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Abstract

Interfacial proton-coupled electron transfer (I-PCET) reactions are typically viewed as single elementary
reaction steps even though analogous solution-phase reactivity is known to require pre-association of
proton donor and acceptor. Herein, we examine the role of pre-association in I-PCET to a molecularly
well-defined graphite-conjugated carboxylic acid (GC-COOH) surface site. We quantify electrolyte
proton activity and I-PCET kinetics in acidic, acetate buffered, and alkaline electrolytes as a function of
NaClOs concentration, ranging from 1 mole kg™! to 17 mole kg '. Upon accounting for the previously
measured proton activity dependence of I-PCET kinetics to GC-COOH, we find that rate of I-PCET is
systematically attenuated by factors of 4.3 and 4.6 over this range of NaClO4 concentration in acidic and
acetate buffered media, respectively. In contrast, the rate of -PCET remains unchanged within error across
NaClOs4 concentration in alkaline electrolyte. Based on these observations, we propose a multiple-step
model for I-PCET in acidic media that invokes quasi-equilibrated displacement of Na" from the interface
to form hydrogen-bonded pre-association complexes prior to rate-limiting concerted proton-electron
transfer. Increased NaClO4 concentration is invoked to increase Na' activity in the bulk vs the interface,
inhibiting pre-association complex formation and the overall I-PCET rate. These studies emphasize the
non-innocent role of support electrolyte species and expose the key role of pre-association equilibria in I-
PCET mechanisms. The work also suggests that control over pre-association equilibria could be used as
an additional handle for tailoring the kinetics of interfacial ion transfer reactions.

Introduction

Interfacial proton-coupled electron transfer (interfacial PCET or I-PCET) reactions play a central role
in electrochemical catalysis and energy conversion technologies.!™ I-PCET reactions involve the
reductive formation or oxidative scission of surface-hydrogen bonds and are thus key elementary reaction
steps in hydrogen evolution and oxidation,™® oxygen evolution and reduction,”® carbon dioxide and
nitrogen reduction,”'® and fuel oxidation.®!" Beyond electrocatalysis, I-PCET is operative in the
stoichiometric reactions that occur in supercapacitors'>!® and sensors'*!> as well as non-Faradaic
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catalysis.!®! In many instances, I-PCET is deleterious, including in corrosion,? parasitic hydrogen
evolution,!2%?! and electrolyte breakdown in both aqueous®* and aprotic electrolytes.> 2> Consequently,
a deep fundamental understanding of I-PCET reaction mechanisms is critical for the systematic
development of sustainable catalysis and chemical energy conversion technologies.

Despite their ubiquity, I-PCET reactions remain poorly understood at a molecular level, particularly
in comparison to the rich understanding of electrochemically-driven outer-sphere PCET (OS-PCET)
reactions involving soluble molecules. This is in large part due to the distinct reaction mechanisms at play
in interfacial as compared to outer-sphere PCET. For OS-PCET, electrons tunnel across the
electrochemical double layer (EDL) to oxidize or reduce a soluble molecule and drive proton transfer.
Since electrons can tunnel over length scales on par with or greater than the width of the EDL, the ionic
composition and structure of the EDL plays a negligible role in OS-PCET kinetics. In contrast, for [-PCET,
protons must transit the EDL to bind to specific surface sites and thus the ionic composition and structure
of the EDL is expected to play a pronounced role in I-PCET.?¢-28

The foregoing distinction is particularly poignant because of the inherently concerted nature of [-PCET
reactions. Electrochemical OS-PCET reactions can proceed via either stepwise pathways with proton
transfer either preceding (PT1ET2) or following (ETPT>) a distinct electron transfer step or through a
concerted proton-electron transfer (CPET) reaction pathway. In contrast, since electron re-distribution in
a metal is nominally barrierless, I-PCET reactions proceed via concerted CPET pathways exclusively.
Extensive studies of molecular PCET reactions in solution have shown that CPET pathways proceed
through a three-step sequence, involving quasi-equilibrated formation of a hydrogen-bonded pre-
association complex between the redox active species and the proton acceptor, rate-limiting CPET, and
subsequent dissociation of the successor complex (Figure 1a).?! Consequently, it has been shown that
the overall rate of CPET is a function of the rate constant for the CPET step and the equilibrium constant
for forming the pre-association complex.’*3%*? Indeed, it has been found that inhibited formation of the
pre-association complex can substantially attenuate CPET rates. Despite this rich appreciation of the
multi-step nature of CPET reactions between molecules in solution, I-PCET reactions are generally
described and modeled as single elementary reaction steps (Figure 1b), without explicit consideration of
pre-association equilibria or their impact on reaction kinetics. Given the ubiquitous necessity for pre-
association in molecular CPET, the obligate concerted nature of I-PCET, and the well-documented proton
donor dependence of I-PCET processes,”**7 we hypothesized that similar pre-association equilibria may
play a key, but overlooked, role in gating PCET at interfaces (Figure 1c¢). Unfortunately, the inherent
complexity of most heterogeneous catalysts makes it difficult to isolate the impact of pre-association from
other convoluting factors (e.g. surface restructuring, site blocking, etc.) that may lead to promotion or
inhibition of [-PCET.

Previously, we investigated the kinetics of aqueous [-PCET to well-defined reaction sites of graphite-
conjugated carboxylic acid electrodes (GC-COOH).***® These materials, which are synthesized through
a condensation reaction that links 3,4-diaminobenzoic acid to the native ortho-quinone moieties of glassy
carbon, display well-resolved voltametric waves corresponding to I-PCET. The resultant pyrazine linkage
connects the carboxylate through a continuous n-electron system to the electrode’s band states, making it
an authentic and molecularly defined host for I-PCET.*®#0*2 Given the facile nature of electron
redistribution in the graphitic carbon, the proton transfer coordinate is expected to define the majority of
the barrier for I-PCET. Yet, we found that the maximal rate constants for [-PCET to GC-COOH in aqueous
media of 20,000 s ! at pH 0, far below the near diffusion limited rate (> 10° s™!) of proton exchange
between oxo-acids in bulk water.*>** This dramatic mismatch implies that the presence of the EDL serves
to profoundly attenuate I-PCET rates. We hypothesized that this attenuation may arise in part due to the
inhibited formation of the pre-association complex from which interfacial CPET occurs. Since the EDL is
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predominantly composed of the inert supporting electrolyte ions in the medium, we envision that changes
to the supporting electrolyte strength could report on the dynamics within the EDL required for I-PCET.
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Figure 1 | Proposed pre-association mechanisms for outer-sphere and interfacial concerted proton-
electron transfer (CPET): a) Outer-sphere CPET occurs in three steps: 1) association of a proton-
donating acid “B-H™ and a PCET active molecule “M” into a co-solvated hydrogen bonded pre-
association complex in solution. 2) Proton transfer from “B™ to “M” within the pre-association complex
occurs at the same time as electron tunneling from the electrode to “M”, forming the PCET-product “M -
H™. 3) Fragmentation of the successor complex into independently solvated base “B™ and PCET product.
b) Representation of the legacy model for I-PCET that invokes a single elementary step. ¢) Proposed pre-
association mechanism for interfacial PCET occurs similarly with 1) Formation of a co-solvated solution
acid “B™-H"™ and surface active site “S” pre-association complex at the electrode/electrolyte interface 2)
Proton transfer from B to “M” within the pre-association complex occurs as an electron transfers from
the external circuit into the delocalized electrode band states, forming the PCET-product “S-H™. 3)
Breakage of the successor complex into independently solvated base “B~ and protonated surface site.

To investigate the role of the EDL and pre-association on I-PCET mechanisms we measured the
thermodynamics and kinetics of [-PCET at GC-COOH electrodes across a wide range of supporting
electrolyte concentrations. Specifically, we measure 1) proton activity, ii) [-PCET thermochemistry, and
ii1) I-PCET kinetics in highly acidic, highly alkaline, and buffered electrolytes each containing 1 to 17
molal (moles kg™ ! or “m”) NaClO4. Using a reversible hydrogen electrode to quantify changes in proton
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activity across ionic strength, we find that increasing ionic strength increases the proton activity of the
acidic electrolyte significantly but the buffered and alkaline electrolytes only minimally. Correspondingly,
we also observe the electrode potential of I-PCET at GC-COOH to track largely with ionic-strength-
dependent proton activity. Accounting for proton activity changes, we find that I-PCET rates are
substantially attenuated in acidic and buffered electrolytes (a decrease in ~0.04 log units per molal,
spanning a factor of ~4.5 across the range studied) but largely invariant in basic electrolyte. Based on
these findings we develop a mechanistic model for I-PCET that invokes a pre-association step involving
exchange of a supporting electrolyte ion with the proton donor/acceptor, prior to rate-limiting CPET.
Though classically considered inert, these observations imply that supporting electrolyte, while necessary
to establish the EDL potential drop and provide ionic conductivity, nonetheless serves to inhibit pre-
association and corresponding [-PCET rates. These findings highlight the critical role of supporting
electrolyte ions in modulating interfacial charge transfer kinetics and establishes a framework for
understanding how electrolytes influence the kinetics of the I-PCET reactions that underpin
electrochemical energy conversion and catalysis.

Results and Discussion

Experimental conditions

The studies described below employed NaClO4 based aqueous electrolytes due both to sodium
perchlorate’s relative inertness and its technological applicability. Unlike other commonly used highly
soluble electrolytes, degassed aqueous NaClOs is not expected to contribute to a solid electrolyte
interphase (SEI) that could potentially convolute kinetic analysis of I-PCET.*->! Furthermore, highly
concentrated NaClO4-based “Water in Salt” Electrolytes (WiSE), being far more economical than lithium
bis(trifluoromethane)sulfonimide and analogous electrolytes and maintaining a wide electrochemical
window and high conductivity,'*>-¢ are practically relevant to a number of catalytic’’ and energy storage
technologies.

All data in this study were collected under three proton donor/acceptor conditions (unbuffered acidic,
buffered near-neutral, and unbuffered alkaline) each for 1 m, 5m, 9 m, 13 m, and 17 m NaClO4 allowing
for comparisons between acidity conditions and across a wide range of ionic strength. We assessed I-
PCET across this extreme range of solution concentrations to perturb reaction conditions significantly
enough to elicit the hypothesized ionic strength-dependent ion transfer reactivity. All measurements were
conducted in solutions with consistent proton donor and acceptor ratios at concentrations not easily altered
under the experimental conditions. To do so, the proper amount of HCIO4, NaOH, or acetic acid/sodium
acetate buffer was added such that in the absence of dry NaClO4 the electrolytes would contain a consistent
relative mole fraction equivalent to 0.1 M HCIO4 for the acidic media, 0.1 M NaOH for the basic media,
and 0.05 M acetic acid (AcOH) plus 0.05 M sodium acetate (NaOAc) for the buffered media. These
donor/acceptor concentrations were chosen to minimize pH changes during and between experiments
while having minimal effect on the overall concentration of dissolved species.

Effect of ionic-strength on proton activity at a reversible hydrogen electrode

Before assessing the effect of electrolyte concentration on I-PCET thermodynamics and kinetics at
GC-COOH it was first essential to quantify how ionic strength affects the activity of I-PCET reactants in
concentrated aqueous media. Given that highly concentrated solutions are observed to be more acidic,® it
is essential to differentiate if kinetic changes in I-PCET reactivity are simply due to a shift in
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donor/acceptor equilibria or to additional concentration-dependent processes. As such, it is imperative to
understand how the relative proton donor and proton acceptor activities are affected by a change in ionic
strength for a fixed ratio of proton donor and acceptor molar concentrations.

To determine the electrochemical proton activity of each electrolyte, we measured the potential of a
reversible hydrogen electrode (RHE) comprised of a platinum on PTFE gas diffusion electrode (Pt-GDE)
under 1 atm H». This method was necessary given the limitations of using a standard pH meter in
concentrated media.>*® An RHE measures the potential set by the interchange between solution protons
and H» gas, which is the equilibrium set by the hydrogen evolution reaction (HER) and the hydrogen
oxidation reaction (HOR). In acidic media, where H3O" is the proton donor and water is the proton
acceptor, the HER/HOR equilibrium can be written as:

ERruE

2H;0™+2¢ H; + 2 H,O Reaction 1

And in alkaline conditions where water is the proton donor and OH™ is the proton acceptor:

ERruE

2H,O+2e H, +2 OH Reaction 2

The electrode potential of this equilibrium (Erue) can be defined in reference to H3O" activity for
Reaction 1 through the Nernst equation as:

2
P
Erue = Esug — = In (anzo) Pu; sz Equation 1
2F (ap,0+)
H30
EruE can also be referenced to OH™ activity:
RT (apu—)?xPy 1 .
Eryg = Esyg — —=In| ————2 X — Equation 2
RHE SHE ~ 37 ( (amo)” sz> quati

Where Esug is the potential of the standard hydrogen electrode (SHE) benchmarked as 0 V; R, T, and F'
are the gas constant, temperature, and the Faraday constant, respectively; ay,o+, @n,0, and aoy- are the

chemical activities of the subscripted species; Py, is the partial pressure of H> gas; and Ky is the auto-
dissociation constant of water. At a constant Py, and T, Erue is therefore a direct reporter of the
electrochemical activity of protons, or effective pH (pHefr) of the medium:

pHegr = —log (aklg—m) = —log (aH—ZO X Kw) Equation 3

aH,0 AQH~

Where at room temperature:

Erue = —0.059 V x pHesr Equation 4
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The relative proton activity of the system is exactly analogous to the ratio of the activities of the proton
donor and acceptor species relevant in [-PCET. Importantly, casting the RHE reactions in this way
acknowledges the identity and role of all proton donor/acceptor species, including water whose ionic-
strength-dependent activity is frequently neglected.>”’

For electrolytes of three different well-defined proton donor/acceptor concentrations we observed
markedly different effects on Erue as a function of electrolyte ionic strength. Figure 2 displays the Erur
of a Pt-GDE from solutions of 1 m to 17 m NaClO4 with added 0.1 M HCIO4, 0.1 M acetate buffer, and
0.1 M NaOH. In the presence of 1 m NaClO4, Erue equals —0.055 V vs SHE for the acidic electrolyte, —
0.254 V vs SHE for the buffered electrolyte, and —0.742 V vs SHE for the alkaline electrolyte. These
measured Erug values relay proton activities equivalent to pH 0.9, pH 4.3, and pH 12.6 respectively. Using
a pH probe, the respective pH values of these 1 m NaClOs solutions were found to be 1.0, 4.3, and 12.6,
indicating close agreement of these two methods at this relatively dilute concentration. Moving to higher
concentrations, different trends were observed for the acidic, buffered, and alkaline media. From 1 m to
17 m, Erye for the acidic electrolytes shifted positively to +0.056 V vs SHE (red). Over the same range,
Erue for the buffered electrolyte and alkaline electrolytes shifted negatively to —0.271 V vs SHE (green)
and —0.767 V vs SHE (blue), respectively. Linear regression (gray dotted lines) of Erug values from 1 m
tol17mreturn+6.9+ 0.6 mVm ', 1.1 mVm '+ 0.5mVm ! and—1.7mV m '+ 0.4 mV m ! slopes for
the acidic, buffered, and basic electrolytes respectively (+ error equals 2c). While a measured change in
Erue might in principle be convoluted by artifacts of liquid junction potentials,’® we estimate that these
contributions are small (see Supplementary Note 1) and the measured change thus arises predominantly
from changes in activity. The increase of Erue in the HCIO4 electrolytes indicates an increase in the
activity of the proton donor, H3O", versus the proton acceptor, H>O. From Equation 1, this pH change is
equivalent to a 1.9 unit drop in pHesr. Conversely, a negative shift of Erug in the buffered and alkaline
electrolytes relay a slight increase in pHerr of about 0.27 and 0.41 units for the buffered and alkaline
electrolytes, respectively. As a function of molality, a negative Erug shift corresponds to an increase in
proton acceptor activity relative to proton donor activity, i.e. acetate versus acetic acid and hydroxide
versus water. These data demonstrate that in the presence of a common electrolyte (NaClOy4), the ionic-
strength-dependent proton activity of the three donor/acceptor conditions at constant molar ratio vary
widely depending on the identity of the donors and acceptors involved.
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Figure 2 | Erue as a function of molality. Potentials are of a Pt-GDE with the solution proton activity
set by 0.1 M HCIO4 (red), acetate buffer (green), and NaOH (blue). Points are means of three
measurements, error bars represent 2, and dotted gray lines represent linear regressions of each data set.
On the right vertical axis Erug is converted to effective pH by dividing the Erug values of the left axis by
0.059 VpH !

The dissimilar proton activity dependence on supporting electrolyte concentration for the acidic,
buffered, and alkaline electrolytes studied can be understood through differential interaction between
dissolved protic (H3O", OH") and aprotic (Na*, ClO4") ions. Changes in water activity alone, which span
only a factor of two between 1 m and 17m,’”? are insufficient to account for observed changes in Erue
(Equation 1). The large positive shift in Eryge of the HC1O4 electrolytes evinces a differential increase in
the activity of H3O" relative to water as NaClO4 concentration increases. This increase in activity can be
rationalized in terms of an increasing competition between H3O" and Na' for solvent molecules, resulting
in the destabilization of H3O" relative to water. On the other hand, competition for solvent molecules is
less perturbative in alkaline media as OH™ is more weakly solvated than H3O", a general property of
anions,*’#8-36.60 regulting in the minimal observed change in Erue. Likewise, in acetate buffered solution,
the solution pH is set by the activities of AcOH and AcO™ which, as a neutral and anionic species are also
weakly solvated compared to H3O", resulting in a similar conservation of Ezur across the studied ionic
strength range.

Effect of ionic-strength on I-PCET thermodynamics at GC-COOH

With an understanding of the bulk activities of proton donors and acceptors in hand, we employed
GC-COOH electrodes to study the effects of electrolyte concentration on the thermodynamics of
elementary interfacial electrochemical reactions. GC-COOH electrodes were prepared by heating glassy
carbon plates in an ethanolic solution of 3,4-diaminobenzoic acid (Figure 3a). Upon application of a
negative potential GC-COOH carboxylate active sites bind protons, enforcing electron redistribution
within the electrode, constituting an interfacial proton-coupled electron transfer reaction. As these sites
are well defined and consistent, the surface-proton bonds formed are uniform and have a defined bond
strength. Figure 3b depicts the I-PCET reaction at GC-COOH’s carboxylate site for an unspecified proton
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donor. The overall reaction at GC-COOH when the bulk proton activity is set by the H3O"/ H2O couple
is:

GC-COO™ +H30" + ¢ = ¢ /GC-COO-H + H,0 Reaction 3
When set by the AcOH/AcO™ couple, it is:
GC-COO™ +AcOH +e” = ¢ /GC-COO-H + AcO™ Reaction 4
And when set by the HO/OH™ couple, it is:
GC-COO +H,0+e = ¢ /GC-COO-H + OH™ Reaction 5

where GC-COO™ represents the deprotonated carboxylic acid site with an accompanying hole and
e /GC-COO-H represents the protonated site with an accompanying electron in the electrodes band states.
Comparing Reaction 3 through Reaction 5 to Reaction 1 and Reaction 2 highlights that proton binding
at GC-COOH and the HER/HOR are both I-PCET reactions with identical proton/electron stoichiometry
and terminal proton donor/acceptors dependencies. As detailed previously,*®* the molecularly defined
structure and position within the EDL of GC-COOH active sites make these electrodes particularly well
suited to investigating on-electrode ion-transfer reactions.

The equilibrium thermodynamics of I-PCET at GC-COOH were quantified at each solution condition
using slow scan-rate cyclic voltammetry. Figure 3¢ shows a cyclic voltammogram (CV) of GC-COOH in
an electrolyte containing 1 m NaClO4 plus 0.1 M NaOH, with a pH of 12.6, as measured by both a pH
probe and Erye. Starting from 0 V vs SHE the GC-COOH active sites are entirely deprotonated. Upon
application of a reducing potential, the electrochemical proton affinity of the surface sites increases,
causing the carboxylic acid to bind a proton at —0.45 V vs SHE.***° To maintain the electrostatic potential
of the electrode, as the proton crosses the EDL to bind to the surface a compensatory electron must flow
from the external circuit to maintain the potential of the electrode. This electron flow is evidenced in the
CV by the reductive wave at this potential. Polarizing to more negative potentials causes the two slightly
Breonsted basic pyrazine nitrogen atoms to each bind a proton as well. The peaks near —0.65 V
corresponding to the pyrazine I-PCET are twice as large as the carboxylate peak, given the two-to-one
ratio of pyrazine nitrogen atom to carboxylic acid sites. Sweeping from negative to positive potentials
raises the sites’ effective pKa values, first deprotonating the pyrazines at —0.65 V and the carboxylic acid
moiety at —0.45 V. The mean of the peak cathodic and anodic peak potentials corresponding to the I-PCET
at the surface carboxylate was taken as the reaction’s equilibrium potential.
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Figure 3| GC-COOH preparation, I-PCET reactivity, and a cyclic voltammogram (CV). a)
Ilustration of the condensation of 3,4-diaminobanzoic acid to an ortho-quinone moiety of glassy
carbon to produce a GC-COOH site. b) I-PCET at a GC-COOH site showing, upon application of
a reducing potential, formation of a chemical bond of a proton from solution to the GC-COOH site
coupled to delocalized compensatory charge flow into the electrode, represented by “e™. ¢) CV of
the reaction in 1 m NaClO4 plus 0.1 M NaOH electrolyte showing pyrazine I-PCET peaks at —0.65
V vs SHE and carboxylate I-PCET at —0.4 V vs SHE shaded pink.

The supporting-electrolyte-concentration dependence of I-PCET thermochemistry was assessed by
measuring equilibrium potentials (£°%) of [-PCET at GC-COOH at the same proton donor and electrolyte
conditions of the above Erue measurements. Figure 4 displays carboxylate I-PCET E® values as a
function of NaClO4 concentration for the same acidic, buffered, and basic proton donor conditions as in
the above Erue studies (See Supplementary Data 1 for representative cyclic voltammograms from each
condition.) Figure 4a shows E° for [-PCET referenced to the pH independent SHE scale. In the presence
of 1 m NaClOy4, E*? occurred at 0.34 V vs SHE for the acidic electrolyte, 0.12 V vs SHE for the buffered
electrolyte, and —0.42 V vs SHE for the alkaline electrolyte. These E® values at ~1.1 M total ionic strength
are within a few millivolts of the expected £°9 vs Erue measured previously for a 1 M solution.*® As ionic
strength increased from 1 m to 17 m NaClO4, £ for the acidic electrolytes increased significantly to 0.49
V vs SHE, whereas E° for the buffered and alkaline electrolytes decreased only slightly to —0.09 V vs
SHE and —0.46 V vs SHE, respectively. These changes are similar to the EruE shifts observed in Figure 2.
The commensurate slopes of the £°¢ vs molality and Erue vs molality trends are unsurprising as both
[-PCET reactions have the same electron/proton stoichiometry.
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To account for the expected proton activity dependence of GC-COOH I-PCET and reveal possible
deviations in the two reactions’ concentration dependences, it is helpful to reference £ to the proton-
activity-dependent Erur measurements in Figure 2 for each condition, as shown in Figure 4b. Starting
from the 1 m NaClO4 condition, £°¢ equals 0.40 V vs RHE for the acidic electrolyte, 0.38 V vs RHE for
the buffered electrolyte, and 0.32 V vs RHE for the alkaline electrolyte. Transiting from 1 m to
17 mFigure 4 shows only slightly divergent behavior. For the acidic electrolyte (£ — EruE) increased by
29 mV, whereas for the buffered and alkaline electrolytes (E°? — Erug) decreasesd by 10 mV and 21 mV,
respectively. Such small discrepancies in £°4over an enormous range of electrolyte concentrations indicate
that the equilibria of I-PCET and relative surface site activities of GC-COOH track with proton activity
largely as expected from the reactions’ proton donor/acceptor stoichiometry.

The remaining small changes in (E°1 — Erug) could potentially result from minor variation in surface-
hydrogen bond dissociation free energy (H-BDFE). Notably, a slight deviation from strictly Nernstian
scaling between E® and pH (—64 mV pH ! vs =59 mV pH™!), as previously reported,*® gives rise to the
difference in (£ — Erng) at 1 m supporting electrolyte. Thus, the accentuation of this difference at higher
electrolyte strength can be seen as largely arising from this super-Nernstian scaling acting upon the spread
in pH. Additionally, some of the shift in (£°Y — Erug) might arise from potential-dependent changes in the
populations of ions at the interfaces. GC-COOH electrodes have been shown to be equipotential with
aqueous media near 0.1 V vs SHE (at the potential of zero free charge or Epzrc).*’ In the acidic media
studied, positive of Epzrc, the electrostatic potential drop is expected to draw a negative charge from the
electrolyte toward the electrode surface. The increasing enrichment in interfacial ClO4 could serve to
donate increasing charge into the carboxylic acid moieties with increasing ionic strength, making the sites
slightly more basic, slightly strengthening their H-BDFE and increasing (E°Y — Erug). Conversely, for the
basic electrolytes, negative of Epzrc, a deepening electrostatic potential drop will enrich the interface with
Na' ions, withdrawing charge from the carboxylate moieties, slightly acidifying them, marginally
lowering their H-BDFE, and decreasing (E°Y — Erug). Lastly, for the acetate buffered electrolytes, near
Evzrc, the constancy of interfacial electrostatic potential across the interface means inductive effects into
the electrode is unaffected by ionic strength and H-HDFE is unperturbed. In any case, a 30 mV shift
amounts to at most a 0.7 kcal mol™! change in H-BDFE, a rather modest deviation for such significant
change in electrolyte properties and water structure. The tracking of £E°4 with EruEe suggests changes in
overall ionic strength result in relatively minor differences in I-PCET thermodynamics and surface site
speciation from the dilute to saturated regimes when corrected for the change in proton activity.
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Figure 4 | Potential of I-PCET at GC-COOH as a function of NaClO4 concentration referenced to
SHE (left) and RHE (right). £°9 in solutions from 1 m to 17 m NaClO4 with solution proton activity set
by 0.1 M HCIlOy4 (red), acetate buffer (green), and NaOH (blue). Left: E°? referenced versus the pH
independent SHE scale. Right: £E°9 referenced to the proton-activity-dependent RHE scale by subtracting
the EruE potentials defined in Figure 2 from £°? in the left panel to account for concentration-dependent
proton activity. Points are means of three measurements, error bars represent 2o, dotted gray lines
represent linear regressions, and shaded regions represent 95% confidence band of each data set.

Effect of ionic strength on I-PCET Kinetics

With an understanding of I-PCET thermodynamics at GC-COOH electrodes, we sought to investigate
the mechanism of I-PCET. This was achieved by measuring [I-PCET kinetics as a function of ionic strength
and ionic-strength-dependent proton activity using the method of Laviron, also known as trumpet plot
analysis.’®*%%! In the method of Laviron, for a surface confined electron transfer reaction CVs such as in
Figure 3 are collected across several orders of magnitude in scan rate. As scan rate increases to a point
where the surface reaction is out of equilibrium, the CV’s anodic and cathodic peak potentials (Epeax) begin
to separate.”? Plotting the equilibrium-potential-normalized peak potentials (Epeak — £°9) as a function of
scan rate results in a characteristic trumpet shape (Figure 5, top). The experimental Epeac — £°9 data in the
trumpet plots can then be fit to the Epeax — £° points of simulated CVs (Figure 5 top, purple arc) to extract
site normalized apparent rate constants (kapp in s ') describing the equilibrium (zero overpotential)
exchange rate of [-PCET. Our previous report presents a detailed explanation of this method and its
application to I-PCET at GC-COOH.38

Across solutions of constant ionic strength, we previously showed that the kinetics of [-PCET at
GC-COOH are highly dependent on solution pH, with I-PCET being fastest at pH extremes and slowest
at intermediate pH. Derived from simple linear-free-energy rate-potential dependencies, our mechanistic
approach faithfully captures the observed dependence over three orders of magnitude in apparent rate
constant and fourteen orders of magnitude in proton activity. In our model, dubbed the caldera model
given the rate dependency’s inverted-volcano shape, the overall apparent rate constant, kupp, is simply the
sum of the individual pH-dependent apparent rate constants for I-PCET with two separate proton
donor/acceptor couples (Figure 5 bottom, green). One couple consists of H3O" as the proton donor for
I-PCET and water as the conjugate acceptor (the “acid” reaction, equivalent to Reaction 3), while the
other consists of water as the proton donor and OH™ as the conjugate acceptor (the “base” reaction,
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equivalent to Reaction 5). In acidic conditions where the activity of H3O" far outweighs OH", the acid
reaction prevails and its component pH-dependent apparent rate constant, kapp,acia(pH) (Figure 5 bottom,
red) far exceeds that of the HoO/OH™ couple, kapppase(pH) (Figure S bottom, blue). Alternatively, in
alkaline conditions, OH™ activity far exceeds H3O" activity and Kapp,base is larger. While other buffering
species may be present in solution, we showed that at GC-COOH acetic acid and acetate serve only to set
solution pH and are not competent proton donors or acceptors. Therefore Reaction 4 governs the overall
thermochemistry but does not control the rate of [-PCET. As derived in our previous study, the two pH-
dependent component apparent rate constants are each a function of only two parameters, the rate constant
at standard state (k2.4 at pH 0 for acid, and k.. at pH 14 for base) and a linear-free-energy scaling
constant for each reaction (aacid for the acid reaction and avase for the base reaction). The overall caldera-
shaped pH dependence can be written as:

kapp(PH) = Kapp,acia (PH) + kapp base (PH) Equation 5
kapp,acia(PH) = kQ.iq10~(1~@acia)PH Equation 6

Kapp.base (PH) = kQpse 10%base (PH-PKw) Equation 7

Kapp (PH) = kcjq10™ (- GacialPH 4 D 1 0%base (PH-PKw) Equation 8

In our previous study, the four governing parameters were determined to be kJ = 21,000 s,
kg =5,000 s}, aa = 0.66, and a = 0.70 for I-PCET at GC-COOH. While the caldera model successfully
captures the kinetic pH dependence of moderately dilute solutions, it was not developed to predict how
electrolyte concentration controls I-PCET rates.

12

https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2 ORCID: https://orcid.org/0000-0003-1016-3420 Content not peer-reviewed by ChemRxiv. License: CC BY-NC-ND 4.0


https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2
https://orcid.org/0000-0003-1016-3420
https://creativecommons.org/licenses/by-nc-nd/4.0/

100

> 50F .
E : .“...
L oF e esavey "
| B m_ﬁ_._._..._ %\.
& i L
W50 F e
: *‘*{.
~100 |
L L IIIIIIII 1 IIIIIIII 1 IIIIIIII 1 Ll L
0.1 1 10 100
Scanrate/ (Vs™)
kgc\d
-
kgase
B _(1_aa:\d)
‘ED Gbase
<
o -
9 _kapp.acwd(pH)
_kapp,base(pH)
B _kapp_tolal(pH)
1 I 1 I 1 I 1 I 1 I 1 I 1 I 1 I 1

0 2 4 6 8 10 12 14
pH
Figure S | Representative trumpet plot (top) and idealized kapp vs pH dependence expected from the
caldera model at constant ionic strength (bottom). top) A trumpet plot depicting the separation of peak
potentials from the equilibrium potential (Epeak — £°9) as a function of scan rate for I-PCET at GC-COOH
in 1 m NaClO4 + 0.1 NaOH. (pH 12.6) Blue dots represent measured potentials and purple arcs represent
simulated best fit peak positions for CVs with ks = 770 s ' for this particular data set. right)
Representation of caldera model for [-PCET at GC-COOH across pH values at 1 molar total ionic
strength.?? The “V” shape of the total observed rate constant Kapp.total(pH) is the sum of those for the acid

and base reactions. The acid component kapp.acid(pH) 1s shown in red, anchored at pH 0 by kgcid with a pH
dependence log-linear with —(1—aacid) and the base component kapp acia(pH) is shown in blue, anchored at
pH 14 by kgase with a pH dependence log-linear with apase.

Figure 6a shows k.pp values extracted from trumpet plots for the three proton donor/acceptor
conditions from 1 m to 17 m NaClOs. (See Supplementary Data 2 for representative trumpet plot from
each condition.) Starting from the 1 m NaClO4 condition, kapp values extracted based on linear regression
equal 9200 + 1700 s™! for the acidic condition, 1300 + 460 s~ ! for the buffered condition, and 920 + 240 s
for the basic condition. These values are very close to those expected from the caldera model for a ~1 m
solution. Traversing the range in electrolyte concentrations, the values of kapp as a function of concentration
are best understood on a logarithmic scale. For acidic conditions, kapp is essentially unchanged at 10>%7 5™
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for all ionic strengths studied. This differs from the observation for acetate buffered electrolytes where
kapp decreases from 10*!! s™' at 1 m to 10%3¢ s™! at 17 m, a factor of ~5.5. Lastly, kapp values obtained for
alkaline media increases only slightly from 10>¢ at 1 m to 10*%° at 17 m, all within experimental error of
each other and of the value measured at pH 13 in the caldera study.>® Upon cursory examination, the
kinetics of I-PCET seem to be independent of ionic strength in unbuffered acidic and alkaline media
whereas in buffered media [-PCET slows with increasing ionic strength. However, when these
insignificant changes in k) based on ionic strength for acidic electrolytes are viewed in context of the
associated significant changes in pH.y (Figure 2, red) and, similarly, the significant changes in kqpp, for
the acetate buffered electrolytes are viewed in the context of insignificant changes in pHep, (Figure 2,
green) it is apparent that an ionic-strength-dependent factor beyond proton activity must control I-PCET
rates in concentrated media.
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Figure 6 | Apparent rate constant (kqy) for I-PCET at GC-COOH as a function of electrolyte
concentration. a) Values of kupp extracted from trumpet plots for each of three proton donor/acceptor
conditions are plotted as a function of molality. Values for 0.1 M HCIO4 (red) and 0.1 M NaOH (blue) are
largely independent of ionic strength, while for 0.1 M acetate buffer (green) there is a marked decrease
in rate at higher NaClO4 concentrations. Points are means of three measurements; error bars represent 26,
dotted gray lines represent linear regressions, and shaded regions represent 95% confidence band of each
data set. b) Values of kapp from panel a (circles) and predicted ionic strength dependence of kapp based on
changes in pHetr (lines) calculated by adjusting the measured 1 m value using the estimated change in pHesr
from Figure 2 regressions and appropriate scaling coefficient o from Figure 5.

Careful examination of the trends in Erpg trends shown in Figure 2 and [-PCET rate constants shown
in Figure 6a reveals an unexpected symmetry between the increase of Erue for acidic solutions and the
decrease in kapp for buffered solutions. For acidic electrolytes, a linear regression of Erug against
concentration predicts an increase in Erug equivalent to a 1.9 unit decrease in pHefr as the concentration
is increased from 1 m NaClOsto 17 m NaClO4. According to Equation 6 and assuming a. = 0.66, this pH
decrease corresponds to an increase kapp of 0.64 log units, in sharp contrast to the measured increase of
0.01 log units (Figure 6b, red). On the other hand, an analogous linear regression for the buffered system
of EruEe against concentration predicts a smaller decrease in Erue equivalent to a 0.3 unit increase in pHesr
as the concentration is increased from 1 m NaClO4 to 17 m NaClOs. In contrast to the relatively small kapp
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decrease of 0.10 log units predicted by Equation 6 (a. = 0.66) for such a pH change, the observed change
in kapp 1s a decrease of 0.76 log units, resulting in a very similar relative kapp decrease of 0.66 log units
(Figure 6b, green). Thus, it can be observed that in both cases the observed rate is lower than would be
predicted based on pHefr alone, whether this manifests as a decrease in the observed kapp (as in buffered
solution) or as the failure to observe an expected increase in kapp (as in acidic solution). Moreover, the
relative rate decrease is similar in both cases, corresponding to an effective pH increase of ~2 units. These
observations demonstrate that the observed kinetic changes cannot be rationalized exclusively by applying
our pre-existing kinetic model to measured changes in Erur to capture changes in effective pH, and the
striking similarity between the relative rate decreases as a function of ionic strength in acidic and buffered
media suggests a common effect might govern the deviations from expected behavior in both systems.

Model

To explain the decrease in I-PCET rate constants relative to that expected based on the caldera model,
we introduce a complementary mechanistic model for I-PCET that explicitly accounts for the need to form
a pre-association complex prior to CPET. This model must account for the three different conditions
studied and capture the key observations of an absolute rate decrease in the acetate-buffered electrolyte
and a relative rate decrease (upon accounting for the pHes-predicted rate) in acidic electrolyte.

The decrease in I-PCET rates relative to molality-dependent proton activity, pHes, in acidic and
buffered concentrated NaClOy electrolytes must stem from a negative order in the concentration of the
supporting electrolyte ions. Activity changes associated with the terminal reactive species in Reaction 3
through Reaction 5 cannot account for the observed trend. The effect of the proton donor/acceptor activity
changes have already been accounted for in adjusting for pHer. The surface activities of protonated
(GC-COOH) and deprotonated (GC-COO") sites are equal to each other by virtue of sampling the rate at
the equilibrium potential, which itself changes minimally across the NaClO4 concentration range relative
to Erue (Figure 4). Consequently, we invoked that the increase in the Na™ and ClO4™ ion activities
themselves are the principal origin of the observed attenuation in I-PCET kinetics.

To account for the kinetic dependence on NaClO4 concentration, we propose an [-PCET reaction
mechanism in which the rate-limiting elementary CPET occurs from a hydrogen-bonded pre-association
complex (Figure 7). In acid (Reaction 3), the putative pre-association complex for the forward reaction
consists of a hydronium ion hydrogen bonded to GC-COO™ and the corresponding pre-association
complex for the reverse reaction consists of a water molecule hydrogen bonded to GC-COOH.
Importantly, this model invokes that the formation of both these pre-association complexes (in both
directions) require the displacement of Na* from the interface to the bulk medium. Thus, the equilibrium
constant for forming these pre-association complexes is expected to depend on the relative changes in
interfacial vs bulk Na" activity as a function of NaClO4 concentration. Notably, even for relatively dilute
bulk solution concentrations, the thin layer of solution where a solid electrode and liquid electrolyte meet
reaches solute concentrations far exceeding the same ions’ saturation concentration in the associated bulk
solution by up to eighty-fold.>%® Electrochemical impedance measurements of copper electrodes further
indicate that at constant potential, the interfacial capacitance of NaClO4 electrolytes are nearly constant
from 0.5 m to 17 m.>” While the EDL structure for our graphitic electrodes likely differ from that of copper
electrodes and the inference of thermodynamic properties from capacitance is complex, the above
findings, taken together, suggest that the charge density and structure of the EDL remains largely
unchanged across the large electrolyte concentration range probed in this study. This putative uniformity
in interfacial NaClOg4 activity stands in stark contrast to the enormous change in solution activity from
I m to 17 m NaClOs, equal to a change in electrolyte mole fraction from 1.8% to 23% alongside a 50%
increase in activity coefficient.®* Consequently, we invoke that increased NaClO4 concentration serves
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increase Na' activity in the bulk relative to the interface, thereby inhibiting the Na* displacement required
for formation of the pre-association complexes. For a more detailed discussion concerning the presence
of charge-matched co-ions at the interface, see Supplementary Note 4.

To include pre-rate limiting interfacial co-ion rearrangement in the hydronium-donor I-PCET, as
occurs in both in the HC1O4 and acetate buffered electrolytes, Reaction 3 can be expanded to three steps:

GC-COO +Naly + H3Obux —
GC-COO™ + H30% + Nabuxk == e /GC-COOH + H2Oint + Nabuik

= ¢ /GC-COOH + Nan + H2Opuik Reaction 6

Where the subscript “int” indicates an interfacial species. Reaction 6, shown pictorially in Figure 7,
includes (1) a Na' ion leaving the interface before PCET to accommodate a H;O"donor, (2) the I-PCET
reaction step, as well as (3) an Na' ion returning to the interface following the PCET step. As discussed
previously,*® the I-PCET step itself contains three elementary steps, (2a) the formation of a hydrogen-
bonded pre-association complex containing the proton donor and deprotonated active site, (2b) the CPET
step within the pre-association complex, and (2¢) scission of the successor complex to the protonated
active site and conjugate proton acceptor. Reaction 6 requires Na" to return to the EDL following I-PCET
because the neutralization of the cationic H3O" during I-PCET creates a charge imbalance near the
interface. As Nah = Nabuk precedes the rate limiting step, the overall reaction slows as the activity of
Nabui increases relative to Nai. Conversely, the concluding step Nabuk = Nain should become more
favorable with increased Nabui, but this equilibrium follows the rate limiting step and therefore does not
affect the overall rate of Reaction 6. Likewise, in the reverse direction, the microscopic reverse of step
(3) (Na'nt + H2Obuik = H2Oint + Nabuix) precedes the rate-limiting I-PCET step, imposing the same pre-rate
limiting dependence on interfacial ion transfer in the reverse I-PCET pathway. As [-PCET rates are
measured near equilibrium, the reverse I-PCET, deprotonation by water, must also account for Na* ion
movement out of the interface preceding the rate-limiting I-PCET.

16

https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2 ORCID: https://orcid.org/0000-0003-1016-3420 Content not peer-reviewed by ChemRxiv. License: CC BY-NC-ND 4.0


https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2
https://orcid.org/0000-0003-1016-3420
https://creativecommons.org/licenses/by-nc-nd/4.0/

L%,

g|_ EDL Bulk

EDL Bulk
u u (1)Na* fxits EDL, “ u (2a) H,0* binds (20) CPET...
o u ,: H;0" enters A u ‘ to COO™ (next line)
s » e = 8 =~
£ 4 £ 4
I : > I : >
E 0 Distance E 0 Distance
-I EDL Bulk —l EDL Bulk Bulk
—_— N —_—A A
...(2b) CPET u u (2c) water exits u u (3)Na*returns u - u
(prev. line) o .” ‘ EDL o u “ to EDL 4 u -
—~—— Y
OH»-: 8 B Lt 8 OH ‘ . 8
£ 4 £ 4 £ 4
' > — > — >
,t;‘ 0 Distance E 0 Distance E 0 Distance

Figure 7 | Five elementary sub-steps of I-PCET when H3O™" acts as the proton donor to the surface
carboxylic acid site. (1) A Na' near the interface leaves the EDL, permitting a H3O" to enter the EDL.
(2a) H3O" from the EDL specifically adsorbs to the carboxylate surface site in a hydrogen bonded I-PCET
pre-association complex. (2b) Concerted proton electron transfer within the pre-association complex: a
proton transfers from the H3O" donor to the surface carboxylate, leaving behind a hydrogen bonded water
molecule, the conjugate proton acceptor. Meanwhile, an electron flows from the external circuit to
counteract the proton’s charge. Since electron motion within the conductive circuit is effectively
barrierless, these two charge transfers occur in a single step. (2¢) The successor complex cleaves, as water

transits back to the EDL. (3) A Na" ion returns to the EDL to reestablish the charge state present before
I-PCET.

In alkaline media where OH™ acts as a proton acceptor, Reaction 5 can be expanded to include anion
movement just as Reaction 3 is expanded to include cation movement in Reaction 6. In this case it is
helpful to write out the I-PCET in the reverse direction with OH™ accepting a proton from the surface.

e /GC-COOH + ClO4,int+ OHpux =
¢ /GC-COOH + OHint + ClO4puk ==  GC-COO™ + H20int + ClO 4 puik
=  GC-COO +ClO4,int + H2Ovbuik Reaction 7
Reaction 7 involves the displacement of interfacial ClIOs4~ by OH™ from the bulk preceding the rate
limiting I-PCET step as well as a subsequent return of anionic ClO4™ to the EDL. Just as in Reaction 6,
the post-rate-limiting return of ClO4™ to the EDL is needed to reestablish interfacial charge neutrality and

ensure that the microscopic reverse of Reaction 7 also involves pre-rate-limiting interfacial ion
displacement.

To account for pre-rate-limiting interfacial-co-ion transfer on I-PCET rates, we introduce
complementary ionic-strength-dependent rate equations to those of Equation 6 and Equation 7 that
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define the constant ionic-strength caldera model. Incorporating an inverse dependence of I-PCET’s
apparent rate constant on the ratio of bulk to interfacial NaClOg activity results in the following equations:

a+( m) e .
kapp ac1d(pHeff; m) = kaCld —tljulk( )aﬁug((m) X 10 (1-aacia)pHesr Equatlon 9
mt ( )
C]O .
Kapp,base (PHer, M) = Kpase X —bulﬁ( ) bmk(m) X 10%base (PHerr—PKuw) Equation 10
4

The “a” terms refer to the activity of the subscripted species in either the superscripted bulk or interfacial
phase. Each activity term and apparent rate constant, kapp, term is noted as a function of the bulk supporting
electrolyte molality “m,” with each term separately dependent on the bulk ion concentration. A full
derivation of Equation 9 and Equation 10, including the explicit dependence on water activity appear in
the Supplementary Note 2 and Supplementary Note 3. Defining the bulk ion activities and the bulk
activity of water to be unity at 1 mol kg ! ionic strength and referencing the unknown interfacial ion
activities as unity as well, Equation 9 and Equation 10 collapse into Equation 6 and Equation 7 that
define apparent rate constant at 1 molal ionic strength. The proposed interfacial ion transfer reactions,
though operative at these lower concentrations, only exert apparent rate control when I-PCET rates are
measured over a large range of ion strength conditions. As written, it is clear that an increase in bulk ion
activity relative to the interfacial ion and bulk water activities leads to an overall rate decrease as ionic
strength increases at a fixed pH.
Differing dependencies between bulk vs. interfacial activities for ClO4 ions and bulk vs. interfacial
activity for Na" ions on bulk sodium perchlorate concentration give rise to the more muted scaling of
observed I-PCET rates versus pHesr in the basic electrolytes. As mentioned above, at 17 m in both
electrolytes where H3O™ acts as the proton donor the apparent rate constant for I-PCET is about 4.5-times
less than would be expected from Equation 6 for the measured proton activity (Error! Reference source
not found., red & green). The complementary factors included in Equation 9, but not Equation 6, that is
Elat+ (m)
bulk( )

ANat

in a}}“%‘(m) from 1 m to 17 m NaClO4,>® a ~2.25-fold increase of aNglf (m) compared to a};’}, (m) over

the same range must be hindering rate-limiting ion transfer and slowing I-PCET at high ionic strength.
Notably, this scaling in bulk and interfacial Na* activity differs only minutely between the acetate buffered
electrolytes at 0 V vs Epzrc and HCIO4 electrolytes at least 0.25 V positive of Epzrc, two cases where the
EDL structure could differ significantly. In basic media, the change in k4, tracks more closely to the 2-
adio; (m)

fold increase predicted by Equation 7, suggesting that changes in W()

X aHzlk (m), must account for this change. According to this model, in light of the 2-fold decrease

X aHzlk(m) are comparatively

minor (Figure 6b, blue).

The stark difference in interfacial versus bulk activity scaling for the Na" and C1034 ions likely stems
from different solvation thermodynamics between the more charge-dense cation and diffusely charged
anion.*’*® Competition for solvation increases the chemical activity of bulk Na* ions, impeding the transit
of Na* ions away from the interface and inhibiting the approach of H3O" to the GC-COOH active site
(Error! Reference source not found., left). Conversely, the more diffusely charged ClO 4is less destabilized
by the paucity of solvent, resulting in a minimal change in ClO4™ activity in the bulk from 1 m to 17 m
NaClOg4 and thus limited sluggishness arising from pre-rate-limiting ion transfer when OH™ acts a proton

18

https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2 ORCID: https://orcid.org/0000-0003-1016-3420 Content not peer-reviewed by ChemRxiv. License: CC BY-NC-ND 4.0


https://doi.org/10.26434/chemrxiv-2024-8vb2n-v2
https://orcid.org/0000-0003-1016-3420
https://creativecommons.org/licenses/by-nc-nd/4.0/

acceptor. The minimal changes in pre-rate-limiting interfacial ion transfer and rate-limiting I-PCET
equilibria lead to no net change in apparent I-PCET rates (Figure 8, right). Indeed, though impossible to
verify experimentally,*® computational models suggest Na* and ClO4~ could have asymmetric individual
ion activity coefficients in the bulk.%>*” Though the magnitudes of the effective rate increase due to
donor/acceptor activity and the effective rate decrease due to the product of donor/acceptor-gating ion
transfer and water activity differ for the H3O"/ Na* system and the OH /CI1O4~ system, in both cases the
two opposing modes of supporting electrolyte non-innocence cancel out. The ability to independently
measure the ionic strength dependence of electrolyte proton activity and I-PCET kinetics suggests that the
equal and opposite effect supporting electrolyte concentration has on proton donor/acceptor activity and
pre-rate-limiting interfacial co-ion transfer is general to cations and anions, and that the relative strength
of these effects can be qualitatively predicted based on the ions’ solvation thermodynamics and
coordinating ability.

In contrast to the stable rates observed in acidic and basic solutions, observed I-PCET rates decrease
markedly in acetate buffered electrolytes at high ionic strengths. This observed decrease arises from the
fact that the acceptor/donor couple responsible for setting bulk proton activity (acetic acid / acetate) is not
the kinetically relevant couple for I-PCET. Thus, unlike in acidic solution, the sluggishness of displacing
Na' from the EDL at high concentrations is not necessarily compensated by an increase in bulk proton
activity. Indeed, it is observed that pHefr remains steady across the concentration range (Figure 2, green),
suggesting that interactions between the acetate acid/acetate buffer and the supporting electrolyte are
minimal (Error! Reference source not found., middle). On the other hand, as H3O" remains the kinetically
relevant proton donor, the need to displace a Na* ion from the surface remains. The slowing of kapp(pH,m)
from 1 m to 17 m buffered NaClO4 by 0.7 orders of magnitude (Error! Reference source not found.) at
roughly constant pHer is equivalent to the change in kapp(pH,m) that would be expected for a change in
proton activity by 2 pH units at constant ionic strength, indicating Na* transfer between the interface and

HCIO,4 electrolyte, H3O* sets pH Acetate buffer, buffer sets pH NaOH electrolyte, OH™ sets pH
EDL Bulk EDL Bulk EDL Bulk
cation competition buffer anion solvation
n sets pH u sets pH dominated by Na*

: : :/‘\' O : &
B 4 ‘R A

u\/‘u 8 !8\_/.“ &

cation motion ‘ cation motion ‘ ~ anions
L a gates PCET i gates PCET i exchange freely l
1 e 1 v 1 >
I o Distance from electrode I o0 Distance from electrode I o0 Distance from electrode

‘ hydrated sodium cation  g°® hydrated hydronium cation ~ @ water u perchlorate anion @ hydroxide anion k acetate anion

Figure 8 | Ion interactions under acidic, buffered, and alkaline conditions. Left) For acidic
electrolytes, competition for solvation and ion repulsion increases H3O" activity and inhibits Na* transfer
to the bulk. These effects are equal and opposite, resulting in I-PCET rates that are molality independent.
Center) For acetate buffered electrolytes, proton activity is kept constant by the buffer but Na* transfer to
the bulk is still inhibited as molality increases, slowing I-PCET rates. Right) For alkaline electrolytes,
competition and repulsion between OH™ and ClO4 result in minimal changes in OH™ activity and ClO4
transfer to the bulk, yielding no net change in [-PCET rates with ionic strength.
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electrolyte gates I-PCET as long as H3O" is the kinetically active I-PCET proton donor. The ability to
independently measure Erue and kapp(pH,m), and the differing molality dependence of each in the HCIO4
and acetate-buffered electrolytes, indicates that even when pHef shifts with Nabux activity, a conserved
Nabu-activity-dependent interfacial ion transfer reaction controls I-PCET rate.

Conclusion

In this study we leverage the molecular precision of graphite conjugated carboxylate electrode active
sites to quantify how supporting electrolyte concentration controls the thermodynamics and kinetics of
interfacial proton coupled electron transfer. Data collected from 1 molal to 17 molal aqueous NaClO4
electrolytes for highly acidic, highly alkaline and mid-pH buffered electrolytes afford wide-ranging insight
into these effects. We observed an effective pH decrease of nearly 2 units and no change in I-PCET rate
with increasing electrolyte in acidic solution, no effective pH change and a decrease in I-PCET kinetics
comparable to an effective pH increase of 2 units with increasing electrolyte in buffered solution, and no
change in effective pH or I-PCET rate with increasing electrolyte concentration in basic solution. We
attribute the shift in proton activity of the highly acidic electrolytes to an increased competition for H3O"
solvation as Na" concentration increases, whereas an increase in Cl1O4~ concentration has minimal effects
on the solvation of OH™ or acetate anions. Similarly, we attribute the relative slowing of I-PCET in the
HClO4 and acetate buffered electrolytes to the need for H3O", the kinetically active proton donor, to
displace a Na" ion at the electrochemical interface before rate limiting proton transfer. In basic electrolytes
ClO4™ that must transfer to accommodate a OH™ proton acceptor at the interface; however, this transfer is
minimally inhibited at high concentrations. The observed effects of stable rate in acid and base and a rate
decrease in buffered solutions can thus be understood as the composite of the aforementioned bulk and
interfacial effects. These kinetic data strongly support a multistep mechanism for I-PCET in which an
interfacial ion transfer reaction gates the formation of the PCET pre-association complex. Based on this
mechanistic model, we introduce rate equations for I-PCET that incorporate bulk concentration dependent
ion-activity dependencies to account for pre-rate-limiting interfacial ion transfer.

The mechanistic model presented above illustrates that supporting electrolyte ions play a critical role in
interfacial proton-coupled electron transfer reactivity despite not being produced or consumed in [-PCET
reactions. These ions unable to accept or donate protons themselves are not innocent in I-PCET reactivity
and strongly influence solution proton activity and interfacial ion transfer. Our findings highlight that,
although at interfaces proton and electron must transfer in a concerted step, a complete I-PCET reaction
cannot simply be framed as a single elementary step, but as the series of five steps shown in Figure 7. To
properly model I-PCET reactions, all five reactions, including the influence of supporting electrolyte and
the movement of ions within the electrode/electrolyte boundary layer must be considered. The observed
effect may only become apparent at high bulk ionic strength, however even at relatively dilute electrolytes
where the interface may not be super-saturated, interfacial supporting electrolyte ions still exceed the bulk
and so must move to accommodate the approach of ionic reactants to the electrode interface to form the
hydrogen bonded pre-association complex. Understanding the role played by concentrated electrolyte
solutions introduces new design principles for electrocatalytic systems and lends mechanistic insight into
the preferential properties of highly concentrated media for electrochemical applications. For instance,
concentrated electrolytes can be leveraged to promote the movement of neutral molecules across interfaces
and on-electrode proton-free reactions such as the of C-C coupling to form multicarbon products in carbon
dioxide reduction.’” Moreover, buffered concentrated electrolytes can maintain optimal solution pH for
reactants while slowing parasitic [-PCET side reactions. Finally, our results indicate that concentrated
HCIO4 electrolytes allow modulation of effective solution pH without promoting parasitic I-PCET. This
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observation, invoked in tandem with an interfacial pH swing assisted by the high concentration of solute,®®
shed light on the paradoxical slowing of hydrogen evolution rates observed in water-in-salt electrolytes as
measured pH decreases.!>??% In these ways electrolyte concentration and identity present a rational highly
adjustable design parameter for developing the electrochemical devices essential for the clean energy
transition.
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