 evolution or the generation of a mixture of 

carbon-based products.5-6 Unselective reduction ultimately stems from competitive reactions 

between CO2 and H+ with intermediates in the catalytic cycle. Thus, orchestrating the sequence 

of catalyst reactivity with CO2 and H+ is essential to achieving high selectivity.  

 In order to understand the factors that determine selectivity between CO2 and H+ reduction, 

the reactivity of metal hydrides was investigated. Selectivity for formate is a particularly difficult 
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challenge because metal hydride intermediates are common to both reaction pathways (Scheme 

2.1). As a result, very few heterogeneous7-9 or homogeneous10-13 catalysts have been reported 

with high (>90%) Faradaic efficiency for formate production.  

 Understanding the reactivity of metal hydrides is key to controlling the divergent reaction 

pathways that ultimately determine selectivity. Electrochemical generation of competent 

intermediates for catalysis at a metal hydride requires a series of electron transfer, protonation, 

and hydride transfer steps (Scheme 2.1). Thermodynamic relationships can be used to describe 

the stability of metal hydrides in the presence of protons as well as define the thermodynamic 

requirements necessary to reduce CO2 to formate.11, 14-23 The reactivity of a metal hydride toward 

H+ or CO2 can be assessed using the thermodynamic cycles for H2 evolution or CO2 reduction 

(Scheme 2.3). 

 In the case of H2 evolution, there are two significant factors that describe overall 

thermodynamic reactivity (a) metal hydricity value (∆GH–) and (b) solution acidity (pKa) 

(Scheme 2.3; a). The first requirement can be satisfied by comparing hydricity values of the 

hydride donor to H2 in the appropriate solvent. This comparison is useful for predicting reactivity 

Scheme 2.1. Proposed catalytic cycle for H+ and CO2 reduction at a metal hydride [HML2]n.  
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as well as quantifying the expected reaction driving force for H+ reduction. Since hydricity 

values have been measured for many classes of compounds, they can be predictably tuned 

through metal and ligand framework design.24 Second, solution acidity (or pKa of the proton 

source) is significant because the acid source must be sufficiently acidic to both generate a metal 

hydride at a reduced metal center and subsequently accept a hydride to generate H2.  

 In contrast, the thermodynamic cycle of CO2 reduction at a metal hydride (Scheme 2.3; b) 

is independent of solution acidity. Although solution acidity is an important factor to consider for 

metal hydride formation via protonation it does not contribute to the overall free energy of the 

reaction for CO2 reduction to formate (∆GHCO2-). Instead, solution acidity can direct the CO2 

reduction product to the 2 e–, 2 H+ formic acid (H2CO2) or the 2 e–,1 H+ deprotonated formate 

(HCO2–) product by inhibiting H2 evolution. 

 Gaining a complete understanding of the reactivity of metal hydrides is crucial for 

improving catalyst design. In Chapter 2.2.1, the thermodynamic and kinetic intersection of both 

of these reduction reactions on product selectivity at a metal hydride is explored. Chapter 2.2.2 

describes use of the thermodynamic cycles (Scheme 2.3) to identify a metal hydride 

[HPt(dmpe)2]+ with an appropriate hydricity to access conditions in which selective CO2 

reduction to formate is favorable. In Chapter 2.2.3, I demonstrate the resting state, 

[Pt(dmpe)2](PF6)2, is an electrocatalysts for CO2 reduction to formate with high Faradaic 

efficiency with negligible H2 evolution when using an acid with the appropriate pKa that ‘turns 

off’ the hydrogen evolution pathway. [Pt(dmpe)2]2+ joins the iron carbonyl cluster reported by 

Berben et al.,15, 25-26 an iridium complex reported by Brookhart and Meyer et al.,12, 27-28 and a 

cobalt complex reported by Artero et al.11 as rare examples of molecular electrocatalysts that can 

reduce CO2 to HCO2– with Faradaic efficiencies of greater than 90%. 
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 In addition to a thermochemical understanding of metal hydride reactivity, reaction kinetics 

also have critical consequences on product selectivity and overall catalyst efficiency. Previous 

studies by our group22, 29 and others30-33 have highlighted the importance of considering reaction 

kinetics alongside thermodynamic requirements for catalyst development. I delved further into 

the mechanistic and kinetic details of catalytic CO2 reduction by [Pt(dmpe)2](PF6)2 (1). The 

proposed catalytic cycle is outlined in Scheme 2.1, along with potential off-cycle HER reactions 

at a metal hydride intermediate. The mechanistic studies were enabled by the facile isolation 

and characteristic 31P NMR signatures of the proposed intermediates [Pt(dmpe)2] (2) and 

[HPt(dmpe)2]+ (3) to investigate stepwise reactivity.  Cyclic voltammetry was used to determine 

the electron transfer kinetics (Chapter 2.2.4) and the reactivity of the proposed intermediates 

with either H+ or CO2 (Chapter 2.2.5-2.2.6). The energy landscape outlined by the mechanistic 

studies is described in Chapter 2.2.7. Finally, the general applicability of the thermodynamic 

product diagrams for catalyst discovery is discussed in Chapter 2.2.8. 

2.3 Results and Discussion  

2.3.1 Constructing Thermodynamic Product Diagrams 

 Thermodynamic cycles for H2 evolution and CO2 reduction have been useful in identifying 

active catalysts. In order to investigate the metal hydricity-pKa relationship a modified Pourbaix 

diagram is used (Scheme 2.2). In this diagram, thermodynamic products are specified with 

respect to hydricity instead of redox potential. Using hydricity instead of redox potential results 

in a diagram that details the thermodynamically anticipated product distribution and provides a 
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Scheme 2.2. Thermodynamic Product Diagrams for H+ or CO2 Reduction 
Reactions at a Metal Hydride in Acetonitrile. 
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more instructive guideline for targeting the discovery of selective reduction catalysts. 

The relationship between pKa, hydricity, and H2 evolution in acetonitrile is quantitatively 

depicted in Scheme 2.2 (a). The thermodynamic cycles describing the free energy for the 

reaction of a metal hydride towards H+ to evolve H2 is shown in Scheme 2.2 (a). The free energy 

of H2 evolution (eq 4) is dependent on the hydricity, pKa of the acid, and the heterolytic bond 

forming energy of H2, which is 77 kcal/mol in acetonitrile.24 The gray line differentiates the 

boundary where the free energy of H2 evolution at a metal hydride (eq 4) in Scheme 2.2 (ΔGH2) 

equals zero and MH/H+/H2 exist in equilibrium, analogous to lines in a Pourbaix diagram. 

Protonation to evolve hydrogen is exergonic for hydride complexes of a given hydricity under 

conditions below the gray line (green zone), and endergonic above the line (blue zone). 

The thermodynamic requirement for reduction of CO2 to formate, a net hydride transfer, is 

also dictated by the hydricity (∆GH–) of the donor as shown in eq 6 (Scheme 2.2, b). Transition 

metal hydricity values lower than that of formate will result in exergonic hydride transfer to CO2. 

This information can be mapped onto the thermodynamic diagram illustrating metal hydride 

reactivity with protons (Scheme 2.2, b). The thermodynamic product distribution that results 

from a stoichiometric mixtures of metal hydride and acid of specific pKa values under 1 atm of 

CO2 is described in this diagram. The pKa of formic acid is estimated to be ~20.9 in 

acetonitrile;37 therefore it is expected to be protonated at lower pKa values. 

In Scheme 2.3 (b), a region is defined where specific metal hydricity and pKa combinations 

will result in which selective reduction of CO2 to formate without concomitant H2 evolution. The 

challenge of selective CO2 reduction is often introduced by comparing the thermodynamic 

potentials for H+ reduction compared to CO2 reduction to formate (-0.028 V34 vs -0.150 V18 vs 

Fe(C5H5)2+/0, respectively, in CH3CN). Since the former is more positive than the latter, hydrogen 
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is the more favorable thermodynamic product upon reduction under standard state conditions (1 

M H+).  

A full Pourbaix diagram that spans a larger range of proton activity (pKa) provides a more 

complete picture in acetonitrile (Scheme 2.3). The thermodynamic potential for proton reduction 

shifts according to the pKa of the solution by 59 mV per unit according to the Nernst equation for 

a 2 e-, 2H+ process. Similarly, CO2 reduction to formic acid follows the same relationship until 

the solution pKa matches that of formic acid to generate formate. For CO2 reduction to formate, 

the thermodynamic potential shifts will deviate in accordance with a 2 e–, 1 H+ process, or 34.5 

(or 59/2) mV per pKa unit. The smaller decline in thermodynamic potential vs pKa compared to 

H+ reduction results in a crossing of potentials, where CO2 reduction to formate occurs at a more 

positive potential at higher pKa values and can thus be the more favorable thermodynamic 

product. The crossing point in the Pourbaix diagram (Scheme 2.3) matches the pKa (25.1) which 

defines the initial point in which selective CO2 reduction can be achieved in our diagram. A 

similar crossing in the 2H+/H2 and CO2/HCO2– is observed in Pourbaix diagrams in water,35 

although it is complicated by CO2 equilibria with hydroxide at high pH.36 The redrawn Pourbaix 

diagram shown in Scheme 2.2, where potential is replaced by hydricity, provides a more 

instructive guide for targeting catalysts to access the region where selective CO2 reduction is 

possible. 

2.3.2 Application of Thermodynamic Product Diagrams for Catalyst Discovery 

To target the region in Scheme 2.1 (b) where selective CO2 reduction to HCO2– is possible,  

[HPt(dmpe)2](PF6) (3) was selected as a potential catalyst as it has an experimentally measured 

hydricity (∆GH–) of 41.4 (eq 1).15, 38 The preparation and characterization of the hydride 

[HPt(dmpe)2](PF6) (3), hydride precursor [Pt(dmpe)2] (2), and post-hydride transfer intermediate 
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[Pt(dmpe)2](PF6)2 (1) have been previously reported.38-39 Complex 1, 2 and 3 are diamagnetic 

with easily distinguishable 31P {1H} NMR spectral signatures. [Pt(dmpe)2](PF6)2 (1) exhibits a 2 

e– reduction to [Pt(dmpe)2] (2) at -1.73 V vs Fe(C5H5)2+/0 in acetonitrile (Figure 2.1, black trace). 

The reactions with protons and pKa of each step starting with the fully reduced species is 

described in eq 7. 

 

values will result in H2 evolution. Conversely, the metal hydride will be stable to protonation 

using acids with higher pKa values.  

The pKa (31.1) 38 of the metal hydride (designated as pKa1 in eq 7) provides an upper bound 

on acids that can be used for metal hydride generation. According to eq 4 and Scheme 2.2, the 

threshold for H2 evolution lies at a pKa of 26 (designated as pKa2 in eq 7); acids with lower pKa. 

According to Scheme 2.2, [HPt(dmpe)2](PF6) (3) can be selectively generated at an electrode 

using proton sources with pKa values between pKa1 (31.1) and pKa2 (25.5). For this purpose 

phenol was selected as the acid source, which has a pKa of 29.1 in CH3CN,40 which is 

sufficiently acidic to generate [HPt(dmpe)2](PF6) (3) without additional protonation to evolve H2. 

No reaction is observed upon addition of phenol to [HPt(dmpe)2](PF6) (3) by 31P NMR 

spectroscopy, confirming it is not sufficiently acidic to protonate the metal (Figure 2.2). 

Electrolytic generation of [HPt(dmpe)2](PF6)2 (2) is also facilitated because its reduction 

potential lies more negative (–2.8 V vs Fe(C5H5)2+/0) than the catalyst resting state 

[Pt(dmpe)2](PF6)2 (3) (–1.7 V vs Fe(C5H5)2+/0, (Figure 2.3), ). This property has been observed in 

other Group 10 metal hydride complexes21 along with multiple cobalt hydride complexes.41-45 In 

(7)  Pt(dmpe)2 [HPt(dmpe)2]+ [Pt(dmpe)2]2+ + H2
H+ H+

pKa1 = 31 pKa2 = 27

2e-

(2) (3) (1)
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Figure 2.1.  Cyclic voltammetry under 1 atm of N2 of 0.5 mM solution of [Pt(dmpe)2](PF6)2 
(1) (black); after addition of 1 equivalent of phenol (blue); and 5 equivalents of phenol 
(green); and under CO2 with 5 equivalents of phenol (red); and 10 equivalents phenol 
(orange). Conditions: 0.1 M Et4NPF6, 1mM Fe(C5H5)2 present as an internal reference, 
glassy carbon working and auxiliary electrode, Ag/AgCl pseudoreference electrode, 10 
mV/s scan rate.  

 

 

Figure 2.2. 31P{1H} NMR spectra of [HPt(dmpe)2](PF6) (top) and after addition 1 equivalent 
of phenol (bottom). Where ^ denotes [HPt(dmpe)2]+ and * denotes PF6 ion. 
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 cases where the reduction potential of the hydride intermediate is positive of the parent 

complex, it will likely be reduced under electrolytic conditions to generate a stronger hydride 

donor. This  

property is observed in cobaloxime complexes. In these cases, the hydricity of the reduced 

complex (or stronger hydride donor) can be applied to understand the pKa−dependent hydrogen 

evolution catalysis, as it is likely to be the dominant intermediate in heterolytic H−H bond 

formation. However, isolation of the metal hydride under electrochemical conditions could be 

more challenging. The reduced metal hydride would require a sufficiently large gap in pKa1 and 

pKa2 to achieve conditions where it would be stable, which may not apply in all cases. 

Electrochemical reduction of 1 to 2 in the presence of phenol results in a loss of reversibility 

(blue trace in Figure 2.1), which is attributed to formation of the hydride, 3. Higher 

 

Figure 2.3. Cyclic voltammetry of 1 mM [HPt(dmpe)2](PF6) (2) in 0.1 M TBAPF6 in CH3CN 
at 100 mV/s scan rate; under N2. 
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concentrations of phenol do not result in an increase in current (green trace in Figure 2.1). This 

suggests that catalytic H2 is not occurring at the Pt(II/0) reduction potential following hydride 

formation at the electrode. Instead, this suggests that the hydride intermediate could be isolated 

electrochemically under these conditions without appreciable H2 evolution. Thus, these 

protonation studies show the utility of these diagrams in identifying suitable catalysts for target 

reactivity and optimizing catalyst operation conditions for product selectivity by tuning acid pKa.  

2.3.3 Selective Electrocatalytic Reduction of CO2 to Formate 

According to our thermodynamic analysis, [HPt(dmpe)2](PF6) (3) is sufficiently hydridic to 

react with CO2 to generate formate (ΔG in eq 6 = –2 kcal/mol). The cyclic voltammogram upon 

addition of CO2 (1 atm) to 1 with phenol is shown in as the red trace in Figure 2.1. Titration of 

increasing concentrations of phenol results in an increase in current (Figure 2.1) which reaches a 

maximum at 10 equivalents.  

Electrolysis was performed at –2.4 V vs Fe(C5H5)2+/0 under CO2 (1 atm, 1 mM 

[HPt(dmpe)2](PF6) in 10 mM phenol) for one hour (Figure 2.4 and 2.5). The headspace of the 

cell was analyzed by gas chromatography to detect and quantify H2 and CO production. A small 

amount of H2 (< 0.1 %) was sometimes observed but CO was never detected (see Figure 2.6 for 

H2 calibration curve). The concentration of formate after electrolysis was either directly 

quantified using an internal DMF standard by 1H NMR spectroscopy or by acidifying the post-

electrolysis solution with HCl to quantify formic acid with a DMF internal standard using 1H 

NMR spectroscopy, as described in the experimental methods (Figure 2.7 and Figure 2.8). The 

faradaic efficiency for formate production from either method was greater than 90% (see Figure 

2.9 for formate calibration curve).  
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Figure 2.4. Current vs. Time plot of 1 hour electrolysis at -2.4 V vs. Fe(C5H5)2+/0 of 1 
mM [Pt(dmpe)2](PF6)2, 10 mM phenol and 1 mM FeCp2 with 0.1 M TBAPF6 in 
CH3CN; under CO2 (run 1). Total charge passed: 18.2 C; 3.14 equivalents of charge 
with respect to 3. 
 

 

 

 
Figure 2.5. Current vs. Time plot of 1 hour electrolysis at -2.3 V vs. Fe(C5H5)2+/0 of 
1 mM [Pt(dmpe)2](PF6)2, 10 mM phenol and 1 mM FeCp2 with 0.1 M TBAPF6 in 
CH3CN; under CO2 (run 2). Total charge passed: 22.4 C; 3.87 equivalents of charge 
passed with respect to 3. 
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Figure 2.6. GC calibration curve for H2 with 1 hour mixing time in acetonitrile. Points 
show average peak area and error bars show the standard deviation across 6 
measurements. Linear fit equations are shown on the graph.  
 

 

Fig. 2.7. 1H NMR post electrolysis solution of run 1 with DMF standard (method A formate 
quantification). Run 1 electrolysis solution: 10 mM phenol and 1 mM Fe(C5H5)2 with 0.1 M 
TBAPF6 in CH3CN; under CO2.  

 
Fig. 2.8. 1H NMR post electrolysis solution of run 1 with DMF standard following solution 
acidification (method B formic acid quantification). Run 2 electrolysis solution: 10 mM 
phenol and 1 mM Fe(C5H5)2 with 0.1 M TBAPF6 in CH3CN; under CO2.  
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31P{1H} NMR spectra of the pre- and post-electrolysis solution displays a single resonance 

that corresponds to 1. Quantification by integration relative to the PF6– anion (Figure 2.10 and 

2.11) confirms complete retention of the catalyst after electrolysis. 

 
Figure 2.9.  1H NMR solvent suppression calibration curve for formic acid in acetonitrile. 
Points show peak area Linear fit equations are shown on the graph.  

 
Figure 2.10. 31P{1H} NMR spectra of pre- (top) and post- (bottom) electrolysis solution 
(run 1); where o denotes [Pt(dmpe)2]2+ and * denotes PF6 ion. Run 1 electrolysis solution: 
1 mM [Pt(dmpe)2](PF6)2, 10 mM phenol, and 1 mM Fe(C5H5)2 with 0.1 M TBAPF6 in 
CH3CN; under CO2. 



71	
	

 
 

The maximum catalytic current (ic) in the cyclic voltammetry (Figure 2.1, orange trace) was 

used with the peak current under non-catalytic conditions (ip) (Figure 2.1, black trace) to 

calculate an estimated  observed rate constant (kobs) of 0.5 s-1 (eq 8)1, 46 for CO2 reduction to 

formate. In eq 8, F is faraday’s constant, 𝑣 is scan rate, R is the ideal gas constant, T is 

temperature, n is the number of electrons passed and +,
+-

 is the ratio of max catalytic current (𝑖/) 

observed under CO2 with 10 equivalents of phenol and the peak current (𝑖0) with 10 equivalents 

of phenol in the absence of CO2.  

(8)		𝑘#$% = 	𝐹
𝑣
𝑅𝑇

(𝑛′): ;<
𝑖/
𝑖0
= >
0.446
𝑛 CD

E

 

The expression detailed in equation 8 can be used to calculate kobs in pure kinetic zones 

where S-shaped curves are observed and the peak catalytic current (ic) is not limited by substrate 

 

 
Figure 2.11. 31P{1H} NMR spectra of pre- (top) and post- (bottom) electrolysis solution 
(run 2); where o denotes [Pt(dmpe)2]2+ and * denotes PF6 ion. Run 2 electrolysis solution: 1 
mM [Pt(dmpe)2](PF6)2, 10 mM phenol, and 1 mM Fe(C5H5)2 with 0.1 M TBAPF6 in 
CH3CN; under CO2. 
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diffusion. In order to experimentally access this region, the rate of the chemical step must be fast 

relative to the timescale of the voltammogram. Thus, in the case of a fast catalytic step, S-shaped 

curves can be observed by increasing the substrate concentration or increasing the scan rate to 

limit substrate consumption. When catalysis is slow, scan rates should be decreased to approach 

the rate of the chemical step and must show 1st order dependence on catalyst concentration to 

ensure that substrate is not being depleted.47 The conditions used to calculate the observed 

catalytic rate are detailed in Table 2.1.  

The standard potential for CO2 reduction to formate in acetonitrile was recently estimated.18 

Using this approximation, the thermodynamic potential under our conditions (pKa of 29.1) is E° 

= –1.64 V vs Fe(C5H5)2+/0. Using the half-wave potential E°1/2 = –1.73 V vs Fe(C5H5)2+/0,48 the 

overpotential for catalysis is 90 mV.  

To quantify any potential H2 or formate generated directly at the electrode, an equivalent 

electrolysis in the absence of any Pt compound was performed (Figure 2.15). Analysis of the 

headspace by gas chromatography detected the presence of <0.1% mL H2 and no CO in the 

headspace with no formate observed in solution by 1H NMR spectroscopy. 

2.3.4 Kinetics of Electron Transfer  

To better understand the overall rate limiting factors for catalysis, the kinetics of electron 

transfer to generate the reduced metal species [Pt(dmpe)2] (2) at an electrode (step A in Figure 

Table 2.1. Conditions used to calculate observed catalytic rate constant (𝑘#$%) 
 

scan rate 
(V/s) n n' ic (uA) ip (uA) ic/ip kobs 
0.01 2 2 1.92 1.05 1.8 0.5 
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2.12) was considered. The two-electron reduction of [Pt(dmpe)2](PF6)2 (1) to [Pt(dmpe)2] (2) was 

observed in acetonitrile by cyclic voltammetry (Figure 2.13).  

 

 

The anodic and cathodic peak currents increase linearly with the square root of the scan rate 

(ʋ) (Figure 2.14) as predicted for a diffusion-controlled process by the Randles-Sevcik equation, 

eqn 9: 

(9)		𝑖0 = 0.446	𝐹	𝐴	𝐶	𝑛
:
EI 𝐹
𝑅𝑇	√𝐷	√u	 

Where ip is the peak current (A), F is Faraday’s constant (C mol–1), A is the surface area of 

the electrode (cm2), C is the bulk concentration of [Pt(dmpe)2](PF6)2 (1) (mol cm–3), n is the 

 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
 
Figure 2.12. Proposed catalytic cycle for [PtL2]2+ in the presence of H+ and CO2, where L = 
(dmpe = 1,2-bis(dimethylphosphino)ethane) (dmpe). Potential branch points that could lead to 
unselective reduction are shown as dotted arrows. Solids arrows depict reaction pathways 
favored by either kinetic (k) or thermodynamic (Keq) parameters, leading to high selectivity 
for CO2 reduction to HCO2–. 



74	
	

number of electrons, D is the diffusion coefficient (cm2 s–1), and u is scan rate (V/s).30, 49-50 The 

electrochemically-active surface area of the glassy carbon electrode was measured to be 0.011 

cm2 using chronoamperometry on a Fe(C5H5)2 solution.51  

The diffusion coefficient was found using the peak currents of reversible waves from scan 

rates (u) 0.01 – 0.1 V/s using the Randles-Sevcik equation (Eq 9).30, 50 For a reversible system, D 

for the oxidized or reduced species can be calculated using the slope of the best fit line in the ip 

vs. u1/2 plot (Figure 2.14) based on the relationship described by equation 10. 30, 50 From the 

slope (m) of the best fit line, the diffusion coefficients for the oxidized and reduced species are 

2.49 × 10-6 and 4.15 × 10-6 cm2 s-1 respectively.  

 

 
Figure 2.13. Cyclic voltammograms of a solution of 1 mM [Pt(dmpe)2](PF6)2 in 0.1 M 
NBu4PF6 with 1 mM ferrocene at a glassy carbon working and counter electrode with a 
glass jacketed silver wire reference electrode in 0.1 M NBu4PF6 acetonitrile solution 
separated from the bulk solution by a porous Vycor frit.  
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(10)																					𝐷 = N
𝑚

2.69	 × 	10Q ∗ 𝑛
:
E ∗ 𝐴 ∗ 𝐶

S
E

										 

The transfer coefficient a, which describes the symmetry of the electron transfer barrier, 

is 0.69 for reduction and was determined using the slope of the line from the plot of Ep vs. log(u) 

(Figure 2.15).50 The resulting values for ac is 0.69 and aa is 0.45, were calculated from scan rates 

0.025 – 125 V/s using equations 11 and 12.30 

(11)												𝛼/ = 	>
−2.303	𝑅𝑇

2𝑛𝐹 C >
1
𝑚/
C			 

 
(12)							𝛼V = 	1 − >

−2.303	𝑅𝑇
2𝑛𝐹 C >

1
𝑚V
C 

At higher scan rates (u > 0.1 V/s) DEp increases, indicative of a quasi-reversible 

electrochemical couple.52 The E1/2 value of quasi-reversible redox events can be accurately 

obtained using the midpoint potential (E1/2(PtII/0) = –1.73 V vs. Fe(C5H5)20/+).53  

 

 
Figure 2.14. Plot of anodic (blue) and cathodic (grey) peak current (ip) vs. u1/2 for a solution of 
1 mM [Pt(dmpe)2](PF6)2 used to calculate DO and DR from scan rates between 0.025 – 125 V/s 
with 0.1 M NBu4PF6 in acetonitrile under N2 atmosphere. Dotted trace shows best fit line.  
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The rate of electron transfer (kET) was estimated using the Butler-Volmer method, where the 

change in peak potential difference with increasing scan rate was considered for the cathodic 

event according to the relationship described in equation 13.30, 49-50   

 

 

Solving equation 13 for the intercept portion (intercept described by Eq. 14) for kET gives the 

rate in log form shown in equation 15. 

(14)					𝑖𝑛𝑡𝑒𝑟𝑐𝑒𝑝𝑡 = 𝐸#] − ^._`	ab
∝de

+ E.:^:	ab
∝de

	𝑙𝑜𝑔 <𝑘jb k
√ab

√∝del
m=								  

(15)				𝑙𝑜𝑔(𝑘jb) = 	
ode

E.:^:	ab
	(𝑖𝑛𝑡𝑒𝑟𝑐𝑒𝑝𝑡 − 𝐸#]) + 	0.339 − log	 k √ab

√odel
m  

 

 

 
Figure 2.15. Plot of anodic (blue) and cathodic (grey) peak potential (Ep) vs. log of scan rate 
(u) for a solution of 1 mM [Pt(dmpe)2](PF6)2 used to calculate the electron transfer constant 
from scan rates between 0.025 – 125 V/s. 

	(13)					𝐸0/ = − E.:^:	ab
E∝de

𝑙𝑜𝑔(u) + ;𝐸#s − ^._`tu
ode

	 + E.:^:ab
ode

log<𝑘jb k
√ab

√odel
m=D        	
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Constants ∝, 𝑛, 𝐹, 𝐷, and the intercept from the best fit line for the cathodic scans (Figure 2.21), 

and Epc of the best fit line are used in equation 15. The first term, ode
E.:^:	ab

	 = 23.59; second 

term,	(𝑖𝑛𝑡𝑒𝑟𝑐𝑒𝑝𝑡 − 𝐸#]) = 	−0.0885	; third term log k √ab
√odel

m = 1.76	with a DR = 4.15 × 10-6 

cm2 s-1; and plugging into equation 15 gives equation 16. Solving equation 16 results in the 

expected electron transfer rate 𝑘jb or 3.08× 10-4 cm s-1.  

(16)																𝑙𝑜𝑔(𝑘jb) = [(23.59) ∗ (−0.0885)] + 	0.339 − 1.76														 

For comparison, the electron transfer rate constant for a series of other molecular 

electrocatalysts and their corresponding catalytic rates are given in Table 2.2, where electron 

transfer is not considered to be rate limiting. The reported electron transfer for the well-studied 

hydrogen evolution catalyst [Co(dmgBF2)2(CH3CN)] is one order of magnitude slower (10-5 M-

1s-1) than that found for [Pt(dmpe)2](PF6)2 (10-4 s-1). However, this slow observed rate for 

electron transfer does not limit the overall observed rate reported for H2 production (770 - 2.3 X 

105 M-1s-1).  

 

 

Table 2.2. Comparison of select reported electron transfer rates for transition metal complexes. 
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2.3.5 Reactivity of [Pt(dmpe)2] with CO2 

Generation of the reduced metal species [Pt(dmpe)2] (2) offers the first divergent point in the 

proposed mechanism for catalysis at a metal hydride (Figure 2.12, Step B). The reduced metal 

species can either react with protons (step B2) to generate the metal hydride [HPt(dmpe)2](PF6) 

(3) or bind CO2 to form CO2 bound Pt complexes and off cycle products such as CO (Figure 

2.12, Step B1).54-59 The reaction between the reduced complex 2 and CO2 in the absence of a 

proton source was investigated by 31P{1H} NMR spectroscopy in benzonitrile (2 is sparingly 

soluble in acetonitrile). Upon addition of CO2, there is complete conversion of 2 to a new species 

with a resonance of 29.58 ppm (Figure 2.16), which is likely either CO2 or CO bound Pt 

complexes (vide infra).  

The reactivity of [Pt(dmpe)2] (2) with CO2 was also explored using electrochemical 

techniques. The reduction of [Pt(dmpe)2](PF6)2 (1) under 1 atm of CO2 is irreversible at slow  

 

 
Figure 2.16. 31P {1H} NMR spectra of (a) [Pt(dmpe)2], -9.77 ppm (3JPt-P = 3698 Hz); (b) 
[HPt(dmpe)2]+ -7.60 ppm (3JPt-P = 2199 Hz) (c) [Pt(dmpe)2]2+ 33.25 ppm (3JPt-P = 2175 Hz) 
under N2 in benzonitrile and (d) [Pt(dmpe)2] 29.58 ppm (3JPt-P = 2338 Hz) in saturated CO2 
benzonitrile.  
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Figure 2.18. Working curve of ipa/ipc vs k𝜏 used to calculate kCO2 plotted using tabulated 
data.1 Green line shows average ipa/ipc ratio and corresponding log(k𝜏) value observed at 
fast scan rates. 

 

Figure 2.17.   Cyclic voltammograms of [Pt(dmpe)2](PF6)2 (1 mM) in acetonitrile (0.1 M 
NBu4PF6) with Fe(C5H5)2 (1 mM) under CO2 at a glassy carbon electrode at fast scan 
rates (v > 0.5 V/s). The reversible couple at 0.0 V is Fe(C5H5)2+/0.  
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scan rates, indicating the reaction between [Pt(dmpe)2] and CO2 is complete (Figure 2.17). 

Both the cyclic voltammetry and NMR experiments indicate the reaction of 2 with CO2 is 

exergonic. 

Scan-rate dependent cyclic voltammetry of [Pt(dmpe)2](PF6)2 (1) under 1 atm of CO2 was 

used to determine the rate of the reaction. At fast scan rates, (u > 1 V/s) a return oxidation peak 

appears, but full reversibility is never recovered, and is accompanied by a shift of the Epc to more 

negative potentials with increasing scan rate (Figure 2.17). Additionally, a new irreversible 

reduction peak is observed about ~200 mV more negative than the Pt(II/0) couple. The rate of 

CO2 binding, 𝑘z{|, was extrapolated from a working curve of 𝑖0V 𝑖0/⁄  vs. log(kt) (Figure 2.18), 

where t is the time in seconds to scan from E1/2 to the turning potential.1  An average CO2 

reaction rate, 𝑘z{|, of 352 s–1 was determined using peak current ratios at fast scan rates.  

Infrared spectroelectrochemistry (IR-SEC) was used to characterize the product of the 

reaction between [Pt(dmpe)2] and CO2. Electrolysis of a CO2 saturated solution of 1 (Figure 

2.19) in 0.1 M NBu4PF6 at –1.83 V Fe(C5H5)2+/0 resulted in the formation of a new species, 

indicated by the growth of bands at 1890, 1729, 1680, 1643, and 1606 cm-1. The bands observed 

at 1680, 1643, and 1606 cm-1 correlate to C=O stretching of CO32- and C-O stretch of HCO3- in 

acetonitrile.60 The bands at 1890 and 1729 cm-1 agree with previously reported CO and CO2 

bound transition metal complexes.56, 59, 61-64 The reaction of CO2 with reduced metal centers is 

proposed to generate unstable metal carboxylates with highly nucleophilic oxygen atoms which 

can react with another equivalent of CO2 to give CO and CO3
2–.65-71 For comparison, the infrared 

spectra of the reduced species in the absence of CO2 was also obtained. Upon electrolysis under 

N2, two IR bands were observed at 2069 and 1825 cm-1 that correspond to NBu4PF6 and 

acetonitrile in solution (Figure 2.20). 72 
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Figure 2.20. IR spectra collected after a 5 minute controlled potential electrolysis of a thin 
film containing 5 mM [Pt(dmpe)2](PF6)2 and 0.1 M NBu4PF6 in acetonitrile under N2 
(blue) or CO2 (red).  

 

Figure 2.19. IR spectra of electyrolyzed solution of  [Pt(dmpe)2](PF6)2 at –1.83 V vs. 
Fe(C5H5)2+/0 in  0.1 M NBu4PF6 in CO2 saturated solution (black to blue trace). Grey trace 
shows [Pt(dmpe)2](PF6)2 solution before electrolysis under N2.   
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2.3.6 Reactivity of [Pt(dmpe)2] with H+  

Protonation of [Pt(dmpe)2] (2) to generate the hydride [HPt(dmpe)2]+ (3) is necessary to 

ensure product selectivity for formate Figure 2.12, Step B2). The pKa of [HPt(dmpe)2]+ (3) was 

previously measured to be 31.1;38 therefore the free energy of protonation with phenol (pKa = 

29.1)40 is –2.74 kcal/mol. 

The chemical step of protonation that follows the two-electron reduction of 

[Pt(dmpe)2](PF6)2 (3) is evident by the scan-rate dependent cyclic voltammetry. The Pt(II/0) 

reduction becomes irreversible upon the addition of phenol and retains its irreversibility at scan 

rates between 0.1-125 V/s (Figure 2.21).   

 

 

Figure 2.21. Cyclic voltammograms of [Pt(dmpe)2](PF6)2 (1 mM) in the presence of phenol 
(0.1 M) in acetonitrile (0.1 M NBu4PF6) with Fe(C5H5)2 (1 mM) under N2 at a glassy carbon 
electrode at  fast scan rates 5 – 125 V/s. The reversible couple at 0.0 V is Fe(C5H5)2+/0.  
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 Determination of the protonation rate constant (kPT) was complicated by slow electron 

transfer. The quasireversible behavior at higher scan rates complicates the direct measurement of 

the rate of protonation. Consequently, only a minimum bound for the rate of protonation could be 

determined using the expression described in equation 17. An irreversible chemical step 

following reversible electron transfer was used to determine that kPT is greater than 105 s–1, which 

is also consistent with the scan rate dependent data. 

			(17)													𝑘~b ≫
𝑛𝐹u
𝑅𝑇  

2.3.7 Kinetic Control vs. Thermodynamic Control 

From this thermodynamic and kinetic analysis, the free energy landscape (shown in Figure 

2.22) for the proposed  reactivity pathways at key branching points can be constructed using 

experimentally measured values.  

Our collective experimental data outlines an energy landscape and compares the relative 

energetics of possible reaction pathways. The energy landscape is drawn at a potential equal to 

E1/2 of [Pt(dmpe)2](PF6)2 reduction potential of –1.73 V vs Fe(C5H5)2+/0. At this potential the free 

energies of the oxidized (1) and reduced (2) complex are equal in energy. This investigation 

gives insight into how [Pt(dmpe)2](PF6)2 (1) achieves high product selectivity using kinetic and 

thermodynamic control at different proposed intermediates.  

The reactivity of both H+ and CO2 at the first proposed intermediate [Pt(dmpe)2] (2) is 

exergonic (Figure 2.22). However, the rate of protonation is several orders of magnitude greater 

than the reaction with CO2, indicating that hydride formation is favored under electrocatalytic 

conditions. The free energy of the reaction of [Pt(dmpe)2] with H+ is –2.7 kcal/mol based on the 

difference in pKa between [HPt(dmpe)2]+ (3) and phenol (Figure 2.22). The free energy of the 

reaction of CO2 with [Pt(dmpe)2] was not calculated because the Pt-CO2 intermediate could not 
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be easily isolated for spectroscopic characterization. Since CO2 binding proceeds to completion, 

the equilibrium constant (Keq) is > 100, corresponding to a free energy greater than –2.7 kcal/mol 

(Figure 2.22). Therefore, the free energy for the reaction with CO2 is at least as favorable as that 

for the reactivity with H+. However, the rate constant for protonation is at least 5 orders of 

magnitude greater than that for CO2 binding. Thus, the reactivity of the [Pt(dmpe)2] (2) to 

generate the active metal hydride [HPt(dmpe)2](PF6) (3) in step B is under kinetic control. 

Using thermodynamic cycles, the free energy of CO2 and H+ addition to [HPt(dmpe)2]+ are –

2.2 and 5.5 kcal/mol, respectively (Figure 2.22). Therefore, selectivity for CO2 insertion into the 

metal hydride instead of protonation to make H2 is under thermodynamic control.  

 Under catalytic conditions, cyclic voltammetry was used to calculate an electrocatalytic 

rate of 0.5 s–1 as previously determined.73 Slow electron transfer complicates the kinetic analysis 

of CO2 insertion into 3 using electrochemical techniques. Nevertheless, the measured rate of 

 

Figure 2.22. Proposed energy landscape for [Pt(dmpe)2](PF6)2 electron transfer and possible 
chemical pathways. Transition state energies are not to scale. The products of B1 were not 
characterized and the equilibrium constant was not measured, although the reaction of 2 with 
CO2 proceeds to completion. Equilibrium constants are given under standard state conditions. 
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protonation for the reduced species [Pt(dmpe)2] (2) to form [HPt(dmpe)2]+ (3) is significantly 

faster than the observed overall catalytic rate. Therefore, the reaction of CO2 with [HPt(dmpe)2]+ 

(3) to form formate is likely the rate limiting chemical step with a rate of 0.5 s–1. 

2.3.8 Applicability of Thermodynamic Product Diagrams 

 The diagrams in Scheme 2.2 informed our choice of [Pt(dmpe)2](PF6)2 (1) as a good 

catalyst candidate for selective CO2 reduction to formate. The hydricity of the corresponding 

hydride [HPt(dmpe)2](PF6) (3) is sufficient to reduce CO2 and there are appropriate acids to 

access the region of selective reduction. Although the thermodynamic framework described 

herein proved effective for [Pt(dmpe)2]2+ (1), some considerations on its application to other 

potential catalysts are discussed. The diagrams shown in Scheme 2.2 can be drawn for any 

solvent provided the appropriate constants (ΔGH2 and ΔGHCO2−) are known in each solvent. For 

example, the diagram illustrating the relationships between metal hydricity and proton activity in 

dimethylsulfoxide (DMSO) is shown in Figure 2.23 (ΔGH2 = 60.7 kcal/mol in DMSO).24 The 

hydricity of formate (ΔGHCO2−) in DMSO is estimated to be 42 kcal/mol)74 so the equivalent 

diagram is shown in Figure 2.23. A published value for the pKa of formic acid in DMSO was not 

found. Instead the line between CO2/HCO2− is drawn across the whole range of pKa values 

shown. Applying thermodynamic relationships with metal hydricity is most useful in organic 

solvents with self-consistent data on acid pKa values. Most measurements of this type have been 

made in CH3CN,75-79 and to a lesser extent DMSO,40 but additional values in various solvents are 

continually reported. Most measurements of this type have been made lesser extent DMSO,40 but 

additional values in various solvents are continually reported. 
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Figure 2.24. Thermodynamic product diagram showing the relationship between hydricity 
(ΔGH-) and reactivity towards H+ of various pKa values to H2 evolution or CO2 reduction in 
dimethylsulfoxide. 
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Figure 2.23. Thermodynamic product diagram showing the relationship between hydricity 
(ΔGH-) and stability at various pKa values to H2 evolution in dimethylsulfoxide.  
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ΔGH2 and ΔGHCO2− have also been reported in aqueous solution (34.2 and 24.1 kcal/mol, 

respectively)13 and the analogous diagrams are shown in Figure 2.25 and Figure 2.26, 

respectively. However, the diagrams do not account for the equilibria between CO2 and OH− to 

form HCO3– and CO32–, which becomes more significant at higher pH values.  

The hydricity value (∆GH–) for equivalent metal hydrides also has a solvent dependence as 

described in Chapter 1 and other studies.10, 14-15, 19-20, 22, 80 Hydricity values for transition metal 

hydrides tend to be lower and span a narrower range in solvents with higher dielectric constants, 

but their absolute values do not change in a predictable fashion by solvent. However, a notable 

trend is that hydricity values for transition metal hydrides in organic solvents tend to decline to a 

greater magnitude (become better donors) in water than HCO2– (∆GHCO2–). As a result, there are a 

few examples where CO2 reduction to HCO2– is exergonic in water but endergonic in organic 

solvents, such as [HNi(TMEPE)]2+ described in Chapter 1.10, 22, 81 Additionally, detailed studies 

 
Figure 2.25. Thermodynamic product diagram showing the relationship between hydricity 
(ΔGH-) and stability at various pH values to H2 evolution in water. 
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by Miller and coworkers determined that aqueous hydricity can also be dependent on anions 

commonly found in aqueous buffers, as well as hydroxide at higher pH values.82  

2.4 Conclusion 

 Despite immense interest in electrolytic fuel generation, there are few guidelines for the 

rational design of catalysts for selective CO2 reduction. Herein, thermodynamic relationships are 

utilized to understand the reactivity of metal hydrides as a branch point in the reactivity for 

formation of either H2 or HCO2–. Analysis of these hydricity-pKa relationships are used to 

construct a diagram that defines catalyst parameters for achieving selective CO2 reduction by 

targeting an appropriate hydricity. Hydricity is a thermodynamic quantity that describes the bond 

energy of a key intermediate for catalysis and an activity descriptor for H2 and HCO2– 

generation. Like activity descriptors, hydricity is general across many classes of compounds, 

 

 

Figure 2.26. Thermodynamic product diagram showing the relationship between hydricity 
(ΔGH-) and reactivity towards H+ of various pH values to H2 evolution or CO2 reduction in 
water. 
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expanding its utility. Identifying descriptors in molecular systems is particularly advantageous as 

bond energies are easily tuned through metal-ligand design.  

A free energy landscape of our proposed catalytic cycle was constructed using 

experimentally measured observed rates. This landscape illustrates the relative energies of 

proposed intermediates in the catalytic cycle for CO2 reduction using [Pt(dmpe)2](PF6)2 complex. 

 The rate of electron-transfer was quantified from the electrode to [Pt(dmpe)2](PF6)2 (1) to 

generate [Pt(dmpe)2] (2). The reduced species, 2 is the first critical intermediate for selective 

reduction, where direct activation of CO2 could potentially lead to CO as the major CO2 

reduction product. In this study, the reaction of both H+ and CO2 with [Pt(dmpe)2] (2) is 

exergonic while the rate of the reaction with H+ is several orders of magnitude faster. As a 

result, selective formation of [HPt(dmpe)2]+ (3) under catalytic conditions is under kinetic 

control. The reaction of the metal hydride 3 with CO2 to generate formate is exergonic, while 

protonation to form H2 is endergonic. Thus, selective reactivity at 3 with CO2 is under 

thermodynamic control. Comparison of the overall catalytic rate with the rate constants 

measured for proposed individual steps indicates C-H bond formation by 3 and CO2 is the rate-

limiting step. To date, several kinetic studies of catalysis reactions at a metal hydride have 

found that hydride transfer (or substrate insertion into the metal hydride) is the rate determining 

step.30-31  
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2.5 Experimental Details 

General considerations. All synthetic manipulations were performed under air and moisture-free 

conditions using a N2 atmosphere unless otherwise noted. Solvents were degassed by sparging 

with argon gas and dried by passage through columns of activated alumina or molecular sieves. 

Deuterated solvents were purchased from Cambridge Isotopes Laboratories, Inc. and were 

degassed and stored over activated 3 Å molecular sieves prior to use. Ligand 1,2-

bis(dimethylphosphino)ethane (dmpe), 98% and dichloro(1,5-cyclooctadiene)platinum(II), 99% 

were purchased from STREM and used as received. Compounds [Pt(dmpe)2][PF6]2, 

[HPt(dmpe)2][PF6], and [Pt(dmpe)2], were all prepared according to previously published 

procedures.83-84  

For experiments carried out under CO2, CO2 gas was first passed through a VICI 

Metronics column and then through an acetonitrile bubbler. The acetonitrile-saturated CO2 was 

used to sparge solution for at least 5 min before data collection, the sample was kept under a 

blanket of CO2 for the duration of the experiment, and solution was re-sparged periodically 

between scans to maintain a constant CO2 concentration in solution.  

All other reagents were purchased from commercial vendors and used without further 

purification unless otherwise noted. 

 

Physical Methods. 1H and 31P{1H} nuclear magnetic resonance (NMR) spectra were collected at 

room temperature, unless otherwise noted, on a Bruker AVANCE 500 MHz spectrometer. 

Chemical shifts are reported in δ notation in parts per million (ppm). 1H spectra referenced to 

residual proteo resonances of deuterated solvent. 31P{1H} spectra were referenced to H3PO4 at 0 

ppm within Xwin-NMR or Bruker’s Topspin software, which derives the chemical shifts from 
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the known frequency ratios of the 31P standard to the lock signal of the deuterated solvent. 

31P{1H} spectra used in determining concentration were obtained either with long delay times 

(20 s) for 64 scans to ensure quantitative integration. Manual shimming, Fourier transformation, 

and automatic spectrum phasing were performed using Xwin-NMR software when using the 500 

MHz spectrometer. Spectra were analyzed and figures were generated using MestReNova 6.0.2 

software. Peak integrations were calculated within MestReNova. 

 

Electrochemistry. Cyclic voltammetry was performed on a Pine Wavedriver 10 potentiostat with 

AfterMath software. For pre- and post-electrolysis solution analysis, CV was performed in a 150 

mL glass controlled potential electrolysis cell using cylindrical carbon foam working and counter 

electrodes. All other CV experiments were performed in a 3 mL glass cell using glassy carbon 

working and counter electrodes. A glass jacketed silver wire reference electrode in 0.1 M 

TBAPF6 acetonitrile solution separated from the bulk solution by a porous Vycor tip was used. 

Electrochemistry was performed on 0.5 mM or 1 mM solutions of analyte with appropriate 

amounts of phenol, 1 mM Fe(C5H5)2, and 0.1 M TBAPF6 as supporting electrolyte. For 

experiments carried out under CO2, CO2 gas was first run through a Drierite column and 

secondly through an acetonitrile bubbler. The acetonitrile-saturated CO2 was used to sparge 

solution for at least 5 min before data collection, and the sample was kept under a blanket of CO2 

for the duration of the experiment. All CVs were recorded with compensation for solution 

resistance and were referenced relative to Fe(C5H5)2+/0 couple.  

 

Controlled Potential Electrolysis and Product Analysis. Controlled potential electrolyses were 

performed in a Pine 150 mL cell with water jacket and five ground-glass ports (one 24/40, four 
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14/20). All cell ports were sealed with greased ground-glass joints with the exception of one 

14/20 port, which was sealed with a SubaSeal rubber septum used for headspace sampling. 

Vitreous carbon foam rods were used for the working and counter electrodes, while a glass 

jacketed silver wire electrode in 0.1M TBAPF6 fit with a Vycor tip was used as the reference. 

The carbon foam rods were attached to copper wire leads using conductive silver epoxy (AI 

Technology Prima-Solder EG8050) under Loctite epoxy. The counter electrode was separated 

from the bulk solution by a 10 mm glass tube with an extra-fine (Ace glass porosity E) fritted 

glass bottom; the tube was inserted through the 24/40 cell port and sealed with a ground-glass 

joint. The working and reference electrodes were connected to the exterior of the cell via nickel 

sleeves joining the electrode leads to a tungsten wire that was sealed through a 14/20 ground-

glass stopper. A mercury pool, contained in a shallow glass cup, was placed at the bottom of 

each electrolysis sample. 

Cell headspace was sampled with a Restek A-2 Luer lock gas-tight syringe. Headspace 

hydrogen was quantified by gas chromatography on an Agilent 7890B instrument with a 

Molsieve column. GC method details are as follows: dinitrogen carrier gas, 40 °C column 

temperature, TCD detector at 220 °C; helium carrier gas, 40 °C column temperature, TCD 

detector at 220 °C. Calibration curve was generated by injecting known percentages of H2 into 

the full electrolysis cell setup, including the appropriate amount of acetonitrile, and stirring for 1 

hour (Figure S19). CO2 gas was first run through a VICI Metronics CO2 gas purification column 

and secondly through an acetonitrile bubbler to saturate CO2 with acetonitrile vapor before 

sparging solution for 30 mins. The electrolysis cell sample was kept under a blanket of CO2 for 

the duration of data collection and sealed under acetonitrile saturated CO2.  
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The post-electrolysis solution was collected for solution product analysis, quantification and 

catalyst retention. 31P{1H} NMR was used to determine catalyst concentration before and after 

electrolysis, by comparing catalyst resonance integration area to that of the PF6 anion in solution. 

The solution product formate was identified and quantified using 1H NMR spectroscopy. 

Formate product concentration was determined by comparing resonance integration area to that 

of an added internal DMF standard. 

Method A: A 0.5 mL sample of post-electrolysis solution with added DMF standard was diluted 

with 0.05 mL of CD3CN and spectra were collected using 16 scans with long delay times (20 

seconds).  

Method B: Post-electrolysis solution was acidified using dilute HCl (0.1 M) and DMF aliquot 

was added.  A sample of 0.5 mL of solution was diluted with 0.05 mL of CD3CN and spectra 

were collected using solvent suppression, 16 scans and long delay times (20 seconds). Observed 

relative concentrations of formic acid to DMF standard were corrected using a calibration curve 

for formic acid in acetonitrile using solvent suppression 1H NMR spectroscopy.   

 

Infrared Spectroelectrochemistry. Spectroelectrochemistry conducted using a Room 

Temperature Optically Transparent Thin Layer Electrochemical (RT OTTLE) cell fit with a CaF2 

window and a 3-electrode cell with  Pt working, Pt counter electrode, and Ag wire reference 

electrode. Acetonitrile solutions of 5 mM [Pt(dmpe)2](PF6)2 in 0.1 M NBu4PF6 under N2 or 

saturated with CO2 were loaded into cell. A cyclic voltammogram was collected prior to 

electrolysis to locate peak cathodic potential. Controlled potential electrolysis performed at peak 

cathodic potential for 5 minutes.  
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Concurrently, IR spectra were collected on a Thermo Scientific Nicolet iS5 FTIR 

spectrometer using with iD1 transmission accessory to hold OTTLE cell. IR spectra were 

collected Pre- and Post- electrolysis, as well as after 1 minute intervals during electrolysis.   
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Appendix A 
 
 
 
 

Electrochemical Investigation of Al(OTf)3 Cation Effects on Fe 

Prophyrins CO2 Reduction Reactivity  
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A.1. Motivations and Specific Aims 

The product selectivity of  Fe tetraphenylporphyrin (TPP) for the reduction of CO2 to CO  or 

formate (HCO2-) was investigated. Previous studies of FeTPP complexes found that the catalytic 

activity for CO2 reduction increased in the presence of either Lewis acid cations or weakly H-

bonding Bronsted acid in solution. Accompanying this increase in catalytic activity was a shift in 

product distribution from favoring CO (> 90%) to also generating small amounts of formate (10-

35 %).1-2 Electrochemical experiments were used to interrogate the interaction of Al(+3) cations 

with FeTPPCl (5,10,15,20-tetraphenyl-21H,23H-porphine iron(III) chloride) and FeF20TPPCl 

(FeF20TPPCl = 5,10,15,20-tetrakis(pentafluorophenyl)-21H,23H-porphyrin iron chloride) under 

catalytic CO2 reduction conditions.  

A.2. Background 

Electrochemical CO2 reduction to CO by Fe porphyrin catalysts has been well studied in the 

literature.3-6 Initial work on Fe porphyrin complexes was performed by Saveant and co-workers 

using FeTPPCl (5,10,15,20-tetraphenyl-21H,23H-porphine iron(III) chloride). FeTPPCl was 

found to catalytically produce CO in the absence of a proton source under CO2.1-2, 7 

Previous studies utilizing mono- and divalent Lewis acid cations were found to improve the 

catalytic rate for CO production while also producing 10-35% formate as a byproduct.2 The 

concentration of formate observed after electrolysis was greater for divalent Mg(2+), Ca(2+), 

and Ba(2+) cations than monovalent Li(+1) and Na(+1) cations. Electrochemical studies of 

FeTPPCl in the presence of Lewis acid cations were used to propose a mechanism for catalytic 

CO2 reduction (Figure A.1). The Lewis acid cation is proposed to participate in a synergistic 

push-pull mechanism to activate CO2, where the cation stabilizes the metal carboxylate formed at 

the reduced metal center. Similar synergistic effects were found using weak Brønstead acids; the 
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increased reactivity is hypothesized to be a result of hydrogen-bonding stabilizing the metal 

carboxylate intermediate.1 Since this finding, others have investigated the role and effect of 

Lewis acid cations on catalysis.8-14  

In the case of FeTPPCl, addition of Lewis acid cations increased the reactivity but also led to 

the formation of insoluble carbonates. Carbonate production inhibited catalysis by precipitating 

out of solution and blocking electrode surface area.  

Improving the selectivity for formate production is one strategy to overcome deactivation by 

carbonate formation. It is hypothesized that formate production is a result of protonation of the 

 
 
 
Figure A.1. Proposed Mechanism for Catalytic Electrochemical Reduction of CO2 at 
FeTPPCl. 
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bound Fe carboxylate species. Thus, generating a stable Fe carboxylate that is susceptible to 

protonation could switch catalyst product selectivity toward formate. To explore this hypothesis, 

the effect of Al(OTf)3 on FeTPPCl and FeF20TPPCl (FeF20TPPCl = 5,10,15,20-

tetrakis(pentafluorophenyl)-21H,23H-porphyrin iron chloride) reactivity with CO2 to CO and 

formate was investigated using electrochemical techniques.  

A.3. Results and Discussion 

A.3.1. FeF20TPPCl Titration with Mg(ClO4)2 in DMF 

The first aim of this investigation was to benchmark the effects of +2 Lewis acids using a 

fluorine substituted porphyrin FeF20TPPCl (FeF20TPPCl = 5,10,15,20-

tetrakis(pentafluorophenyl)-21H,23H-porphyrin iron chloride) complex (Chart A.1) using cyclic 

voltammetry. Previous studies with unsubstituted FeTPPCl in the presence of +1 or +2 cations 

did not observe evidence of cation binding at a reduced Fe porphyrin species. Instead, cations in 

solution were hypothesized to stabilize CO2 bound carboxylate species, resulting in an Fe 

carbonyl species to generate reduced CO2 products. 

Chart A.1. Structure of Fe porphyrin complexes FeTPPCl and FeF20TPPCl 
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Cyclic voltammetry of the FeF20TPPCl at 0.1 V/s scan rate (Figure A.2; black trace) exhibits 

three reversible electrochemical events corresponding to the Fe(III/II), Fe(II/I), and Fe(I/0) 

couples. Addition of Mg(ClO4)2 causes small changes at the Fe(III/II) and Fe(I/0) couples 

(Figure A.2; Red to Blue trace). Ligand substitution reactions of DMF solvent with Cl anion at 

the Fe(III/II) couple of the FeF20TPPCl complex have previously been observed.15 This 

exchange results in a clear anodic shift at the Fe(III/II) for both the cathodic and anodic waves. 

In the case of FeF20TPPCl in the presence of Mg(ClO4)2 does not result in clear peak shift. 

Instead, a broad return peak for the Fe(II/II) couple is observed . At the Fe (I/0) couple, a 

decrease in current is observed for the reductive scan. This small change in reductive current on 

the forward scan suggests a weak interaction between the reduced Fe species in solution with the 

Mg(+2) cations. Overall, interactions of the reduced FeTPPCl species and Mg(ClO4)2 in solution 

only weakly effect the cyclic voltammetry response such that all three redox events remain 

 
Figure A.2. Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of 
Mg(ClO4)2 in DMF (0.1 M NBu4PF6) under N2 at a glassy carbon electrode at a scan rate of 
0.1 V/s.  
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electrochemically reversible, which is in agreement with previous reports using FeTPPCl.  

A.3.2. FeF20TPPCl with Mg(ClO4)2 under CO2 in DMF 

Upon saturating the DMF solution with CO2, the cathodic peak of the Fe(I/0) couple loses 

reversibility and there is an increase in current indicating catalysis (Figure A.3). The catalytic 

reaction under these conditions is expected to be due to CO2 reduction to generate CO and 

MgCO3, where residual water in the solvent is acting as a proton source.2 The peak shape of the 

catalytic wave is broad, indicating that catalysis is limited by substrate diffusion at 0.1 V/s scan 

rate.16  

 

 
Figure A.3. Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of Mg(ClO4)2 in 
DMF (0.1 M NBu4PF6) under CO2 at a glassy carbon electrode at a scan rate of 0.1 V/s.  
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For an irreversible chemical step following an electron transfer step, a peak shift toward 

more anodic potentials is expected. However, the cathodic peak potential (Epa) for FeF20TPPCl 

under Ar or CO2 are similar with ~10mV difference toward more cathodic potentials under CO2 

(Table A.1).  

A.3.3. FeF20TPPCl with Mg(ClO4)2 under CO2 with H2O in DMF 

Titration of small amounts of water to CO2 saturated solutions results in an increase in 

current and an S-shaped catalytic wave at the Fe(0/I) couple (Figure A.4). The peak potential of 

the Fe(I/0) reduction shifts toward more anodic potentials with increasing equivalents of water.  

Scan rate dependence studies of FeF20TPPCl under CO2 and in the presence of excess 

Mg(ClO4)2 and H2O exhibit a current plateau with increasing scan rate (Figure A.5). The forward 

catalytic peak also shows a shift toward more positive potentials with increasing scan rate. At 

fast scan rates (> 0.5 V/s) the return peak starts to gain reversibility, suggesting that the rate of 

the chemical step is on the same order of the CV time scale. This catalytic response is in 

agreement with previous reports using FeTPPCl under similar conditions.2 

Table A.1. Comparison of Peak Potential and current under Ar and CO2 for FeF20TPPCl  
 

Fe(I/0) Ipc (µA) Epc (V vs SCE) Epa (V vs SCE) 

under Ar 3.63 -1.39  -1.30  

under CO2 4.51 -1.40  --- 
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Figure A.4. Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of 
Mg(ClO4)2 (2.4 mM) and H2O in DMF (0.1 M NBu4PF6) under CO2 at a glassy carbon 
electrode at a scan rate of 0.1 V/s.  
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Figure A.5.  Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of 
Mg(ClO4)2 (2.4 mM) and H2O in DMF (0.1 M NBu4PF6) under CO2 at a glassy carbon 
electrode at a scan rates 0.1 -1 V/s. 
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A.3.4. FeF20TPPCl and FeTPPCl Titration with Al(OTf)3 in DMF 

The influence of Al(OTf)3 cations on the reactivity of Fe porphyrin CO2 reduction catalysts 

were investigated. Previous work found that as higher charged cations were used, a greater % of 

formate was generated as a result of CO2 reduction. However, the co-production of carbonate 

species was observed to lead to catalyst activity deactivation.2 It is hypothesized that 

incorporating higher charged cations could lead to increased formate production to overcome 

catalyst deactivation via carbonate formation. In this study, the redox activity of both FeTPPCl 

and FeF20TPPCl complexes in the presence of Al(OTf)3 were compared.  

Before addition of Al(OTf)3, both FeTPPCl and FeF20TPPCl exhibit a broad shoulder at the 

oxidative potential for the Fe(III/II) couple (Figure A.6 and Figure A.7; black trace). This 

 

 
Figure A.6. Cyclic voltammograms of FeTPPCl (0.3 mM) in the presence of Al(OTf)3 in 
DMF (0.1 M NBu4PF6) under Ar at a glassy carbon electrode at a scan rate of 0.1 V/s.  
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shoulder peak is attributed to the oxidation of two species in solution resulting from ligand 

exchange between Cl anion and DMF solvent. 

Increasing concentrations of Al(OTf)3 results in a gradual anodic shift of the shoulder 

oxidative peak at the Fe(III/II) couple resulting in a single oxidation event for at the Fe(III/II) 

couple. This shift suggests an interaction between the Al(OTf)3 and the reduced FeCl porphyrin 

complex resulting in the formation of an uncharacterized anion exchange product, presumably Fe 

porphyrin with triflate anion.15 Addition of Al(OTf)3 also results in changes at the Fe(I/0) couple 

for both FeTPPCl and FeF20TPPCl complexes (Figure A.6 and Figure 7; red to blue traces).  

Most notably is an observed loss of reversibility and increase in current with increasing 

Al(OTf)3 under Ar. The loss of reversibility at the Fe(I/0) couple is suspected to result from a 

chemical step following electron transfer involving the reduced Fe(0) species and Al(OTf)3 to 

 

 
Figure A.7. Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of 
Al(OTf)3 in DMF (0.1 M NBu4PF6) under Ar at a glassy carbon electrode at a scan rate 
of 0.1 V/s.  
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generate a new unidentified species denoted as Fe’. The formation of a new species is also 

supported by the appearance of a new redox feature ~170 mV negative of the Fe(0/I) couple. 

Scan rate dependence studies of the new redox feature indicate that the new species is diffusion 

limited and not absorbed on the surface (Figure A.8). 

 A current increase is observed with increasing Al(OTf)3 concentration. Products of this 

catalytic reaction were not investigated. It is hypothesized that the increase in current could 

indicate catalytic H2 production from residual H2O in the DMF solvent. 

A.3.5. FeTPPCl with Al(OTf)3 under CO2 with H2O in DMF 

An increase in current is observed for FeTPPCl in the presence of both Al(OTf)3 and CO2 at -

1.6 V vs SCE (Figure A.9; red trace). The increased current occurs at a reduction potential that 

coincides with the Fe(I/0) couple. The peak shape indicates a substrate diffusion limited process 

 

 
Figure A.8. Plot of peak cathodic current (Ipc) vs the square root of the scan rate for 
FeF20TPPCl unidentified Fe’ reduction in DMF.  
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for the scan rates surveyed. The new Fe’ species that results upon forming the reduced Fe center 

in the presence of Al(+3) cations is not observed under CO2. The loss of the Fe’ redox feature 

suggests that, if Al(+3) cation binds to form a new Fe prophyrin species, binding of CO2 is faster 

than Al(+3) cations in solution. Upon addition of H2O, a larger current is passed at the Fe(I/0) 

couple indicating catalysis (Figure A.9; green trace).  

 

 
Figure A.9. Cyclic voltammograms of FeTPPCl (0.3 mM) in the presence of (a) 
Al(OTf)3 in DMF (0.1 M NBu4PF6) under Ar (b) under CO2 (c) with water at a glassy 
carbon electrode at a scan rate of 0.1 V/s. 
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A.3.6. FeF20TPPCl with Al(OTf)3 under CO2 with H2O or phenol in DMF 

Upon addition of CO2 to a solution of FeF20TPPCl and Al(OTf)3, an increased in current at -

1.4 V vs. SCE is observed with a plateau shape (Figure A.10;red trace). Similar to the results 

reported for FeTPPCl, the presence of CO2 in solution results in the loss of the previously 

observed redox feature Fe’ (formed at the Fe(I/0) couple in the presence of Al(OTf)3). This 

suggests that reactivity at the reduced Fe porphyrin species with CO2 is faster than with 

Al(OTf)3.  

When water is added to a solution containing FeF20TPPCl and Al(OTf)3 under CO2, a large 

catalytic current with a positive shift in the onset potential is observed (Figure A.10; blue trace). 

 

 
Figure A.9. Cyclic voltammograms of FeTPPCl (0.3 mM) in the presence of (a) Al(OTf)3 in DMF (0.1 M 
NBu4PF6) under Ar or (b) under CO2 (c) with water at a glassy carbon electrode at a scan rate of 0.1 V/s. 
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Figure A.10. Cyclic voltammograms of FeF20TPPCl (0.3 mM) in the presence of (a) 
Al(OTf)3 in DMF (0.1 M NBu4PF6) under Ar (b) under CO2 (c) with water at a glassy 
carbon electrode at a scan rate of 0.1 V/s. 
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Interestingly, in the presence of water as a proton source the previously observed redox feature 

attributed to unidentified Fe’species is observed. Products of this catalytic current have not been 

independently investigated by controlled potential electrolysis. 

A large catalytic current at the Fe(I/0) couple for FeF20TPPCl in the presence of phenol and 

Al(OTf)3 is observed (Figure A.11; green trace). Although products of this catalytic current have 

not been independently investigated, it is hypothesized that the catalytic reaction is due to H2 

production. Also, the previously observed redox feature attributed to an unidentified Fe’ species 

is observed.  

When a solution of FeF20TPPCl, phenol and Al(OTf)3 is saturated with CO2 the cyclic 

voltammetry response becomes more complicated. A new pre-wave at -0.65 V vs SCE is 

observed before the Fe(II/I) couple. This could indicate the formation of a new species in 

solution associated with a single reduced Fe porphyrin species and CO2. The increased current is 

observed at the Fe(II/I) and Fe(I/0) couples and is attributed to catalysis.  

A.3.7. Al(OTf)3 under CO2 with H2O in DMF 

The reactivity of the Al(OTf)3 with CO2 and water was investigated (Figure A.12). Al(OTf)3 

is regarded to be a redox inactive species. Cyclic voltammograms with increasing Al(OTf)3 

concentrations does not show distinct redox features, only a broad feature that increases in 

current under 1 atm of CO2 and water at -1.70 V vs SCE.  



120	
	

  

 

 
Figure A.11. Cyclic voltammograms of FeTPPCl (0.3 mM) in the presence of (a) 
Al(OTf)3 in DMF (0.1 M NBu4PF6) under Ar (b) under CO2 (c) with phenol at a glassy 
carbon electrode at a scan rate of 0.1 V/s. 
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Figure A.12. Cyclic voltammograms of a) Al(OTf)3 in DMF (0.1 M NBu4PF6) under Ar 
or (b) under CO2 (c) with water at a glassy carbon electrode at a scan rate of 0.1 V/s. 
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A.4. Conclusions  

The results suggest that highly charged Lewis acid cations like Al(OTf)3 can interact with 

reduced Fe species in solution. However, the resulting product is currently unknown. Although 

the products were not investigated, it seems that H2 production may be a competing pathway in 

the presence of Al(OTf)3 and a proton source. Future controlled potential electrolysis 

experiments are necessary to investigate product distribution in the headspace and in solution.  
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A.5. Experimental Details  

Materials 

FeTPPCl and FeF20TPPCl were purchased from Sigma Aldrich and used without further 

purification. Anhydrous N,N-Dimethylformamide (DMF) from a fresh sure seal bottle was used 

without additional drying methods for electrochemistry experiments.  

Electrochemistry  

Cyclic voltammetry experiments were conducted in glass 4-port electrochemical cell under 

Argon gas. Experiments were conducted using 0.1 M TBAPF6 and dry DMF solvent. Solvent 

was sparged with Ar before each scan and kept under a blanket of Ar during scans. A glassy 

carbon disk working electrode, a Pt wire counter, and SCE reference electrode were used. The 

glassy carbon disk electrode polished with diamond paste and rinsed between each scan. 

Uncompenstaed resistance measurements were taken before each scan and applied.  

CO2 Addition  

Argon and CO2 gases are passed through a CaSO4 drying column before sparging into 

solution. Electrolyte and Lewis acid salts are dried under vacuum for at least 1 hour to remove 

moisture from sample before preparing electrochemical solutions. Working electrode is polished 

in between scans, rinsed with DI water and acetone, then dried before being placed back into 

electrochemical solutions.  

  



123	
	

A.6. References 
 

1. Bhugun, I.; Lexa, D.; Savéant, J.-M., Catalysis of the Electrochemical Reduction of 

Carbon Dioxide by Iron(0) Porphyrins:  Synergystic Effect of Weak Brönsted Acids. J. Am. 

Chem. Soc. 1996, 118 (7), 1769-1776. 

2. Bhugun, I.; Lexa, D.; Savéant, J.-M., Catalysis of the Electrochemical Reduction of 

Carbon Dioxide by Iron(0) Porphyrins. Synergistic Effect of Lewis Acid Cations. J. Phys. Chem. 

1996, 100 (51), 19981-19985. 

3. Bhugun, I.; Lexa, D.; Saveant, J.-M., Ultraefficient selective homogeneous catalysis of 

the electrochemical reduction of carbon dioxide by an iron(0) porphyrin associated with a weak 

Broensted acid cocatalyst. J. Am. Chem. Soc. 1994, 116 (11), 5015-5016. 

4. Francke, R.; Schille, B.; Roemelt, M., Homogeneously Catalyzed Electroreduction of 

Carbon Dioxide—Methods, Mechanisms, and Catalysts. Chem. Rev. 2018, 118 (9), 4631-4701. 

5. Costentin, C.; Robert, M.; Savéant, J.-M.; Tard, C., Breaking Bonds with Electrons and 

Protons. Models and Examples. Acc. Chem. Res. 2014, 47 (1), 271-280. 

6. Azcarate, I.; Costentin, C.; Robert, M.; Savéant, J.-M., Through-Space Charge Interaction 

Substituent Effects in Molecular Catalysis Leading to the Design of the Most Efficient Catalyst 

of CO2-to-CO Electrochemical Conversion. J. Am. Chem. Soc. 2016, 138 (51), 16639-16644. 

7. Hammouche, M.; Lexa, D.; Momenteau, M.; Saveant, J. M., Chemical catalysis of 

electrochemical reactions. Homogeneous catalysis of the electrochemical reduction of carbon 

dioxide by iron("0") porphyrins. Role of the addition of magnesium cations. J. Am. Chem. Soc. 

1991, 113 (22), 8455-8466. 



124	
	

8. Bernskoetter, W. H.; Hazari, N., Reversible Hydrogenation of Carbon Dioxide to Formic 

Acid and Methanol: Lewis Acid Enhancement of Base Metal Catalysts. Acc Chem Res 2017, 50 

(4), 1049-1058. 

9. Buss, J. A.; VanderVelde, D. G.; Agapie, T., Lewis Acid Enhancement of Proton Induced 

CO2 Cleavage: Bond Weakening and Ligand Residence Time Effects. J. Am. Chem. Soc. 2018, 

140 (32), 10121-10125. 

10. Bielinski, E. A.; Lagaditis, P. O.; Zhang, Y.; Mercado, B. Q.; W√ºrtele, C.; Bernskoetter, 

W. H.; Hazari, N.; Schneider, S., Lewis Acid-Assisted Formic Acid Dehydrogenation Using a 

Pincer-Supported Iron Catalyst. J. Am. Chem. Soc. 2014, 136 (29), 10234-10237. 

11. Zhang, Y.; MacIntosh, A. D.; Wong, J. L.; Bielinski, E. A.; Williard, P. G.; Mercado, B. 

Q.; Hazari, N.; Bernskoetter, W. H., Iron catalyzed CO2 hydrogenation to formate enhanced by 

Lewis acid co-catalysts. Chem. Sci. 2015, 6 (7), 4291-4299. 

12. Gambarotta, S.; Arena, F.; Floriani, C.; Zanazzi, P. F., Carbon dioxide fixation: 

bifunctional complexes containing acidic and basic sites working as reversible carriers. J. Am. 

Chem. Soc. 1982, 104 (19), 5082-5092. 

13. Park, Y. J.; Ziller, J. W.; Borovik, A. S., The Effects of Redox-Inactive Metal Ions on the 

Activation of Dioxygen: Isolation and Characterization of a Heterobimetallic Complex 

Containing a MnIII–(μ-OH)–CaII Core. J. Am. Chem. Soc. 2011, 133 (24), 9258-9261. 

14. Park, Y. J.; Cook, S. A.; Sickerman, N. S.; Sano, Y.; Ziller, J. W.; Borovik, A. S., 

Heterobimetallic Complexes with M-(OH)-M Cores (M = Fe, Mn, Ga; M = Ca, Sr, and Ba): 

Structural, Kinetic, and Redox Properties. Chem Sci 2013, 4 (2), 717-726. 

15. Gueutin, C.; Lexa, D.; Momenteau, M.; Saveant, J. M.; Xu, F., Molecular environment 

effects in redox and coordination chemistry. Protection against solvation, local solvation, and 



125	
	

steric hindrance to ligation in the electrochemistry of basket-handle iron porphyrins. Inorg. 

Chem. 1986, 25 (23), 4294-4307. 

16. Savéant, J.-M., Molecular Catalysis of Electrochemical Reactions. Mechanistic Aspects. 

Chem. Rev. 2008, 108 (7), 2348-2378. 




