
UCLA
UCLA Previously Published Works

Title
Electroreduction of Captured CO2 on Silver Catalysts: Influence of the Capture Agent and 
Proton Source

Permalink
https://escholarship.org/uc/item/2075v1pf

Journal
Journal of the American Chemical Society, 146(30)

ISSN
0002-7863

Authors
Kowalski, Robert Michael
Banerjee, Avishek
Yue, Chudi
et al.

Publication Date
2024-07-31

DOI
10.1021/jacs.4c03915

Supplemental Material
https://escholarship.org/uc/item/2075v1pf#supplemental

Copyright Information
This work is made available under the terms of a Creative Commons Attribution-
NonCommercial-NoDerivatives License, available at 
https://creativecommons.org/licenses/by-nc-nd/4.0/
 
Peer reviewed

eScholarship.org Powered by the California Digital Library
University of California

https://escholarship.org/uc/item/2075v1pf
https://escholarship.org/uc/item/2075v1pf#author
https://escholarship.org/uc/item/2075v1pf#supplemental
https://creativecommons.org/licenses/by-nc-nd/4.0/
https://escholarship.org
http://www.cdlib.org/


1	
	

Electroreduction of Captured CO2 on Silver Catalysts: Influence of Capture Agent and 
Proton Source. 
 
Robert Michael Kowalski,a, † Avishek Banerjee,a, † Chudi Yue,a Sara G. Gracia,a Dongfang Cheng,a 
Carlos G. Morales-Guio, a,* and Philippe Sauteta,b,c,* 
 
a Department of Chemical and Biomolecular Engineering, University of California, Los Angeles, 
CA 90095, United States 
b Chemistry and Biochemistry Department, University of California, Los Angeles, CA 90095, 
United States 
c California NanoSystems Institute, University of California, Los Angeles, CA 90095, United 
States 
*Corresponding authors: Philippe Sautet (sautet@ucla.edu), Carlos G. Morales-Guio 
(moralesguio@ucla.edu)  
† These authors contributed equally to this work 
 
Abstract 

In the context of carbon reutilization, the direct electroreduction of captured CO2 (c-
CO2RR) appears as an appealing approach since it avoids the energetically costly separation of 
CO2 from the capture agent. In this process, the CO2 is directly reduced from its captured form. 
Here we investigate the influence of the capture agent and proton source on that reaction from a 
combination of theory and experiment. Specifically, we consider methoxide captured CO2, NH3 
captured CO2, and bicarbonate on silver electrocatalysts. We show that the proton source plays a 
key role in the interplay of the chemistries for the electroreduction of protons, of free CO2, and of 
captured CO2. Our density functional theory calculations, including the influence of the potential, 
demonstrate that a proton source with smaller pKa  improves the reactivity for c-CO2RR , but also 
increases the selectivity towards HER on silver surfaces. Since c-CO2RR requires an additional 
chemical protonation step, the influence of the proton source is stronger than for HER. However, 
c-CO2RR cannot compete with HER on Ag, Experimentally, the dominant product observed is H2 
with low amounts of CO being produced. Through a rotating cylinder electrode cell of well-defined 
mass transport properties, we conclude that although methanol solvent exhibits a lower HER 
activity, HER remains dominant over c-CO2RR. Our work suggests that methoxide is a potential 
alternative capture agent to NH3 for direct reduction of captured CO2, though challenges in catalyst 
design—particularly in reducing the onset potential of c-CO2RR to surpass HER—remain to be 
addressed.  
 
 
 
Introduction 

Over the past 100 years the concentration of atmospheric CO2 has risen as the world has 
undergone widespread industrialization.1 Fossil fuels are currently the leading source of energy, 
but the major byproduct of burning these fuels is CO2.  This has led to changes in the climate and 
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thus, efforts to decrease the CO2 concentration in the atmosphere have undergone intense study. 
Currently, the main pathway to utilize the net flux of anthropogenic carbon getting in the 
atmosphere is carbon capture and utilization (CCU).  In CCU, the CO2 is captured and used for 
fuel or chemical production.2 Significant work has been done on directly reducing CO2 (CO2 

reduction reaction, CO2RR) via thermocatalytic or electrocatalytic routes to upgrade CO2 to CO, 
C1, and C2+ products.3–7 For the most part, catalytic routes have been developed to start from a 
pure and concentrated source of CO2. In CCU processes, CO2 must first be captured from a diluted 
exhaust stream, for example by forming a complex with a capture agent, and then CO2 must be 
released to produce high concentration CO2 for the reduction reaction.8 Releasing the captured 
CO2 is an endergonic process requiring a large amount of energy.9 It might therefore be 
energetically advantageous to directly transform captured CO2, in the complex with the capture 
agent, a process we label here as the direct reduction reaction of captured CO2 (c-CO2RR).  

Commonly, amines have been used to capture CO2 and produce carbamate adducts.10 These 
have proven to be effective capture agents as they bind strongly to CO2 through the formation of 
a covalent C-N bond.11,12 However, when it becomes desirable to directly reduce the captured CO2 
complex, this stability of the C-N bond becomes an extra challenge, imposing a larger 
overpotential for an electrocatalyst to drive the transformation of the bound CO2 molecule.13 
Another problem that arises from the capture chemistry itself is that it requires 2 equivalents of 
amine to capture 1 equivalent of CO2.12 In the carbamate formation reaction, one ammonium cation 
is produced as a byproduct for each CO2 molecule captured.12,14 It could be possible to use this 
cation as a proton source for the reduction of carbamate adducts, but the effect that the proton 
source has on c-CO2RR has not been explored. Multiple proton donor species are indeed generated 
in aqueous amine-based CO2 capture solutions including bicarbonates, ammonium cations and 
hydronium ions and their population will be the result of competing buffering reactions facilitated 
by the water dissociation reaction.15 In amine-based c-CO2RR systems, what is more commonly 
seen is the competing hydrogen evolution reaction (HER)15,16 and most of the CO produced comes 
from the electrochemical reduction of the dissolved “free” CO2 in equilibrium with the 
carbamate.17 At a rough approximation, two of the major handles for the design of c-CO2RR 
systems could be i) the strength and nature of the bond (covalent vs. ionic) between the C atom in 
CO2 and a heteroatom in the capture agent (e.g. O, C, N, P, S), and ii) the proton source used during 
the electrochemical reduction of the CO2 adduct. To start to understand the various c-CO2RR 
design parameters, it is necessary to consider other families of capture agents beyond amines and 
hydroxyls. 

Alcohols offer an alternative as capture agent. Unlike amines, only one alcohol is required 
to capture one CO2 to produce one carbonate molecule.12 Although, the binding energy between 
alcohols and CO2 is typically smaller than that between amines and CO2,12 this may prove 
energetically beneficial when trying to directly reduce the carbonate complex without separation 
of CO2. A smaller binding energy could result in slower kinetics for CO2 capture, but these could 
be offset by the higher solubility of CO2 in less polar solvents compared to water.18 While alcohols 
could pose additional challenges related to anode chemistries and systems complexity including 
solubility of CO2 capture species, their exploration remains highly valuable. This is because 
alcohols can access pKa regions potentially conducive to suppressing the HER and enhancing the 
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viability of c-CO2RR pathways. The study of c-CO2RR in alcohols offers an additional space to 
understand the effect of the proton source on the overall c-CO2RR reaction network. As the pKa of 
a proton source is decreased, the ability of that proton source to donate its proton should increase. 
However, the HER, CO2RR and c-CO2RR all require multiple protonation steps per catalytic 
cycle.17,19,20 Thus, it is important to determine how the proton source will affect the reactivity of 
these different capture agents and to further explain what challenges remain in optimizing reaction 
conditions for c-CO2RR in competition with HER. 

In this work, grand canonical density functional theory (GCDFT) and experiments are 
combined to compare the direct electroreduction of methoxide captured CO2, NH3 captured CO2, 
and bicarbonate. Methyl carbonate and potassium carbamate were chosen as they are the simplest 
representative of CO2 captured complexes with alcohol and amine families. The catalyst selected 
for this comparison is Ag as this metal has a high overpotential for the competing HER.21,22 The 
main objective of our research is to determine if the overpotentials for direct reduction of captured 
CO2 can be brought low enough to compete with the HER. Experimentally, we observe that 
although HER can be suppressed in the presence of methanol as the solvent, HER is generally 
more facile than c-CO2RR for all the capture agents investigated here. In all cases, detailed 
measurements of the dissolved CO2 in equilibrium with the solution reveal that the active species 
to produce CO is the dissolved CO2 while the c-CO2RR pathways remained kinetically prohibited. 
Thus, the goal of this work is threefold: i) to systematically explore the potential for the reactive 
capture of CO2 with alcohol-based capture agents, in comparison with amines and water, ii) to 
elucidate the effect of the proton source on the overall reaction network for the electroreduction of 
captured CO2, iii) to understand the mechanism for c-CO2RR on Ag catalysts by using DFT in 
order to provide insights and trends of proton-source and capture agent influence and underline 
limiting factors for c-CO2RR. 

  

Methods 

Experimental 

Preparation of Catalysts	

Silver (Ag) electrocatalysts used in the experiments were prepared by sputtering Ag onto 
Titanium (Ti) cylinder electrodes. The cylinder substrates have an outer diameter of 12 mm and 
outer active surface area of 3 cm2. The Denton Vacuum Discovery 550 Sputtering system was used 
for the sputtering of the Ag metal. This system is equipped with two direct current (DC) guns and 
two radio frequency (RF) guns which bombard Ag targets onto the Ti substrates. The RF gun was 
used to sputter a 100 nm Ti adhesion layer and the DC gun was used to sputter the Ag target on 
our electrodes. An initial Ar sputtering was performed to remove native oxide layers on the 
titanium cylinders. The Ar sputtering was followed by the deposition of a 100 nm layer of sputtered 
Ti on the substrate to enhance adhesion of the Ag metal. 500 nm of Ag was then sputtered onto the 
electrodes to make the Ag catalyst as shown in the digital image in Figure S1a. The as-sputtered 
electrodes are not atomically flat, and their roughness factor is 2.56 as determined by measuring 
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the double layer capacitance of the Ag electrodes (Figure S1c). The double layer capacitance of an 
atomically flat Ag electrode is assumed to be 30 µF/cm2.31   

In order to investigate the effect of the catalyst porosity for c-CO2RR, we have also 
prepared a silver catalyst electrode of a higher roughness factor. A 0.2 M KOH was used as an 
electrolyte with a Pt counter and a Ag/AgCl reference electrode to perform a surface roughening 
process on the sputtered Ag film (Figure S1b). Here, the sputtered Ag cylinder was used as the 
working electrode. The surface roughening was conducted using consecutive oxidative and 
reductive cycles as shown in Figure S1b. 15 cycles of cyclic voltammetry were conducted to 
roughen the surface of the Ag cylinder. The roughness factor of the nanoporous Ag was measured 
to be 29.8 from the double layer capacitance (Figure S1c) compared to an atomically flat Ag 
electrode (30 µF/cm2). 	

Electrochemical Characterization	

A three-electrode gas-tight rotating cell setup was used with the Ag cylinder as the working 
electrode, a platinum foil (Pt, 0.1 mm thick, 99.99% metal basis, Alfa Aesar) as the counter 
electrode, and the Ag/AgCl/1 M KCl as the reference electrode (CH Instruments, Inc.) as shown 
in Figure S3. Potassium Bicarbonate (KHCO3 ≥ 99.95%, Sigma-Aldrich), Ammonium Carbamate 
(NH4-NH2CO2) (≥ 98%, Thermo-Fischer), and 25 wt% potassium methoxide (CH3OK) in 
Methanol (≥ 99.9%, Sigma-Aldrich) were chosen as the electrolytes for c-CO2RR studies. 0.5 M 
KHCO3 was prepared in water. The 0.5 M NH4-NH2CO2 electrolyte was prepared by dissolving the 
ammonium carbamate salt in water along with potassium perchlorate KClO4 (99.99%, Thermo-Fischer) as 
the supporting electrolyte. Potassium hydroxide KOH (99.97%, Sigma-Aldrich) was added before the 
addition of the ammonium carbamate to control the pH to an alkaline level before the dissolution of the 
carbamate. The nominal concentration of the ammonium carbamate, the perchlorate, and the potassium 
hydroxide is 0.5 M, 0.1 M and 0.001 M respectively. The ammonium carbamate electrolyte was freshly 
prepared before starting the experiments. 5 wt% CH3OK was prepared in pure methanol solvent. For 
5 wt% methoxide, CO2 loading was performed using 70 sccm of CO2 flow into the solution and 
the mass change was tracked until saturation (Figure S2). Infrared Spectroscopy was performed 
on the CO2 loaded sample to verify the formation of methyl carbonate in the solution (Figure S4). 
All the solutions were purged with Argon (Ar, Airgas 99.999%) at 50 sccm for 15 mins to remove 
as much dissolved CO2 as possible before doing electrochemistry, although the concentration of 
the dissolved CO2 does equilibrate quickly with the captured CO2-adduct within a few minutes. 
The solution was then transferred to the RCE cell and constant potential chronoamperometry was 
performed under constant Ar flow. The potential was fixed at -1.3 V, -1.5 V, -1.8 V, and -2 V vs 
Ag/AgCl for the bicarbonate and ammonium carbamate capture agent, and it was fixed at -1.5 V, 
-1.8 V, -2 V, and -2.2 V vs Ag/AgCl for methyl carbonate capture agent. Electrochemical 
impedance spectroscopy (EIS) was collected under each potential and the uncompensated 
resistance was determined from the real part of the resistance measured at high frequency (f ≥ 
100kHz), which was then corrected from all chronoamperometry measurements. Four GC 
injections were collected in each experiment and the average of the last three data points were 
plotted in all the figures. A constant Ar flow of 20 sccm was maintained throughout all experiments 
with an electrode rotation speed of 800 rpm. The partial pressure of CO2 in the headspace of the 
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cell was also measured with each GC injection to determine the amount of dissolved CO2 in 
equilibrium with the captured CO2 in the bulk of the electrolyte. 

 

Product Characterization	

A gas chromatograph (model 8610C, SRI Instruments) was used to identify and measure 
the gas products. The injections were administered at 20-minute intervals which included a 14-
minute run phase of product separation in the chromatography column followed by a 6-minute 
cooling period. The signals from the thermal conductivity detector (TCD) and the flame ionization 
detector (FID) were collected and compared with the calibration curves to determine the Faradaic 
efficiency (FE) for various products like hydrogen (H2) and carbon monoxide (CO). The minimum 
quantification limit for CO and H2 is approximately 1 ppm and 100 ppm, corresponding to 
minimum quantifiable partial current densities of roughly 0.001 mA/cm² and 0.1 mA/cm², 
respectively, when normalized to our catalyst surface area. All the experimentally collected data is 
summarized in Table S1. 

 

Transport-based Model Development to determine c-CO2RR Activity 

The gas-tight rotating cylinder electrode cell (RCE) was used for the experiments which 
has well defined mass-transport properties along with the ability to quantify both gas and liquid 
products during electrolysis. The relation between hydrodynamics (electrode rotation rate) and the 
mass transport film coefficient for charged and uncharged reactants in the RCE cell were described 
by Jang. et. al.. A dimensionless relation between Sherwood (Sh), Schmidt (Sc), and Reynolds (Re) 
numbers for the RCE cell was used to develop our own model to evaluate c-CO2RR activity.32 To 
define the activity for c-CO2RR, it is important to understand the source of carbon in our 
experiments. In all systems investigated, whenever a CO2 captured molecule like carbamate or 
carbonate is dissolved in a solution there exists an equilibrium which facilitates the existence of 
both the CO2-bound adduct and unbound dissolved CO2 in the solution. To determine the molecule 
getting reduced we carefully investigated and characterized the processes that take place at the gas-
liquid interface and the liquid-electrode interface. In the gas-liquid interface, the concentration of 
unbound dissolved CO2 is always in a pseudo-equilibrium with the partial pressure of CO2 in the 
headspace which follows Henry’s law, where HCO2=0.034 M atm-1 for CO2 in water, and HCO2=0.18 
M atm-1 for CO2 in methanol at 293.15 K.33,34 

The experimental challenge in c-CO2RR systems is to measure the partial pressure of CO2 
in equilibrium with the unbound dissolved CO2, which in this work was measured using a GC 
directly connected to the headspace of the cell. Thus, the concentration of unbound dissolved CO2 
in the solution can be calculated from the measured partial pressure of CO2 in the headspace. 
Similarly, in the liquid-electrode interface, one can calculate the maximum flux of dissolved CO2 
supplied to the surface of the electrode once the amount of dissolved CO2 in the bulk is known. 
The universal Sherwood number relationship developed by Jang. et. al. holds true regardless of 
the experimental conditions including the effects of reactants, their concentration, electrode 
rotation, and temperature, which was used as a reference to calculate the convective mass-transport 
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limited rates for CO2 transport by eq 1 and 2. The CO2 present at the surface of the electrode was 
considered to be 0 to obtain the maximum flux of CO2. A transport-based line for the maximum 
partial current density for CO from the maximum flux of CO2 can then be defined for different 
partial pressures of CO2 at different rotation speeds as shown in Figure S5. It should also be noted 
that the diffusion coefficient of CO2 in water is different from that of CO2 in methanol 
(𝐷"#$(&'()*)=1.67×109 m2 s-1 and 𝐷"#$(,)(-'./0)=4.75×109 m2 s-1).35 In order to conclude that a 
catalyst is capable of driving the direct reduction of the CO2-bound adduct, it would be necessary 
for the 𝑗"#values measured in the RCE cell to be higher than the 𝑗"#,,'3 value expected from the 
transport-based model.17                     

                   𝑆ℎ6"7 =
9:
;

<=>?

= 0.204 𝑅𝑒6"7G.HI 𝑆𝑐G.KK                                                                 (1) 

                    𝑗"#,,'3 = 𝑛𝐹C"#$
OP09𝑘,,"#$                                                                              (2) 

 
Computational 

All computational work was carried out using density functional theory with the Perdew-
Burke-Ernzerhof (PBE)23 exchange correlation functional, in the framework of the Vienna ab-
initio Simulation Package (VASP).23,24 Van der Waals interactions were included using the D3 
method.25 It is important to underline that current exchange-correlation functionals include 
approximations so that error bars on absolute energies are ~0.2 eV. However, our conclusions only 
rely on energy differences between similar systems that could be more accurate, and in any case 
such errors on the energy do not affect qualitative results and comparisons in the paper.  

The solvent was modelled as a dielectric continuum, and the electrolyte distribution was 
described with the linearized Poisson-Boltzmann equation, with the Debye screening length as 
main parameter.26,27 

All Ag slabs in this work used a lattice constant of 4.09 Å. The influence of the potential 
was included by Grand-Canonical DFT where the number of electrons is modified to match the 
target potential. All slab models were symmetrical, i.e. presented equivalent surfaces on their top 
and bottom parts, to eliminate effects from a net dipole moment.28–30 The super cell was 3x3 for 
the (111) surface and 2x3 for the (211) surface. The electronic energy was considered converged 
once the energy difference between consecutive electronic steps was less than 10-6 eV. All 
optimizations were considered converged when the maximum force was less than 0.02 eV/Å. For 
simplicity some calculations were first optimized on non-symmetric slabs, and then single point 
energy calculations were performed on symmetrized versions to include the influence of the 
potential by surface charging (Figure S15 for validation). The influence of the coverage of K was 
tested to be small on potassium methyl carbonate adsorption on Ag(111) (Figure S16) and it was 
decided to use a coverage of 1/9 ML. A detailed explanation of all computational parameters, 
images of all structures used, as well as the optimized structure files can be found in the 
supplementary information.  
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Results and Discussion 
Reaction Mechanism        
	

	
Figure 1: (a) Reaction scheme for the reduction of the captured CO2 with a general capture agent 
(R-H, examples being NH2-H, CH3O-H, HO-H). R represents the deprotonated capture agent (NH2 
for NH3, OCH3 for methanol or OH for H2O), XH represents a general proton source. In methanol 
solvent the proton sources in our study include methanol and NH4

+, written formally NH4ClO4 to 
be in the XH form. In the water-amine solvent this includes H2O, KHCO3, and NH4

+. * represents 
the catalytic Ag site. All species containing * are absorbed on the site. Chemicals in red text 
represent the products evolving in the solvent at each step. The two most favored pathways from 
our calculations both initiate with a proton coupled electron transfer and are highlighted in blue 
(initial R-C cleavage in the CO2 complex) or in red (final R-C cleavage). Reaction schemes for (b) 
CO2RR, and (c) HER are also recalled with similar notations.  
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When CO2 is complexed by a generic capture agent (noted here R-H), a R-CO2
- adduct 

anion is formed. If coupled with a potassium cation in an ion pair KRCO2, the general half-cell 
reaction for the direct electroreduction of the adduct in basic conditions with the proton source XH 
formally reads:               

																						𝐾𝑅𝐶𝑂U  +  3𝑋𝐻  +  2𝑒Z  →  𝐶𝑂  +  𝐻U𝑂  +  𝑅𝐻  +  𝐾𝑋  +  2𝑋Z												  (3)  

The capture agent RH is reformed, CO is produced, and the reaction involves two electrons. 
For the ammonia capture agent, used as a model amine, R = NH2, while for methanol, used as a 
model alcohol, R = OCH3. Depending on the solvent and capture agent, the proton source XH can 
be methanol, NH4ClO4, H2O or KHCO3. For the systems in this work the captured CO2 complex 
KRCO2 refers to either potassium methyl carbonate (R= CH3O), potassium bicarbonate (R=HO), 
or potassium carbamate (R=NH2). Potassium is chosen as the alkali cation because it is part of the 
KClO4 supporting electrolyte and because of previous work detailing its potential effectiveness on 
similar systems compared to other alkali metals such as sodium and lithium.17,36–39   K in this work 
is considered to be always in its cationic K+ state as the equilibrium potential for the reduction of 
K+ is more negative than the considered potentials. KRCO2 for example indicates K+RCO2

- in a 
usual simplified notation. 

Elementary reaction steps include two electrochemical proton coupled electron transfers 
(PCET) and one chemical protonation. Figure 1a depicts various possibilities to combine these 
elementary steps in a generic reaction network. After adsorption of the CO2 complex KRCO2 on 
the Ag electrode, forming KRCO2*, four possible reaction paths can occur. The top route starts 
with a cleavage of the R-C bond assisted by protonation using the proton source XH, yielding 
adsorbed CO2, RH and KX. From there the usual CO2RR pathway follows, with a first PCET 
yielding *COOH, and a second producing water and *CO which desorbs to restore the bare site. 
The second pathway is similar in the bond breaking and forming sequence but modifies the order 
of PCET and protonation, starting by a PCET assisted cleavage of the R-C bond, followed by a 
second PCET to form *COOH, while the final step of C-O bond cleavage is chemically assisted 
by a proton transfer from XH. An alternative would be to place the chemical protonation step in 
the middle, but this is omitted here for simplicity. The third route differs since it starts with a PCET 
at an O atom forming KRCOOH. From there three routes are possible: A PCET can cleave the C-
OH bond to form RCO, and the R-C bond is broken in a final chemical proton transfer step 
producing CO, water and KX. Alternatively, the R-C bond can be broken first, either by PCET or 
proton transfer, followed by the C-O bond cleavage, also either by PCET or proton transfer 
(whatever remains available). The fourth pathway is similar to the third one but treats the first step 
as a chemical protonation at O using the XH proton source. In return the second and third steps 
can be electrochemical PCET. 

 Competitive pathways are the CO2RR from dissolved CO2 in equilibrium with the 
complex with the capture agent and the HER, shown in Figures 1b and 1c, respectively. HER and 
CO2RR also require two PCET per cycle, since CO2RR on Ag stops at the CO product. For the 
HER, a PCET first electrochemically absorbs a proton onto the surface. This is followed by a 
second PCET which can either immediately produce H2 (Volmer-Heyrovsky mechanism) or add 
an additional H adsorbed to the surface. These two H atoms then combine to produce gaseous H2 
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(Volmer-Tafel mechanism). Ag was chosen as the catalyst because of its significant overpotential 
for HER, since the H binding to Ag is much weaker than that of Pt, which is a well-known metal 
for optimum H binding.21,22 Thus, it is desirable to determine if this overpotential for HER is large 
enough to allow for the reduction of captured CO2 to occur. For the CO2RR, first the CO2 is 
absorbed to the surface where it then undergoes two PCET steps to be reduced into CO. The K+ 
cation improves the activity of CO2RR, from experiments38 and from our calculations, and thus is 
taken to always be present in our calculations for the CO2RR. 

The proton source significantly impacts the reaction steps. The chemical potential of a 
coupled proton and electron is determined by the equilibrium with H2 gas at the hydrogen electrode 
as shown in equation 4 (with the potential U expressed versus SHE)40 

																																						Ω]^/)`  =   a
U
Ω]$  −  𝑒𝑈  −   ln 10 𝑘g𝑇𝑝𝐻                                        (4)	

Even when other proton sources XH are used, equation 4 holds valid for the chemical 
potential of the coupled proton and electron. This is because the proton and the X- anion can be 
reformed to make the XH proton source. Thus, for all calculations, PCET steps will be modeled 
by equation 4. 

However, as shown in Figure S6 the onset potential of the HER can be shifted by the pKa 
of the proton source. The addition of a negatively charged buffer or a neutral molecule does not 
change the onset potential for HER and this onset primarily depends on the pKa of the proton 
source (Figure S7). Thus, in equation 4 the pH term can be substituted with the desired proton 
source’s pKa. Thus, what will occur is that as the proton source’s pKa is decreased the chemical 
potential of the coupled proton and electron will decrease. As the protons are always reactants, a 
decrease in proton source pKa will improve the overall reaction energy. In this work, there were 
four proton sources considered (methanol, H2O, KHCO3, and NH4ClO4), each with a different pKa. 
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Figure 2: Calculated equilibrium potential for the electroreduction to CO of (a) methyl carbonate 
KCH3OCO2 (b) bicarbonate KHOCO2, (c) carbamate KNH2CO2, compared to that for (d) HER, (e 
and f) CO2RR to CO. The compound being electrochemically reduced is labeled in the top right of 
each panel, together with the solvent (notation: compound@solvent). The x axis denotes the proton 
source for the electrochemical reduction. The overall reaction energy as a function of potential is 
given in Figure S17. KCH3OCO2 indicates K+CH3OCO2

- etc. 

	

To start our analysis, the first step is to consider the overall thermodynamics of the catalytic 
reactions, that is, to determine the equilibrium potential of c-CO2RR with our different capture 
agents, as shown with different colors in Figure 2. The calculated thermodynamics for c-CO2RR 
strongly depends on the nature of the proton source, the ammonium cation being most favorable 
i.e. providing the least negative equilibrium potential (Figure 2 a-c). The product of the reduction 
reaction is CO. Generally, the equilibrium potential is less negative for a proton source of lower 
pKa. With the water, CH3OH or KHCO3 proton source, c-CO2RR appears consistently more 
thermodynamically difficult than CO2RR (with an equilibrium potential more negative by about 
0.3V), but this is not the case for the NH4

+ proton source, where the equilibrium potential of c-
CO2RR is interestingly less negative by about 0.25V.  

The influence of the proton source on the pH level is a crucial aspect to consider. Previous 
work on the HER showed that when the pH was increased then the equilibrium potential was 
shifted proportional to the change in pH according to the Nernst Equation.41 This same trend 
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appeared when instead of purposely decreasing the proton concentration, a buffer at a given pH 
was used. Thus, to consider the effect of proton source on the PCET the pH is taken as the pKa of 
the proton source. Therefore, for all calculations using methanol as the proton source the pH is 
taken as 15.5,42 for H2O as the proton source the pH is 14,43 for KHCO3 the pH is 10.3,15 and for 
NH4

+ the pH is 9.25.44 

The equilibrium potential for the HER is independent of the solvent, but the proton source 
has a significant effect. This is because in the HER, the overall reaction is only dependent on the 
chemical potential of H+ + e-, which is related by eq 4 to the chemical potential of gas phase H2. 
However, the pKa of the proton source has a marked effect on the equilibrium potential as there 
are two necessary electrochemical PCET steps in the overall reaction.  

The equilibrium potential of the CO2RR is mainly affected by the proton source and, to a 
very small degree, by the solvent since one product is water, which is in the solvated phase with a 
slightly different energy in water or in methanol.  Similar to the HER, the CO2RR has 2 required 
electrochemical protonations. Therefore, the pKa again has a similar effect, with less negative 
equilibrium potential for lower pKa (and pH). This is seen, for example, by comparing the 
equilibrium potential using methanol solvent and methanol proton source with methanol solvent 
and NH4

+ source for both the HER (Figure 2d) and the CO2RR (Figure 2e). The difference in 
equilibrium potential is about 0.4 V for both reactions, and this trend can be seen for all other 
condition comparison between the HER and CO2RR.  

As shown above, if we exclude the NH4
+ proton source, c-CO2RR typically has the most 

negative equilibrium potential as compared to HER and CO2RR. This is because of the presence 
of the additional chemical protonation step. This is clearly seen in equation 3, where three proton 
sources are involved and only two electrons. This extra chemical protonation is not present for 
HER and CO2RR. c-CO2RR has always a more negative equilibrium potential than HER across 
various conditions, and the difference can be significant for CH3OH and water proton sources. 
Therefore, HER has a thermodynamic advantage, even if the difference is small in the case of the 
NH4

+ proton source. It is thus important to find a catalyst that can offset this reaction 
thermodynamic constraint, and limit HER in terms of distinct overpotential and kinetic rate.  

It can be seen from Figure 2 that using NH4
+ as the proton source for the reduction of 

captured CO2 provides significantly more benefit in terms of equilibrium potential than it does for 
HER and CO2RR. This stems from the type of cations exchanged in the overall reaction. In the 
case of methanol, H2O or KHCO3 proton source an H+ is transferred and the K+ binds to the 
resulting anion. Thus, the anion (CH3O-, OH-, and KCO3

-) exchange an H+ for a K+. However, in 
the case of NH4

+, the full proton source is NH4ClO4 (chosen to match experimental conditions). 
Therefore, during the protonation process the ClO4

- ion exchanges a NH4
+ with a K+. To explore 

how this difference in cation affects the reactivity, the ionization potentials of the neutral species 
were considered. The ionization potential of H is 13.6 eV,45 K is 4.34 eV,46,47 and NH4 is about 3.7 
eV.48 Thus, when the H+ is exchanged for a K+ in the methanol, H2O and KHCO3, this leads to a 
large difference in ionic interactions between the old H+/anion pair and the new K+/anion pair. This 
large difference leads to a large reaction energy for the chemical step. However, in the case of the 
NH4

+ proton source, NH4
+ and K+ have a similar interaction with the anion, thus resulting in a 
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small chemical step reaction energy. Thus, the chemical step in the mechanism, and the choice of 
proton source, can have a large impact on the reaction energy. . 

We will now consider the detailed thermodynamic reaction pathway on the Ag 
electrocatalyst following the mechanism of Figure 1. 

	

	
Figure 3: Thermodynamic reaction pathway for the electroreduction on Ag(111) of potassium 
carbamate KNH2CO2 in H2O and using (a-c) water as the proton source or (d-f) NH4

+ as the proton 
source as a function of potential. (a,d) -1.1 V, (b,e) -1.3 V, (c,f) -1.6 V vs. SHE. The red free energy 
profile corresponds to the reduction pathway highlighted in red in Figure 1 and noted “final R-C 
cleavage” while the blue profile depicts the pathway highlighted in blue in Figure 1 where the CO2 
complex undergoes an “initial R-C cleavage”, liberating CO2 which is further reduced to CO. The 
black steps involve intermediates shared by both pathways. An analogous reaction pathway on the 
(211) can be found in Figure S18, an example of a complete reaction pathway using all pathways 
from Figure 1 can be found in Figures S19-S21, and all elementary reaction energies calculated 
can be found in Figures S22-S26. KRCO2 indicates K+RCO2

-. Short notations are used for the 
adsorbed species and do not imply a chemical bond between K and other atoms.  

	
The free energy profile for the most favorable pathways for electroreduction of potassium 

carbamate on Ag(111) in water are shown on Figure 3 for two proton sources, water on top and 
NH4

+ in the bottom and for three potential values. As mentioned previously, the reaction 
thermodynamics strongly depends on the proton source, the reaction being already exergonic at 
U=-1.1 V vs SHE for NH4

+, and still barely exergonic at U=-1.6 V for H2O. For the reduction 
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mechanism of captured CO2, various orders can be proposed between the two PCET and the 
chemical protonation step. Our calculations however clearly show that only one order is favorable, 
where the two PCET occur first and the chemical protonation last. Indeed, earlier chemical 
protonation steps are markedly endergonic, while the last C-O cleavage step is the least endergonic 
and can more reasonably proceed in the absence of electrochemical assistance. Three paths on 
Figure 1 correspond to that favorable order. The common first step is the adsorption of the captured 
CO2 complex KRCO2 on the Ag(111) surface. This adsorption is rather strong, and its free energy 
is only weakly dependent on the potential, since this is not an electrochemical step. After this 
adsorption step several possibilities occur and the most favorable two are shown on Figure 3. The 
initial cleavage of the R-C bond assisted by PCET (in blue both on Figure 1 and Figure 3) produces 
*CO2 and adsorbed K. A second PCET, markedly potential dependent, gives *COOH. At this point 
we have already involved two electrons along the blue paths of Figure 3, so that the final step of 
C-OH bond cleavage producing CO needs to be thermal, assisted by the proton donor XH. This 
step is strongly dependent on the nature of the proton source: at mildly negative potential (U=-1.1 
V) it is markedly uphill for the water proton source, but only weakly uphill for the NH4

+ proton 
source. Despite being a chemical step, it has some potential dependence, and is favored at more 
negative potential. It should be noted that this pathway for c-CO2RR, initiated by de-coordination 
of the capture agent and production of adsorbed CO2, is distinct from that of CO2RR. The reactant 
is captured CO2, which reacts at the electrochemical interface with 3 proton sources and two 
electrons. For CO2RR, the reactant is CO2 from the bulk of the solution (in equilibrium with 
captured CO2) and two proton sources and two electrons are involved.  

The other option after adsorption of KRCO2 is to follow the red path where an O atom is 
protonated by PCET to form KRCOOH, a step which is weakly potential dependent. A PCET 
assisted C-O cleavage follows, this time markedly potential dependent as usual for a PCET, giving 
KRCO. The R-C bond cleavage then occurs as the last, chemical, step assisted by the proton donor 
XH to give CO. Again, this final step is strongly dependent on the proton source, difficult with 
H2O and much easier with NH4

+. One can note that the influence of the proton source is to control 
the thermodynamics: with water the thermodynamics is not very favorable, so that the initial steps 
with negative ∆G must be compensated by uphill later steps. This is not the case with NH4

+ where 
the thermodynamics is much more favorable. CO desorption, easy on Ag(111), completes the 
catalytic cycle. 

It can be underlined that some unusual potential dependence occurs, with some PCET steps 
being weakly potential dependent and some chemical steps being potential dependent. This comes 
from the fact that the K+ cation plays different roles along the reaction pathway.  

 The initial captured CO2 complex is an anion RCO2
-
 and the role of K+ is to stabilize this 

complex so that it can approach the electrode at negative potential, as the bare anion would suffer 
sever electrostatic repulsion. However, after the first PCET where the anionic RCO2

- is converted 
to the neutral RCOOH surface species, K+ mainly interacts with the surface, resulting in a higher 
electronic charge on this surface. and injects its charge into it. This is seen as a PZC shift to a more 
negative potential for the KRCOOH* intermediate. This PZC shift explains the low potential 
dependence of this PCET step. In contrast, the most thermodynamically favorable chemical step 
further on the path, from KRCO* and CO*, shows potential dependence while not being a PCET. 
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This is again explained by a shift of the PZC, triggered by a different role of potassium in the two 
intermediates. 

Key structures along the pathways for c-CO2RR of Figure 3, using NH3 as a capture agent, are 
represented in Figure 4. Additional structures with other capture agent are shown in the SI (Figures 
S29-S44).  

 

Figure 4: Structures for the major species along the pathways of Figure 3 (a) KRCO2*, (b) 
KRCOOH*, (c) KRCO*, (d) KCO2*, (e) KCOOH*, (f) CO*  

From Figure 4, all intermediates are chemisorbed on the Ag(111) surface, with a clear 
chemical bond formation except for KRCO2 (Figure 4a) and KRCOOH (Figure 4b) which are 
more weakly adsorbed (physisorbed).  

Figures 3 and 4 enables us to understand in more detail the impact of the proton source on 
the reaction energy thermodynamics at constant potential presented above. Figure 3 clearly shows 
that the nature of the proton source mostly affects the required chemical protonation step, where 
the exchange of cation-anion pairs occurs.  This is clear when comparing the reaction pathways in 
Figure 3 that are at the same potential but use H2O versus NH4

+. When H2O is the proton source 
there is a significant endergonic nature of the chemical step (Figures 3a-3c, KRCO* to CO* or 
KCOOH* to CO*). However, this step is much easier when NH4

+ is the proton source (Figures 
3d-3f), and by -1.6 V vs. SHE (Figure 3f) the chemical step is exergonic. As explained previously, 
this stems from the relative instability of the proton as compared to K+ and NH4

+. Thus, for 
electroreduction of captured CO2 to be favorable not only does the proton source’s pKa need to be 
low, but also the species (leading to cations) exchanged in the overall reaction need to have similar 
ionization potentials to decrease the reaction energy of the chemical step.  
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Reactivity Analysis under Different Potential 
 

	   
Figure 5. Partial current densities of (a) CO and (b) H2 and (c) CO with respect to the maximum 
dissolved CO2 flux as a function of applied potential. Three CO2-captured complexes are tested: 
KHOCO2 (Bicarbonate), NH4-NH2CO2 (Ammonium Carbamate) and KCH3OCO2 (Methyl 
Carbonate). 

Experimentally, the partial current densities of CO and H2 (𝑗"# and	𝑗]$) were measured as 
a function of applied potential for three different capture agents to distinguish them in regard to 
their activity for c-CO2RR. All the experiments reported are with freshly prepared catalyst and 
electrolyte as the long-time reuse of Ag films lead to different partial current densities, particularly 
for CO (Figure S8). KHOCO2 (bicarbonate) was used directly in water while NH4-NH2CO2 
(Ammonium Carbamate) was used with 0.099M KClO4 and 0.001M KOH to maintain the basic 
pH of the system and to increase the conductivity of the solution. For KCH3OCO2, methanol was 
used as the solvent, as an aqueous medium would lead to the formation of methanol and 
bicarbonate through the hydration of the methyl carbonate. Amine capture agents were first studied 
and as can be observed from Figure 5a, 𝑗"# obtained for the ammonium carbamate (NH4-NH2CO2) 
complex was the least and almost negligible compared to the methyl carbonate (KCH3OCO2) and 
bicarbonate (KHOCO2) adducts although the loading of CO2 in the solution is similar in terms of 
total amount of captured CO2 in the solution. The maximum 𝑗"# obtained for KHOCO2 and 
KCH3OCO2 was 0.081 and 0.034 mA/cm2 respectively. For NH4-NH2CO2, HER dominated over 
c-CO2RR and CO2RR since ammonium cations present with amine-captured CO2 can act as an 
efficient proton source to promote HER at the surface of the electrode.15,16 For KHOCO2, with 
increasing overpotentials, 𝑗"# kept increasing and then reached a plateau. This also held true for 
𝑗]$ in KHOCO2, indicating a limiting current is reached when the applied potentials are made more 
negative, as can be seen from Figure 5b. This initially provided evidence of dissolved CO2 to be 
the main species being reduced. Small amounts of CH4 with faradaic efficiencies of 0.04% were 
also observed for the two more negative potential points which were converted to equivalent 
amounts of CO and plotted as 𝑗"# in Figure 5b for simpler interpretation. Methyl Carbonate 
KCH3OCO2 when tested for c-CO2RR, required higher overpotentials to reach similar amounts of 
CO but had the least current for HER. However, it is necessary to note that 𝑗"# is also a function 
of the unbound dissolved CO2 in the system which is again a function of the temperature, pressure 
and pH of the system, that dictates the different equilibrium constants of the different equilibrium 
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reactions present within the system (see Figure S9). Hence, to truly capture the activity of c-
CO2RR, one must try to identify the source of carbon which could be achieved by comparing the 
partial current densities with the free CO2 in the solution.  

In our RCE cell, the partial pressure of CO2 was measured from the headspace to estimate 
the amount of free dissolved CO2 in the system using Henry’s law. Figure 5c plots the ratio between 
the measured 𝑗"# and the calculated maximum CO current 𝑗"#,,'3 that will be obtained if the only 
reactant to produce CO is the unbound dissolved CO2 in the bulk of the electrolyte. This means 
that at a value of 1 all the dissolved CO2 in the bulk of the electrolyte would flow to the electrode 
and would be reduced to CO. For all the capture medium tested, the normalized 𝑗"# reaches a value 
close to 1 but always stays below the limiting line, indicating that the reduced species is unbound 
free CO2 present in the solution. It should be noted that the solvent used for KCH3OCO2 is 
methanol which has a higher solubility and diffusivity for CO2 compared to water, and if these 
differences in intrinsic properties are not taken into consideration, it is possible to obtain erroneous 
normalized 𝑗"#/𝑗"#,,'3  values that cross the limiting line in Figure S10. In the methanol solvent, 
the higher concentration of free dissolved CO2 in the solution in equilibrium with the partial 
pressure of CO2 increases the flux of CO2 to the electrode's surface compared to the aqueous 
electrolytes. Also, if the CO2-bound adduct was the active species undergoing reduction reactions, 
then the 𝑗"# observed would be two orders of magnitude higher than what is currently obtained in 
our experiments. The only reacting species on silver surfaces is thus the dissolved CO2. This 
dissolved CO2 is present in very low concentration under c-CO2RR conditions, in the order of 100 
µM compared to its typical solubility of 34 mM in water at room temperature under CO2RR 
conditions, which is almost three orders of magnitude lower. The low concentration of CO2 and 
the unfavorable energetics for captured CO2 to approach the surface of the catalyst could lead to 
proton sources to have a more favorable access to the active surface favoring HER.15,16,49 In the 
capture agents tested, HER was least for the case of methyl carbonate capture complex, which is 
explained by the fact that the only proton source is methanol from the solvent, compared to the 
more Bronsted acidic and hence more efficient KHOCO2 or NH4

+ proton sources for other systems. 
The effect of a higher K+ concentration was also investigated for 0.5 M NH4-NH2CO2 which 
slightly increased the 𝑗"# and suppressed 𝑗]$, but the 𝑗"#	still remained low to suggest that 
dissolved CO2 is the reduced species (Figure S11). This indicates that alcohol-based capture agents 
and solvents could provide a good alternative for the electroreduction of captured CO2, although 
we do not have experimental evidence of c-CO2RR on silver. 
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Figure 6: Calculated energetic spans (ES) for the electroreduction of captured CO2: Three captured 
complexes are considered: (a,b) methyl carbonate KCH3OCO2, (c,d) bicarbonate KHOCO2, and 
(e,f) carbamate KNH2CO2. (a,c,e) correspond to an Ag (111) catalysts surface and (b,d,f) to Ag 
(211) step. The reduction of non-captured CO2 in the presence of K+ is also considered for 
comparison. The legend indicates the (captured CO2 complex KRCO2) / (proton source XH)/c-
CO2RR reaction pathway. The solvent is indicated in the top right corner of each subfigure and 
(a,b) is methanol and in (c-f) it is H2O. “initial” refers to the initial R-C cleavage pathway in Figure 
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3 and “final” refers to the final R-C cleavage pathway in Figure 3. When different pathways have 
the same value at a given potential the pathways have been slightly shifted to allow for all pathways 
to be visible. No c-CO2RR pathway is indicated in the case where both pathways provide the same 
ES. The definition of the ES is detailed in SI (Figure S45).50,51 

On the theory side, reactivity has been evaluated by using energetic span (ES) starting with 
the free energy pathways of Figure 3 (Figures S18-S28). In the ES model, the reactivity of a given 
pathway can be approximated by the largest energy difference between a transition state on the 
pathway in question and an intermediate on any pathway.50,51 This way each pathway is referenced 
similarly to allow for a fair comparison. Transitions states/free energy barriers are required to 
determine the ES and explicit determination of all potential dependent free energy barriers would 
be a huge endeavor. All elementary reaction steps are PCET or proton transfer, and hence present 
strong similarity. For simplicity, we will assume that all the free energy barriers are equal, and a 
value of 0.4 eV has been assumed.52–54 Our results here only focus on the influence of the different 
free energies for the intermediates on the reactivity and onset potential when changing capture 
agent and proton source, and any influence from detailed energy barriers is not taken into account. 
Our tests show that changing the fixed barrier value from 0.1 eV to 1.0 eV does not qualitatively 
change the results (Figure S46).  

As explained before, to calculate the ES, the rate determining transition state does not need 
to be in the elementary step directly after the rate determining intermediate, and therefore it is more 
appropriate to use the term rate determining process rather than rate limiting step. Such a notion 
of rate determining process and not step is also underlying in the degree of rate control approach 
of microkinetics55. For example, in Figure 3a and b, for carbamate reduction using H2O proton 
source at –1.0 and –1.3 V vs. SHE, respectively, we find that the rate determining intermediate is 
KRCOOH* and the rate determining TS is the one leading to the CO*intermediate. Thus, the rate 
determining span can be described by the KRCOOH* and CO* intermediates. However, we find 
that as the potential is made more negative (Figure 3c at –1.6 V vs. SHE) then the rate determining 
span becomes defined by KRCO* and CO*. A similar effect occurs for the NH4

+proton source but 
the change in rate determining span occurs at a less negative potential than for the H2O proton 
source. Therefore, we show that the rate determining process is dependent on both potential and 
proton source. 

The resulting ES is shown in Figure 6 as a function of the potential for various 
combinations of capture agent, proton source and solvent. For all capture agents, the methanol or 
water proton source (orange lines) appear poorly reactive for electroreduction of captured CO2. In 
contrast the NH4

+ proton source (dark blue line) leads to a much better reactivity, with low ES. 
The “Initial R-C cleavage” and “Final R-C cleavage” pathways provide distinct ES for the NH4

+ 
proton source. The most favored path is capture-agent dependent and surface dependent. For 
Ag(111), methanol and NH3 capture agents favor the final cleavage of the R-C bond in the captured 
CO2 complex. The H2O capture agent and generally speaking the stepped surface Ag(211) tend to 
favor the initial cleavage of the capture agent.  

On the lower coordination sites of (211) the adsorption of CO2 is much more favorable 
than that on the (111).56 Thus, as the potential is made more negative the adsorbed CO2* becomes 
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more and more favorable as compared to the protonated complex, regardless of capture agent. 
When H2O is used as the CO2 capture agent the protonated complex is carbonic acid which is not 
stable because of its low pKa.57 Thus, it is thermodynamically more favorable for CO2* to adsorb 
than the protonated complex when H2O is the capture agent as compared to when methanol or NH3 
are used, regardless of the catalyst. Therefore, the ES for the initial R-C cleavage becomes smaller 
than that of the final R-C cleavage because the initial cleavage pathway is no longer hindered by 
the low stability of *CO2 on the catalyst and therefore becomes more favorable than the chemical 
step between KRCO* and CO* required in the final cleavage pathway.  

The reduction of free CO2 is calculated to be considerably more active than that of captured 
CO2 if methanol, water or bicarbonate proton sources are used, but the competition is tighter if the 
proton source is NH4

+. More specifically, in that case, the reduction of captured CO2 is more or as 
active as that of free CO2. For CO2RR, the proton source does not have a significant effect on the 
ES as a function of potential. This is because at even moderately negative potentials, CO2RR ES 
is controlled by the adsorption of CO2, a step not affected by the proton source. In contrast, CO2RR 
is markedly affected by the choice of the Ag surface, with a better reactivity on the more open 
Ag(211) surface where CO2 adsorption is stronger. Conversely, the c-CO2RR has a larger ES on 
the (211) facet than the (111) terrace. Thus, c-CO2RR is thermodynamically more favorable on 
atomically flat electrodes rather than on stepped surfaces.  

For practical link with experiments, the ES should be associated to measurable activity 
descriptors, as the onset potential for the reaction. An ES of 0.75 eV corresponds at room 
temperature to a rate of ~1 s-1. The onset potential was therefore estimated as the potential value 
for which the ES reaches 0.75 eV and for which the overall thermodynamics of the reaction is 
favorable (to make sure that the reaction is running in the right direction). The onset potential is 
negative in our cases. The overpotential is calculated as the absolute value of the difference 
between the onset potential and the equilibrium potential and is hence defined as a positive value. 
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Figure 7. Calculated onset potential (blue, in Volts vs SHE) and over-potential (brown, in Volts) 
for the electroreduction of (a) methyl carbonate KCH3OCO2, (b) bicarbonate KHOCO2, (c) 
carbamate KNH2CO2 on Ag (111) using the various solvent-proton source combinations tested. 
The compound being electrochemically reduced is labeled in the top right of each panel, together 
with the solvent (notation: compound@solvent). The x axis denotes the proton source.  Values for 
(d) HER, (e) CO2RR in CH3OH solvent and (f) CO2RR in H2O solvent are also given for 
comparison. The onset potential is defined as the least negative potential lower than the 
equilibrium potential at which the ES becomes equal to 0.75 eV, while the overpotential, taken as 
a positive value, is equal to the absolute value of the difference between the onset potential and 
the equilibrium potential. The pathway that has the smallest onset potential is displayed.  

Figure 7 shows the calculated onset and overpotentials for the different reactions on the Ag 
(111) surface. An analogous figure for the stepped (211) surface can be found in Figure S47. The 
reduction of the captured CO2 complexes using water or methanol solvent and proton source onsets 
only at rather negative potentials (about -2 V), in line with the high ES shown in Figure 6. 
However, the nature of the proton source has a large impact, as already noticed, and as the pKa of 
the proton source decreases the onset potential becomes less negative (about -1V for NH4

+). The 
over-potential is however very similar, in the range 0.3-0.6 V, with only a small decrease when 
switching to the NH4

+ proton source. This means that the main influence of the proton source lies 
in the thermodynamic equilibrium potential, with a marked shift to less negative equilibrium 
potential for NH4

+ as seen above.  For the CO2RR, the onset potential is usually not dependent on 
the proton source. The CO2RR activity is however dependent on the solvent, methanol solvent 
yielding more negative onset potential and larger overpotential, since the adsorption of CO2 is 
destabilized in methanol. Onset potentials are generally more negative for the reduction of 
captured CO2, compared to free CO2. There are however two situations where reduction of 
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captured CO2 can be competitive with that of free CO2: the use of a low pKa proton source as 
NH4

+, which makes c-CO2RR easier without improving much CO2RR, and the use of a solvent 
with a lower dielectric constant as methanol, which penalizes CO2RR. The larger overpotential 
needed to reduce dissolved CO2 in the methanol solvent is indeed observed experimentally in 
Figure 5 where around 0.2V of additional potential is needed to observe the same current densities 
for CO as those observed in the aqueous electrolytes. 

However, the big competitor (and the winner) on Ag(111) is HER since its onset potential 
is significantly less negative than that of the reduction of captured or free CO2. This is despite the 
fact that Ag is not a good HER electrocatalyst: at the relevant pH for the various proton source, 
the calculated onset potential is between -0.6 and -1 V. vs. SHE. Similar to the case of captured 
CO2, but in a smaller magnitude, the onset potential becomes less negative if the pKa of the proton 
source is decreased. This proton source dependence explains the experimental trend of the H2 
current in Figure 5b. In the methanol carbonate system, the only proton source is methanol. In the 
bicarbonate system there is water and bicarbonate as potential proton sources, and for the 
carbamate system water, bicarbonate, and NH4

+ were present. Experimentally it was observed that 
the production of H2 was larger for the carbamate system than the bicarbonate system which was 
larger than the methanol system at the same potential. This comes from the onset potential of the 
HER being the most negative for methanol proton source, moderately negative for the bicarbonate 
proton source and the least negative for NH4

+. Therefore, at a given potential, the hydrogen current 
will be larger for NH4

+ proton source followed by bicarbonate and methanol.  

Figure 7 considers a perfect Ag(111) surface, with high coordination Ag atoms. The 
influence of low coordination step sites has been studied by considering the Ag(211) surface for 
which the calculated onset and over-potential are given in Figure S47. Ag(211) includes step atoms 
and short (111) terrace atoms, and the best site has been considered in each case. The main 
influence of step sites is to render CO2 adsorption less exergonic, and since CO2 adsorption is the 
main origin of the ES for CO2RR, the stepped Ag(211) surface generally provides less negative 
onset potentials for CO2RR. Unfortunately, the influence on the c-CO2RR is mainly opposite: with 
methanol, water and bicarbonate proton sources, onset potentials are more negative or impossible 
on Ag(211). It should be underlined however that in the case of the efficient NH4

+ proton source, 
the onset potential is basically unchanged when going from to Ag(211). Figure 6 shows that for 
the NH4

+ proton source the ES for the reduction of captured CO2 has similar magnitudes regardless 
of facet, but on the (111) typically the complex undergoes the final R-C cleavage pathway, while 
for the (211) the complex undergoes initial R-C cleavage. Therefore, step sites do not help the 
reduction of captured CO2, and at best do not influence it. 

The main challenge is however that the competition between the reduction of captured CO2 
and HER is very difficult to overcome since they are both accelerated by the choice of a better 
proton source. From the calculated data of Figures 6 and 7, the reduction of potassium carbamate 
would appear favorable because of the presence of the NH4

+ proton source (the onset potential is 
a reasonable –1.0 V vs. SHE, Figure 7c). However, this is not the case in the experiments where 
the CO current is low. This is because HER dominates in these conditions.  
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From Figure 5c, the partial current density for the methanol carbonate never crosses the 
transport line, implying that reduction mainly occurs on free CO2.  In the experiment methanol 
was the only available proton source in the methyl carbonate reaction system. From Figure 7a the 
onset potential for the direct reduction of methyl carbonate using methanol as the proton source is 
highly negative on the (111) terrace and not achievable on the (211) facet. However, in Figure 7e 
and Figure S47e the onset potential for CO2RR on both facets is less negative than that of the 
methyl carbonate reduction. This means that most of the partial current density of CO in the methyl 
carbonate system is from CO2RR, and that most of the reaction is occurring on rough surfaces.  

Similarly, in the experiment trying to directly reduce KHOCO2, the proton source with the 
lowest pKa was KHCO3. Figure 7b and Figure S47b shows that the bicarbonate reduction achieves 
onset at highly negative potentials on both the (111) and (211). However, from Figure 7f and S45f 
the CO2RR achieves onset in water at about –1.3 V vs. SHE on both the (111) and (211). Thus, 
again most of the CO produced experimentally should be from the CO2RR. Considering the more 
active (211) facet, the onset potential of the CO2RR in methanol is about 0.1 V vs. SHE more 
negative than CO2RR in water, thus explaining the overpotential shift between the methanol and 
bicarbonate systems seen in Figure 3c. 

 From Figure 7, it is predicted that if NH4
+ is used as a proton source, the onset potential 

for captured CO2 reduction, using any capture agent, would be less negative than when using any 
other proton sources. In these conditions, the onset potential for the carbamate's direct reduction 
is less negative than that of the CO2RR on the (111) and similar on the (211). Thus, calculations 
suggest that some of the captured CO2 complex could be reduced in these conditions.  

However, it is to be noted that on the (211), onset is difficult or even impossible for proton 
sources with larger pKa. This arises from the adsorption of the complex becoming less stable as 
the potential is increased, with eventually this adsorption becoming endergonic. Thus, what occurs 
is that between consecutive cycles the system gets stuck trying to adsorb more complex. When 
NH4

+ proton source is used the reactivity is large enough to achieve onset at less negative 
potentials, where the complex adsorption is still exergonic. However, as Figure 6f shows both c-
CO2RR pathways see an increase in their energetic spans as the potential is made more negative. 
Thus, for proton sources with larger pKa it is possible that onset is not achieved before the complex 
adsorption barrier dominates the system. 

Although not experimentally tested, calculations predict that the same trend would occur if NH4
+ 

proton source was used for methyl carbonate electroreduction. Thus, theoretically, methyl 
carbonate and carbamate have been validated to being able to be directly reduced, only considering 
the competition with free CO2. However, unfortunately on Ag when NH4

+ is used as the proton 
source the HER fully dominates. Therefore, methanol and amines appear to be a valid choice of 
capture agent for direct reduction, but this requires 1) to use a proton source with low pKa and 2) 
to use a catalyst that would suppress the HER in a more drastic manner than Ag can do.	

Finally, we have studied experimentally the influence of the roughness of the Ag electrode. 
The results obtained from the as-sputtered Ag electrodes were compared to electrochemically 
roughened Ag electrodes (Figure S12).  It was observed experimentally that the morphology of the 
catalyst does indeed play a role in altering the faradaic efficiency of CO (Figure S13). For all three 
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capture agents, the faradaic efficiency of CO increased with more porosity, with KHOCO2 and 
KCH2OCO2 producing CO with an FE of ~1% and ~1.6% respectively.  It could be hypothesized 
that with a more porous electrode, the local pH within the pores becomes much higher than at the 
entrance of the pore, and that this could lead to the favorable release of CO2 locally within the 
pores where it can be reduced to CO (Figure S14). However, irrespective of whether the CO2 is 
released locally at the electrode surface or whether it is present in the bulk of the solution, it is still 
concluded that it is the reduction of CO2 that takes place under our conditions and not the direct 
reduction of the CO2-bound adduct.32 

 

Conclusions 

We have revealed the mechanism of the electroreduction of captured CO2 and the influence 
of capture agent, proton source and solvent from a combination of theory and experiment. We 
show that the proton source plays a key role in the interplay of the chemistry for the 
electroreduction of protons, free CO2, and captured CO2. The direct reduction of captured CO2 
appears generally more difficult than that of free CO2 or hydrogen, mainly on a thermodynamic 
aspect and for its onset potential on the Ag catalysts. However, calculations show that when using 
proton sources with low pKa as NH4

+, reduction of captured CO2 can be made markedly easier. 
This influence of the proton source is stronger for c-CO2RR than for CO2RR and HER, because 
reduction of captured CO2 requires an additional chemical protonation step, compared to HER or 
CO2RR. With NH4

+ as a proton source, and NH3 as capture agents, the reduction of captured CO2 
can be theoretically made easier than that of free CO2. However, HER is also facilitated by a good 
proton source, so that electroreduction of captured CO2 cannot compete with HER on Ag, despite 
Ag being a poor HER catalyst. In our experiment, the CO product is seen from the electroreduction 
of dissolved CO2 and not of captured CO2. Alcohol-based capture agents enable to decrease the 
HER current but required higher overpotentials to reach similar amounts of CO than the other two 
tested capture agents.  

On the mechanistic aspect of c-CO2RR, the first two steps are PCET, while the third and 
last step of C-O bond cleavage producing CO is a chemical protonation. Indeed, the last C-O 
cleavage step is the least endergonic and can more reasonably proceed in the absence of 
electrochemical assistance. The influence of the proton source is mainly operating on this required 
chemical protonation step, where an exchange of cation-anion pairs occurs. As a result, the 
methanol or water proton source appear poorly reactive for electroreduction of captured CO2 and 
electroreduction onsets only at negative potentials. In contrast the NH4

+ proton source leads to a 
much better reactivity, with a markedly less negative onset. The most favored path for c-CO2RR, 
in terms or order of steps, is capture-agent dependent and surface dependent, and steps do not 
appear as favorable for this reaction.   

The reduction of captured CO2 generally requires more negative onset potentials when 
compared to free CO2, except when using a low pKa proton source as NH4

+. However, HER onset 
at less negative potential than CO2RR or c-CO2RR on Ag, for all the capture agent / proton source 
/ solvent combination that we have considered, rendering the selectivity of the c-CO2RR highly 
challenging on Ag.  
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Therefore, the electroreduction of captured CO2 appears as a difficult reaction on Ag 
catalysts, because the reaction is thermodynamically challenging and requires onset potentials that 
are more negative than that of CO2RR and even more than that of HER. c-CO2RR requires an 
efficient proton source, but this does not improve the completion with HER since HER is also 
accelerated. The only way forward to see efficient captured CO2 reduction from this study appears 
to be the combination of a good proton source, with a catalyst that severely hinders HER.  

 

Supplementary Information 

	 Additional experimental and computational methods are discussed in the attached 
supplementary information. The experimental portion contains additional characterization, 
schematics, and experimental results. The computational section shows all structures and 
computational parameters used, as well as additional reaction pathways and elementary reaction 
data. 
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