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Abstract

Selective CO; capture and electrochemical conversion is an important tool in the fight against
climate change. Industrially, CO> is captured using a variety of aprotic solvents due to their high
CO:; solubility. However, most research efforts on electrochemical CO; conversion use aqueous
media and are plagued by competing hydrogen evolution reaction (HER) from water breakdown.
Fortunately, aprotic solvents can circumvent HER; making it important to develop strategies that
enable integrated CO; capture and conversion in an aprotic solvent. However, the influence of
ion solvation and solvent selection within nonaqueous electrolytes for efficient and selective CO»
reduction is unclear. In this work, we show that bulk solvation behavior within the nonaqueous
electrolyte can control the CO, reduction reaction and product distribution occurring at the
catalyst-electrolyte interface. We study different TBA (tetrabutylammonium) salts in two
electrolyte systems with glyme-ethers (e.g., 1,2 dimethoxyethane or DME) and dimethylsulfoxide
(DMSO) as a low and high dielectric constant medium, respectively. Using spectroscopic tools,
we quantify the fraction of ion pairs that form within the electrolyte and show how ion-pair
formation is prevalent in DME electrolytes and is dependent on anion type. More importantly, we
show as ion-pair formation decreases within the electrolyte, CO: current densities increases, and
a higher CO Faradaic efficiency is observed at low overpotentials. Meanwhile, in an electrolyte
medium where ion-pair fraction does not change with anion type (such as in DMSQO), a smaller
influence of solvation was observed on CO; current densities and product distribution. By directly
coupling bulk solvation to interfacial reactions and product distribution, we showcase the
importance and utility of controlling the reaction microenvironment in tuning electrocatalytic
reaction pathways. Insights gained from this work will enable novel electrolyte design for

efficient and selective CO, conversion to desired fuels and chemicals.
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Introduction

Lower renewable electricity costs and continued emission of greenhouse gases have spurred the
electrochemical reduction of carbon dioxide (CO.) as a viable option for fuels and chemical
production'*. Currently, the most prevalent approach for CO, electrochemical reduction reaction
(CO2RR) consists of CO, heterogeneous catalysis over a metallic electrode. This approach has
yielded a myriad of CO;RR products, spanning from carbon monoxide to multi carbon/multi
hydrogenated products, such as ethylene, ethanol, and n-butanol >’. However, CO,RR in an
aqueous medium is always plagued by the competing hydrogen evolution reaction (HER), ®°
which happens at similar electrochemical potentials. Moreover, CO, mass transport is often
limited by poor CO, solubility in water and the competing equilibrium between CO, and

carbonate species at medium to high pH'*!!,

One strategy to circumvent the competing HER is to use solvents other than water'?. Organic
solvents such as acetonitrile (ACN), dimethylformamide (DMF), and dimethyl sulfoxide (DMSO)
can suppress HER because they do not have any easily ionizable protons that could be further
reduced. When combined with either organic salts or ionic liquids, these aprotic solvents have
enabled faradaic efficiency (FE) values above 90% for carbon monoxide!'*!*, formic acid'>'¢, and
oxalic acid!”. Moreover, CO> mass transport can be facilitated in these solvents due to their high
CO; solubility when compared to water'>'%1?, Aprotic solvents have been used industrially for
CO; physical absorption, such as dimethyl ethers of polyethylene glycol (Selexol™ or Coastal
AGR®), N-Methyl-2-pyrrolidone (Purisol®), and propylene carbonate (Fluor Solvent™)202!,
Therefore, the use of aprotic solvent for CO,RR could leverage the development of new

technologies that integrate both CO, capture and conversion.

In addition to solvent effects, the nature of the supporting electrolyte also plays an important role
in the CO,RR current density and selectivity. For an aqueous medium, it has been widely reported
that large alkaline cations (such as Cs") can enhance CO,RR current densities and the formation
of multi carbon products by stabilizing high dipole intermediates at the electrode surface through
short and medium-range interactions?>>*. On the other hand, different anions can functionalize
the electrode surface and facilitate CO; activation by partial charge donation from the anion to
the adsorbed CO, molecule®?’. However, the role of the electrolyte (salt and solvent) in the
CO:RR performance in an aprotic medium is still controversial. Voltammetric studies conducted
in DMF with quaternary ammonium salts have shown that the nature of either the cation or the
anion has little or no effect on the CORR current density?®2°. In contrast, experimental studies
conducted in ACN with tetracthylammonium salts have concluded that switching the counterion
from BFy4 to triflate (OTf) results in a significant increase in current densities, which was only

attributed to differences in solution water content’*. Moreover, the nature of the anionic species



has also played an important role in dictating the product distribution towards either formic acid

or HER in ACN/ionic-liquid/water mixtures'®.

Recent studies in the Li-O,*'*? and Na-O, battery literature®* have shown that electrolyte solvation
can be modulated to control the oxygen reduction reaction (ORR) pathway. Therefore, the
differences in CO2RR electrochemical performance in aprotic solvents might also be dictated by
the electrolyte solvation behavior. For example, in Li-O; batteries, low donor number solvents
such as glyme-ethers lead to a surface-driven ORR pathway due to poor superoxide (O:)
solubility, while high donor number solvents such as DMSO with high O solubility leads to a
solution-driven ORR pathway**. Differences in electrolyte solvation, and thereby transport and
electrochemical properties, are more accentuated when using a low coordinating solvent. For
instance, solvation in weakly coordinating glyme-ethers presents a strong dependence of the anion
basicity*® and solvent chain length®®. In contrast, the nature of the anion presents a weaker effect

in electrolyte solvation®, ion mobility *%, and oxygen activity®’ in the highly coordinating DMSO.

In this work, we investigated the solvation effects on the CO,RR performance in aprotic solvents.
We selected two widely different solvents, 1,2-dimethoxyethane (DME) and DMSO, to further
correlate bulk solvation properties to electrochemistry performance. Surprisingly, there are no
studies reported on the use of any glyme-ethers in CO,RR, despite their large electrochemical
window, high CO; solubility, and industrial relevance for CO; capture. We show that the CO,RR
current density correlates with the ether chain length, solvent choice (DMSO versus DME),
tetrabutylammonium (TBA) salt concentration, and the salt anion (solvents and salts structures
herein investigated are illustrated in Scheme 1). We quantify the influence of salt on the solvation
behavior in DME and DMSO-based electrolytes and show that a higher fraction of ion aggregates
in DME-based electrolytes lead to lower current densities, where the anion identity controls the
propensity for aggregate formation. In contrast, across the TBA salts studied in DMSO, a lower
fraction of aggregates was observed, and these anions had little influence on the observed CO,RR
current density. Using Cu as the electrocatalyst, electrolytes with a low population of ion pairs
yielded larger FE values for CO at lower overpotentials, while a high population of ion pairs led
to high FE values for hydrogen across different potentials. By coupling bulk solvation to
interfacial reactions and product distribution, we broadened our understanding of how the
electrolyte microenvironment could affect the CO,RR performance in aprotic systems. Insights
gained from this work will facilitate the design of more efficient and selective electrolytes for

CO; conversion to desired fuels and chemicals.
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Scheme 1. Chemical structures of the herein investigated solvents and TBA salts. Compounds
are 1,2 dimethoxyethane (DME), diglyme (DGME), tetraglyme (TGME), dimethyl sulfoxide
(DMSO0), tetrabutylammonium (TBA™), perchlorate (Cl1Oy4), nitrate (NOj3"), bistriflimide (TFSI),
triflate (OTY), tetrafluoroborate (BFy).

Results and discussion
Carbon dioxide reduction in glyme-ethers solvents

Glyme-ethers have been explored for a variety of electrochemical systems, ranging from
electrochemical double-layer capacitors®®, to battery chemistries such as lithium metal®®, sodium-
ion*, and non-aqueous redox flow batteries.*! Their widespread use is attributed to a propensity
to dissolve and coordinate alkali cations, high reductive stability, and low viscosities. On the other
hand, alkali cations have been the dominant supporting ions within the electrolyte for aqueous
CO:RR since they can enhance the reaction selectivity towards value-added products such as
ethylene and ethanol??2*, Accessing highly reductive potentials in combination with alkali cations
may enable further reduced products. However, in aqueous systems, hydrogen evolution
outcompetes CO,RR at highly reductive potentials where further reduced products may be
expected**4>4, Therefore, we hypothesized that combining alkali cations with reductively stable

glyme ethers may enable selective CO2RR.

Linear sweep voltammetry (LSV) was performed to understand the effect of salt selection for
CO:RR in aprotic electrolytes. Figure 1a shows voltammograms of a copper electrode in a DME
electrolyte containing dissolved TBA and sodium salts. Potential measurements were
standardized to the decamethylferrocenium/decamethylferrocene (Fc*) redox potential, since

other authors® have indicated that the nature of electrolyte can affect the silver wire reference
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electrode potential, thereby leading to false data interpretation. In addition, decamethylferrocene
has been reported as more stable compared to ferrocene especially in the presence of radical
anions such as superoxide “* and we anticipate similar concerns in the presence of the carbon
dioxide radical anion intermediate. Unfortunately, as Figure 1a shows, the presence of sodium
ions appears to inhibit CO,RR at reductive potentials up to -2.8 V (vs. Fc*'/Fc*); a phenomenon
that has been observed by previous authors with different aprotic solvents, such as ACN*® and
DMF?. Nevertheless, when NaClOj salt is replaced by TBACIO4, CO,RR is observed with an
onset potential around -1.8 V. To the best of our knowledge, this is the first report of

electrocatalytic CO; reduction in a glyme-ether solvent.
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Figure 1. Influence of cation selection. (a) Linear sweep voltammograms (LSVs) for Cu
electrode at 50 mV/s in CO, atmosphere in the presence of 0.5 M NaClO4 and 0.5 M TBACIO4
in DME. High-resolution XPS (X-ray photoelectron spectroscopy) Cls spectra of the metallic
copper catalyst (b) before CO,RR, after 10 min electrolysis at -2.6 V vs Fc* in DME with
electrolytes containing (¢) TBACIOs, and (d) NaClO; salts.



Previous works*** have suggested that CO.RR in nonaqueous electrolytes containing alkali
cations (M") can be deactivated by the competitive reduction of M* to M°. However, the potentials
for Na* or Li* reduction are more negative than the potentials needed for CO,RR (around -3.0V
vs Fc*, see Figure S1). Furthermore, the alkali cation reduction hypothesis is not sufficient to
explain the complete inhibition of CO2RR, since electrodeposition will lead to a reductive current
signal*’*. To further probe the effect of alkali cation on suppressing CO,RR, we performed X-
ray photoelectron spectroscopy (XPS) on the copper electrode before and after electrolysis in the
presence of CO,. The Cls XPS data in Figures 1b and 1c for pristine Cu foils before and after
electrolysis in TBA-containing electrolytes shows no modification of the catalyst surface.
However, when an alkali cation is present, a passivation layer of carbonate species is formed on
the catalyst surface (Figure 1d). Unlike aqueous electrolytes, these alkali carbonates are insoluble
in glyme-ethers, acting as an insulating layer that prevents any further electrochemical reaction
on the electrode surface, including the facile Fc**/Fc” reversible reference reaction (Figure S2).
Similar decay in electrochemical performance has also been observed in metal-CO, batteries,
where the formation of alkali carbonates in an aprotic medium result in poor rechargeability**->°.
Hence, TBA salts were chosen to serve as supporting ions to further investigate the influence of

the solvent and counter-ion on the CO,RR performance.

Despite their good reductive stability and high CO; solubility, glyme-ethers solvents impose new
challenges for the electrochemical reduction of CO,. As shown in Table 1, all glyme-ethers have
low acceptor number (AN), low donor number (DN), and low dielectric constants, which may
result in poor salt solubility and low ionic conductivity. Moreover, the increase in the ether chain
length results in a significant increase in the dynamic viscosity, which may affect charge mobility

and electron transfer rates®'.

Table 1 - Summary of potential glyme-ether solvents and dimethylsulfoxide for CO,RR, their
solvent properties, and CO; solubility values.

CO; solubility  Permittivity  Viscosity DN AN
Solvent
(mmol/l) at 25°C [mm%s]  [kcal.mol!]
1,2-dimethoxyethane  (DME) 227 £15" 7.07 32 0.5% 203 10.2 %
Diglyme (DGME) 160 =83 7.63 %2 125 18 % 9.9
Tetraglyme (TGME) 127 £6.3° 7.78 32 413 123553 10.5 353
Dimethyl sulfoxide (DMSO) 130 £7°¢ 46.7 2.0%7 29.8 19.3

"Determined experimentally in this work (further details in the S.I.)

To understand the effect of the solvent properties on the CO,RR performance, linear sweep

voltammetry experiments were first performed at Cu electrodes in 0.5 M TBAOTT in different



glyme-ether solvents (DME, DGME, and TGME). The corresponding voltammograms (LSVs)
are presented in Figure 2a. When CO: is present, negative reductive currents are observed starting
at -1.8V for all 3 glyme-ethers, indicating the CO,RR onset potential. These similar values in
onset potential might indicate that these 3 solvents have similar or no effect on the rate-
determining step for CO,RR, which is usually attributed to the formation of the CO,*" radical®®>
especially in aprotic media. On the other hand, an increase in the alkoxy chain length (moving
from DME to TGME) resulted in a decrease in the CO2RR current density. This result can be
correlated to a decrease in solution conductivity (Figure 2b), thus indicating that the solvent

viscosity may also play a role in dictating the overall CO,RR performance.
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Figure 2. Influence of glyme-ethers. (a) LSVs for Cu electrode at 50 mV/s in an Argon
atmosphere (dashed line) and CO; atmosphere (solid lines) in 0.5 M TBAOTT in different glyme-
ethers, (b) Ionic conductivity of different glyme-ethers solutions containing 0.5M TBAOTf vs
current density extracted from the respective voltammograms (in a) at -2.8V vs Fc*. (¢) LSVs
for Cu electrode at 50 mV/s in CO, atmosphere at different salt concentrations (0.1, 0.2, 0.3, 0.5,
0.75, and 1.0M) of TBAOTf in DME, and (d) conductivity of solutions containing different



TBAOT( concentrations in DME vs current density extracted from the respective voltammograms

(inc¢) at-2.8V vs Fc*.

To understand the interplay between solution conductivity and CO,RR current density, we
performed experiments at different salt concentrations. As shown in Figure 2¢, the increase in salt
concentration up to 750 mM results in a significant increase in the CO,RR current density in
DME. The increase in salt concentration also leads to an increase in solution conductivity (Figure
2d). However, above 750 mM, the increase in current density with salt concentration is less
pronounced, most likely because the solution becomes visually more viscous. Therefore, we

developed our subsequent studies of CO2RR in DME at a salt concentration of 500 mM.

Electrolyte effects on CO:RR current densities
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Figure 3. Catalyst and electrolyte effects. LSVs in CO, atmosphere in the presence of 0.5 M
TBA salts at 50 mV/s for (a) Cu electrodes in DME, (b) Au electrodes in DME, and (¢) Cu
electrodes in DMSO. (d) current density extracted from the LSVs plots at -2.8V vs Fc¢* for Cu
electrodes vs solution conductivity at different TBA salt concentrations in both DME and DMSO.



It has been widely reported that the solvation structure of different cationic species in an aqueous
medium can directly affect the CO,RR current density and product distribution® 2, However,
these studies did not consider the competing formation of ion pairs, which are more commonly
observed in non-aqueous solvents due to their poorer ability to solvate ionic species compared to
water®®. In general, the equilibrium between ionic species in solution can be written as Csoly +
Aoty = (C-A)so, where C and A represent the cation and anion respectively, and Sol represents
the solvated state. The quaternary ammonium cations used in this work are usually poorly solvated
due to the steric hindrance generated by the alkyl groups. Moreover, glyme-ethers weakly
coordinate with anionic species due to their low dielectric constant and low AN (acceptor number)
values **, as shown in Table 1. Therefore, the combined characteristics of glyme-ethers and TBA
salts can significantly shift the ionic equilibrium to the right, thereby enhancing the role of the

anion on the formation of ion pairs.

Figure 3 shows LSVs and conductivity values for 5 different TBA salts. TBA salts containing
halides (I', Cl, and F°), PF¢, and acetate were poorly soluble in DME. As Figure 3a shows, all
TBA salts present similar onset values around -1.8 V vs Fc* at the Cu electrode in DME. However,
the anion nature had a significant effect on the CO,RR current density. Electrolytes containing
OTf and TFSI" can reach current density values around 3 mA/cm? and beyond. However,
electrolytes containing BFs, ClOs, and NOs presented values below 1.5 mA/cm? Unlike
previous work®, we could not ascribe those differences in current density to differences in the
electrolyte water content, because it was kept below 100 ppm for all TBA solutions over the LSVs

experiments (see Table S1).

To decouple the differences observed in the electrochemical behavior of the TBA salts from any
catalyst modification, we further investigated the copper electrode surface after CO,RR using
XPS. Our XPS results (Figure S3) show no major differences for Cls, Cu2p, and Ols for most
electrolytes when compared to the pristine copper foil. However, for the electrolyte containing
OTf anions, a salt breakdown is observed as a small peak assigned to C-F bonds can be observed
in the Cls and F1s spectra. Despite the OTf singular behavior, the overall trend in current density
observed for different anions was further supported by experiments conducted using a gold
electrode. As depicted in Figure 3b, OTf and TFSI salts again presented higher current density
values and onset potential of 0.2V less negative than ClO4, BF4, and NO;™ salts. As a noble metal,
gold electrodes are more stable than copper in the applied potential range in both aqueous and
nonaqueous medium®. Therefore, the influence of the anion appears the same across different

catalysts (Cu and Au) and may not be attributed only to catalyst surface changes.

In contrast to observations in DME, experiments conducted in highly coordinating DMSO (Figure

3¢) did not show any significant differences either in current density or onset potential across the



different TBA salts. All DMSO electrolytes presented current density values significantly greater
than those observed by the respective salts in DME. Despite the higher current density values
observed for all TBA salts in DMSO and OTf{/TFSI salts in DME, it is important to highlight
that those electrolytes also presented higher conductivity values when compared to the remaining
ClOy4, BFy4, and NOs™ salts. As discussed earlier, the solution conductivity in TBAOT( solutions
can be directly correlated to the final product current density. To decouple the solution
conductivity from the anion effect on the CORR current density, we performed LSVs
experiments with solutions containing different salt concentrations in DME. As shown in Figure
3d, electrolytes containing 1200 mM NOs, 500 mM CIOy, and 350 mM OTT present similar
conductivity values at around 1.5 mS/cm. However, they still present significant differences in
current density, maintaining the previously observed trend where OTf > ClO4 > NO;s". We also
observed a similar behavior for solutions containing 750 mM ClO4 and 500 mM OTT that have
similar ionic conductivities (2 mS/cm), but the OTf solutions led to higher current densities
values. Since the anion effect in DME could not be ascribed to modifications on either electrode
surface or solution conductivity, we conducted a more detailed analysis of the electrolyte structure

in solution.
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Figure 4. Ion solvation. (a) Illustration of TBA" cation interacting with an OTf anion and
hydrogen labeling according to their relative position to the nitrogen atom in the TBA* structure.
'"H NMR chemical shift for 0.5M TBA" salts in (b) DME and (¢) DMSO, and ESI-MS spectra
(positive mode) for different TBA™ salts (0.5M) in (d) DME and (e) DMSO. The abundance of

the ion aggregates was normalized by the respective abundance of the free TBA" ions.

The influence of salt and solvent selection on the ionic solvation structure was probed using
spectroscopic techniques. We first investigated the structures of all electrolytes in DME using 'H-
NMR (nuclear magnetic resonance) spectroscopy. Since the cation and solvent were kept constant
across all salts, the differences in the 'H chemical shifts from the TBA* can only then be attributed
to differences in the interaction with the anion. Figure 4a. illustrates how a TBA™ cation can
interact with OTf anion through the more polarized hydrogens in the alpha position (a-H).
Figures 4b and 4c show the 'H chemical shifts for all protons present in the TBA™ cation in the
presence of different anions in DME and DMSO, respectively. As expected, the a-H protons were
the most susceptible to ion-dipole interactions as the anion is changed. This preference can be
observed by the greater differences in the chemical shift for the a-H among the anions in

comparison to the protons in subsequent positions (8, A, and d) for both DME and DMSO.

As observed for other organic salts and ionic liquids, the chemical shift from the TBA* a-H can
be correlated to the hydrogen bond acceptance ability of the anion. The smaller and planar

6465 resulting in a more

structure of nitrate anions makes them a good hydrogen bond acceptor
downfield chemical shift for the a-H from the TBA when compared to other anions. On the other
hand, salts containing weekly coordinating anions, such as BF4, OTf, and TFSI presented a more
upfield chemical shift. Those differences in the chemical shift were more pronounced in the low
dielectric constant DME than in DMSO, which presented a maximum o-H chemical shift gap
across all TBA salts of 0.25 and 0.05 ppm, respectively. In general, the trends in a-H chemical
shift in DME; TFSI" < BF4 < OTf < ClO4 < NOs5 followed an inverse relation with the CO,RR
current density. As an exception, the solution containing BF4 anions had a more downfield a-H
chemical shift when compared to OTf and ClO4 solutions, while presenting smaller current
density values than those anions. We also observed that all TBA salts in DMSO presented similar

and more upfield chemical shifts than in DME, while also presenting similar and higher values

for current density.

We further investigated the TBA* solvation structures in DME and DMSO using electrospray
ionization mass spectrometry (ESI-MS). By quantifying the relative abundance of all TBA"
containing species, it is possible to map out the different ionic pairs within the TBA™ solvation

sheath. In general, ion pairs in the solution can be categorized in (i) contact ion pairs/aggregates,
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which involves the direct contact of two/multiple ionic species with opposite charge in solution;
and (ii) solvent-separated ion pairs, wherein the charged species are separated by one/multiple
solvent molecules (see illustration of different solvation structures in Figure S4). In the ESI-MS
spectra illustrated in Figures 4d and 4e, we did not observe any solvent-separated ion pairs for all
TBA salts for both DME and DMSO respectively. These results indicate that the TBA* does not
interact strongly with the solvent, even with the highly coordinating DMSO. However, the
population of ion aggregates (composed of two TBA" and one anion) was a function of both

solvent and anionic species.
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Figure 5. Solvation and electrochemistry correlation. Correlation between the current density
extracted from the LSVs plots (Figures 3a and 3c) at -2.8V vs Fc* for Cu electrodes for different
TBA salts in DME (circles) and DMSO (diamonds) vs (i) a-H chemical shifts from the TBA*
(hollow icons) extracted from '"H NMR results (Figures 4b and 4c) and (ii) fraction of ion
aggregates (solid icons) extracted from ESI-MS results (Figures 4d and 4e).

The formation of ion aggregates can be attributed to the properties of both solvent and supporting
electrolyte. On one hand, the solvent dielectric constant can be directly related to its ability to

dissociate ions in solution**%*; which may explain the lower population of ion aggregates observed

12



for TBA" salts in DMSO (Figure 4¢). On the other hand, the alkyl groups in the TBA™" structure
hinders its interactions with larger anions, such as OTf and TFSI. This anion effect on the
population of ion aggregates was observed in DME, where the ions are not easily dissociated due
to the medium low dielectric constant (Figure 4d). Our spectroscopic observations in Figure 4 can
now be directly related to the electrochemical measurements. As depicted in Figure 5, while the
fraction of ion aggregates increases in DME (moving from TFSI/OTf to ClO4, BF4, and NO3),
the current density decreases. On the other hand, all TBA* salts presented a low population of ion
aggregates and large CO,RR current density values when dissolved in DMSO. We also observed
a similar trend for the TBA™ a-H chemical shift, where a more upfield chemical shift can be
correlated to larger current density values not only across different salts in DME, but also across
different solvents. We also probed the effect of solvent dielectric constant on the salt dissociation
and electrochemical properties by using density functional theory (DFT) calculations®®, which
show more negative complexation energy for all TBA salts in DME when compared to DMSO
(Figure S5). Our observations are vital as we directly correlate bulk solvation behavior (as
observed in NMR and ESI-MS) to electrochemical CO2RR that occurs at the catalyst-electrolyte

interface.

Electrolyte effect on product distribution

The effect of different TBA electrolytes on the CO,RR product distribution was investigated using
an asymmetric H-Cell setup (Figure S6). The different TBA solutions in DME were used as a
catholyte, while the anolyte chamber was filled with a 0.5 M TBAC104 DME solution containing
0.5M water. The catholyte and anolyte chambers were separated by a Nafion® N-117 proton
exchange membrane (PEM). When water is not added to the anolyte solution, either solvent or
electrolyte oxidation takes place, leading to the appearance of a dark brown solution whose
products could then react with the proton exchange membrane ’. The addition of water also results
in oxygen evolution as the dominant anodic reaction, ensuring a constant flow of protons to the
cathodic chamber. The CO,RR products in the gas and liquid phases were quantified using GC
(gas chromatography) and 'H-NMR, respectively (further described in the Supporting

Information).
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Figure 6. Electrolyte effect on CO:RR product distribution. CO,RR product distribution for
different TBA salts (0.5M) in DME as catholyte and TBACIO4 (0.5M) containing 0.5M of water
in DME as an anolyte. A Cu disk (31.67 mm?) was used as a cathode, a Ag/AgCl leakless

electrode was used as a reference electrode, and Pt foil was used as an anode.

Figure 5 summarizes the effect of the electrolyte and the applied potential on the CO,RR product
distribution for Cu electrode. Herein, we only observed carbon monoxide, hydrogen, and formic
acid as major CO,RR products in DME. Our experiments conducted under an argon atmosphere
(Figure S10) indicated that all products arise from CO,RR rather than electrolyte/solvent
decomposition. This product distribution is similar to what other authors have reported for Cu
electrodes in nonaqueous electrolytes!**°. We also observed small amounts of methane at low
overpotentials when TBAOTf was used as an electrolyte that can result from electrolyte
decomposition (as seen with XPS data in Figure S3). We observed that both formic acid and
methane production are electrode dependent since none of these two products were formed for a

gold working electrode (Figure S11).
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As a general trend, FE for CO increases with increasing overpotentials, reaching values above
90% at -2.6V for all electrolytes, and nearly 100% for OTf. The high FE values observed for CO
for Cu electrode in DME are comparable with those found for noble metal electrodes such as Au
and Ag in both aqueous and nonaqueous electrolytes™*¢’, Interestingly, at potentials below -
2.6V, we found that OTf and TFSI  solutions presented similar or higher FE values for CO when
compared to the remaining TBA salts. Hence it appears that the solvation effects we discussed
earlier not only modulate current densities but also CO,RR product distributions, especially at
lower reductive potentials. This electrolyte effect in the CO2RR selectivity can also be observed
for experiments conducted in DMSO (Figure S12), where the low population of ion aggreagtes
presented by both OTf and NOs resulted in higher FE values for CO (at the same potentials)
when compared to DME.

Even though all electrolyte solutions were prepared under dry conditions (below 100 ppm of
water), the water content in the catholyte increased by one order of magnitude during CO,RR (see
Table S1). We hypothesize three sources for the water content increase: (i) Electrolytes can absorb
moisture even from the inert Argon glovebox environment over the 12h experiment; (ii) Water
can be generated in situ. The small amount of water could allow the CO,RR to go through either
a proton transfer or a proton-coupled electron transfer reaction®. Then, the generated OH" could
react with the protons that arise from the PEM, therefore forming more water; (iii) Water could
also diffuse from the anolyte to the catholyte through the PEM®. Regardless of its source, water
is most likely the main source of protons for the hydrogen gas observed in our product distribution
analysis. Since HER is a competing reaction to CO2RR, the FE values for hydrogen follow the
opposite trend as for CO, reaching values close to zero as we moved to high overpotentials.
Nevertheless, DME solutions containing NO;™ ions with high ion pair formation presented

significant amounts of hydrogen even at potentials as negative as -2.8V.

Conclusions

In conclusion, we investigated the effect of ion solvation on the CO; reduction reaction in aprotic
solvents. Our voltammetric and XPS studies in DME showed that the presence of alkali cations
can suppress CORR by forming an insulating carbonate layer that prevents any further
electrochemical reaction at the catalyst surface. In contrast, most tetrabutylammonium salts were
able to sustain CO,RR at potentials down to -2.8 V vs Fc* without any apparent decomposition.
We also observed that the effect of the anion in the CO>RR current density is strongly affected by
the nature of the solvent. For the low coordinating DME solvent, TFSI" and OTT salts presented
larger CO2RR current density values when compared to BF4,” ClO47, and NOs™ salts. These results

could not be ascribed only to differences either in solution conductivity, water content, or catalyst
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surface modifications. In contrast, the same TBA salts when dissolved in the highly coordinating
DMSO presented all similar current density values. Importantly, our spectroscopic studies
showed that CO:RR current density values in aprotic solvents could be correlated to differences
in the electrolyte solvation structure. 'H-NMR experiments indicated that a more upfield chemical
shift in the a-Hs from TBA results in larger CO:RR current density values, while ESI-MS
measurements mirrored the NMR results by showing that an increase in current density is
inversely related to the population of ion-aggregates in solution. These correlations could be
observed not only across different solvents but also across different anions in DME, where the
solvent low dielectric constant prevents complete dissociation of the TBA salt, therefore
enhancing the anion effect on the formation of ion pairs. Finally, we observed that a lower
population of ion-aggregates can also be correlated to higher FE values for CO and lower FE
values for H; at lower overpotentials. Our findings show the impact of solvation behavior, such
as the population of ion aggregates, in dictating CO,RR product distribution and current density

in different aprotic solvents relevant for integrated CO, capture and conversion.
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Experimental section

Materials. Sodium perchlorate (98%), barium hydroxide octahydrate (98%),
dimethoxyethane (anhydrous, 99.5%, inhibitor-free), diglyme (anhydrous, 99.5%),
tetraglyme (anhydrous, 99%), dimethyl sulfoxide (anhydrous, 99.9%), 4A molecular
sieves, decamethylferrocene (97%), and tetrabutylammonium bis-
trifluoromethanesulfonimidate (99%), and tetrafluoroborate (99%) were purchased from
Sigma-Aldrich. Nafion N-117 membrane (0.18mm thick, >0.9 meq/g exchange capacity),
and tetrabutylammonium triflate (99%), perchlorate (99%), and nitrate (99%) were
purchased from Alfa-Aesar. Deuterated acetonitrile (>99.8 atom % D) and deuterated
dimethyl sulfoxide (>99.8 atom % D) were purchased from Cambridge Isotope
Laboratories. All solvents used for preparing electrolyte solutions were dried by 4 A
molecular sieves overnight (and stored with molecular sieves) inside an argon-filled
glovebox (VigorTech, O, and H,O < 1 ppm). All salts used in electrochemical
experiments were vacuum dried at 90 °C overnight in a heated glovebox antechamber
before use and was not exposed to air at any time. Other chemicals were used as received.
The copper electrode was assembled by fitting the copper Super-conductive cooper rods
(31.65 mm?, 99.99%) rods into a PTFE tube, both purchased from McMaster-Carr.
Platinum foils (99.99%) were acquired from BeanTown chemical, while gold disk
electrodes (7.07 mm?) and leakless miniature Ag/AgCl electrodes were purchased from eDAQ.

Carbon dioxide gas (99.9995%) and argon gas (99.999%) were purchased from Airgas.

Electrochemical experiments. The voltammetric experiments were performed using a
three-electrode configuration in a beaker cell (Figure S8a) at room temperature inside an
argon-filled glovebox. A platinum foil was used as a counter electrode and a leakless
miniature Ag/AgCl as a reference electrode. Before each experiment, the working
electrodes (Cu and Au) were soaked in a 0.1M aqueous phosphoric acid solution for 1h,
then polished with alumina suspension, rinsed with Milli-Q water (18.4 MQ.cm), and
sonicated for 10 min. The electrochemical potential was controlled using a Biologic VSP-
300 Potentiostat and compensated for 85% of the value of Ry. The electrolyte solutions
were purged with argon and CO> for 5 min for an experiment under argon and CO;
atmosphere respectively. The value of the decamethylferrocene redox potential was first
accessed using cyclic voltammetry measurements in a separated electrolyte solution

containing 2mM Fc* to convert the Ag/Ag" to the Fc* scale. Since we observed that
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DMSO decomposes at more positive potentials for a copper electrode, conversions to the

Fc* scale were made using a gold electrode for the same electrolyte.

NMR spectroscopy for solvation studies. All NMR samples were prepared inside an
Argon-filled glovebox using a coaxial capillary setup, where the electrolyte is placed
inside a capillary tube (New Era Enterprises) and sealed with a PTFE cap from the
surrounding deuterated solvent (D-acetonitrile)**’°. The deuterated solvent was contained
inside an NMR tube (Wilmad), which was then capped and sealed with parafilm before
analysis on a Bruker Ascend 9.4 T/400 MHz instrument. The 'H chemical shift values
were referenced to the residual non-deuterated acetonitrile (1.93 ppm). Since NMR signal for
DME solvent hindered the signal from hydrogens in the alpha position (a-H) in the TBA cation,

the chemical shifts for a-1H were determined using a 2D homonuclear correlation spectroscopy

(COSY) experiment (Figure S5)

ESI-MS studies. All samples were prepared inside of the argon-filled glovebox and
stored in 2 ml autosampler vials (ThermoFisher Scientific) to avoid major exposure to

oxygen, which can accelerate glyme-ethers decomposition*’-"!

. The samples were
analyzed using an Agilent Technologies 1260 Infinity chromatograph equipped with an
electrospray, quadrupole mass spectrometer detector (Agilent Technologies 6120; MSD).
The fragmenting voltage in the MSD was 70 V and data were collected in the m/e range
of 50 to 1000. Typically, 2-5 uLL were directly injected into the MSD using a Hamilton
syringe by hand. The mass spectral data were collected as full gaussians. The mass
spectral data were analyzed with the methods of Malinowski’>2. Here, single-ion

chromatograms were used to calculate the mass spectra as described in other works’>74,

XPS Characterization. Copper foils were cut into strips (1 x 4 cm) and used as a working
electrode in a three-electrode setup with Ag/AgCl as a reference electrode and platinum
foil as a counter electrode. The electrolysis was performed inside an argon-filled glove
box. The copper foils were not stored inside the glovebox to avoid contamination and
they were used as received. After electrolysis, all the copper foils were rinsed three times
with DME and dried for 1h at room temperature outside of the glove box. XPS
experiments illustrated in Figure 1b and Figure S3 were performed on a Kratos Axis Nova
spectrometer. Experiments in Figure lc and 1d were performed using a PHI 5000
VersaProbe II System (Physical Electronics). The spectra were obtained using an Al Ka
radiation (hv = 1486.6 €V) beam (100 um, 25 W), Ar" and electron beam sample

neutralization, in Fixed Analyzer Transmission mode. XPS spectra were aligned to the
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C-C component in the C1s spectra at 284.8 eV. Peak fitting was performed using Shirley
background correction and the Gaussian—Lorentzian curve synthesis available in

CasaXPS software’”.

Product distribution analysis. The CO2RR product distribution was investigated using
an H-cell setup (Figure S8b) inside the argon-filled glove box, where the platinum foil
was used as a counter electrode, a leakless Ag/AgCl as a reference electrode, and copper
rod as a working electrode. The catholyte compartment was filled with the electrolyte
sample, while a solution containing 0.5M TBACIO4 and 0.5M water in the solvent of
interest was used as an anolyte. Both chambers were separated by a Nafion-N117 proton
exchange membrane. The catholyte was stirred at 1000 rpm while a constant CO; flow of
10 sccm was fed into the solution. The CO»> inlet tubing was placed in a way that the gas
bubble bubbles did not hit the cathode surface. Products in the gas phase were analyzed
using a Shimadzu GC-2014 gas chromatograph with both flame ionization detector (FID)
and thermal conductive detector (TCD). Products in the liquid phase were quantified
using 'H-NMR in a Bruker Ascend 9.4 T/400 MHz instrument. The methods and
equations used for the calculation of the product distribution are further described in the

supporting information.
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