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The rate expressions and corresponding reaction orders
For an electrochemical reaction (Eqn. S1), the full Butler-Volmer equation (Eqn. S2)
can be simplified to Eqn. S3 only if the overpotential is sufficiently high that the rate

of the reverse reaction is negligible comparing to that of the forward reaction.

Ox+ne” = Red (S1)
J = nFkya[Realexp[(1-a)fiy] — nFkja[Oxlexp[-afi] (S2)
Jj =-nFkja[Ox]exp(~ayfir) (S3)

In these equations, j is the current density; 7 is the overpotential for the cathodic
reaction; &/ is the standard forward rate constant; &’ is the standard backward rate
constant; F'is the Faraday constant; f = F/RT, where R is the ideal gas constant and T is
absolute temperature; « is the transfer coefficient assumed to be equal to 0.5; 7 is the
number of transferred electrons; a[Req] and a[Ox] are the concentration of reductant and
oxidant.

At equilibrium condition (j = 0), Eqn. S2 can be simplified to Eqn. S4, and then from
a brief deformation Eqn. S5 can be obtained.

nFkya[Redlexp[(1-a)fiy)] = nFkfa[Ox]exp(~afiy) (S4)
a[Red]/a[Ox] = K exp(-/i) (S3)
In these equations, K? = k//k;’ is the standard equilibrium constant where 7 = 25 °C.

For example, for one of the proposed reaction mechanisms as written below (Eqn.
S6-S9), the expected rate expression can be derived as a function of reaction
intermediates, assuming one of the processes to be the possible rate-limiting step (RLS):

DI CO,+*+e — *COy (S6)



D2  *CO; +H — *OOCH (S7)
D3 *OOCH + e — *OOCH~ (S8)
D4 *OOCH™ — HCOO™ +* (S9)
If Eqn. S6 is assumed as the RLS, the following rate expression can be deduced
according to Eqn. S3:
jrcoo- = 2Fkp"a[CO2]6 exp(-afn)
If Eqn. S7 is assumed as the RLS, according to Eqn. S3 and Eqn. S5, the following rate
expression can be deduced:
Jjrcoo = 2Fkp’a[*CO2 |a[H']
Kpi’exp(—fn) = a[*CO21/a[CO2]0" = a[*CO17] = Kp;’a[CO1]8 exp(—n)
=jrcoo = 2Fkp2"Kpi’a[CO2]60"a[H  Jexp(—/7)
If Eqn. S8 is assumed as the RLS, according to Eqn. S3 and Eqn. S5, the following rate
expression can be deduced:
Jrcoo = 2Fkp3’a[*OOCH]exp(—afn)
Kp2? = a[*OOCH]/a[*CO2 Ja[H] = a[*OOCH] = Kp:’a[*CO, Ja[H]
Kpi%exp(—fn) = a[*CO21/a[CO2]0" = a[*CO27] = Kp,%a[CO1]6"exp(—f7)
=a[*O0CH] = Kp:’Kp;’a[CO2]0"a[H Jexp(—f7)
=jncoo = 2Fkps’Kp2’Kpi’a[CO2]6"a[H Jexp(—(1+a)/n)
If Eqn. S9 is assumed as the RLS, according to Eqn. S3 and Eqn. S5, the following rate
expression can be deduced:
Jjucoo = 2Fkpsa[*OOCH"]

Kps%exp(—f1) = a[*OOCH /a[*OOCH] = a[*OOCH] = Kp;’a[*OOCH]exp(—f7)



Kp? = a[*OOCH)/a[*CO27]a[H'] = a[*O0CH] = Kp,’a[*CO» Ja[H']
Kpi%exp(—fn) = a[*CO 1/a[CO2]0° = a[*COy7] = Kp;’a[CO:)0" exp(~/7)
=a[*O0CH] = Kp3’Kp2’Kp:1°a[CO2]6"a[H exp(—2f7)
=jncoo = 2Fkps’Kp3’Kp:’Kpi®a[CO2]0"a[H" Jexp(-2/7)
In the cases above, the reaction order and Tafel slope can be obtained. By modifying
the reduced Butler-Volmer equation to the more common Tafel formula (Eqn. S10)
n=A+ Blog()) (S10),
the Tafel slope (B) can be calculated from the rate expression (4 is a parameter related
to the exchange current density). From the Tafel equation, the Tafel slops for A1, A2,
A3, and A4 as the RLSs are 118, 59, 39 and 30 mV-dec !, respectively. For other
possible mechanisms, final results from this analysis are shown in Table 1 and Table 2
in the main text.

The RLS of two-electron transfer CO2ER can be determined via the analysis of the
rate expression and reaction order for different reactants.!* Whether the reaction is
controlled by the concentration of H' or the reactivity of H>O molecules can be clarified
through pH dependency and kinetic isotope effect (KIE) experiments. However, it is
worth pointing out that whether protons are involved in the RLS cannot be simply
determined by pH dependency experiments, since H>O could be the proton source. For
example, H>O would be the proton source for the ‘a2’ reaction step in Table 1 (Eqn.
S11) as shown below

*COy + H,O — *COOH + OH™ (S11).

An important subtlety that should be noted when CO desorption would be the RLS (A5



from Table 1, Eqn. S12)
*CO— *+CO (S12).
This step itself involves neither H" nor H,O. However, the rate expression (Eqn. S13)
actually contains the both since protons take part in the reaction processes before this
step.
J. =2Fk, K, KK, a[CO,]0 ¢’[H" exp(-2fn)/a[H,0] (S13)

Therefore, the above discussions demonstrate the importance of a detailed reaction rate

analysis when trying to analyze the RLS.

Faradaic efficiency and partial current density calculation
The Faradaic efficiency (FE) of product can be calculated according to the equation:

FE(®%)= % % 100% (S14)

tot
where Oproauet and Qyor are charge transferred for product formation and charge passed
through the working electrode, respectively.

Based on the equation above, the detailed calculation for FE of gas product (Eqn. S15)

and liquid product (Eqn. S16) could be written as:

P
nng_pmducthxth—;’,xF

FE(%) =

x 100% (S15)

IXt

nxcl—productXVXF

FE(%) = x 100% (S16)

tot
where Cgproauc: and n are the concentration of gas product measured by GC and the
number of electrons required for producing one molecule of the related gas product,

respectively. @ is gas flow rate and 10 sccm was used for those experiments, ¢ is the

electrolysis time which can be deleted in the numerator and denominator, P, is ambient



pressure, T is absolute temperature (all experiments are performed at ambient
temperature, 273.15 K), and 7 is current. Crproduc 1S the concentration of liquid product
measured by HPLC. V' is the liquid value and 6 mL liquid was used as cathodic
electrolyte. Qo is the amount of charge accumulated in 40 minutes.

The j of products can be calculated according to the below equation:

_ IXFEpmduct

jproduct_ S (S 1 7)

Where S is the area of electrode.



Supplementary Fig. 1. Scanning electron microscopy (SEM) images of the (a) Au film,

(b) Ag film, (c¢) Sn film, and (d) In film.
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Supplementary Fig. 2. X-ray diffraction (XRD) patterns of the (a) Au film, (b) Ag film,

(¢) Sn film, and (d) In film.
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Supplementary Fig. 3. X-ray photoelectron spectroscopy (XPS) spectra in the range

of 0-1200 eV for the (a) Au film, (b) Ag film, (c) Sn film, and (d) In film.
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Supplementary Fig. 4. High-resolution XPS spectra and the fitting results in the range

of (a) 79-95 eV for the Au film, (b) 361-380 eV for the Ag film, (c) 480-500 eV for the

Sn film, and (d) 437-458 eV for the In film.
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Supplementary Fig. 5. FE of products and all current density for Au (a), Ag (b), Sn

(¢), and In (d) in CO;-saturated 0.5 M KHCO:s.
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Supplementary Fig. 6. a, jco for Au, Ag, Sn, and In catalysts at fixed potentials of —
0.803, —1.003, —1.003 and —-1.003 V wvs. standard hydrogen electrode (SHE),
respectively. b, jucoo- for Sn and In catalysts with at a fixed potential of —1.003 V vs.

SHE. Error bars are means =+ standard deviation (n = 3 replicates)
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Supplementary Fig. 7. ju> for Au, Ag, Sn, and In catalysts at fixed potentials of —0.703,

—0.803, —0.903 and —0.903 V vs. SHE, respectively. Error bars are means + standard

deviation (n = 3 replicates)



The local pH calculation
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Supplementary Fig. 8. Scheme of states of ions at the electrode-electrolyte boundary

layer.

According to M. Gattrell’s method®, Supplementary Fig. 8 shows the states of ions
at the electrode-electrolyte boundary layer in the CO; electroreduction system. Film
theory is assumed to be applicable where, in the concentration boundary layer, the
velocity gradients or convective effects are assumed to be negligible. According to the
equilibrium reaction®:

CO,(aq)+OH © HCO5;  Ki=4.44*107 (k1= 5.93*10%; kip= 1.34*10%) (S18)

HCO;+OH™ & CO3 +H,0  Ko=4.66*10° (ko= 1¥108; kov=2.15%10% (S19)

H,PO,+H,0 & H;PO,+OH™ K3=1.41*10""% (k3= 1*10% kap=7.09%¥10")  (S20)

HPO; +H,0 & H,PO,+OH  K4=1.58*107 (ka= 1¥10% kap=6.33%10'%)  (S21)

PO} +H,0 © HPO; +OH™  K4=2.09*102 (kar= 1.05*107; kap=5.02%10%) (S22)
The following balances would then occur within a slice of solution from x to x+ A x in

Supplementary Fig. 8:

d[COy(aq)] &°[CO,(aq)]

o =Dco, P —ki1CO,(aq)][OH J+k;,[HCO3] (523)



S[HCO3] &*[HCO3]

= =Dijco; — 25— +;/[CO> (aa)] [OH Tk, [HCO3 |-k HCO3][OH T+, [CO3 ] (s24)
o[CO3 ] *[CO%] I _
a; = C();,T;-t-kgf[HCOﬂ[OH Tk, [CO3 ] ($25)
O[H;PO,] &*[H3P0,] ~ _
S Dy, g thy[H:POs] k3 [H;PO,][OH ] (526)
o[H,PO;] &*[H,PO;] g o . _
2 =Dy o, — g iy [HPOF |k, [H,POR1[OH ks {H,POR 3, [HyPO,1[OH ] (527)
ot ox
o[HPOF ] &[HPOT ] - PR > -
T=DHP05,T+1¢5]{P04 |5, [HPO; 1[OH |-k, [HPOZ | +k,[H,PO4][OH ] (528)
o[PO; ] o’[PO} ] N N
e PO%Tfkﬂ[POA‘ |5, [HPOZ 1[OH ] (S29)
S[OH ] &*[OH ] _ ~
Ey =Don ol —k;{CO,(aq)][OH ]+k;,[HCO3]-
X
ky [HCO3][OH [+ [CO3 T+k3[H,PO; ]~ k35 [H3PO,4J[OH T+k, [HPO |44, [H,PO,][OH J+k[PO3 |-
ks,[HPOZ][OH ] (530)

The diffusion coefficients at infinite dilution in water for various species at 25 ° C are
listed in Supplementary Table 1.

Supplementary Table 1. Diffusion coefficients (10°'° D/ m?*/s) at 25 ° C in water.””

CO,(aq) HCO5 co? H;PO, H,PO, HPO?Z" PO;” OH™

19.1 9.23 11.9 9.10 9.58 7.59 7.00 52.7

CO:2 is reduced to a variety of products with different current efficiencies according

to overall reactions Eqn. S31 to Eqn. S32. Also, water could be reduced to H» according

to Eqn. S33.
CO,(aq) +H,O+2¢~ — HCOO +OH (S31)
CO,(aq) +tH,O+2¢~ —» CO+20H (S32)
H,0+2¢ - H,+20H" (S33)

Based on these reactions, the boundary conditions at time t > 0 and x = 0 (i.e., at the

electrode surface) are related to the reaction fluxes:



D 5[(302(3“1)]:]_'X (FEC0+FEHC00‘)
O ax F \ 2 2
(S34)
6[HCO3]
HeOs o
6[H;PO,]
0, o
6[H,PO;]
PO o
O[HPO3 ] -

o7 T px
JOH] )

FE FE -
yx co  TRHCOO |

. FEn,

D
O 5x F( 2

)

(S35)
(S36)
(S37)
(S38)
(S39)
(S40)

(S41)

The boundary layer is assumed to be 8 pm. The initial values of the concentrations (at

t=0, before current flows) are assumed to be the same as those of the bulk solution and

are listed in Supplementary Table 2 for different electrolytes. At time t > 0 and x =0

(i.e., at the interface of bulk solution and the boundary layer) the boundary condition

are the equilibrium values in the bulk solution, which are the same as the values given

in Supplementary Table 2.

Supplementary Table 2. Initial equilibrium values (t = 0) at different electrolytes at

25 ° Cand 101.3 kPa CO; partial pressure.

Electrolyte CO,(aq) HCO5 co¥ H;PO, H,PO, HPO3~ PO;" OH™

03MKHCOs 3.42X102 3.00X10- 2.76X10™ 2.00X1077
1

0.1 MKsPOs  3.42X102 633X100 1.26X10°5 252X10- 7.95X 10 2.04X 10~ 840X 10~ 4.17X1078




0.l MKH2POs  3.42X102  2.76 X 10"

0.1 M KH2PO4
with HsPO4

3.42X1072%  1.18X10°

0.1 M H3PO4 3.42X1072% 591X10°

2.34 X 10~

436 X 10~

1.10 X 10~

7.70 X 10~

1.45 X 10~

7.72 X 10~

9.91 X 10~

8.55 X 10~

2.28 X 10~

1.14 X 10~

4.09 X 10~

547 X 10-

1.00 X 10~

9.00 X 10~

4.53 X 10~

1.82X10710

7.76 X 10712

3.89X 1071

With all the boundary conditions and constants known and the reaction current density

of In film, the partial differential equations given in Eqn. S23-Eqn. S30 were solved

using MATLAB R2013b.
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Supplementary Fig. 9. Calculated local pH in different electrolytes during CO2ER for

In catalyst. The thickness of the boundary layer is assumed to be 8 pm.

The degree to which the local pH varies from the bulk pH is dependent on the rate at
which the reaction byproduct OH™ can diffuse away from the catalyst. Thus, the local
pH is defined experimentally by the reaction rate (i.e., current density) and the boundary
layer thickness. The same reactor was used for all experiments thus the boundary layer
will always be the same (8 um), and all catalysts also operated roughly within the same
current density range (Fig. 1-3). These two conditions entail that local pH variations
will be similar for most catalysts, and thus by analyzing just one of the catalysts we can
get a good understanding of local pH issues for all catalysts. In was therefore taken as
a representative catalyst. Supplementary Fig. 9 shows the local pH as a function of the
operating potential for In, where the local pH elevates slowly with an increasing
reaction potential (so as to current density) for those electrolytes, but the overall trends
are the same. The similar potential dependency of the local pH demonstrates that it is

reasonable to substitute bulk pH for local pH for the current work.
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Supplementary Fig. 10. a-d, The jco for Au (a), Ag (b), Sn (¢), and In (d) catalysts in
COgs-saturated 0.1 and 0.3 M KH>POa. e.f, The jucoo- for Sn (e) and In (f) catalysts in

COg-saturated 0.1 and 0.3 M KH>POs. Error bars are means + standard deviation (n =

3 replicates)
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Supplementary Fig. 11. (2) jco, (b) jucoo, and (c) juz for In catalyst at 0.3 M CO»
saturated KHCO3 and KDCOs electrolytes, which are obtained by bubbling CO; into
0.15 M K»>CO3 H>O and D>O solutions overnight. Error bars are means + standard

deviation (n = 3 replicates)
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Supplementary Fig. 12. The proof for the conclusion in this article.
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Supplementary Fig. 13. a. The diagram of flow cell. b. The CO current density of Ag
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In this paper, the conclusion based on the pH dependency and KIE experiments can be
obtained (Supplementary Fig. 12). To prove whether the conclusion is applicable to
alkaline solutions, it is necessary to go through all proof steps. For step 1, the difference
between alkaline and acidic solutions is that H" is not considered as the source of

protons under alkaline solutions,!%!!

so the step2 become unnecessary. Now, the
problem is that whether the conclusion of step 3 is applicable to alkaline solutions. Here,
for the KIE experiments conducted under neutral solutions, it seems reasonable to
extend the conclusion that H>O is not involved in the RLS from neutral solutions to
alkaline solutions. Because, under both electrolytes, the difference is the concentration
of OH-, while the concentration of H>O is unchanged. To be more accurate, the KIE

experiments under alkaline solutions in the flow cell (Supplementary Fig. 13a) was

conducted to avoid the dissolution of CO; in the solution as much as possible. For Ag,



the CO current density is basically the same in 0.3 M KOH electrolyte with H>O or D>O
(Supplementary Fig. 13b), which means that the conclusion of the KIE experiment will

not be affected by the alkaline solutions.



Supplementary Table 3. The R, for different catalysts in different electrolytes.

Electrolyte Au /Q Ag/Q Sn /Q In/Q
0.3 M KHCO3 23 23 25 26
0.1 M K3POg4 41 39 39 41
0.1 M KH2POq4 66 63 74 75
0.1 M KH2PO3 with H3PO4 79 68 83 81
0.1 M H3POg4 63 61 77 80
0.1 M KH2PO4 (D20) 72 74 92 90
0.3 M KDCOs3 (D20) - - - 33
0.3 M KH2POq4 29 30 33 32

The potentiostat compensated for 85% of R, in situ and the last 15% was post
corrected to arrive at accurate potentials since the potentiostat cannot give 100%
potentials correction:!?

E(Real potential) = E(Applied potential) — /(Current) X R, X 0.15 (S42).
All the R, for different catalysts in different electrolytes is listed in Supplementary Table

3.
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