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Burgeoning global energy demand coupled with continually increasing greenhouse gas 

emissions prompts reassessment of our entire energy infrastructure in order to mitigate climate 

change and ensure sustainable use for future generations. An archetypal shift away from fossil 

fuel dependence towards renewable, carbon neutral energy resources, is crucial in achieving this 

goal. A promising approach towards the realization of a carbon neutral energy economy is the 

capture and conversion of carbon dioxide (CO2) into chemical fuels using renewable electricity. 

Utilization of fuels generated from CO2 and renewable electricity makes the process effectively 

“carbon neutral”, as the CO2 produced upon combustion can be directly converted back into fuel. 

As an additional benefit, carbon neutral fuels can be directly incorporated into legacy 

infrastructure. Existing methods for carbon dioxide capture and conversion into fuels are highly 

inefficient however, making the approach prohibitively expensive. These inefficiencies must be 

addressed in order to promote carbon neutrality within our current energy economy.  
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 This dissertation describes the implementation and investigation of Lewis-acidic 

interactions to promote energy-efficient electrochemical CO2 capture and conversion into 

chemical fuels. Both intra- and inter-molecular interactions are shown to increase the efficiency 

of each process through leveling of the overall energy landscape. Utilization of these interactions 

to lower crucial high energy intermediates was observed to inhibit undesirable side reactions, 

including decomposition; resulting in further improvements to efficiency.  

 This thesis is broken up into two parts, focusing on the topics of electrochemical CO2 

capture and electrochemical CO2 reduction. Part I discusses topics in electrochemical CO2 

capture and concentration (eCCC) processes, which includes chapters 1 and 2. Part II discusses  

electrochemical CO2 reduction reactions, and includes chapters 3, 4, and 5. 

 Chapter 1 introduces electrochemical CO2 capture and concentration (eCCC) topics, with 

a specific focus on systems that utilize redox-carrier species. Relevant equations and 

thermodynamic considerations for efficient eCCC process are discussed in detail. Additionally, 

reported examples of eCCC systems utilizing redox-carriers are discussed and evaluated. 

Chapter 2 describes the utilization of intermolecular hydrogen-bonding interactions in  

quinone-based systems for electrochemical CO2 capture applications. Addition of alcohols to 

solutions of 2,3,5,6-tetrachloro-1,4-benzoquinone (TCQ) is shown to shift reduction and CO2 

binding to milder potentials, permitting their utilization under aerobic conditions. 

Thermodynamic evaluation of hydrogen-bonding interactions with TCQ aided in the selection of 

appropriate alcohol additives that permit TCQ reduction at mild potentials without detrimental 

effects on CO2 binding affinity. A DMF solution of TCQ containing ethanol was observed to 

successfully capture, release, and concentrate CO2 from simulated flue gas streams at potentials 

amenable to aerobic environments. 
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 Chapter 3 introduces electrochemical CO2 reduction topics. The chapter primarily 

focuses on thermodynamic considerations necessary to develop catalysts that can address the 

challenges of product selectivity and overpotential that are currently facing the field. The 

utilization of cooperative binding or stabilizing secondary interactions are discussed in detail 

with relevant examples from the literature. 

Chapter 4 describes the development of an SNS pincer ligand scaffold (SNScrown) that 

features an aza-crown ether functionality. The SNScrown ligand allows placement of group I or II 

metal cations in close proximity to a transition metal center. The synthesis and characterization 

of palladium and rhodium SNScrown complexes featuring bound sodium or barium cations is 

reported. The reactivity of the palladium complexes towards CO2 and proton reduction was 

investigated. It was found that the presence and charge of a bound alkali or alkaline earth metal 

cation has little to no effect on the electronic structure or CO2 reactivity of the palladium center, 

but has profound effects on proton reduction and decomposition under catalytic conditions. 

Incorporation of Na+ or Ba2+ into the crown ether cavity is observed to result in significant 

inhibition of proton reduction, while hindering dimerization, which serves as an important 

decomposition pathway. As a result, the Ba2+ complex displays increased CO2 product selectivity 

under catalytic conditions during controlled potential electrolysis, compared to an identical 

experiment without an incorporated group I or II metal cation.  

 Chapter 5 describes the investigation of proximal cation effects on rhenium bipyridine 

complexes featuring crown ether-like functionality within the ligand framework (Bpycrown). The 

synthesis, characterization, and CO2 reactivity of rhenium carbonyl Bpycrown complexes 

(Re(Bpycrown)(CO)3Cl) is reported. Unlike the SNScrown complexes, incorporation of group I and 

II metal cations into the crown ether cavity was found to significantly affect the electronic 
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structure and CO2 reactivity of the Bpycrown complexes. Both metal and bipyridine-based 

reductions were shown to shift anodically with increasing charge of the metal in the crown. 

Additionally, CO2 reactivity of the complexes shifts to more positive potentials with increasing 

charge of the bound cation; however, increasing cation charge also appears to correlate with 

decreased catalytic rates.  
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Chapter 1 

 

Electrochemical Carbon Dioxide Capture and 

Concentration (eCCC) Methods Utilizing Redox-active 

Carriers 
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1.1 Background 

Burgeoning population growth and industrialization has resulted in significantly increased 

global energy demand. As a result, anthropogenic carbon dioxide emissions have quickly grown 

to unsustainable levels. As of 2019, estimated global CO2 emissions have reached 35 Gt/ year and 

are projected to exceed 40 Gt/ year before 2045; despite aggressive policies implemented globally 

over the last several years.1 To avoid the 2 °C global warming limit established by the 2015 Paris 

agreement,2,3 CO2 emissions need to be reduced by up to 85% across the board.4  

Currently, the industrial sector accounts for over 60% of total emissions worldwide. Within 

this sector, large scale stationary “point-source” emitters account for the overwhelming majority 

of these emissions.4 Although significant efforts have been made to increase utilization of 

renewable electricity resources, demand from fossil-fuels are expected to increase by almost 10% 

within the next ten years.1 Net-zero emissions from these sources is possible however if the 

produced CO2 can be captured and stored.  

Carbon capture and storage (CCS) presents a potentially promising avenue to combat the 

point-source fossil-fuel emissions we are “locked” into for the foreseeable future. Considerable 

progress has been made in the development and optimization of CCS systems, particularly for coal 

and natural gas burning power plant applications (which account for the majority of industrial CO2 

emissions).4–6 According to the Global CCS institute, 51 large-scale CCS facilities are either fully 

operational or in early development.7 In order to meet the Paris agreement however, not only would 

all “point-source” processes need to approach net-zero, but emissions from other sources would 

have to be significantly reduced (if not stopped completely).8 Synergistically, CCS can address 

this problem if captured CO2 is later utilized in the production of carbon-neutral fuels for use in 
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transportation.9–11 Additionally, direct capture from air could further act to lower emissions from 

non-point-source emitters.12,13   

A major drawback to current CCS technologies however, is that carbon capture and 

concentration (CCC) methods remain inefficient, preventing widespread implementation.14,15 One 

of the most developed CCC technologies is the utilization of amine absorbent solutions to capture 

from power plant flue gas. A major weakness of this approach is the Carnot limitation incurred by 

the temperature-swing necessary for absorption and desorption. As a result, a typical alkanolamine 

capture process operating between 40–150 °C can only approach a maximum 26% efficiency.16 

After decades of research, state-of-the-art capture systems are capable of approaching 50% of the 

Carnot efficiency ( ~13% overall efficiency) upon optimization at scale. To put this efficiency into 

context, 20–30% of the entire power output of a typical coal-fired plant would be required for the 

CCC process alone.17,18 Using these systems, every ton of CO2 captured costs an estimated $50-

60;19,20 however, it is estimated that the cost would have to drop below $20 a ton to be 

economically feasible under current tax proposals.21 CCC systems for direct air capture are further 

undeveloped, displaying thermodynamic efficiencies under 5%, leading to capture costs estimated 

as high as $1000/ ton CO2 captured.15 Reaching net-zero emissions by 2040 is estimated to require 

about 2000 large-scale CCS facilities worldwide.7 The efficiency of CCC processes needs to be 

significantly improved to lower the investment and operational costs necessary to allow for such 

a massive undertaking. An archetypal shift in the approach to CCC is essential to develop systems 

that are economically viable for large scale utilization in the promotion of a carbon neutral energy 

economy. 

Electrochemical carbon capture and concentration (eCCC) is a growing area of research 

within this field, and shows particular promise in answering some of the issues with using thermal 
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absorption/desorption approaches.22–24 The application of electrochemical cycles to replace 

thermal or pressure swings is particularly advantageous, as it is independent from Carnot 

limitations. As a result, eCCC processes have the ability to approach 100% theoretical efficiency.23 

The absence of temperature swings in eCCC methods also permits the efficiency to be independent 

of the scale of the system. This would allow the systems to be “plug and play” and can be scaled 

to fit the needs of the specific application without sacrificing efficacy.  

1.2 Thermodynamic Considerations for eCCC Processes 

 The minimum thermodynamic work required to concentrate a species (ex. CO2) from a 

dilute gaseous mixture is governed by the standard Gibb’s free energy (ΔGconc) for a specific shift 

in equilibrium, given by equation 1.1. 

ΔGconc = −RT𝑙𝑛(QCO2)    where  QCO2 =
PCO2,f

PCO2,i
                                        1.1 

In equation 1.1, R is the ideal gas constant (8.314 Jmol-1K-1), T is the absolute temperature, and 

QCO2 is the reaction quotient for the CO2 concentration process. The partial pressures of CO2 in 

the initial and final mixtures are denoted by PCO2, i and PCO2, f, respectively. From equation 1.1, the 

relationship between the change in free energy and reaction equilibria shows that the process of 

concentrating CO2 is endergonic and is dependent upon the desired changes in concentration as 

well as the temperature at which it is performed. Table 1.1 shows the minimum work required to 

concentrate CO2 into a pure stream (100% or PCO2, f = 1atm) under standard conditions (T= 298 K, 

Ptotal = 1atm) from a variety of initial concentrations (PCO2, i). The data from Table 1 shows that it 

requires more energy to concentrate from more dilute sources; for instance, it requires more than 

four times the energy to capture CO2 from atmospheric sources (0.04%) than from coal power 

plant (flue gas, 15%) sources (19.4 versus 4.7 kJ/mol required, respectively). 
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 For electrochemically mediated processes, the capture and release cycles are initiated by 

applying a potential or bias to an electrode. The electrochemical bias at the electrode surface results 

in oxidation or reduction species in solution that result in changes to the total CO2 concentration 

in the solution or material surface(s) to carry out the CCC process. The Gibb’s free energy for an 

electrochemical process is thus related to the difference in potential applied between the capture 

and release steps (Ecap and Erel, respectively), referred to as the “cell potential” (Ecell) as shown in 

equation 1.2.   

∆𝐺 = −𝑛F𝐸𝑐𝑒𝑙𝑙    where  𝐸𝑐𝑒𝑙𝑙 = 𝐸𝑐𝑎𝑝 − 𝐸𝑟𝑒𝑙                                   1.2 

In equation 1.2, F represents Faraday’s constant (96,485 C/mol electrons), and n is the moles of 

electrons required per mole of CO2. If equations 1 and 2 are set equal to each other, the minimum 

Ecell necessary for a specified concentration swing can be calculated (shown in Table 1.1). 

Table 1.1. Minimum ΔGconc and Ecell requirements for various eCCC processes. 

Application PCO2, i (% v/v) PCO2, f (% v/v) ΔGconc 

(kJ/mol CO2) 

Ecell (mV) 

Atmospheric capture 0.04 100 19.4 200 

Transportation 

(passenger cabin)a 

0.5a 100 13.1 136 

Flue gas 

(natural gas) 

3-10b 100 5.7–8.7 59–90 

Flue gas  

(coal) 

15c 100 4.7 49 

aPCO2 describes the maximum desirable passenger cabin CO2 concentration for travel in contained vessel vehicles 

(aircraft, submarine, spacecraft, etc.), based on the Total Weight Average (TWA) 8 hour Permissible Exposure 

Limit (PEL) set by OSHA .  

bValue obtained from reference 25. 
cValue obtained from reference 17. 
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1.3 Redox Carriers 

1.3.1 Overview 

A variety of electrochemical methods for CO2 capture have been utilized, going back to 

the late 60’s,26  where molten salt electrolysis was proposed to maintain CO2 levels in sealed 

close-quarter vessels such as submarines, aircraft or spacecraft.27–31 Since then, eCCC approaches 

have expanded to include MOFs,32–35 electrochemically mediated amine regeneration (EMAR),36–

41 as well as utilization of bipolar membranes42 or proton coupled electron transfer (PCET) 

mediators43–49 in aqueous systems to induce changes in solution pH. In addition to these methods, 

a large amount of research has gone into the utilization of redox carriers to directly bind and 

release CO2, which will be discussed in further detail in this and following sections. 

One of the most popular modern approaches to eCCC is the utilization of redox carriers 

for the direct binding and release of CO2 upon oxidation or reduction. Scheme 1.1 shows an 

example eCCC cycle featuring a redox carrier molecule. In the cycle, the carrier in the resting 

state (R) is reduced to form the active state carrier species ([R]–). The reduced species has a high 

affinity for CO2 (K1), which allows capture from a dilute inlet stream to form the CO2-bound 

adduct, [R(CO2)]–. CO2 release is triggered by oxidation of [R(CO2)]– to form [R(CO2)], which 

has a much lower affinity for CO2 (K2), which results in liberation of CO2 to reform the resting-

state carrier (R) to complete the cycle. This approach takes advantage of the difference between 

KCO2 of the oxidized (K2), and reduced (K1) states of the carrier (R and [R]–, respectively).  
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Scheme 1.1. General process for eCCC systems featuring a redox carrier in its resting state (R) 

that binds to CO2 upon reduction (to [R–]) to form [R(CO2)]– with a CO2 binding constant of K1. 

Upon oxidation of [R(CO2)]– to form [R(CO2)], CO2 is released to regenerate the resting-state 

carrier, R. If O2 or acidic protons (ex. H2O) are present, deactivation of the active carrier through 

processes I or II can occur. 

 

For eCCC processes to operate at high efficiency, the difference between the potentials applied 

for binding and release steps (Ecap and Erel, respectively) must be kept to a minimum. At the same 

time, the difference in carrier CO2 binding affinity (ΔKCO2, where ΔKCO2 = K1 – K2) between the 

active and resting states need to remain large enough to perform the desired concentration swing. 

The active and resting states of the carrier must also be tolerant to dioxygen (O2) and water vapor, 

as both are present in large quantities in both atmospheric and industrial CO2 capture applications. 

Over the next few pages, a general approach to thermodynamic evaluation of redox carrier 

candidates is discussed. 

1.3.2 General Requirements of Redox Carriers 

Dubois and coworkers were among the first to suggest the utilization of redox carriers for 

eCCC applications. In their seminal paper on the topic in 1988, they outline desirable properties 

of efficient homogeneous CO2 redox carriers, including thermodynamic parameters necessary for 
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efficient eCCC from flue gas and atmospheric sources.50 In this study, they propose that a carrier 

must satisfy three requirements: first, it must have a site capable of CO2 binding. Second, it must 

be able to undergo chemically reversible oxidation and reduction in the presence and absence of 

CO2. Lastly, the difference in CO2 binding affinity (ΔKCO2) between the oxidized and reduced 

forms must be sufficiently large for the desired swing in CO2 concentration. Beyond the base 

requirements proposed by Dubois and coworkers, Rheinhardt et al. suggest additional desirable 

characteristics of redox carriers, which include: minimal cell potential between binding and 

release steps, rapid electron transfer kinetics, and stability of carrier species towards water and 

dioxygen among others.24 Many years later, Dubois and coworkers published a book chapter 

expanding upon the scope of the initial study, and go into further detail about the experimental 

approaches and their outcomes.51 In both studies, several classes of redox carriers were assessed 

utilizing spectroscopic and voltametric approaches to determine both reversibility of CO2 binding 

in addition to CO2 equilibrium constants of the oxidized and reduced forms. An interesting trend 

observed is the importance of proximity of the redox center to the CO2 binding site. Shorter 

distances between the two sites resulted in larger values of ΔKCO2. Negligible values of ΔKCO2 

were observed when the sites were separated by more than a single atom, emphasizing the 

importance of electronic communication between the two sites.  

As discussed previously, the thermodynamic efficiency of redox carrier systems is primarily 

dictated by the difference in applied potentials (ΔE or Ecell) for the capture and release (Ecap and 

Erel, respectively Scheme 1.1) steps. Though large values of ΔKCO2 are typically necessary to 

promote concentration of dilute CO2 streams, ΔKCO2 is intrinsically proportional to the minimum 

cell potential (Ecell, or Ecap – Erel) of the system via the free energy of the process (eq. 1.3).  

−𝑅𝑇𝑙𝑛(∆𝐾𝐶𝑂2) = −𝑛𝐹(𝐸𝑐𝑒𝑙𝑙)                                                      1.3 
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As a result, any thermodynamic driving force beyond the minimum required for a specific 

concentration swing, is wasted. This consideration is a vital factor in the development of an 

efficient redox carrier eCCC system. Proper tuning of ΔKCO2 is needed to match the desired 

system parameters. For instance, while a carrier capable of CO2 concentration from atmospheric 

sources could also be used to concentrate from flue gas, the latter system will always operate at a 

lower efficiency. This is a result of the fixed ΔKCO2 and ΔE values of the carrier, while the free 

energy requirement of the cycle changes (atmospheric versus flue gas concentration, Table 1.1). 

In order to select a suitable carrier for a desired eCCC system, the minimum required 

ΔKCO2 of the carrier must first be determined. To assess the ΔKCO2 requirement of an eCCC 

process, Dubois and coworkers utilized a system parameter called the capture efficiency 

(ηcap).
50,51 Capture efficiency (also referred to as the pumping effectiveness52) is utilized to 

estimate the proportion of CO2 capable of being captured from an inlet gas stream in a single pass. 

The efficiency is based upon the concentration of CO2 in solution (which is dependent upon the 

concentration of the incoming gas and solubility of CO2 in the utilized solvent) and KCO2 of the 

active carrier species at 1 molar concentration. Capture efficiency for fast or slow processes can 

be estimated according to equations 1.4 and 1.5, respectively.  

                         𝜂𝑐𝑎𝑝(𝑓𝑎𝑠𝑡) = [(
2𝐾𝐶𝑂2𝐾𝐻𝑃𝑖

1+(𝐾𝐶𝑂2𝐾𝐻𝑃𝑖)
) − 1]                                                      1.4 

         𝜂𝑐𝑎𝑝(𝑠𝑙𝑜𝑤) = [(
2𝐾𝐶𝑂2𝐾𝐻𝑃𝑖

1+(𝐾𝐶𝑂2𝐾𝐻𝑃𝑖)
) − 1] ∗ [

𝐿𝑛 (
𝑃𝑓

𝑃𝑖
)

𝐿𝑛 (𝐾𝐶𝑂2
2 𝐾𝐻

2 𝑃𝑖𝑃𝑓)
]                                      1.5 

Where KCO2 is the binding affinity of CO2 with the redox carrier, KH is the Henry’s law constant 

of CO2 for the solvent of choice, and Pi and Pf are the initial and final CO2 partial pressures in the 

headspace, respectively. For an example system with fast binding and a 10% CO2 stream (typical 

concentration from flue gas16,17) passing through a solution of DMF (KH = 0.175 M/atm53),  KCO2 
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must be at least 1.1 x 103 to obtain > 90% capture efficiency. Using the same equation, a KCO2 

value of at least 3 x 105 is necessary to capture from atmospheric CO2 sources with the same 

efficiency. 

Determination of KCO2 for the active and resting states of redox carriers can be determined 

utilizing numerous methods. The use of electrochemical methods, however, are unique to redox 

carriers.. Large carrier CO2 binding constants (KCO2 > 100) can be measured using the observed 

shift in E1/2 recorded in the presence and absence of a known concentration of CO2 by applying 

equation 1.6.53,54  

𝐸1/2 = 𝐸𝑜′ +
𝑅𝑇

𝑛𝐹
ln(𝐾𝐶𝑂2

) + 𝑞
𝑅𝑇

𝑛𝐹
ln [𝐶𝑂2]                                           1.6 

Where R is the gas constant, T is temperature, F is Faraday’s constant, and n is the number of 

electrons being passed in the redox event. The number of CO2 molecules that are bound during the 

chemical step is represented by the term q (typically, q = 1 or 2, and can be determined via other 

spectroscopic or voltametric techniques50,51,55). E°′ is the half-wave potential in the absence of 

CO2, while E1/2 represents the half-wave potential in the presence of a known CO2 concentration 

in solution ([CO2]). For carriers where KCO2 < 100, the assumption that KCO2[CO2] >> 1 (used to 

derive equation 1.6) is no longer valid, and equation 1.7 must be used instead, with q assumed to 

be 1.53 

𝐸1/2 = 𝐸𝑜′ +
𝑅𝑇

𝑛𝐹
ln(𝐾𝐶𝑂2

[𝐶𝑂2] + 1)                                                 1.7 

This approach can be highly beneficial, as it does not require isolation of the active state carrier, 

which can often be unstable or difficult to isolate cleanly. Furthermore, the approach can be 

utilized for carriers spanning a large range of KCO2 (KCO2 values ranging between <10 to >1015 

have been reported using this method)50,51,53,56. Values of KCO2 for redox-carriers can be also be 
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determined using more common spectroscopic or physical techniques, depending on the 

magnitude of KCO2 and solubility of the carrier. These techniques include, but are not limited to: 

NMR and electronic absorption spectroscopy, gravimetry, and gas uptake experiments.50,51,57,58  

In addition to thermodynamics of CO2–carrier interactions, the viability of a carrier to 

undergo undesirable side-reactions must also be considered. Parasitic side reactions result in 

lowered Faradaic efficiency and carrier capacity that can compound over multiple cycles. As 

mentioned previously, the two most problematic reaction pathways are protonation or reactivity 

with O2 and reduced O2 species (Scheme 1.1, right). Protonation is especially problematic, as 

carriers may undergo PCET reactions where protons and electrons are transferred together in a 

concerted manner that avoids high energy intermediates.59,60 Increased nucleophilicity is expected 

to result in greater affinity for CO2; however, nucleophilicity and basicity are directly related.61 As 

a result, carriers with higher values of KCO2 are expected to be more basic, and therefore more 

prone to protonation. In addition to protonation, very reducing redox carriers (that have reduction 

potentials negative of the O2/O2
●– couple) can be oxidized by O2, to produce superoxide (O2

●–) and 

regenerate the resting-state carrier. In addition to lowering the Faradaic efficiency of the cycle, 

superoxide species can go on to react irreversibly with the carrier, solvent, or electrolyte.62,63 

Decreased (more negative) reduction potentials of redox carriers also results in increased CO2 

affinity,50,51,53,56–58 causing more potent CO2 carriers to also be more sensitive to O2.  

To summarize, the stronger a carrier can bind CO2, the more readily it can be either 

protonated or oxidized by O2. This direct correlation between desired and undesired reactivities is 

a major roadblock in the production of redox carrier-based eCCC systems. Depending upon the 

CO2 source, preclusion of O2 and sources of protonation can be extremely difficult. For instance, 

atmospheric or combustion-based CO2 resources contain significant quantities of both O2 and 
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water vapor, which in the case of atmospheric capture, can be present in concentrations orders of 

magnitude larger than that of CO2. While pre-treatment of inlet gas streams is possible, their 

implementation typically results in increased costs and decreased energetic efficiencies. As a 

result, there is a tremendous impetus to develop redox carriers that are capable of adequate CO2 

binding at mild potentials which can permit eCCC processes in the presence of O2 and water.    

1.4 Quinones 

1.4.1 Introduction to Quinone Redox Activity and CO2 Binding 

In addition to acting as reversible PCET pH-mediators,45,46,60 1, 2- and 1, 4-substituted 

quinones can also  directly bind CO2 in their radical anion (QRA) and/or dianion (QDA) forms under 

aprotic conditions (Scheme 1.2).50,51,56,64–68  

Dubois and coworkers investigated several classes of redox carriers, of which  quinones 

demonstrated the best properties.50  A wide variety of quinone candidates were screened in 

acetonitrile (MeCN) and dimethylformamide (DMF). Of the large number of quinones 

investigated, only five demonstrated  reversible CO2 binding and release with large values of 

ΔKCO2 (2, 6-di-tert-butyl- 1, 4-benzoquinone (DTBBQ), 9, 10-phenanthrenequinone (PAQ), 

tetrachloro- 1, 4-benzoquinone (TCQ), 2, 3-dicyano- 1, 4-benzoquinone, and 2, 3-dicyano- 5, 6-

dichloro- 1,4-benzoquinone (DDQ) Table 1.2). Reduction potentials and values of KCO2(RA) and 

KCO2(DA) were reported for each of the five quinones, however little mechanistic information was 

determined beyond the number of CO2 molecules bound per quinone dianion.  
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Table 1.2. Quinone reduction potentials and CO2 binding constants. 

Quinone Solvent E1/2(N2) 

(QRA/QDA)† 

E1/2(CO2) 

(QRA/QDA)† 

ΔE1/2
a Log(KCO2(DA)) Ref. 

TCQ DMF –0.72 N/A N/A 3.8 51 

dtBBQ DMF –1.46 N/A N/A 15.0 51 

PAQ DMF –1.19 N/A N/A 11.8 51 

2, 3-dicyano-1, 4-

benzoquinone* 

DMF –0.47 N/A N/A 3.8 51 

Tetrafluro-1, 4-

benzoquinone 

DMF –0.80 –0.50 0.30 4.3 66 

BQ* DMSO –1.05 0.00 1.05 16.9b 67 

AQ DMSO –1.40 –0.65 0.75 11.8 b 67 

DQ DMSO –1.55 –0.33 1.22 19.9 b 67 

NQ DMSO –1.25 –0.40 0.85 13.5 b 67 

DMBQ DMSO –1.40 –0.23 1.17 19.0 b 67 

2, 6- dichloro- 1, 4-

benzoquinone 

MeCN –0.94 –1.00 0.34 6.0 56 

2- chloro- 1, 4-

benzoquinone 

MeCN –1.07 –0.58 0.49 10.0 56 

Tetrafluro-1, 4-

benzoquinone 

MeCN –0.80 –0.62 0.18 3.8 56 

TCQ MeCN –0.74 –0.63 0.11 2.5 56 

5-hydroxy- NQ** MeCN –0.94 –0.71 0.23 3.3 56 

1, 8- dihydroxy- AQ** MeCN –1.20 –0.94 0.26 5.4 56 

1, 2- dihydroxy- AQ** MeCN –1.29 –1.08 0.21 4.6 56 

5, 8- dihydroxy- NQ** MeCN –0.98 –0.91 0.07 2.1 56 
†Potentials are reported as V vs. SCE. Potentials recorded in MeCN were converted to SCE using Ref. 69.   
*Undergoes Kolbe-Schmidt reaction with CO2 as a decomposition pathway.                                                           
**Features intramolecular hydrogen-bonding interactions.                                                                                   
apotentials reported in units of volts.                                                                                                               
bCalculated using equation 6 from reported reduction potentials under N2 and CO2 atmosphere. 
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Scheme 1.2. Mechanism of Quinone Reduction and Binding to CO2. 

 

1.4.2 Mechanism of CO2 Binding/Release 

CO2 is believed to react with a quinone (Q) at one or more anionic oxygen atoms via an 

ECEC or EEC mechanism, dependent upon the number of CO2 molecules bound to the reduced 

species (Scheme 1.2, or the more simplified scheme 1.3).56,65,68 The disparity in mechanism likely 

arises from the thermodynamic favorability of CO2 binding to a quinone radical anion species 

(QRA, schemes 1.2 and 1.3). Quinone dianions (QDA) that bind two molecules of CO2 will also 

bind CO2 binding in the radical anion state (KCO2(RA) > 0). If CO2 binds upon formation of QRA 

prior to further reduction to QDA, then an ECEC mechanism would predominate. If CO2 is unable 

to be bound to QRA (KCO2(RA) = 0) however, then an EEC mechanism would occur. A complication 

to this assessment, however, is if disproportionation of two QRA molecules transpires to create Q 

and QDA, which then reacts with CO2.
51,64,70 Disproportionation would result in inflated values for 

KCO2(RA) and may falsely suggest an ECEC mechanism if not properly considered.   
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Scheme 1.3. Mechanism of Quinone Reduction and Disproportionation Reactions with 

Subsequent Binding to CO2 

 

 

Shortly after the initial study by Dubois and coworkers, several other groups began 

investigating quinone-CO2 binding interactions. In 1989, Mizen and Wrighton reported the first 

mechanistic study of CO2 binding to quinone dianions.68 While some of the study re-iterated the 

reversible binding of CO2 by 9, 10-phenanthrenequinone (PAQ) previously observed by Dubois 

and coworkers the year before, the mechanism and kinetics of CO2 binding were also investigated 

utilizing both chemical and electrochemical approaches. Chemical reduction of PAQ by one or 

two electrons (to form PAQ●– or PAQ2–, respectively) with cobaltocene or sodium metal, followed 

by addition of CO2 resulted in the formation of a new species. This species featured a 13C NMR 

peak between 156-158 ppm in CD3CN or DMSO-d6, suggesting formation of an alkyl carbonate. 

Infrared spectroscopy further confirmed this assessment, exhibiting carbonyl stretches at 1646 and 

1686 cm-1 when cobaltocene was used as the reductant. Spectroelectrochemical infrared (SEC-IR) 

spectroscopy shows formation of a single carbonyl stretch at 1646 cm-1 upon reduction of PAQ to 

PAQ2–. It was believed that the stretch observed at 1686 cm-1 was due to interactions with 

cobaltocenium cation, which is more likely to interact and stabilize the CO2 adduct than the 
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tetrabutylammonium cations present in SEC-IR studies. When the same experiments were 

repeated in the absence of CO2, the 13C NMR and IR signals were not observed, which indicated 

CO2 binding occurs at one or both anionic oxygen atoms upon reduction of PAQ to PAQ2–. 

Although Dubois and coworkers were able to obtain a CO2 binding constant (KCO2(RA)) with PAQ●–

, Mizen and Wrighton observed slow reaction via electronic absorption spectroscopy, and were 

unable to obtain any spectroscopic data for the tentative CO2 adduct with PAQ●–. Although they 

were not able to obtain spectroscopic data for a PAQ●– CO2 adduct, no disproportionation was 

observed. With this information, along with the experimentally determined 2:1 ratio of CO2: 

PAQ2–, Mizen and Wrighton proposed an ECEC mechanism for the reaction whereby two 

molecules of CO2 are bound through the two oxygen atoms of PAQ2–. 

A couple years later, Ogura and coworkers reported a mechanistic study with several other 

quinones and CO2 in MeCN.56 This study expanded upon the work of Mizen and Wrighton by 

broadening the scope to include 11 different quinones of varying electron density. Like PAQ, the 

more electron dense quinones were determined to  bind two molecules of CO2 via an ECEC 

mechanism. The less electron dense quinones, however, did not bind CO2 in the radical anionic 

state and thus undergo an EEC mechanism to bind one molecule of CO2 upon reduction to the 

dianion. Interestingly, the authors observed that there appeared to be a “threshold potential” for 

the first reduction (to form the radical anion) where the quinones switched between EEC and 

ECEC mechanisms. At potentials positive of this threshold, the reductive peak current under N2 

was equal to the peak current under CO2 atmosphere (Ip(CO2)/ Ip(N2) = 1), suggesting that CO2 

binding to the radical anion does not occur on the electrochemical timescale. At potentials beyond 

the threshold however, the peak current under CO2 was doubled (Ip(CO2)/ Ip(N2) = 2), indicating that 

binding occurs upon reduction, leading to a second reduction to form the dianion. This observation 
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was confirmed by overall reaction stoichiometry for each quinone with CO2, which was elucidated 

from the slope of the resultant plot of reduction potential versus solution CO2 concentration under 

various CO2 partial pressures.  

The proposed ECEC mechanism for 1, 4-anthraquinone (AQ), 1, 4-napthoquinone (NQ), 

duroquinone (DQ), and 2, 6-dimethylbenzoquinone (DMQ) in MeCN goes against the mechanism 

previously reported in dimethylsulfoxide by Simpson and Durand.67 Simpson and Durand propose 

an ECE mechanism for each of the quinones based on cyclic voltammetry; however the authors 

did not determine how many CO2 molecules are bound to the reduced quinone species. Due to the 

difficulty of differentiating ECE and ECEC mechanisms by cyclic voltammetry without 

knowledge of either reaction stoichiometry or products formed,71 it is likely that the mechanism 

was incorrectly assigned and is in fact ECEC for these quinones.       

Napthoquinones have recently been determined to undergo ECEC or EEC mechanisms in 

ionic liquid solvents, similar to what had been previously observed in aprotic organic solvents.65 

Jin and coworkers utilized a spectroelectrochemical approach to elucidate the mechanism and 

binding site for CO2 capture with NQ, 2-chloro- 1, 4-napthoquinone (CNQ), and 2, 3-dichloro- 1, 

4-napthoquinone (DCNQ). Upon two electron reduction of NQ to the dianion (NQ2–) under CO2, 

a carbonyl stretch is observed at 1634 cm-1 via spectroelectrochemical infrared spectroscopy (SEC-

IR). The observed IR band is consistent with a carbonate species and is not observed when the 

experiment is repeated under N2 atmosphere. This result suggests that CO2 binds to NQ2- through 

the anionic oxygen atoms, similar to what was previously observed with PAQ2- in MeCN.68 The 

authors were able to conclude that reaction of CO2 with NQ follows an ECEC mechanism using 

cyclic voltabsorptometry (CVA) and derivative cyclic voltabsorptometry (DCVA). Based on the 

IR spectrum during CVA and DCVA experiments, CO2 is believed to bind to the radical anion 
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(NQ●–) prior to being reduced to the dianion, where it can then bind a second molecule of CO2. 

The overall reaction stoichiometry of NQ with CO2 was further confirmed using a similar method 

utilized by Ogura and coworkers.56 When the solution is oxidized, the carbonate stretch at 1634 

cm-1 disappears, with growth of a peak at 1671 cm-1 corresponding to NQ. This behavior was 

observed across multiple consecutive scans, indicating that binding and release is reversible. When 

these experiments were repeated for CNQ and DCNQ, similar results were observed; however, 

both quinones were found to only bind one molecule of CO2 through an EEC mechanism.  

1.4.3 Kinetics and Thermodynamics of CO2 Binding 

Quinones display a wide range of affinity for CO2 in their reduced forms (QRA or QDA). 

Reported CO2 binding constants with quinone dianions (KCO2(DA)) have been shown to vary 

between < 10 to > 1018 (Table 1.2).50,51,56 As previously discussed, numerous quinones have been 

observed to bind CO2 in their radical anion state (QRA); however to date, only two values for 

KCO2(RA) have been reported (PAQ and dtBBQ).50,51 The binding constants for both radical anions 

(KCO2(RA)) were several orders of magnitude smaller than the corresponding values for the dianions 

(KCO2(DA)). Although no other values of KCO2(RA) have been quantitatively determined, cyclic 

voltammetry suggests that KCO2(RA) is always much smaller than KCO2(DA).
50,51,56,65–67 The disparity 

between CO2 binding of each species is likely due to increased nucleophilicity of the oxygen atoms 

in the dianion.   
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In their seminal study, Dubois and coworkers observed a linear relationship between the 

second reduction potential (E1/2(QRA/QDA)) and log(KCO2(DA)) (Scheme 1.2) of quinones 

investigated in DMF.50 A similar relationship has been observed in a series of macrocyclic cobalt 

complexes (however with lower values of both log(KCO2) and E1/2).
53,57 Although it is not quite 

linear, a correlation is observed when measured values of quinones in MeCN and DMSO are 

included (Figure 1.1, left). Ogura and coworkers note that quinones featuring intramolecular 

hydrogen-bonding interactions display significantly lower CO2 binding interactions.56 

Additionally, several quinones have been observed to decompose via Kolbe-Schmitt72,73 reactions 

if C-H bonds are present α to the quinone carbonyl groups.51,64,67 It is likely that the side reactivity 

of these quinones results in inaccurate values of KCO2(DA). If the quinones featuring hydrogen-

bonding interactions or Kolbe-Schmidt decomposition are removed from the plot (Figure 1.1, left), 

a very strong linear trend is observed (Figure 1.1, right). This strong linear trend indicates that 

 

Figure 1.1: Plots showing trend between log(KCO2(DA)) and E1/2(QRA/QDA) (shown as E1/2(-1/-

2)) for various quinones reported in DMSO (green triangles), DMF (red squares), or MeCN 

(blue diamonds). Left figure includes quinones that feature intramolecular hydrogen-bonding 

interactions (circled in black) as well as quinones observed to undergo Kolbe-Schmitt 

decomposition pathways in the presence of CO2 (circled in orange). Figure on the right shows 

that a strong linear correlation exists when the circled quinones with secondary effects or 

decomposition are removed. 

H-bonding 

Kolbe-

Schmitt 
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solvent has little effect on CO2 binding to quinone dianion species, however this has only been 

observed in polar aprotic solvents, as studies in protic or non-polar solvents have not been reported. 

From the very limited kinetic data reported for quinone CO2 reactivity, protonation of the 

reduced quinone species is kinetically favored over CO2 binding.51,64,67 Protonation of 

anthraquinone has been observed to be twice as fast as CO2 binding in DMSO.67 Careful matching 

of solvent and quinone pKa, and preclusion of acidic proton sources, are necessary to prevent 

kinetic inhibition of eCCC due to protonation.   

1.4.4 Examples of eCCC in the Literature 

 To date, there have only been three reported examples of quinone-based redox carrier 

systems for eCCC applications. Scovazzo et. al. were the first to report a successful eCCC system, 

which utilized solutions of dtBBQ in propylene carbonate or 1-butyl-3-methylimidazolium 

hexaflurophosphate ionic liquid ([bmim][PF6]).
52 The authors not only showed that CO2 capture 

from very dilute (< 1%) inlet streams was possible, but that the overall CO2 concentration could 

be increased to 100% upon oxidation in a single pass. Using 30 mL of highly concentrated 

propylene carbonate solution (0.30 M dtBBQ and 0.75 M tetrabutylammonium tetrafluroborate 

electrolyte), 120 mL of pure CO2 was captured and then released from an incoming 0.5% inlet 

stream. Successful capture, release, and concentration were also observed with [bmim][PF6] 

solutions, however the low solubility of dtBBQ compared to CO2 in [bmim][PF6] (0.05 M versus 

0.08 M, respectively) resulted in a less impressive concentration swing, which ranged between 7% 

to 33% initial and final concentrations.  

In this demonstration, 0.427 moles of CO2 were captured per mole of electrons passed, 

resulting in a faradaic efficiency of ~43% of a potential maximum Faradaic efficiency of 50%. (It 



22 
 

requires two electron processes for binding and release but only binds one molecule of CO2. The 

radical anion of dtBBQ readily disproportionates in the presence of CO2 to reform the dianion 

(disproportionation reaction, scheme 1.3) to bind with CO2. As a result, the CO2 adduct of dtBBQ2– 

must be oxidized by two electrons to completely release the single bound CO2.
51 A quinone that 

only requires one electron per CO2 would circumvent this issue and have a 100% theoretical 

Faradaic efficiency under the same conditions. Assessment of the thermodynamic efficiency of the 

system is difficult, as no cell potential between the capture and release steps (ΔE, equations 1.2 or 

1.3) was reported. Dubois and coworkers had previously reported that a ΔE of 800 mV is required 

to reduce dtBBQ under N2 and then oxidize the resulting CO2 adduct for release in DMF.50 Using 

DMF as an example, the minimum theoretical energetic requirement to operate an eCCC system 

using dtBBQ is estimated to be ~155 kJ/mole CO2, resulting in a maximum ~ 8% theoretical 

efficiency (assuming the theoretical requirement for a 0.5–100% swing is 13.1 kJ/mol using 

equation 1.1). 

Fifteen years later, Hatton and coworkers utilized polymeric quinone-based electrodes for 

eCCC processes in ionic liquids.74 The approach, coined “electro-swing reactive adsorption”, 

utilizes a carbon fiber cathode coated in a suspension of carbon nanotubes (CNT) and a polymeric 

anthraquinone (P-AQ) which adsorbs CO2 directly to the electrode surface upon reduction (Figure 

1.2). To complete the cell, a carbon fiber anode coated in CNT and polyvinyl ferrocene was utilized 

with the ionic liquid 1-butyl-3-methylimidazolium bis(trifluorosulfonyl)imide ([bmim][Tf2N]), 

which serves as both solvent and electrolyte. The Faradaic efficiency of the system was calculated 

to be 90% based on cycling experiments performed in a sealed container under 100% CO2 

atmosphere. In the experiment, the cell potential was biased between 1.3 and 0.5 V while the 

headspace pressure was monitored to track CO2 uptake and release by the P-AQ electrode. In 
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addition to sealed cell measurements, an open cell setup was utilized where a dilute CO2 stream 

was passed through an adsorption bed composed of multiple cells. Using this open cell setup, the 

P-AQ electrodes can quantitatively capture from 10% CO2 inlet streams, while over 80% capture 

was observed with inlet stream concentrations a low as 0.6%. Additionally, the system was quite 

robust, showing ~30% degradation after 7000 capture/release cycles. 

Based on the Faradaic efficiency and the ΔE (800 mV) between the uptake and release 

steps of the cycle under 100% CO2, the system is estimated to require ~86 kJ/mol CO2. Although 

the operating cell potential of this system is the same as proposed for systems featuring dtBBQ, 

the P-AQ electrodes require half of the energy input. The lowered energetic requirement is a result 

of the increased molar ratio of CO2 captured/ released per electron; dtBBQ requires two electrons 

per CO2, while P-AQ only requires one. At a cell potential (ΔE) of 800 mV, it is believed that all 

the accessible quinone species on the electrode are capable of binding and releasing two 

equivalents of CO2. The authors hypothesize that after several cycles, ΔE can be dropped to 500 

mV where ~60% of the quinone species are utilized. Although it was never evaluated 

 

Figure 1.2: Representation of electro-swing adsorption system reported by Voskian et. al. in 

reference 74, published by the Royal Society of Chemistry. 
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experimentally, dropping ΔE to 500 mV is estimated to lower the energetic requirement to ~43 

kJ/mol CO2. Capture efficiencies (ηcap) greater than 80% were only experimentally observed at 

CO2 inlet concentrations ≥ 10%. Using the 800 mV ΔE utilized for capture from 10% CO2 inlet 

concentration with 90% Faradaic efficiency, the experimental energetic efficiency of the system 

is estimated to be at least 7% (10% to 100% swing requires 5.7 kJ/mol CO2, Table 1.1).   

 More recently, Hatton and coworkers have utilized P-AQ electrodes in “water-in-salt” 

electrolyte mixtures in place of ionic liquids.75 Increasing concentrations of lithium 

bis(trifluoromethanesulfonyl)imide (LiTFSI) under CO2 resulted in increased separation between 

the reduction and oxidation peaks (ΔE), which was attributed to stabilization of P-AQ CO2 adducts 

by LiTFSI, as confirmed by DFT. At 20m LiTFSI under CO2, a peak-to-peak separation (ΔE) of 

1200 mV was observed, which is ~400 mV larger than the ΔE previously observed using 

[bmim][PF6] solvent.74 Using a custom “zero-gap” flow cell, CO2 binding and release cycles were 

performed quickly at currents up to 2 A g-1. The system also displayed the same excellent stability 

that was previously observed in [bmim][PF6]. Over 95% Faradaic efficiency was averaged over 

75 cycles in 20m LiTFSI under 15: 85 CO2: N2. 

 Although a larger ΔE between uptake and release cycles is observed with P-AQ in 20m 

LiTFSI versus what was previously observed in [bmim][PF6] (1200 mV vs. 800 mV respectively), 

the authors report a significantly lower energetic requirement for the system in 20m LiTFSI (~56 

kJ/ mol CO2 captured vs. ~86 kJ/ mol reported in [bmim][PF6]). It is possible that aspects of the 

new cell design contribute to the lowered energy requirement, however the authors do not provide 

explanations for the significant increase in efficiency compared to their previously reported 

system. Nevertheless, based on the reported energy requirement for capture from an initial CO2 
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concentration of 15%, an estimated overall efficiency of ~8% is calculated (15-100% swing 

requires 4.7 kJ/ mol, Table 1.1).  

1.5 Outlook and Future Prospects 

Each of the reported systems provide evidence that eCCC systems utilizing redox carriers 

can adequately capture and release CO2 from dilute sources. Even though the field is still in its 

infancy, with only three reported systems thus far, each has shown thermodynamic efficiencies 

rivaling current state-of-the-art amine-based capture systems.17–19 Although their efficiencies are 

competitive with other utilized methods, there is still plenty of room for improvement. First, the 

dtBBQ system reported by Scovazzo et. al. is the only redox carrier-based eCCC system to show 

significant concentration of CO2 in addition to capture and release. Second, each of the three 

systems discussed require binding potentials negative of O2 reduction in each solvent, which 

precludes their utilization in most industrial processes. Although Hatton and coworkers indicate 

that CO2-bound P-AQ is somewhat O2 tolerant in LiTFSI electrolyte, the active state of P-AQ is 

not. Lastly, each of the systems perform at < 10% of the theoretical efficiency. While this is 

competitive with current amine-capture technologies, significant increases in efficiency are 

necessary to facilitate wide-spread implementation into the current energy infrastructure.   

Interestingly, each of the quinone-based eCCC systems operate at roughly the same 

energetic efficiency, despite having varying thermodynamics requirements for operation. This is 

due to different energetic requirements intrinsic to the desired concentration swings of each 

system. Although dtBBQ had the largest energetic requirement of the three (~155 kJ/ mol 

estimated), it had about the same efficiency as the P-AQ system in 20m LiTFSI (~56 kJ/mol) due 

to the ~30 fold difference in starting CO2 concentrations (0.5% vs. 15%). This highlights the 



26 
 

importance of “choosing the right tool for the job”, that is, selecting a CO2 carrier that is 

thermodynamically matched to the desired concentration swing. Both quinones (dtBBQ and P-

AQ) used in these systems have KCO2(DA) values (Table 1.2, P-AQ is almost structurally identical 

to AQ, and expected to have similar CO2 binding characteristics) that far exceed the estimated 

requirement for their intended concentration swing, even surpassing the requirement for 

atmospheric CO2 capture by several orders of magnitude (KCO2 ~ 3 x 105 for ~90% capture 

efficiency in DMF, discussed earlier in section 1.3.2). As a result, the enormous excess driving 

force of these systems is wasted when capturing from the 0.5 to 15% initial concentrations used, 

which is a major contributor to their low efficiencies. If the carrier thermodynamics can be properly 

paired to the desired concentration swing, significantly higher efficiencies can be achieved. 
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2.1 Introduction 

 Electrochemical carbon capture and concentration (eCCC) is a growing area of research 

within the field of carbon capture, and provides unique advantages over thermal-swing based CCC 

methods.1–3 The most appealing of these advantages is the independence from Carnot limitations, 

allowing theoretical efficiencies up to 100%. Among the multiple approaches to eCCC,3–5 the 

utilization of redox-active carrier species is among the most popular. Several classes of redox-

active carriers have been investigated for eCCC applications including: bipyridines,6–8 thiols,9 and 

quinones.10–17 While quinones have shown to be potent eCCC carriers in the absence of O2, with 

examples of systems capable of concentrating <1% CO2 streams into >90% in more than one 

example,18,19 all reported systems are incapable of operating under aerobic conditions. Due to the 

large concentrations of molecular oxygen present in flue gas and atmospheric CO2 resources, the 

quinone must be capable of capture at potentials positive of the O2/O2
●– couple to avoid 

unproductive carrier oxidation and the generation of superoxide, which  can undergo destructive 

radical reactions with the carrier, solvent, or electrolyte.20,21 In addition to redox potential, the CO2 

binding constant (KCO2) must also be properly tuned for the desired application. In order to attain 

>90% capture efficiency10,11,18 from flue gas, log(KCO2) must be greater than ~3.2 using polar 

aprotic solvents. A plot of log(KCO2) versus E1/2 for a variety of quinones in polar aprotic solvents 

can be seen in Figure 2.1, which also includes lines indicating the O2/O2
●– couple (dotted black 

line), as well as the minimum value of log(KCO2) needed for flue gas or atmospheric capture (dotted 

green and blue lines, respectively). The shaded green and blue regions indicate the working 

regimes required for eCCC from flue gas or atmospheric resources respectively. As observed in 

the figure, the carrier properties display a linear free energy relationship (LFER) between the 

binding constant (log(KCO2)) and required reduction potential (E1/2), which lies outside of the 
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required working regimes for both flue gas and atmospheric capture applications. Due to the lack 

of carriers that operate within the necessary regimes, the observed LFER must be broken to allow 

eCCC from flue gas or atmospheric resources.  

 The nature of CO2 binding to reduced quinone species permits a unique approach to 

stabilize both the active-state and CO2-bound carrier species at milder potentials without 

sacrificing binding affinity. Figure 2.2 shows a generic reaction coordinate diagram for quinone 

reduction and binding to one molecule of carbon dioxide based on the EEC mechanism for TCQ 

proposed by both Dubois and Ogura, and confirmed by our studies.11,12 A unique feature of 

quinone CO2 reactivity is that both the reduced quinone (species A), and its CO2 adduct (species 

B) are anionic. Quinones have been reported to exhibit significant cationic shifts in E1/2 in the 

presence of Lewis-acidic species such as hydrogen-bond donors22–28 or group I/II metal cations29–

 

Figure 2.1. Plot of Log(KCO2) versus E1/2 for reported quinone dianion species in polar 

aprotic solvents (DMF, MeCN, and DMSO). The vertical black dotted line indicates the 

average O2/O2
●– couple in the reported solvents. Dotted horizontal lines represent the 

minimum requirement of Log(KCO2) from flue gas (green) or atmospheric (blue) resources. 

Shaded regions display the working regimes necessary for flue gas (green) or atmospheric 

(blue) eCCC applications. Data for each quinone can be seen in Table 1.2.  
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32 through stabilization of the quinone dianion (ΔE1/2 for species A, Figure 2.2). While the effects 

of Lewis acids on KCO2 have not been reported, we hypothesize that the CO2 adduct would be 

similarly stabilized (blue species B), due to the anionic charge maintained before and after binding 

CO2. If species A and B are stabilized to the same degree, there should be little to no effect on 

KCO2, as it is directly dictated by the energy difference between the two species, but the reduction 

potential should be anodically shifted. As a result, proper tuning of Lewis acid–quinone 

interactions would promote potent eCCC redox carriers that operate at milder potentials, 

effectively breaking the observed LFER to allow operation under aerobic conditions. With this 

information in hand, we set out to expand upon these studies to learn more about the hydrogen-

bonding interactions with reduced TCQ and how these interactions can be tuned to stabilize TCQ 

in both CO2-bound and -unbound forms. 

Herein we report the first example of eCCC from simulated aerobic flue gas streams using 

a 2,3,5,6-tetrachloro-p-benzoquinone (TCQ) carrier in a DMF/ ethanol mixed solvent system. The 

 

Figure 2.2. General reaction coordinate diagram of the two-electron reduction of a quinone 

followed by subsequent binding to CO2 in the absence (black) or presence (blue) of a 

hydrogen-bonding donor. 
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presence of ethanol  breaks the previously observed LFER by stabilizing  both reduced and CO2-

bound states of TCQ via intermolecular hydrogen-bonding interactions. The hydrogen-bonding 

interactions allow high values of KCO2 while operating at potentials over 350 mV positive 

compared to the same system without hydrogen-bonding. Spectroscopic and voltametric studies 

were used to elucidate the CO2 binding mechanism of TCQ in the presence and absence of alcohol 

additives. The introduction of hydrogen-bonding interactions does not affect the binding 

mechanism. Proper tuning of quinone-alcohol interactions was achieved through thermodynamic 

evaluation of the effect of alcohol pKa on the strength of hydrogen-bonding with reduced and CO2-

bound forms of TCQ. CO2 capture and concentration from 10–100% using TCQ in the presence 

of 2M ethanol is estimated to require as little as 21 kJ/mol. Not only is this the first example of an 

O2 tolerant eCCC system capable of flue gas capture, it operates at almost double the efficiency of 

state-of-the-art amine capture systems,33–35 and almost 3 times the efficiency of other reported 

redox carrier-based systems.18,19,36  

2.2 Results and Discussion 

2.2.1 Hydrogen-bonding effects on TCQ Reduction Under N2 Atmosphere 

 In the absence of hydrogen-bonding interaction under an N2 atmosphere, TCQ  undergoes 

two reversible, one-electron reductions in polar aprotic solvents (dimethylformamide (DMF), 

acetonitrile (CH3CN), and benzonitrile (PhCN)).10–12,26 In addition to what has been previously 

reported, we also observe two reversible redox events in dimethyl sulfoxide (DMSO). Similar to 

the studies reported by Linschitz and Gupta,26 the addition of weakly acidic alcohols (pKa(H2O) ≥ 

12.5) to solutions of TCQ in DMF or DMSO under an N2 atmosphere shifts the second reduction 

event (E(TCQ–1/TCQ–2)1/2) to more positive potentials, while the first reduction event (TCQ/TCQ–
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1) remains unaffected. A total of eight (2, 2, 2-trifluoroethanol, 2, 2, 2-tribromoethanol, ethylene 

glycol, 2-methoxyethanol, ethanol, hexanol, 2-propanol, and tert-butanol) alcohol additives were 

investigated. Addition of all eight alcohols resulted in  anodic shifts in potential, with some in 

excess of 350 mV. The magnitude of the anodic shift is  dependent upon the concentration and pKa 

of alcohol utilized, with higher concentration and lower pKa resulting in a larger shift (Figure 2.3).  

Both reduction events remain reversible in the presence of hydrogen-bond donors at all 

scan rates measured (ν = 10-1000 mV/sec, Figure 2.4), which indicates that either protonation of 

the quinone dianion (TCQ2–) does not occur, or protonation is very fast and reversible on the 

electrochemical timescale. TCQ2– appears to be stable towards decomposition well beyond the 

electrochemical time scale. Cyclic voltammograms (CVs) of chemically isolated 

tetrabutylammonium salt of TCQ2– ([TBA]2[TCQ2–]) in DMF containing 2M ethanol are nearly 

 

Figure 2.3. (Left) cyclic voltammograms of TCQ with increasing concentrations of TFE (0-300 

mM). (Right) normalized cyclic voltammograms of TCQ containing 100mM concentrations of 

various alcohol additives; decreasing alcohol pKa is observed to result in larger anodic shifts to the 

second redox event. All voltammograms were recorded using DMF solutions containing 0.2 M 

TBAPF6 electrolyte and 2.0 mM TCQ analyte concentrations under N2 atmosphere. The reversible 

couple centered at 0.0 V corresponds to [Fe(C5H5)2]
+/0. 

Increasing pKa Increasing [TFE] 
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identical to those of TCQ in the same solvent mixture, indicating that no decomposition occurs 

even after sitting in solution for several hours (Figure 2.5). 

 

Figure 2.5. Normalized cyclic voltammograms of TCQ (solid traces) or [TBA]2[TCQ2–] 

(dotted traces) with (blue) or without (black) 2M ethanol in DMF. Each voltammogram was 

recorded using 0.2 M TBAPF6 electrolyte and 2.0 mM analyte concentrations under N2 

atmosphere. [TBA]2[TCQ2–] solutions were recorded scanning anodically from OCP, while 

TCQ solutions were recorded scanning cathodically from OCP. 

 

 

Figure 2.4. Cyclic voltammograms of TCQ in the presence (right) or absence (left) of 2M EtOH 

at various scan rates ranging between 10 (black) to 1000 (blue) mV/ sec. All voltammograms were 

recorded using DMF solutions containing 0.2 M TBAPF6 electrolyte and 2.0 mM TCQ analyte 

concentrations under N2 atmosphere. The reversible couple centered at 0.0 V corresponds to 

[Fe(C5H5)2]
+/0. 
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 Hydrogen-bonding interactions with reduced TCQ species were further investigated using 

UV-visible spectroscopy and spectroelectrochemistry. UV-vis spectroelectrochemistry (UV-vis 

SEC) of TCQ in the absence of hydrogen-bond donors in DMF indicates that the absorbance 

spectra of the quinone (TCQ), radical anion (TCQ●–), and dianion (TCQ2–) are easily differentiated 

from one another and from 2,3,5,6-tetrachloro-1,4-hydroquinone (TCQH2), which is the 

protonation product of TCQ2– (Solid lines, Figure 2.6). When UV-Vis SEC is repeated with TCQ 

solutions containing 2M ethanol, the absorbance spectra of TCQ and TCQ●– are identical, while 

the absorbance of TCQ2– is blue shifted (solid versus dotted traces, Figure 2.6). These results 

indicate that the hydrogen-bond donor (ethanol) has no significant interaction with TCQ or TCQ●–

, but significantly interacts with TCQ2– to stabilize the species. This trend was consistent with all 

of the alcohols investigated. Additionally, the absorption spectra of TCQ2– in the presence of 

 

Figure 2.6. Normalized electronic absorption spectra of TCQ during UV-vis SEC experiments. 

UV-vis SEC experiments were performed in pure DMF (solid traces) or 2M EtOH in DMF 

(dotted traces) solutions containing 0.2 M TBAPF6 electrolyte and 0.7 mM TCQ under N2 

atmosphere. The presence of ethanol does not appear to have any effect on the absorption spectra 

of TCQ (black) or TCQ●– (red), but results in a significant blue shift in the absorption of TCQ2– 

(blue). Additionally, no protonation (to form the hydroquinone TCQH2, green trace) is 

observed. 
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ethanol, ethylene glycol, or tert-butanol under N2 do not feature absorptions corresponding to 

TCQH2, signifying TCQ2– is not being protonated (Figure 2.7). 

Similar to the CV data, when UV-vis SEC was performed with each of the alcohols, a trend 

was observed between alcohol pKa and λmax; lower pKa alcohols resulted in larger shifts in the 

absorbance corresponding to TCQ2– (Figure 2.7). Chemically isolated [TBA]2[TCQ2–] features 

absorbances that are similar to UV-Vis SEC spectra of the dianion with or without ethanol present, 

indicating stability in accordance with the CV experiments previously discussed (Figure 2.8). 

From the spectroscopic, electrochemical, and electrochemical data collected, the introduction of 

hydrogen-bonding interactions between alcohols and TCQ is observed to provide sufficient 

stabilization of TCQ2– such that it can be generated at potentials positive of O2 reduction in DMF 

without resulting in protonation or decomposition. 

 

 

Figure 2.7. Normalized electronic absorption spectra of TCQ2– obtained during UV-vis SEC 

experiments. Experiments were performed in DMF containing no alcohol (black trace), 1M 

ethylene glycol (orange trace), 2M ethanol (blue trace), or 2M tert-butanol (red trace) with 0.2 

M TBAPF6 electrolyte and 0.7 mM TCQ under N2 atmosphere. For each solution, no protonation 

(to form the corresponding hydroquinone TCQH2, green trace) is observed. 

 



46 
 

2.2.2 Hydrogen-bonding Effects on TCQ Reduction Under CO2 Atmosphere 

 As TCQ2–  can reversibly bind CO2,
10–12 accessing it at milder potentials through hydrogen-

bonding is a very exciting avenue to eCCC carriers that can operate under aerobic conditions. 

Cyclic voltammograms of TCQ under CO2 atmosphere feature two reduction events, the first 

reversible, and the second irreversible (top, Figure 2.9). While the first redox event is identical 

under an N2 and CO2 atmosphere, the potential of the second event(E(TCQ–1/TCQ–2)1/2) is shifted 

positive and the peak-to-peak separation is significantly increased (ΔE = 290 vs. 70 mV in the 

presence and absence of CO2, respectively). The anodic shift in E1/2 and increase in ΔE of the 

second redox event both indicate reversible binding with CO2.
37,38  

 

Figure 2.8. Normalized electronic absorption spectra of TCQ2– species generated chemically 

(isolated as [TBA][TCQ2–], dotted traces) or electrochemically during UV-vis SEC experiments 

with TCQ (solid traces). The spectra were recorded in pure DMF (black) or 2M EtOH in DMF 

(blue) solutions under N2 atmosphere. No protonation to form TCQH2 (green) is observed. 
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Similar reversible binding with CO2 is observed in the presence of hydrogen-bond donors. 

When CO2 is bubbled through an alcohol containing solution of TCQ, E(TCQ–1/TCQ–2)1/2 is 

shifted positive, and the peak-to-peak separation is increased compared to the same solution under 

N2 atmosphere (bottom, Figure 2.9). With each of the alcohols tested, the results again indicate 

that the magnitude of the shift corresponds with the concentration and pKa of the alcohol utilized 

(Figure 2.10). However the effect of pKa is not nearly as pronounced as was observed under N2. 

These result suggest that the CO2 adduct of TCQ2– ([TCQ(CO2)]
2–) is stabilized through hydrogen-

bonding interactions in a similar manner as was previously observed with TCQ2– under N2. 

Additionally, [TCQ(CO2)]
2– displays stability beyond the CV timescale, as chemically generated 

[TBA]2[TCQ2–] in the presence of alcohols under CO2 atmosphere feature CVs that are almost 

identical to solutions of TCQ under the same conditions, regardless of the order of addition of 

alcohol and CO2 to the solution, even after sitting in solution for several hours (Figure 2.11).  

 

Figure 2.9. Cyclic voltammograms of TCQ under N2 (black) or CO2 (blue) atmosphere in 

pure DMF (top) or 2M EtOH: DMF (bottom). Voltammograms were recorded at 100 mV/sec 

scan rate with solutions containing 0.2 M TBAPF6 electrolyte and 2.0 mM TCQ. The 

reversible couple centered at 0.0 V corresponds to [Fe(C5H5)2]+/0. 

Pure DMF 

2M EtOH 

in DMF 
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 UV-vis SEC experiments support CO2 binding only upon formation of TCQ2– to form 

[TCQ(CO2)]
2–. The electronic absorption spectra of TCQ and TCQ●– are identical under an N2 and 

 

Figure 2.11. Normalized cyclic voltammograms of CO2 saturated solutions of TCQ (solid traces) 

or [TBA]2[TCQ2–] (dotted traces) with (blue) or without (black) 2M ethanol in DMF. Each 

voltammogram was recorded using 0.2 M TBAPF6 electrolyte and 2.0 mM analyte 

concentrations under CO2 atmosphere. [TBA]2[TCQ2–] solutions were recorded scanning 

anodically from OCP, while TCQ solutions were recorded scanning cathodically from OCP. 

 

 

Figure 2.10. (Left) cyclic voltammograms of TCQ with increasing concentrations of TFE (0-300 

mM). (Right) normalized cyclic voltammograms of TCQ containing 100mM concentrations of 

various alcohol additives; decreasing alcohol pKa is observed to result in larger anodic shifts to 

the second redox event. All voltammograms were recorded using CO2 saturated DMF solutions 

containing 0.2 M TBAPF6 electrolyte and 2.0 mM TCQ analyte concentrations. The reversible 

couple centered at 0.0 V corresponds to [Fe(C5H5)2]+/0. 

 

Increasing pKa Increasing [TFE] 
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CO2 atmosphere, while the absorption of TCQ2– is significantly blue-shifted in the presence of 

CO2 (dotted versus solid traces, Figure 2.12). This was consistent in both the absence (left, Figure 

2.12) and in the presence of alcohols (right, Figure 2.12). In the presence of alcohols, the 

absorption corresponding to [TCQ(CO2)]
2– is further blue-shifted, as was previously observed in 

the absence of CO2. The peak absorbance shift under CO2 is much less pronounced for each alcohol 

than was observed under N2 however (Figure 2.7 versus Figure 2.13). Of the three alcohols studied 

via UV-vis SEC, only ethylene glycol indicated protonation to form TCQH2, which was not 

observed under N2 atmosphere. [TCQ(CO2)]
2– is stable in the presence of ethanol beyond the 

electrochemical timescale. The electronic absorption spectrum of chemically synthesized 

[TBA]2[TCQ2–] in 2M ethanol: DMF under CO2 is nearly identical to TCQ2– generated 

electrochemically under the same conditions (Figure 2.14), showing no evidence of 

decomposition. 

 

Figure 2.12. Normalized electronic absorption spectra of TCQ during UV-vis SEC experiments. 

UV-vis SEC experiments were performed in pure DMF (left) or 2M EtOH in DMF (right) 

solutions containing 0.2 M  TBAPF6 electrolyte and 0.7 mM TCQ under N2 (solid traces) or CO2 

(dotted traces) atmosphere. The presence of CO2 does not appear to have any effect on the 

absorption spectra of TCQ (black) or TCQ●– (red), but results in a significant blue shift in the 

absorption of TCQ2– (blue).  
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Figure 2.14. Normalized electronic absorption spectra of [TCQ(CO2)]
2– species generated 

chemically (isolated as [TBA][TCQ2–] prior to addition of CO2, dotted traces) or electrochemically 

during UV-vis SEC experiments with TCQ (solid traces). The spectra were recorded in pure DMF 

(black) or 2M EtOH in DMF (blue) solutions under CO2 atmosphere. No protonation to form 

TCQH2 (green) is observed. 

 

 

Figure 2.13. Normalized electronic absorption spectra of TCQ2– obtained during UV-vis SEC 

experiments. Experiments were performed in DMF containing no alcohol (black trace), 1M ethylene 

glycol (orange trace), 2M ethanol (blue trace), or 2M tert-butanol (red trace) with 0.2 M TBAPF6 

electrolyte and 0.7 mM TCQ under CO2 atmosphere. In the presence of 1M ethylene glycol, some 

protonation (to form the corresponding hydroquinone TCQH2, green trace) is observed. 
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2.2.3 Mechanism and Reversibility of CO2 Binding 

Quinones bind CO2 upon reduction following either EEC or ECEC mechanisms in polar 

aprotic solvents, depending upon how many molecules of CO2 bind per quinone. The latter is 

related to the reducing power of the quinone.12 TCQ was previously reported to follow an EEC 

mechanism, binding one molecule of CO2 upon reduction to the dianion.11,12  Quinone dianion 

species  bind CO2 through the anionic oxygen center, forming an alkyl carbonate moiety.14,17 The 

dianion TCQ2– forms an alkyl carbonate species as well, observed by 13C NMR and FTIR 

spectroscopy. Addition of CO2 to an NMR solution of [TBA]2[TCQ2–] in CD3CN resulted in the 

appearance of a resonance at 157.8 ppm. The new resonance observed is in line with what was 

previously reported by Mizen and Wrighton for reaction of CO2 with reduced 

phenanthrenequinone (δ = 157.4 ppm in CD3CN), and corresponds to a carbonate species.17 We 

were unable to obtain solution IR measurements, as solutions of ([TBA]2[TCQ2–]) in CH3CN were 

found to leach potassium ions from KBr plates; however suitable FTIR spectra were obtained from 

samples drop cast onto an ATR attachment (Figure 2.15). When CO2 saturated solutions were 

utilized, a broad carbonyl stretch at 1631 cm-1 is observed, which further supports formation of an 

alkyl carbonate moiety.14,17  
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To confirm the reversible CO2 binding with TCQ, spectroscopic, spectroelectrochemical, 

and voltammetric studies were performed. These studies all indicate that CO2 binding to TCQ2– is 

indeed reversible, and proceeds through an ErErCr mechanism. The presence of hydrogen-bond 

donors does not affect the mechanism or reversibility of the reaction. Cyclic voltammograms of 

TCQ in the presence and absence of alcohols in DMF show two reversible, one electron couples 

under N2 atmosphere (Figure 2.9, top). Under a CO2 atmosphere, the first redox event is unaffected, 

while the second event is shifted anodically, with a larger peak to peak separation, both with and 

without alcohols present (Figure 2.9, bottom). This electrochemical behavior suggests that CO2 

binding is occurring and is reversible on the electrochemical timescale, which is indicative of an 

ErErCr reaction mechanism37 as previously reported by Nagaoka et. al. in the absence of hydrogen-

bonding interactions.12  

 

Figure 2.15. FTIR spectra of [TBA]2[TCQ2–] before (black) and after (blue) reaction with 

CO2. The growth of the peak at 1631 cm-1 suggests formation of an alkyl carbonate species. 

Samples were taken as solids dropcast from concentrated solutions in CH3CN. *Indicates 

stretch corresponding to free CO2. 

* 
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UV-vis SEC shows that the fully oxidized (TCQ), singly reduced (TCQ●–), and doubly 

reduced (TCQ2–) species each have distinct absorption bands under both N2 and CO2 atmospheres 

in DMF (Figure 2.12). While TCQ and TCQ●– are identical under N2 and CO2, the absorbance for 

TCQ2– blue shifts in the presence of CO2 with or without alcohol additives in solution, which 

further supports the mechanism indicated by 13C NMR, FTIR, and cyclic voltammetry. Chemically 

isolated [TBA]2[TCQ2–] features absorption bands that are identical to TCQ2– generated 

electrochemically under both N2 and CO2 atmospheres (Figure 2.16), suggesting that TCQ2– and 

its CO2 adduct (TCQ(CO2)
2–) are stable well beyond the electrochemical timescale.  

Once formed, TCQ(CO2)
2– can be oxidized, resulting in the loss of bound CO2. UV-vis 

SEC with solutions of [TBA]2[TCQ2–] in pure DMF or 2M EtOH in DMF show clean conversion 

into TCQ●– or TCQ upon one or two electron oxidation under both N2 and CO2 atmospheres 

(Figure 2.17). The reversibility indicated by UV-vis SEC experiments is further supported by the 

observation of two oxidations in cyclic voltammograms of [TBA]2[TCQ2–], recorded in the 

presence or absence of EtOH under N2 (Figure 2.5) or CO2 (Figure 2.11) atmosphere. We propose 

 

Figure 2.16. Normalized electronic absorption spectra of TCQ2– in DMF, generated in situ via 

UV-vis SEC from TCQ (dotted traces) compared to chemically isolated [TBA]2[TCQ2–] (solid 

traces). The similarity of the spectra of the chemically and electrochemically generated species 

indicate the stability of TCQ2– under both N2 (black) and CO2 (blue) atmospheres. 
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the mechanism an reversibility of CO2 binding to TCQ2– to be unaffected by the presence of 

alcohols. Scheme 2.1 shows the proposed mechanism for the reversible reduction and subsequent 

CO2 binding to TCQ–2 from TCQ●– in the presence or absence of ethanol. Included in Scheme 2.1 

are the experimentally determined thermodynamic values pertinent to each elementary step of the 

mechanism, which will be discussed in detail in the following sections.  

 

 

 

 

 

 

 

 

Figure 2.17. Normalized electronic absorption spectra of TCQ●– (red) and TCQ (black) generated 

in situ via UV-vis SEC from [TBA]2[TCQ2–] (blue) under N2 (solid traces) or CO2 (dotted traces) 

atmosphere. Spectra were recorded in 0.2 M TBAPF6 electrolyte solutions in pure DMF (left) or 

2M EtOH in DMF (right) containing 0.5 mM analyte. 
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2.2.4 Hydrogen-bonding Effects on CO2 Binding  

As the mechanism and reversibility of CO2 binding with TCQ is not significantly affected 

by the presence of hydrogen-bonding interactions, we sought to better understand how these 

interactions affect CO2 binding affinity (KCO2), and if it can be tuned to maximize binding affinity 

at mild potentials. Electrochemical methods can be used to calculate the CO2 binding constant 

(KCO2) of TCQ2– using the observed shift in E(TCQ–1/TCQ–2)1/2 under CO2 versus N2 atmosphere 

with equation 2.1.39  

        𝐸1/2 = 𝐸𝑜′ +
𝑅𝑇

𝑛𝐹
ln(𝐾𝐶𝑂2

) + 𝑞
𝑅𝑇

𝑛𝐹
ln [𝐶𝑂2]                                      2.1 

 

Scheme 2.1. Proposed reduction and CO2 binding mechanism of TCQ with CO2 in the 

presence and absence of hydrogen-bonding interactions. Experimentally determined 

Thermodynamic values are shown for each step. 
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In equation 2.1, R is the gas constant, T is temperature, F is Faraday’s constant, and n is the number 

of electrons being passed in the redox event. The number of CO2 molecules that are bound is 

represented by the term q (which has been previously reported as one for TCQ11). E°′ is the half-

wave potential in the absence of CO2, while E1/2 represents the half-wave potential in the presence 

of a known CO2 concentration in solution ([CO2]). Using this method, the log(KCO2) of TCQ2– is 

3.7 ± 0.2 in the absence of hydrogen-bond donors in DMF, which closely matches the value 

reported by DuBois and coworkers.11 Comparison of the reduction potentials of alcohol-containing 

TCQ solutions under N2 and CO2 atmosphere allows accurate measurement of KCO2, given that 

both alcohol concentrations are the same.  KCO2 steadily decreased with increasing concentrations 

of trifluoroethanol, tribromoethanol, ethylene glycol, 2-propanol, or tert-butanol (and therefore 

decreasing E°′) in both DMF and DMSO (Figure 2.18, left). Even though the shifts in E°′(TCQ–

1/TCQ–2) were often sufficient to bring the reduction potential well into the desired operating 

regime (green region, Figure 2.1), KCO2 dropped by orders of magnitude and did not break the 

linear relationship observed for quinones without hydrogen-bonding, as we had postulated. As a 

result, TCQ cannot be utilized for flue gas CO2 capture with these alcohols. Interestingly, three of 

the alcohols (ethanol, hexanol, and 2-methoxyethanol) did not show this behavior, and in fact 

showed increased values of KCO2 with higher alcohol concentration (Figure 2.18, right). The 

increased CO2 binding affinities at milder potentials afforded by these additives shifts TCQ into 

the desired operating regime for flue gas capture (green region, Figure 2.1), successfully breaking 
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the observed LFER to make them viable candidates for eCCC from flue gas sources containing 

O2.    

 Although the utilization of ethanol, hexanol, or 2-methoxyethanol provides promising 

results using electrochemical methods, the assumptions made in the derivation of equation 2.1 may 

not be valid to determine KCO2 of TCQ in the cases where hydrogen-bonding is occurring. Equation 

2.1 assumes that the only chemical reaction taking place that affects E°′ is the reaction of TCQ2– 

with CO2. If other reaction or equilibria are occurring, they could shift E°′, either directly or 

indirectly, to give inaccurate values of KCO2. If reaction to form the alcohol–TCQ2– hydrogen-bond 

adduct is much faster than CO2 binding under the same conditions, hydrogen-bonding should not 

have a significant effect on ΔE(TCQ–1/TCQ–2)1/2 (between N2 and CO2), so long as each ΔE(TCQ–

1/TCQ–2)1/2 is measured at the same concentration of alcohol. If hydrogen-bond formation is 

kinetically competitive with CO2 binding, or the presence of CO2 in solution affects alcohol pKa 

(and therefore its hydrogen-bond strength) KCO2 values obtained voltametrically will not be 

accurate. To assess these concerns, a spectrophotometric approach was used to compare measured 

values of KCO2 in the presence and absence of hydrogen-bonding. Titration of [TBA]2[TCQ2–] with 

 

Figure 2.18. Plots of Log(KCO2) for TCQ versus Log([ROH]) where ROH corresponds to TFE 

(left) and hexanol (right). Log(KCO2) was calculated from cyclic voltammograms at each 

alcohol concentration using equation 2.1. 
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CO2 was performed and monitored using electronic absorption spectroscopy. [TBA]2[TCQ2–] 

cleanly converts into TCQ(CO2)
2– upon addition of 1 equivalent of CO2 in pure DMF and 2M 

ethanol in DMF solutions (Figure 2.19, left). For each of the titrations, KCO2 was calculated from 

the disappearance of the absorbance corresponding to TCQ2– using the Benesi-Hildebrand method 

(Figure 2.19, right).40,41 From this data, TCQ2– has values of log(KCO2) = 2.97 ± 0.04 and 3.4 ± 0.2 

in pure DMF and 2M ethanol in DMF, respectively. While both values are lower than was found 

using voltametric methods (log(KCO2) = 3.7 ± 0.2 and 4.3 ± 0.2  for DMF and 2M ethanol in DMF, 

respectively) , the values are not within error of one another, and confirms the trends observed 

electrochemically. Importantly, the CO2 binding constant measured spectroscopically in the 

presence of ethanol is still above the requirement for flue gas capture. Although ethanol was the 

only alcohol additive investigated using spectrophotometric titration, we expect that the other 

alcohols will behave in agreement with the electrochemical results. Variable scan rate CVs of  

TCQ with 2M ethanol show a significant cathodic shift in the reductive peak of E(TCQ–1/TCQ–

2)1/2 with increasing scan rate under CO2 compared to what is observed under N2 atmosphere (20 

mV versus 120 mV between 100 to 1000 mV/sec under N2 and CO2, respectively, Figure 2.20). 

This behavior suggests that hydrogen-bond formation with TCQ2– kinetically outcompetes CO2 

binding under these conditions.37,38   
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Figure 2.19. A.) Electronic absorption spectra of 0.100 mM [TBA]2[TCQ2–] in pure DMF with 

increasing quantities of CO2 (left). (Right) double reciprocal Benesi-Hildebrand plot using the 

change in absorbance at 410 nm corresponding to TCQ2– with increasing concentrations of 

CO2. B.) Electronic absorption spectra of 0.100 mM [TBA]2[TCQ2–] in 2M ethanol in DMF 

with increasing quantities of CO2 (left). (Right) double reciprocal Benesi-Hildebrand plot using 

the change in absorbance at 374 nm corresponding to TCQ2– with increasing concentrations of 

added CO2.       
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2.2.5 Strength of Hydrogen-bonding Interactions with Reduced TCQ Species 

 In order to further develop air-stable eCCC carriers, it is important to understand why 

addition of ethanol, hexanol, and 2-methoxyethanol break the LFER for TCQ, while the other 

alcohols (trifluoroethanol, tribromoethanol, ethylene glycol, 2-propanol, and tert-butanol) do not. 

We hypothesized that the cause of the drop in KCO2 with increasing alcohol concentration was due 

to disproportionate stabilization of TCQ2– versus [TCQ(CO2)]
2– (species A vs B in Figure 2.2). To 

evaluate this hypothesis, the strength of the hydrogen-bonding interactions between TCQ2– and 

[TCQ(CO2)]
2– with each alcohol were quantified using cyclic voltammetry. The reduction of 

TCQ●– to TCQ2– and consequent hydrogen-bond formation with n number of hydrogen-bond 

donors (HB) can be represented by the following elementary steps:   

 

 

Figure 2.20. Cyclic voltammograms of TCQ containing 2M EtOH in DMF at various scan rates 

ranging between 10 (black) to 1000 (blue) mV/ sec under N2 (left) or CO2 (right) atmosphere.  All 

voltammograms were recorded using DMF solutions containing 0.2 M TBAPF6 electrolyte and 

2.0 mM TCQ analyte concentrations under N2 atmosphere. The reversible couple centered at 0.0 

V corresponds to [Fe(C5H5)2]
+/0. 
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From this series of equilibria and the Nernst equation, the equilibrium constant of the dianion with 

n molecules of hydrogen-bond donor, HB (KHB
(2–)), can be calculated using equation 2.2, 

previously reported by Gupta and Linschitz.26  

                                         exp (𝑓∆𝐸(𝑇𝐶𝑄−1/𝑇𝐶𝑄−2)1/2) =  1 +  𝐾𝐻𝐵
(2−)

[𝐻𝐵]𝑛                            2.2 

In equation 2, f  = F/RT, and ΔE(TCQ–1/TCQ–2)1/2 is the observed shift in half-wave potential of 

the second redox event (TCQ●– to TCQ2–) in the absence and presence of a specific concentration 

of alcohol (HB). For cases with strong hydrogen-bonding (large KHB values, indicated by large 

values of ΔE1/2), the 1 becomes insignificantly small and can be ignored. Since titrations of TCQ 

with TFE showed large Δ E(TCQ–1/TCQ–2)1/2 values and negligible changes to  E(TCQ/TCQ–)1/2 

(ΔE(TCQ/TCQ–)1/2 ≈ 0 with each alcohol), hydrogen-bonding interactions with TCQ●– are 

assumed to be insignificant and can be ignored. By plotting fΔE(TCQ–1/TCQ–2)1/2 versus 

log([HB]), values of KHB
(2–) and n were determined from the resulting slope and y-intercept for 

both DMF and DMSO solutions. This process was repeated for titrations performed under CO2 

atmosphere to obtain the corresponding values for [TCQ(CO2)]
2–. 

The difference between KHB
CO2 and KHB

N2, represented as ΔLog(KHB
(2–)) (where 

ΔLog(KHB
(2–)) = KHB

N2 – KHB
CO2), effectively measures how much more (or less) TCQ2– is 

stabilized by hydrogen-bonding interactions versus [TCQ(CO2)]
2–. If a hydrogen-bond donor can 

better stabilize [TCQ(CO2)]
2– than TCQ2– (ΔKHB

(2–) < 0), CO2 binding will be more 

thermodynamically favored and KCO2 will increase as the concentration of hydrogen-bond donor 

in solution increases. Conversely, if TCQ2– is more stabilized (ΔLog(KHB
(2–)) > 0), then CO2 

binding will be less favored, and KCO2 will decrease. Table 2.1 lists values for KHB
(2–) and n under 

N2 (KHB
N2) or CO2 (KHB

CO2) atmosphere, as well as ΔLog(KHB
(2–)) for each of the alcohols 



62 
 

investigated. KHB
N2 is observed to have a very strong relationship with alcohol pKa; the plot of 

log(KHB
N2) versus pKa of each alcohol shows a strong linear relationship, where more acidic 

alcohols have larger values of KHB
N2 (Figure 2.21, top left). Likewise, a plot of log(KHB

CO2) versus 

pKa42–45shows a similar linear relationship, albeit with a smaller slope and much weaker correlation  

(Figure 2.21, top right). It is worth noting that the plot of ΔLog(KHB
(2–)) versus pKa is not linear, 

but is in fact v-shaped (Figure 2.21, bottom). ΔLog(KHB
(2–)) is observed to decrease with increasing 

pKa up until a certain point (pKa ~ 16), at which point ΔLog(KHB
(2–)) starts increasing. Three of the 

alcohols investigated (ethanol, hexanol, and 2-methoxyethanol) have ΔLog(KHB
(2–)) values less 

Table 2.1. Equilibrium constants for TCQ in DMF and DMSO under CO2 and N2 

atmosphere with various alcohol hydrogen-bond donors.  

 pKa 

(H2O)† 

Log(KHB
N2) 

(n) 

Log(KHB
CO2) 

(n) 

ΔLog(KHB
(2-))  Log(KCO2)  

(ΔE1/2
 ~250 mV) 

tert-butanol 

(t-BuOH) 

18.0 1.08 

(1.8) 

 

0.51 

(1.0) 

0.57 (<< 2.4)* 

2-propanol  

(i-PrOH) 

17.0 2.21 

(2.2) 

1.93 

(1.8) 

0.29 (<3.7)* 

      

Hexanol  

(HexOH) 

16.1 2.58 

(2.3) 

3.16 

(3.0) 

–0.58 (>4.5)* 

      

Ethanol 

(EtOH) 

15.9 3.35 

(2.3) 

3.98 

(2.5) 

–0.63 4.4 

      

2-methoxyethanol  

(2-ME) 

15.7 

 

2.38 

(2.3) 

2.91 

(2.7) 

–0.53 (>4.1)* 

      

Ethylene Glycol  

(EG) 

14.2 6.90 

(2.5) 

4.35a 

(2.4) 

6.38 

(2.6) 

3.63a 

(2.4) 

0.52 0.72a 3.3 3.3a 

      

Tribromoethanol 

(TBE) 

13.4 5.49 

(2.3) 

3.69 

(1.8) 

1.80 2.5 

      

Trifluoroethanol 

(TFE) 

12.5 7.38 

(3.2) 

4.91a 

(2.2) 

5.58 

(2.6) 

3.02a 

(1.5) 

1.80 1.89a 2.4 2.0a 

† pKa values obtained from references 42-45. 

* ΔE1/2
2 of 250 mV was not reached at [ROH] ≤ 3 M. 

a Determined from measurements taken in DMSO. 
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than zero. This is consistent with the observed changes in KCO2 with increasing concentration of 

each of the alcohols investigated. The correlation between ΔLog(KHB
(2–)) and KCO2 directly 

supports our hypothesis and indicates that the hydrogen-bonding interactions of each alcohol with 

[TCQ(CO2)]
2– and TCQ2– need to be finely tuned to promote CO2 binding at milder potentials. 

Interestingly, the alcohols with ΔLog(KHB
(2–)) < 0 have pKa’s around 16, while alcohols with either 

higher or lower pKa were shown to have ΔLog(KHB
(2–)) > 0, although it is possible that the higher 

values of ΔLog(KHB
(2–)) for 2-propanol and tert-butanol may not be a result of pKa, and may be 

due to increased steric hindrance.  

 

Figure 2.21. Plots of Log(KHB
N2) (top left), Log(KHB

CO2) (top right), and Log(ΔKHB
(2–)) 

(bottom) versus alcohol pKa (H2O) for DMF solutions of TCQ containing various alcohol 

additives.   
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In addition to alcohol pKa, solvent identity was also found to affect KHB
N2 and KHB

CO2. 

Measured values of KHB
(2–) in DMSO are several orders of magnitude lower than those obtained 

in DMF (TFE and ethylene glycol, Table 1). Lower values of KHB
(2–) in DMSO likely arise from 

the increased donating ability of DMSO compared to DMF.46 This would result in stronger 

hydrogen-bonds formed between the alcohol and solvent molecules that are more difficult to 

disrupt in order to form hydrogen-bonding interactions with TCQ2– or [TCQ(CO2)]
2–. This 

hypothesis is further supported by Linschitz and Gupta, who report KHB
N2 values for TCQ2– with 

ethanol and TFE that are significantly larger in acetonitrile and benzonitrile (which both have 

lower donating abilities than DMF or DMSO)46 than what we measured in DMF and DMSO.26 

 Of the alcohols investigated, ethanol is the most promising candidate for use in an eCCC 

system utilizing TCQ as the redox carrier, due to its favorable values of KHB
CO2, KHB

N2, and 

ΔLog(KHB
(2–)). Ethanol’s large KHB

N2 indicates that E(TCQ–1/TCQ–2)1/2 can be shifted significantly 

positive without a large concentration of alcohol required. For example, at 2M ethanol 

concentration, E(TCQ–1/TCQ–2)1/2  is shifted over 230 mV positive than in the absence of an 

alcohol (Black traces, Figure 2.9). This large shift permits TCQ2– to be generated at a potential 

around 200 mV positive of O2/O2
– reduction (potential at half-maximum current =–1.30 V vs. 

[Fe(C5H5)2]
+/0 at a glassy carbon electrode in pure DMF, or –1.20 V vs. [Fe(C5H5)2]

+/0 in DMF 

containing 2M ethanol, Figure 2.22), thereby avoiding undesirable losses in faradaic efficiency 

from O2 reduction or carrier decomposition from  superoxide generation.20,21 Additionally, KHB
CO2 

is larger than KHB
N2 for ethanol, resulting in a negative ΔLog(KHB

(2–)) which indicates that CO2 

binding is not weakened by hydrogen-bonding interactions, but is in fact strengthened by them. 

Altogether, these factors sum to create a set of conditions whereby TCQ may be capable of eCCC 

from aerobic flue gas streams, which would be the first ever to do so.    
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2.2.6 Bulk CO2 Capture and Release Studies 

The observed stability of TCQ2– with ethanol and reversible CO2 binding , combined with 

the desirable thermodynamic parameters of TCQ using ethanol as an additive, prompted us to 

investigate whether this system could be used to capture and release CO2 from simulated flue gas 

streams. A closed system was used to evaluate TCQ’s ability to complete one cycle of CO2 capture 

and release from 10% CO2 sources. An electrolysis was set up using a sealed H-cell similar to the 

one depicted in Figure 2.23, where and the CO2 concentration of the working cell headspace was 

periodically monitored using a small pump that circulated the headspace through a IR CO2 

analyzer in a closed loop. Each cycle was started by sparging a solution of [TBA]2[TCQ2–] with 

simulated flue gas to (form TCQ(CO2)
2–) in the working cell. An oxidizing potential was applied 

 

Figure 2.22. Normalized cyclic voltammograms of TCQ under N2 (black) or 10% CO2 (red) 

atmosphere in pure DMF (top) or 2M EtOH: DMF (bottom). Voltammograms of aerated 

solutions without TCQ are shown as dotted black traces for each solvent mixture. 

Voltammograms were recorded at 100 mV/sec scan rate with solutions containing 0.2 M 

TBAPF6 electrolyte and 2.0 mM TCQ. 
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to the working cell solution to release bound CO2 and form TCQ●–. TCQ was used as a sacrificial 

oxidant in the counter cell to balance charge and limit undesirable effects resulting from cell 

crossover. Once oxidation was complete, the working solution was reduced to reform TCQ2– and 

capture the CO2 released in the previous step.    

In the absence of ethanol, TCQ was incapable of completing an entire capture/release cycle. 

A simulated aerobic flue gas mixture (87:10:3, N2:CO2:O2 (v/v)) was bubbled through a 50 mM 

solution of [TBA]2[TCQ2–] to initiate the “capture” step. Upon oxidation, increased headspace 

CO2 concentration was observed, which indicates that TCQ2– had successfully captured CO2 in the 

previous step (Figure 2.24, right). The headspace CO2 concentration reached a maximum of 

31.5%, (v/v) with 38.7 C of charge passed, corresponding to a 81% Faradaic Efficiency for the 

release step (FE, example calculations in Experimental Details). Although CO2 capture and release 

(i.e. capture and concentration) was observed, re-capture of the released CO2 was not observed. 

After passing –25.9 coulombs of charge during reduction of the solution, the headspace CO2 

concentration only decreased by 1.8% (v/v) (corresponding to a 10% FE for the capture step). The 

small drop in headspace CO2 concentration may be a result of capture by some reduced quinone 

 

Figure 2.23. Schematic of the H-cell setup utilized for electrochemical CO2 capture 

electrolyses, showing the TCQ-based processes occurring in each cell during the capture and 

release steps of the eCCC cycle.  
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species or may be due to small leaks over time from pressure buildup in the cell. It is also possible 

that some CO2 migrated to the counter cell solution after being released in the working cell during 

the oxidation, where it remained during the consequent capture step. The inability of the system to 

complete a cycle may have been due to reaction with O2 or decomposition during the oxidation 

(release) or reduction (capture) steps.  

To evaluate whether the limited cyclability of the system was due to the presence of O2, 

the experiment was repeated using an anaerobic simulated flue gas stream (90:10, N2: CO2 (v/v)) 

in a nitrogen glovebox (Figure 2.24, left). Again, capture and concentration of CO2 was observed, 

with headspace CO2 concentration increasing from 10.5% to 35.5% after passing 44.0 coulombs 

(84% FE). However, the system again did not  re-capture the released CO2. Upon reduction, the 

headspace CO2 concentration decreased by a larger amount than was observed under aerobic 

conditions (8% vs. 1.8% (v/v)). However the drop in concentration is much lower than expected 

for the charge passed, which indicates decomposition occurring (27% FE calculated for the capture 

step based on –43.9 C of charge passed). From the two experiments it is evident that the presence 

of O2 is not the major factor in the irreversibility of the system. The small decrease in the amount 

of CO2 “re-captured” under aerobic conditions may be due to the presence of O2, however it may 

also be a result of the increased electrolysis time (300 vs. 170 minutes), which would give more 

time for decomposition to occur. 
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When the same capture cycle experiment is performed in the presence of 2M ethanol, no 

signs of decomposition are observed, and the system is able to complete the entire cycle. In the 

absence of O2, a 50 mM solution of [TBA]2[TCQ2–] in 2M ethanol in DMF captured and 

concentrated CO2 from a 10.5% initial concentration to 36.7% (v/v) after passing 29.7 Coulombs 

of charge during oxidation (Figure 2.25, left). The initial and final headspace CO2 concentration 

and charge passed corresponds to a 105% FE and 98% yield of released CO2 based on the moles 

of TCQ2– in solution. The solution was then reduced once more until a total charge of –23.6 

coulombs was passed. The CO2 concentration in the headspace decreased significantly during this 

time, from 36.7% to 4.1% (v/v), resulting in a 160% FE for the capture step. The >>100% FE for 

the capture step is likely a result of a small leak in the cell, or irreversible migration of CO2 to the 

counter cell during the release step, similar to the other capture experiments.  

 

 

 

Figure 2.24. Charge versus time plots (black trace) for electrochemical CO2 capture and release 

from anaerobic (left) or aerobic (right) flue gas (90:10 N2:CO2 and 87:10:3 N2:CO2:O2, 

respectively) with [TBA]2[TCQ2–] in DMF. Headspace CO2 concentration was monitored 

periodically during the course of the experiment (blue squares).   

87:10:3 
N2: CO2: O2 

90:10  
N2: CO2 
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The use of ethanol as an additive to TCQ-based eCCC systems not only provides enhanced 

cyclability and O2 tolerance, but also lowers the thermodynamic requirements of the system. The 

closed H-cell system  utilized in this study mimics a 3-stage capture system, where the redox 

carrier is reduced or “activated” in the presence of CO2 before being pumped over to the anode 

cell where it is oxidized to release bound CO2.
2 The minimum thermodynamic requirement of a 3-

stage eCCC system1,2 featuring a redox-carrier can be estimated from the ΔE between the half-

wave potentials of the carrier in the presence of its dilute CO2 inlet stream (in this case, flue gas at 

10% CO2 v/v) and of its concentrated outlet stream (100% CO2).
1,2,36 Cyclic voltammograms of 

TCQ in the presence and absence of 2M ethanol under 10 and 100% CO2 are shown in Figure 2.26. 

In the absence of ethanol, ΔE of the half-wave potentials (conservatively measured 30mV from 

the peak potentials) under 10% CO2 and 100% CO2 (which mimics the conditions under capture 

and release during reduction and oxidation, respectively) is 250 mV. This value of ΔE corresponds 

to a maximum 24% energetic efficiency, assuming a theoretical requirement of 5.6 kJ/mol. for a 

 

Figure 2.25. Charge versus time plot (black trace) of electrochemical CO2 capture and release 

from anaerobic flue gas (90:10 N2:CO2) with [TBA]2[TCQ2–] in 2M ethanol in DMF. 

Headspace CO2 concentration was monitored periodically during the course of the experiment 

(blue squares).   

90:10  
N2: CO2 
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10–100% swing. At 2M ethanol concentration, ΔE drops to 220 mV between 10 to 100% CO2, 

raising the maximum energetic efficiency to 26%.  

 

2.3 Conclusion 

Hydrogen-bonding interactions between TCQ, TCQ●–, TCQ2– and TCQ(CO2)
2– and 

various alcohols were investigated. TCQ and TCQ●– do not participate in significant hydrogen-

bonding interactions with any of the alcohols investigated, while TCQ2– and TCQ(CO2)
2– have 

measurable hydrogen-bonding interactions with each of the alcohols. The presence and strength 

of the hydrogen bonding interactions with TCQ2– and TCQ(CO2)
2– result in stabilization of the 

reduced quinone species, allowing their generation from TCQ at reduction potentials over 350 mV 

positive compared to when alcohol was not present. Although generated at much milder reduction 

potentials, the mechanism and reversibility of CO2 binding to TCQ2– was unaffected. TCQ2– and 

 

Figure 2.26. Cyclic voltammograms of TCQ under N2 (black), 10% CO2 (red), or 100% CO2  

(blue) atmosphere in pure DMF (top) or 2M EtOH: DMF (bottom). Voltammograms were 

recorded at 100 mV/sec scan rate with solutions containing 0.2 M TBAPF6 electrolyte and 2.0 

mM TCQ. The reversible couple centered at 0.0 V corresponds to [Fe(C5H5)2]+/0. 
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TCQ(CO2)
2– are  remarkably stable; voltametric and spectroscopic studies of the two species in 

alcoholic solutions do not show evidence of protonation or decomposition, even after several 

hours. Quantitative measurement of the strength of hydrogen-bonding interactions between TCQ2– 

and TCQ(CO2)
2– with each alcohol provide a promising approach to potentially establish the first 

example of selective electrochemical CO2 capture from aerobic flue gas. Electrochemical capture 

and concentration from simulated anaerobic flue gas using 2M ethanol in DMF resulted in 

successful completion of a full cycle of CO2 capture and release approaching 26% efficiency. 

Current efforts are being made to repeat these studies in the presence of O2. Not only would this 

the first example of eCCC from aerobic flue gas, it is also extremely efficient, over three times 

more efficient than any other reported redox carrier-based system, and almost twice the efficiency 

of state-of-the-art alkanolamine-based systems.18,19,33–36 Surprisingly, in the absence of ethanol, 

TCQ was incapable of completing a full cycle, even under anaerobic conditions.   

 Although this system is capable of operating at a very high efficiency, it is possible to 

increase the efficiency even further. Since the energetic requirement of a carrier to complete a 

capture and release cycle is directly related to its binding affinity, it is important that KCO2 is 

properly tuned for the desired concentration swing. If KCO2 is too low, CO2 will not be captured 

by the carrier; if it is too high, superfluous energy is required to release bound CO2. Although 

Dubois and Hatton have shown quinones to be robust eCCC carriers, each system operates with 

extremely low efficiency (≤ 8%) for the concentration swings performed.18,19,36 The inefficiency 

of these systems is a direct result of utilizing quinones with extremely large binding affinities (KCO2 

≥ 1010), overshooting the minimum requirement by several orders of magnitude. 

Overcompensation of carrier binding affinity is also observed with TCQ2–, albeit to a much lesser 

extent. As discussed in Chapter 1.3.2, a log(KCO2) ≥ 3 is required for ≥ 90% capture efficiency 
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from flue gas (10% CO2). The log(KCO2) of TCQ2– in DMF containing 2M ethanol exceeds the 

requirement of  KCO2 by over an order of magnitude (log(KCO2) = 4.3 ± 0.2), wasting over 7 kJ for 

every mole of CO2 captured (resulting in an efficiency of 26% using a 3-stage system). If the 

incoming CO2 concentration is lowered to 1%,  a log(KCO2) ≥ 4 is required for ≥ 90% capture 

efficiency, which better matches the log(KCO2) of TCQ2–, and would result in an efficiency 

exceeding 40% (A 1-100% swing requires 11.4 kJ/mol and ΔE for a 3-stage system using a TCQ2– 

carrier containing 2M ethanol is ≤ 290 mV, black versus blue trace, Figure 2.26 bottom). A useful 

application for eCCC in this range is in the regulation of CO2 in sealed passenger cabins (aircraft, 

submarine, spacecraft, etc.). OSHA regulates an 8-hour Permissible Exposure Limit (PEL) of 

5,000 ppm or 0.5% for CO2. Based on the log(KCO2) of TCQ2– with 2M ethanol, a capture 

efficiency of >80% can be achieved from an incoming 0.5% CO2 stream. Additionally, the 

minimum thermodynamic requirement to capture from a 0.5% stream is larger (13.1 kJ/mol CO2 

compared to 11.4 kJ/mol CO2 for capture from a 1% stream), which would result in an energetic 

efficiency ≥ 46% (ΔE for a 3-stage system using a TCQ2– carrier containing 2M ethanol is ≤ 290 

mV, black versus blue trace, Figure 2.26 bottom). A unique advantage of incorporating hydrogen-

bonding additives into quinone-based eCCC systems is the ability to judiciously tune both E1/2 and 

KCO2 to match the desired parameters of the eCCC application. The ability to tune these parameters 

not only allows optimization of energetic efficiency, but also permits a single quinone carrier to 

be efficiently utilized in a wide range of eCCC applications, making it a very cost-effective 

approach towards large-scale eCCC solutions in numerous fields. 

 The experimental setup utilized for eCCC electrolyses has room for further 

improvement. First, the maximum CO2 concentration measured upon release was just a little over 

35%, not the 100% desired for large-scale flue gas capture systems. This value can be raised by 
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either increasing the carrier concentration or lowering the headspace to solution volume ratio in 

the working cell. Cell leakage is also a potential problem with the current setup, as CO2 

concentrations dropped more than expected during the capture step with extended periods of 

electrolysis. Leakage prevents accurate determination of Faradaic efficiency and stability of TCQ2– 

over numerous eCCC cycles. We are currently working with the Brushett group to optimize the 

cell parameters to better evaluate the long-term stability and efficiency of this system for utilization 

in large-scale eCCC applications. 

2.4 Experimental Details: 

General Methods: All synthesis and manipulations of quinones were carried out in an inert 

atmosphere glovebox under an atmosphere of nitrogen unless otherwise specified. Solvents used 

during synthesis and/or manipulations were degassed by sparging with argon and dried by passing 

through columns of neutral alumina or molecular sieves. All deuterated solvents were purchased 

from Cambridge Isotope Laboratories, Inc. Deuterated solvents used for NMR characterization of 

metal complexes were degassed and stored over activated 3 Å molecular sieves prior to use. 

Hexanol, isopropanol, and 2-methoxyethanol were dried with calcium hydride, distilled, and 

degassed prior to use. TFE and ethylene glycol were purchased in anhydrous grade, degassed, and 

stored over 3 Å molecular sieves prior to use. Tert-butanol was dried as a melt at 40 °C under 

vacuum (1 x 10–3 Torr) overnight before use. Ketjenblack (EC-300J) was crushed and dried under 

vacuum (1 x 10–3 Torr) at 200 °C overnight before use. All solvents and reagents were purchased 

from commercial vendors and used without further purification unless otherwise noted. 

Electrochemical studies under carbon dioxide atmosphere were performed using ultra high purity 

(99.999%) carbon dioxide that was passed through a VICI carbon dioxide purification column to 

eliminate residual H2O, O2, CO, halocarbons, and sulfur compounds. Electrochemical capture 
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electrolyses were performed using ultra-high purity (99.999%) carbon dioxide and N2, as well as 

ultra-high purity (99.99%) O2 without additional drying or purification.  

Physical Methods: 13C{1H} NMR spectra were recorded on a 500MHz Bruker DRX 500 fitted 

with a TCI cryoprobe. All NMR spectra were acquired at room temperature. Spectra were 

referenced to residual 13C resonances of the deuterated solvent (13C: CD3CN, δ118.26) and 

reported in parts per million. Infrared (IR) absorption measurements were taken as compressed 

solids or thin films on a Thermo Scientific Nicolet iS5 spectrophotometer fitted with an iD5 

ATR attachment. Room temperature electronic absorption spectra were recorded using a 1 cm 

quartz cuvette with an Agilent Cary 60 UV-Vis spectrophotometer fitted with an Agilent fiber 

optic coupler connected to an Ocean Optics CUV 1cm cuvette holder in a glovebox under an 

inert atmosphere of N2. UV-Visible spectroelectrochemistry (SEC UV-Vis) was performed using 

a commercially available UV-Vis spectroelectrochemistry kit from Pine Instruments with a Au 

working/counter electrode and Ag wire as a pseudo reference electrode. Fe(C5H5)2 was used as 

an internal standard. CO2 gas mixtures were prepared using metered flow tubes. CO2, N2, and O2 

tubes (Cole Parmer part numbers: EW-32047-74, EW-32048-59, and, EW-32048-20 

respectively) were fitted into a 3-tube housing (Cole Parmer, part number: EW-03215-28) for 

accurate measurement of gas composition. The overall flow rate of the gas mixture was 

controlled via a second flow tube (Cole Parmer, part number: EW-03267-09) connected to the 

mixing setup outlet. CO2 concentrations were confirmed using an ExplorIR® –W CO2 sensor 

connected to a pump to circulate headspace gasses through the sensor for real-time measurement 

(CO2meter.com, part number: cm-0121). Data from the sensor was analyzed using GasLab® 

software. 
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Electrochemistry: All measurements were performed on a Pine Wavedriver 10 bipotentiostat with 

a 2 mm diameter glassy carbon disc working electrode, glassy carbon rod counter electrode, and a 

Ag+/Ag pseudoreference electrode separated from the bulk solution by a Vicor frit. Internal 

resistance was measured for each solution, and resistance manually compensated for between 80-

90% of the measured value for each voltammogram performed. Potentials are referenced to a 

ferrocene internal standard (Fe(C5H5)2
+/0) at 0.00 V. All experiments were performed in dried and 

degassed dimethylformamide or dimethylsulfoxide solutions with 2.0 mM analyte and 0.2 M 

electrochemical grade (> 99%) tetrabutylammonium hexafluorophosphate (TBAPF6) supporting 

electrolyte concentrations and were recorded at a 100 mV/s scan rate unless otherwise noted. 

Samples for electrochemical studies performed under CO2 atmosphere were prepared by sparging 

the analyte solution with solvent saturated carbon dioxide gas for 10 minutes prior to measurement 

and the headspace above the solution was blanketed with carbon dioxide during each 

measurement.    

Spectroelectrochemical UV-Vis Spectrophotometry (SEC UV-Vis): 0.40 mL of 0.5–0.7 mM 

TCQ or [TBA]2[TCQ2–] in DMF solution (with or without alcohol additives) containing 0.2 M 

TBAPF6 supporting electrolyte was placed into a Pine Instruments UV-Visible 

spectroelectrochemistry setup. An initial UV-Vis spectrum was performed after a cyclic 

voltammogram was measured. The solution was then electrolyzed 200 mV beyond the peak 

potential of the desired redox event while UV-Vis spectra were collected every ~5 seconds until 

the spectrum was observed to no longer change between scans. Experiments with CO2 were 

performed in a similar manner using CO2 saturated solutions, which were prepared by sparging 

the desired analyte/ electrolyte solution with CO2 for 5 minutes prior to beginning the experiment.   
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Determination of Henry’s Law constants for CO2 in mixed solvent-electrolyte solutions: 

The maximum solubility of CO2 in each of the solvent mixtures used in this study were 

determined gravimetrically with barium hydroxide in a similar manner as reported by Mizen and 

Wrighton.17 In an inert atmosphere glovebox, 2.0 mL of CO2 saturated DMF solution was added 

to a sealed vial containing 5.0 mL of saturated aqueous Ba(OH)2. The solution was shaken and 

the glovebox atmosphere purged of all CO2. The resulting white BaCO3 precipitate was isolated 

by filtration, washed with 3mL water (to remove residual Ba(OH)2), followed by 4 mL 

acetonitrile (to remove any precipitated TBAPF6), and then 2 mL diethyl ether before drying 

under vacuum. The solid was weighed and the moles of CO2 calculated based on the moles of 

BaCO3 collected. The concentration of CO2 in the original organic solution was then calculated 

using the moles of CO2 and the volume of the solution used. A DMF solution without added CO2 

was titrated to serve as a control to ensure residual Ba(OH)2 and TBAPF6 were removed during 

the solvent washes. The measured Henry’s Law constants for each solvent mixture is shown 

below in Table 2.2. Each solvent mixture was titrated a minimum of three times and the average 

CO2 concentrations reported at the 95% confidence interval. 

Table 2.2. Measured Henry’s Law constants for CO2 in various solvent-electrolyte mixtures 

in DMF. 

CO2 

added? 

Solvent and electrolyte additive concentrations ǨH, CO2 (mol. atm-1 L-1) 

No 0.5 M TBAPF6 (no ethanol) N/A* 

Yes Pure DMF (no TBAPF6 or ethanol) 0.194 ± 0.001 

Yes 0.5 M TBAPF6 (no ethanol) 0.175 ± 0.007 

Yes 0.5 M TBAPF6, 2M ethanol 0.146 ± 0.008 
*No solid was recovered from titrations, indicating no measurable CO2 present in solution. 
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Controlled Potential Electrolysis: Controlled potential electrolyses were performed in the dark 

in a custom-made H-cell (Figure 2.27) where each side of the cell was separated by a porous glass 

frit and capped with an air-tight septum. Glassy carbon rods were used for both working and 

counter electrodes. A Ag+/Ag pseudoreference electrode was used, located on the working 

electrode side of the cell and separated from the bulk solution by a vicor frit. The working electrode 

cell solution contained ~50 mM [TBA]2[TCQ2–] solution, 500 mM supporting electrolyte 

(tetrabutylammonium hexafluorophosphate), and 1% (w/v) Ketjenblack (EC-300J). The counter 

electrode cell solution contained 500 mM supporting electrolyte with ~50 mM TCQ to aid in 

charge balance (acting as a sacrificial oxidant and/or reductant), and 1% (w/v) Ketjenblack (EC-

300J). Prior  to electrolysis, CVs of the solution were taken before and after sparging with 

simulated flue gas. During electrolyses, headspace CO2 concentration (v/v) was measured 

periodically using an IR CO2 sensor connected to the working cell compartment in-line with a 

micropump to circulate the headspace through the sensor and back into the compartment.  

 

 Each capture cycle began with a ~50 mM solution of [TBA]2[TCQ2–] in the working cell 

that had a simulated flue gas stream bubbled through for 15 minutes to initiate the “capture” step, 

Figure 2.27. Example photos of the bulk electrolysis H-cell used when empty (left) and 

filled (right) prior to electrolysis.  
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at which point the cell was sealed and initial headspace CO2 concentration recorded. The 

solution was then oxidized to “release” any captured CO2 and form TCQ●– while the headspace 

CO2 concentration was periodically measured. Once oxidation was complete, the solution was 

stirred for 15-20 minutes to allow the CO2 concentrations in the headspace and solution to 

equilibrate. To complete the cycle, the solution was then reduced while monitoring headspace 

CO2 concentration to reform TCQ2– and “re-capture” the CO2 that had been previously 

“captured” and “released”. TCQ (~50 mM) was utilized as a sacrificial oxidant in the counter 

cell to balance the charge passed in the working cell, and to avoid potential issues arising from 

crossover between the two cells. Ketjenblack (EC-300J, 1% w/v) was added to each cell to 

increase the effective size of the electrodes to facilitate shorter electrolysis times. 

Determination of moles CO2 captured or released along with corresponding Faradaic 

efficiencies for each step of electrochemical capture experiments: Measured and calculated 

values for an eCCC cycle with TCQ2– in pure DMF under anaerobic flue gas are shown in Tables 

2.3 and 2.4. Sample calculations used to obtain calculated values are shown below Tables 2.3 

and 2.4. The number of moles of CO2 released during the oxidation step of an eCCC experiment 

was determined by subtracting the total moles of CO2 in the working cell (in both the headspace 

and solution) prior to oxidation from the total moles after oxidation/release (at the peak value of 

[CO2] measured in the headspace). The moles of CO2 captured during the reduction step was 

calculated in a similar manner by subtracting the total moles of CO2 in the working cell after 

reduction/ capture from the total moles after oxidation/release. The measured concentration of 

CO2 in the headspace (v/v) was converted into volume (from the volume of the headspace), and 

then into moles, assuming the system is at STP (760 torr, 293 K) and the gasses behaves ideally 

(22.4L/mol. at STP). The solvent CO2 concentration was determined by multiplying the 
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experimentally measured Henry’s Law constant of the solution (ǨH, CO2) by the measured CO2 

partial pressure in the headspace (the measured % v/v values can be converted into % P/P using 

the ideal gas law, and should remain the same). The solution concentration was then multiplied 

by the volume of solvent in the working cell to obtain the moles CO2 in solution.    

Table 2.3. Measured and calculated values for an eCCC cycle with TCQ2– in pure DMF 

under anaerobic flue gas.   

 

Initial [CO2]a 10.7% 

[CO2] after oxidation a 35.5% 

[CO2] after reduction a 27.5% 

Initial [TCQ2–] 57.5 mM 

Maximum theoretical 

moles captured by TCQ 

4.03 x 10–4 moles 

Charge passed (release) 44.0 C 

Moles e– passed (release) 4.56 x 10–4 

Charge passed (capture) –43.9 C 

Moles e– passed (capture) 4.55 x 10–4 

Working cell solution vol. 7.0 mL 

Working cell headspace 

vol. 

7.0 mL 

Working cell total volume 14.0 mL 

ǨH, CO2 for 0.5 M TBAPF6 

in pure DMF 

0.175 ± 0.007 

(mol. atm.-1 L-1) 

% FE (release) 84% 

% FE (capture) 27% 

% TCQ2– bound to CO2 95% 

   a Recorded as headspace measurements (v/v). 
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Table 2.4. Calculated moles of free CO2 present in working cell before and after release 

and/or capture steps during an eCCC cycle with TCQ2– in pure DMF under anaerobic flue 

gas.   

 Headspace CO2
a  Solution CO2

a Total CO2
a 

Pre-electrolysis 3.34 x 10–5 1.31 x 10–4 1.65 x 10–4 

After release 1.11 x 10–4 4.35 x 10–4 5.46 x 10–4 

After capture 8.59 x 10–5 3.37 x 10–4 4.23 x 10–4 

Total released   3.81 x 10–4 

Total captured   1.23 x 10–4 
a Recorded in units of moles from calculations shown below. 
 

𝑀𝑜𝑙𝑒𝑠 𝑒−𝑝𝑎𝑠𝑠𝑒𝑑 (𝑟𝑒𝑙𝑒𝑎𝑠𝑒) = 44.0 𝐶 × 
1 𝑚𝑜𝑙 𝑒−

96485 𝐶
= 𝟒. 𝟓𝟔 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 𝒆− 

 

𝑀𝑜𝑙𝑒𝑠 𝑒−𝑝𝑎𝑠𝑠𝑒𝑑 (𝑐𝑎𝑝𝑡𝑢𝑟𝑒) = −43.9 𝐶 × 
1 𝑚𝑜𝑙 𝑒−

96485 𝐶
= 𝟒. 𝟓𝟓 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 𝒆− 

 

 

 

𝐼𝑛𝑖𝑡𝑎𝑙 ℎ𝑒𝑎𝑑𝑠𝑝𝑎𝑐𝑒 𝐶𝑂2 =  
10.7 𝑚𝐿 𝐶𝑂2

100 𝑚𝐿 𝑡𝑜𝑡𝑎𝑙
×

1𝐿

1000 𝑚𝐿
×

1 𝑚𝑜𝑙 𝐶𝑂2

22.4 𝐿
= 𝟑. 𝟑𝟒 ∗ 𝟏𝟎−𝟓𝒎𝒐𝒍𝒆𝒔 

 

𝐻𝑒𝑎𝑑𝑠𝑝𝑎𝑐𝑒 𝐶𝑂2(𝑟𝑒𝑙𝑒𝑎𝑠𝑒) =  
35.5 𝑚𝐿 𝐶𝑂2

100 𝑚𝐿 𝑡𝑜𝑡𝑎𝑙
×

1𝐿

1000 𝑚𝐿
×

1 𝑚𝑜𝑙 𝐶𝑂2

22.4 𝐿
= 𝟏. 𝟏𝟏 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝐻𝑒𝑎𝑑𝑠𝑝𝑎𝑐𝑒 𝐶𝑂2(𝑐𝑎𝑝𝑡𝑢𝑟𝑒) =  
27.5 𝑚𝐿 𝐶𝑂2

100 𝑚𝐿 𝑡𝑜𝑡𝑎𝑙
×

1𝐿

1000 𝑚𝐿
×

1 𝑚𝑜𝑙 𝐶𝑂2

22.4 𝐿
= 𝟖. 𝟓𝟗 ∗ 𝟏𝟎−𝟓𝒎𝒐𝒍𝒆𝒔 

 

 

 

𝐼𝑛𝑖𝑡𝑎𝑙 𝑠𝑜𝑙𝑛. 𝐶𝑂2 =  
0.107 𝑎𝑡𝑚  𝐶𝑂2

1 𝑎𝑡𝑚 𝑡𝑜𝑡𝑎𝑙
×

0.175 𝑚𝑜𝑙 𝐶𝑂2 

1𝑎𝑡𝑚 𝐶𝑂2 ∗ 1𝐿
×

0.007 𝐿

1
= 𝟏. 𝟑𝟏 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝑆𝑜𝑙𝑛. 𝐶𝑂2 (𝑟𝑒𝑙𝑒𝑎𝑠𝑒) =  
0.355 𝑎𝑡𝑚  𝐶𝑂2

1 𝑎𝑡𝑚 𝑡𝑜𝑡𝑎𝑙
×

0.175 𝑚𝑜𝑙 𝐶𝑂2 

1𝑎𝑡𝑚 𝐶𝑂2 ∗ 1𝐿
×

0.007 𝐿

1
= 𝟒. 𝟑𝟓 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝑆𝑜𝑙𝑛. 𝐶𝑂2 (𝑐𝑎𝑝𝑡𝑢𝑟𝑒) =  
0.275 𝑎𝑡𝑚  𝐶𝑂2

1 𝑎𝑡𝑚 𝑡𝑜𝑡𝑎𝑙
×

0.175 𝑚𝑜𝑙 𝐶𝑂2 

1𝑎𝑡𝑚 𝐶𝑂2 ∗ 1𝐿
×

0.007 𝐿

1
= 𝟑. 𝟑𝟕 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

 

 

𝑇𝑜𝑡𝑎𝑙 𝐶𝑂2 (𝑖𝑛𝑖𝑡𝑖𝑎𝑙) = 3.34 ∗ 10−5 𝑚𝑜𝑙 +  1.31 ∗ 10−4 𝑚𝑜𝑙 = 𝟏. 𝟔𝟓 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝑇𝑜𝑡𝑎𝑙 𝐶𝑂2 (𝑎𝑓𝑡𝑒𝑟 𝑟𝑒𝑙𝑒𝑎𝑠𝑒) = 1.11 ∗ 10−4𝑚𝑜𝑙 +  4.35 ∗ 10−4𝑚𝑜𝑙 = 𝟓. 𝟒𝟔 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝑇𝑜𝑡𝑎𝑙 𝐶𝑂2 (𝑎𝑓𝑡𝑒𝑟 𝑐𝑎𝑝𝑡𝑢𝑟𝑒) = 8.59 ∗ 10−5𝑚𝑜𝑙 +  3.37 ∗ 10−4𝑚𝑜𝑙 = 𝟒. 𝟐𝟑 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 
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𝑇𝑜𝑡𝑎𝑙 𝑚𝑜𝑙𝑒𝑠 𝐶𝑂2 𝑟𝑒𝑙𝑒𝑎𝑠𝑒𝑑 = 5.46 ∗ 10−4𝑚𝑜𝑙 −  1.65 ∗ 10−4𝑚𝑜𝑙 = 𝟑. 𝟖𝟏 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

𝑇𝑜𝑡𝑎𝑙 𝑚𝑜𝑙𝑒𝑠 𝐶𝑂2 𝑐𝑎𝑝𝑡𝑢𝑟𝑒𝑑 = 5.46 ∗ 10−4𝑚𝑜𝑙 −  4.23 ∗ 10−4𝑚𝑜𝑙 = 𝟏. 𝟐𝟑 ∗ 𝟏𝟎−𝟒𝒎𝒐𝒍𝒆𝒔 

 

 

 

%𝐹𝐸 (𝑟𝑒𝑙𝑒𝑎𝑠𝑒) = 3.84 ∗ 10−4𝑚𝑜𝑙 𝐶𝑂2 ÷  4.56 ∗ 10−4𝑚𝑜𝑙 𝑒− = 𝟖𝟒% 𝑭𝑬 

 

%𝐹𝐸 (𝑐𝑎𝑝𝑡𝑢𝑟𝑒) = 1.23 ∗ 10−4𝑚𝑜𝑙 𝐶𝑂2 ÷  4.55 ∗ 10−4𝑚𝑜𝑙 𝑒− = 𝟐𝟕% 𝑭𝑬 

 

      %𝐓𝐂𝐐𝟐−𝐛𝐨𝐮𝐧𝐝 𝐭𝐨 𝐚𝐧𝐝 𝐫𝐞𝐥𝐚𝐬𝐞𝐝 𝐟𝐫𝐨𝐦 𝐂𝐎𝟐:  
3.84 ∗ 10−4𝑚𝑜𝑙 𝐶𝑂2 𝑟𝑒𝑙𝑒𝑎𝑠𝑒𝑑 ÷  4.03 ∗ 10−4𝑚𝑜𝑙 𝑇𝐶𝑄2− = 𝟗𝟓%  

 

Spectrophotometric titration of [TBA]2[TCQ2–] with CO2: To a solution of [TBA]2[TCQ2–] 

(3.0 mL, 100 μM in pure DMF or ethanol-containing DMF) in a sealed 1 cm cuvette in the dark, 

aliquots of 10% CO2 in N2 (v/v) were added using a Hamilton gas locking micro-syringe. After 

each addition, the solution was shaken and an absorbance spectrum taken. Titrations were 

continued until changes in the absorbance spectrum were no longer observed. Equilibrium 

constants for the reaction of [TBA]2[TCQ2–] with CO2 in each solvent mixture (KCO2) were 

calculated using the Benesi-Hildebrand method.40,41 The change in absorbance of the peak 

corresponding to [TBA]2[TCQ2–] and the concentration of added CO2 at each point were used to 

generate a double reciprocal plot. Values of Log(KCO2) were then obtained from the linear fit of 

the resultant plots. Each titration was repeated at least three times and the averaged values 

reported at the 95% confidence interval.    

Determination of KCO2 from spectrophotometric titration of [TBA]2[TCQ2–] with CO2 using 

the Benesi-Hildebrand method: From the spectrophotometric titration data, one over the 

change in absorbance of [TBA]2[TCQ2–] (1/ΔA) (located at 410 or 374nm in pure DMF or 2M 



82 
 

ethanol in DMF, respectively) at each point was plotted versus the one over the total 

concentration of CO2 added to the solution (1/[CO2]0) (Figure 2.19, right). A linear fit was 

applied to the resultant plot whose slope and y-intercept were used to plug into equation 2.3.41 

 

1

∆𝐴
=

1

𝑏∆𝜀[𝐶𝑂2]0[𝑇𝐶𝑄2−]0𝐾𝐶𝑂2
+

1

𝑏∆𝜀[𝑇𝐶𝑄2−]0
   2.3 

In equation 2.3, b is the pathlength of the cell used (1 cm), Δε is the change in absorption 

coefficient between the “host” (TCQ2–), and the “host-guest” complex ([TCQ(CO2)]
2–) at the 

measured wavelength. Lastly, [TCQ2–]0 is the initial concentration of TCQ2– while KCO2 is the 

equilibrium constant of “guest” (CO2) binding to the “host” (TCQ2–). Applying equation 2.3 to a 

line equation (y = mx + b), the y-intercept of the line (b) is equal to (1/bΔε[TCQ2–]0) and the 

slope is equal to the y-intercept divided by KCO2 (b/KCO2). The CO2 binding constant can then be 

calculated by dividing the y-intercept by the slope (KCO2 = b/m). 

Synthesis: 

2, 3, 5, 6-tetrachloro 1, 4-benzoquinone dianion, n-tetrabutylammonium salt 

([TBA]2[TCQ2–]):  Tetrabutylammonium methoxide (0.55M. in methanol, 2.1 eq.) was added 

dropwise to a stirring solution of tetrachlorohydroquinone (1 eq.) in CH3CN in the dark. After 

stirring for about 30 minutes, the solvent was removed in vacuo until complete dryness. The 

resulting dark yellow-orange solid was then dissolved in the desired solvent for electrochemical 

or spectroscopic analysis. UV-vis (DMF) λmax/nm (ε/M-1 cm-1) 410 (4700). FTIR (ATR)/cm-1 

νCO: 1673, 1608 . 13C{1H} NMR (500 MHz, CD3CN) δ 150.9, 120.3, 59.3, 24.3, 20.3, 13.8. 
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Preparation of the CO2 adduct of 2, 3, 5, 6-tetrachloro 1, 4-benzoquinone dianion, n-

tetrabutylammonium salt ([TBA]2[TCQ(CO2)2–]):  In the dark, dry CO2 was sparged through 

a 50 mM solution of [TBA]2[TCQ2–] in CD3CN, turning the solution from a dark yellow-orange 

to a lighter yellow color. UV-vis (DMF) λmax/nm (ε/M-1 cm-1) 358 (6260). FTIR (ATR)/cm-1 νCO: 

1671, 1631, 1581. 13C{1H} NMR (500 MHz, CD3CN) δ 166.9, 157.8, 121.2, 59.3, 24.3, 20.3, 

13.8. 

 

 

 

 

 

 

Figure 2.28. 13C{1H} NMR of [TBA]2[TCQ2–] in CD3CN.  
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3.1 Overview 

With rising global energy demands and unabated anthropogenic emissions of greenhouse 

gasses, the use of alternative energy resources is becoming increasingly desirable.1,2 The direct 

electrochemical conversion of carbon-based feedstocks (i.e. CO2 and CO) into energy-dense fuels 

using renewable energy could provide an ideal solution to meet growing energy demands while 

utilizing current energy infrastructure. 

A large collection of catalysts have been investigated for the reduction of carbon dioxide 

into value added chemical fuels/ precursors, most commonly formate and carbon monoxide.3–5 

Although there has been extensive research in this field, widespread utilization of electrochemical 

fuel production is hindered by several shortcomings of the catalyst design principles currently 

being implemented. Two of the most significant challenges in this field are minimization of 

overpotential (η), and achieving high product selectivity. While there are many examples of 

catalysts that can selectively reduce CO2 or operate at a low overpotential, there are few that do 

both. As a result of these shortcomings, these processes remain inefficient, which makes their 

implementation prohibitively expensive. The energetic efficiency of electrochemical CO2 

reduction reactions needs to be significantly increased to promote future incorporation of 

renewable energy approaches into our energy economy. In this chapter, a thermodynamic analysis 

for the specific challenges of selectivity and overpotential in CO2 reduction to formate and CO is 

presented. Afterwards, reported methods in the literature utilizing secondary or tertiary interactions 

to address these challenges will then be discussed and compared. Lastly, the approaches utilized 

in this thesis will be proposed and presented, based on previous studies from our group. 
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3.2 Thermodynamic Analysis of H+ Versus CO2 Reduction Pathways 

The most significant obstacle to efficient CO2 reduction to form CO or formate is the ability 

to predictably promote product selectivity, while operating at minimal overpotential. The reduction 

of carbon dioxide into chemical fuels involves the transfer of both protons and electrons, leading 

to the major challenges of product selectivity, as direct proton reduction to hydrogen is 

thermodynamically favored over CO2 many reduction reactions at high acid concentrations in 

organic and aqueous solvents (Equation 3.1-3.3, potentials listed as volts versus [Fe(C5H5)2]
+/0).6,7  

   2H+ + 2e−
E0

↔ H2                    ECH3CN
0 = −0.03 V, EDMF

0 = −0.662 V     3.1 

CO2 + 2H+ + 2e−
E0

↔ CO + H2O      ECH3CN
0 = −0.12 V, EDMF

0 = −0.73 V     3.2 

      CO2 + H+ + 2e−
E0

↔ HCOO−                                     ECH3CN
0 = −0.77 V     3.3 

From the equations above, proton reduction to form H2 is thermodynamically favored by 68 mV 

compared to CO in dimethylformamide (corresponding to 13.1 kJ/mol, no thermodynamic 

reduction potential for formate production in DMF is reported). The disparity between the two 

reactions is larger in acetonitrile (CH3CN), where H2 formation is favored by 90 mV over CO and 

740 mV over formate (17.4 kJ/mol and 142 kJ/mol, respectively). These values are calculated at 

high acid (i.e. high proton) concentrations ([H+]= 1 M).7 At lower proton concentrations, the 

energetic favorability of H2 evolution over formate production decreases to a point where formate 

production can be preferred over H2 (which is also true of oxalate production), which will be 

discussed in more detail over the next few pages. While modulation of proton concentration can 
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be used to promote formate  product selectivity, H2 production is preferred over CO at all proton 

concentrations. 

Poor product selectivity is commonly the result of side reactivity with H+ or CO2 at key 

intermediates of the catalytic cycle that leads to undesirable reaction pathways and products. 

Scheme 3.1 shows a generalized scheme for the catalytic reduction of H+ and CO2 to form H2, CO, 

or formate as products. While other mechanisms are possible, Scheme 3.1 shows the most common 

reaction pathways for each product. Upon reduction of a resting-state catalyst ([LM]) to generate 

the active catalyst ([LM]–n), two reaction pathways are possible; the “protonation first pathway” 

(red) or the “CO2-activation first pathway” (blue).  

In the “protonation first pathway”, a metal hydride ([LMH]1–n) is formed upon protonation 

of [LM]–n (the compound is also further reduced if n=1). This step only occurs if an acid/ proton 

donor is present with a pKa lower than that of [LMH]1–n ({pKa1}), such that the free energy of 

reaction (ΔGMH, eq 3.4) is larger than the reaction of [LM]–n with CO2. The free energy of the 

 

Scheme 3.1 Possible catalytic cycles of a metal catalyst, depending on reaction with H+ or CO2 

at key intermediates. Reproduced with permission from ref 32, published by the American 

Chemical Society. 
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protonation reaction can be determined by the difference between the proton donor (pKa(HA)) and 

hydride ({pKa1}) pKa values, as shown in eq 3.4.  

∆GMH =  −2.303RT(p𝐾a(HA) − {p𝐾a1})                3.4 

The reaction pathway diverges once again upon formation of the metal hydride ([LMH]1–

n). protonation of [LMH]1–n results in H2 evolution, while hydride transfer to CO2 produces formate 

(Scheme 3.1, red and green arrows, respectively). The free energy for the reaction of a metal 

hydride with H+ or CO2 can be assessed utilizing a thermodynamic parameter known as hydricity 

(ΔGH–), which is the propensity for a compound to give up a hydride, first described by Dubois et. 

al.8,9 The hydricity of a species is related to its two-electron reduction potential (E1/2([LM]/[LM]–

2) and pKa ({pKa1}), along with the reduction potential for H+/H– in the utilized solvent (Csolv., eq 

3.5).6,10–12 The free energy of protonation of a metal hydride to evolve H2 (ΔGH2) can be determined 

using its hydricity value, the pKa of the proton donor (pKa(HA)), and the heterolytic bond 

dissociation energy of H2 (CH2, a solvent-dependent constant) shown in eq 3.6.13 For hydrogen 

evolution to be exergonic (ΔGH2 < 0), the pKa of the proton donor (pKa(HA)) must be lower than 

{pKa2} (Scheme 3.1), which is calculated from eq. 3.6 when ΔGH2 = 0. Selective hydride formation 

(without consequent formation of H2) can be achieved through utilization of an acid whose pKa 

falls between {pKa1} and {pKa2} ({pKa2} < pKa(HA) < {pKa1}).14–17  

  ∆GH− =  −46.1E1 2⁄ ([LM] [LM]−2⁄ ) + 1.37{p𝐾a1} + 𝐶solv.               3.5 

∆GH2 =  ∆GH− + 2.303RT(p𝐾a(HA)) − 𝐶H2                     3.6 

  ∆G(formate) =  ∆GH− − ∆GH−(formate) = −RTln{𝐾eq1(CO2)}               3.7 
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The free energy of formate production (ΔG(formate)) is dependent upon the hydricities of the 

metal hydride donor (ΔGH–) and the hydride acceptor, formate (ΔGH–(HCO2
–)), shown in eq 3.7.6,10 

The equilibrium constant of hydride transfer to CO2 ({Keq1(CO2)}, scheme 3.1) is also related to 

ΔGH– and ΔG(formate) through eq 3.7. Figure 3.1 shows a plot of ΔGH– versus the average E1/2 for 

the two-electron reduction of a collection of metal hydride species. The purple shaded region 

below signifies conditions where CO2 reduction into formate by a hydride donor is exergonic 

(ΔG(formate) < 0). 

From the figure, there are many metal hydrides that are sufficiently hydridic to reduce CO2 

into formate. While metal hydride formation and consequent protonation to form H2 are dependent 

upon pKa(HA) (eqs 3.4 and 3.6), the reduction of CO2 via hydride transfer is not (eq 3.7). As a result, 

selective CO2 reduction into formate can be achieved predictably using thermodynamic 

considerations alone. Our group has recently evaluated this concept and have shown that careful 

 

Figure 3.1 Average redox potential of metal hydrides versus their hydricity value (ΔGH–) in 

CH3CN. The shaded regions indicate whether reduction CO2 reduction to formate is exergonic 

(ΔG(formate) < 0, purple region) or endergonic (ΔG(formate) > 0, pink region). Reproduced with 

permission from ref 12, published by the American Chemical Society. 
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matching of metal hydricity with proton donor pKa results in extremely selective CO2 reduction to 

generate formate (> 90% Faradaic Efficiency).14,16,18,19 Furthermore, the energetics of the catalytic 

cycle can be tuned using the same parameters in order to “flatten” the free energy landscape–that 

is–minimize the free energy of each step in the catalytic cycle; resulting in a lower overpotential. 

Using the hydride donor [HPt(depe)][PF6] with [H(CH2)(TBD)2][PF6] as a proton donor, selective 

production of formate (>95% FE) was achieved with less than 50 mV of overpotential required.19 

The low overpotential achieved was a result of the careful matching of hydricity and pKa values 

with one another, such that the free energy at each step is minimized (ΔGH– = 44.2 kcal/mol for 

both [HPt(depe)][PF6] and formate, while the proton donor used, [H(CH2)(TBD)2][PF6] has a  

pKa(HA) = 29.0 and [HPt(depe)][PF6] {pKa1} = 29.7 in CH3CN).9,19   

While thermodynamic considerations can be utilized to predictably promote selective CO2 

reduction to formate, such is not the case for CO2 reduction to CO. In the “CO2-activation first 

 

Figure 3.2 Free energy landscape for a single-site catalyst for CO2 reduction to CO (black) and 

a catalyst that features a cooperative interaction (blue) to stabilize the metal–carboxylate 

intermediate B. Reproduced with permission from ref 32, published by the American Chemical 

Society. 



100 
 

pathway” (Scheme 3.1, blue), nucleophilic attack of CO2 by [LM]–n outcompetes protonation. A 

generalized reaction coordinate diagram for single-site activation of CO2 to CO is depicted in 

Figure 3.2 (black). A strongly reducing (and therefore high energy) metal site (intermediate A) is 

required to activate the electrophilic carbon in CO2 to generate an high-energy metal carboxylate 

species (intermediate B). While very little quantitative data exists for CO2 binding constants with 

reduced metal centers, {Keq2(CO2)} values for a series of cobalt(I) tetraamine macrocycles have 

been reported.20 After accounting for steric effects, log{Keq2(CO2)}  correlates with the Co(II/I) 

redox potential, where a more reducing cobalt center results in a larger value of {Keq2(CO2)}. This 

trend matches what is seen in Figure 3.1, where more reducing metal hydrides are better hydride 

donors (and are therefore more nucleophilic). Due to its highly nucleophilic oxygen atoms, the 

metal carboxylate species (intermediate B, Figure 3.1) is highly unstable, which can lead to ligand 

decomposition21 or disproportion with another molecule of CO2 to produce CO and CO3
2–.22–27 

The carboxylate oxygen atoms are also extremely basic (very high {pKa3}, Scheme 3.1), and are 

capable of protonation by adventitious water or even electrolyte 28–31 to produce the corresponding 

metal carbonyl and water (intermediate C). 

Although more reducing metal complexes tend to be more active towards CO2 binding and 

reduction, there negative potentials required to do so confer several undesirable side-effects for 

product selectivity, efficiency, and rate. First, more reducing metal sites are also more basic, 

making them prone to following the “protonation first pathway”.32 Second, CO is typically a better 

ligand than CO2, with more electron-dense metals forming more stable M–CO bonds (intermediate 

C, Figure 3.1). A stronger M–CO bond inhibits catalytic turnover, in fact CO release has been 

shown to be rate limiting for several known catalysts.3,33–35 Lastly, a more negative potential 

required for catalysis directly corresponds to a larger overpotential, which lowers the efficiency, 
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requiring more power and higher costs to operate. As a result, it would be highly beneficial to 

develop CO2 reduction catalysts that can operate at lower potentials.  

3.3 Utilization of Secondary- and Tertiary-coordination Sphere Interactions 

to Promote Efficient CO2 Reduction to CO 

In nature, the enzyme [NiFe] Carbon Monoxide Dehydrogenase ([NiFe] CODH) catalyzes 

the reversible conversion of CO2 to CO with high selectivity and turn over frequency (TOF) at a 

low overpotential.36,37 The proximal nickel and iron centers in the enzyme’s active site have been 

crystallographically shown to activate CO2 in a cooperative fashion (Chart 3.1).38 The source of 

the enzyme’s high efficiency is theorized to be due to the cooperative binding interaction, which 

acts to stabilize the metal carboxylate intermediate (black versus blue intermediate A, Figure 3.2). 

Stabilization of a metal carboxylate intermediate allows CO2 to bind at a less electron dense metal 

center,39–41 resulting in a lower required overpotential for substrate binding and reduction (relative 

energies of M0
B versus M0

A in Figure 3.2). Additionally, the metal carbonyl intermediate 

(intermediate C, Figure 3.2) is destabilized, allowing easier displacement by another CO2 or 

solvent molecule, resulting in a higher TOF. 

The cooperative binding interaction in [NiFe] CODH permits CO2 binding at a more 

electron deficient metal center. As a result of the overall flattening of the energy landscape (blue 

versus black reaction pathway, Figure 3.2), CO2 can be reduced to CO with higher TOF and lower 

overpotential. Selectivity for CO should also increase, as pKa1 for metal hydrides increase with 

increasing electron density of the metal center.32 Harnessing this effect in molecular complexes 

could break the linear scaling relationship previously observed between reduction potential and 

rate constant of substrate binding and reduction (i.e. TOF) in non-cooperative systems.20,42–45 
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Cooperative CO2 activation and reduction has been implemented in synthetic systems utilizing a 

variety of secondary Lewis acid interactions including: frustrated Lewis pairs,46–48 hydrogen-

bonding,33,49–56 and metal cations (both transition27,54,57–61 and Group I/II 21,39–41,62,63). Additionally, 

the inclusion of charged ammonium, phosphonium, and imidazolium moieties into ligand 

frameworks has been shown to increase CO2 reactivity.64–66 Chart 3.1 shows specific examples of 

reported catalysts that feature the type of secondary interactions discussed, which will be covered 

in more detail below. 

3.4 CO2 Reduction Catalysts Featuring Cooperative Binding Interactions 

Single-site palladium triphosphine catalysts exhibit a linear free energy relationship 

(LFER) between the rate of CO2 reduction (kCO2) and redox potential.54 The addition of hydrogen-

bonding interactions or a secondary metal disrupted the LFER, leading to faster rates of CO2 

reduction at milder potentials. Optimization of the cooperative interaction with a secondary 

palladium center (top right, Chart 3.1) increased the rate of catalysis by 3 orders of magnitude over 

the corresponding monomeric species, while lowering the overpotential almost 200 mV.8,42,57,67,68 

Additionally, the Faradaic efficiency was increased from 10:90 CO:H2 to 85:15 CO:H2 upon 

introduction of the second metal center.57,67  While the introduction of a secondary palladium 

center led to increased TOF, FE, and lower overpotential, the catalyst is quickly deactivated 

through metal–metal bond formation between the two metal centers due to their similar reduction 

potentials. Utilization of redox-inactive metals could help to alleviate catalyst deactivation due to 

metal–metal bond formation. 

Several systems have shown increased electrocatalytic CO2 reactivity with the 

incorporation of redox-inactive Group I or II metals. Floriani and coworkers have observed that 
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reduced cobalt salen complexes will form extended lattices with sodium, lithium, or potassium 

ions in THF.40,69 The reduced complexes reversibly bind CO2 between the cobalt and alkali metal 

cation (bottom left, Chart 3.1).39,69,70 When the CO2 adduct is further reduced, CO and CO3
2– are 

produced, which is not observed in the absence of alkali metal cations.71 While iron porphyrin 

catalysts were previously shown to selectively reduce CO2 to CO, Savéant and coworkers have 

observed significant increases to catalytic rate and stability upon addition of Group I or II metals, 

in addition to further improvements to product selectivity.21,72 Manganese bipyridine catalysts 

show similar improvements upon introduction of exogenous magnesium salts. The catalyst is 

capable of operating at 300 mV lower overpotential without detrimental effects to the catalytic rate 

or product selectivity.63 

    Transition metals 

                        
                  [NiFe] CODH (ref. 38)                                      Dubois (ref. 57) 

 

 
Group I/II metals 

 

 
 

     Floriani (refs. 40, 41) 

Hydrogen-bonding 
 

 
 

Sauvage, Fujita, etc. (refs. 33, 55, 74) 
 

Chart 3.1 Examples of catalysts in the literature and in nature that feature cooperative CO2 

binding interactions. 
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Hydrogen-bonding interactions are also observed to significantly increase CO2 reduction 

catalysis through stabilization of metal carboxylate intermediates. Early mechanistic and 

computational studies of [Ni(cyclam)]+ (bottom right, Chart 3.1) and cobalt macrocycles indicate 

that the amine protons in the macrocycles are incredibly important in facilitating CO2 reduction, 

showing that the protons need to be in the correct position and orientation to promote CO2 binding 

and reduction.20,55,73,74 More recently, Froehlich and Kubiak confirmed these studies by replacing 

the amine protons with methyl groups in Ni(cyclam) complexes, which significantly lowered CO 

product selectivity.33 Savéant and coworkers have also shown that the incorporation of phenol 

moieties into the secondary coordination sphere of iron tetraphenyl porphyrin complexes results 

in a 50-fold rate increase while operating at 360 mV lower overpotential than compared to the 

corresponding anisole substituted system.75 

In addition to Lewis acid effects, electrostatic stabilization of metal carboxylate species has 

also been shown. Using a similar catalyst framework as discussed above with phenol moieties, 

Savéant and coworkers have utilized cationic quaternary ammonium substituents to promote CO2 

reactivity through electrostatic stabilization of bound metal carboxylate species.66 Iron 

tetraphenylporphyrin complexes featuring o-NMe3
+ substituents operate at TOFs over 100 times 

faster than the corresponding p-NMe3
+ catalyst, at 230 mV less overpotential. When the cationic 

o-NMe3
+ substituents were replaced with anionic sulfonate substituents, the catalytic activity was  

decreased, supporting the theory of electrostatic stabilization of a metal carboxylate species. A 

similar effect has been more recently observed in rhenium bipyridine complexes featuring 

proximal cationic imidazolium substituents.65 
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3.5 Electrostatic Field Effects on Reactivity: Potential CO2 Reduction 

Applications 

 An oriented electric field can act to stabilize (or destabilize) specific chemical bonds or 

species in a transition state with a net dipole if the chemical bonds are properly oriented within the 

field. Stabilizing or destabilizing certain bonds in a chemical transition state can be extremely 

helpful to promote selective bond formation or cleavage.76–79 While the utilization of oriented 

electric or electrostatic fields and their effects on chemical reactivity was mainly limited to 

theoretical studies for many years, however their utilization in experimental applications has 

shown promise in recent years.80,81 Electric field effects have been used for many different organic 

reactions including: asymmetric catalysis,82–85 site-selective catalysis,86,87 palladium cross 

coupling,88 Wittig rearrangement,82 and Diels-Alder reactions.89 While there have been some 

studies involving small molecule activation in electric fields, the examples are limited and have 

typically only been performed with species appended to electrode surfaces. One such example 

includes nanostructured gold and palladium electrodes that are able to concentrate alkali metal 

cations in the electric double layer during electrocatalysis, resulting in enhancements in CO2 

reduction activity.90 

 
Chart 3.2. General structure of crown ether-appended salen complexes where M1 = Ni, Fe, Co, or 

Mn and M2 = Na+, K+, Rb+, Ca2+, Sr2+, or Ba2+. Reproduced with permission from ref 92, published 

by the Royal Society of Chemistry. 
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Our lab has demonstrated that electric fields can be generated intramolecularly from metal 

cations, resulting in modifications to  the reduction potential of a proximal transition metal center 

without detrimentally affecting reactivity.91–94 The incorporation of Group I or II metal cations 

into the crown ether-like cavity of a modified salen ligand platform (Chart 3.2) results in significant 

anodic shifts (often exceeding 500 mV) in the reduction potential of the corresponding nickel, iron, 

cobalt, or manganese complexes. Although the redox potential is significantly affected, the 

introduction of a secondary metal cation was not found to negatively impact reactivity at the 

transition metal; in fact, the secondary metal was found to promote catalytic C–H oxidation at 

milder potentials.94 Additionally, the corresponding manganese nitride complexes showed 

decreased rates of bimolecular coupling (an undesirable decomposition pathway) to produce N2 

with the inclusion and increasing charge of the secondary metal cation, resulting in an inverse 

linear free energy relationship between reduction potential and rate of coupling.93 

3.6 Research Goals 

 The research presented in part II of this dissertation is a synthetic inorganic chemical 

approach to understanding how proximal Group I and II metal cations affect homogeneous 

electrochemical reduction of H+ and CO2. Two different ligand scaffolds were utilized in an 

attempt to probe either cooperative binding interactions or oriented electric field effects (Chart 

3.3).  
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The first ligand framework investigated is an SNS pincer ligand (SNScrown) featuring an 

appended aza crown ether cavity (“1[M]” Chart 3.3). The SNS site is capable of binding later 

transition metal ions, while the crown ether cavity readily incorporates Group I and II metal 

cations. The pincer and crown ether sites are positioned facing one another, connected with semi-

flexible aliphatic carbon chains in order to encourage cooperative CO2 binding interactions. 

Palladium and rhodium complexes of SNScrown were synthesized and characterized with Na+ or 

Ba2+ cations bound to the crown. The effects of proximal sodium or barium cations on the 

electronic structure of the palladium center was investigated using electronic absorption 

spectroscopy and cyclic voltammetry. Proximal cation effects on H+ and CO2 reduction were then 

investigated using cyclic voltammetry and controlled potential electrolysis. Additionally, cation 

effects on the rate of catalyst deactivation via dimerization was investigated using cyclic 

voltammetry, spectroelectrochemical electronic absorption spectroscopy, and electronic 

absorption spectroscopy.  

The second set of complexes discussed are based on a previously reported crown ether-

appended bipyridine ligand (bpycrown).95 Rhenium tricarbonyl chloride complexes of bpycrown 

                                     
 

Chart 3.3. Structures of compounds 1[M]n+ (left), and 5[M(OTf)n] (right) used to investigate 

secondary and tertiary effects of the secondary metal center (Mn+) on H+ and CO2 reduction 

reactions.  
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(5[M(OTf)n], Chart 3.3) were synthesized and characterized with Na+, K+, Ca2+, or Ba2+ bound to 

the crown ether site. Incorporation of Group I and II metals into the crown ether was evaluated 

using 1H and 13C{1H} nuclear magnetic resonance spectroscopy, Job plot analysis, in addition to 

mass spectrometry. Proximal cation effects on the electronic structure of the rhenium metal center 

was evaluated using cyclic voltammetry, electronic absorption spectroscopy, and infrared 

spectroscopy. Lastly, the CO2 reactivity of each complex was investigated using cyclic 

voltammetry and controlled potential electrolysis. 

 Characterization of the described complexes was carried out using electronic absorption, 

infrared, and nuclear magnetic resonance spectroscopies, mass spectrometry, elemental analysis, 

X-ray diffraction, electrochemical, and spectroelectrochemical methods.   
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Proximal Group I and II Metal Cations to Promote CO2 
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4.1 Introduction 

 A large collection of catalysts have been investigated for the reduction of carbon dioxide 

into value added chemical fuels/ precursors, most commonly formate and carbon monoxide.1–3 

Although there has been extensive research in this field, widespread utilization of electrochemical 

fuel production is hindered by several shortcomings of the catalyst design principles currently 

being implemented. One of the most significant obstacles is the ability to predictably promote 

product selectivity. The reduction of carbon dioxide into chemical fuels involves the transfer of 

both protons and electrons, leading to major challenges for product selectivity, as direct proton 

reduction to hydrogen is thermodynamically favored over many CO2 reduction products (carbon 

monoxide, formate, oxalic acid, and formaldehyde) in organic and aqueous solvents; in 

dimethylformamide, the standard reduction potential for the hydrogen evolution reaction (HER) is 

68 mV positive (more favorable) compared to CO2 reduction to CO.4 

Selective reduction of CO2 to formate can be achieved using thermodynamic 

considerations alone through judicious selection of catalyst–acid pairs, such that their pKa’s are 

compatible and the catalyst hydricity is amenable to CO2 reduction (Chapter 3.2);5–9 such is not 

the case for CO production. The selectivity of rhenium bipyridine (one of the earliest systems to 

display high selectivity for CO) was recently shown to be a consequence of the redox-active or 

“non-innocent” nature of the bipyridine ligand.10,11 More recent examples however, have utilized 

secondary or tertiary coordination sphere interactions to increase product selectivity. Large 

increases in CO selectivity have been observed in systems featuring bimetallic,12 hydrogen–

bonding,13–17 and electrostatic interactions.18 The preference for CO production in these systems 

is theorized to derive from the stabilization of metal carboxylate intermediates, thus favoring CO2 
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binding over protons.5 To date, there are no examples of CO2 reduction catalysts featuring 

secondary or tertiary interactions that have been shown to hinder proton binding/ reduction.    

Apart from selectivity, another issue facing many electrocatalysts is prevention of non-

productive off cycle decomposition pathways.19,20 A common decomposition pathway for highly 

active CO2 reduction catalysts is the formation metal–metal dimers.12,19–21 Incorporation of 

sterically bulky groups into the design of catalysts has been shown to prevent these off-cycle 

dimerization pathways.19,22–26 However, this can often be synthetically challenging, or result in 

undesirable changes to the electronic structure or activity of the catalyst.26,27 

For future generations of catalyst design, it would be highly beneficial to incorporate ligand 

functionality that can predictably promote product selectivity, while at the same time prevent off-

cycle decomposition pathways. To systematically study the effect of charge on electrocatalytic 

HER, we synthesized a pincer ligand with an appended aza-crown cavity (SNScrown[NaCl], Chart 

1), which can contain either a Na+ or Ba2+ cation. A ligand without an appended aza-crown cavity 

was synthesized for comparison (SNSEt, Chart 4.1). We investigated the corresponding Pd 

complexes for electrocatalytic HER activity and found increases in overpotential (up to 260 mV) 

with increasing cationic charge. The increase in overpotential was relatively consistent across 

multiple acids that span 10 pKa units and two different solvents (acetonitrile and 

dimethylformamide).  

Chart 4.1. 
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Because the presence of the cation suppresses H2 evolution, we also examined the 

electrocatalytic activity of the complexes towards CO2 reduction. Similar Pd pincer complexes are 

known to have electrocatalytic activity towards CO2 reduction to CO.18,20,25,28–33 We found the 

presence of Ba2+ results in a modest increase in selectivity for CO as a product. Our results were 

complicated by decomposition of the Pd complexes under electrolytic conditions. We note that the 

presence of the Ba2+ improves stability under reductive conditions. Although our Pd complexes 

are ultimately unstable under electrolytic CO2 reduction conditions, our systematic studies on HER 

activity with varying cationic charge, acids, and solvents points to a synthetic design strategy to 

improve product selectivity in reductive catalysis.  

4.2 Results/Discussion 

4.2.1 Synthesis 

The ligand at the focus of our investigation, SNScrown[NaCl], was synthesized in 3 steps 

from the previously reported tert-butyloxycarbonyl (Boc) protected N, N’-bis(2-chloroethyl) 

amine34 (A, Scheme 4.1).  Substitution of 3-mercaptopropionic acid with A forms the 

corresponding diacid, B. The aza-crown ether chain was then appended to the ligand via amide 

linkages upon reaction of diaza-18-crown-6 with acid chloride functionalized B formed in situ to 

produce the diamide macrocycle, C. Lastly, removal of the Boc group and reduction of each amide 

to their corresponding amine was accomplished in one step by reaction with 

borane•tetrahydrofuran followed by acidic workup to form the completed SNScrown[NaCl]. The 

corresponding Pd complex 1[NaBPh4] was formed by reaction with PdCl2 followed by salt 

metathesis with NaBPh4. The identity and purity of 1[NaBPh4] was confirmed by 1H and 13C{1H} 

NMR spectroscopy, mass spectrometry, and elemental analysis.  
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1, 10-diaza-18-crown-6, which is very similar to the aza-crown in SNScrown, has been 

shown to have significant preference for Ba2+ over Na+ ions in DMF (log(K) = 2.2 vs. 5.55 for Na+ 

and Ba2+ ions, respectively).35 Indeed, the sodium ion in the aza-crown cavity of 1[NaBPh4] is 

readily displaced upon addition of Ba2+. The 1H NMR spectra of 1[NaBPh4] in CD3CN features 

significant shifts in the crown ether resonances upon addition of 1.1 eq. Ba(OTf)2 (Figure 4.1). 

The displacement of Na+ by Ba2+ in the aza-crown of 1[NaBPh4] is further confirmed by mass 

spectrometry (Figure 4.50).  

In order to assess the effects of the proximal alkali or alkaline earth metal cations on the 

reactivity of bound substrates, an analogue without the aza-crown ether functionality was 

synthesized for comparison. N, N’-bis(2-(ethylthio)ethyl)amine (SNSEt)36 and 237  (Chart 4.1) were 

 

Scheme 4.1. Synthesis of SNScrown, 1[NaBPh4] and 3[NaBPh4]. 
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prepared. Our revised preparation of 2 resulted in a greater yield and a shorter reaction time. The 

electrochemical properties and small molecule reactivity of 2 had not previously been reported.  

 

4.2.2 Structural Characterization 

We were unable to grow crystals of 1[NaBPh4] of sufficient quality for structural 

characterization by X-ray diffraction. Instead, we obtained solid-state structures for the 

corresponding isoelectronic Rh(I) carbonyl complexes (3[NaBPh4] and 4, Chart 4.1) to serve as 

structural models for their Pd(II) counterparts (Scheme 4.1, Figure 4.2). The Rh(I) complexes were 

synthesized by addition of ligand (SNScrown[NaCl] or SNSEt) to [Rh(COD)2][BF4] in 

dichloromethane, and then sparging the solution with CO gas. The crude products were then 

extracted with toluene and recrystallized with diethyl ether to obtain the purified products 

(3[NaCl] and 4). The outer-sphere anions of the aza-crown containing complex (3[NaCl]) were 

 

 Figure 4.1. Comparison of 1H NMR spectra of 1•[NaBPh4] in CD3CN before (teal) and 

after (red) addition of 1.1 eq. Ba(OTf)2. Shifts in the crown ether proton resonances (most 

notably those between 3.5–4.0 ppm) indicate displacement of the bound sodium by a barium 

ion. *Indicates residual MTBE impurity. 



130 
 

replaced with tetraphenylborate by salt metathesis of 3[NaCl] with NaBPh4 in DCM to form 

3[NaBPh4]. The identity of 3[NaBPh4] and 4 were confirmed by IR spectroscopy, 1H and 13C{1H} 

NMR spectroscopy, mass spectrometry, and elemental analysis.   

The solid-state structures of 3[NaBPh4] and 4 are shown in Figure 4.2. Both 3[NaBPh4] 

and 4 feature a square planar Rh metal ion coordinated to an SNS pincer ligand in a tridentate 

fashion with a CO ligand coordinated trans to the amine nitrogen. 3[NaBPh4] features a sodium 

bound to the pendant aza-crown ether moiety with a Rh–Na distance of 5.07 Å. The CO ligand in 

3[NaBPh4] is disordered over two positions, preventing accurate measurement of the carbon and 

oxygen distances from the sodium ion. We expect the Rh(I) and Pd(II) centers in the aza-crown 

complexes 3[NaBPh4] and 1[NaBPh4] to have similar structures since both are second row metals 

with d8 electron configurations and favor a square planar coordination geometry.   

 

 

   

Figure 4.2. Crystal structures of 4 (left), and 3[NaBPh4] (right). Hydrogens, counteranions, and 

solvent molecules are omitted for clarity. Ellipsoids are shown at 50%. probability.  
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4.2.3 Electronic Absorption and Electrochemical Properties 

Electrochemical and electronic absorption data for each Pd complex are listed in Table 4.1. 

Both 1 and 2 feature an LMCT band at 367 nm and lack observable d–d transitions in 

dimethylformamide (DMF) (identical bands are observed in methanol). In the aza-crown ether 

containing complexes, switching from chloride to tetraphenylborate counter anions (1[NaCl] vs 

1[NaBPh4]) resulted in the growth of a shoulder at 316 nm, while the absorption at 367 nm was 

unaffected. The absorbance spectra of 1[NaBPh4] does not change significantly upon addition of 

1.1 equivalents of Ba(OTf)2 (Figure 4.3). 

 

 

Table 4.1. Electrochemical and electronic absorption data for Pd complexes.  

Compound †EPC1
N2 

(EPC1
CO2) 

†EPC2
N2 

(EPC2
CO2) 

†EPC3
N2 

(EPC3
CO2) 

λmax(ε)a 

1[NaBPh4] –1.27 (–1.27) –1.74 (–1.74) ≈–2.50* (–1.89) 316 (sh); 367 (1900)b 

1[NaCl] –1.27 –1.73 — ~315 (sh); 367 (2340)c 

1[NaBPh4] 

+ Ba(OTf)2 

–1.27 (–1.27) –1.74 (–1.80) –2.58* 316 (sh); 367 (1900)b 

2 –1.28 (–1.28) –1.70 (–1.63) –2.30* (–1.92) 367 (1980)b 

2               

+ Ba(OTf)2 

–1.28 (–1.28) –1.64 (–1.58) (–1.75) 367 (2100)b 

†Potential measured as V vs. Fe(C5H5)2
 +/0 in dimethylformamide using 0.200 M TBAPF6 as supporting electrolyte. 

Scan rate was 100 mV/s for each measurement using a glassy carbon working electrode.                                              
aExtinction coefficient recorded in units of M–1cm–1 and wavelength in units of nanometers (sh = shoulder). 
bDimethylformamide used as solvent. 
cDichloromethane used as solvent. 
*Recorded at 25 mV/s scan rate.                                                                                                                                         
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Cyclic voltammetry (CV) of 2 and 1[NaBPh4] in dimethylformamide features two 

irreversible reductions between scan rates of 0.05 to 5 V/s under an N2 atmosphere that we assign 

as the reduction from Pd(II) to Pd(I), and then to Pd(0). (Figure 4.4–4.6). The first reductions (EPC1) 

of 2 and 1[NaBPh4] are within 10 mV, while the second reduction (EPC2) for 1[NaBPh4] occurs 

~40 mV negative of 2. Cyclic voltammetry of 1[NaBPh4] with 1.1 equivalents of barium triflate 

(Ba(OTf)2) did not show significant changes to either reduction event (Figure 4.4). These values 

are also tabulated in Table 4.1. 

 

 

 

 

 

 

Figure 4.3. Normalized electronic absorption spectra of 2 (solid black trace), 1[NaBPh4] 

(solid blue trace), 1[NaBPh4] + 1.1 eq. Ba(OTf)2 (dotted green trace), and 2 + 1.1 eq. 

Ba(OTf)2 (dotted red trace) in DMF. 



133 
 

 

 

Figure 4.4. Cyclic voltammograms of 1 mM solutions of 2 (▬), 1[NaBPh4] (▬), and 1[NaBPh4] 

with 1.1 eq. added Ba(OTf)2 (▬) under N2 atmosphere in DMF. The inset features a zoomed in 

region of the broad oxidation centered at ~ –0.4 V. The reversible couple centered at 0.0 V 

corresponds to Fe(C5H5)2
+/0 internal standard.  

 

 

Figure 4.5. (Left) Cyclic voltammograms and (right) current versus square root of scan rate 

plots for EPC1
N2 (top) and EPC2

N2 (bottom) of 2 at varying scan rates between 50 to 5000 

mV/sec under N2 atmosphere in DMF. The reversible couple centered at 0.0 V corresponds 

to Fe(C5H5)2
+/0 internal standard. 
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The similarity of the LMCT band energies and molar absorptivities for 2 and 1[NaBPh4], 

along with their nearly identical Pd(II/I) reduction potentials (EPC1), suggest that the electronic 

structure of the Pd is not significantly perturbed by the presence of a proximal mono- or di-cation. 

These findings contrast with our investigations with related complexes featuring a crown ether-

appended salen ligand.38–41 In the salen complexes, the presence and charge of the cation 

significantly modifies the redox potential. For those complexes, the metals are within 4.0 Å of 

each other and share two μ-oxo ligands. For the ligand system described in this work, the metals 

are likely too far apart (>5.0 Å) to significantly modify the properties of the Pd center. Miller42 and 

Gilbertson43 have reported heterobimetallic metal complexes with flexible appended crowns 

similar to the compounds discussed herein. They also noted that occupation of the aza-crown with 

 

 
Figure 4.6. (Left) Cyclic voltammograms and (right) current versus square root of scan rate 

plots for EPC1
N2 (top) and EPC2

N2 (bottom) of 1[NaBPh4] at varying scan rates between 10 to 

5000 mV/sec under N2 atmosphere in DMF. The reversible couple centered at 0.0 V 

corresponds to Fe(C5H5)2
+/0 internal standard. 
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alkali or alkaline earth metals did not significantly affect the spectroscopic or electrochemical 

properties of the redox-active metal.  

4.2.4 Reactivity with H+ 

To investigate the impact of the proximal cations on proton reduction, solutions of 

1[NaBPh4] and 2 were titrated with the following Brønsted acids in dimethylformamide and 

CH3CN: [Et3NH][BF4] (pKa(CH3CN) = 18.8), protonated 1,8-diazabicyloundec-7-ene, 

[HDBU][BF4] (pKa(CH3CN) = 24.3), protonated 1, 5, 7-trazabicyclodec-5-ene, [HTBD][BF4] 

        

         

Figure 4.7. Cyclic voltammograms of 1 mM 2 (A), 1[NaBPh4] (B), or 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (C) with increasing concentrations (2, 5, 10, 20, 40, and 60 mM) of [HNEt3][BF4] 

under N2 in MeCN. D shows a comparison of the three species with 10 mM [HNEt3][BF4], 

displaying the cationic shift to EPC
H+ resulting from incorporation of proximal cationic 

functionality. 

A 

C D 

B 
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(pKa(CH3CN) = 26.0), and phenol (pKa(CH3CN) = 29.1).44,45   The acids were selected because 

they span 10 pKa units and include both cationic and neutral acids.  

For all of these acids, a new reductive peak appears negative of the first reduction (EPC1). 

This new event (EPC
H+

) is attributed to proton reduction by the Pd complex, as it is not present in 

the absence of an acid, nor in the absence of 1[NaBPh4] or 2. Additionally, the current of EPC
H+ 

increases with increasing concentration of acid, consistent with electrocatalysis (Figure 4.7). 

The onset potential for H+ reduction (EPC
H+

) in DMF with each acid for 1[NaBPh4] is 

shifted negative (up to 170 mV) compared to 2 (Table 4.2, Figures 4.8-4.13). This anodic shift 

corresponds to a higher catalytic overpotential. Addition of 1.1 equivalents of Ba(OTf)2 to 

1[NaBPh4] results in an even larger shift (up to 260 mV) in EPC
H+

. This trend is consistent across 

a range of acid concentrations with each of the acids examined except [HDBU][BF4] in CH3CN 

(Table 4.2, Figures 4.8-4.13). The magnitude of the cathodic shift correlates with the charge of the 

bound cation, as larger shifts in EPC
H+

 were generally observed switching from monovalent to 

 

Figure 4.8. Cyclic voltammograms of 1.00 mM solutions of 1[NaBPh4] and 2 with 2 eq. 

[HNEt3][BF4] in DMF (left), and 10 eq. [HNEt3][BF4] in MeCN (right). 1[NaBPh4] solutions are 

shown without added Lewis acid (▬) and with 1.1 eq. added Ba(OTf)2 (▬). Solutions of 2 are 

shown with (…) and without (▬) 2.2 eq. added Ba(OTf)2.  
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divalent cations. No shift in EPC
H+

 occurs upon addition of 2.2 equivalents of Ba(OTf)2 to a solution 

of 2 (solid black versus dotted green trace, Figure 4.8).  This result the cathodic shifts with 

SNScrown complexes are not a result of free alkali or alkaline earth metal cations in solution, but 

rather bound cations in the aza-crown cavity.  

 

 

 

 

Table 4.2. Cation Effects on Proton Reduction by 1 with Various Acids in 

Dimethylformamide and Acetonitrile.  

 Dimethylformamide 

(DMF) 

Acetonitrile (CH3CN) 

Acid pKa
† Cation [HA] 

(mM) 

Shift from 2 

(ΔEPC
H+

, mV) 

[HA] 

(mM) 

Shift from 2    

(ΔEPC
H+

, mV) 

[HNEt3][BF4] 18.8 Na+ 2 170 10 150 

  Ba2+ 2 220 10 260 

[HDBU][BF4] 24.3 Na+ 40 60 10 0 

  Ba2+ 40 140 10 190 

[HTBD][BF4] 26.0 Na+ 20 60 20 170 

  Ba2+ 20 100 20 210 

Phenol 29.0 Na+ 40 160 - - 

  Ba2+ 40 260 - - 
†pKa values are reported in MeCN; obtained from refs. 44 and 45.                                               
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Figure 4.9. Cyclic voltammograms of 1 mM 2 (A), 1[NaBPh4] (B), or 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (C) with increasing concentrations (2, 5, 10, 20, and 40 mM) of [HDBU][BF4] under N2 

in DMF. D shows a comparison of the three species with 40 mM [HDBU][BF4], displaying the 

cationic shift to EPC
H+ resulting from incorporation of proximal cationic functionality. 

A 

D 

B 

C 
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Figure 4.10. Cyclic voltammograms of 1 mM 2 (A), 1[NaBPh4] (B), or 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (C) with increasing concentrations (5, 10, 20, 40, and 60 mM) of [HDBU][BF4] under 

N2 in MeCN. D shows a comparison of the three species with 10 mM [HDBU][BF4], displaying 

the cationic shift to EPC
H+ resulting from incorporation of proximal cationic functionality. 

 

A 

D 

B 

C 
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Figure 4.11. Cyclic voltammograms of 1 mM 2 (A) or 1[NaBPh4] (B) with increasing 

concentrations (2, 10, and 20 mM) of [HTBD][BF4] under N2 in DMF. C shows a comparison of 

2, 1[NaBPh4], and 1[NaBPh4] + 1.1 eq. Ba(OTf)2 with 20 mM [HTBD][BF4], displaying the 

cationic shift to EPC
H+ resulting from incorporation of proximal cationic functionality. 

 

A B 

C 
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Figure 4.12. Cyclic voltammograms of 1 mM 2 (A), 1[NaBPh4] (B), or 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (C) with increasing concentrations (2, 5, 10, and 20 mM) of [HTBD][BF4] under N2 in 

MeCN. D shows a comparison of the three species with 20 mM [HTBD][BF4], displaying the 

cationic shift to EPC
H+ resulting from incorporation of proximal cationic functionality. 

A 

D 

B 

C 
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Figure 4.13. Cyclic voltammograms of 1 mM 2 (A), 1[NaBPh4] (B), or 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (C) with increasing concentrations (10, 20, 40 and 60 mM) of PhOH under N2 in DMF. 

D shows a comparison of the three species with 20 mM PhOH, displaying the cationic shift to 

EPC
H+ resulting from incorporation of proximal cationic functionality. 

A 

D 

B 

C 
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Proton reduction to produce H2 was confirmed using controlled potential electrolysis. A 1 

mM solution of 2 in DMF containing 10 mM triethylammonium tetrafluoroborate ([HNEt3][BF4]) 

was held at –1.40 V vs. Fe(C5H5)2
+/0 for about 15 minutes. A total of –1.69 C of charge was passed, 

corresponding to 2.9 turnovers (Figure 4.14). Gas chromatography confirmed the production of 

H2 in the headspace with 77 ± 4% Faradaic efficiency (FE) with no other identifiable products. 

The balance of charge not contributing to H+ reduction likely accounts for catalyst decomposition. 

During the course of the electrolysis, there was a drop in catalytic current that coincided with a 

color change of the solution and formation of black precipitate. 

Most molecular electrocatalysts generate hydrogen through formation of a hydride 

intermediate which is then protonated.5 We hypothesize that proton reduction is inhibited 

(exhibited by the increase in overpotential) due to electrostatic repulsion between the acid and the 

positively charged aza-crown ether portion of the complex. The electrostatic repulsion may 

disfavor formation of a metal hydride intermediate and/or protonation of the hydride to form an 

 

Figure 4.14. Charge vs. time graph for the electrolysis of 2 in DMF at –1.4 V vs. Fe(C5H5)2
+/0 in 

the presence of 10 mM [HNEt3][BF4] under N2 atmosphere. H2 was the only product identified, 

produced with a 77 ± 4% FE. Electrolysis was performed using 1 mM 2 in 0.2 M TBAPF6 DMF 

solution with 10 mM [HNEt3][BF4] over a pool of Hg. Proposed catalyst decomposition is 

supported by a drop in current along with color change of the solution and formation of a black 

precipitate.  
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H–H bond. As a result, more reducing species must be accessed for proton reduction to occur, 

effectively increasing the overpotential. 

4.2.5 Reactivity with CO2 

Because the presence of an alkali or alkaline earth metal in the aza-crown cavity increases 

the overpotential for H+ reduction, we next investigated whether we could capitalize on this effect 

to improve the selectivity (Faradaic efficiency) for CO2 reduction reactions. When solutions of 

1[NaBPh4] and 2 are reduced under 1 atm of CO2 in DMF, they each display a new irreversible 

reduction (EPC3
CO2 = –1.89 and –1.92 V vs. (C5H5)2Fe+/0 respectively, Figure 4.15, values tabulated 

in Table 4.2). The first two reduction events remain diffusion limited and are irreversible up to 

scan rates of 1000 mV/s (Figures 4.16-4.17). Additionally, each complex displays enhanced 

current at the second reduction, which suggests CO2 binding occurs upon reduction. The oxidation 

event (EPA) under N2 for each complex disappears under CO2 atmosphere, although 2 displays a 

 

Figure 4.15. Cyclic voltammograms of 1.00 mM solutions of 2 (▬), 2 + 1.1 eq. Ba(OTf)2 (▬), 

1[NaBPh4] (▬), and 1[NaBPh4] + 1.1 eq. Ba(OTf)2 (▬) in dimethylformamide under N2 (solid) 

or CO2 (dashed) atmospheres. Scans were recorded at 100 mV/s. The reversible peak centered at 

0.0 V corresponds to Fe(C5H5)2
+/0 internal standard. 
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new oxidation event at 0.28 V vs. Fe(C5H5)2
+/0 under CO2. The differences in the cyclic 

voltammograms suggest CO2 binding upon reduction to Pd(0) (and consequent re-reduction), or 

an EECE process, with 1[NaBPh4] and 2. This conclusion is further supported by variable scan 

rate studies. The peak current of the third reduction for 1[NaBPh4] and 2 under CO2, normalized 

by dividing by the square root of the scan rate ([iPC3]/[ν
1/2]), decreases with increasing scan rate 

(Figure 4.18), indicating EECE-type behavior.46,47 The reaction with CO2 appears slower with 

1[NaBPh4] than 2, as the third reduction event (EPC3
CO2) is no longer present at scan rates above 1 

V/s with 1[NaBPh4], whereas it is still prominent at the same scan rate with solutions of 2. Similar 

behavior occurs when 1.1 equivalents of barium triflate is added to a solution of 2 or 1[NaBPh4] 

to form the putative Ba2+ complex (“1[Ba]”) under CO2 atmosphere. (Figure 4.15). 

 

 

Figure 4.16. (Left) Cyclic voltammograms and (right) current versus square root of scan 

rate plots for EPC1
CO2 (top) and EPC2

NO2 (bottom) of 2 at varying scan rates between 10 to 

1000 mV/sec under N2 atmosphere in DMF. The reversible couple centered at 0.0 V 

corresponds to Fe(C5H5)2
+/0 internal standard. 
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Figure 4.18. Plot of iPC3
CO2/(ν1/2) versus scan rate for 2 (left) and 1[NaBPh4] (right) at 

varying scan rates between 10 (right) or 25 (left) to 500 mV/sec under CO2 atmosphere in 

DMF. 

 

 

 

Figure 4.17. (Left) Cyclic voltammograms and (right) current versus square root of scan 

rate plots for EPC1
CO2 (top) and EPC2

NO2 (bottom) of 1[NaBPh4]  at varying scan rates 

between 10 to 2500 mV/sec under N2 atmosphere in DMF. The reversible couple centered 

at 0.0 V corresponds to Fe(C5H5)2
+/0 internal standard. 
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The lower reactivity of 1[NaBPh4] towards CO2 compared to 2 may be due in part to 

increased steric hindrance, which is known to diminish reactivity in other pincer complexes.26,27 

The further decrease in CO2 reactivity when Ba(OTf)2 is added to 1[NaBPh4] suggests that steric 

hindrance may not be the only role, as the steric bulk of the barium and sodium bound species 

should be similar.  

Although the SNScrown complexes do not show large shifts in the onset potential for CO2 

reduction compared to 2, the cationic shift in the onset of H+ reduction afforded by the SNScrown 

complexes could promote product selectivity versus 2 under the proper conditions. To test this 

hypothesis, titrations with various acid sources were performed under N2 and CO2 atmospheres in 

DMF. From these investigations, [HDBU][BF4] was selected as the acid of choice, as it showed 

the largest increase in reductive current under CO2 compared to N2 (Figure 4.19).  

Controlled potential electrolysis of a 1 mM solution of 2 under CO2 atmosphere containing 

40 mM [HDBU][BF4] in DMF at –1.75 V vs. Fe(C5H5)2
+/0 produced H2 as the sole product after 

5.2 turnovers (–5.51 Coulombs passed, Figure 4.20); the Faradaic efficiency for H2 was  43 ± 4%.  

 

Figure 4.19. Cyclic voltammograms of 1 mM solutions of 2 (black) and 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (green) containing 40 mM [HDBU][BF4] under N2 (dotted trace) or CO2 (solid trace) 

atmosphere in DMF. 
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No CO was detected in the headspace via GC, and 1H NMR of the post-electrolysis solution 

confirmed no formate was produced. Similar to the H+ reduction studies previously described, the 

low Faradaic efficiency for HER was a result of catalyst decomposition, exhibited by a color 

change and formation of a black precipitate over time. Decomposition was confirmed by 

significant changes to cyclic voltammograms and electronic absorption spectra of the pre- vs. post-

electrolysis solutions (Figure 4.21). 

Similar to electrolysis with 2, controlled potential electrolysis of a 1 mM solution of 2 + 

1.1 eq. Ba(OTf)2 containing 40 mM [HDBU][BF4] in DMF under CO2 atmosphere at –1.75 V vs. 

Fe(C5H5)2
+/0 produced H2 as the sole product after 6.1 turnovers (–8.66 Coulombs passed, Figure 

4.22); the Faradaic efficiency for H2 was determined to be 90 ± 10%.  No CO was detected in the 

headspace via GC, and 1H NMR of the post-electrolysis solution confirmed no formate was 

produced. While only minor precipitate formation was observed, 2 was no longer observable in 

 

Figure 4.20. Charge vs. time graph for the electrolysis of 2 in DMF at –1.75 V vs. Fe(C5H5)2
+/0 

in the presence of 40 mM [HDBU][BF4] under CO2 atmosphere. H2 was the only product 

identified, produced with a 43 ± 4% FE. Electrolysis was performed using 1 mM 2 in 0.2 M 

TBAPF6 DMF solution with 40 mM [HDBU][BF4] over a pool of Hg. Proposed catalyst 

decomposition is supported by color change of the solution and formation of a black precipitate. 
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the post-electrolysis solution via cyclic voltammetry and electronic absorption spectroscopy, 

indicating catalyst decomposition (Figure 4.23). 

 

 

 

Figure 4.21. (Left) Pre- (▬) vs. post-electrolysis (…) cyclic voltammograms and Pre- (▬) vs. post-

electrolysis (…) electronic absorption spectra (right) of 2 after controlled potential electrolysis in 

DMF at –1.75 V vs. Fe(C5H5)2
+/0 in the presence of 40 mM [HDBU][BF4] under CO2 atmosphere 

(Figure 4.20). The significant changes to the electronic absorption spectra and cyclic 

voltammograms (specifically the loss of absorption at 367 nm and lower current passed) with the 

post-electrolysis solution supports decomposition of the catalyst under electrolysis conditions. 

 

Figure 4.22. Charge vs. time graph for the electrolysis of 2 + 1.1 eq. Ba(OTf)2 in DMF at –1.75 

V vs. Fe(C5H5)2
+/0 in the presence of 40 mM [HDBU][BF4] under CO2 atmosphere. H2 was the 

only product identified, produced with a 90 ± 10% FE. Electrolysis was performed using 1 mM 2 

in 0.2 M TBAPF6 DMF solution with 40 mM [HDBU][BF4] over a pool of Hg. Proposed catalyst 

decomposition is supported by color change of the solution and formation of a black precipitate. 
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Electrolysis of a 1 mM solution of 1[NaBPh4] + 1.1 eq. Ba(OTf)2 under the same 

conditions resulted in the production of both H2 and CO with Faradaic efficiencies of 88 ± 8% and 

6 ± 1% respectively after 2.7 turnovers (–2.57 Coulombs passed); no production of formate was 

detected via 1H NMR (Figure 4.24). Although the current decreases over the course of electrolysis, 

cyclic voltammograms and electronic absorption spectra of the pre- and post-electrolysis solutions 

indicate significantly less decomposition occurred compared to 2 (with or without Ba(OTf)2) under 

the same catalytic conditions (Figures 4.25 versus 4.21, 4.23, and 4.26). The difference in CO 

production with 1[NaBPh4] + 1 eq. Ba(OTf)2 compared to electrolyses with 2 supports the 

hypothesis that a proximal cation acts to hinder proton reduction in favor of CO2 reduction. Each 

electrolysis was performed over a pool of mercury to preclude formation of Pd nanoparticles. 

 

Figure 4.23. (Left) Pre- (▬) vs. post-electrolysis (…) cyclic voltammograms and Pre- (▬) vs. post-

electrolysis (…) electronic absorption spectra (right) of 2 + 1.1 eq. Ba(OTf)2 after controlled 

potential electrolysis in DMF at –1.75 V vs. Fe(C5H5)2
+/0 in the presence of 40 mM [HDBU][BF4] 

under CO2 atmosphere (Figure 4.22). The significant changes to the electronic absorption spectra 

and cyclic voltammograms (specifically the loss of absorption at 367 nm and lower current passed) 

with the post-electrolysis solution supports decomposition of the catalyst under electrolysis 

conditions. 
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However, partial to complete catalyst decomposition occurred in all experiments, preventing 

unequivocal assignment of the catalytically active species.  

 

Figure 4.24. Charge vs. time graph for the electrolysis of 1[NaBPh4] + 1.1 eq. Ba(OTf)2 in DMF 

at –1.75 V vs. Fe(C5H5)2
+/0 in the presence of 40 mM [HDBU][BF4] under CO2 atmosphere. Both 

H2 and CO were produced with 88 ± 8% FE and 6 ± 1% FE, respectively. Electrolysis was 

performed over a pool of Hg. Proposed catalyst decomposition is supported by a drop in current 

and formation of a greyish-black precipitate over time. 

 

Figure 4.25. (Left) Pre- (▬) vs. post-electrolysis (▬) cyclic voltammograms and Pre- (▬) vs. 

post-electrolysis (…) electronic absorption spectra (right) of 1[NaBPh4] + 1.1 eq. Ba(OTf)2 after 

controlled potential electrolysis in DMF at –1.75 V vs. Fe(C5H5)2
+/0 in the presence of 40 mM 

[HDBU][BF4] under CO2 atmosphere (Figure 4.24). Changes to the electronic absorption spectra 

and cyclic voltammograms (specifically the loss of absorption at 367 nm and lower current passed) 

of the post-electrolysis solution supports decomposition of the catalyst under electrolysis 

conditions. 
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An unexpected result of the electrolyses was the increased stability of 1[NaBPh4] versus 2 

during catalysis. Although less current was passed in the electrolysis of the SNScrown complex 

compared to 2, similar quantities of product were produced while incurring far less decomposition 

in the process.   

4.2.6 Dimerization upon Reduction 

One likely decomposition pathway is dimer formation to produce insoluble or catalytically 

inactive species. Dubois and coworkers previously found that similar Pd pincer complexes 

featuring PNP or triphosphine ligands often dimerize upon reduction of the metal center.12,25,26,48–

51 Dimer formation significantly hindered CO2 reduction with these complexes, and served as the 

primary decomposition pathway under catalytic conditions. At slow scan rates, the complexes 

 

Figure 4.26. Normalized electronic absorption spectra  of pre- (▬) vs. post-electrolysis (…) 

solutions of 2 (with (red) or without (black) 1.1 eq. Ba(OTf)2) and 1[NaBPh4] + 1.1 eq. 

Ba(OTf)2 (▬) after controlled potential electrolysis in DMF at –1.75 V vs. Fe(C5H5)2
+/0 in the 

presence of 40 mM [HDBU][BF4] under CO2 atmosphere (Figures 4.20, 4.22 and 4.24). post-

electrolysis solutions of 2 show far more decomposition than 1[NaBPh4] + 1.1 eq. Ba(OTf)2 as 

witnessed by the significantly larger changes in the absorbance at 367 nm in the pre- vs. post-

electrolysis solutions. 
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displayed a new reduction peak at potentials negative of the PdI/0 reduction under N2 atmosphere. 

These new features were attributed to the reduction of PdI–PdI dimers formed in solution.  

A similar reduction event (EPC3
N2, Table 4.1) is observed with 2 and the SNSCrown 

complexes under N2 when scanning negative of the Pd(I/0) reduction event (EPC2) at slow scan 

rates (ν ≤ 250 mV/s, Figure 4.27). The relative intensity of this third reduction ([iPC3
N2]/[ν1/2]) 

decreases as the scan rate is increased, indicating that it corresponds to reduction of a product 

formed in solution as a result of a previous reduction. The observation of a third reduction event 

featuring this behavior is consistent with those reported by Dubois, et al.  

 

 

      
Figure 4.27. Variable scan rate cyclic Voltammograms of 1 mM solutions of 2 (A)  1[NaBPh4] 

(B) and 1[NaBPh4] + 1.1 eq. Ba(OTf)2 (C) between 10 to 500 or 1000 mV/sec under N2 

atmosphere in DMF including the third reduction event (EPC3
N2). 

B A 

C 
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An oxidation event after reduction under N2 also provides evidence for dimer formation. 

After the first or second reduction events, a broad oxidation feature appears (EPA≈ –0.4 V vs. 

Fe(C5H5)2
+/0, Figures 4.4, 4.28, and 4.29). Variable scan rate studies indicate that the peak current 

over the square root of the scan rate ([iPA]/[ν1/2]) steadily decreases as scan rate is increased (Figure 

4.30). The scan-rate dependent data for both new features (EPC3
N2 and EPA) indicate they are 

associated with the product formed upon reduction (EC), and are consistent with prior reports of 

dimerization.46,47  

With 2, there is evidence of dimerization after both the first and second reduction (Figure 

4.29, left). In contrast, 1[NaBPh4] with and without added Ba(OTf)2 does not feature this oxidation 

after being singly reduced, even at scan rates as low as 10 mV/ second (Figure 4.29, right). The 

data suggest that the putative dimer does not form quickly upon reduction to Pd(I).  When scanning 

past the second reduction (EPC2), the oxidation event assigned to the dimer increases in intensity 

in the order: 2 > 1[NaBPh4] > 1[NaBPh4] + Ba(OTf)2. Dimer formation of Pd(I) species upon 

reduction of the parent Pd(II) complexes was initially investigated using spectroelectrochemical 

UV-vis spectroscopy (SEC UV-vis). Reduction of 1[NaBPh4] and 1[NaBPh4] + Ba(OTf)2 resulted 

in formation of species featuring strong absorbance bands at 345 and 420 nm when a –1.27 V (vs. 

 

Figure 4.28. Cyclic Voltammograms of 2 with (right) and without (left) 2 eq. Ba(OTf)2 at varying 

scan rates between 10 to 250 mV/sec under N2 atmosphere in DMF scanning only to the first 

reduction event (EPC1). The reversible couple centered at 0.0 V corresponds to Fe(C5H5)2
+/0 internal 

standard. 



155 
 

Fe(C5H5)2
+/0) potential was applied (Figure 4.31). A strong absorption band around 400 nm is 

characteristic of Pd dimers and has been attributed to arise from the Pd–Pd bond.25,48,52,53 Both 

SEC UV-Vis experiments feature isosbestic points, indicating the dimer is produced cleanly upon 

one electron reduction. When SEC UV-vis of 2 was performed however, the complex decomposed 

before dimer formation, resulting in formation of a black precipitate. 

 

 

Figure 4.29. Cyclic Voltammograms of 2 (left) or 1[NaBPh4] (right) under N2 atmosphere in DMF 

at 10 mV/s scan rate. The voltammograms show that the oxidation (EPA) observed when scanning 

to the second reduction (solid traces) is observed when scanning only to the first reduction (dotted 

traces) for 2, but not for 1[NaBPh4]. The reversible couple centered at 0.0 V in each 

voltammogram corresponds to Fe(C5H5)2
+/0 internal standard. 
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Dimer formation was also observed by UV-visible spectroscopy using stoichiometric 

reductants. Reduction of 2 with 1 equivalent of Co(C5H5)2 in DMF (E1/2
 = –1.33 V vs. Fe(C5H5)2

+/0 

in DMF, Figure 32) at room temperature resulted in the formation of a bright yellow solution. The 

new species features charge transfer bands at 350 and 420 nm with molar absorptivities of 18460 

 

Figure 4.30. Plot of iPA/(ν1/2) of EPA
N2 versus scan rate for 2 (black squares) and 1[NaBPh4] 

(blue squares) at varying scan rates between 50 to 500 mV/sec  and 10 to 100 mV/ sec 

respectively under N2 atmosphere in DMF when scanning to the second reduction event (EPC2). 

EPA of 1[NaBPh4] becomes too broad to obtain a reliable peak current beyond 100 mV/ sec 

scan rate. Reliable peak currents could not be obtained with solutions of 1[NaBPh4] + 

Ba(OTf)2 at any scan rate. 

 

Figure 4.31. SEC UV-Vis experiment with a 1.00 mM solution of 1[NaBPh4] (left) or 

1[NaBPh4] + 1.1 eq. Ba(OTf)2 (right) under N2 atmosphere in DMF upon applying –1.27 V vs. 

Fe(C5H5)2
+/0 bias. An initial spectrum was collected prior to electrolysis (▬), after which spectra 

were collected every ~5 seconds until the endpoint was reached (▬ or ▬ for Na+ or Ba2+, 

respectively). 
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and 8760 M-1 cm-1, respectively (Figure 4.33). The position and intensity of the absorptions are 

consistent with dimer formation, and closely match the SEC UV-vis spectra obtained for 

1[NaBPh4] and 1[NaBPh4] + Ba(OTf)2. 

 

 

Figure 4.32. Cyclic Voltammogram of [Co(C5H5)2][PF6] under N2 atmosphere in DMF. The 

CoIII/II couple is centered at E1/2= –1.33 V.  The reversible couple centered at 0.0 V 

corresponds to Fe(C5H5)2
+/0 internal standard. 

 

Figure 4.33. Electronic absorption titration of 2 (…) at 110μM concentration in DMF with 

increasing concentrations (0.2, 0.4, 0.6, 0.8, 1.0, and 1.1 equivalents) of Co(C5H5)2 (Co(Cp)2) 

at room temp. Extinction coefficients of the product are ε350 = 18460 M-1 cm-1 and ε420 = 8760 

M-1 cm-1. No changes in the spectrum are observed past 1.1 equivalents. 

 



158 
 

The relative rates of dimerization for each complex were determined via UV-visible 

spectroscopy using one equivalent of Co(C5H5)2 in DMF at –40 °C (Figure 4.34). The second order 

rate constants (kobs) were determined to be 139 ± 3, 61 ± 2, and 44 ± 2 M-1 s-1 for 2, 1[NaBPh4], 

and 1[NaBPh4] + Ba(OTf)2, respectively (Figures 4.35-4.37). The measured rate constants are 

consistent with the overall intensities of EPA for each complex discussed previously (Figure 4.4, 

inset). Part of the decrease in rate between 2 to 1[NaBPh4] may be due to the increased steric 

hindrance of 1[NaBPh4]. However, the decrease in rate when a higher charge (Ba2+) cation is 

added to 1[NaBPh4] implies that sterics are not the only cause. Electrostatic repulsion is also likely 

playing a role since the steric bulk of 1[NaBPh4] should remain the same between the two cation 

bound species.  

 Figure 4.34. Electronic absorption spectra for dimerization reactions of 2 (left), 1[NaBPh4] 

(middle), and 1[NaBPh4] + Ba(OTf)2 (right) over time to form the corresponding dimeric PdI 

species (where black trace is t=0 and endpoints are ▬, ▬, and ▬ respectively). 

 

Figure 4.35. Plot of product (PdI–PdI dimer) versus time during reduction of 2 (left), 1[NaBPh4] 

(middle), or 1[NaBPh4] + 1.1 eq. Ba(OTf)2 (right) with 1 equivalent of Co(C5H5)2 under N2 

atmosphere in DMF at –40 °C. Product concentrations were calculated based on the solution 

absorbance at 420 nm. The first 30 seconds of each kinetic trace have been removed for accuracy. 
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The formation of metal-metal dimers is a common decomposition pathway for CO2 

reduction catalysts.12,19–21 Incorporation of sterically bulky groups has been shown to inhibit off-

cycle dimerization.19,22–26 However, these modifications can result in undesirable changes to the 

electronic structure or activity of the catalyst.26,27 Our results indicate that the addition of charge 

provides another strategy to avoid dimerization reactions, which has previously been shown to 

inhibit the rate of bimolecular manganese nitride coupling reactions.38  

 

 

Figure 4.36. Plot of Ln[PdII]t versus time during reduction of 2 (left), 1[NaBPh4] (middle), or 

1[NaBPh4] + 1.1 eq. Ba(OTf)2 (right) with 1 equivalent of Co(C5H5)2 under N2 atmosphere in 

DMF at –40 °C. The poor fits of each plot to first-order integrated rate law (compared to second-

order) indicate that the reaction is not first order with respect to PdII reactant. Reactant 

concentrations were calculated based on the solution absorbance at 420 nm. The first 30 seconds 

of each kinetic trace have been removed for accuracy. 

 

Figure 4.37. Plot of 1/[PdII]t versus time during reduction of 2 (left), 1[NaBPh4] (middle), or 

1[NaBPh4] + 1.1 eq. Ba(OTf)2 (right) with 1 equivalent of Co(C5H5)2 under N2 atmosphere in 

DMF at –40 °C. The data for each plot fits much better to second-order integrated rate law than 

to first-order, indicating that the reaction is second order with respect to PdII reactant. Reactant 

concentrations were calculated based on the solution absorbance at 420 nm. The first 30 seconds 

of each kinetic trace have been removed for accuracy. 
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4.3 Conclusion  

A series of Pd and rhodium SNS complexes with and without pendant aza-crown ether 

moieties bound to S-block metal cations were synthesized and characterized. The rhodium(I) 

systems were crystallographically characterized to gain structural insight into their isoelectronic 

Pd(II) counterparts. For the Pd(II) complexes with Na+ or Ba2+ in the aza-crown, there was a 

cathodic shift in the potential for the electrocatalytic hydrogen evolution reaction (HER), 

corresponding to an increase in overpotential. The shift was larger for Ba2+ than Na+ and was 

evident with a range of cationic and neutral acid sources that span 10 pKa units in both CH3CN 

and DMF.  

When Ba2+ was present in the aza-crown, the Pd complexes exhibited greater activity 

towards the electrolytic reduction of CO2 and improved product selectivity for CO (Faradaic 

yield). Unfortunately, instability of the reduced forms of each complex resulted in decomposition 

under prolonged electrolysis. We found evidence that dimerization plays a predominant role in 

decomposition, which has been reported in similar Pd complexes. Although increasing cationic 

charge slows this deactivation pathway, it still occurs at a sufficient rate to impede catalysis. 

Although the Pd complexes described herein were unstable to reduction, our results 

indicate a strategy to improve selectivity for electrochemical reduction reactions by inhibiting 

proton reduction. A key element of this strategy is the distance in which a proximal S-block metal 

is incorporated into the ligand framework. It is sufficiently far from the transition metal to have 

negligible effects on the electronic structure of the Pd center, while having profound impacts on 

its reactivity. We postulate cationic charge inhibits HER through electrostatic interactions with 
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charged protons, and thus should not generally inhibit the approach of neutral substrates, such as 

CO2. 

4.4 Experimental Details 

General Methods: All synthesis and manipulations of metal complexes were carried out in an 

inert atmosphere glovebox or utilizing standard Schlenk techniques under inert atmosphere of 

nitrogen. Synthesis and manipulation of organic compounds were carried out in open air, unless 

otherwise mentioned. Solvents used during inert atmosphere synthesis and/or manipulations were 

degassed by sparging with argon and dried by passing through columns of neutral alumina or 

molecular sieves. All deuterated solvents were purchased from Cambridge Isotope Laboratories, 

Inc. Deuterated solvents used for NMR characterization of metal complexes were degassed and 

stored over activated 3 Å molecular sieves prior to use. Triethylamine was dried with calcium 

hydride, distilled, and degassed prior to use. All solvents and reagents were purchased from 

commercial vendors and used without further purification unless otherwise noted. Electrochemical 

studies under carbon dioxide atmosphere were performed using ultra high purity (99.999%) carbon 

dioxide that was passed through a VICI carbon dioxide purification column to eliminate residual 

H2O, O2, CO, halocarbons, and sulfur compounds. N, N’-bis(2-(ethylthio)ethyl)amine (SNSEt)36, 

and N-Boc-N’-bis(2-chloroethylamine)34 (SNScrown-a) were synthesized according to previously 

published procedures. 

Physical Methods: Proton NMR spectra were taken on a 500 MHz Bruker Avance GN500 with a 

BBO probe or on a 500 MHz Bruker DRX 500 spectrometer with a TCI cryoprobe. 13C{1H} NMR 

spectra were recorded on a 500MHz Bruker DRX 500 fitted with a TCI cryoprobe. All NMR 

spectra were acquired at room temperature. Spectra were referenced to residual 1H or 13C 
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resonances of the deuterated solvent (1H: CDCl3, δ 7.26; CD2Cl2, δ 5.32; CD3CN, δ 1.94) (13C: 

CDCl3, δ 77.16; CD2Cl2, δ 53.84; CD3CN, δ118.26) and reported in parts per million. Infrared (IR) 

absorption measurements were taken as compressed solids or thin films on a Thermo Scientific 

Nicolet iS5 spectrophotometer fitted with an iD5 ATR attachment. Electrospray ionization (ESI) 

mass spectrometry was performed using a Waters ESI LC-TOF Micromass LCT 3 premier mass 

spectrometer fitted with a Leap Technologies CTC Analytics autosampler. Elemental analysis was 

taken on a Perkin Elmer 2400 Series II CHNS elemental analyzer. Room temperature electronic 

absorption spectra were recorded using a 1 cm quartz cuvette with an Agilent Cary 60 UV-Vis 

spectrophotometer fitted with an Agilent fiber optic coupler connected to an Ocean Optics CUV 

1cm cuvette holder in a glovebox under an inert atmosphere of N2. Dimerization kinetics were 

monitored in a 1cm quarts cuvette with an Agilent 8453E UV-Vis spectrophotometer equipped 

with a Unisoku Unispeks cryostat. UV-Visible spectroelectrochemistry (SEC UV-Vis) was 

performed using a commercially available UV-Vis spectroelectrochemistry kit from Pine 

Instruments with a Au working/counter electrode and Ag wire as a pseudo reference electrode. 

Fe(C5H5)2 was used as an internal standard. 

Crystallographic Methods:  

X-ray Data Collection, Structure Solution and Refinement for 3[NaBPh4]: 

A yellow crystal of approximate dimensions 0.187 x 0.216 x 0.333 mm was mounted in a cryoloop 

and transferred to a Bruker SMART APEX II diffractometer system.  The APEX254 program 

package was used to determine the unit-cell parameters and for data collection (60 sec/frame scan 

time).  The raw frame data was processed using SAINT55 and SADABS56 to yield the reflection 

data file.  Subsequent calculations were carried out using the SHELXTL57 program package.  The 
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diffraction symmetry was 2/m and the systematic absences were consistent with the monoclinic 

space group P21/c that was later determined to be correct. 

The structure was solved by direct methods and refined on F2 by full-matrix least-squares 

techniques.  The analytical scattering factors58 for neutral atoms were used throughout the analysis.  

Hydrogen atoms were included using a riding model.  There was one molecule of acetonitrile 

solvent present.  Several atoms were disordered and include with multiple components and partial 

site-occupancy-factors.  Disordered carbon and oxygen atoms were refined with isotropic 

displacement parameters. 

Least-squares analysis yielded wR2 = 0.1165 and Goof = 1.032 for 797 variables refined against 

15942 data (0.75 Å), R1 = 0.0438 for those 12695 data with I > 2.0(I).   

X-ray Data Collection, Structure Solution and Refinement for 4: 

A yellow crystal of approximate dimensions 0.150 x 0.215 x 0.372 mm was mounted in a cryoloop 

and transferred to a Bruker SMART APEX II diffractometer system.  The APEX254 program 

package and the CELL_NOW59 were used to determine the unit-cell parameters.  Data was 

collected using a 20 sec/frame scan time.  The raw frame data was processed using SAINT55 and 

TWINABS60 to yield the reflection data file (HKLF5 format)55.  Subsequent calculations were 

carried out using the SHELXTL57 program package.  There were neither systematic absences nor 

any diffraction symmetry other than the Friedel condition. The centrosymmetric triclinic space 

group P1  was assigned and later determined to be correct. 

The structure was solved by direct methods and refined on F2 by full-matrix least-squares 

techniques.  The analytical scattering factors58 for neutral atoms were used throughout the analysis.  

Hydrogen atoms were included using a riding model.   
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Least-squares analysis yielded wR2 = 0.0546 and Goof = 1.068 for 175 variables refined against 

3604 data (0.73 Å), R1 = 0.0204 for those 3513 with I > 2.0(I).  The structure was refined as a 

two-component twin, BASF5 = 0.3037. 

Dimerization Kinetics: Dimerization reactions were monitored via UV-visible 

spectrophotometry stirring under N2 in DMF at –40 °C. Each sample was prepared by diluting 

0.500 mL of 1.00 mM PdII complex in DMF to 3.00 mL in a 1cm quartz cuvette to form a 0.165 

mM solution of PdII reactant species. The cuvette was allowed to equilibrate to temperature for 

~15 min while stirring. Each reaction was initiated by injection of 1 eq. of Co(C5H5)2 stock solution 

(61 mM in DMF). During reactions with 2, spectra were collected every 3 seconds for the first 60 

seconds, after which the interval time increased by 20% for each consequent spectrum collected. 

Reactions with 1•[NaBPh4] were monitored in an analogous manner as 2, with the exception that 

spectra were collected every 3 seconds for the first 120 seconds of the reaction. each sample was 

analyzed for a total of 600-800 seconds after the start of reaction; at which point each sample 

showed no observable changes between spectra. An additional spectrum was collected for each 

sample 5 and 10 minutes after the kinetic run to observe further product formation or 

decomposition. No observable changes in the absorption spectra were observed for each sample 

10 minutes after each reaction had completed, indicating that each reaction had gone to completion 

and the product was stable within the timeframe of analysis.  

Experiments for each complex were repeated at least two times. The rate of electron transfer was 

assumed to be very fast compared to the rate of dimerization for two reasons. First, variable scan 

rate cyclic voltammetry indicates that electron transfer is diffusion limited for each complex. 

Additionally, the absorbance band at 325 nm (corresponding to Co(C5H5)2 in DMF) was only 

observed for the first spectrum of any run and was completely consumed by the time the following 
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spectrum was collected in each case. As an added precaution, the first 30 seconds (or 10 data 

points) were discarded for each trial when plotting the kinetic fits to ensure that electron transfer 

was complete. The increase in absorbance at 420 nm was used to track the growth of product over 

time due to its strong absorbance and distance from both cobaltocene and cobaltocenium charge 

transfer bands. The extinction coefficient for each PdII reactant species was calculated from the 

known initial concentration ([PdII]0) and absorbance at 420 nm measured immediately prior to 

reaction. The extinction coefficient for each dimeric PdI product was calculated assuming total 

consumption of PdII starting material according to the relationship: [PdI
2]f = 0.5[PdII]0, where 

[PdI
2]f is the final concentration of the dimeric product species. The extinction coefficient of the 

product was calculated using the final product concentration ([PdI
2]f, assuming complete 

conversion) and the corrected absorbance at 420 nm measured at the end of each kinetic run. The 

corrected absorbance was determined by subtracting the absorbance contributed by 0.165 mM 

cobaltocenium (ε420 was determined to be 288 M-1 cm-1 in DMF) from the measured absorbance at 

420 nm. The same absorbance value for cobaltocenium was subtracted from each absorbance 

measured at 420 nm over the course of each reaction to obtain the corrected absorbance values to 

calculate accurate [PdII]t and [PdI
2]t values at each point (where [PdII]t and [PdI

2]t are the 

concentrations of PdII reactant and PdI dimer product at time = t, respectively).  

The expression, 1/([PdII]t) was plotted versus reaction time starting 30 seconds after initiation to 

at least two half-lives in order to obtain the observed second order rate constants (kobs) for each 

trial with each complex. To ensure that the reactions followed second order kinetics, the data was 

fitted to a first-order integrated rate law by plotting ln([PdII]t) versus reaction time over the same 

time frames to compare the goodness of fit. Each trial for each complex was found to be in good 
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agreement with a second-order integrated rate law (r2>0.98), while the first-order integrated rate 

law was always found to have a poorer fit.       

Electrochemistry: All measurements were performed on a Pine Wavedriver 10 bipotentiostat with 

a 2 mm diameter glassy carbon disc working electrode, glassy carbon rod counter electrode, and a 

Ag+/Ag pseudoreference electrode separated from the bulk solution by a Vicor frit. Internal 

resistance was measured for each solution, and resistance manually compensated for between 80-

90% of the measured value for each voltammogram performed. Potentials are referenced to a 

ferrocene internal standard (Fe(C5H5)2
+/0) at 0.00 V. All experiments were performed in dried and 

degassed dimethylformamide or acetonitrile solutions with 1.0 mM analyte and 0.2 M 

electrochemical grade (> 99%) tetrabutylammonium hexafluorophosphate (TBAPF6) supporting 

electrolyte concentrations and were recorded at a 100 mV/s scan rate unless otherwise noted. 

Samples for electrochemical studies performed under CO2 atmosphere were prepared by sparging 

the analyte solution with solvent saturated carbon dioxide gas for 10 minutes prior to measurement 

and the headspace above the solution was blanketed with carbon dioxide during each 

measurement.    

Spectroelectrochemical UV-Vis Spectrophotometry (SEC UV-Vis): 0.40 mL of 1.00 mM 

1•[NaBPh4] or 1•[NaBPh4] + 1 eq. Ba(OTf)2 in 0.2 M TBAPF6 DMF was placed into a Pine 

Instruments UV-Visible spectroelectrochemistry setup. An initial UV-Vis spectrum was 

performed after a cyclic voltammogram was measured. The solution was then electrolyzed at the 

peak potential of the first observed reduction while UV-Vis spectra were collected every ~5 

seconds until the spectrum was observed to no longer change between scans.  

Controlled Potential Electrolysis: Controlled potential electrolyses were performed in a custom-

made H-cell (Figure 4.38) where each side of the cell was separated by a porous glass frit and 
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capped with an air-tight septum. Glassy carbon rods were used for both working and counter 

electrodes. A Ag+/Ag pseudoreference electrode was used, located on the working electrode side 

of the cell and separated from the bulk solution by a vicor frit. The working electrode cell solution 

contained 1.00 mM analyte solution, proton source utilized for the experiment, and 200 mM 

supporting electrolyte (tetrabutylammonium hexafluorophosphate). The counter electrode cell 

solution contained 200 mM supporting electrolyte with 10 mM ferrocene as a sacrificial reductant. 

To preclude the formation of palladium nanoparticles, each electrolysis was run over a pool of 

mercury in the working cell compartment.  

 

Cell headspace was sampled directly from the working cell through the septum using a VICI A-2 

locking gas-tight syringe. Headspace hydrogen and carbon monoxide were quantified on an 

Agilent 7890B instrument with a Molsieve column. The concentration of H2 and CO in the 

headspace was determined from the average of at least 3 samples for each gas detection method. 

GC method details for H2 quantification are as follows: dinitrogen carrier gas, 40 °C column 

temperature, TCD detector at 220 °C. GC method details for CO quantification are as follows: 

helium carrier gas, 40 °C column temperature, TCD detector at 220 °C. Calibrations curves were 

Figure 4.38. Example photos of bulk electrolysis H-cell: empty (left) and filled 

(right) prior to electrolysis.  
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generated for each analyte by injecting known volumes of analyte gas into an N2 filled round 

bottom flask of known volume. The H2 calibration curve ranged between 0.17 to 2.12% or 0.47 to 

15.63% analyte concentrations (v/v). CO calibration curve ranged between 0.21 to 3.37% analyte 

concentrations (v/v).  

Synthesis: 

N-Boc-N’-bis(2-chloroethylamine) (SNScrown-a): this compound was synthesized according to a 

previously published procedure34 with additional purification. After isolation of a cream-colored 

semi-solid crude product, the compound was purified via column chromatography (silica gel, 

90:10 Hexanes: EtOAc, Rf = 0.40) to yield a colorless oil (53% yield).  

N-Boc-N’-bis[2-(3-mercaptopropionic acid)ethylamine] (SNScrown-b): Sodium hydroxide 

(2.150 g, 53.8 mmol) was added to a stirring solution of 3-mercaptoproprionic acid (2.410 g, 22.7 

mmol) in 300 mL EtOH while stirring. Once dissolved, a solution N-Boc-N’-bis(2-chloroethyl) 

amine (SNScrown-a) (2.607 g, 10.8 mmol) in EtOH was added dropwise, and the solution brought 

to a gentle reflux. The solution was then refluxed for 15 hours before being cooled to room temp 

and the solvent removed in vacuo to yield a yellow white semi-solid. The crude product was 

dissolved in D.I. water (60 mL) and, the pH adjusted to ~14 with 5M NaOH, and the solution 

extracted with DCM (2 x 50 mL). The organic layer was discarded, and the aqueous layer was 

acidified to pH 2 with HCl, after which it was again extracted with DCM (3 x 100 mL). The 

combined organic layers were dried (MgSO4), filtered, and the solvent removed in vacuo to recover 

a colorless oil. The compound was purified via column chromatography (silica gel, 80:19:1 DCM: 

MeCN: AcOH , Rf = 0.38) to yield a colorless oil (1.610 g, 40% yield). ESI mass spectrometry: 

Calculated m/z for (SNScrown-b – (H+))– : 380.13. Found: 380.20. 1H NMR (500 MHz, CDCl3) δ 
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9.70 (br s, 2H), 3.39 (dt, 4H), 2.80 (br t, 4H), 2.67 (br t, 8H), 1.45 (s, 9H). 13C{1H} NMR (500 

MHz, CDCl3) δ 177.5, 155.3, 80.6, 48.6, 48.1, 35.0, 34.0, 33.0, 31.0, 30.5, 28.5, 26.8. 

 

 

 
Figure 4.39. 1H NMR of SNScrown-b in CDCl3.

 *Indicates residual AcOH impurity. 

* 
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3-(N-Boc-SNS)-diamide-18-crown-6 (SNScrown-c): Under a nitrogen atmosphere, diaza 18-

crown-6 (0.201 g, 0.77 mmol), SNScrown-b (0.296 g, 0.78 mmol), and triethylamine (1.20 mL, 8.6 

mmol) were dissolved in dry DCM (500 mL). To this stirring solution, thionyl chloride (0.140 mL, 

1.93 mmol, in 1 mL DCM) was slowly added while the solution was purged with N2. The addition 

resulted in an immediate color change to bright yellow. The solution was purged with N2 for an 

additional 10 minutes before being sealed and stirred at room temp overnight. The residual solvent, 

NEt3, and SOCl2 were then removed in vacuo to yield a yellow-orange semi-solid. The mixture 

was extracted with dry THF (5 x 5 mL), filtered, and the solvent removed to yield an orange-

yellow oil. The oil was dissolved in 20 mL chloroform and washed with aqueous NaHSO4 (15 mL, 

5% w/v), followed by NaOH (20 mL, 1 M) and lastly with brine. The organic layer was then dried 

with Na2SO4, filtered, and the solvent removed to yield the product as a yellow-orange foam (0.296 

 

 

 

Figure 4.40. 13C{1H} NMR of SNScrown-b in CDCl3.
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g, 58% yield). ESI mass spectrometry: Calculated m/z for (SNScrown-c + (Na+))+ : 630.29. Found: 

630.08. (SNScrown-c + (K+))+ : 646.26. Found: 646.07. 1H NMR (500 MHz, CDCl3) δ 3.62 (t, 24H), 

3.38-3.48 (br, 4H), 2.77-2.90 (m, 4H), 2.58-2.77 (br m, 8H), 1.44 (s, 9H). 13C{1H} NMR (500 

MHz, CDCl3) δ 155.2, 125.6, 80.0, 71.4, 69.8-71.1, 68.9, 49.9, 48.4-49.3, 34.3, 30.4, 28.6.  

 

 

 

 

Figure 4.41. 1H NMR of SNScrown-c in CDCl3.
 *Indicates residual BHT impurity 

from stabilized THF used for extraction. 

* 

*
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3-(SNS)-18-crown-6 • NaCl (SNScrown•[NaCl]): Under an N2 atmosphere, borane•THF solution 

(5.3 mL, 5.3 mmol) was added to a stirring solution of SNScrown-c (0.245 g, 0.40 mmol) in 50 mL 

THF.. The solution was then brought to a gentle reflux for 20 hours. After reflux, the reaction was 

quenched with 3 mL D.I. water, and stirred an additional 10 minutes after bubbling subsided. The 

solvent was removed in vacuo to yield a crystalline white solid. The crystals were then dissolved 

in 10 mL 6 M HCl and stirred at room temp for 48 hours and an additional two hours at 80 °C 

before the solvent was removed under in vacuo to recover the crystals. The solid was then 

dissolved in D.I. water, filtered, and basified to pH 12 with aqueous sodium hydroxide (5 M). The 

aqueous solution was then extracted with chloroform (4 x 30 mL), dried with anhydrous 

magnesium sulfate, and the solvent removed to yield a colorless oil (0.173 g, 87% crude yield). 

The product was further purified by extracting the crude oil with several portions of Et2O (3 x 3 

mL). The solvent was removed from the combined extracts and was extracted further with hexanes 

 

 
Figure 4.42. 13C{1H} NMR of SNScrown-c in CDCl3.

 *Indicates residual BHT 

impurity from stabilized THF used for extraction. 

* 
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(4 x 3 mL). The solvent was removed from the combined hexane extracts to yield the pure product 

as a clear, colorless oil (0.036 g, 18% yield).   ESI mass spectrometry: Calculated m/z for (SNScrown 

+ H)+ : 480.29. Found: 480.30. (SNScrown + Na)+ : 502.27. Found: 502.20. 1H NMR (500 MHz, 

CDCl3): δ 3.60 (s, 6H), 3.50-3.56 (m, 12H), 2.80 (t, 4H), 2.69-2.76 (m, 4H), 2.66 (t, 3H), 2.59-

2.64 (m, 9H), 2.52 (t, 4H), 1.68 (q, 4H). 13C{1H} NMR (500 MHz, CDCl3) δ 70.9, 70.3, 69.9, 55.0, 

53.8, 48.0, 32.4, 29.1, 27.8. 

 

 

 Figure 4.43. 1H NMR of SNScrown•[NaCl] in CDCl3. 
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[PdCl(Na-SNScrown)][Cl]2 (1•[NaCl]): Under an N2 atmosphere, SNScrown•[NaCl] (0.030 g, 0.063 

mmol) in 3 mL EtOH  was added to a stirring suspension of PdCl2 (0.012 g, 0.067 mmol) in 2 mL 

dry EtOH. The solution was warmed to 45 °C for 24 hours. The resulting dark yellow-brown 

suspension was filtered and the filtrate isolated. The filtrate solvent was removed in vacuo to yield 

a brown-orange oil, which was washed with several portions of pentane and ether to produce a tan 

colored powder (1•[NaCl]) (0.036 g, 87% yield). UV-vis (DCM) λmax/nm (ε/M-1 cm-1) 367 (2342). 

ESI mass spectrometry: Calculated m/z for (1•[NaCl] – (Cl–) + H2O)+ : 696.13. Found: 695.83. 1H 

NMR (500 MHz, CDCl3): δ 3.69-3.87 (m, 4H), 3.57 (m, 14H), 3.30-3.46 (m, 4H), 2.84-3.21 (m, 

8H), 2.69 (br, 10H), 2.38 (br, 4H). 13C{1H} NMR (500 MHz, CDCl3) δ 71.0, 70.2, 68.9, 54.7, 54.2, 

37.4, 35.5, 29.4, 27.2, 26.4. 

[PdCl(Na-SNScrown)][BPh4]2 (1•[NaBPh4]): 1•[NaCl] (0.016 g, 0.02 mmol) was added to a 

stirring suspension of NaBPh4 (0.016 g, 0.046 mmol) in dry DCM for 2 hours. The resulting golden 

 

 
Figure 4.44. 13C{1H} NMR of SNScrown•[NaCl] in CDCl3.
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yellow suspension was filtered, and the solvent removed from the filtrate to yield a golden yellow 

glass-like solid (0.028 g, 98% yield). Crystals of 1•[NaBPh4] were grown from vapor diffusion of 

methyl tert-butyl ether (MTBE) into a DCM solution of the complex. UV-vis (DCM) λmax/nm 

(ε/M-1 cm-1) 316 (3541); 367 (2126). (DMF) λmax/nm (ε/M-1 cm-1) 316 (sh); 367 (1900).  Elemental 

analysis calcd C70H91B2ClN3NaO7PdS2 (1337.11): C, 62.88; H, 6.86; N, 3.14%. Found: C, 62.73; 

H, 7.20; N, 3.48%. ESI mass spectrometry: Calculated m/z for (SNScrown – (H+) + (Pd2+))+ : 584.19. 

Found: 584.03. (1•[NaBPh4] – NaBPh4 – (Cl–))+ : 903.36. Found: 903.84. 1H NMR (500 MHz, 

CD2Cl2): δ 7.37 (s, 16H), 7.09 (t, 16H), 6.97 (t, 8H), 3.81 (t, 2H), 3.71 (t, 2H), 3.51-3.65 (m, 8H), 

3.32 (d, 2H), 3.23 (d, 2H), 2.70-2.82 (m, 6H), 2.56 (br, 1H), 2.43 (d, 3H), 2.10-2.24 (m, 4H), 2.06 

(d, 2H), 1.97 (t, 3H), 1.87 (m, 4H), 1.60 (m, 6H). 13C{1H} NMR (500 MHz, CD2Cl2) δ 164.0, 

136.2, 126.5, 122.9, 69.9, 68.2, 68.1, 55.4, 55.3, 54.9, 54.2, 37.4, 35.7, 27.0. 

 

 

 
Figure 4.45. 1H NMR of 1•[NaBPh4] in CD2Cl2.

 *Indicates residual Et2O impurity. 

 

*

 

*

 



176 
 

 

 

Addition of Ba(OTf)2 to 1[NaBPh4] (“1[Ba]”): Ba(OTf)2 (0.008 g, 1.1 eq.) was added to a 

stirring solution of crystalline 1•[NaBPh4] (0.020 g) in dry MeCN and stirred for ~30 minutes. 

The solution was filtered, and the solvent removed from the filtrate to yield a yellow-white solid, 

 

 
Figure 4.46. 13C{1H} NMR of 1•[NaBPh4] in CD2Cl2.

 *Indicates residual Et2O 

impurity. 

 

Figure 4.47. A.) Electronic absorption spectra of 1[NaCl] (left) at concentrations between 

150 to 1000 μM in DCM. ε367 = 2340 M-1 cm-1. B.) Electronic absorption spectrum of 

1[NaBPh4] (right) at concentrations between 231 to 750μM in DCM. ε367 = 2126 M-1 cm-1.  

*

 *
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which was extracted with DCM and filtered. The solvent was removed from the filtrate in vacuo 

to yield a lightyellow solid. NMR and mass spectrometry indicate MTBE from the previous 

crystallization of 1•[NaBPh4] is incorporated into the complex. UV-vis (DMF) λmax/nm (ε/M-1 cm-

1) 316 (sh); 367 (1900). ESI mass spectrometry: Calculated m/z for (SNScrown + Ba2+ + Pd2+ + 

BPh4
– + Cl– + MTBE)2+ : 583.16. Found: 583.24. (SNScrown + Ba2+ + Pd2+ + 2 BPh4

– + H2O + 

MTBE)2+ : 734.06. Found: 734.23. 1H NMR (500 MHz, CD3CN): δ 7.27 (s, 8H), 6.99 (t, 8H), 6.84 

(t, 4H), 3.80 (br s, 6H), 3.68 (br, 8H), 3.15 (br, 4H), 3.01 (d, 3H), 2.90-2.68 (m, 7H), 2.60 (br, 8H), 

2.40-2.20 (br, 6H), 2.17-2.05 (br, 4H). 13C{1H} NMR (500 MHz, CD3CN) δ 136.7, 123.1, 122.7, 

71.1, 68.7, 68.2, 64.5, 56.1, 55.5, 52.0, 38.8, 36.0, 28.4. 

 

 

 Figure 4.48. 1H NMR of “1[Ba]” in CD3CN. *Indicates residual MTBE impurity. 

 

*

 

*
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Figure 4.49. 13C{1H} NMR of “1[Ba]” in CD3CN. *Indicates residual MTBE 

impurity. 

*

 

*
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[PdCl(SNSEt)][Cl] (2•[Cl]): This complex has been previously synthesized,37 however an 

optimized synthesis was developed to reduce reaction time and increase product yield. To a stirring 

suspension of PdCl2 (59 mg, 0.33 mmol) in 10 mL dry EtOH, SNSEt (70 mg, 0.36 mmol, in 1 mL 

EtOH) was added dropwise under nitrogen atmosphere while stirring. The suspension was stirred 

for 4 hours. After 4 hours, the reaction mixture had turned yellow in color. The solution volume 

was reduced to half its original volume in vacuo, after which it was filtered through a fritted glass 

filter using a small amount of EtOH to aid transfer. The filtrate volume was reduced to ~2 mL and 

layered with diethyl ether (Et2O) to yield yellow crystals of the desired complex (93 mg, 0.25 

mmol, 76% yield). UV-vis (MeOH) λmax/nm (ε/M-1 cm-1) 367 (2140). 1H NMR (500 MHz, CDCl3) 

δ 10.07-10.26 (br s, 1H), 3.10-3.55 (m, 8H), 3.08 (d, 2H), 2.81 (d, 2H), 1.57 (m, 6H) 13C{1H} 

NMR (500 MHz, CDCl3) δ 54.7, 37.4, 34.9, 14.1. 

 
Figure 4.50. Electrospray ionization mass spectrum of “1[Ba]”. 
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[RhCO(Na-SNScrown)][BF4][Cl] (3•[NaCl]): In a 50 mL Schlenk flask, a solution of 

SNScrown[NaCl] (0.056 g, 0.10 mmol) in 8 mL dry DCM was added dropwise to a stirring solution 

of [Rh(COD)2][BF4] (0.041 g, 0.10 mmol) in 5 mL DCM under N2, resulting in an immediate color 

change from dark red to yellow. The solution was stirred for 1 hour before sparging the solution 

with CO gas for 10 minutes. The solvent was removed in vacuo to yield a dark yellow oil. The oil 

was then extracted with dry toluene (3 x 3 mL) and filtered. The yellow-orange filtrate was 

concentrated and layered with Et2O. The resulting yellow crystals were rinsed with additional 

Et2O and dried in vacuo to yield the purified product (0.068 g, 89% yield). ESI mass spectrometry: 

Calculated m/z for (3•[NaCl] – (BF4
–))+ : 668.14. Found: 667.90. (3•[NaCl] –Na+ + K+ – (BF4

–))+ 

: 684.12. Found: 683.80. FTIR (ATR)/cm-1 νCO: 1990. 1H NMR (500 MHz, CDCl3): δ 4.92 (s, 1H), 

3.71 (m, 8H), 3.58 (m, 8H), 3.30-3.40 (m, 4H), 3.16 (t, 2H), 2.96-3.10 (m, 4H), 2.87 (m, 3H), 2.71 

(t, 6H), 2.50 (t, 5H), 2.00 (br, 2H), 1.85 (br, 2H). 13C{1H} NMR (500 MHz, CDCl3) δ 71.4, 70.3, 

69.1, 54.8, 54.3, 53.1, 50.0, 36.9, 34.4, 27.2. 

 

 

 

Figure 4.51. Electronic absorption spectrum of 2[Cl] at concentrations between 255 to 

663μM in MeOH. ε367 = 2140 M-1 cm-1. 
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Figure 4.52. 1H NMR of 3•[NaCl] in CDCl3.

 *Indicates residual Et2O impurity. 

 

 
Figure 4.53. 13C{1H} NMR of 3•[NaCl] in CDCl3.

 *Indicates residual Et2O 

impurity. 

*

 
 * 

*

 

*

 *
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[RhCO(Na-SNScrown)][BPh4]2 (3•[NaBPh4]): NaBPh4 (0.019 g, 0.057 mmol) was mixed with 

3•[NaCl] (0.020 g, 0.026 mmol) in 5 mL dry DCM and stirred for 1 hour before filtration. The 

filtrate was collected, and the solvent removed to yield a bright yellow oil (0.030 g, 91% yield). 

X-ray quality crystals were grown via vapor diffusion of di-isopropyl ether into a concentrated 

MeCN solution. Elemental analysis calcd C71H87B2N3NaO6RhS2 (1290.13): C, 66.10; H, 6.80; N, 

3.26%. Found: C, 66.32; H, 6.78; N, 3.11%. ESI mass spectrometry: Calculated m/z for (3• 

[NaBPh4] – NaBPh4 – (BPh4
–))+ : 610.19. Found: 610.10. (3• [NaBPh4] – (BPh4

–))+ : 952.30. 

Found: 951.80. FTIR (ATR)/cm-1 νCO: 1980. 1H NMR (500 MHz, CD2Cl2): δ 7.35 (s, 16H), 7.08 

(t, 16H), 6.95 (t, 8H), 3.52-3.64 (m, 8H), 3.37-3.49 (m, 8H), 2.68 (t, 2H), 2.59 (t, 2H), 2.44 (m, 

6H), 2.32 (t, 7H), 2.15 (t, 2H), 2.04 (d, 2H), 1.88 (m, 4H), 1.57 (m, 3H). 13C{1H} NMR (500 MHz, 

CD2Cl2) δ 164.2, 136.3, 126.3, 122.6, 69.6, 67.9, 55.8, 54.8, 50.0, 38.9, 35.6, 28.0. 

 

 Figure 4.54. FT-IR spectrum of crystalline 3•[NaCl]. 
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Figure 4.55. 1H NMR of 3•[NaBPh4] in CD2Cl2. 

 

 

 
Figure 4.56. 13C{1H} NMR of 3•[NaBPh4] in CD2Cl2. 

 



184 
 

 

[RhCO(SNSEt)][BF4] (4): In a 50 mL Schlenk flask, a solution of SNSEt (0.057 g, 0.30 mmol) in 

6 mL dry DCM was added dropwise to a stirring solution of [Rh(COD)2][BF4] (0.100 g, 0.25 

mmol) in 6 mL DCM under N2, resulting in an immediate color change from dark red to yellow. 

The solution was stirred for 1 hour before sparging the solution with CO gas for 15 minutes. The 

solvent was removed in vacuo to yield a dark yellow oil. The oil was then extracted with dry 

toluene (3 x 3 mL) under N2 atmosphere and filtered. The yellow-orange filtrate was concentrated 

and layered with Et2O. The resulting bright yellow crystals were rinsed with additional Et2O and 

dried in vacuo to yield the purified product (0.088 g, 87% yield).  X-ray quality crystals were 

grown via vapor diffusion of Et2O into a concentrated DCM solution. Elemental analysis calcd 

C9H19BF4NORhS2 (411.09): C, 26.30; H, 4.66; N, 3.41%. Found: C, 26.44; H, 4.59; N, 3.37%. 

ESI mass spectrometry: Calculated m/z for (4 – (BF4
–))+ : 324.00. Found: 324.30. FTIR (ATR)/cm-

 

 Figure 4.57. FT-IR spectrum of crystalline 3•[NaBPh4]. 
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1 νCO: 1987. 1H NMR (500 MHz, CDCl3): δ 5.06 (br, 1H), 3.39 (d, 3H), 3.16 (br, 3H), 3.06 (br, 

4H), 2.35-2.83 (m, 2H), 1.48 (t, 6H). 13C{1H} NMR (500 MHz, CDCl3) δ 51.1, 38.1, 14.4. 

 

 

 
Figure 4.58. 1H NMR of 4 in CDCl3. 
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Figure 4.59. 13C{1H} NMR of 4 in CDCl3. 

 

 

 

 

Figure 4.60. FT-IR spectrum of crystalline 4. 
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Chapter 5 

 

Synthesis and Redox Properties of Heterometallic 

Re(bpyCrown-M)(CO)3Cl Complexes Where M = Na+, K+, 

Ca2+, and Ba2+ 

 

 

 

 

 

 

Portions of this chapter have been submitted for publication: 

Idris, N. S.†; Barlow, J. M†; Chabolla, S. A.; Ziller, J. W.; Yang, J. Y. Polyhedron, Submitted. 

 

Initial synthesis, partial characterization, and preliminary voltametric studies of 5 and 5[Ba(OTf)2] 

were carried out by undergraduate student Nehal Idris under the supervision of Steven Chabolla. 
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5.1 Introduction: 

With rising global energy demands and unabated anthropogenic emissions of greenhouse 

gasses, the use of alternative energy resources is becoming increasingly desirable.1,2 The direct 

electrochemical conversion of carbon-based feedstocks (i.e. CO2 and CO) into energy-dense fuels 

using renewable energy could provide an ideal solution to meet growing energy demands while 

utilizing current energy infrastructure.3–6  

A wide catalogue of synthetic CO2 reduction catalysts have been investigated, with 

significant improvements in both catalyst selectivity and overpotential in recent years.6–10 

Although there are many examples of catalysts that selectively reduce CO2 or operate at low 

overpotential, there are few that do both. For example, Rhenium bipyridine (Re(bpy)(CO)3Cl) is a 

well-studied catalyst with high activity for CO2 reduction to CO.11–14 It produces CO with 

extremely high selectivity (>95% FE), however the system remains inefficient due to the large 

catalytic overpotentials required (often greater than 1500 mV).11,12,15 The reduction potential of a 

catalyst can be controlled through the utilization of electron donating or withdrawing groups on 

the ligand backbone. However, lowering the reduction potential (and therefore the overpotential) 

of the catalyst using this approach has resulted in lower catalytic rates 16,17 due to linear free energy 

relationships that correlate inductive (Hammett relationship) effects with the rate of elementary 

rate-limiting steps.17,18  

Our lab has recently observed that the presence of internal electric fields can greatly affect 

the reduction potential of a transition metal center without detrimentally affecting reactivity.19–22 

The incorporation of Group I or II metal cations into the crown ether-like cavity of a modified 

salen ligand platform results in significant anodic shifts (often exceeding 500 mV) in the reduction 
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potential of the corresponding nickel, iron, cobalt, or manganese complexes. Although the redox 

potential is significantly affected, the introduction of a secondary metal cation was not found to 

negatively impact reactivity at the transition metal; in fact, the secondary metal was found to 

promote catalytic C–H oxidation at milder potentials.22 Additionally, the corresponding 

manganese nitride complexes showed decreased rates of bimolecular coupling (an undesirable 

decomposition pathway) to produce N2 with the inclusion and increasing charge of the secondary 

metal cation, resulting in an inverse linear free energy relationship between reduction potential 

and rate of coupling.21 

To examine the effects of a proximal cation on CO2 reduction by Re(bpy)(CO)3Cl, we 

synthesized and characterized Re(bpyCrown)(CO)3Cl (5, Scheme 5.1), which is structurally similar 

to Re(bpy)(CO)3Cl, but incorporates a crown ether-like cavity. We verified incorporation of Na+, 

K+, Ca2+, and Ba2+ (to form 5[M(OTf)n], Scheme 5.1) into the crown ether after addition of the 

corresponding triflate salts by 1H and 13C{1H} NMR and IR spectroscopy, and mass spectrometry. 

Inclusion and stoichiometry of Na+ or Ba2+ was further confirmed using Job plot or elemental 

analysis, respectively. The reduction potentials of the complexes exhibit anodic shifts upon 

incorporation of cations into the crown. Furthermore, each complex (with and without a secondary 

metal cation) reacts with CO2 upon reduction. However, controlled potential electrolysis led to 

electrode fouling, which is likely a result of carbonate salt precipitation from solution. This 

behavior has been previously observed when exogenous Mg2+ salts were added to 

Mn(bpy)(CO)3Cl or Fe(porphyrin) complexes during electrolysis.23,24 
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5.2 Results/Discussion:  

5.2.1 Synthesis and Characterization of Re(bpycrown)(CO)3Cl  

2, 2’–bipyridine crown ether (bpyCrown) was synthesized according to a previously reported 

preparation.25 Re(bpyCrown)(CO)3Cl (5) was obtained in 70% yield by metalation of bpyCrown with 

Re(CO)5Cl in refluxing toluene followed by purification via recrystallization (Scheme 5.1).26 5 

was characterized by 1H and 13C{1H} NMR, infrared and electronic absorption spectroscopy, mass 

spectrometry, X-ray crystallography, and elemental analysis.  

Spectroscopic and voltammetric data for 1 and other selected rhenium bipyridine 

compounds are shown in Table 1. Infrared spectroscopy reveals three ν(CO) bands, indicating that 

the carbonyl ligands are bound to the rhenium center in a facial manner, consistent with similar 

rhenium bipyridine (Rebpy) systems (Table 5.1).15,26–30 Crystallographic analysis of the complex 

confirms this structural assessment. The crystal structure of 1 (Figure 5.1) is consistent with other 

reported Rebpy complexes featuring a Re ion in an octahedral geometry with 3 fac- coordinated 

carbonyl ligands; the other face of the octahedron is comprised of the bpyCrown and chloride 

ligands. Unlike other Rebpy complexes however, the two pyridine rings of 5 are not in the same 

 

 Scheme 5.1. Synthesis of 5 and 5[M(OTf)n] where M= Na+, K+, Ca2+, or Ba2+. 
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plane and are instead canted away from each other. The structure displays a dihedral angle of 36.3° 

along the C(4), C(5), C(6), and C(7) atoms of the rings facing the crown ether cavity (Figure 5.1). 

The electronic absorption spectrum of 5 features two strong absorbances at 258 and 357 

nm, with the lower energy band corresponding to a MLCT transition. MLCT absorption bands of 

Rebpy complexes serve as a convenient measure of the electron density of the bipyridine ligand 

and rhenium metal center, as substituents on the bpy ligand are expected to have a much larger 

effect on the ligand based HOMO than on the metal-based LUMO involved in the transition.29 The 

MLCT transition at 357 nm observed for 5 is in good agreement with a previously reported 4, 4’–

OCH3 substituted bipyridine complex (Re(Bpy4,4’OCH3)(CO)3Cl), observed at 356 nm (Table 5.1).29 

The similar energy of the MLCT bands indicates that the ligands have similar electron density, 

which in turn, implies that the metal centers have comparable electronic structures since the other 

four ligands are identical for both complexes. 

 

 

 

 

Figure 5.1. Crystal structure of 5. Hydrogen atoms ommitted for clarity. Ellipsoids are shown 

at 50% probability. 
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Table 5.1. Spectroscopic and voltametric data for Re(bpycrown) and reported Rebpy 

complexes  

Compound †E1/2(bpy0/●–) †EPC2(ReI/0) νCO
a λmax (ε)

b 

5 –1.78 (–1.82)* –2.00 2022, 1915, 1897 357 (14500) 

5[Na(OTf)] –1.76 (–1.80)* –1.91 2022, 1915, 1898 356 (14900) 

5[K(OTf)] –1.78 (–1.82)* –1.93 2022, 1915, 1898 357 (11500) 

5[Ca(OTf)2] –1.57 (–1.60)* –1.74 2025, 1918, 1902 356 (11000) 

5[Ba(OTf)2] –1.59 (–1.63)* –1.75 2024, 1917, 1901 356 (13800) 

Re(Bpy4,4’NH2)(CO)3Cl –2.21 d — 2015, 1905, 1886 d 350d 

Re(Bpy4,4’OCH3)(CO)3Cl –1.84d (–1.90)c* –2.21c 2021, 1913, 1894 d 356d 

Re(Bpy4,4’tBu)(CO)3Cl (–1.89)c* –2.18c 2023, 1916, 1898 d — 

Re(Bpy4,4’CH3)(CO)3Cl –1.82d (–1.89)c* –2.18c 2022, 1918, 1897 d 364d 

Re(Bpy3,3’CH3)(CO)3Cl (–1.90)e* –2.19e 2022, 1917, 1895 e — 

Re(BpyH)(CO)3Cl –1.73d (–1.78)c* –2.16c 2023, 1917, 1900 d 368 

Re(Bpy4,4’Ph)(CO)3Cl –1.63d — 2022, 1918, 1899 d 384d 

Re(Bpy4,4’Cl)(CO)3Cl –1.49d — 2025, 1921, 1904 d 390d 

Re(Bpy4,4’CF3)(CO)3Cl (–1.34)e* –1.79e 2024, 1926, 1902 e — 

Re(Bpy4,4’CO2Et)(CO)3Cl –1.34 d — 2025, 1923, 1906 d 412d 

Re(Bpy4,4’NO2)(CO)3Cl –0.83 d — 2028, 1929, 1912 d 448d 

† Potential measured as V vs. Fe(C5H5)2
 +/0 in Acetonitrile using 0.100 M TBAPF6 as supporting electrolyte under N2                                                              

atmosphere. Scan rate was 100 mV/s for each measurement using a glassy carbon working electrode.                                                                                                                                        
*Potential reported at the peak cathodic current.                                                                                                               
a FTIR spectra taken in CH3CN. Recorded in units of wavenumbers (cm-1).                                                                                                 
bFor the lowest energy absorption maximum. Extinction coefficients recorded in units of M–1 cm–1 and wavelength 

in units of nanometers. Acetonitrile used as solvent.                                                                                                  
cObtained from reference 15.                                                                                                                                 
dObtained from reference 29. Reduction potentials adjusted from SSCE to Fe(C5H5)2

 +/0 in CH3CN using reference 

31.                                                                                                                                                                        
eObtained from reference 26. Reduction potentials adjusted from Ag+/0 to Fe(C5H5)2

 +/0 CH3CN using reference 31.                                                                                                                                                            
fObtained from reference 32. 

 

5.2.2 NMR Spectroscopy 

5 readily encapsulates a group I or II metal cation into the crown ether cavity. The addition 

of one equivalent of group I or II metal triflate salts (sodium, potassium, calcium, or barium) to 

form 5[M(OTf)n] (Scheme 5.1), results in large shifts of the resonances associated with the crown 

ether moiety in the 1H and 13C{1H} NMR spectra (Figures 5.2 and 5.3). Job plot analysis of 5 with 

Na(OTf) by 1H NMR indicate that a 1:1 complex is formed (Figure 5.4). Additionally, mass 
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spectrometry of 5 with each metal primarily shows a peak with an m/z that corresponds to the 1:1 

complex. 

 

 

 
Figure 5.2: 1H NMR spectra of 5 (purple), 5[K(OTf)] (blue), 5[Na(OTf)] (green), 

5[Ba(OTf)2] (gold), and  5[Ca(OTf)2] (red) in CD3CN, showing the crown ether proton 

resonances.  

 

 Figure 5.3: 13C{1H} NMR of 5 (purple), 5[K(OTf)] (blue), 5[Na(OTf)] (green), 

5[Ba(OTf)2] (gold), and  5[Ca(OTf)2] (red) in CD3CN, showing the crown ether carbon 

resonances.  
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5.2.3 Cyclic Voltammetry 

Cyclic voltammograms of 5 in acetonitrile (CH3CN) feature two prominent redox events 

cathodic of the open circuit potential, located at –1.78 and –2.00 V vs. Fe(C5H5)2
+/0 (grey traces, 

Figure 5.5). The first reduction of the Rebpy complexes is attributed to reduction of the bipyridine 

ligand to form a ligand based radical species (bpy0/●–), while the second reduction is proposed to 

correspond to the reduction of Re(I) to Re(0).26,27,29,30 5[Na(OTf)] and 5[K(OTf)] show negligible 

changes to the bpy0/●– couple. However, the ReI/0 reduction shifts almost 100 mV positive relative 

to the parent species (Table 5.1, Figure 5.4). The incorporation of a di-cation to the crown ether 

 

Figure 5.4: (Left) 1H NMR titrations of 5 with Na(OTf) in CD3CN showing the crown ether 

proton region. The mole fraction of 5 in solution (ΧRe) ranges from 1 (top) to 0.2 (bottom). 

Dotted lines are shown to indicate shifts of each proton resonance with increasing [Na(OTf)]. 

(Right)  Job plot of Na(OTf) titrations with 5, tracking the crown ether proton resonance initially 

centered at 4.35 ppm. The peak of the curve occurs at ΧNa = 0.5, indicating a 1:1 complex is 

formed between 5 and Na+.  
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cavity results in changes to both bpy- and Re-based reduction events. Both 5[Ba(OTf)2] and 

5[Ca(OTf)2] feature redox events that are over 200 mV positive of 5. Each of the observed redox 

events are diffusion limited, indicating that they arise from species in solution (Figures 5.6-5.9). 

The bipyridine-based reduction of each complex approaches reversibility (ia/ic increases) with 

increasing scan rate (Figures 5.6-5.9), which has been previously observed in other Rebpy 

complexes and is attributed to loss of the chloride ligand upon reduction.26–28,30,33 When the charge 

of the incorporated cation is increased, faster scan rates are required to observe the return 

oxidation, suggesting that chloride loss becomes more facile with increasing cationic charge.  

 

 

 

 

 

Figure 5.5: Cyclic voltammograms 5 (grey), 5[Na(OTf)] (blue), 5[K(OTf)] (pink), 5[Ca(OTf)2] 

(red), or 5[Ba(OTf)2] (green) showing the isolated bpy0/●– based couple (left) or both bpy0/●– and 

ReI/0 based events (right). Voltammograms were recorded at 100 mV/s scan rate with solutions 

containing 1.0 mM analyte and 0.10 M TBAPF6 electrolyte in CH3CN under N2.  

5 
5[Na(OTf)] 
5[K(OTf)] 
5[Ca(OTf)2] 
5[Ba(OTf)2] 
 

5 
5[Na(OTf)] 
5[K(OTf)] 
5[Ca(OTf)2] 
5[Ba(OTf)2] 
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Figure 5.6. (Left) Cyclic voltammograms of 5 (top), 5[Na(OTf)] (middle), and 5[K(OTf)] 

(bottom) at varying scan rates between 10 to 1000 mV/sec. (Right) plot of current versus square 

root of scan rate for each reduction and oxidation event of the corresponding complexes. 

5 
 

5[Na(OTf)] 
 

5[K(OTf)] 
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5 and Re(Bpy4,4’OCH3)(CO)3Cl contain bipyridine ligands of similar electron density, it was 

expected that each bipyridine ligand would be reduced at similar potentials; this however, turned 

out not to be the case. Re(Bpy4,4’OCH3)(CO)3Cl features a bipyridine-based reduction at E1/2 = –

1.84 V, 60 mV negative of 5 (Table 5.1). Additionally, the irreversible second reduction of 5, 

attributed to reduction of Re(I) to Re(0), occurs 200 mV positive than reported for 

Re(Bpy4,4’OCH3)(CO)3Cl (EPC2= –2.00 V  versus –2.21 V respectively, Table 5.1)15. Although the 

bipyridine ligands have different substituent locations (3,3’ for bpycrown and 4,4’ for Bpy4,4’OCH3), 

 

 

Figure 5.7. (Left) Cyclic voltammograms of 5[Ca(OTf)2]  (top) and 5[Ba(OTf)2] (bottom) at 

varying scan rates between 10 to 1000 mV/sec. (Right) plot of current versus square root of scan 

rate for each reduction and oxidation event. 

5[Ba(OTf)2] 
 

5[Ca(OTf)2] 
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this is not expected to affect observed redox potentials for each complex, as 3,3’- and 4,4’-methyl 

 

 

 

 

Figure 5.8. (Left) Cyclic voltammograms of the first reduction of 5 (top), 5[Na(OTf)] (middle), 

and 5[K(OTf)] (bottom) at varying scan rates between 10 to 1000 mV/sec. (Right) plot of current 

versus square root of scan rate for the redox couple of each corresponding complex. 

5[K(OTf)] 
 

5[Na(OTf)] 
 

5 
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substituted (Bpy3,3’CH3 and Bpy4,4’CH3, Table 5.1)26 Rebpy complexes have nearly identical redox 

potentials and carbonyl stretching frequencies.15,26,29,31  

 

5.2.4 Electronic Absorption Spectroscopy 

Although the addition of metal triflate salts to 5 resulted in large shifts in redox potential, 

the MLCT absorption energy remains unaffected (Table 5.1, Figure 5.10). The ligand-based redox 

 

 

Figure 5.9. (Top) Cyclic voltammogram (left) and plot of current versus square root of scan rate 

(right) for the redox couple of the first reduction of 5[Ca(OTf)2] (top) or 5[Ba(OTf)2] (bottom) at 

varying scan rates between 10 to 15000 mV/sec. or 10 to 10000 mV/sec, respectively. 

5[Ca(OTf)2] 
 

5[Ba(OTf)2] 
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potential (E1/2(bpy0/●–)) and MLCT absorption wavelength of substituted Rebpy complexes are 

observed to have a strong linear correlation as a result of substituent inductive effects (black 

squares, Figure 5.11). The group I and II metal adducts of 5, on the other hand, significantly deviate 

from the line with increasing charge of the secondary metal (blue triangles, Figure 5.11). This 

deviation from non-crown ether appended complexes suggests that the trend in redox potential 

observed with 5 is not due to inductive effects arising from cation encapsulation. Our group has 

observed similar spectroscopic and voltammetric effects of group I or II metal cations with crown 

ether appended salen systems, which have been attributed to the introduction or strengthening of 

an electric field near the metal center.19–22 We believe the same phenomenon is occurring within 

the series of Re(bpyCrown) complexes described herein. 

 

 

Figure 5.10. Electronic absorption spectra of 5 (grey), 5[Na(OTf)] (blue), 5[K(OTf)] 

(pink), 5[Ca(OTf)2] (red), and 5[Ba(OTf)2] (green) in CH3CN.    

5 
5[Na(OTf)] 
5[K(OTf)] 
5[Ca(OTf)2] 
5[Ba(OTf)2] 
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5.2.5 Infrared Spectroscopy 

 

Figure 5.11: relationship between MLCT band energy and E1/2(bpy0/●–) for Rebpy complexes. 

Previously reported complexes lacking crown ether functionality (black squares) display a 

strong linear relationship, while RebpyCrown complexes (blue triangles) deviate significantly 

from this relationship with increasing cationic charge. Data used for literature Rebpy 

complexes can be seen in Table 5.1.  

 

 

 

Figure 5.12. Infrared absorption spectra of 5 (grey), 5[Na(OTf)] (blue), 5[K(OTf)] 

(pink), 5[Ca(OTf)2] (red), and 5[Ba(OTf)2] (green) showing the carbonyl stretching 

region. 

5 
5[Na(OTf)] 
5[K(OTf)] 
5[Ca(OTf)2] 
5[Ba(OTf)2] 
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IR spectroscopy is a useful tool to measure the strength of an electric field, as vibrations 

are expected to shift within a field in accordance to the vibrational Stark effect.34 Indeed, higher 

frequencies of νCO are observed with increasing charge of the secondary metal cation incorporated 

into 1 (Table 5.1, Figure 5.12). Similar to the previously mentioned relationship observed between 

E1/2(bpy0/●–) and MLCT absorption energy, the asymmetric carbonyl stretching frequency of 

reported Rebpy complexes increases linearly with increasing E1/2(bpy0/●–) (black squares, Figure 

5.13). Contrary to the previously observed departure from the linear trend in Figure 5.11, the value 

of νCO and E1/2(bpy0/●–) for the group I and II metal adducts of 5 fall along the line (blue triangles, 

Figure 5.13). It is not entirely clear at this point whether the observed shifts are evidence of a 

vibrational stark effect indicating an internal electric field, or if they are simply a result of inductive 

effects from the bound cation reducing the donating ability of the bpycrown ligand. Further 

speculation on this matter is discussed in the conclusion (Section 5.3).  

 

Figure 5.13. Relationship between E1/2(bpy0/●–) and asymmetric carbonyl stretching 

frequency (νCO) of various Rebpy complexes. Data used for literature Rebpy complexes 

can be seen in Table 5.1.  
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5.2.6 CO2 Reactivity 

As Rebpy compounds have shown to be extremely robust and selective CO2 to CO 

reduction electrocatalysts,11,12,27,35–39 we investigated whether the cationic charge would result in 

selective CO2 reduction at lower applied potentials. Cyclic voltammograms of each complex under 

CO2 atmosphere in CH3CN display increased current at the first and/or second reduction compared 

to the same solutions under N2 atmosphere, indicating reactivity with CO2 (dotted versus solid 

traces, Figure 5.14). Catalytic current increases are observed when trifluoroethanol, a weak acid, 

is added to each solution (Figure 5.15). Significantly more current is passed under CO2 than under 

N2, further supporting reactivity of the reduced complexes with CO2. Similar to the anodic shifts 

observed under N2 atmosphere, the complexes are observed to react with CO2 at milder potentials 

with increasing charge of the incorporated cation (dotted traces, Figure 5.14). While the reactivity 

of the complexes looked promising via cyclic voltammetry, CO2 reduction products could not be 

 

Figure 5.14. Cyclic voltammograms 5 (grey), 5[Na(OTf)] (blue), 5[Ca(OTf)2] (red), or 

5[Ba(OTf)2] (green) Under N2 (solid) or CO2 (dotted) atmosphere. Voltammograms were 

recorded at 100 mV/s scan rate with solutions containing 1.0 mM analyte and 0.1 M TBAPF6 

electrolyte in CH3CN. 
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identified. Controlled potential electrolysis of 5 with incorporated cations resulted in immediate 

loss of current due to electrode fouling. Fouling of the working electrode during electrolysis is 

likely to arise from the formation of insoluble carbonate salts, which has been observed with 

several CO2 reduction catalysts in the presence of Lewis acids, including manganese bipyridine 

complexes.23,24,40–42  

 

 

 

 

Figure 5.15. Cyclic voltammograms of 5 (top left), 5[Na(OTf)] (top right), 5[Ca(OTf)2] (bottom 

left), and 5[Ba(OTf)2] (bottom right) recorded in the presence (solid line) and absence (dotted line) 

of 100mM trifluoroethanol under N2 (black) or CO2 (grey, blue, red, or green) atmosphere. 

5[Ba(OTf)2] 

 

5[Ca(OTf)2] 

 

5[Na(OTf)] 
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5.3 Conclusion 

We have reported the synthesis and characterization of a series of rhenium bipyridine 

complexes which feature crown ether functionality into the bipyridine backbone and readily 

encapsulate group I and II metal cations. The encapsulation of metal cations into the crown ether 

moiety results in significant anodic shifts to the reduction potential of both the bipyridine ligand 

and rhenium metal center, with negligible effects on the electronic transitions of the molecule. 

Additionally, the carbonyl ligands bound to the rhenium center exhibited shifts in their vibrational 

frequencies with increasing charge of the crown-bound cation.  

The shifts with redox potential and  νCO  with increasing charge of the secondary metal 

could be a result of inductive effects from the Lewis acidic effects of the bound Group I or II 

metals; although, it may also be due to the presence of an internal electric field. The insensitivity 

of the MLCT band energy in the cation-bound complexes of 5 is unexpected, given that other 

substituted Rebpy complexes show a strong correlation between MLCT band energy and reduction 

potential (Figure 5.11). Based on the relationship, the MLCT absorption wavelength should shift 

by almost 30 nm between 5 and 5[Ca(OTf)2], however a shift of < 1 nm is observed. MLCT 

transitions are not an ideal type of transition to probe, as the bpy ligand is between the crown cavity 

and Re. The bpy ligand would in theory experience a stronger electric field than the Re atom. This 

could result in shifts to the MLCT band energy in the presence of an electric field due to unequal 

energy modulation of the Re-based dπ and bpy-based π* orbitals involved in the transition. Ideally, 

d–d transitions of the Re center would be used (which would avoid the spatial issues with MLCT 

transitions), however no d–d bands were observed for any of the bpyCrown complexes. 



215 
 

Cyclic voltammograms of the cation-incorporated complexes of 5 under CO2 atmosphere 

suggest that CO2 can be bound and reduced at milder potentials in the presence of a proximal 

cation; however, controlled potential electrolysis was unsuccessful due to electrode fouling, 

preventing product identification. This study indicates the problems that can arise when using 

alkali or alkaline earth metal ions to introduce cationic charge. However, we note ammonium 

charges have been used to successful improve activity and lower overpotentials in a modified 

Fe(porphyrin) CO2 reduction catalyst, suggesting an alternative way to introduce cationic 

charge.43,44  

5.4 Experimental Details 

General Methods: All synthesis and manipulations of metal complexes were carried out in an 

inert atmosphere glovebox or utilizing standard Schlenk techniques under inert atmosphere of 

nitrogen. Synthesis and manipulation of organic compounds were carried out in open air, unless 

otherwise mentioned. Solvents used during inert atmosphere synthesis and/or manipulations were 

degassed by sparging with argon and dried by passing through columns of neutral alumina or 

molecular sieves. All deuterated solvents were purchased from Cambridge Isotope Laboratories, 

Inc. Deuterated solvents used for NMR characterization of metal complexes were degassed and 

stored over activated 3 Å molecular sieves prior to use. All solvents and reagents were purchased 

from commercial vendors and used without further purification unless otherwise noted. 

Electrochemical studies under carbon dioxide atmosphere were performed using ultra high purity 

(99.999%) carbon dioxide that was passed through a VICI carbon dioxide purification column to 

eliminate residual H2O, O2, CO, halocarbons, and sulfur compounds. Re(bpy)(CO)3Cl45 and 2,2’-

bipyridine crown ether (bpyCrown)25 were synthesized according to previously reported methods.   
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Physical Methods: 1H and 13C{1H} NMR spectra were taken on a 500 MHz Bruker DRX 500 

spectrometer fitted with a TCI cryoprobe and were acquired at room temperature. Spectra were 

referenced to residual 1H or 13C resonances of the deuterated solvent (1H: CD3CN, δ 1.94) (13C: 

CD3CN, δ118.26, 1.32) and reported in parts per million. Infrared (IR) absorption measurements 

were taken in CH3CN (10-20 mM) on a Thermo Scientific Nicolet iS5 spectrophotometer as thin 

films on KBr plates. Electrospray ionization (ESI) mass spectrometry was performed using a 

Waters ESI LC-TOF Micromass LCT 3 premier mass spectrometer fitted with a Leap 

Technologies CTC Analytics autosampler. Elemental analysis was taken on a Perkin Elmer 2400 

Series II CHNS elemental analyzer. UV-vis spectra were collected in acetonitrile using a quartz 

cuvette with an Agilent Technologies Cary 60 UV-Vis fitted with an Agilent Technologies fiber 

optic coupler connected to an Ocean Optics CUV 1cm cuvette holder in a glovebox under an inert 

atmosphere of N2.  

Electrochemistry: All measurements were performed on a Pine Wavedriver 10 bipotentiostat with 

a 2 mm diameter glassy carbon disc working electrode, glassy carbon rod counter electrode, and a 

Ag+/Ag pseudoreference electrode separated from the bulk solution by a Vicor frit. Internal 

resistance was measured for each solution (via current interrupt method for scan rates less than 

1000 mV/sec, or positive feedback method for scan rates faster than 1000 mV/sec), and resistance 

manually compensated for between 80-90% of the measured value for each voltammogram 

performed. Potentials are referenced to ferrocene (Fe(C5H5)2
+/0) at 0.00 V using either Fe(C5H5)2 

or Fe(C5(CH3)5)2 (E1/2= –0.48 V vs. Fe(C5H5)2
+/0)46 as an internal standard. All experiments were 

performed in dried and degassed acetonitrile solutions with 1.0 mM analyte and 0.1 M 

tetrabutylammonium hexafluorophosphate (TBAPF6) supporting electrolyte concentrations and 

were recorded at a 100 mV/s scan rate unless otherwise noted. Samples for electrochemical studies 
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performed under CO2 atmosphere were prepared by sparging the analyte solution with solvent 

saturated carbon dioxide gas for several minutes prior to measurement and the headspace above 

the solution was blanketed with carbon dioxide during each measurement.    

Job Plot Analysis: Job plot analysis of 5 with Na(OTf) to form 5[Na(OTf)] was performed using 

1H NMR spectroscopy. A 10 mM sample of 5 in CD3CN (500 μL) was used for the initial 1H NMR 

spectrum (ΧNa = 0, ΧRe = 1). 100 μL of this solution was then removed from the NMR tube, after 

which was added 10 μL of 100 mM Na(OTf) solution in CD3CN. The NMR was diluted with an 

additional 90 μL of CD3CN to return the total volume to 500 μL and form a solution with ΧNa = 

0.2 and ΧRe = 0.8, after which another 1H spectrum was collected. This process was repeated until 

solutions with ΧNa = 0, 0.2, 0.4, 0.5, 0.6, and 0.8 had been measured. The resonance centered at δ 

= 4.35 ppm (when ΧNa = 0) was observed to shift the most over the samples, and was therefore 

selected to generate the Job plot. The Job plot was made by plotting the 1H resonance shift in the 

peak at δ = 4.35 ppm (Δδ) times the mole fraction of Re (Δδ•ΧRe) versus the mole fraction of Na 

in solution (ΧNa). The peak of the resultant plot was observed to be at ΧNa = 0.5, indicating that 

5[Na(OTf)] is a 1:1 complex of Na(OTf) and 5. 

X-ray Data Collection, Structure Solution and Refinement for 5: 

A yellow crystal of approximate dimensions 0.128 x 0.187 x 0.243 mm was mounted in a cryoloop 

and transferred to a Bruker SMART APEX II diffractometer system.  The APEX247 program 

package was used to determine the unit-cell parameters and for data collection (sec/frame scan 

time).  The raw frame data was processed using SAINT48 and SADABS49 to yield the reflection 

data file.  Subsequent calculations were carried out using the SHELXTL50 program package.  The 

diffraction symmetry was 2/m and the systematic absences were consistent with the monoclinic 

space group P21/c that was later determined to be correct. 
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The structure was solved by direct methods and refined on F2 by full-matrix least-squares 

techniques.  The analytical scattering factors51 for neutral atoms were used throughout the analysis.  

Hydrogen atoms were included using a riding model.  Disordered atoms were included using 

multiple components with partial site-occupancy-factors. 

Least-squares analysis yielded wR2 = 0.0964 and Goof = 1.344 for 325 variables refined against 

5587 data (0.78 Å), R1 = 0.0483 for those 5381 data with I > 2.0(I).   

Synthesis: 

Re(bpyCrown)(CO)3Cl, (5): This complex was synthesized in a similar manner as previously 

reported for similar Re(BPy)(CO)3Cl complexes.28 Under an inert atmosphere, a solution of  

bpyCrown (75 mg, 0.20 mmol, 1 eq.) in toluene (5 mL) was added to a stirring solution of 

Re(CO)5Cl (82 mg, 0.23 mmol, 1.1 eq.) in 10 mL toluene. The solution was then refluxed 

overnight, over which time the solution turned a dark yellow color. The solvent was removed in 

vacuo to yield a yellow solid, which was then recrystallized with DCM/ Et2O to yield the purified 

product as a yellow crystalline solid (111 mg, 0.13 mmol, 70% yield). X-ray quality crystals were 

grown via vapor diffusion of diethyl ether into a solution of DCM containing the complex. UV-

vis (CH3CN) λmax/nm (ε/M-1 cm-1) 357 (14500); 258 (17400). Elemental analysis calcd 

C23H29ClN2O9Re (699.15): C, 39.51; H, 4.18; N, 4.01%. Found: C, 38.77; H, 3.23; N, 3.70%. ESI 

mass spectrometry: Calculated m/z for ([Re(bpyCrown)(CO)3Cl] + CH3CN – (Cl–))+: 705.17. 

Found: 705.23. FTIR (CH3CN)/cm-1 νCO: 2022, 1915, 1897.  1H NMR (500 MHz, CD3CN): δ 8.60 

(d, 2H), 7.87 (d, 2H), 7.55 (t, 2H), 4.40 (m, 2H), 4.34 (m, 2H), 3.83 (t, 4H), 3.62 (d, 12H). 13C{1H} 

NMR (500 MHz, CD3CN) δ 145.5, 128.1, 125.3, 71.6, 71.5, 71.1, 70.5, 70.3. 
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Figure 5.16. 1H NMR of 5 in CD3CN. *Indicates residual DCM impurity. 

 

* 
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Figure 5.17. 13C{1H} NMR of 5 in CD3CN. 

 

 
Figure 5.18. Electronic absorption spectra of 5 at varying concentrations in 

CH3CN. 
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General procedure for metalation of Re(bpyCrown)(CO)3Cl with group I/II metals: To a 

solution of Re(bpyCrown)(CO)3Cl in CH3CN was added 1 eq. of the corresponding metal triflate 

salt in CH3CN and stirred for 30 minutes prior to spectroscopic or voltammetric analysis.  

 [Re(bpyCrown)(CO)3Cl][Na(OTf)], (5[Na(OTf)]): UV-vis (CH3CN) λmax/nm (ε/M-1 cm-1) 356 

(14900); 258 (18100). ESI mass spectrometry: Calculated m/z for [Re(BpyCrown)(CO)3Cl – (Cl–) 

+ (Na+) + (OH–) + (CH3OH)]+ : 736.16. Found: 736.05. [Re(BpyCrown)(CO)3Cl – (Cl–) + (Na+) + 

(H2O) + (CH3OH)]2+ : 368.59. Found: 368.87.  FTIR (CH3CN)/cm-1 νCO: 2022, 1915, 1898.  1H 

NMR (500 MHz, CD3CN): δ 8.60 (d, 2H), 7.86 (d, 2H), 7.54 (t, 2H), 4.32 (m, 2H), 4.25 (m, 2H), 

3.76 (t, 4H), 3.59 (br s, 12H). 13C{1H}. NMR (500 MHz, CD3CN) δ 157.6, 146.0, 128.2, 126.4, 

71.3, 71.2, 71.1, 70.8, 70.3. 

 

 

 
Figure 5.19. 1H NMR of 5[Na(OTf)] in CD3CN. *Indicates residual DCM impurity. 

* 
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 Figure 5.20. 13C{1H} NMR of 5[Na(OTf)] in CD3CN. 

 

 Figure 5.21. Electronic absorption spectra of 5[Na(OTf)] at varying concentrations in 

CH3CN. 
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[Re(bpyCrown)(CO)3Cl][K(OTf)], (5[K(OTf)]): UV-vis (CH3CN) λmax/nm (ε/M-1 cm-1) 357 

(11500); 258 (13300). ESI mass spectrometry: Calculated m/z for [Re(BpyCrown)(CO)3Cl – (Cl–) 

+ (K+) + (CH3O
–)]+ : 735.1. Found: 735.3. FTIR (CH3CN)/cm-1 νCO: 2022, 1915, 1898.  1H NMR 

(500 MHz, CD3CN): δ 8.61 (d, 2H), 7.88 (d, 2H), 7.56 (t, 2H), 4.36-4.40 (p, 2H), 4.30-4.34 (p, 

2H) 3.82 (t, 4H), 3.62 (m, 12H). 13C{1H} NMR (500 MHz, CD3CN) δ 157.6, 145.7, 128.2, 125.7, 

71.5, 71.0, 70.8, 70.3. 

 

 

 Figure 5.22. 1H NMR of 5[K(OTf)] in CD3CN. 
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Figure 5.23. 13C{1H} NMR of 5[K(OTf)] in CD3CN. 

 

 

 

Figure 5.24. Electronic absorption spectra of 5[K(OTf)] at varying concentrations 

in CH3CN. 
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 [Re(bpyCrown)(CO)3Cl][Ca(OTf)2], (5[Ca(OTf)2]): UV-vis (CH3CN) λmax/nm (ε/M-1 cm-1) 356 

(11000); 258 (13600) ESI mass spectrometry: Calculated m/z for [Re(BpyCrown)(CO)3Cl – (Cl–) 

+ (Ca2+) + (OH–) ]2+: 360.4. Found: 359.2. FTIR (CH3CN)/cm-1 νCO: 2025, 1918, 1902.  1H NMR 

(500 MHz, CD3CN): δ 8.85 (d, 2H), 8.23 (d, 2H), 7.71 (t, 2H), 4.33 (br, 2H), 4.02 (br, 2H), 3.96-

3.83 (m, 12H), 3.79 (m, 2H), 3.69 (m, 2H). 13C{1H}. NMR (500 MHz, CD3CN) δ 157.9, 149.6, 

129.3, 77.1, 71.1, 71.0, 70.4, 70.3. 

  

 

 

 Figure 5.25. 1H NMR of 5[Ca(OTf)2] in CD3CN. *Indicates residual DCM impurity. 

* 
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Figure 5.26. 13C{1H} NMR of 5[Ca(OTf)2] in CD3CN. 

 

 Figure 5.27. Electronic absorption spectra of 5[Ca(OTf)2] at varying concentrations 

in CH3CN. 
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[Re(bpyCrown)(CO)3Cl][Ba(OTf)2], (5[Ba(OTf)2]): UV-vis (CH3CN) λmax/nm (ε/M-1 cm-1) 356 

(13800); 258 (20700). Elemental analysis calcd C25H29BaClF6N2O15ReS2 (1134.60): C, 26.47; H, 

2.58; N, 2.47%. Found: C, 27.32; H, 3.03; N, 2.43%. ESI mass spectrometry: Calculated m/z for 

([Re(bpyCrown)(CO)3Cl] + (Ba2+) – (Cl–))2+ : 401.03. Found: 401.12. FTIR (CH3CN)/cm-1 νCO: 

2024, 1917, 1901.  1H NMR (500 MHz, CD3CN): δ 8.84 (d, 2H), 8.14 (d, 2H), 7.70 (t, 2H), 4.22 

(q, 2H), 4.07 (m, 2H), 3.75-3.90 (br m, 18H). 13C{1H} NMR (500 MHz, CD3CN) δ 158.7, 149.7, 

149.3, 134.3, 129.2, 77.7, 71.4, 71.0, 70.8. 

 

 

 Figure 5.28. 1H NMR of 5[Ba(OTf)2] in CD3CN. 
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Figure 5.29. 13C{1H} NMR of 5[Ba(OTf)2] in CD3CN. 

 

 Figure 5.30. Electronic absorption spectra of 5[Ba(OTf)2] at varying 

concentrations in CH3CN. 
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Figure 5.31. 1H NMR spectra of 5 (purple), 5[K(OTf)] (blue), 5[Na(OTf)] (green), 

5[Ba(OTf)2] (gold), and  5[Ca(OTf)2] (red) in CD3CN.  

 

 
Figure 5.32. 13C{1H} NMR spectra of 5 (purple), 5[K(OTf)] (blue), 5[Na(OTf)] 

(green), 5[Ba(OTf)2] (gold), and  5[Ca(OTf)2] (red) in CD3CN.  
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Appendix A 

 

Electrochemical Analysis of a U(III) Complex of 2.2.2-

Cryptand with Unexpected Stability Towards Oxidation 

and Hydrolysis 

 

 

 

 

 

 

Portions of this chapter have been published:  

Huh, D. N.†; Barlow, J. M. †; Ciccone, S. R.; Ziller, J. W.; Yang, J. Y.; Evans, W. J. Inorg. Chem. 

2020, 59, 17077-17083. Reproduced with permission from the American Chemical Society. 

 

A majority of the synthesis and non-electrochemical characterization of the complexes described 

herein were carried out by either Dan Huh or Sierra Ciccone from William Evans’ research group. 
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A.1 Introduction: 

The [2.2.2]-cryptand ligand (crypt) has been studied extensively with alkali and alkaline 

earth metals.1,2 Although an increasing number of examples with lanthanides are appearing in the 

literature,3–15 only one paper has been published describing X-ray crystal structures of actinide 

crypt complexes.5  This is particularly surprising since solution studies of actinide crypt complexes 

have been present in the literature for many years.16–19  The three structures previously reported by 

the Evans group,5 [U(crypt)I2]I, (6-U), [U(crypt)I(OH2)][I]2, (7-U), and 

[U(crypt)I(OH2)][I][BPh4], (8-U) (Chart A.1), all involve uranium in the +3 oxidation state.  In 

two of these examples, water is coordinated to the U(III) center.  Although six previous examples 

of U(III) water adducts have been reported in the literature,20–23 in all cases the metal complexes 

were found to undergo decomposition within hours to 2 days even as solids under inert atmosphere.  

In contrast, the crystalline water-solvated U(III)-in-crypt complexes 7-U and 8-U, appear to be 

stable indefinitely under an inert atmosphere.  

We report here our efforts to probe the apparent stabilization of U(III) by the [2.2.2]-

cryptand ligand through electrochemical analysis of 6-U in the absence and presence of water.  In 

performing these analyses, the complex was found to be an extraordinarily electron deficient 

example of U(III), displaying oxidation and reduction potentials several hundred millivolts 

positive of other examples in the literature.  These shifted potentials are consistent with the 

observed stability of the complex and illustrate how a low-valent actinide can be stabilized towards 

the presence of water.  As part of this study, additional examples of crystalline, water-solvated 

U(III) complexes were identified. 
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A.2 Results  

A.2.1 Synthesis and Structural Characterization of Acetonitrile, 

Dimethylformamide, and Aquo-bound Adducts of 6-U 

 Prior to examining the electrochemistry of [U(crypt)I2]I
5 (6-U) in acetonitrile (MeCN) and 

dimethylformamide (DMF), synthetic studies were performed by Daniel N. Huh and Sierra R. 

Ciccone in the laboratory of William J. Evans to determine if these solvents modified the structure 

of  6-U. Chart A.1 shows the structure of all MeCN, DMF, and H2O adducts of 6-U that were 

subsequently isolated and structurally characterized by Dan and Sierra, which will be discussed in 

further detail below. 

 Dissolving 6-U in dry MeCN results in the formation of a green-yellow solution, from 

which green crystals of [U(crypt)(MeCN)I][I]2 (9-U) are isolated in 90% yield after layering the 

solution with diethyl ether (Chart A.1).  When adventitious water is present, [U(crypt)(OH2)2][I]3, 

(10-U) is isolated, as well as the previously reported [U(crypt)(OH2)I][I]2, (7-U).5 Crystallization 

of 6-U from DMF in the presence of adventitious water results in the isolation of crystalline 

[U(crypt)(DMF)(OH2)][I]3, (11-U, Chart A.1). 

 The structure of each of newly isolated U(III) cryptand complexes (9-U to 11-U, Chart 

A.1) adopt similar geometries to the previously reported U(crypt) complexes reported (6-U, 7-U, 

and 8-U, Chart A.1).5 The U–O(crypt), U–N(crypt) bond distances for 9-U through 11-U are 

similar to the previously reported bond lengths of 6-U through 8-U,5 Additionally, the U–O(OH2) 

bond lengths of 10-U and 11-U are similar to 2-U and other previously reported U(III)–O(OH2)  

distances,20–23 which are significantly longer than reported U(IV)–O(OH2) bond lengths.24–28 This 
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information indicates that the uranium atom remains in the +3 oxidation state for each of the 

complexes, and does not undergo oxidation upon solvent coordination.   

A.2.2 Electrochemistry 

Electrochemical analysis of [U(crypt)I2]I (6-U), was performed in both DMF and MeCN 

(Table A.1). The cyclic voltammograms of 6-U in DMF are shown in Figure A.1. When scanning 

anodically from the open circuit potential (OCP), four prominent oxidations are observed.  Two of 

these, at EPA= –0.08 and 0.31 V vs. Fe(C5H5)2
+/0, are attributed to oxidation of free iodide in 

solution since they match the voltammogram of tetrabutylammonium iodide (TBAI) under the 

same conditions (Figure A.2, left). Three main features (EPA1 and EPA2= –0.49 and 0.88 V 

respectively and EPC1= –1.57 V) are observed in the voltammogram of 6-U that are not present 

with TBAI alone.  These likely originate from the uranium center, as UI3, empty cryptand, and 

[K(crypt)][OTf] do not show similar features (Figure A.2, right).  Variable scan rate studies 

indicate that the currents of both EPA1 and EPA2 are diffusion controlled (Figure A.3, A.4).  The 

first oxidation (EPA1) at –0.49 V is tentatively attributed to oxidation of the U(III) center to U(IV).  

This oxidation is irreversible at slow scan rates (ν ≤ 100 mV/s).  At higher scan rates (ν > 100 

mV/s), a reductive event appears and its peak current increases with increasing scan rate.  The ratio 

 

Chart A.1. Molecular structure of all structurally characterized U(crypt) complexes discussed 

in this appendix (6-U to 11-U).  

6-U: L1, L2= I–, X–= I, n=1 

7-U: L1= H2O L2= I–, X–= I, n=2 

8-U: L1= H2O L2= I–, X–= I and  BPh4 

9-U: L1= MeCN L2= I–, X–= I, n=2 

10-U: L1, L2= H2O, X–= I, n=3 

11-U: L1= H2O L2= DMF, X–= I, n=3 
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of peak current of the anodic and cathodic events (ia/ic) never reaches unity, even at scan rates up 

 

Figure A.1. Cyclic voltammograms of 6-U in DMF recorded scanning anodically (black trace, 

top) and cathodically (blue trace, bottom). This figure indicates that the reduction events 

observed below the open circuit potential (OCP= –0.95 V vs. Fe(C5H5)2
+/0) arise from species 

generated at potentials above the OCP.  Voltammograms were performed with DMF solutions 

containing 3 mM 6-U and 0.2 M TBAPF6 at a 100 mV/s scan rate. 

 

 

 

Figure A.2. (Left), Cyclic voltammograms comparing 3 mM [U(Crypt)I2]I (6-U, solid black 

trace), 9 mM tetra-n-butylammonium iodide (TBAI, red dotted trace), and electrolyte only (solid 

grey trace). (Right), Voltammograms comparing 3 mM solutions of [U(crypt)I2]I (6-U, solid 

black trace), UI3 (solid green trace), empty cryptand (solid red trace), and [K(crypt)[OTf] (solid 

blue trace). Voltammograms were recorded in 0.2 M TBAPF6 DMF solutions scanning 

anodically at 100 mV/s scan rate. 
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to 5000 mV/s (Table A.2).  This behavior is indicative of a chemical step or structural 

rearrangement after oxidation that is observable on the CV time scale.29,30  Chemical oxidation 

studies (vide infra) suggest the oxidized species is not indefinitely stable.  The second oxidation 

event (EPA2 = 0.88 V) may correspond to further oxidation of the uranium center from U(IV) to 

U(V).  However, assignment of this event is not definitive due to the presence of oxidized iodide 

species in solution within this potential range.  A reductive event is observed at –1.57 V (EPC1) 

after scanning anodically to either –0.30 V or 1.10 V; when scanning cathodically first from OCP, 

 

Figure A.3. (Left) Variable scan rate voltammograms of the first oxidation event (EPA1) of 6-U 

in DMF from 10 to 5000 mV/s scan rates. (Right), Current vs. square root of scan rate plot for 

the first oxidation of 6-U in DMF (EPA1, blue) and its return reduction wave (EPC1, red). 

 

 

Figure A.4. (Left) Variable scan rate voltammograms of the first oxidation event (EPA2) of 6-U 

in DMF from 10 to 500 mV/s scan rates. (Right), Current vs. square root of scan rate plot for 

the first oxidation of 6-U in DMF (EPA2). 
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the reduction is no longer present (Figure A.1), indicating it originates from one of the oxidized 

uranium species.  

 6-U displayed surprisingly different electrochemical behavior in MeCN (Table A.1 and 

Figure A.5).  First, only three oxidation events are observed positive of OCP in MeCN, oxidation 

of free iodide at EPA= –0.01 and 0.30 V (matching reported potentials for free iodide in MeCN),31 

and an oxidation at EPA1= –0.31 V attributed to oxidation of U(III) to U(IV).  No peak 

corresponding to the second [U(crypt)I][I]2-based oxidation event (EPA2= 0.88 V in DMF) is 

observed.  In addition, the oxidation at –0.31 V is completely irreversible at scan rates up to 5000 

mV/s, indicating that a fast chemical reaction or structural rearrangement occurs upon oxidation 

(Figures A.6).  

 

Figure A.5.  Cyclic voltammograms of 6-U in MeCN recorded scanning anodically (black 

trace, top) and cathodically (blue trace, bottom).  Voltammograms were performed with 

MeCN solutions containing 3 mM 6-U and 0.2 M TBAPF6 at 100 mV/s scan rate. 
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Table A.1. Redox potentials of 6-U in various solvent mixtures. 

Solvent EPA1
† EPA2

† EPC1
† EPC2 EPA(I–/I2) † EPA(I–/I3

–)† 

MeCN –0.31 –1.07 –1.77 ―* –0.02 0.30 

DMF –0.49A 0.88 –1.57A ―* –0.08 0.31 

DMF + 1 eq. H2O –0.49 A 0.87 –1.57 A ―* –0.11 0.28 

DMF + 50 eq. H2O –0.51 A 0.85 –1.57 A –2.59 –0.09 0.30 

DMF + 250 eq. H2O –0.54 A 0.84 –1.57 A –2.53 –0.11 0.27 

MeCN + 1 eq. H2O –0.31 –1.07 –1.78 ―* –0.01 0.30 

MeCN + 5 eq. H2O –0.32 –1.08 –1.77 ―* –0.01 0.30 

MeCN + 50 eq. H2O –0.38 –1.11 –1.75 –1.13A 0.00 0.31 

MeCN + 100 eq. H2O –0.39 –1.14 –1.74 –1.15A 0.00 0.31 

†Redox events (reported vs. Fe(C5H5)2
+/0) assigned in the order observed when scanning anodically from OCP in 

each solvent mixture. 
AOnly observed when scanning anodically from OCP.  
*Not observed. 

 

 

Figure A.6. Variable scan rate voltammograms (left), and current vs. square root of scan rate 

plot (right) for the first oxidation event (EPA1) of 6-U in MeCN from 100 to 5000 mV/s scan 

rates.  
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When scanning cathodically from the OCP, the cyclic voltammetry contains an irreversible 

reduction (EPC1= –1.77 V) and oxidation (EPA2= –1.08 V) in MeCN that are not present in DMF 

solutions as shown in Figure 5 (blue trace).  Both redox events are under diffusion control and 

irreversible between 10 and 1000 mV/s scan rates (Figure A.7).  Control experiments containing 

empty cryptand, [K(crypt)][OTf], or UI3 in MeCN do not show similar redox features (Figure A.8), 

suggesting that the redox events arise from 6-U in MeCN and are not a result of demetallation. 

These two features may be ascribed to U(III/II) reduction and consequent oxidation back to U(III), 

though electrochemical observation of U(III) reduction to U(II) is extremely rare.  Only 8 examples 

of characterized U(II) complexes are in the literature,32–39 with only two reported U(III/II) 

reduction potentials:  [(Ad,MeArO)3-mes]U at −2.50 V vs. Fe(C5H5)2
+/0 34 and (C5

iPr5)2U at −2.33 V 

vs. Fe(C5H5)2
+/0 in THF.38  

 

 

Table A.2. Recorded anodic (ia) and cathodic (ic) currents, current ratios (ia/ic), and peak-to-

peak separation (ΔE) for the proposed U(IV/III) couple of 6-U at varying scan rates in DMF. 

Scan rate 

(mV/s) 

ia (μA) ic (μA) ia/ic ΔE (mV) 

10 1.093 ― ― ― 

25 1.654 ― ― ― 

50 2.256 ― ― ― 

100 3.048 ― ― ― 

250 4.348 –0.5439 7.994 150 

500 5.741 –1.469 3.907 190 

1000 7.933 –3.210 2.471 230 

2500 12.091 –6.143 1.968 350 

5000 17.589 –10.541 1.6686 420 
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A.2.3 Titrations with Water 

In light of the surprising stability of the U(III)-OH2 complexes (7-U, 8-U, and 11-U), the 

electrochemistry of 6-U in the presence of water was pursued.  A solution of 6-U in DMF was 

titrated with increasing quantities of water to examine its effects on the redox features (Figure 

A.9).  Between 0 and 250 equivalents of water, the features attributed to iodide oxidation at –0.08 

 

Figure A.7. Variable scan rate voltammograms (left), and current vs. square root of scan rate 

plot (right) for the first oxidation (EPA2, blue) and first reduction (EPC1, red) of 6-U, observed in 

MeCN when scanning cathodically from 10 to 1000 mV/s scan rates. 

 

 

Figure A.8. Cyclic voltammograms comparing 3 mM solutions of [U(crypt)I2]I (6-U, solid 

black trace), UI3 (solid green trace), empty cryptand (solid red trace), and [K(crypt)[OTf] (solid 

blue trace). Voltammograms were recorded in 0.2 M TBAPF6 MeCN solutions scanning 

anodically from OCP at 100 mV/s scan rate. 
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and 0.31 V show little change (< 20 mV), while the U(III/IV) oxidation (EPA1) showed a 50 mV 

negative shift.  Over the same range, the second oxidation event (EPA2) at 0.88 V shifted to more 

negative values and decreased in intensity.  Additional peaks were observed at – 0.93 and –2.59 V 

(which are not observed in the absence of 6-U, shown by the dotted blue trace in Figure A.9) that 

increased in current with increased quantities of water, while peaks at ≈ –0.6 and –1.57 V 

decreased in intensity or disappeared completely.  

The shift in potential of the first oxidation with minimal change in the peak intensity 

supports the crystallographic evidence that water binds to the U(III) species in solution without 

consequent oxidation of the metal center.  The titrations also display the high stability of the U(III) 

complex, as the U(III/IV) oxidation (EPA1) shows very little decrease in intensity, even in the 

presence of 250 equivalents of water ([H2O] = 0.75 M). However, the disappearance of the second 

oxidation (EPA2) with increasing water concentration suggests that a water-bound species 

 

 

Figure A.9.  Cyclic voltammograms of 6-U in DMF with increasing concentrations of water.  

Voltammograms were recorded using 3 mM analyte in 0.2 M TBAPF6 DMF.  Each spectrum 

was recorded scanning anodically with 0 (black), 1 (red), 50 (green), or 250 (blue) equivalents 

of water. Inset shows zoomed region of voltammograms between E= –0.20 to –1.80 V vs. 

Fe(C5H5)2
+/0. 
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([U(crypt)(DMF)(OH2)][I]3, 11-U) is more prone to decomposition upon oxidation compared to 

6-U.  

The stability of 6-U towards water was also investigated in MeCN between 0 to 100 

equivalents of water (Figure A.10).  Similar to the titrations performed in DMF, the events arising 

from iodide oxidation at –0.02 and 0.30 V underwent very little change in intensity or peak 

potential (< 20 mV shift).  Over the same range of water concentrations however, the U(III/IV) 

oxidation (EPA1) displayed an 80 mV negative shift, similar to the 50 mV shift observed in DMF 

titrations.  Unlike the DMF titrations, however, the U(III/IV) oxidation decreased in intensity and 

broadened with increasing concentration of water. 

 

 

Figure A.10.  Cyclic voltammograms of 6-U in MeCN with increasing concentrations of 

added water.  Voltammograms are recorded scanning cathodically with 0 (black), 1 (red), 5 

(green), 50 (grey), or 100 (blue) equivalents of water. All measurements were recoded using 3 

mM 6-U in a 0.2 M TBAPF6 electrolyte solution in MeCN at a 100 mV/s scan rate. 
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The EPC1 and EPA2 features of 6-U were also observed to shift toward each other with 

increasing equivalents of water.  EPC1 shifted by +40 mV and EPA2 shifted by –70 mV after 100 

equivalents water was added (Figure A.10 and A.11). When scanning anodically from OCP, the 

peak height of EPA2 shrinks with simultaneous growth of a new reduction event at ~ –2.10 V vs 

Fe(C5H5)2
+/0 as water concentration is increased (Figure A.12).  When the potential window was 

shortened to exclude iodide oxidation, a second new reduction event (EPC2) is also observed at –

1.15 V vs. Fe(C5H5)2
+/0 (beyond 50 eq. added water, Figure A.12). The observed broadening/ decay 

of EPA1 coupled with the appearance of new peaks after oxidation suggests that the presence of 

water promotes decomposition of 6-U upon oxidation.  Like the studies performed in DMF, the 

shifted redox events of 6-U with increasing water concentration supports water binding to the 

metal center (potentially forming 7-U or 10-U) without subsequent oxidation.  The absence of new 

peaks and retention of peak intensity for EPC1 and EPA2 when scanning cathodically suggests that 

water does not affect stability of the reduced species on the electrochemical (CV) timescale. 

 

Figure A.11.  Cyclic voltammograms of 6-U in MeCN with increasing concentrations of added 

water lacking redox events arising from free iodide in solution.  Voltammograms are recorded 

scanning cathodically from OCP with 0 (black), 1 (red), 5 (green), 50 (grey), or 100 (blue) 

equivalents of water. All measurements were recoded using 3 mM 6-U in a 0.2 M TBAPF6 

electrolyte solution in MeCN at a 100 mV/s scan rate. 
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However, the appearance of new peaks and loss of intensity of EPA2 when scanning anodically 

suggests that the presence of water promotes decomposition of the complex upon oxidation.  

 

A.2.4 Spectroelectrochemical UV-vis Spectroscopy 

 To establish the origin of the observed oxidation and reduction events, 

spectroelectrochemical UV-Vis spectrophotometry (SEC UV-Vis) was utilized.  To monitor 

reduction, a –2.00 V (vs. Fe(C5H5)2
+/0) potential was applied to a solution of 6-U in MeCN while 

electronic absorption spectra were recorded every ten seconds during the electrolysis (Figure A.13, 

left).  A new species quickly formed, featuring a highly absorbing peak at 380 nm.  This species 

was unstable and began to decompose into another species (featuring a strong absorbance at 295 

nm) over several minutes after current was no longer being passed in the cell (Figure A.13, right).  

The change in the absorbance spectrum upon reduction suggests that 6-U is being reduced; 

however, assignment of the reduction as being metal- or ligand-based cannot be determined 

 

Figure A.12.  Cyclic voltammograms of 6-U in MeCN with increasing concentrations of added 

water. Voltammograms are shown either with (left), or without (right) redox events arising from 

free iodide in solution. Voltammograms are recorded scanning anodically from OCP with 0 

(black), 1 (red), 5 (green), 50 (grey), or 100 (blue) equivalents of water. All measurements were 

recoded using 3 mM 6-U in a 0.2 M TBAPF6 electrolyte solution in MeCN at a 100 mV/s scan 

rate. 
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without further investigation of the reduced species.  Unfortunately, isolation via chemical 

reductants has thus far been elusive, due to its instability in solution.  

SEC UV-Vis oxidation of [U(crypt)I2]I (6-U) was performed at –0.15 V (vs Fe(C5H5)2
+/0), 

resulting in an observed bleaching of the spectrum over time (Figure A.14).  From the collected 

data, it was difficult to determine if demetallation/ decomposition is taking place or if the oxidized 

species lacks strong absorbance bands.  Chemical oxidation was performed to further investigate 

the product of this reaction as described in the next section. 

 

 

Figure A.13.  Electronic absorption spectra of 6-U in MeCN during SEC UV-Vis at –2.0 V (vs. 

Fe(C5H5)2
+/0) applied potential.  Spectra were collected every 10 seconds until current was no 

longer being passed (60 seconds).  Upon reduction, 6-U (black trace) is converted to a new 

species (blue trace, left), which then goes on to further react over several minutes (right) to form 

another species (red trace, right). SEC UV-Vis was performed using a MeCN solution 

containing 2.5 mM analyte and 0.2 M TBAPF6. 
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A.2.5 Chemical Oxidation 

 Chemical oxidation of 6-U was attempted using ferrocenium tetrafluoroborate 

([Fe(C5H5)2][BF4]).  Addition of 1 equivalent of [Fe(C5H5)2][BF4] in either DMF or MeCN caused 

an immediate color change from yellow-green to an orange color.  Layering the solutions with 

diethyl ether resulted in formation of colorless crystals.  These crystals show no absorbance bands 

in the visible region dissolved in MeCN or DMF (Figure A.15), suggesting demetallation.  

Crystallographic characterization of the crystals confirmed the identity of the product to be the 

doubly protonated iodide salt of cryptand, [H2(crypt)][I]2,
40 (Figure A.16) which is consistent with 

demetallation.    

 

 

 

Figure A.14.  Electronic absorption spectra of [U(crypt)I2]I in MeCN after SEC UV-Vis at –

0.15 V (vs. Fe(C5H5)2
+/0) applied potential. Spectra were collected every 5 seconds until current 

was no longer being passed. Upon oxidation, all absorbances corresponding to [U(crypt)I2]I 

(black trace) decrease in intensity until oxidation is complete (blue trace). The solution becomes 

completely colorless within several minutes of oxidation. 
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Figure A.15.  Electronic absorption spectra in MeCN of 0.20 mM 6-U (black trace) and 0.3 

mM isolated oxidation product (blue trace) after reaction with 1 eq. [Fe(C5H5)2][BF4]. 

 

Figure A.16.  Solid state structure of [H2(crypt)][I]2 formed upon oxidation of 6-U with 1 eq. 

of [Fe(C5H5)2][BF4]. 
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A.3 Discussion 

 Electrochemical characterization of 6-U is complicated by the redox chemistry of the 

iodide ligands, but redox events attributable to the U(III) ion in the cryptand ligand could be 

identified.  The oxidation assigned to U(III)/U(IV) occurs at a surprisingly positive potential, –

0.49 and –0.31 V vs. Fe(C5H5)2
+/0 in DMF and MeCN, respectively.  These oxidation potentials 

are over 300 mV positive of any reported mononuclear system in the literature. While 

[Et4N][U(NCS)5(bpy)2]
41 has the most positive reported U(IV/III) reduction potential, there is no 

observable oxidation event. [U(dmso)8][ClO4]4, on the other hand, has a reported irreversible 

U(III/IV) oxidation potential at –0.82 V vs Fe(C5H5)2
+/0 in DMSO.41,42   A summary of  

U(IV)/U(III) reduction potentials of 33 complexes is given in the SI that shows a range of –0.82 

to –3.10 V (Table A.3).   

The data on [U(crypt)I2]I suggest that the crypt is quite efficient at stabilizing the U(III) 

oxidation state.  The stabilization of U(III) by crypt may arise because it provides a polydentate 

coordination environment containing only neutral donor atoms with six of the eight donors being 

weak oxygen sites.  In addition, substitution of coordinated iodide by neutral donors such as DMF, 

H2O, and MeCN is facile as shown by the crystallographic data on 7-U,5  8-U,5 9-U,  10-U, and 

11-U.  Most U(III) complexes have three strongly donating anionic ligands, often with just one 

neutral donor like THF.  This situation is reversed in complexes 7-U through 11-U.   

 The stability of U(III) species to the presence of water was established in both DMF and 

MeCN solutions.  DMF solutions of 6-U appeared to be more stable in the presence of water, 

displaying minimal changes in the peak height/intensity of the U(III/IV) oxidation (EPA1) up to 

250 equivalents (750 mM) of water.  MeCN solutions on the other hand, started showing 

significant changes to the peak height of EPA1 past 100 equivalents (300 mM) of water.  Studies in 
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both solvents suggest that the presence of water promotes decomposition upon oxidation, as 

evidenced by the disappearance and appearance of redox events occurring after, but not prior to, 

oxidation (Figures A.9 and A.10, Figure A.11 vs. A.12).  Spectroelectrochemical and 

crystallographic evidence indicates that demetallation occurs upon oxidation of 6-U in DMF or 

MeCN. These data, along with the water stability studies, suggest that the presence of water 

promotes this demetallation process upon oxidation.  Although water appears to promote 

decomposition of the oxidized species, it does not appear to affect the stability of the reduced 

species in MeCN on the CV timescale.   

 The stabilization of U(III) by crypt explains the low reactivity with water.  U(III) is not 

very reducing in this ligand environment.  However, it cannot be concluded from the data that the 

crypt environment also favors U(III)/U(II) reduction.  The cathodic peak at –1.77 V in MeCN is 

much more positive than the other electrochemically observed U(III/II) couples, which are 

reported to occur at –2.33 and  –2.50 V vs. Fe(C5H5)2
+/0 in THF.34,38 Although the 

spectroelectrochemistry at –2.00 V in MeCN is consistent with formation of a new uranium 

species, the product could not be isolated and unequivocally characterized.  Interestingly, the 

reduction feature was only observed in MeCN solutions.  This emphasizes the important role that 

solvents play in the redox chemistry of uranium compounds.  Synthesis of U(II) complexes is 

typically limited to THF or other ethereal solvents, due to the high reactivity and harsh reactions 

conditions required for formation.43  This study suggests that through utilization of weakly 

donating ligand frameworks and careful solvent choice, low-valent uranium species may be 

obtained under much more mild reaction conditions than previously reported. 
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Table A.3. Reported U(IV/III) reduction potentials [E1/2(U
IV/III)] for various uranium complexes 

including solvent and reference utilized for the measurement. 

Complex E1/2 

(UIV/III)† 

Solvent Reference 

electrode 

Reference 

# 

(Cp)3UCl –1.29 THF Ag/ AgCl 44 

(Cp)3UCl –1.80 THF [Fe(C5H5)2]
+/0 45 

U(Cp)4 –1.94 THF [Fe(C5H5)2]
+/0 45 

(Cp*)2UCl2 –2.18 THF [Fe(C5H5)2]
+/0 45 

(CpiPr4)2UF2 –2.23 THF [Fe(C5H5)2]
+/0 46 

(CpiPr4)2UCl2 –1.70 THF [Fe(C5H5)2]
+/0 46 

(CpiPr4)2UBr2 –1.57 THF [Fe(C5H5)2]
+/0 46 

(CpiPr4)2UI2 –1.41 THF [Fe(C5H5)2]
+/0 46 

UCl4 –1.64 DMF Ag/ Ag+ 47 

[BuMeIm]2[UCl6] –1.99 [BuMeIm][Tf2N] [Fe(C5H5)2]
+/0 48 

[BuMePyr]2[UCl6] –2.09 [BuMePyr][Tf2N] [Fe(C5H5)2]
+/0 48 

[BuMe2Im]2[UCl6] –2.16 [BuMe2Im][Tf2N] [Fe(C5H5)2]
+/0 48 

[MeBu3N]2[UCl6] –2.21 [MeBu3N][Tf2N] [Fe(C5H5)2]
+/0 48 

U(acac)4 –2.61 THF Ag/ AgClO4 49 

(Cp*)2UI(THF) –1.12 THF [Fe(C5H5)2]
+/0 50 

(PNP)2UCl2 –2.19 THF [Fe(C5H5)2]
+/0 50 

(PNP)2UI –1.47 THF [Fe(C5H5)2]
+/0 50 

[Et4N]4[U(NCS)8] –1.38a MeCN [Fe(C5H5)2]
+/0 41 

[Et4N][U(NCS)5(bpy)2] –0.80a MeCN [Fe(C5H5)2]
+/0 41 

[U(dmso)8](ClO4)4 –0.93a,   

–0.82b 

DMSO [Fe(C5H5)2]
+/0 42 

[UI2(Menapthquinolen)2] –2.16 pyridine [Fe(C5H5)2]
+/0 51 

[((t-Bu, t-BuArO)4cyclen)U] –3.10 THF [Fe(C5H5)2]
+/0 52 

(Cp*)2U(CH2Ph) –1.95 THF [Fe(C5H5)2]
+/0 53 

(Cp*)U(CH2Ph)3 –2.00 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2UCH3 –2.41 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2UCH3(SO3CF3) –1.83 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U(SO3CF3)[η2(N,N’)-

CH3NN=CPh2] 

–2.01 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2UCl[η2(N,N’)-

CH3NN=CPh2] 

–2.29 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U[η2(N,N’)-

CH3NN=CPh2]2 

–2.78 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U[η2(N,N’)-

CH2(Ph)NN=CPh2]2 

–2.56 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U(–N=CPh2)2 –2.50 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U[–N=C(Ph)(CH3)]2 –2.68 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U[–N=C(Ph)(CH2Ph)]2 –2.57 THF [Fe(C5H5)2]
+/0 53 

(Cp*)2U(=N–2,4,6–t-Bu3C6H2) –2.61 THF [Fe(C5H5)2]
+/0 53 

†Reported in units of volts. 
aReported Epc for irreversible UIV/III reduction. 
bReported Epa for irreversible UIII/IV oxidation. 
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Table A.3 continued. Reported U(IV/III) reduction potentials [E1/2(U
IV/III)] for various uranium 

complexes including solvent and reference utilized for the measurement. 

Complex E1/2 

(UIV/III)† 

Solvent Reference 

electrode 

Reference 

# 

(Cp*)2U[–N=C(CH3)(2-F-C6H4)]2 –2.62 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(3-F-C6H4)]2 –2.54 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(4-F-C6H4)]2 –2.64 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(2,6-F2-C6H3)]2 –2.82 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(3,5-F2-C6H3)]2 –2.46 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(2,4,6-F3-C6H2)]2 –2.80 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(3,4,5-F3-C6H2)]2 –2.48 THF [Fe(C5H5)2]
+/0 54 

(Cp*)2U[–N=C(CH3)(C6F5)]2 –2.34 THF [Fe(C5H5)2]
+/0 54 

†Reported in units of volts. 

 

A.4 Conclusion 

 Electrochemical studies of [U(crypt)I2]I (6-U), in DMF and MeCN suggest that the 2.2.2-

cryptand ligand provides a favorable environment for the U(III) ion.  The U(IV)/U(III) reduction 

potential is much more positive than in other complexes and is not significantly affected by the 

presence of water.  Synthetic and structural studies show that the iodides in 6-U can readily be 

displaced in solution by solvents and water as exemplified by the X-ray crystal structures of  9-U,  

10-U, and  11-U.  The latter two structures demonstrate the stability of U(III)-in-crypt to water.  

Thus, it appears that encapsulation of the U(III) ion by eight neutral donor atoms, six of which are 

oxygen, results in significant stability towards oxidation and hydrolysis. 

 

A.5 Experimental Details 

General Methods: All syntheses and manipulations described below were conducted under argon 

or nitrogen with exclusion of air using glovebox, Schlenk-line, and high-vacuum techniques. 

[U(crypt)I2]I (6-U) was prepared using previously published procedures.5 2.2.2-Cryptand 
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(4,7,13,16,21,24-hexaoxa-1,10-diazabicyclo[8.8.8]hexacosane, Aldrich) was placed under 

vacuum for 12 h (1 x 10-3 Torr) before use. Electrochemical grade tetrabutylammonium 

hexafluorophosphate (>99.0 %, Aldrich) was dried at 110 °C under vacuum for 12 h (1 x 10-3 Torr) 

before use. Decamethyl ferrocene [Fe(C5(CH3)5)2] was purified by sublimation before use. 

Cobaltocenium hexafluorophosphate ([Co(C5H5)2][PF6]) (99%, Strem) was used without further 

purification. THF, MeCN, DMF, and Et2O were sparged with UHP argon and dried over columns 

containing neutral alumina or Q-5 and molecular sieves, and then were stored over 4 Å molecular 

sieves for at least one week.  

Physical Methods: Electronic absorption spectra were recorded using a 1 cm quartz cuvette with 

an Agilent Cary 60 UV-Vis spectrophotometer fitted with an Agilent fiber optic coupler connected 

to an Ocean Optics CUV 1 cm cuvette holder in a glovebox under an inert atmosphere of N2. UV-

Visible spectroelectrochemistry (SEC UV-Vis) was performed using a commercially available 

UV-Vis spectroelectrochemistry kit from Pine Instruments with a Pt working/counter electrode 

and Ag wire as a pseudo reference electrode. [Co(C5H5)2][PF6] was used as an internal standard. 

Electrochemistry: All measurements were performed on a Pine Wavedriver 10 bipotentiostat with 

a 2 mm diameter glassy carbon disc working electrode, glassy carbon rod counter electrode, and a 

Ag+/Ag pseudoreference electrode separated from the bulk solution by a Vicor frit. Internal 

resistance was measured for each solution, and resistance manually compensated for between 80-

90% of the measured value for each voltammogram performed. Potentials are referenced to 

ferrocene (Fe(C5H5)2
+/0) at 0.00 V using either 1 equivalent [Co(C5H5)2][PF6] (E1/2= –1.33 V vs. 

Fe(C5H5)2
+/0, Figure A.17) or excess Fe(C5(CH3)5)2 (E1/2= –0.48 V vs. Fe(C5H5)2

+/0)55 as an internal 

standard. All experiments were performed in dried and degassed dimethylformamide or 

acetonitrile solutions with 3.0 mM analyte and 0.2 M tetrabutylammonium hexafluorophosphate 
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(TBAPF6) supporting electrolyte concentrations and were recorded at a 100 mV/s scan rate unless 

otherwise noted.  

 

Spectroelectrochemical UV-Vis Spectrophotometry (SEC UV-Vis): 0.40 mL of 2.50 mM 

[U(crypt)I2]I in 0.2 M TBAPF6 MeCN was placed into a Pine Instruments UV-Visible 

spectroelectrochemistry setup. An initial electronic absorption spectrum was collected before a 

cyclic voltammogram was measured. The solution was then electrolyzed about 200 mV past 

(cathodic for reduction, and anodic for oxidation reactions) the peak potential of the desired redox 

event while electronic absorption spectra were collected every 5-10 seconds until the spectrum 

was observed to no longer change between scans. Spectra of reduced [U(crypt)I2]I were recorded 

for several minutes after current was no longer being passed to  observe potential decomposition 

of formed species.   

Water Stability Studies: Water stability studies were performed using degassed Milli-Q purified 

water (18 Ω●cm resistivity) in DMF or MeCN solutions containing 3 mM [U(crypt)I2]I and 0.2 M 

 

Figure A.17.  Cyclic Voltammogram of [Co(C5H5)2][PF6] under N2 atmosphere in DMF. The 

CoIII/II couple is centered at E1/2= –1.33 V.  The reversible couple centered at 0.0 V corresponds 

to Fe(C5H5)2
+/0 internal standard. 
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TBAPF6. Solutions were mixed for five minutes upon water addition, after which open circuit 

potential and uncompensated resistance were measured and cyclic voltammograms performed. 

X-ray Data Collection, Structure Solution and Refinement for [H2(crypt)][I]2: 

A colorless crystal of approximate dimensions 0.304 x 0.145 x 0.105 mm was mounted in a 

cryoloop and transferred to a Bruker SMART APEX II diffractometer.  The APEX256 program 

package was used to determine the unit-cell parameters and for data collection (15 sec/frame scan 

time for a sphere of diffraction data).  The raw frame data was processed using SAINT57 and 

SADABS58 to yield the reflection data file.  Subsequent calculations were carried out using the 

SHELXTL59 program.  The diffraction symmetry was mmm and the systematic absences were 

consistent with the orthorhombic space group Pbcn that was later determined to be correct. 

The structure was solved by dual space methods and refined on F2 by full-matrix least-squares 

techniques.  The analytical scattering factors60 for neutral atoms were used throughout the analysis.  

Hydrogen atoms were included using a riding model and the N-H hydrogen was located from a 

difference-Fourier map and refined (x,y,z and Uiso). Hydrogen bonding between N-H…O1, N-

H…O2, and N-H…O3’ has been identified.  Disordered carbons were modeled isotropically in 

two parts 75:25.     

Least-squares analysis yielded wR2 = 0.0621 and Goof = 1.046 for 126 variables refined against 

3405 data (0.72 Å), R1 = 0.0286 for those 2825 data with I > 2.0(I).   
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Synthesis: 

[U(crypt)(OH2)I][I]2, 8-U.  MeCN was added to green [U(crypt)I2]I (100 mg, 0.10 mmol) to form 

a green-yellow solution.  The solution was stirred for 1 h, layered with Et2O and placed in a –35 

°C freezer.  After 1 d, X-ray quality green crystals were isolated and it was found to have the same 

unit cell as the previously reported compound.5  

[U(crypt)(MeCN)I][I]2, 9-U.  MeCN that was dried over 4 Å molecular sieves for 1 week, was 

transferred to a new set 4 Å molecular sieves and dried for an additional week.  This rigorously 

dried MeCN (3 mL) was added to green [U(crypt)I2]I (71.2 mg, 0.07 mmol), which formed a 

green-yellow solution. The solution was stirred for 1 h, layered with Et2O, and placed in a –35 °C 

freezer. After 1 d, X-ray quality green crystals were isolated (66 mg, 90%). 1H NMR (CD3CN): δ 

5.99 (br s, OCH2CH2N, 12H), 6.93 (br s, OCH2CH2N, 12H) , 8.38 (br s, OCH2CH2O, 12H). IR 

(cm-1): 2889m, 2297w, 2263w, 1447m, 1356m, 1257m, 1070s, 948s, 813m, 751m. Anal. Calcd 

for C20H39I3N3O6U: C, 23.18; H, 3.79; N, 4.05. Found: C, 23.25; H, 3.93; N, 3.75. The UV-vis 

spectrum is in Figure A.18 below. 

 

 

Figure A.18.  Electronic absorption spectra of 8 mM 9-U in MeCN. The full spectrum is shown 

as the black trace while the magnified spectrum is shown as the red trace. 
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[U(crypt)(OH2)2][I]3, 10-U.  As described for 8-U, MeCN was added to green [U(crypt)I2]I (100 

mg, 0.10 mmol) forming a green-yellow solution.  The solution was stirred for 1 h, layered with 

Et2O and placed in a –35 °C freezer.  After 1 d, X-ray quality green crystals were isolated. 

[U(crypt)(DMF)(OH2)][I]3, 11-U.  As described for 8-U, DMF was added to green [U(crypt)I2]I, 

(100 mg, 0.10 mmol) forming a green-yellow solution.  The solution was stirred for 1 h, layered 

with Et2O and placed in a –35 °C freezer.  After 1 d, X-ray quality green crystals were isolated. 
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Appendix B 

 

Synthesis, Characterization, and Preliminary Reactivity of 

Palladium and Rhodium SNS Pincer Complexes 

Featuring Pendant Quaternary Ammonium Groups 
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B.1 Introduction: 

As previously discussed in Chapter 3, electrochemical reduction of CO2 into CO still faces 

several major challenges. Principle among these challenges is the development of catalysts that 

are both selective for CO2 reduction over H+ reduction, while also operating at a low overpotential. 

This issue arises is especially prevalent in the electrochemical reduction of CO2 into CO, due in 

part to the thermodynamic favorability of H2 production over CO,1 as well as the inversely related 

trends observed between several factors in favoring selective CO production with increasing 

overpotential and catalytic rate (discussed in further detail in Chapter 3.2).2 

An approach to combat these challenges is to stabilize the metal carboxylate intermediate 

that is formed upon nucleophilic attack of CO2 by a reduced metal center, which can be achieved 

through cooperative CO2 binding utilizing secondary Lewis acid interactions (Chapter 3.3-3.4). 

The utilization of cationic ligand functionalities has been shown to sufficiently stabilize putative 

metal carbonate species to promote higher product selectivity, faster catalytic rates, and lower 

overpotentials.3,4 

The utilization of cationic ligand functionalities may also prove useful for CO reduction 

reactions. The synthesis of organic chemicals and fuels from synthesis gas (syngas, CO and H2) is 

a desirable alternative to the use of fossil fuels.5 While C1 fuels (methane and methanol) can be 

produced efficiently and selectively utilizing heterogeneous catalysts,6 the selective production of 

C2+ fuels is much more elusive. The most widely utilized process to produce C2+ fuels from syngas, 

the Fischer-Tropsch process, produces a wide variety of hydrocarbons in a statistical distribution 

that must later be separated.7,8 As a result of the low selectivity of heterogeneous systems, a large 

amount of research has been performed into the generation of C2+ fuels.9–11 The small proportion 
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of C2+ products and high pressures/temperatures required for early catalytic systems made their 

widespread use economically impractical. 

 Due to the high pressures and temperatures involved (200-2000 atm, 200-300 °C), 

mechanistic studies of these systems were limited. No homogeneous catalytic systems have been 

shown to operate at low temperatures and pressures (<100 atm, 200 °C) to date. This has been 

theorized to be a result of the thermodynamic unfavourability of hydride carbonylation in 

monometallic systems.12,13 As a result, researchers have proposed utilizing a cocatalyst to activate 

hydrogen and act as an external hydride donor. A multitude of mechanistic studies of Fischer-

Tropsch reaction model systems have been performed over the last few decades.11,14 From these 

studies, as well as others investigating systems involving cocatalysts, general intermediates in the 

cycle for C2+ products have been proposed (proposed C2 product mechanisms shown in Scheme 

B.1). Few metal complexes, if any, can go through each of the steps stoichiometrically; none can 

do so under the same set of conditions. This is a result of the opposing requirements for both the 

metal complex through each of the intermediate steps, as well as the incompatibility of the required 

reactants with one another. The strong hydride donors needed to reduce a bound CO to a formyl 

species are often incompatible with the fairly strong acids and/or electrophiles required in other 

parts of the cycle, and typically react with one another and leaving the bound CO intact.      
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The incorporation of Lewis or Brønsted acids, often referred to as “promoters”, have been 

shown to promote C2+ selectivity in high pressure/ temperature homogeneous and heterogeneous 

systems.15–20 The cause of this “promoter effect” on product distribution is not very well 

understood however. In model studies of the individual steps under low temperatures and 

pressures, Lewis acids (LA’s) have been proposed to have profound effects on the rates of both 

CO reduction to formyl, and migratory insertion for C–C bond formation. CO reduction to formyl 

is thought to be promoted through stabilization one of the resonance structures through 

coordination of the oxygen atom (right, Scheme B.2).21 This stabilization makes the CO carbon 

more electrophilic, allowing it to be more easily reduced, thereby permitting the use of weaker 

hydride donors. This stabilizing interaction is also proposed for migratory insertion reactions to 

form acyl complexes. Increased rates for acyl formation (by over 3 orders of magnitude) have been 

observed utilizing Aluminum,22–26 borane23,27, and early transition metal28,29 LA’s in solution.  

 

Scheme B.1. Possible catalytic cycle for C2 product formation from CO and H2 involving a 

catalyst and cocatalyst. Intermediates that are proposed to be stabilized by Lewis acid 

interactions are circled in red. Figure reproduced from ref. 11 with permission from Elsevier. 



277 
 

More recently, Bassetti and Bercaw have utilized intramolecular LA’s to promote 

migratory insertion utilizing zinc30 or group I/II31,32 metals. Bercaw and coworkers have also 

shown increased migratory insertion rates for acyl formation utilizing intramolecular boranes,33–35 

and have even shown C–C bond formation upon bound CO hydrogenation through a metal 

formyl.34,35 Although utilization of strong LA’s promote both CO reduction and C-C bond 

formation steps, an extremely strong LA–O bond is formed, preventing the cycle from moving any 

further, which prevents potential catalytic applications. Additionally, the effects of formyl bound 

LA’s on the corresponding formyl hydricity have not been investigated. This could prove to be 

extremely beneficial in tuning thermodynamic pairing of metal carbonyls to hydride donor 

cocatalysts for future catalyst design.     

The overall goals of this study are to assess the effects of a proximal cationic groups on 

CO2 reduction and activation of CO. The primary ligand scaffold in this study, SNSNMe3 (Chart 

B.1) features an SNS pincer site that is nearly identical to SNSEt and SNSCrown ligands previously 

discussed (Chapter 4), but features proximal ammonium functionality. The corresponding 

palladium chloride and rhodium carbonyl complexes of the ligand were synthesized to assess their 

proclivity towards CO2 reduction and CO activation.  

 

Scheme B.2 Resonance structures of metal formyl or acyl complexes. The resonance structure 

on the right is stabilized by O coordination by interaction with Lewis acids. 



278 
 

In addition to the previously discussed effects that cationic groups have on CO2 reduction 

reactions, it is theorized that an intramolecular interaction with a weak LA, such as the quaternary 

ammonium groups present in SNSNMe3, will promote CO reduction while still allowing facile LA–

O cleavage under mild conditions. This would potentially allow for the utilization of weaker 

hydride donors that are compatible with the acids necessary to produce C2+ products without 

catalyst poisoning through strong LA–O formation. The ability to reduce metal carbonyls under 

catalytic conditions could lead the way to the development of homogeneous catalysts capable of 

Fischer-Tropsch chemistry at low temperatures and pressures. 

 

B.2 Results and Discussion 

B.2.1 Synthesis 

The synthesis of SNSNMe3 (Scheme B.3) begins with SNScrown-a (Chapter 4), which 

undergoes a substitution reaction with dimethylamino ethane thiol hydrochloride to form 

SNSNMe3-a. The dimethylamine groups are then alkylated with methyl iodide to form the Boc 

protected quaternary ammonium precursor, SNSNMe3-b. Lastly, the Boc group is hydrolyzed by 

 

Chart B.1. Ligands and metal complexes described in this appendix. 
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stirring in 6 M HCl to form the completed ligand SNSNMe3[I]2. The iodide counteranions can be 

replaced with PF6
– or BF4

– anions via salt metathesis with AgPF6 or AgBF4 to form SNSNMe3[PF6]2 

or SNSNMe3[BF4]2, respectively. Metalation of SNSNMe3[PF6]2 with PdCl2 in acetonitrile (MeCN), 

followed by salt metathesis with NH4PF6 yields PdCl(SNSNMe3)[PF6]3, (7). 

RhCO(SNSNMe3)[BF4]3, (8) was synthesized by addition of SNSNMe3[BF4]2 to Rh(COD)2[BF4] in 

MeCN, and then sparging the solution with CO gas. The crude product was rinsed with nonpolar 

organic solvents to remove COD, and then extracted with MeCN and recrystallized to obtain the 

purified product.  

The completed ligands and their precursors were characterized via 1H and 13C{1H} NMR 

spectroscopy in addition to mass spectrometry. Complexes 7 and 8 were characterized by 1H and 

13C{1H} NMR spectroscopy, and mass spectrometry. 7 was further characterized using cyclic 

voltammetry, while 8 was additionally characterized by elemental analysis. 

 

Scheme B.3. Synthesis of Pd (7) and Rh (8) complexes featuring the SNSNMe3 ligand. 
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B.2.2 NMR Spectroscopy 

The rhodium complex of (SNSNMe3)[BF4]2 (8), shows the appearance of what seems to be 

a secondary species in solution in both the 1H and 13C{1H} NMR spectra (Green diamonds, Figure 

B.1 and B.2, respectively). NMR spectra were collected in clean CD3CN, which 8 should be stable 

in, as CH3CN was used as the solvent for its synthesis. Additionally, the same sample used for 

NMR analysis later passed elemental analysis, so the secondary species is not likely a result of 

impurities or degradation. It is not entirely certain at this point what species is responsible for the 

additional resonances, so further studies need to be performed. Infrared spectroscopy helps to 

potentially narrow down the identity of the secondary species, and is discussed below. 

 

 

Figure B.1. 1H NMR spectrum of 8 in CD3CN. Black squares indicate the primary species in 

solution, while green diamonds indicate resonances corresponding to a secondary species. 

*indicates residual diethyl ether resonances. 
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B.2.3 IR Spectroscopy 

 The carbonyl region of the infrared spectra for the rhodium carbonyl complexes of SNSEt 

and SNSNMe3[BF4]2 (complexes 4 and 8, respectively) are shown in Figure B.3. Both 4 and 8 show 

a strong carbonyl stretch at 1987 and 2000 cm-1, respectively. It is unclear whether the shift in νCO 

between the two complexes is due to some sort of charge effect from the quaternary ammonium 

groups on 8, or if it is simply due to the electron withdrawing nature of ammonium groups, which 

reduces the electron density of the rhodium center. In addition to the large carbonyl stretch 

observed for both complexes, 8 features a smaller carbonyl stretch at 1740 cm-1. A carbonyl stretch 

in this range is consistent with bridging metal carbonyl36–38 or metal acyl compounds.39,40 As 

previously discussed, this stretch is not likely a result of impurities or compound degradation, as 

 

Figure B.2. 13C{1H} NMR spectrum of 8 in CD3CN. Black squares indicate the primary species 

in solution, while green diamonds indicate resonances corresponding to a secondary species. 

*indicates residual diethyl ether resonances. 



282 
 

the same sample later passed elemental analysis, indicating its purity. More studies need to be 

performed (such as 13CO labeling suggested previously) to further investigate the identity of this 

minor species. 

B.2.4 Cyclic Voltammetry 

Cyclic voltammograms of 7 show two irreversible reductions in DMF, similar to those 

observed with the similar Pd complex of the SNSEt ligand, 2 (Figure B.4). The two reductions of 

7 occur at Epc1 = –1.10 V and Epc2 = –1.57 V versus  [Fe(C5H5)2]
+/0, and likely correspond to the 

reduction of Pd(II) to Pd(I) and consequent reduction to Pd(0). Unlike 2 however, 7 does not 

feature a broad oxidation event (located at –0.4 V for 2, Figure B.4, black trace), which may 

suggest that dimerization of 7 is slower than with 2 (as previously observed with SNSCrown 

complexes of Pd in Chapter 4.2.6). Both reductions of 7 are shifted significantly positive of the 

corresponding reductions of 2 (180 and 130 mV for Epc1 and Epc2, respectively). The source of the 

 

Figure B.3. FTIR spectra of 4 (black) and 8 (blue) focused on the carbonyl stretching 

frequencies. The carbonyl stretch at 1740 cm-1 present in 8 is consistent with a metal acyl 

species. Samples were collected as powders on using an ATR attachment. 
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anodic shifts is not known at this point, and can be a result of the proximal charged ammonium 

groups, or may be due to the electron-withdrawing effects of ammonium groups. 

 

B.2.5 H+ Reactivity 

When solutions of 7 were titrated with [Et3NH][BF4] (pKa(CH3CN) = 18.8)41, a new 

reduction event (Epc
H+) was observed, negative of the first reduction (Epc1), similar to what was 

previously observed with solutions of 2 (Chapter 4.2.4). The peak is attributed to proton reduction 

as the peak is not observed in the absence of 2 or 7. Additionally, the current of Epc
H+ increases 

with increasing concentration of acid, which is indicative of catalysis (Figure B.5, left). 

 

Figure B.4. Cyclic voltammograms of 2 (black) and 7 (blue) under N2 atmosphere in DMF. 

Voltammograms were recorded at 100 mV/s scan rate using solutions containing 1.0 mM 

analyte with 0.2 M TBAPF6 electrolyte. The reversible couple centered at 0.0 V corresponds to 

[Fe(C5H5)2]
+/0.  
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 The potential of Epc
H+ with 7 containing [Et3NH][BF4] is shifted significantly cathodic of 

2 under the same conditions (Figure B.5 right). In the presence of 20 eq. [Et3NH][BF4], Epc
H+ of 7 

is shifted 270 mV negative versus 2. The source of the cathodic shift observed with 7 versus 2 may 

be a result of electrostatic repulsion of the positively charged quaternary ammonium arms of the 

ligand with  the positively charged triethylammonium acid source, like was observed with 

SNScrown complexes, discussed in Chapter 4.2.4; however the shift may also be due to differences 

in the electronic structures of the two palladium centers, as the reduction potentials of 2 and 7 in 

the absence of acid were also observed to be quite different. 

 

 

 

 

Figure B.5. (Left) Cyclic voltammograms of 7 with increasing concentrations (0, 2, 4, 10, and 

20 eq.) of [Et3NH][BF4] under N2 in DMF. (Right)  Cyclic voltammograms of 2 (black), and 7 

(blue), with 20 eq. of [Et3NH][BF4] under N2 in DMF, showing the cathodic shift in Epc
H+ 

between 2 and 7. Voltammograms were recorded at 100 mV/s scan rate using solutions 

containing 1.0 mM analyte with 0.2 M TBAPF6 electrolyte. 
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B.2.6 CO2 Reactivity 

 Similar to the other Pd SNS complexes discussed in Chapter 4, 7 shows reactivity with 

CO2 upon reduction to Pd(0). Under CO2 atmosphere, more current is passed at the second 

reduction (Epc2), and a new reduction event is observed (Epc3). The new reduction of 7 under CO2 

has a peak current at –1.75 V vs. [Fe(C5H5)2]
+/0, which is almost 150 mV positive of the 

corresponding reduction of 2 under the same conditions (black versus blue dotted traces, Figure 

B.6). 

 When weak proton sources are added to solutions of 7, catalytic current increases to Epc3 

are observed. When water is used as a proton source, little to no current increases are observed 

under N2, however a significant increase in current of Epc3 is observed under CO2 atmosphere 

(solid blue versus dotted blue traces, Figure B.7). The current increases observed under CO2 

atmosphere that are not observed under N2 suggest that catalytic CO2 reduction is occurring. 

 

Figure B.6. Cyclic voltammograms of 2 (black) and 7 (blue) under N2 (solid traces) or CO2 

(dotted traces) atmosphere. Voltammograms were recorded at 100 mV/s scan rate using 1.0 mM 

analyte and 0.2 M TBAPF6 electrolyte. The reversible couple centered at 0.0 V corresponds to 

[Fe(C5H5)2]
+/0. 
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Controlled potential electrolysis is needed to determine if CO2 reduction is occurring and what 

products are formed. 

   

B.3 Conclusion 

Based upon the cyclic voltammetry studies performed, 7 shows promise for electrocatalytic 

CO2 reduction. 7 is reduced and able to react with CO2 at a potential over 150 mV positive 

compared to 2, whose ligand backbone lacks proximal quaternary ammonium functionality. It is 

unknown at this point if the source of the anodic shift in reduction potentials and reaction with 

CO2 is due to electrostatic interactions from the charged ammonium groups, or if the shifts in 

potential are simply due to inductive effects from the ammonium groups. Further studies need to 

be performed to assess the electron density of the palladium center. Controlled potential 

electrolysis of 7 is also necessary to determine if CO2 reduction products are produced and to 

assess its electrolytic stability. 

 

Figure B.7. Cyclic voltammograms 7 (blue) under N2 (solid traces) or CO2 (dotted traces) 

atmosphere in the absence (black) or presence (blue) of 2 M water. Voltammograms were 

recorded at 100 mV/s scan rate using 1.0 mM analyte and 0.2 M TBAPF6 electrolyte. 
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Synthesis of a rhodium carbonyl complex of SNSNMe3 (8) was successful, however NMR 

and IR spectroscopy indicate that the complex exists in equilibrium with a minor species that 

remains unidentified. As the sample passes elemental analysis, the molecular formula of the 

complex is known, and the minor species is not likely due to impurities or decomposition. The 

carbonyl stretching frequency observed at 1740 cm-1 suggests that the minor species could be a 

bridging carbonyl or an acyl species.36–40 A bridging carbonyl species formed by combination of 

two molecules of 8 would have an overall charge of +6, which would likely make the species 

highly unstable.  

One possible explanation for the observed carbonyl stretch is that the rhodium center is 

capable of undergoing oxidative addition with one of the trimethylammonium arms of the ligand 

to form an octahedral Rh(III) species. This species would then be able to undergo CO insertion 

with the coordinated methyl group to form a rhodium acyl species. In order to determine the 

identity of the minor species present in 8, further experiments need to be performed. Labeling of 

the CO carbon with 13CO during synthesis could help distinguish if the carbonyl carbon is 

undergoing any reactions to result in the secondary species observed. Additionally, through space 

2D NMR studies could help to elucidate the source of the secondary set of peaks. Potential NMR 

experiments that could be helpful include: NOESY, HMBC, or 2D-ADEQUATE. 

  

B.4 Experimental Details 

General Methods: All synthesis and manipulations of metal complexes were carried out in an 

inert atmosphere glovebox or utilizing standard Schlenk techniques under inert atmosphere of 

nitrogen. Synthesis and manipulation of organic compounds were carried out in open air, unless 
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otherwise mentioned. Solvents used during inert atmosphere synthesis and/or manipulations were 

degassed by sparging with argon and dried by passing through columns of neutral alumina or 

molecular sieves. All deuterated solvents were purchased from Cambridge Isotope Laboratories, 

Inc. Deuterated solvents used for NMR characterization of metal complexes were degassed and 

stored over activated 3 Å molecular sieves prior to use. Triethylamine was dried with calcium 

hydride, distilled, and degassed prior to use. All solvents and reagents were purchased from 

commercial vendors and used without further purification unless otherwise noted. Electrochemical 

studies under carbon dioxide atmosphere were performed using ultra high purity (99.999%) carbon 

dioxide that was passed through a VICI carbon dioxide purification column to eliminate residual 

H2O, O2, CO, halocarbons, and sulfur compounds. N-Boc-N’-bis(2-chloroethylamine)42 

(SNScrown-a) was synthesized according to previously published procedures. 

Physical Methods: Proton NMR spectra were taken on a 500 MHz Bruker Avance GN500 with a 

BBO probe or on a 500 MHz Bruker DRX 500 spectrometer with a TCI cryoprobe. 13C{1H} NMR 

spectra were recorded on a 500MHz Bruker DRX 500 fitted with a TCI cryoprobe. All NMR 

spectra were acquired at room temperature. Spectra were referenced to residual 1H or 13C 

resonances of the deuterated solvent (1H: CD3CN, δ 1.94; CD3OD, δ 3.31) (13C: CD3CN, δ 118.26; 

CD3OD, δ 49.00) and reported in parts per million. Infrared (IR) absorption measurements were 

taken as compressed solids on a Thermo Scientific Nicolet iS5 spectrophotometer fitted with an 

iD5 ATR attachment. Electrospray ionization (ESI) mass spectrometry was performed using a 

Waters ESI LC-TOF Micromass LCT 3 premier mass spectrometer fitted with a Leap 

Technologies CTC Analytics autosampler. Elemental analysis was taken on a Perkin Elmer 2400 

Series II CHNS elemental analyzer. 
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Electrochemistry: All measurements were performed on a Pine Wavedriver 10 bipotentiostat with 

a 2 mm diameter glassy carbon disc working electrode, glassy carbon rod counter electrode, and a 

Ag+/Ag pseudoreference electrode separated from the bulk solution by a Vicor frit. Internal 

resistance was measured for each solution, and resistance manually compensated for between 80-

90% of the measured value for each voltammogram performed. Potentials are referenced to a 

ferrocene internal standard (Fe(C5H5)2
+/0) at 0.00 V. All experiments were performed in dried and 

degassed dimethylformamide solutions with 1.0 mM analyte and 0.2 M electrochemical grade (> 

99%) tetrabutylammonium hexafluorophosphate (TBAPF6) supporting electrolyte concentrations 

and were recorded at a 100 mV/s scan rate unless otherwise noted. Samples for electrochemical 

studies performed under CO2 atmosphere were prepared by sparging the analyte solution with 

solvent saturated carbon dioxide gas for 10 minutes prior to measurement and the headspace above 

the solution was blanketed with carbon dioxide during each measurement. 

Synthesis:  

N-Boc-N’-bis[2- (dimethylaminothioethyl)ethylamine] (SNSNMe3-a): Dimethylamino ethane 

thiol hydrochloride (1.0226 g, 7.22 mmol) was dissolved in 25 mL EtOH:H2O (4:1) solution 

containing NaOH (0.720 g, 18.1 mmol). N-Boc-N’-Bis(2-chloroethylamine) (0.8083 g, 3.32 

mmol) was added to the solution and brought to a gentle reflux overnight. The opaque yellow 

solution was then extracted with Et2O (3 x 30 mL), dried with anhydrous magnesium sulfate, 

filtered, and the solvent removed to yield a pale-yellow liquid. The crude product was purified via 

column chromatography (silica gel, 95:5:1 DCM: MeOH: NEt3, Rf = 0.46) to yield a pale-yellow 

oil (0.5206 g, 41% yield). 1H NMR (500 MHz, CDCl3) δ 3.03 (t, 4H), 2.31 (br t, 8H), 2.16 (t, 4H), 

1.90 (s, 12H), 1.11 (s, 9H).  
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N-Boc-N’-bis[2-(trimethylammoniumthioethyl)ethylamine][I]2 (SNSNMe3-b): Methyl iodide 

(63.0 μL, 1.01 mmol) was added to a stirring solution of SNSNMe3-a (0.1914 g, 0.50 mmol) in 4 

mL dry DCM under N2 atmosphere. The solution was stirred at room temp overnight. The reaction 

formed a biphasic mixture with an opaque top layer and clear yellow bottom layer. The supernatant 

was decanted, and the oil rinsed with several portions of DCM and dried in vacuo to yield a pale-

yellow powder. The powder was rinsed with Et2O and dried under vacuum to yield the pure 

product as a hydroscopic white fluffy powder (0.2200 g, 66% yield). ESI mass spectrometry: 

Calculated m/z for (SNSNMe3-b – I–)+ : 536.18. Found: 536.12. 1H NMR (500 MHz, CD3OD) δ 

3.67 (t, 4H), 3.53 (t, 4H), 3.23 (s, 18H), 3.05 (t, 4H), 2.87 (br, 4H), 1.49 (s, 9H). 13C{1H} NMR 

(500 MHz, CD3OD) δ 157.1, 81.7, 67.0, 53.9, 28.7. 

 

 

Figure B.8. 1H NMR of SNSNMe3-a in CDCl3. 
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Figure B.10. 13C{1H} NMR of SNSNMe3-b in CD3OD. 

 

 

Figure B.9. 1H NMR of SNSNMe3-b in CD3OD. *indicates residual DCM solvent. †indicates 

residual H2O. 

 

* 

† 
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N-bis[2-(trimethylammoniumthioethyl)ethylamine][I]2 (SNSNMe3[I]2): SNSNMe3-b (0.1990 g, 

0.30 mmol) was dissolved in 10 mL 6 M HCl and stirred at room temp for 3 days, after which the 

solvent was removed in vacuo to yield a tacky yellow-orange foam. The foam was dissolved in 1 

M NaOH and the solvent removed to yield a white tacky foam. The crude product was extracted 

with dry MeCN, filtered, and the solvent removed to yield a hydroscopic white crystalline solid 

(0.1540 g, 91% yield). ESI mass spectrometry: Calculated m/z for (SNSNMe3[I]2 – I–)+ : 436.13. 

Found: 436.13. 1H NMR (500 MHz, CD3OD) δ 3.66 (dt, 4H), 3.22 (s, 18H), 3.03 (dt, 4H), 2.89 (t, 

4H), 2.82 (t, 4H). 

 

 

 

Figure B.11. 1H NMR of SNSNMe3[I]2 in CD3OD. *indicates residual CH3CN. 

 

* 
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N-bis[2-(trimethylammoniumthioethyl)ethylamine][PF6]2 (SNSNMe3[PF6]2): AgPF6 (0.0695 g, 

0.27 mmol) and SNSNMe3[I]2 (0.0693 g, 0.12 mmol) were stirred together in 3 mL dry MeOH in 

the dark for 1 hour. The resulting mixture was filtered, and the solvent removed to yield a red-

orange oil. The oil was triturated with Et2O and toluene before being dried in vacuo to yield a 

peach colored solid (0.0725 g, 98% yield). ESI mass spectrometry: Calculated m/z for 

(SNSNMe3[PF6]2 – PF6
–)+ : 454.19. Found: 454.21. 1H NMR (500 MHz, CD3CN) δ 3.54 (dt, 4H), 

3.08 (s, 18H), 3.00 (dt, 4H), 2.86 (br d, 8H). 13C{1H} NMR (500 MHz, CD3CN) δ 66.0, 53.9, 47.5, 

32.9, 25.2. 

 

 

 

Figure B.12. 1H NMR of SNSNMe3[PF6]2 in CD3CN. *indicates residual H2O. 

 

* 
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N-bis[2-(trimethylammoniumthioethyl)ethylamine][BF4]2 (SNSNMe3[BF4]2): AgBF4 (0.0695 g, 

0.36 mmol) and SNSNMe3[I]2 (0.096 g, 0.17 mmol) were stirred together in 4 mL dry MeOH in the 

dark for 1 hour. The resulting mixture was filtered, and the solvent removed to yield a colorless 

oil. The oil was triturated with Et2O, toluene, and DCM before being dried in vacuo to yield an off 

white solid in quantitative yield. NMR spectra matched those of SNSNMe3[PF6]2. 

 [PdCl(SNSNMe3)][PF6]3 (7): To a stirring suspension of PdCl2 (0.0198 g, 0.11 mmol) in 3 mL 

dry MeCN was added a solution of SNSNMe3[PF6]2 (0.0725 g, 0.12 mmol) in 3 mL MeCN, 

resulting an immediate color change to bright yellow. The solution was stirred at 45 °C 

overnight, after which the mixture was filtered, and the solvent removed from the bright yellow 

filtrate to yield a dark yellow oil. The oil was triturated with Et2O and DCM and dried in vacuo 

to yield a yellow foam. A salt metathesis was performed by combining the crude product 

 

Figure B.13. 13C{1H} NMR of SNSNMe3[PF6]2 in CD3CN. 
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(0.0894g, 0.11 mmol) with NH4PF6 (0.0190 g, 0.25 mmol) in MeCN. After stirring for one hour, 

the mixture was filtered, and the solvent removed to yield a yellow oil which was triturated with 

Et2O, DCM, and EtOH then dried in vacuo to yield the purified product as an orange-yellow 

solid in near quantitative yield (0.0990g). ESI mass spectrometry: Calculated m/z for 

(PdCl(SNSNMe3)[PF6]3 – 2 PF6
– – H+)+ : 594.06. Found: 593.91. (PdCl(SNSNMe3)[PF6]3 – PF6

–)+ 

: 740.03. Found: 739.79. 1H NMR (500 MHz, CD3CN) δ 6.34 (br s, 1H), 3.71-4.10 (br m, 4H), 

3.40-3.70 (m, 5H), 3.31 (br s, 4H), 3.13 (s, 18H), 2.80-3.05 (br, 2H).  

 

 [RhCO(SNSNMe3)][BF4]3 (8): In a 50 mL Schlenk flask, a solution of SNSNMe3[BF4]2 (0.082 g, 

0.17 mmol) in 10 mL dry MeCN was added dropwise to a stirring solution of [Rh(COD)2][BF4] 

(0.069 g, 0.17 mmol) in 4 mL MeCN under N2, resulting in a slight color change from orange to 

dark yellow. The solution was stirred for 1 hour before sparging the solution with CO gas for 10 

 

Figure B.14. 1H NMR of 7 in CD3CN. *indicates residual DCM. 

* 
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minutes. The solvent was removed in vacuo to yield a red-orange tacky foam. The product was 

rinsed with ether, DCM, THF, and toluene then dried under vacuum to yield a rust-colored 

powder, which was dissolved in MeCN and filtered. The filtrate solvent was removed to yield 

the product as a rust-colored powder in nearly quantitative yield. Elemental analysis calcd 

C15H35B3F12N3ORhS2 (701.10): C, 25.67; H, 5.17; N, 5.99%. Found: C, 25.50; H, 5.27; N, 

5.85%. FTIR (ATR)/cm-1 νCO: 2000, 1740. 1H NMR of major species (500 MHz, CD3CN): δ 

5.11 (br s, 1H), 3.74 (t, 4H), 3.49 (t, 6H), 3.14 (s, 22H), 2.90 (q, 2H). 13C{1H} NMR of major 

species (500 MHz, CD3CN) δ 64.5, 54.3, 50.7, 39.3, 31.3. 

 

 

 

 

Figure B.15. FTIR spectrum of 8 collected as a crystalline solid using an ATR attachment. 
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