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Methods 

Classical molecular dynamic (MD) simulations 

To isolate the effect of pH on the cation-electrode binding affinity, we set up a series of 
simulations of an aqueous electrolyte solution of Cl- and alkali ions (Li+, Na+, K+, Rb+, Cs+) 
confined between platinum electrodes at constant potential of -0.3 V and at -1.1 V relative to 
PZC for Pt(111) surface, corresponding to 0 VRHE at pH 1 and pH 13 respectively. As we study 
the negative charged Pt(111) surface, where cations were expected to interact with the surface 
by Coulombic interaction. Due to limited validation of the force field parameters of ClO4- and 
OH- anions, Cl- anions were considered to replace ClO4- for simulating acidic solutions and 
OH- for simulating alkaline solutions. All the simulations were performed in LAMMPS. A 
simulation box with dimensions of 30.43 x 28.75 x 89.23 Å was periodically replicated in x,y-
directions while fixed boundary condition was employed for the z-direction containing the 
platinum electrode. The simulation box contained 792 Pt atoms, 2293 water molecules and 42 
alkali ions with equal amount of Cl- anion as their counter ions, approximately corresponding 
to a 1 M concentration of cations. Due to the lack of appropriate force field parameter to 
describe proton and hydroxyl in the literature, Cl- ions were used as counter ions to balance the 
charge of alkali metal cations for both pH1 and pH13. The long-range electrostatic 
interactions32 were calculated by using a Particle-mesh Ewald algorithm with a real-space cut 
off value of 9 Å. An NVT ensemble with Langevin thermostat was employed to keep the system 
at 300 K. Langevin thermostat was used here as we were only concerned with the statics 
properties of the system at equilibrium. Furthermore, the Shake algorithm33 was used to 
constrain the bonds and angles of SPC/E water. The system was equilibrated for 0.1 ns before 
performing the final production runs of 1 ns with time step of 2 fs using the SPC/E force field 
for water. Lennard-Jones (LJ) parameters were used along with the scaled-ionic-charge model 
for alkali ions, in order to account for electronic polarization effects in a classical non-
polarizable force field. Lorentz-Berthelot mixing rules were employed to derive the mixed 
Lennard-Jones parameters. The Pt(111) electrode atoms were modelled using the LJ forcefield 
from Ref. 34. The charges on each platinum atoms were calculated at each time step to satisfy 
the imposed voltage across the cell (either 0.3 or 1.1 V) by the constant potential fix in 
LAMMPS developed by Wang et al.35 All the parameters used are summarized in Table S1. 
Note that our MD simulation system did not include the presence of Had on Pt surface at 0 VRHE. 
As a result, the simulations are of limited quantitative value. However, we assume that 
qualitative trends that emerge when changing cation identity are physically meaningful. While 
our simulations did not include the potential difference in the relative surface hydrophobicity, 
or the associated changes in the double layer water structure, the free energy differences in the 
cation desolvation responsible for the cation-dependent trends in interfacial structure were 
expected to be similar for both hydrophilic (without Had) and hydrophobic (with Had) surfaces 
as cation-dependent interfacial water structure on hydrophobic surface (CO covered Pt) has also 
been reported previously.36 While the exact interfacial water structure in our MD simulation 
might be different from realistic condition, our MD simulation results via the simplified model 
are supported by our reorganization energy, reaction entropy and in situ SEIRAS experiments. 
Further study by considering Had on Pt surface in MD simulation is needed to provide more 
quantitative information. 
 

Electrochemical measurements and electrolyte preparation 
A Biologic SP-300 potentiostat and a three-electrode electrochemical system37 were employed 
for all electrochemical measurements. A Pt rotating disk electrode (RDE) (Pine instrument) was 
used as the working electrode. Potentials were recorded versus a mercury sulfate (Hg/HgSO4) 
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reference electrode in acidic and buffer solutions and to a mercury oxide (Hg/HgO) reference 
electrode in alkaline electrolytes. All potentials were converted to the RHE scale. The effects 
of pH and cations on H adsorption and the kinetics of HER/HOR were examined by CV 
measurements at a scan rate of 50 mV s-1 in Ar saturated electrolytes and 10 mV s-1 in H2 
saturated solutions at 293 K. The normalized current density was obtained using the geometric 
surface area of RDE (0.196 cm2) and the reported potentials were iR corrected. For temperature 
dependent measurements, the cell temperature was controlled by a thermal bath circulator 
(Thermo Neslab RTE 7) and increased from 293 to 323 K in increments of 10 K. Buffer 
solutions, acidic and alkaline electrolytes were prepared from deionized water (Millipore, >18.2 
MΩ.cm). For cation-dependent measurements, 0.1 M perchlorate salt of Li+, Na+, or 0.08 M 
perchlorate salt of K+, Cs+ or 0.05 M perchlorate salt of Rb+ were added to electrolyte at pH 1 
and pH 2 prepared by diluting HClO4 (Sigma-Aldrich 70 wt%). Alkaline electrolytes at pH 12-
14 were prepared with aqueous solutions of 0.01-1 M lithium hydroxide (Sigma-Aldrich 
99.9%), sodium hydroxide (Sigma-Aldrich 99.9%), potassium hydroxide (Sigma-Aldrich 
99.95%), rubidium hydroxide (Sigma-Aldrich 99.95%) and cesium hydroxide (Sigma-Aldrich 
99.95%). The purity of cesium hydroxide was further analyzed by inductively coupled plasma 
(Table S2). Buffer solutions were prepared by adding different amounts (e.g. 1 and 2 ml) of 4 
M hydroxide of Li+, Na+, K+, Rb+ and Cs+ into 50 ml of 0.2 M solution of phosphoric acid 
(Sigma-Aldrich 80 wt%), citric acid (Sigma-Aldrich 99.9%) and acetic acid (Sigma-Aldrich 
99.9%), bicarbonate (Sigma-Aldrich 99.9%) and carbonate (Sigma-Aldrich 99.9%).  
For the extraction of kinetic current density, we measured HER/HOR polarization curves with 
Pt RDE at rotation speeds from 400 to 2500 rpm, as shown in Figs S1a-c. Kinetic current density 
could be estimated from rotation speed dependent HOR polarization curves using the 
Koutechy-Levich equation.38  
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where 𝑗 denotes measured current density; 𝑗./  is the kinetic current density from the slow kinetic 
model; jL is the limiting current density; n is the number of electrons transferred during the 
reaction; F is the Faraday constant; A’ is the surface of electrode; DO and CO* are the diffusion 
coefficient and bulk concentration of oxidant; ν is the cinematic viscosity of the electrolyte; ω 
denoted rotation rate. The expression (Eq. S1) assumes that 1) the redox process is a reversible 
and the reaction is first order; 2) the electron transfer rate is slow (e.g. jk’/jL < 0.1) and governed 
by kinetics rather than mass transport, where the current is described by 𝑗 = 𝐹𝐴/𝑘0(𝐸)𝐶1(𝑦 =
0), having y as the distance from the electrode surface. On the other hand, for electrochemical 
reactions in fast kinetics (e.g. 0.1 < jk’/jL < 1), the current could be limited by mass transport 
event at low overpotential, 𝑗 = 𝑛𝑓𝐴/𝐷1[𝐶1∗ − 𝐶1(𝑦 = 0)] 𝛿1⁄ , with δO denoting the diffusion 
layer thickness of the oxidant at an electrode. In this regime, the following expression can be 
more accurate for Koutechy-Levich analysis: 7 
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DR denotes the diffusion coefficient of reductant; kf and kb are the rate constants of forward and 
backward reactions, respectively. For example, HER/HOR kinetics on Pt in aqueous solutions 
containing 0.1 M hydroxides, were slow (jk’/jL < 0.1) for overpotential range within few 
millivolts for both oxidation and reduction, which was too narrow to explore kinetic parameters 
using electron transfer theories (Figs S1g-i). Moderate and fast kinetics regions (0.1 < jk’/jL < 
1) were located at overpotential range up to 30-60 mV (e.g. 30 mV for Li+, Na+ and Cs+, 60 mV 
for K+, Figs S1g-i), where the fast kinetic model (Eq. S2) could be more suitable for the 
extraction of kinetics current. 
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To extract kinetic parameters, including the exchange current density and reorganization energy, 
from kinetic current density, the Butler-Volmer equation and MHC formalism8,9 were 
employed. In addition, the microscopic MHC formalism that accounts for the quantum 
mechanical nature of electron transfer and the solvent reorganization energy of the solvation 
shell and the electron energy levels in metal electrode, was fitted to the HER/HOR kinetics 
current density, 𝑗789/;<=>-  with the following expressions:  

𝑗789/;<=>- (𝜂) = 𝐴 ∫ 𝑒𝑥𝑝 :− (<4@±8B)%

D@./E
; 9<
!68<F(</./E)

G
4G                 Eq. (S3) 

𝐴 = &H>0/
%

I(DH@./E)(/%
                     Eq. (S4) 

where λ is reorganization energy, kB is Boltzmann constant, T is temperature, η is the over 
potential, A is the pre-exponential factor, 10,11 accounting for the electronic coupling strength 
where h is the Plank constant, 𝐻)J is the electronic coupling energy. The electronic density of 
states (DOS) of the electrode, x accounts for the Fermi statistic of electron energies distributed 
around the electrode potential. The first term in the integrand is the classical Marcus rate for 
the transfer of an electron of energy x relative to the Fermi level, and the second factor is the 
Fermi-Dirac distribution assuming a slowly varying DOS, which to first approximation can be 
considered uniform. The corresponding exchange current density, 𝑗#  can be calculated as 
following equation. 8  
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The MHC formalism, widely employed to accurately predict activity trends of numerous 
Faradaic reaction kinetics, including inner-sphere and outer-sphere reactions, for example, 
PCET reactions (HER/HOR on nickel-based molecular electrocatalyst12 and the reduction of 
water-superoxide ion complex on glassy carbon electrode13), interfacial ET on the metal 
surfaces,14 lithium electrodeposition/stripping15 and lithium-ion intercalation at solid-solid 
interfaces,9,16 considers the reactant-solvent interactions but not the reactant-electrode 
interactions (Appendix S1), which can be used to describe the HER/HOR kinetics on Pt as the 
hydration energy of proton (-11.5 eV)17 is two orders of magnitude larger than HBE on Pt (-0.1 
eV).18 This hypothesis is supported by the fact that the values of exchange current density 
extracted by MHC formalism (Figs S2a,c) are comparable to those extracted via Butler-Volmer 
equation (Figs S2b,c). Further support comes from that the values of the reorganization energy 
of the Volmer reaction on metal surface has been reported to be ~0.4 eV,19 which is comparable 
to the cation-dependent reorganization energy found in this work, 0.6-1.2 eV. Therefore, based 
on our learnings from the literature (refs 13,20–22) and the consistency between our results and 
previous work (refs 23,19), we propose that the kinetics of HER/HOR on Pt RDE can be 
described by the MHC formalism.  

The MHC formalism also includes the standard free energy of activation, which consists of the 
inner-sphere and outer-sphere contributions arising from the structural reorganization of the 
reactants and the surrounding solvent. The solvation free energy of reactants is largely based 
on Born model, assuming that the solvent is a dielectric continuum, and each reactant is treated 
as a sphere, having the first solvation layer dielectrically saturated.  

The free energy of activation Δ𝐺M of the HER/HOR was estimated from temperature dependent 
exchange current density via Arrhenius equation 24: 

𝑗# = 𝐴 ∙ 𝑒𝑥𝑝 :− ∆O1

PE
;	        Eq. (S6) 
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where ∆𝐺M is the free energy of activation. The free energy of activation obtained by Arrhenius 
approach was compared to the reorganization energy from the MHC formalism (Eqs S3-5). 

 

In situ Surface-Enhanced Infrared Absorption Spectroscopy (SEIRAS) 
A hemispherical Si prism (radius 22 mm, Pier optics) deposited with Pt was mounted in a 
spectro-electrochemical three-electrode cell. The reference electrode used was a mercury oxide 
electrode and a platinum-wire was used as the counter electrode. A Fourier-Transform Infrared 
(FTIR) Vertex 70 (Bruker) spectrometer equipped with an MCT detector was used to record 
SEIRAS spectra. The optical path was fully replaced with N2 gas. The SEIRAS spectra were 
obtained with 4 cm–1 resolution at 7.5 kHz scan velocity in the 500 - 4000 cm–1 spectral range; 
64 scans were averaged. The SEIRAS spectra were recorded using a single reflection ATR 
(Attenuated Total Reflection) accessory (Pike Vee-Max II, Pike Technologies) with a Si prism 
at an incident angle of 68°. Additional experimental details for the in situ SEIRAS 
measurements can be found elsewhere.25,26 For in situ SEIRAS measurements during 
HER/HOR in electrolyte at pH 13, electrolytes consisted of 0.1 M hydroxide of Li+, K+ and Cs+ 
were saturated with H2 by purging H2 gas. Before in situ SEIRAS measurements, the prism 
surface was cleaned by cycling the potential between 0.05 and 1.1 VRHE. SEIRAS spectra were 
collected at potential from 1.1 to -0.3 VRHE at room temperature. The reference spectrum I0 was 
measured at 1.1 VRHE. All spectra are shown in absorbance units defined as log(I0/I), where I0 
and I represent the spectra at the reference and sample potentials, respectively. We note that the 
same Pt surface was used for measurements in 0.1 M LiOH, KOH and CsOH to ensure a similar 
surface enhancement effect. 
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Figure S1. Cyclic voltammograms (CV) of HER/HOR measured on Pt RDE at rotation 
speed of 400, 900, 1600, 2500 rpm measured at 10 mV s-1 in H2-saturated aqueous solution at 
293 K and pH13 containing 0.1 M hydroxide of (a) Li+, (b) Na+, (c) K+. Koutechy-Levich plot 
of the reciprocal of transport-limiting currents (measured at 0.4 VRHE) 1/jL against (rotation 
rate)-0.5 for (d) Li+, (e) Na+ , (f) K+ cases. Ratio of kinetic current density over limiting current 
density jk’/jL, where jk’ was estimated from Koutecky-Levich equation 1/jmeas = 1/jk’+1/jL and 
jL was estimated from plateau value in CV (Fig. S1), for (g) LiOH, (h) NaOH, (i) KOH. (j) 
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HER/HOR Polarization curves in H2-saturated aqueous solution at 293 K and pH13 containing 
0.1 M hydroxide of Cs, showing that the measurement current density decreases with cycle 
numbers, which could be attributed to the irreversible sub-surface oxidation of Pt for potential 
above 0.6 VRHE.27 To avoid the irreversible sub-surface oxidation of Pt, HER/HOR polarization 
curves were measured below 0.3 VRHE for (k) Rb+ and 0.2 VRHE for (l) Cs+. 
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Figure S2. Fitting of kinetic currents of HER/HOR measured on Pt RDE surface in the 
electrolyte of 0.1 M LiOH and 0.1 M CsOH by (a) Marcus-Hush-Chidsey (MHC) theory and 
(b) Butler-Volmer (BV) equation. (c) Comparison of exchange current density extracted by 
MHC (circle) and BV (triangle) in H2 saturated electrolytes of 0.1 M hydroxide of Li+, Na+, 
K+, Rb+ and Cs+ at 293 K. 
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Figure S3. Cation effect on the kinetics current density normalized by ECSA of 
HER/HOR kinetics on Pt RDE at (a) pH=1 in H2-saturated 0.1 M HClO4 and 0.1 M LiClO4, 
NaClO4, or 0.08 M KClO4, RbClO4, or 0.05 M CsClO4, and (b) pH=13 in H2-saturated 0.1 M 
LiOH, NaOH, KOH, RbOH, CsOH. Note that the HER/HOR current density on Pt at pH 1 is 
hindered by mass transport and the kinetics cannot be separated from diffusion current density. 
(c) cation dependence of ECSA at pH1 and pH13 estimated from the desorption of HUPD 
features of CV measured in Ar-saturated electrolyte, shown in Fig. S9. Error bars were obtained 
from the standard deviation of 3 independent measurements. 
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Figure S4. Calculated Nernstian diffusion overpotential28 and measured HER/HOR 
polarization curves in electrolyte at various pH are compared to identify the critical point 
(minimum pH or maximum exchange current density) for which kinetic current density is able 
to be extracted from measured current density by Koutechy-Levich equation. HER/HOR 
polarization curves measure at 2500 rpm (black solid) and corresponding Nernstian diffusion 
overpotential (red dash) are plotted for aqueous electrolytes containing Li+ at (a) pH 1, (b) pH 
2, (c) pH 3.5, (d) pH 6.9, (e) pH 7.4, (f) pH 9.7, and for aqueous electrolytes containing Cs+ at 
(g) pH 1, (h) pH 2 (i) pH 3.9, (j) pH 6.1, (k) pH 8.4, (l) pH 9.6. We found that for pH >6.9 (Fig. 
S4d) for Li+ and pH>3.9 (Fig. S4i) for Cs+, the Nernstian diffusion overpotential and 
experimentally measured current density were distinguishable, where the critical values of 
exchange current density is ~6 mA cm-2. 
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Figure S5. Cation effect on the kinetics current density normalized by geometric surface 
of HER/HOR kinetics on Pt RDE at (a) pH=1 in 0.1 M HClO4 and 0.1 M LiClO4, NaClO4, or 
0.08 M KClO4, RbClO4, or 0.05 M CsClO4, and (b) pH=13 in 0.1 M LiOH, NaOH, KOH, 
RbOH, CsOH. (c) Exchange current density extracted by fitting MHC formalism. Note that as 
shown in Fig. S4, the HER/HOR current density on Pt RDE at pH 1 is hindered by mass 
transport and the kinetics cannot be separated from diffusion current density, thus the exchange 
current density at pH1 shown in Fig. S5c does not reflect to the pure HER/HOR kinetics at 
pH1. 
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Figure S6. Extraction of reorganization energy of HER/HOR on Pt electrode from MHC 
formalism with full data points of 2-3 independent measurements. (a) exchange current 
density j0, (b) pre-exponential factor A, (c) reorganization energy extracted by MHC formalism, 
(d) exchange current density plotted against reorganization energy. Mass transport limitation 
in Pt RDE measurements underestimates the exchange current density > ~6 𝑚𝐴	𝑐𝑚Q8;

4& , which 
is shaded (Fig. S4). 
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Figure S7. Tafel slope of HER/HOR kinetics current density on Pt RDE normalized by 
geometric surface, measured in H2-saturated aqueous solutions at pH13 of 0.1 M LiOH, 
NaOH, KOH, RbOH, CsOH.  
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Figure S8. Estimation of the activation energy by Arrhenius plot. Temperature dependent 
kinetic current of HER/HOR in H2-saturated aqueous solution at pH13 containing 0.1 M 
hydroxide of (a) Cs+, (b) Rb+, (c) K+, (d) Na+, (e) Li+ on the Pt RDE electrode. Arrhenius plot 
of (f) Cs+, (g) Rb+, (h) K+, (i) Na+, (j) Li+ cases.  
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Figure S9. Reorganization energy of HER/HOR measured on Pt RDE at pH 13 in 0.1 M 
hydroxide of Li +, Na +, K +, Rb + and Cs+ for temperature range from 293 to 323 K by fitting 
temperature-dependent kinetics to MHC formalism with full data points of 2-3 independent 
measurements. 
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Figure S10. Cation- and pH-dependent formal potential of HER/HOR on Pt RDE at H2 
saturated electrolytes at pH1 and pH 13. (a) Temperature dependent HER/HOR potential (T) 
at pH 1 vs. Hg/HgSO4 reference electrode at temperature T between 293 and 323 K; (b) 
Temperature dependent HER/HOR potential (T) at pH 13 vs. Hg/HgO reference electrode at 
temperature T between 293 and 333 K. (c) Temperature dependent HER/HOR potential (T) at 
pH 13 vs. the potential of Hg/HgO reference electrode at 293 K. (d) Temperature dependence 
of reference electrodes (Hg/HgSO4 and Hg/HgO) potential from 293 to 333 K. 
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Figure S11. In situ SEIRAS spectra of HER/HOR on Pt measured from 1.1VRHE to -0.3 
VRHE in an H2 saturated aqueous solution of 0.1 M of (a) LiOH, (b) KOH and (c) CsOH. Spectra 
subtracted by the reference spectrum taken at 1.1 VRHE for (d) LiOH, (e) KOH and (f) CsOH. 
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Figure S12. HOH bending feature of in situ SEIRAS spectra of HER/HOR on Pt measured 
from 1.1VRHE to -0.3 VRHE in an H2 saturated aqueous solution of 0.1 M of (a) LiOH, (b) KOH 
and (c) CsOH. Spectra were subtracted by the reference spectrum taken at 1.1 VRHE. 
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Figure S13. Deconvolution of OH stretching features of in situ SEIRAS spectra of 
HER/HOR on Pt measured from 1.1VRHE to -0.3 VRHE in an H2 saturated aqueous solution of 
0.1 M of LiOH, KOH and CsOH at (a) 0.5 VRHE, (b) 0.3 VRHE, (c) 0.1 VRHE, (d) -0.1 VRHE, (e) 
-0.2 VRHE, and (f) -0.3 VRHE. Spectra were subtracted by the reference spectrum taken at 1.1 
VRHE, the OH stretching peaks were deconvoluted into three components: 3570 cm-1 (weakly 
H-bonded /isolated water, black), 3450 cm-1 (asymmetric H-bonded water, dark grey), and 3270 
cm-1 (symmetric H-bonded water, light grey). 
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Figure S14. The potential-dependence of the relative fractions of strongly H-bonded water 
(asymmetric and symmetric H-bonded water molecules probed by OH stretching features of in 
situ SEIRAS spectra shown in Fig. S13. 
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Figure S15. Cation effect on the H/OH exchange and HER/HOR kinetics at pH1 and pH13 
on platinum RDE. (a) CV measured in Ar-saturated aqueous electrolytes of 0.1 M hydroxide 
of Li+, Na+, K+, Rb+ and Cs+, (b) CV measured in Ar-saturated aqueous electrolytes of 0.1 M 
HClO4 with 0.1 M perchlorate salts of Li+, Na+ or with 0.08 M perchlorate of K+, Cs+ or 0.05 
M perchlorate of Rb+. The plot of exchange current density j0 of HER/HOR against the peak 
potential of H/OH exchange on (c) Pt (110) and (d) Pt(100) facets measured on polycrystalline 
Pt RDE in a wide range of electrolytes with pH ranging from 1 to 14: HClO4 (pH=1-2), 
phosphoric acid buffer solutions (pH=1-13), citric acid buffer solutions (pH=1-3), acetic acid 
buffer solutions (pH=2-4), bicarbonate buffer solutions (pH=8-10), and KOH electrolytes 
(pH=12-14). Note that mass transport limitation in HER/HOR on Pt RDE measurements 
underestimates the exchange current density > ~6 𝑚𝐴	𝑐𝑚Q8;

4& , which is shaded (Fig. S4). 
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Figure S16. (a) Correlation between reorganization energy and reaction entropy change of 
HER/HOR on Pt RDE at pH 13 measured in H2 saturated 0.1 M hydroxide of Li+, Na+, K+, 
Rb+ and Cs+. (b) Cation-dependent exchange current density and reorganization energy of 
HER/HOR on Pt RDE at pH 13 and pH14. 
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Figure S17. Schematic of electrochemical cells for kinetics and reaction entropy 
measurements. a) Isothermal cell for kinetic and reaction entropy measurements, b) non-
isothermal cell for the calibration of the temperature coefficient of reference electrode. 
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Figure S18. 2nd run of in situ SEIRAS spectra of HER/HOR on Pt measured from 1.1VRHE 
to -0.1 VRHE in an H2 saturated aqueous solution of 0.1 M of hydroxide of Li+, K+ and Cs+., 
where spectra were subtracted by the reference spectrum taken at 1.1 VRHE. OH stretching 
region for (a) LiOH, (b) KOH and (c) CsOH. HOH bending region for (d) LiOH, (e) KOH and 
(f) CsOH. (g) Deconvolution of OH stretching peak at 0 VRHE into three components: 3570 cm-

1 (weakly H-bonded /isolated water), 3450 cm-1 (asymmetric H-bonded water), and 3270 cm-1 
(symmetric H-bonded water). (h) the relative fractions of isolated water, asymmetric H-bonded 
water and symmetric H-bonded water from spectra shown in Fig. S18g. 
 
 
 
  



 26 

 
Table S1. Summary of force field parameters used in the simulations. 

 𝝈	[Å] 𝝐	[𝒌𝒄𝒂𝒍/𝒎𝒐𝒍] 𝑪𝒉𝒂𝒓𝒈𝒆	[𝒆] 

SPC/E Water2    

O 3.166 0.1553 -0.8476 
H 
 - - +0.4238 

Alkali Ions29,30    

Li+ 1.715 0.05766 +0.94 

Na+ 2.497 0.07826 +0.94 

K+ 3.184 0.1183 +0.94 

Rb+ 3.302 0.2405 +0.94 
Cs+ 

 3.440 0.5013 +0.94 

Counter Ion29,30    

Cl- 4.612 0.02502 -0.94 

Pt Electrode3,4    

Pt 2.535 7.80 † 
† The charges on the platinum electrode atoms are calculated at each time step by the 
LAMMPS constant potential fix developed by Wang et al.4 
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Table S2. Probing impurities in CsOH solution 50 wt. % in water and 99.95% trace metals 
basis as received by using inductively coupled plasma. 

Elements Concentration 
(ppm) 

Mass percentage 
(%) 

Cs 257722.46 99.95 

Rb 29.42 0.01 

K 31.6 0.01 

Na 28.14 0.01 

Li 4.03 0 

Ag 0 0 

Al 4.69 0 

B 1.09 0 

Ba 28.00 0.01 

Bi 0 0 

Ca 0 0 

Cd 0 0 

Co 0 0 

Cr 0 0 

Cu 0 0 

Fe 0 0 

Mg 0 0 

Mn 0 0 

Mo 0.22 0 

Ni 0.11 0 

Pb 0 0 

Sr 1.53 0 

Tl 0 0 

Zn 0.4 0 
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Appendix S1: Justification of the application of Marcus-Hush-Chidsey (MHC) model 
during proton coupled electron transfer 
 
The Marcus theory describes that the solvent plays a crucial role in all electrochemical reactions 
involving electron transfer, which indicates that realistic calculations would have to include a 
fair amount of water molecules at the electrochemical interface and also need to consider the 
surface charge and the applied potential of the electrode simultaneously. As mentioned by the 
reviewer, Schmickler’s model is the one of famous theoretical frameworks for illustrating the 
kinetics of proton discharge on metal surface (Volmer step), which combines the key ideas of 
the Marcus theory,31 Anderson-Newns model32,33 and the tight binding theory.17 The total 
model Hamiltonian of this system is defined as the sum of the two components from electrode 
and solvent, Hel+Hsol. Base on the Anderson-Newns model, the model Hamiltonian of electrode 
(Hel) considering electron transfer between 1s orbital of hydrogen atom and metal electrode 
could be calculated as following: 17 

 
where the index a represents the hydrogen 1s orbital, ϵa is its energy, and na the corresponding 
number operator; the metal states are labeled k and thus have energies ϵk and number operators 
nk. The last term affects electron exchange between the metal and the reactant; c+ denotes a 
creation and c is an annihilation operator. On the other hand, the Hamiltonian of solvent (Hsol) 
can be deduced based on the Marcus theory as following: 

 
where ν labels the phonon modes, qν and pν are the dimensionless coordinate and momentum 
operators for the modes with frequencies 𝜔R, and in the last term gν is the interaction constant 
of the charge with the mode. The interaction of the solvent with the reactant is characterized by 
the energy of reorganization λ= . Although the Schmickler’s model can consider the 
reactant/electrode interaction and solvent effect simultaneously, it is too complicated to be used 
to analyze results generated from experiments. Therefore, previous work34 has used the effect 
of d band position of metal to describe the interaction between d band of metal and 1s orbital 
of H atom. Furthermore, the interaction of the reactant with the solvent can be significantly 
larger than that between reactant and electrode, particularly in the case of proton, having a 
hydration energy of 11.5 eV17 which is two orders of magnitude larger than HBE on Pt (-0.1 
eV).18 Therefore, the reactant/solvent interaction is important in controlling kinetics of proton 
coupled electron transfer (PCET) processes. In this manuscript, we studied the HER kinetics 
on Pt, which is a PCET, the analysis and discussion therefore focus on the reactant/solvent 
interaction (Hsol) based on the Marcus theory to extract reorganization energy. 
Although, the interaction of reactant and electrode is not considered in the Marcus-Hush-
Chidsey (MHC) model, where the Fermi-Dirac distribution of electrons is incorporated, it has 
been reported to accurately predict activity trends of numerous Faradaic reaction kinetics, for 
example, PCET reactions (HER/HOR on nickel-based molecular electrocatalyst12 and the 
reduction of water-superoxide ion complex on glassy carbon electrode13), interfacial ET on the 
metal surfaces,14 lithium electrodeposition/stripping15 and lithium-ion intercalation at solid-
solid interfaces.9,16 Therefore, we propose that MHC formalism might be used to analyze the 
kinetics of PCET such as HER/HOR. This hypothesis is supported by the fact that the values 
of exchange current density extracted by MHC formalism (Figs S2a,c) are comparable to those 
extracted via Butler-Volmer equation (Figs S2b,c). Further support comes from that the values 
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of the reorganization energy of the Volmer reaction on metal surface has been reported to be 
~0.4 eV,19 which is comparable to the cation-dependent reorganization energy found in this 
work, 0.6-1.2 eV. Therefore, based on our learnings from the literature (refs 13,20–22) and the 
consistency between our results and previous work (refs 12,23), we propose that the kinetics of 
HER/HOR on Pt RDE can be described by the MHC formalism. 
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Appendix S2: Reaction entropy change of redox reactions6 

The redox reaction entropy ∆𝑠 can be estimated by the temperature dependence of the formal 
potential 𝐸#/ of the redox couple: 

∆𝑆 = 𝑛𝐹
𝑑𝐸#/(𝑇)
𝑑𝑇  

F is the Faraday constant and n is the number of electrons involved in the corresponding redox 
process. The ratio 𝑑𝐸#//𝑑𝑇 is also called the temperature coefficient of the redox couples, 
denoted by 𝛼: 

𝛼 =
𝑑𝐸#/(𝑇)
𝑑𝑇  

In an isothermal electrochemical cell (Fig. S17a), potentials are referenced to a reference 
electrode (RE), thus: 

𝐸#/(𝑇) = 𝐸S8TU(𝑇) + 𝐸PV(𝑇) 

𝐸S8TU(𝑇) is the measured potential at the working electrode (WE); 𝐸PV(𝑇) is the potential of 
the RE at temperature T. Then, the redox reaction entropy ∆𝑠 can be expressed as, 

∆𝑆 = 𝑛𝐹 \
𝑑𝐸S8TU(𝑇)

𝑑𝑇 +
𝑑𝐸PV(𝑇)
𝑑𝑇 ] = 𝑛𝐹(𝛼S8TU + 𝛼PV) 

The temperature coefficients of reference electrodes (RE) 𝛼PV, Hg/HgSO4 RE for acidic and 
neutral electrolytes, and Hg/HgO RE for alkaline electrolytes, were calibrated using a non-
isothermal cell set-up (Fig. S17b). Two independently thermostated cells (cell 1 and 2) were 
filled with 4 M KCl electrolyte and connected by a 4 M KCl salt bridge. Two RE were used 
and inserted in the cells. For calibrating RE2, the change of the electromotive force 𝑑𝐸PV&(𝑇) 
between RE2 and RE1 upon an increase of temperature difference at the two compartments was 
measured (the temperature of cell 1 was maintained at 22oC whereas that of cell 2 increased 
from 20oC to 60oC by an increment of 10oC). The temperature coefficient of the RE2 
corresponds to the slope of the plot of 𝑑𝐸PV&(𝑇) against 𝑑𝑇. The calibration of Hg/HgSO4 and 
Hg/HgO REs is shown in Fig. S10d. 
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Appendix S3: Potential of zero charge of Pt surfaces 

The measurement of PZC of Pt surfaces can be interfered by the adsorption processes (Had and 
OHad) that involve charge transfer. It turns out that it is impossible to unambiguously 
discriminate only from macroscopic electrochemical measurements whether there is a true 
charge separation at the interface (true capacitive charge) from a situation where charge has 
been redistributed to form covalent bonds between the surface and the adsorbed species 
(pseudocapacity phenomena).35 In this regards, it is necessary to distinguish between the 
potential of zero free charge (PZFC), the true electronic excess charge on the metal balanced 
by ionic charge in the electrolyte, and the potential of zero total charge (PZTC), which includes 
both the capacitive and the faradaic charge. 35 Consequently, with these definitions there will 
be two different values of PZC: PZFC and PZTC. The first one is that related with the structural 
microscopic properties of the interface, such as work function, dipole orientation, etc. and is 
equivalent to the PZC in non-hydrogen adsorbing metals. However, the latter is the only one 
accessible from electrochemical measurements. The CO displacement experiment allowed 
determining the potential at which the displaced charge is zero, which was considered as a 
measure of the PZTC of the interface as a first approximation. Considering the work by Rizo 
et al. 35, Chen et al. 36 and Domke et al. 37, the PZFC and PZTC on Pt polycrystalline, single 
crystal and stepped surfaces at pH1 showed similar values, ~0.3-0.4 VRHE. Although the values 
of the PZFC and PZTC of Pt(111) at pH13 differed from each other, 0.7 VRHE for PZTC and 
1.05 VRHE for PZFC, the pH dependence of PZTC/PZFC was consistent, where PZTC/PZFC 
increases with increasing pH. 

Rizo et al. 35 
Facets pH PZTC (VRHE) PZFC (VRHE) 

Pt(111) 

13.1 0.7 1.05 
12.3 0.68 1.01 
11.1 0.69 0.94 
8.4 0.62 0.78 
3.4 0.48 0.48 
2.3 0.44 0.42 
1.2 0.39 0.34 

Chen et al. 36 
Facets pH PZTC (VRHE) PZFC (VRHE) 
Pt 
polycrystalline 1 0.29 - 

Pt(100) 1 0.34 - 
Pt(100-111) 1 0.31 - 
Pt(111) 1 0.28 - 

Domke et al. 37 
Facets pH PZTC (VRHE) PZFC (VRHE) 
Pt(311) 1 0.41 - 
Pt(511) 1 0.41 - 
Pt(711) 1 0.41 - 
Pt(11,1,1) 1 0.39 - 
Pt(19,1,1) 1 0.37 - 
Pt(29,1,1) 1 0.35 - 
Pt(29,1,1) 1 0.33 - 
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Appendix S4: Activity coefficient of hydroxide anion at the Pt interface 

The reaction entropy of HER/HOR was estimated from the temperature-dependent potential 
change, DS = 9V(E)

9E
= nF a9V2345(E)

9E
+ 9V.6(E)

9E
b(Appendix S2), where the electrode potential 

could be described using Nernst Equation, 𝐸 = 𝐸# − PE
'(
𝑙𝑛 W7%∙(Y$7) ∙[1>)])%

(Y7%$∙[>%1])%
 with 𝛾\ represent 

the activity coefficient of specie i. Since entropy is a thermodynamic state variable, any 
difference in the entropy of reaction between hydroxide of alkali cations could originate from 
a difference in the activity coefficient. 
Here, we illustrate the influence of cations on the activity coefficient of OH-. For the first 
approximation, we consider the extended Debye-Hückel equation38 for ionic strength < 0.1 M, 
where the activity coefficient could be written as following: 

𝑙𝑜𝑔𝛾1>) = −𝐴 ∙ 𝑍1>)& ∙
√𝐼

1 + 𝐵 ∙ 𝑟1>) ∙ √𝐼
 

With  

𝐴 =
𝑒&𝐵

2.303 × 8𝜋𝜖#𝜖7𝑘J𝑇
 

𝐵 = s
2𝑒&𝑁)
𝜖#𝜖7𝑘J𝑇

 

where A and B are constants that depends on temperature T; 𝑟1>) and 𝑍1>) are the effective 
radii and charge of OH-; I is the ionic strength; e is the elementary charge; 𝜖# is the permittivity 
of vacuum; 𝜖7 is the relative permittivity; 𝑘J and 𝑁) is the Boltzmann and Avogadro constants. 
By considering the parameters from the current manuscript, e.g. the effective ionic radii of OH- 
in the order of Li+ (1.6 å) < Na+ (1.7 å) < K+ (1.9 å) < Rb+ (2.1 å) < Cs+ (2.4 å) and interfacial 
static dielectric constant in the order of Li+ (2.6) ~ Na+ (2.6) < K+ (2.7) < Rb+ (2.9) < Cs+ (4.3), 
the values of OH- activity coefficient in 0.1 M hydroxide electrolyte were found be to be in the 
order of Li+ (0.15) ~ Na+ (0.15) < K+ (0.16) < Rb+ (0.19) < Cs+ (0.4) via the extended Debye-
Hückel equation.  
As the application of the extended Debye-Hückel equation could be more suitable for solution 
at ionic strength smaller than 0.1 M, we further tried to estimate the activity coefficient using 
Davies equation,39 which allows to estimate the activity coefficient for solutions at ionic 
strength lower than 0.5 M. 

𝑙𝑜𝑔𝛾1>) = −𝐴 ∙ 𝑍1>)& ∙ u
√𝐼

1 + √𝐼
− 0.3 ∙ 𝐼v 

Similar to the extended Debye-Hückel equation, the Davies equation gave the activity 
coefficient of OH- in the order of Li+ (0.21) ~ Na+ (0.21) < K+ (0.23) < Rb+ (0.27) < Cs+ (0.48). 
Both the extended Debye-Hückel and the Davies equations showed that the activity coefficient 
of OH- at the interface was lower than that estimated at bulk solution, being 0.94 for the 
extended Debye-Hückel equation and 0.96 for the Davies equation. 
The results shows that the values of the activity coefficient of OH- varies from 0.21 for Li+ to 
0.48 for Cs+, which is smaller than those reported by Harned and Swindells,40 being 0.79 for 
KOH, 0.78 for NaOH and 0.75 for CsOH, for centration at 0.1 M hydroxide solutions. Although 
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the absolute values of OH- activity coefficient differ between our work and Harned and 
Swindells’s work,40 the cation dependent trends are the same, the activity coefficient of OH- 
increases with increasing cation radii.  

We further estimated the Gibbs free energy of the reaction ∆𝐺 (∆𝐺 = ∆𝐺1>) − ∆𝐺>%1), where 
the change of the Gibbs free energy ∆𝐺 of OH- for Li+ and Cs+, which should change by a factor 
of −2.303 ∙ 𝑅 ∙ 𝑇 ∙ 𝐿𝑜𝑔(𝛾1>))  according to Nernst Equation. The values of 2.303 ∙ 𝑅 ∙ 𝑇 ∙
𝐿𝑜𝑔(𝛾1>)) can be estimated to be -0.038 eV for Li+ and -0.018 eV for Cs+. Between the two 
extreme cations (Li+ and Cs+), the Gibbs free energy of the reaction ∆𝐺 varies by 0.02 eV 
whereas the free energy of activation ∆𝐺M increases 0.23 eV (from 0.23 eV for Li+ to 0.46 eV 
for Cs+, Fig. 4b). The comparison of the Gibbs free energy of the reaction ∆𝐺 and the free 
energy of activation ∆𝐺M shows that the barrier of kinetics can be 1 order of magnitude larger 
than the thermodynamic driving force, the Gibbs free energy of the reaction ∆𝐺 . The 
proportionality between the Gibbs free energy of the reaction ∆𝐺  and the free energy of 
activation ∆𝐺M indicates that the linear free energy relationship holds and could explain the 
cation dependent HER/HOR kinetics at pH 13 in this work. 
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