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A detailed understanding of the electrical double layer is key to the 

optimization of heterogeneous electrochemical reactions. A myriad of factors within 

the double layer can influence reaction rates. This dissertation focuses on several key 

aspects of the double layer and the resultant effect on electrochemical processes 

generally, albeit with an emphasis on the electrochemical reduction of CO2. Here we 

present a broad study of the factors affecting electrochemical activity, including 

electrode material, potential-dependent solvent geometry, interfacial reactant 

concentration, potential-dependent interactions between electrode and electrolyte ions, 

and electrode contamination resulting from various experimental conditions, resulting 

in both generalized behavior for electrochemical processes and molecular-level 

reaction networks for CO2 reduction in multiple systems.  

To study the electrochemical double layer, we use traditional electrochemical 

methods coupled with isotopic labeling and attenuated total reflectance surface-

enhanced infrared absorption spectroscopy (ATR-SEIRAS) to probe the effect of the 

electrochemical double layer on surface-mediated electrochemical reactions. Coupling 

ATR-SEIRAS with widespread voltammetric techniques and kinetic analysis allows 

us to selectively probe the electrochemical double layer at the molecular level as a 

function of electrode potential, giving new insight into electrochemical CO2 reduction 

and the behavior of the double layer more generally. Throughout the research 

presented in the following dissertation, we develop numerous new 

spectroelectrochemical cell configurations to expand the capabilities of this highly 
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surface-sensitive technique and more closely mimic operando electrochemical 

conditions. Using these techniques we provide new mechanistic insight into the 

electrochemical reduction of CO2 in bicarbonate on Au and Ag, the pyridine-mediated 

electrochemical reduction of CO2 on Pt, the potential-dependent reorganization of 

water in the double layer in acidic and alkaline electrolytes, the interaction  between 

cations, adsorbates, and the electrode surface, interfacial concentration effects on 

electrokinetics, and the causes and effects of electrode contamination in ATR-SEIRAS 

studies. 
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INFLUENCE OF THE ELECTROCHEMICAL DOUBLE -LAYER ON 

HETEROGENEOUS ELECTROCHEMICAL REACT IONS 

1.1 Introduction  

Improved understanding of the electrical double layer has been responsible for 

many significant innovations in electrochemistry, particularly in the development of 

energy storage devices such as electrochemical pseudocapacitors and 

supercapacitors.1-3 However, the effect of various aspects of the electrical double layer 

on the activity and selectivity of heterogeneous electrochemical reactions, which occur 

at the electrode-electrolyte interface, remains poorly understood. The structure of the 

electrochemical interface is typically divided into five distinct regions (Figure 1.1).4-7  

First is the electrode itself, where either the current or electrical potential is controlled. 

Just beyond the electrode is the Helmholtz plane, first described by Helmholtz and 

later divided into the Inner Helmholtz plane (IHP) and the outer Helmholtz plane 

(OHP) by Bockris et al.5 Species that are specifically adsorbed on the electrode 

surface, including solvents molecules, reactants, products and reaction intermediates, 

and any other specifically adsorbed molecules or ions on the electrode belong to the 

IHP. Beyond the IHP, is the OHP, which includes the nearest layer of ions and 

corresponding solvation shell that are drawn to the electrode via electrostatic forces. 

Due to the interaction with the surface, species in the OHP are often referred to as 

nonspecifically adsorbed ions. The OHP is primarily comprised of ions with an 

opposite charge of the electrode. For example, and negatively charged electrode will 
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repel anions while attracting cations via electrostatic forces, so that for a negatively 

charged electrode, the OHP is comprised of electrolyte cations and their solvation 

shells, and the opposite is true for positively charged electrodes. The diffuse layer, 

first described by Gouy and Chapman, consists of loosely alternating layers of anions 

and cations which maintain charge neutrality throughout the double layer, accounting 

for the exponential decay of the potential away from the electrode.7 Beyond the 

diffuse layer is known as the bulk, where the potential of the electrode no longer 

affects the electrolyte structure.  

 

Figure 1.1: Schematic of the electrical double layer. 

Despite the widespread acceptance of its importance, significant challenges 

still exist in studying the effect of changes in the double layer structure on 

electrochemical reactivity. The presence of the electrolyte complicates many common 
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microscopic and spectroscopic techniques, making them unsuitable for probing 

electrochemical systems. As a result, computational approaches are attractive; 

however, explicit modeling of both ions and the solvent make first principles based 

simulations of the double layer computationally expensive. The effect of the 

electrolyte is typically approximated using continuum solvent models or other 

simplifying techniques. In this article, recent developments in both experimental and 

computational methods for analyzing both the structure and the effect of various 

double layer properties are briefly reviewed, including the potential-dependent 

behavior of solvents, current-induced interfacial concentration gradients and their 

effect on electrokinetics, the effect of nonspecifically adsorbed cations in the OHP on 

reaction activity and selectivity, and investigations of the interface between the 

electrode and solid polymer electrolytes.  We then provide insights into how these 

existing studies could inform future experimental design and evaluate key obstacles 

toward developing a thorough understanding of the effects of the electrical double 

layer on heterogeneous electrochemical reactions. 

1.2 Solvent Structuring within the Double Layer 

Because the vast majority of electrochemical reactions of interest occur in 

aqueous environments, the structure of water at the electrode-electrolyte interface is of 

particular importance. A previous, detailed review of both computational and 

experimental investigations of water behavior at the electrochemical interface was 

given by Ito in 2008, including studies using in-situ infrared spectroscopic and 

scanning tunneling microscopy.8 Of particular interest is the use of attenuated total 

reflectance surface enhanced infrared absorption spectroscopy (ATR-SEIRAS), in 

probing the potential dependent orientation of water.9-13 ATR-SEIRAS is a highly 
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surface-sensitive infrared spectroscopic technique which allows for selective 

investigation of the electrolyte within 5-10 nm of the electrode surface. Briefly, a 

spectroelectrochemical cell designed in an ATR configuration, with a thin metal film 

(~20-50 nm) deposited on the reflecting plane of an internal reflection element. The 

evanescent wave is amplified by plasmon resonance within the metal film, causing a 

localized enhancement of the resultant infrared evanescent wave within 5-10 nm of the 

electrode. Dunwell et al. conducted a comprehensive study of potential-dependent 

water orientation in electrolytes within a wide pH range using ATR-SEIRAS on Au.11 

It was found that at low pH, the H-bonding network of water was increasingly 

disrupted with increasing electrode potential by specific adsorption of water within the 

IHP or within the hydration shell of anions in the OHP. Bands associated with 

electrostatically attracted H3O
+ were also observed at lower pH (1.4, 4.0, 6.8) at low 

electrode potentials. Conversely, an additional OH stretching band, which increased in 

intensity with increasing potential, was assigned to hydroxide in the IHP. This 

understanding of the pH-dependent behavior of interfacial water and related species 

could be a key factor in understanding activity differences in the hydrogen evolution 

(HER) hydrogen oxidation (HOR), oxygen evolution (OER) and oxygen reduction 

(ORR) reactions between acid and base.14-18 For example, Ledezma-Yanez et al. 

investigated the potential-dependent orientation of water and propose that the 

increased ordering of water at high pH at the same RHE potential (lower potential on 

the SHE scale) causes an additional energy barrier for the HER, resulting in lower 

activity at high pH than at low pH.19 These findings underscore the fact that simply 

maintaining the same RHE potential is not sufficient to compensate for changes in 

electrolyte pH. Rather, special consideration should be paid to the structure of the 



 5 

solvent both due to changes in the solvation of different ions (H3O
+ and corresponding 

anions versus OH- and corresponding cations) when examining reactivity changes. 

Additionally, despite thorough studies of interfacial water behavior, there remains a 

distinct need for studies of the solvent structure under operando conditions beyond the 

HER/HOR. For example, studies of solvent reorganization during the CO2 reduction 

reaction (CO2RR) could provide key insights into the identity of the proton donor (i.e., 

H2O, HCO3
-, or H3O

+).  

Similar investigations of potential-dependent solvent behavior have also been 

conducted with room temperature ionic liquids (RTIL) using infrared and sum 

frequency generation (SFG) spectroscopies.20-23 RTILs have been demonstrated as 

attractive family of solvents for electrochemical processes such as CO2RR, due to their 

high CO2 solubility and selectivity toward CO2RR products over the HER.22 Anaredy 

et al. probed the time-dependent structuring of RTILs, and found that the ordering of 

RTILs is significantly different than water in two key aspects: 1) structural 

equilibration occurs on time scales far longer than typical aqueous electrolytes (30-120 

mins) and 2) ordering of RTILs persists up to 2 µm from the substrate surface.23 

Additional SFG studies by Baldelli were aimed at probing the potential-dependent 

behavior of RTILs in the double layer.20-21 Surprisingly, despite observations of the 

long range ordering of RTILs, the potential-dependent spectra obtained using CO as a 

probe molecule suggest that a single molecular layer is sufficient to screen the electric 

field from the electrode due to the high charge density of the electrolyte, so that the 

ñdouble-layerò consists of only a single molecular layer, and the diffuse layer is 

entirely absent. The molecular orientation of this single layer is also described, with 

the imidazolium ring lying more parallel to the surface as the electrode becomes more 
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negatively charged, and standing normal to the positively charged electrode. A 

detailed understanding of the molecular orientation of RTILs could be necessary 

toward developing a mechanistic understanding of various electrochemical processes 

such as the CO2RR in ionic liquid electrolytes.22  

1.3 Reaction-Induced Concentration Gradients in the Double Layer 

Concentration gradients caused by electrochemical reactions have been shown 

to have a significant impact on reaction kinetics via mass transport limitations. 

However, these changes are often ignored due to difficulty in the quantification of 

concentration profiles within the double layer. Concentration gradients of protons (or 

changes in near-electrode pH) in particular, have a strong impact on electrochemical 

processes such as HER and HOR, in which 1 proton or hydroxide ion is produced for 

every electron transferred in the reaction.24 Katsounaros et al. quantified changes in 

near-electrode pH during cyclic voltammetry between hydrogen evolution and 

hydrogen oxidation potentials in hydrogen-saturated, unbuffered solutions of pH = 1, 

4, 7, 10, and 14, as well as in a phosphate buffered solution at pH = 7.2 by relating 

experimentally observed currents to proton concentration via the Nernst-Planck 

equation and well-defined convection (rotating disk electrode with a rotation rate of 

1600 rpm).25 It was found that with current densities up to 1 mA cm-2, near-electrode 

pH only changes by <1 pH unit in strongly acidic or alkaline environments, while in 

neutral electrolytes (buffered or unbuffered) near-electrode pH can deviate from the 

bulk value by >3 pH units. These deviations from bulk pH cause large concentration 

overpotentials for HER/HOR at intermediate bulk pH values.  

In addition to the HER/HOR, interfacial pH and gradients have been shown to 

have a strong impact on the activity and selectivity of the CO2 (CO2RR) and CO 
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(CORR) reduction reactions. Hori et al., studying the CO2RR and CORR on Cu in 

various electrolytes, first observed an increase in CO production during the CO2RR 

and an increase in selectivity toward C2 products during the CORR in less buffered 

electrolytes.26-27 They attributed activity and selectivity changes to increases in 

interfacial pH, which in turn suppressed the HER, increasing desired product 

selectivity (Figure 1.2a). Gupta et al. later conducted more rigorous simulations of 

interfacial concentration gradients during the CO2RR on planar Cu electrodes and 

predicted that near-electrode pH could increase by >2 units under typical reaction 

conditions.28 More recently, Raciti at al. coupled reactivity studies with detailed 

simulations of the interfacial concentrations along Cu nanowires oriented 

perpendicular to the bulk Cu electrode, and showed that C2 product selectivity in the 

CO2RR is maximized when the near electrode pH is 9-10, so the rate of the HER is 

suppressed without significant changes to near-electrode CO2 concentrations.29 

However, additional increases in overpotential can severely deplete reactant 

concentration near the electrode, with CO2 concentration reaching ~0 half-way down 

the nanowire at -1.0 V vs. RHE (Figure 1.2b-c). In our recent work, we used ATR-

SEIRAS to experimentally quantify near-electrode concentrations and pH by 

monitoring the ratio between carbonate and bicarbonate bands during the CO2RR on 

Au, and observed an increase of 1.15 and 0.82 pH dec-1 of current density, 

corresponding to concentration overpotentials of 68 and 48 mV dec-1 in unstirred and 

stirred CO2-saturated 0.5 M NaHCO3, respectively.11, 30 Moreover, it was found that 

although CO2 concentration reached nearly 0 at -0.8 V vs. RHE when the electrolyte 

was unstirred. Meanwhile, no appreciable reduction in the CO2 concentration near the 

electrode surface was detected at a potential as low as -0.9 V vs. RHE when the 
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electrolyte was stirred using a magnetic stir bar at 1800 rpm. This work provides a 

framework for experimental quantification of near-electrode concentrations, and the 

extension of this technique to other reactions of interest and electrode morphologies 

(particularly nanostructured electrodes) will be a key step in developing a more 

complete understanding of the electrical double layer.   

 

Figure 1.2: (a) Scheme of reaction-driven concentration gradients evolving during 

the CO2 reduction reaction. (b) Concentration of chemical species at half-

way down electrochemically reduced (ECR) Cu nanowires depending on 

the electrode potential. (c) Distribution of species through the boundary 

layer at -1 V for the ECR Cu nanowires. (b) and (c) were adapted from 

reference [29ÅÅ]. 

In light of both computational and direct experimental observation of 

significant near-electrode concentration and pH gradients, special care should be taken 
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to consider these gradients in the interpretation of existing electrokinetic data and in 

the design of new electrokinetic experiments. The demonstrated interfacial gradients 

can cause significant concentration overpotentials with increasing current density, so 

that kinetic studies must be conducted in a sufficiently low current range such that 

concentration gradients are minimized. Furthermore, quantification of near electrode 

concentrations under more controlled reaction conditions such as in the use of rotating 

disk electrodes and flow cell configurations are necessary for the optimization of more 

developed electrochemical systems such as electrolyzers, fuel cells, and flow cells for 

the nitrogen and CO2 chemistries. 

1.4 The Potential-Dependent Distribution of Ionic Species in the Double Layer 

Electrolyte cations have been demonstrated to have a significant impact on not 

only the rate, but also the selectivity of many important electrochemical processes.16, 

26, 31-32 Indeed, ORR, HOR, and methanol oxidation reaction on Pt electrodes each 

showed increased activity with increasing size of alkali cations from Li+ to Cs+ in 

alkaline electrolytes.16 Strmcnik et al. explained the difference in activities based on 

the hydration of different alkali cations, where Li+ and Na+ were partially solvated not 

only by water, but by adsorbed hydroxide in the IHP. The partial solvation by IHP 

hydroxide was proposed to cause a site-blocking effect, prevent reactants from 

reaching active sites on the electrode. Conversely, K+ and Cs+ were proposed to be 

more fully solvated by water in the OHP, and are therefore less prone to blocking of 

electrochemical active sites. Similarly, both Mills et al. and  Matanovic et al. proposed 

that specifically adsorbed alkali cations in the IHP are able to block hydrogen 

adsorption, thereby limiting the HER/HOR on Pt(111), whereas on Pt(110) and 

Pt(100), cations and hydrogen adsorb on different sites, thereby minimizing the impact 
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of cations on these facets.33-34 Later computational work by McCrum et al. however, 

suggested that although specific adsorption of K+ is possible, it does not significantly 

impact hydrogen adsorption. Rather, the interaction between K+ and adsorbed OH 

weakens the binding energy of OH, thereby impacting alkaline HER/HOR rates.35 

Subsequent combined experimental and computational work on Pt(553) also suggests 

that alkali cations weaken OH binding on step sites, as evidenced by a shift in the 

hydrogen underpotential deposition peaks in CV above pH = 3.36 

In addition to activity changes, Murata et al. first demonstrated the impact of 

alkali cations on the selectivity of the CO2RR on Cu electrodes, with larger cations 

favoring C2 over C1 reduction products.31 Selectivity changes were explained again by 

differences in the hydration energy of the cations leading to differences in the potential 

of the OHP for each cation. Subsequent computational work suggested that 

specifically adsorbed K+ is able to stabilize reaction intermediates, promoting C-C 

coupling through the *CHO intermediate, leading to an increase in C2 product 

selectivity.37 Conversely, based on their own computational results, Singh et al. 

proposed that the pKa of water in the hydration shell decreased with increasing cation 

size, allowing larger cations (K+, Rb+, and Cs+) to act as more effective pH buffers, 

leading to a relative increase in CO2 concentration near the electrode, thereby 

explaining the observed changes in product activity and selectivity.38  
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Figure 1.3: (a) ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) during 

anodic and cathodic scans at a scan rate of 5 mV s-1 from -1.1 V to 1.2 V 

vs. SHE on chemically deposited Pt film electrode in 0.1 M TMACl 

under continuous CO purge. Reference spectrum collected at 1.2 V vs. 

SHE. Scheme of cation behavior on Pt film electrode during the 

experiment as in (a) between (b) 0.4 to 0.6 V and (c) below 0.4 V vs. 

SHE. (a) was adapted from reference [40ÅÅ]. 

In order to investigate the effects of cations experimentally, Dunwell et al. 

used ATR-SEIRAS to probe the impact of cations on the adsorption of an adsorbed 

CO probe molecule on Pt and Au electrodes (Figure 1.3a).39 It was found that both 

alkali and small organic cations were able to displace CO from a linear-bound 

configuration (COL) to a bridge-bonded configuration (COB) on Pt as cations in the 

OHP were drawn closer to the electrode with decreasing potential (Figure 1.3b-c). It 
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should be noted that a lack of Stark tuning of the near electrode tetramethylammonium 

(TMA+) cation suggests that no specific adsorption of TMA+ occurs in the potential 

range studied. Interestingly, it was found that the degree of displacement increased 

with cation size, where Li+ exhibited the lowest COB to COL ratio, followed by Na+ 

and K+. This trend suggests that, contrary to the aforementioned computational work, 

larger cations may interact more strongly with adsorbates in the IHP.  Additionally, it 

was observed that on Au electrodes, cations are able to displace the weakly bound 

COL off of the electrode completely at potentials below -0.4 V vs. SHE in 0.1 M 

KClO4. Similarly, in ATR-SEIRAS investigations of the CO2RR on Au, Na+ has been 

shown to be able to displace COL from the Au surface below 0.0 V vs. RHE in CO-

saturated 0.5 M NaHCO3.
40 The observation that the coverage of adsorbed CO under 

typical reaction conditions is ~0, is a key finding in understanding the mechanism of 

the CO2RR on Au, as other experimental techniques, such as Tafel analysis, depend on 

the total surface coverage of the electrode during reaction.40 

The results of computational, reactivity, and spectroscopic studies all suggest 

that although ions in the electrolyte may not participate directly in the reaction, the 

interactions between ions, the electrode surface, and adsorbates can have a strong 

impact on both activity and selectivity of heterogeneous electrochemical reactions. 

Moreover, when comparing literature data, it is important to note differences in the 

electrolyte composition, as some reactivity differences may be easily resolved by 

considering the effect of ions. Finally, future work should leverage the growing 

understanding of the effect of ions in order to further optimize reaction activity and 

selectivity, as demonstrated in the CO2RR on Cu electrodes. Despite recent 

advancements, two key questions remain. First, what is the nature of cation 
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adsorption? With the apparent contradiction between existing spectroscopic and 

theoretical work, additional studies are necessary to understand the degree to which 

specific adsorption of cations occur. Second, more robust spectroscopic studies of 

reactions under operando conditions are required to understand the mechanism of 

changing activity and selectivity, e.g., the CO2RR on Cu electrodes using different 

cations.  

1.5 Venture into Electrode-Polymer Electrolyte Interfaces 

With the rapid growth of polymer ion exchange membrane devices such as fuel 

cells, electrolyzers, and flow cells for improved transport for various electrochemical 

reactions, it is imperative that we understand how the interaction between polymer 

electrolytes and electrodes affect reactivity. Of particular interest is the potential-

dependent behavior or anionic or cationic functional groups in proton and hydroxide 

exchange membranes, respectively. For example, Ong et al. studied the effect of 

various quaternary ammonium cations (common functional groups in hydroxide 

exchange membranes) on the rate of the ORR on Pt rotating disk electrodes in alkaline 

media.41 It was observed that although smaller organic cations such as 

tetramethylammonium had no effect on activity, larger cations such as 

benzyltrimethylammonium and 1-benzyl-3-methylimidazolium caused a roughly 3-

fold decrease in exchange current density due to site-blocking by aromatic ring-

containing organic cations. Although Woodroof et al. demonstrated no effect on HOR 

activity in liquid versus polymer base electrolytes using a proprietary commercial 

membrane and ionomer (Tokuyama A-201 and AS-4, respectively),42 it is not well-

understood how hydroxide exchange membranes with other functional groups such as 
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sulfonates, phosphoniums, quaternary ammoniums, or imidazoliums affect electrode 

surface mediated reactions. 

To understand the nature of interactions between polymer electrolytes and 

electrodes, Kunimatsu et al. used ATR-SEIRAS to probe the potential-dependent 

behavior of Nafion membranes near the electrode surface.43-45 Interestingly, it was 

found that the side chains in the Nafion membrane were sufficiently flexible to allow 

sulfonium groups to freely respond to changes in electrode potential, similar to the 

behavior of free anions in aqueous electrolytes.43 Subsequent work clearly showed 

specific adsorption of the sulfonate group with increasing potential, and a 

corresponding decrease in interfacial water bands due to displacement by the Nafion 

functional group and corresponding ether side chain.44 Although current studies focus 

on Nafion and other proton exchange membrane interfaces,46-47 the methods outlined 

by these works can and should be extended to studies of alkaline systems with 

hydroxide exchange membranes. In particular, investigations of the relative binding 

strength to the electrode between various cationic functional groups and reaction 

intermediates could provide key insight into the optimization of the triple-phase 

boundary in fuel cells, electrolyzers, and other polymer ion exchange membrane 

devices. 

1.6 Outlook 

Recent developments and improvements in both computational methods for 

modeling the electrical double layer and in-situ spectroscopic techniques allow for 

more detailed investigations of both the structure and impact of changes in the double 

layer than previously possible. In turn, these insights provide a more thorough 

mechanistic understanding of various important electrochemical processes. In 
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particular, improved understanding of both interfacial concentration and pH gradients, 

as well as cation effects paves the way for the manipulation of these factors to improve 

both the activity and selectivity of important electrochemical processes such as the 

HER/HOR and the CO2RR. However, many key questions still remain. With respect 

to solvent structuring and potential dependent orientation: How is the solvent structure 

at the electrochemical interface impacted by electrochemical reactions? How does 

solvent orientation affect the thermodynamics of the reaction? With respect to 

interfacial concentration gradients: To what degree do nanostructured electrodes, in 

particular nanoporous electrodes, exacerbate concentration gradients? How do 

different device configurations (i.e., polymer ion exchange membrane flow cells, 

rotating disk electrodes, unstirred planar electrodes) affect interfacial concentration 

gradients? Furthermore, future studies must consider resultant concentration 

overpotentials, particularly in mechanistic kinetic investigations. With respect to the 

potential-dependent distribution of ions in the double layer: are the interactions 

between ions and the electrode simply physical, or does charge transfer occur? What is 

the mechanism for activity and selectivity changes with different supporting 

electrolyte ions? Finally, with respect to non-traditional double layer studies of the 

polymer-electrode interface: How does the interaction between the electrode and 

polymer electrolyte change with potential? How do these changes affect activity and 

selectivity versus traditional electrolytes? We believe that ATR-SEIRAS will be an 

invaluable tool for answering these key mechanistic questions. Looking forward, 

improving the time resolution of in-situ/operando spectroscopic techniques will be 

key to understanding dynamic interfacial changes, which could lead to further 
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mechanistic understanding of and potential improvement of electrochemical reactions 

via techniques such as pulsed electrolysis.  
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MITIGATION STRATEGIES FOR  CONTAMINATION IN INTERFACIAL 

INFRARED SPECTROELECTROCHEMICAL STUDIES  

2.1 Introduction  

The development of in-situ and operando interfacial specific infrared 

spectroscopic techniques such as polarization-modulated infrared reflection-absorption 

spectroscopy (PM-IRRAS) and attenuated total reflectance infrared absorption 

spectroscopy (ATR-SEIRAS) represents a significant step forward in probing surface 

mediated electrochemical processes.48-53 With the rise in popularity of coupled 

infrared spectroscopic and electrochemical studies however, inconsistencies in 

reported spectroscopic observations have arisen. A notable example is CO adsorption 

on Au electrodes observed during various investigations of small molecule oxidation 

(such as CO, formate, or methanol) or reduction (such as CO2).
40, 54-66  

Four primary vibrational modes have been assigned to CO adsorbed on Au 

electrodes during spectroelectrochemical studies (Table 2.1), attributed to linearly-

bound CO (COL),
40, 54-67 bridge-bond CO (COB),54-60, 63-66 mutli-bound CO (COM),55, 63  

and weak linearly-bound CO (COWL).59-60 Appearance of each of these bands 

however, are not consistent throughout the literature, even under similar experimental 

conditions. For example, COWL is only observed by Chen et al., both in acidic and 

alkaline electrolytes.59-60 COM is observed by Blizanac et al. at 1981 cm-1 on Au(110), 

while Chang et al. report only a single COL band centered at ~2100 cm1 on the same 

facet.55, 58 Similarly, on Au(111) facets Blizanac et al. observe no COL band, but do 

Chapter 2 
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observe a pronounced COB band at 2042 cm-1 in 0.1 M HClO4, while Rodriguez et al. 

report two bands at 2000 and ~1910 cm-1 assigned to COL and COB, respectively in 

0.1 M NaOH.55, 63-64 The discrepancy in wavenumber can be explained by the 

difference in potential between the two experiments due to the Stark tuning effect,68 

however, the appearance of the COL band only in NaOH is unexpected, particularly as 

the intensity of the COL band is expected to decrease at lower SHE potentials.39-40, 66 

The primary inconsistency between experiments is related to the observation of the 

COB band among polycrystalline Au electrodes (AuPC). Several reports observe only a 

single, higher wavenumber band attributed to COL,40, 61-62, 65, 67 while others report two 

bands, with the higher and lower wavenumber bands assigned to COL and COB, 

respectively.54, 59-60, 65-66 Moreover, conflicting reports of either a lone COL band or 

both COL and COB bands can be found in acidic,54, 59-62, 65 neutral,40, 66 and alkaline60-

61, 67 electrolytes, so that these discrepancies cannot be simply attributed to differences 

is electrolyte or potential range studied. Finally, Sun et al. report two separate bands 

related to COL.
65 One band, from 2110 to 2136 cm-1 resembles features observed in 

other studies while a lower band from 2020 to 2045 cm-1, falling between the typical 

COL and COB bands commonly observed on AuPC. This lower wavenumber band was 

attributed to COL adsorbed more strongly to specific sites of the electrode such as 

grain boundaries or very near the Si substrate on which the AuPC film is deposited.62 

Despite these numerous examples, the origin of the inconsistencies in the existing 

literature remains poorly understood.  
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Table 2.1: Reported CO adsorption band assignments and peak positions in cm-1. 

Author  Electrode CEa Electrolyte COL
b COWL

c COB
d COM

e 

Beden54 Au N/A  HClO4 2080 
 

1940 
 

Blizanac55-56 Au(111) N/A HClO4 
  

2042 1954  
Au(100) N/A HClO4 

  
2017 

 

 
Au(110) N/A HClO4 2124 

 
2021 1981 

Chang58 Au(210) N/A HClO4 2100-2115 
 

1930-1985 
 

 
Au(210) N/A KOH  

 
1920-1990 

 

Chang57 Au(210) Au HClO4 2105-2115 
   

 
Au(110) Au HClO4 2090-2110 

   

Chen59 Au Pt HClO4 2036 2110 1846 
 

Chen60 Au Pt NaOH 2000 2100 1930 
 

Corrigan67 Au N/A NaOH 1940 
   

Dunwell40 Au Graphite NaHCO3 2050-2100 
   

Kunimatsu61 Au Au NaOH 1940-2000 
   

 
Au Au HClO4 1990-2050 

   

Miyake62 Au Au HClO4 2108 
   

Rodriguez63 Au(111) Au NaOH 2000 
 

1900 1830 

Rodriguez64 Au(111) Au NaOH, 

MeOH 

2000 
 

1920 
 

Sun65 Au N/A HClO4 2110-2136 

2020-2045 

  
 

 
Au (flame 

annealed) 

N/A HClO4 2110-2136 

2020-2045 

 1925-1975 
 

Wuttig66 Au Pt NaHCO3 2110 
 

1930-2030 
 

This Workf Au Graphite NaHCO3 2075-2104    
aN/A indicates that the type of CE used was not indicated in the cited work. 
bCOL: linearly or atop bound CO. 
cCOWL: weakly bound linear or atop CO. 
dCOB: bridge bound CO. 
eCOM: multi bound or CO adsorbed on hollow sites. 
fResults when using the standard conditions as defined by Experiment 1 in Table 2.2. 

In this work we demonstrate two modes of working electrode contamination as 

possible sources of the differences in CO adsorption on Au electrodes and discuss 

mitigation strategies. We show that the lower wavenumber band commonly associated 

with COB is likely caused by electrolyte impurities by monitoring CO adsorption using 

ATR-SEIRAS in three electrolytes of different purities: high purity sodium 

bicarbonate, which is further purified via chelation; the same high purity electrolyte 

without additional purification; and finally using low purity sodium bicarbonate. 

Additionally, we show that the use of Pt counter electrodes causes the appearance of 
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an additional band associated with COL on Pt, which has previously assigned to COB 

on Au. Avoiding these common routes of contamination in spectroelelctrochemical 

studies is key to developing a proper and widely accepted understanding of adsorbate 

behavior during electrochemical processes.  

2.2 Methods and Materials 

2.2.1 Materials 

Au film electrodes for ATR-SEIRAS measurements were prepared via a 

chemical deposition method detailed in our previous work.40, 62 Graphite rod counter 

electrodes (99.995%, Aldrich) were sonicated in deionized-distilled water (Banstead 

Mega-Pure Water Purification System) to remove all loose graphite prior to use. Pt 

wire counter electrodes (99.95%, Alfa Aesar) were cleaned by immersing in a 3:1 by 

volume solution of H2SO4 (95-98%, Sigma-Aldrich) and H2O2 (30%, Sigma-Aldrich) 

and rinsing in deionized-distilled water prior to each use. Experiments were conducted 

in 0.5 M NaHCO3 solutions of various purity. Low purity electrolytes were prepared 

using NaHCO3 (99.7 %, Sigma-Aldrich). Moderate purity 0.5 M NaHCO3 electrolytes 

were prepared by purging 0.25 M Na2CO3 (99.999%, EMD Millipore) overnight with 

high purity CO2 gas. For the highest purity experiments, these electrolytes were 

further purified by stirring overnight after the addition of 5 g of a solid-supported 

iminodiacetate resin (Chelex 100, Sigma-Aldrich) for every 100 mL of electrolyte.69 

Electrolytes were purged with CO gas (Matheson) for > 15 minutes prior to each 

experiment (solution pH = 8.7) to saturate the solution with CO and remove remaining 

CO2. All experiments were conducted under continuous CO purge.  
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2.2.2 ATR-SEIRAS Measurements 

All ATR -SEIRAS measurements were collected in a three-electrode 

electrochemical cell with a chemically-deposited, polycrystalline Au film as the 

working electrode, a graphite rod or Pt wire as the counter electrode, and a Ag/AgCl 

(3.0 M KCl, BASi) reference electrode described in our previous work.30 The 

reference and counter electrodes were separated by a proton exchange membrane 

(Nafion 211, Fuel Cell Store) unless otherwise noted. All presented spectra are 8 co-

added scans with 4 cm-1 resolution and potentials are given on the reversible hydrogen 

electrode (RHE) scale unless otherwise noted. All potentials given were actively 

corrected for internal resistance of the spectroelectrochemical cell following 

impedance measurement. Spectra were collected using an Agilent CARY 660 FTIR 

spectrometer outfitted with a custom spectoelectrochemical cell detailed in our 

previous work. Electrochemical measurements were conducted with a Solartron 

1287/1260 potentiostat. 

Metal contamination experiments were conducted by first activating the Au 

film for SEIRAS measurements in 0.5 M NaHCO3 under continuous CO purge by 

stepping the potential from 1.0 to 0.0 to -0.4 V. The potential was held at 0.0 and -0.4 

V for less than 30 s at each potential to minimize electrodeposition of impurities prior 

to collection of the SEIRA spectra. After activation, the background was collected 

(128 co-added scans) at 1.0 V so that no adsorbed CO is present in the background. 

The initial set of spectra (0 min) were then collected continuously during cyclic 

voltammetry (CV) from -0.7 V to 1.0 V with a scan rate of 10 mV s-1. After a single 

cycle, the potential was held at -0.7 V for 15 min allow for deposition of metal ion 

impurities on the Au film electrode. After 15 min, a second set of spectra was 

collected using the same CV procedure detailed above. Additional sets of spectra were 
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then collected during CV after 30, 45, and 60 min time points at -0.7 V. Following the 

final spectroscopic measurements, the electrolyte was saturated with Ar for > 15 min 

and CVs were collected at 50 mV s-1 from 0.0 to 1.2 V. 

2.3 Results and Discussion 

Table 2.3 Variation of key experimental parameters for different experiments to test 

sources of contamination in ATR-SEIRAS experiments.  

Experiment Film NaHCO3 Purity  Membrane CE 

1 Au 99.999%, chelated Nafion 211 graphite rod 

2 Au 99.999% Nafion 211 graphite rod 

3 Au 99.7 % Nafion 211 graphite rod 

4 Au 99.999%, chelated Nafion 211 Pt wire 

5 Au 99.999%, chelated N/A Pt wire 

Sources of contamination of Au films during ATR-SERIAS experiments were 

investigated on Au film electrodes by conducting a series of experiments in which the 

electrolyte purity, the counter electrode, and the membrane separator between the 

working and counter electrodes were varied (Table 2.2). The standard experiment was 

conducted using high-purity sodium bicarbonate, which was further purified using a 

chelating resin,69 a graphite rod counter electrode, and a Nafion separator between the 

anode and cathode compartments. A single band, assigned to linearly bound CO on 

Au, is observed from 2075 to 2104 cm-1 between 0 to 0.6 V (Figure 2.1a). 

Additionally, a minor band with intensities barely above the detection limit, likely due 

to CO adsorption on metal impurities, is observed near 1930 cm-1. The same features, 

with nearly the same relative intensities are observed after 15 (Figure A.1b), 30 

(Figure A.1c), 45 (Figure A.1d), and 60 min (Figure 2.1b) electrolysis at -0.7 V, 
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suggesting no significant change during potentiostatic measurement. The decrease in 

signal intensity 
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a b

c

e f

d



 25 

Figure 2.1: ATR-SEIRA spectra collected during an anodic potential sweep from -

0.7 V to 1.0 V at 10 mV s-1 (a) prior to and (b) after 60 min at -0.7 V in 

chelated, high-purity 0.5 M NaHCO3 with a graphite CE and Nafion 

separator, (c) prior to and (d) after 60 min at -0.7 V in low-purity 0.5 M 

NaHCO3 with a graphite CE and Nafion separator, and (e) prior to and (f) 

after 60 min at -0.7 V in chelated, high-purity 0.5 M NaHCO3 with a Pt 

CE and no separator between the anolyte and catholyte. All spectra were 

collected with 4 cm-1 resolution and 8 co-added scans and are presented 

using a reference spectrum at 1.0 V under continuous CO purge. 

with time is due to degradation of the metal film caused by the high current and 

accompanying bubble formation during the potential hold at -0.7 V. The consistency 

of the spectra over the course of the 1 hr test suggests that the electrolyte is 

sufficiently pure to avoid significant metal impurity contamination of the Au film 

electrode.  

The effect of electrolyte purity was then examined by repeating the experiment 

in the same high-purity bicarbonate electrolyte (99.999%) without additional 

purification, and again with a lower purity bicarbonate electrolyte (99.7%). The high-

purity, non-chelated electrolyte yields the similar spectral behavior to that of the 

standard experiment, suggesting that the as-purchased sodium carbonate salt is 

sufficiently pure for spectroscopic measurements (Figure A.2). Conversely, when the 

experiment was repeated in the low purity bicarbonate electrolyte, the minor peak 

observed in the standard sample at lower wavenumber (~1930 cm-1) grew significantly 

with time, reaching roughly the same intensity as the COAu band (Figure 2.1c & d, 

Figure A.3). This additional band, often assigned to bridge-bonded CO on Au in the 

literature, is observed from 1800 to 1975 cm-1 across the entire potential range 

examined (-0.7 to 1.0 V). The appearance of this band only in the impure electrolyte 

however, suggests that it is not related to CO adsorption on a pristine Au surface. 



 26 

Additional spectral features due to electrolyte impurities could arise from two different 

sources: 1) surface reconstruction of the electrode due to strongly adsorbing impurities 

such as halides, or 2) metal impurities which are electrodeposited onto the Au film 

electrode at low potentials. The first possibility is unlikely however, as the impurity 

band grows after holding at -0.7 V, where halides will be electrostatically repelled 

from the electrode, and diminishes significantly after the potential is swept to 1.0 V, so 

that it is nearly absent during the cathodic sweep (Figure 2.2a & b, Figure A.4). The 

second possibility is more consistent with spectroscopic observation, as the lower 

wavenumber band increases after holding at low potential, where metal ion 

contaminants will be electrodeposited onto the Au film, and decreases at high 

potentials where metal contamination can be oxidized from the electrode. The 

hysteresis between anodic and cathodic sweeps can also be explained by the time 

necessary for metal ions to be reduced once again onto the surface. It should be noted 

that this metal contamination band is similar to features commonly assigned to bridge-

bonded CO on Au in a number of previous works, suggesting that metal ion impurities 

are likely cause of misinterpretation of data the existing PM-IRRAS and ATR-

SEIRAS literature.59-60, 65 Chen et al. reported growth of bands at 1846 cm-1 and 1900 

to 1950 cm-1 during potentiostatic measurements at -0.2 V vs Ag/AgCl in 0.1 M 

HClO4 and from 0.05 to ~1.0 V vs Ag/AgCl in 0.1 M NaOH respectively.59 Moreover, 

the bands in NaOH exhibit the same hysteresis observed in this work, with the lower 

wavenumber band only appearing during the anodic sweep following a potential hold 

at 0.0 V vs Ag/AgCl. Based on these similarities, it is likely that these bands, 

originally attributed to COB on Au are due to CO adsorption on metal impurities in the 

electrolyte. Due to the extreme sensitivity of SEIRAS,52, 70 high purity electrolytes or, 
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in the case of lower purity electrolytes, additional electrolyte purification steps, such 

as chelation or pre-electrolysis to electrodeposit metal contaminants on a sacrificial 

metal electrode are necessary to obtain clean spectroscopic measurements.  

 

Figure 2.2: Time-dependent ATR-SEIRA spectra collected at 0.4 V during the 

anodic (black) and cathodic (red) branches of CVs from -0.7 V to 1.0 V 

at 10 mV s-1 (a) under standard conditions, (b) using low-purity 0.5 M 

NaHCO3, (c) using a Pt CE with a Nafion separator, and (d) using a Pt 

CE with no separator between the anolyte and catholyte. All spectra were 

collected with 4 cm-1 resolution and 8 co-added scans and are presented 

using a reference spectrum at 1.0 V. 

a b

c d
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In addition to metal ion impurities from the electrolyte, contamination from the 

use of a Pt counter electrode was studied by repeating the standard experiment, 

replacing the graphite rod counter electrode with a Pt wire, with and without a Nafion 

membrane separating the working and counter electrode chambers.  When a Nafion 

membrane is used, the spectra show no significant deviation from the standard case, 

suggesting the membrane effectively blocks Pt crossover (Figure A.5). In the absence 

of the membrane however, an additional band appears from 1930 to 2030 cm-1, which 

is present at all potentials below 1.0 V (Figure 2.1e & f, Figure A.6). The band 

position is consistent with linearly-bound CO on Pt at low coverage,71-73 indicating 

contamination from the Pt counter electrode. Moreover, this band does not show 

significant hysteresis between the anodic and cathodic sweep, suggesting that the 

adsorption site is not removed at high potential, which is again consistent with Pt, 

which does not form soluble oxides below 1.0 V (Figure 2.2c & d).74 Together, these 

results strongly suggest that Pt contamination occurs through oxidation of the Pt wire 

counter electrode, forming Pt ions which are subsequently electrodeposited on the Au 

working electrode. Indeed, an identical feature is observed in a previous study of the 

electroreduction of CO2 on Au in which a Pt counter electrode was used.66 This band 

was previously attributed to irreversibly adsorbed bridge-bonded CO on Au, 

suggesting significant CO coverage under CO2 reduction conditions, contrary to 

subsequent findings.40, 66 The misattribution of CO on Pt contaminants could lead to 

significant differences in mechanistic understanding, as rate expressions and therefore 

expected Tafel slope values depend on the surface coverage of various adsorbates. In 

order to avoid Pt contamination in future studies, researchers should use graphite or 

metal counter electrodes of the same composition as the working electrode. If an 
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experiment necessitates the use of a Pt counter electrode however, a Nafion membrane 

could be used to minimize the contamination from the counter electrode.  

 

Figure 2.3: Steady-state cyclic voltammograms collected at 50 mV s-1 under Ar after 

each experiment given in Table 2.1.  

Despite conspicuous changes in the spectra, cyclic voltammograms collected 

under Ar at the end of each experiment show no significant deviation from the 

standard sample (Figure 2.3). In particular, no discernable peaks associated with Pt or 

other metal oxidation is observed.75 When a Pt counter electrode was used with no 

membrane however, an increase in cathodic current is observed below 0.4 V, 

consistent with increased activity for early-onset hydrogen evolution due to Pt 

contamination (Figure 2.3).76 It should be noted however, that although a clear COPt 

band is observed spectroscopically, the CV is free from both typical Pt oxidation and 

reduction features and the characteristic hydrogen underpotential deposition peaks.75 

The lack of signature Pt features in the final CV indicate that the Pt coverage is 
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sufficiently low that the current associated with Pt oxidation/reduction and hydrogen 

adsorption/desorption is negligible compared with the double layer current observed 

on the base Au film. Thus, lack of Pt feature in CV cannot be used as evidence to 

demonstrate the surface is free of Pt contamination. 

 

Figure 2.4: Summary of ATR-SEIRA spectra collected at 0.4 V during the anodic 

potential sweep prior to and after 60 min at -0.7 V under continuous CO 

purge under each experimental condition given in Table 2.1. All spectra 

were collected with 4 cm-1 resolution and 8 co-added scans and are 

presented using a reference spectrum at 1.0 V. 

Based on the observations from the spectra (summarized in Figure 2.4), we 

propose that only a single band from the CO stretch of COL should be observed on 

clean, polycrystalline Au electrodes. These results however, cannot be directly applied 
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to additional bands attributed to COB and COM which appear on clean single-crystal 

surfaces, so that discrepancies in these features are still not well-understood.55-58, 63-64 

Importantly, the demonstration of additional spectroscopic features due to 

contamination under common experimental conditions underscores the importance of 

the use of extremely pure electrolytes and graphite counter electrodes not only for CO 

adsorption on Au, but for all spectroelectrochemical studies. Investigations of 

electrochemical processes in which adsorbates and intermediates are relatively weakly 

bound, such as CO2 and CO reduction on Ag and Cu electrodes,77-81 are particularly 

susceptible to metal contamination, as features of interest can be easily drowned out 

by adsorption on more strongly binding metal contaminants. Elimination of metal 

contamination is imperative in obtaining an accurate understanding of the 

electrochemical interface via in-situ and operando spectroelectrochemical studies.  

2.4 Conclusion 

Careful investigations of different modes of contamination of Au electrodes 

during ATR-SEIRAS measurements suggest that CO adsorption on Pt or other metal 

contaminants are the likely cause of discrepancies in CO adsorption behavior in the 

literature. We demonstrate that the use of insufficiently pure electrolytes and Pt 

counter electrodes, particularly without a membrane separator, result in adsorbed CO 

bands distinct from those observed on clean polycrystalline Au electrodes. The 

contaminants lead to misinterpretation of adsorption behavior and potentially 

influence the development of reaction mechanisms based on the coverage of various 

species under reaction conditions. As a result, it is imperative that all future 

spectroelelctrochemical studies are conducted in the highest available purity 

electrolytes, with additional purification via chelation or pre-electrolysis in cases 
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where commercial electrolytes are insufficiently pure, with either graphite or metal 

counter electrodes matching that of the working electrode. 
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PH-DEPENDENT WATER ADSORPTION ON GOLD FILM ELECTRODES  

3.1 Introduction  

The electrochemical interface is the focal point where key components, i.e., 

chemicals, ions, and electrons, of electrochemical reactions converge, interact and 

diverge. In particular, the interface between water and metal electrodes is of great 

interest in electrochemistry, as the vast majority of electrochemical systems operate in 

aqueous environments with electrochemical reactions occurring within the water-

electrode interface. Adsorption of water on metal electrodes is of special interest in 

electrochemical systems where water, hydronium, and hydroxide are the reactants 

themselves, such as the hydrogen oxidation and evolution reactions (HOR and HER, 

respectively) as well as oxygen reduction and evolution reactions (ORR and OER, 

respectively). Understanding the interaction between water and metal electrodes is not 

only of academic significance, but also of great practical importance, as these four 

reactions (HOR, HER, ORR and OER) form the basis for hydrogen fuel cells and 

water electrolyzers. Additionally, with recent interest in the use of hydroxide exchange 

membranes (HEMs) in electrochemical devices 82, which allow for the use of non-

precious metal catalysts, it is imperative to understand the interfacial behavior of water 

in electrochemical systems across a wide pH range.   

There have been numerous studies of water adsorption behavior at 

electrochemical interfaces 8, 83-84. Long-range orientation has been modeled 

computationally in order to understand water adsorption on metal interfaces, however, 

Chapter 3 
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modeling of such systems while accounting for an electrical potential is difficult and 

relatively less developed 8, 83-84. Interaction between adsorbed water and metal surfaces 

has been studied under ultrahigh vacuum (UHV) conditions, from which the 

adsorption energy of water can be quantified 8. However, the UHV environment bears 

little resemblance to that of typical aqueous electrochemical systems where 

electrolytes of different pH are present, and thus it is unclear whether the insights 

gained in UHV studies are directly transferrable. 

In order to address these challenges, infrared-reflection absorption 

spectroscopy (IR-RAS) and attenuated total reflectance surface enhanced infrared 

absorption spectroscopy (ATR-SEIRAS) have been employed to study the potential-

dependent behavior of water at electrochemical interfaces on various metal electrodes 

8-10, 12-13, 85-108. ATR-SEIRAS is advantageous for electrochemical studies due to high 

surface-sensitivity (5-10 nm), which allows for observation of the electrode surface 

with minimal contribution from the bulk electrolyte 52-53, 100, 109. Additionally, unlike 

IR-RAS, in which only a thin layer of electrolyte (~10 ɛm) is sampled between the 

window and electrode 52, ATR-SEIRAS allows free diffusion of electrolyte to and 

from the electrode surface. The potential dependence of water itself at the interface 

has been an area of particular interest; however, existing spectroscopic investigations 

of the potential-dependence of water near the electrode surface have exclusively 

focused on solutions at low or moderate pH.  

Herein we present an ATR-SEIRAS study on the potential-dependent 

adsorption of water on an Au electrode across a wide range of pH to develop a 

thorough understanding of water, hydronium, and hydroxide behavior during 

electrochemical processes. Studies of interfacial water in alkaline environments are of 
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particular interest in gaining a more thorough understanding of the HOR and ORR, 

which occur in alkaline environments in hydroxide exchange membrane fuel cells.  

3.2 Materials and Methods 

ATR-SEIRAS experiments were conducted on an Agilent Technologies Cary 

660 FTIR spectrometer equipped with a liquid nitrogen-cooled MCT detector and a 

Pike Technologies VeeMAX II ATR accessory. The spectrometer was coupled with a 

Solartron SI 1260/1287 system for electrochemical measurements. Measurements 

were collected using a custom Teflon and glass two-compartment 

spectroelectrochemical cell (Figure 3.1a). The working electrode is a chemically 

deposited Au film on a Si prism cut to a 60° angle of incidence. In the same 

compartment is placed an Ag/AgCl reference electrode (Bioanalytical Systems, Inc.) 

in 3.0 M KCl solution. The counter electrode is a graphite rod separated from the 

working and reference electrode by an ion exchange membrane (Nafion in acidic and 

Tokoyama A-201 in neutral and alkaline electrolytes). All spectra were collected with 

4 cm-1 resolution with 64 co-added scans. Spectra are presented in absorbance where 

positive and negative peaks signify an increase and decrease in the interfacial species, 

respectively. All electrochemical experiments were performed after thoroughly 

purging the electrolyte with Ar in order to remove oxygen from the solution and 

prevent the ORR at low potentials. All potentials are given on the reversible hydrogen 

electrode (RHE) scale unless stated otherwise. iR compensation based on the 

measured iR from impedance spectroscopy was employed for all measurements at pH 

1.4 due to high currents associated with HER at low potentials.  
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Figure 3.1: (a) Two-compartment spectroelectrochemical cell. (b) SEM image of a 

chemically deposited Au film. (c) AFM image of a chemically deposited 

Au film. (d) Height fluctuations in AFM image along indicated line in 

(c). 

The Au films (working electrode) used in this study were deposited directly on 

the reflecting plane of a non-doped Si prism using a modified electroless chemical 

deposition method outlined by Miyake et al 62. The prism was first polished with a 

0.05 µm Al2O3 slurry and successively sonicated in acetone and water to remove 
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Al 2O3 residue. After polishing, the Si prism was immersed in a 3:1 by volume solution 

H2SO4 (Sigma-Aldrich, 95-98 wt%) and H2O2 (Sigma-Aldrich, 30 wt%) for 20 min in 

order to clean the prism of organic contaminants. Following cleaning, the reflecting 

plane of the prism was immersed in NH4F (Sigma-Aldrich, 40 wt%) for 135 s to 

remove the oxide layer and create a hydrogen-terminated surface to improve adhesion 

of the Au film. The Si surface was then immersed in a 4.4:1 by volume mixture of 2 

wt% HF and Au plating solution consisting of 5.75 mM NaAuCl4 · 2H2O + 0.025 M 

NH4Cl + 0.075 M Na2SO3 + 0.025 M Na2S2O3 · 5H2O + 0.026 M NaOH for 4 min. 

The as-prepared Au films were characterized using atomic force microscopy 

(Dimension 3100, Veeco instruments Inc.) in tapping mode and scanning electron 

microscopy (SEM, JSM-7400F, JEOL Ltd.). For AFM, six different areas (25 × 

25 ɛm2) were randomly selected for each samples and were analyzed with same scan 

parameters and same scan rate of 1 Hz. From SEM (Figure 3.1b) the average size of 

the Au islands is estimated to be ~50 nm, which is in general agreement with both 

AFM images and surface profile (Figure 3.1c,d) and the literature 62, 110. AFM also 

reveals a surface corrugation of roughly 20 nm; this surface roughness is vital to 

achieving the surface-enhancing effect as described by Osawa et al. 52-53, 100, 109 

The potential dependence of interfacial water was investigated at pH 1.4, 4.0, 

6.8, 10.0, and 12.3 to determine the behavior of interfacial water across a wide 

potential window across the pH range. The solution at pH 1.4 was 0.1 M HClO4 

(Sigma-Aldrich, 70%) and the pH 12.3 solution is 0.1 M NaOH (Fisher Scientific, 

Ó97%). Solutions at pH = 4.0, 6.8, and 10.0 were prepared by adding an appropriate 

amount of 0.1 M HClO4 or 0.1 M NaOH to a 0.1 M NaClO4 (Acros Organics, 99+%) 

solution. Au films were pretreated by cycling between -0.7 and 1.0 V in each solution 
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under 1 atm Ar for 10 cycles to clean and stabilize the film. Potential-dependent 

spectra were then collected at each pH by stepping the potential down from 1.0 to -0.7 

V, collecting a background spectrum at 0.4 V between each potential step in order to 

minimize drift in the spectra over time. Spectra at pH 1.4 are collected from 1.0 to -0.2 

V due to the high rate of HER at lower potentials in acid, which can cause the Au film 

to break. Backgrounds were collected at 0.4 V in order to avoid either oxidation of the 

film or bubble formation due to HER on the working electrode.  

3.3 Results & Discussion 

 

Figure 3.2: Steady-state CV of chemically-deposited Au film in 0.1 M HClO4 (pH 

1.4) under 1 atm Ar.  



 39 

Cyclic voltammetry (CV) reveals a clean, Au electrode with features similar to 

those of the Au(111)-oriented surface (Figure 3.2). CV was conducted at the 

beginning of each experiment to confirm the quality of the Au electrode. The steady-

state CV of the chemically deposited Au film shows a sharp increase in reductive 

current attributed to the HER at potentials below 0.0 V 111. From 0.0 ï 1.0 V there are 

no discernable voltammetric features in the broad double layer region of Au electrodes 

112-114. There are two oxidation peaks at 1.39 V and 1.51 V along with corresponding 

reduction peaks at 1.16 V and 1.27 V typical of surface oxide formation and reduction 

of Au(111) surfaces 112-114. The potential range studied in spectroscopic experiments 

was limited to regions in which neither Au oxide formation nor excessive hydrogen 

evolution occur, to avoid excessive bubble formation or breaking of the film caused by 

repeated redox cycles.  

Potential-dependent spectra at pH 1.4 are similar to those previously reported 

in the literature 10, and show typical features corresponding to water near the electrode 

surface in perchloric acid solutions (Figure 3.3). To facilitate comparison of the 

spectra in perchloric acid with existing literature, the potential-dependent spectra at 

pH 1.4 are presented and discussed using 0.4 V (which is near the potential of zero 

charge (pzc) of Au in a perchloric acid solution 10) as the reference potential. A sharp 

peak at 3585 cm-1 was observed at potential higher than 0.4 V, which is attributed to 

the OH stretching mode of the non-H-bonded water 9-10, 12, 98-100. The intensity of this 

peak increases with potential due to the coadsorption of water with perchlorate anions 

drawn to the electrode surface, which disrupts the H-bonded network. The broad peak 

at 3290 cm-1 is similar to the stretching mode of the bulk water (3352 cm-1) but is 

shifted to lower wavenumbers. This broad, redshifted ɜOH peak has been attributed to a  
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Figure 3.3: ATR-SEIRAS spectra of the potential dependent behavior of interfacial 

water in a pH = 1.4 solution of 0.1 M HClO4 under 1 atm Ar on Au film 

electrodes. Reference potential = 0.4 V.  

highly H-bonded ice-like water structure at potentials moderately above the pzc 9-10, 95, 

100, 105. Below 0.3 V, there is an additional blueshifted (relative to bulk water) peak at 

3376 cm-1. The increase of this peak with decreasing potential is likely due to the 

change in water orientation of the H-bonded water as potential is shifted away from 

the pzc which corresponds to an increase in the dipole moment 9-10, 100, 105. At the pzc, 

water has been theorized to orient with hydrogen pointing parallel to the electrode 

surface, causing a lack of signal in the IR spectrum by the surface selection rules of 
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SEIRAS 52-53, 100, 109. The blueshift relative to bulk water can be attributed to weak 

interactions of the water molecules with the electrode surface by the oxygen lone pair 

electrons 9-10, 95, 100, 105.  

The bending mode of adsorbed hydronium (or associated higher order 

structures such as H5O2
+, H7O3

+, or H9O4
+) can be seen at 1685 cm-1 115. Bending 

modes, redshifted relative to bulk water bending modes (1645 cm-1) of adsorbed water 

are observed at potentials both above and below the reference potential at 1620 and 

1600 cm-1 respectively. The peak reaches a minimum around 0.4 V, which is near the 

pzc of Au in perchloric acid as water orients itself with hydrogen parallel to the 

electrode surface, which is in good agreement with the literature 10, 100. 

The behavior of interfacial water from pH 4.0-10.0 is generally similar. In all 

cases, the spectra (Figures 3.4-6) show ɜOH modes beginning from ~3370 cm-1 at -0.7 

V and gradually moving to ~3460 cm-1 at 1.0 V and increasing in intensity with 

potential. This peak, blueshifted from bulk water, has been assigned to water with 

decreased H-bonding. The decreased H-bonding has been ascribed to either the 

increased interactions between water and the electrode by the lone pair electrons of 

oxygen 9-10, 95, 100, 105 or the presence of the hydration sphere of near-surface ions 12, 98-

99. In the lower wavenumber region, the corresponding ŭOH modes to the water 

molecules described above are also observed from ~1640 cm-1 to ~1610 cm-1, again 

increasing in intensity with increasing potential. The redshift of the peak relative to the 

bulk water ŭOH peak as potential is increased has again been attributed to a decrease in 

H-bonding, either from water directly adsorbed on the electrode or within the 

hydration sphere of anions near the electrode 9-10, 12, 95, 98-100, 105.  
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Figure 3.4: ATR-SEIRAS spectra of the potential dependent behavior of interfacial 

water in a pH = 4.0 solution of 0.1 M NaClO4 + HClO4 under 1 atm Ar 

on Au film electrodes. Reference potential = 0.0 V.  

In the lower pH solutions (4.0 and 6.8) there is also a negative shoulder 

appearing from 0.2 V at 1670 cm-1, previously assigned to the bending modes of 

adsorbed hydronium or hydronium complexes such as H2O5
+, H3O7

+, or H4O9
+, which 

decrease as potential is increased due to electrostatic repulsion from the electrode. 

This peak is not observed in the spectra at pH 10.0, where the low concentration of 

hydronium (10-10 M) makes these species difficult to observe. Additionally, at pH =  
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Figure 3.5: ATR-SEIRAS spectra of the potential dependent behavior of interfacial 

water in a pH = 6.8 solution of 0.1 M NaClO4 under 1 atm Ar on Au film 

electrodes. Reference potential = 0.0 V.  

4.0 the sharp ɜOH peak of non-H-bonded water is observed at 3585 cm-1 from 0.8 V to 

1.0 V, increasing in intensity with potential, similar to the perchloric acid solution at 

pH 1.4. However, this sharp stretching mode peak at high potentials is almost absent at 

pH 6.8, present only as a small positive shoulder in the wider stretching mode feature. 

The decrease in intensity of this band with increasing pH is due to the change in 

absolute potential. Perchlorate adsorption (and therefore the appearance of the sharp 

ɜOH band) is governed by the absolute potential (ESHE) rather than the potential versus 
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RHE (ERHE). As such, at 1.0 V vs. RHE the absolute potential is 0.32 V lower at pH 

6.8 than at pH 1.4 according to Equation 1:  

               Ὁ Ὁ πȢπυωὴὌ     (1) 

 

Figure 3.6: ATR-SEIRAS spectra of the potential dependent behavior of interfacial 

water in a pH = 10.0 solution of 0.1 M NaClO4 + NaOH under 1 atm Ar 

on Au film electrodes. Reference potential = 0.0 V.  

The potential region investigated at this pH 6.8 (-1.32 V to 0.38 V vs SHE) and 

above is too low for significant perchlorate adsorption to occur 10, which explains the 

absence of the sharp, non-H-bonded ɜOH bands. Furthermore, at pH 10.0 there is a 
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negative shoulder from 3469-3484 cm-1 from -0.7 V to 0.1 V that we assign to the 

stretching mode of adsorbed hydroxide on the electrode surface. This feature is 

discussed in more detail using the spectra at pH 12.3, where the adsorbed hydroxide 

peaks are more prominent. 

 

Figure 3.7: ATR-SEIRAS spectra of the potential dependent behavior of interfacial 

water in a pH = 12.3 solution of 0.1 M NaOH under 1 atm Ar on Au film 

electrodes. Reference potential = -0.7 V.  

The potential dependence of water in a 0.1 M NaOH solution (Figure 3.7) is 

drastically different than the perchlorate solutions. Focusing on the stretching modes, 
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there is a positive-going peak from 3400-3506 cm-1, which increases in intensity and 

wavenumber with potential, reaching a maximum around 0.2 V. After 0.2 V, the peak 

gradually decreases up until 1.0 V. We assign this peak to hydroxide adsorbed directly 

to the Au film electrode. The increase in intensity with increasing potential can be 

explained by the increased attraction of negatively charged hydroxide ions toward the 

electrode with increasing positive potential; however, the decrease in peak intensity 

above 0.2 V is rather unexpected. We believe that this perceived decrease in intensity 

is due to a relatively large decrease in the broad negative band in which the OH-
ad peak 

is situated. The very broad negative band (which is negative at all potentials at pH 

12.3 due to the change in reference potential in Figure 3.7) from ~3500-3100 cm-1, 

which decreases with increasing potential, is attributed to adsorbed water, similar to 

spectra at lower pHs (Figures 3.3-6). The corresponding bending mode is observed as 

a negative peak which begins to evolve at 0.4 V and moves from 1649 to 1626 cm-1 as 

potential increases. Also present, and unique to the strongly alkaline solution, is a 

sharp, positive-going band which moves from 1643 to 1614 cm-1 with increasing 

potential that first appears at -0.6 V and persists up to 0.7 V. Due to band intensity 

closely following the same trend as that of the adsorbed hydroxide, we tentatively 

assign this band to water H-bonded to adsorbed hydroxide. The disappearance of this 

band at higher potentials is, similar to that of the adsorbed hydroxide band, believed to 

be due to the convolution of this smaller positive peak with the much more intense 

negative peak from adsorbed water. Direct spectroscopic observation of adsorbed 

hydroxide on the surface will benefit mechanistic studies of HOR, as adsorbed 

hydroxide has been proposed to play a key role in determining the catalytic 

performance 116. HOR activity drops by 2 orders of magnitude from acid (pH = 1) to 
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base (pH = 13) 14-15, 116-117, and there has been significant debate over the importance 

of oxophilicity for HOR catalysts, and thereby the role of adsorbed hydroxide in 

alkaline systems. It has been proposed that hydrogen binding energy is the dominant 

descriptor for HOR activity on single-metal electrodes 14-15, 17, 75, 117. Meanwhile, the 

presence of adsorbed hydroxide has also been suggested to correlate with HOR 

activity on oxophilic metals in alkaline solutions 116. The ability to observe not only 

adsorbed hydrogen 118-119, but also adsorbed hydroxide spectroscopically, even on a 

weakly OH-binding metal such as Au, opens up the possibility of establishing the 

correlation the hydroxide adsorption and HOR activity.  

3.4 Conclusions 

Using ATR-SEIRAS, we have studied the potential-dependent behavior of 

water and related species at the electrode/electrolyte interface across a wide pH range 

from strongly acidic, to strongly alkaline. At lower pH, there are blueshifted ɜOH 

modes around 3585 cm-1 attributed to non-H-bonded water on the electrode or 

coadsorbed within the hydration sphere of electrostatically bound perchlorate anions. 

These peaks are absent from spectra at higher pH due to the lower absolute potential 

studies at these pHs to avoid Au oxide formation. Also present only at low pH (1.4, 

4.0, 6.8), are peaks which increase with decreasing potential, at ~1680 cm-1 due to 

H3O
+ and its associated complexes drawn near the negatively-charged electrode 

surface. Similarly, there is a band that increases in intensity and wavenumber with 

increasing potential from 3400-3500 cm-1 unique to alkaline solutions. This peak is 

assigned to the ɜOH mode of adsorbed hydroxide. Common to all spectra are bands 

which increase in intensity with decreasing potential associated with water adsorbed to 

the electrode surface. These adsorbed water species exhibit ɜOH and ŭOH bands from 
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~3370-3460 cm-1 and ~1640-1610 cm-1, respectively. The shift in peak location away 

from bulk water bands (3352 cm-1 and 1645 cm-1) has been attributed to slightly 

decreased H-bonding and lone pair interactions of water with the electrode surface. 

The ability to observe adsorbed hydroxide on the electrode surface at high pH opens 

the door for future studies of hydroxide adsorption during important reactions such as 

the HOR.  
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EFFECT OF CATION COADSORPTION AT CATHODIC POTENTIALS  

4.1 Introduction  

Recent experimental studies have demonstrated that cations in the electrolyte 

have a significant impact on both the rate and selectivity of important electrochemical 

processes.16, 26, 31-32 Strmcnik et al. showed that the activity of the oxygen reduction 

reaction (ORR), hydrogen oxidation reaction (HOR), and methanol oxidation reaction 

(MOR) on Pt electrodes increases with the size (and decrease in hydration energy) of 

the alkali cations tested, from Li+ to Cs+.16 This decrease of activity with smaller 

cations was attributed to site blocking of reactants by cations hydrated with adsorbed 

hydroxide. Several computational studies have been conducted in order to understand 

the effect of cation adsorptions on reactions at low electrode potentials.33-35 Matanovic 

et al. proposed that alkali cations inhibit the rate of reactions by competitive 

adsorption involving adsorbed hydrogen, particularly on Pt(111), where atomic 

hydrogen and cations adsorb on the same sites.33 Investigations of other fcc(111) 

surfaces suggest that cations can specifically adsorb, with the equilibrium potential 

increasing with the size of alkali cations.34 Most recently, it was proposed that specific 

adsorption of K+ can influence the hydroxide binding energy, which in turn affects 

reaction rates of any reactions involving adsorbed hydroxide.35 In addition to changes 

in activity, cations have also been shown to dramatically affect the selectivity of 

electrochemical processes, particularly the CO2 reduction reaction.31-32, 37 Murata et al. 

demonstrated that the selectivity changes significantly with different alkali cations on 
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Cu electrodes.31 The change in selectivity is attributed to differences in hydration 

energy, which causes changes in the potential of the outer Helmholtz plane (OHP) as 

well as surface pH during the reaction. Similarly, computational work by Akhade et 

al. suggested that specifically adsorbed K+ can stabilize CO2 reaction intermediates, 

promoting pathways through the CHO* intermediate, thus leading to C2 products.37 In 

addition to Cu, Thorson et al. have experimentally showed that selectivity toward CO 

over hydrogen evolution reaction (HER) increases with increasing cation size.32 

Previous studies of the double layer on Pt electrodes using Auger spectroscopy and 

low-energy electron diffraction120 or in-situ scanning tunneling microscopy121  also 

demonstrate the adsorption of electrolyte cations within cyanide adlayers, however, 

these techniques were unable to probe the dynamic behavior of cations across a wide 

potential range or their effect on electrochemical processes.  Despite the 

aforementioned experimental and theoretical studies, to the authorsô knowledge, there 

are no in-situ spectroscopic investigations directly probing the dynamic adsorption of 

electrolyte cations. Here, we use attenuated total reflectance ï surface enhanced 

infrared absorption spectroscopy (ATR-SEIRAS) to investigate the adsorption of 

cations on Pt and their effect on coadsorbates. 

4.2 Materials and Methods 

4.2.1 Pt and Au Film Electrode Preparation 

Pt film electrodes on top of a thin Pd underlayer were prepared using an 

electroless chemical plating method on an undoped Si prism using a modified 

deposition procedure outlined by Miki et. al.122-123 The Si prism was first polished 

using 0.05 µm alumina slurry, then rinsed using double deionized-distilled water 
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(Barnstead Mega-Pure Water Purification System) and acetone successively to remove 

alumina residue. Following cleaning, a Pd seed layer was then deposited directly on 

the reflecting plane of the Si prism in order to improve adhesion of the Pt overlayer.124 

The Pd deposition solution consisted of 0.23 mM PdCl2 (99.999%, Alfa Aesar) + 

0.014 M HCl (36.5-38% HCl, Fischer Scientific) + 0.28 M HF (48%, 99.99% metals 

basis, Sigma Aldrich) + 0.76 M NH4F (40%, Fluka) in distilled water. The reflecting 

plane of the Si crystal was first immersed in 40% NH4F for 1 min and 45 s in order to 

create a hydrogen-terminated Si surface. The crystal was then immersed in a room 

temperature Pd plating solution for 6 min to deposit the Pd seed layer. The Si crystal is 

then rinsed with distilled water and dried using air. The Pd-seeded Si prism was then 

sintered at 200 °C for 30 min in a vacuum evacuated tube furnace. After sintering, the 

Si prism was rinsed and the Pd-seeded reflecting plane of the prism was immersed in 

the Pt plating solution at 60 °C for ~2 min. The Pt plating solution consisted of two 

separate solutions. The first solution, containing the Pt salt, is 0.01 M H2PtCl6 · 6H2O 

(Sigma Aldrich). The second solution, used to adjust solution pH and stabilize the Pt 

mixture, is 0.3 M NH3 (30%, Fischer Scientific) + 0.036 M HONH3Cl (99.999%, 

Aldrich) + 0.04 M N2H4 · H2O (98%, Sigma Aldrich). The two solutions were mixed 

in a 1:1 (vol) ratio immediately before Pt deposition. A detailed procedure for 

preparation of the SEIRAS-active Au film is given in our previous work.125 

4.2.2 Experimental Procedures 

ATR-SEIRAS experiments were conducted in a two-compartment 

spectroelectrochemical cell as described previously.125 The working electrode was the 

Pt or Au films described in the previous section. A Pt wire counter electrode was used 

for all experiments on Pt film working electrodes, and a graphite rod was used for all 
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experiments using an Au film working electrode in order to present contamination of 

the Au working electrode by Pt deposition from the counter electrode. A Ag/AgCl (3.0 

M KCl, BASi) reference electrode was used in the working electrode compartment for 

all experiments. The working and counter electrode compartments were separated 

using a Nafion proton exchange membrane. Spectra were collected during cyclic 

voltammetry and potentiostatic experiments in 0.1 M LiClO4 (99+%, Arcos Organics), 

NaClO4 (99+%, Arcos Organics), KClO4 (> 99.99% metals basis, Sigma Aldrich), 

TMACl (Ó 98%, Sigma Aldrich), TEACl (25% TEAOH, Alfa Aesar + 36.5-38% HCl, 

Fischer Scientific), TPACl (40% TPAOH, SACHEM + 36.5-38% HCl, Fischer 

Scientific), and TBACl (40% TBAOH, SACHEM + 36.5-38% HCl, Fischer 

Scientific) under continuous CO purge (Matheson). All spectroscopic and 

electrochemical data were collected using an Agilent Technologies Cary 660 FTIR 

spectrometer equipped with a liquid nitrogen-cooled MCT detector and a Pike 

Technologies VeeMAX II ATR accessory coupled with a Solartron SI 1260/1287 

system for electrochemical measurements. 

4.3 Results and Discussion 

Because alkali cations cannot be directly observed using infrared spectroscopy, 

CO was used as a probe molecule to examine the degree of interaction between the 

cations in the OHP and the negatively charged Pt surface. CO is an ideal probe 

molecule because it has been shown to strongly adsorb across a wide range of 

potentials, on various adsorption sites of Pt: Linearly (COL) and bridge (COB) bound 

CO atoms give strong infrared absorption signals from 2000╖ 2100 cm-1 and 

1800ī1900 cm-1, respectively.72-73, 122-123 In addition to alkali cations, 

tetraalkylammonium cations are of particular interest due to their prevalence in 
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hydroxide exchange membranes which are used in alkaline-based electrochemical 

devices such as fuel cells. To probe the interaction between cations and the electrode 

that electrostatically attracts them, ATR-SEIRAS experiments were conducted to 

monitor the intensity of CO bands as a function of electrode potential in the presence 

of different cations on Pt.  

 

Figure 4.1: ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) during anodic 

and cathodic scans at a scan rate of 5 mV s-1 from -1.1 V to 1.2 V vs. 

SHE on chemically deposited Pt film electrode in 0.1 M TMACl under 

continuous CO purge. Reference spectrum collected at 1.2 V vs. SHE. 

Corresponding CVs are presented in Figure B.1. 
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The adsorption behavior of CO in a 0.1 M tetramethylammonium chloride 

(TMACl) solution in the CO atmosphere was investigated as the electrode potential 

was scanned at 5 mV s-1 between -1.1 V and 1.2 V vs. SHE (Figure 4.1). At -1.1 V, 

COL is observed beginning at 2007 cm-1 and shifting to 2080 cm-1 as potential 

increases to 1.0 V due to the electrochemical Stark effect.68, 73, 126-128 The observed 

wavenumber shift with potential (~49 cm-1 V-1 based on the cathodic scan) is larger 

than the previously reported Stark tuning rate of 30 cm-1 V-1 for COL on Pt.73 The 

increased rate is likely due to a convolution of both the Stark effect, and a blueshift in 

the COL peak with increasing surface coverage as detailed by Chang et al.129 COB, 

centered at 1830 cm-1 at -1.1 V shifts to 1880 cm-1 at 1.1 V. Two oxidation peaks are 

observed in the CVs at 0.36 V and 0.92 V (Figure B.1). The first oxidation peak at 

0.36 V corresponds fairly closely with the decrease in COB in the ATR-SEIRAS 

spectra, suggesting that the first and second oxidation peaks are due to the oxidation of 

COB and COL, respectively. However, through a detailed analysis of these CV 

features, Kunimatsu et al. suggested that each of the oxidation peaks are due to 

oxidation of both COL and COB to CO2.
72 The hysteresis observed in the spectra 

between anodic and cathodic scans could be attributed to the relatively slow re-

adsorption and accumulation of CO on the Pt electrode after adsorbed CO was 

oxidized at high potentials in the cathodic sweep. A third peak at 1489 cm-1, 

corresponding to aqueous TMA+ is also observed in the spectra beginning at ~ -0.3 V 

and increases with decreasing potential.130 Interestingly, as the electrode potential 

decreases and the intensity of the TMA+ peak increases, the COL band decreases, and 

the COB band increases (Figure 4.2). Mills et al. have suggested that specific 

adsorption of alkali cations, particularly Na+ and K+, is possible below -0.9 V, 
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however, no evidence of specific adsorption is observed spectroscopically (by the 

Stark tuning effect) or in CV (peaks associated with electron transfer upon 

adsorption/desorption). We therefore propose that COL, bound to atop adsorption sites 

on Pt are displaced by the TMA+ cations in the OHP at low potentials and moved to 

bridge adsorption sites.  

 

Figure 4.2: Ratio of COB to COL peak intensities (black markers) and TMA+ (red 

markers) as a function of potential from Figure 4.1. Open black triangles 

represent spectra where no COL or COB was present in the spectra, so 

that a peak ratio could not be obtained. All such data was set to a value of 

zero.  

Another potential explanation for the decrease in COL intensity is that COL is 

forced into a bridge bonded configuration not by cations in the OHP, but by the HER 

(that has been proposed to occur on atop Pt sites118-119, 131) which increases in rate at 

low electrode potentials. This possibility has been investigated by studying the 
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potential-dependent behavior of CO adsorption in 0.1 M HClO4, in which the rate of 

HER is maximized, between -0.4 V and 1.5 V vs. SHE (Figure 4.3). Investigation of 

more negative potentials was prohibited by the high rates of the HER below -0.4 V, 

which caused excessive bubble formation and Pt film rupture. In addition to COL and 

COB, we observe a small band centered at 1633 cm-1 due to the bending mode of 

water.97 It should be noted that no adsorbed hydrogen (~2075 cm-1, Figure B.2) could 

be identified in the presence of CO, likely due to convolution with the much larger 

COL peak. Even at -0.4 V however, the current density is roughly -13 mA cm-2 in 0.1 

M HClO4 (Figure B.3), as compared to -7.5 mA cm-2 at -1.1 V in TMACl, so that if 

increasing rates of the HER are the cause of COL displacement to COB, a large 

decrease in COL and corresponding increase in COB should be observed 

spectroscopically in the acidic medium. Conversely, little displacement of COL to COB 

is observed at -0.4 V in 0.1 M HClO4. At j = -7.5 mA cm-2, the COB:COL peak 

intensity ratio is 0.28 in TMACl, and only 0.11 at the same current density in HClO4 

(Figs. S1 & S3), indicating that significantly less displacement occurs in acid. This 

difference however, may be partially due to the differences in displacement between 

the TMA+ and H+ cations. Differences in displacement due to the TMA+ and H+ can 

be eliminated by comparing COB:COL at different current densities in HClO4. At -0.3 

V, j = -6.5 mA cm-2 and the resultant COB:COL is 0.11. As the potential is decreased 

to -0.4 V, where j = -13 mA cm-2, no detectable change is observed in COB:COL 

indicating that the rate of the HER has negligible effect on CO adsorption behavior on 

Pt.  It is therefore concluded that the ratio of COB to COL is a suitable indicator of the 

degree of interaction between the electrode and cations in the OHP.  
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Figure 4.3: ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) during anodic 

and cathodic scans from -0.4 V to 1.5 V on chemically deposited Pt film 

electrode in 0.1 M HClO4 under continuous CO purge during potential 

cycling at 5 mV s-1. Reference spectrum collected at 1.5 V. 

Corresponding CV is presented in Figure B.3. 

In addition to TMA+, the adsorption behavior of Li+, Na+, K+, 

tetraethylammonium (TEA+), tetrapropylammonium (TPA+), and tetrabutylammonium 

(TBA+) have been studied using ATR-SEIRAS in 0.1 M solutions of each cation 

under continuous CO purge (Figure 4.4, full spectra are provided in Figs. B.4-B.9). 

Similar to the TMACl and HClO4, spectra were collected during CV scans at 5 mV s-1. 

COB begins to decrease and increase significantly near 0.4 V in the anodic and 

cathodic scans, respectively, as COL is pushed to a bridge configuration by cations in 
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the OHP. All of the alkali metal cations exhibit stronger displacement of COL to COB 

based on the COB:COL ratio than the larger organic cations. Among the alkali metals, 

K+ displays the strongest displacement effect (highest COB:COL), followed by Na+ and 

Li+.  

 

Figure 4.4: Ratio of COB to COL peak intensities in 0.1 M LiClO4 (pink circles), 

NaClO4 (red squares), KClO4 (orange diamonds), TMACl (black 

triangles), TEACl (purple triangles), TPACl (blue triangles), TBACl 

(light blue triangles) under continuous CO bubbling during a potential 

cycling at 5 mV s-1. Open markers represent spectra where no COL or 

COB was present in the spectra, so that a peak ratio could not be obtained. 

All such data were set to a value of zero.  

Comparison between different cations based on spectra collected during 

potential cycling however, could potentially be influenced by the mobility of the 

different cations and the transient nature of the double layer during potential cycling. 

In order to gain a more definitive understanding of the effect on various cations, CO 
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adsorption was studied during potentiostatic conditions at -1.1 V (Figure 4.5). All 

presented spectra were taken after the spectrum had reached a steady-state (after 10-45 

min, Figure 4.5b). The trend in the steady-state spectra (Figure 4.5a), are in general 

agreement with spectra collected during cyclic voltammetry; all of the alkali metal 

cations show a stronger ability to displace COL to COB, based on the ratio between the 

two species, than the larger inorganic cations. Additionally, the trend in COB:COL 

within the alkali metals established by the CV experiments holds in the potentiostatic 

experiment as well. Among the alkali cations, COB:COL increases as the ionic radius 

of the cation increases, with K+ exhibiting the highest COB:COL, followed by Na+, 

then Li+.132 Unlike the alkali cations, the trend in larger organic cations is not the same 

between spectra collected during CV and potentiostatic electrolysis. In CV 

experiments, the trend in COB:COL is as follows: TPA+ > TMA+ > TBA+ > TEA+. 

Potentiostatic experiments exhibit a slightly different order, with TBA+ > TPA+ > 

TMA+ > TEA+. It is important to note, however, that all of the organic cations show 

very similar COB:COL ratios, all within 16% difference between cations, so that any 

differences between organic cations are relatively small when compared with 

differences between alkali metal cations and organic cations. Further, the highest 

current during the steady-state spectra do not correlate with the highest COB:COL 

ratio, reinforcing our prior conclusion that the displacement of COL to COB is not due 

to higher rates of the HER, but to displacement of COL by electrostatically bound 

cations (Figs. 5c and 5d). 
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Figure 4.5: (a) ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) in 0.1 M 

LiClO4 (pink), NaClO4 (red), KClO4 (orange), TMACl (black), TEACl 

(purple), TPACl (blue), TBACl (light blue) after spectra had reached a 

steady-state at -1.1 V under continuous CO bubbling. All spectra are 

normalized to matching COB intensity. (b) Current profiles corresponding 

to spectra in (a). 

The trend in CO displacement ability, and therefore interaction with the 

electrode surface, can be partially explained by change in ionic radius of each cation. 

It has previously been suggested that the degree of interaction of alkali cations on 

negatively charged electrodes is dependent on the hydration energy of each cation,16, 
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34-35 where cations with higher hydration energy such as Li+ adsorb more strongly than 

those with a lower hydration energy such as Cs+. Based on hydration energy, it is 

expected that Li+ would exhibit the highest degree of displacement from COL to COB, 

followed by Na+ and K+. However, the opposite trend is observed. Among alkali 

metals, the COB:COL ratio increases with increasing ionic radius of the cations.132 We 

propose that the increased cation size enables the larger K+ cation to more effectively 

displace COL to a bridge-bonded configuration. However, each of the organic cations 

has a significantly larger ionic radius than the alkali cations,132-133 but show weaker 

interaction with COL. We hypothesize that as the ionic radius becomes too large (as in 

the case of tetraalkylammonium cations), the density of cation in the OHP becomes 

too low to effectively displace COL, leading to the decrease in COB:COL among 

organic versus alkali cations. 

In addition to studies on Pt electrodes, K+ cations were also demonstrated to 

displace COL on Au film electrodes using the same technique (Figure B.10). CO 

adsorption was investigated in 0.1 M KClO4 on Au under continuous CO purge 

between -0.8 and 1.0 V. COL (2050 ï 2150 cm-1) is observed between roughly 0.7 V 

and -0.4 V, but disappears at both higher and lower potentials.61-62, 65 Similar to Pt, the 

disappearance of COL on Au at high potentials is due to oxidation of CO to CO2 as 

previously described.55, 134 Because Au films exhibit only a single adsorption 

configuration (COL),62 below -0.4 V, the weakly adsorbed COL
 is displaced off the of 

the electrode due to K+ in the OHP. That COL on Au is also displaced by cations in the 

OHP at low electrode potentials is further evidence of the widespread effect of cations 

in the OHP on electrode mediated processes at low potential.   
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4.4 Conclusions 

In summary, we investigated the interactions between COad and alkali/organic 

cations on Pt and Au in the OHP at low electrode potentials with ATR-SEIRAS. The 

ratio of intensities of COB:COL is shown as a reliable indicator of strength of 

cations/surface interaction, with a higher COB:COL value suggesting stronger 

interaction. We demonstrate that alkali metal cations have a stronger interaction with 

surface adsorbates than bulkier tetraalkylammonium cations at low potentials (< 0.4 

V). Among alkali cations, COB:COL increases with increasing ionic radius, while 

similar values were observed with different tetraalkylammonium cations. This gained 

insight could rationalize the disappearance of COL on Au electrodes below -0.4 V, in 

that adsorbed CO is likely displaced by K+ in the OHP at low potentials. Additionally, 

the observation that electrolyte cations are able to displace adsorbates to higher 

coordinated adsorption configurations could be key to understanding activity and 

selectivity changes observed in important electrochemical systems such as CO2 

reduction on Cu surfaces where adsorbed CO is a key reaction intermediate.31 

Investigation of CO2 reduction on Cu electrodes using the methods developed in this 

work are the subject of our future work.  
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KINETIC IMPACTS  OF INTERFACIAL CONCENTRATION GRADIEN TS 

ON THE ELECTROCHEMICAL REDUCTION  OF CARBON DIOXIDE  

5.1 Introduction  

The phenomenon of localized changes in electrolyte concentrations near 

electrode surfaces relative to those in the bulk during electrolysis is well-understood,4 

and has been proven to have significant impacts on a wide variety of electrochemical 

processes.24-26, 28, 38, 135-152 During electrodeposition of Ni and Co for example, 

increases in [OH-] due to the accompanying hydrogen evolution reaction (HER) can 

lead to precipitation of undesired, insoluble metal hydroxides which can cause 

undesired changes in the physical or chemical properties of the electrodeposited 

layer.137, 141, 148-149 Similarly, during the anodic passivation of Zn, decreases in [OH-] 

can induce a positive shift in the equilibrium potential of the oxidation, thereby 

requiring additional overpotential for the formation of ZnO rather than soluble 

hydroxides.136 Aside from changes to the chemical environment, concentration 

gradients in the diffuse layer can lead to mass-transport limitations, thereby 

influencing electrokinetics as described by the Nernst-Planck equation.4 For example, 

changes in interfacial [H+] and [OH-] have been shown to significantly impact rates of 

important electrochemical processes such as hydrogen evolution and oxidation, as well 

as oxygen and hydrogen peroxide reduction via corresponding increases in 

concentration overpotential (ɖc).
24-25, 151 

Chapter 5 
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The ɖc - defined here as the additional overpotential arising from the change in 

near-electrode concentrations relative to the bulk - due to interfacial concentration 

gradients is particularly large when these reactions are conducted at intermediate pH 

values, where relatively small changes in [H+] or [OH-] can cause significant ɖc.
25 

Strongly acidic or alkaline electrolytes are more resilient to ɖc as much larger absolute 

changes in [H+] or [OH-] are required to substantially change the equilibrium potential 

based on the exponential dependence of the equilibrium potential on reactant 

concentrations in the Nernst equation. Using a simplified example, consider a closed 

100 µm diffusion layer and a planar electrode with a geometric area of 1 cm2 

operating at -1 mA cm-2 for 10 s so that ~0.1 µmol OH- is produced. If the initial 

electrolyte pH = 1, the [H+] will decrease from 0.1 M to 0.09 M, resulting in an 

average pH within the diffusion layer of 1.05, which corresponds to a ɖc < 3 mV. 

Conversely, if the initial electrolyte pH = 7, the final pH in the diffusion layer would 

be 8, corresponding to a ɖc = 59 mV for a reaction that is 1st order in [H+]. Despite the 

theoretical and demonstrated impact of ɖc changes due near-electrode 

accumulation/depletion of [H+] or [OH-], the effects are generally ignored due to the 

difficulty of reliably quantifying of ɖc. Although various experimental methods have 

been employed to measure and account for the concentration gradients that drive ɖc, 

they generally suffer from poor precision, require destructive techniques, or are 

limited to specific electrochemical systems.137-142 

The topic of interfacial concentration gradients, and the resultant increase in ɖc, 

is of particular interest in studies of CO2 (CO2RR) and CO (CORR) reduction 

reactions, in which one OH- ion is produced at the cathode for every e- transferred in 

either the desired reaction (with the exception of formate, in which 1 OH- is produced 
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for every 2 e-), or in the competing hydrogen evolution reaction (HER).26 As CO2 

reduction typically takes place in near neutral pH electrolytes (pH å 7), production of 

OH- leads to larger ɖc than reactions conducted in more acidic and alkaline 

environments.25 Hori et al. first investigated the effects of current-induced 

concentration gradients by calculating near-electrode concentrations in various buffer 

solutions during the CO2RR and CORR on Cu cathodes.27, 140 The initial findings were 

correlated to the experimentally observed increases in CO production rate during the 

CO2RR and increased selectivity toward ethylene and alcohols during the CORR in 

unbuffered or weakly buffered electrolytes were attributed to the suppression of the 

HER by an increase in the required ɖc for the HER due to elevated [OH-] near the 

electrode. Gupta et al. conducted a more rigorous theoretical treatment of these 

concentration gradients during the CO2RR, in which near-electrode concentrations 

were simulated at different current densities, total KHCO3 concentrations, and stirring 

rates.28 Moreover, the authors emphasized the importance of accounting for these 

concentration gradients during the CO2RR, particularly in mechanistic work by 

relating Tafel slope changes to local [H+] gradients. Reactivity studies of CO2 

reduction on Cu at different rotation rates using a rotating disk electrode also confirm 

that increases in [OH-] correspond to enhanced CO2RR selectivity.143 A recent work 

by Raciti et al. coupled reactivity studies with theoretical treatments of the interfacial 

concentrations for nanostructured electrodes, and concluded that an interfacial pH of 

9-10 is optimal for C2 production by suppressing the HER while maintaining dissolved 

CO2 concentrations near the electrode.29 Conversely, Singh et al. proposed that 

hydrolysis of water in the hydration sphere of cations acts as a buffer against 

interfacial concentration gradients at potentials below 1.0 V vs. RHE during the 
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CO2RR on both Ag and Cu cathodes.38, 153 Contrary to the claims by Hori and Murata, 

Singh proposed that the mitigation of near electrode concentration gradients by cation 

hydrolysis improves selectivity of the CO2RR over the HER, by maintaining dissolved 

CO2 (CO2(aq)) concentrations near the cathode. Ayemoba et al. used attenuated total 

reflectance surface enhanced infrared absorption spectroscopy (ATR-SEIRAS) to 

experimentally confirm these effects. However, the conditions at which spectroscopic 

investigations were conducted do not reflect those in reactivity studies (no stirring), 

and thus results are inconclusive.135 

Although changes in near-electrode concentrations are generally believed to 

influence both reaction rates and selectivity via corresponding changes to ɖc, until 

recently, only theoretical estimates of local concentration gradients during the CO2RR 

have been made.27-28, 38, 154 Furthermore, rigorous connections between current-

induced concentration gradients and electrode kinetics are lacking. In this work, we 

employ ATR-SEIRAS, which allows for the selective observation of near-electrode 

species to experimentally quantify current-induced concentration gradients as a 

function of reaction rate on Au film electrodes under typical reaction conditions.52-53, 

100, 109 The term ñnear-electrodeò therefore, in this work refers to the 5 ï 10 nm region 

sampled by ATR-SEIRAS, weighted to the region closer to the electrode based on the 

strength of the evanescent IR wave sampling the electrolyte. In turn, near-electrode 

concentration gradients are then related to increases in ɖc for the CO2RR based on the 

rate expression for the CO2RR to CO. It is important to note that changes in interfacial 

concentrations are a function of geometric current density, rather than potential, and 

are likely to be similar to different electrode materials, despite changes in product 

selectivity (with the exception of formate). Both the HER and the CO2RR produce one 
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equivalent of OH- for each e- transfer, so that current-induced concentration gradients 

rely primarily on the geometric current density of the reaction, and are largely 

independent of electrode material and reaction selectivity. It should be noted however, 

that product selectivity between gas and liquid products could cause differences in 

interfacial concentrations due to convection arising from gas bubble formation, 

especially when the electrolyte is unstirred. As a result, although the quantitative 

relationships between ɖc and geometric current density established in this work under 

each set of reaction conditions are likely to be similar on any bulk electrode material 

that exhibits a 1st order dependence on [H+], provided electrolyte composition and 

convection are equal, exact quantitative relationships should be established for each 

electrode material using the method outlined in this work. 

 

5.2 Methods and Materials 

5.2.1 Materials 

ATR-SEIRAS experiments were conducted in two custom 

spectroelectrochemical cells. Spectroscopic measurements in 0.25 and 1.0 M NaHCO3 

were collected in a cell described in our previous work.40 Experiments in 0.5 M 

NaHCO3 were conducted in a newly designed spectroelectrochemical cell in which the 

Si ATR crystal is mounted on the side of the cell, which allows for stirring of the 

electrolyte using a magnetic stir bar (Figure 5.1). In practice, both cells are the same 

when not stirred, so that data from experiments at each concentration from these two 

cells can be directly compared. The ability to monitor reactions under convection 

represents a significant step forward in the operando investigation of electrochemical  
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Figure 5.1: Stirred spectroscopic cell used for all measurements in 0.5 M NaHCO3 

with Au film working electrode, graphite rod counter electrode, and 

Ag/AgCl reference electrodes. Inset: A scanning electron microscope 

image of the Au film on Si. 

processes. In typical external reflection techniques, such as subtractively normalized 

interfacial Fourier Transform infrared spectroscopy, transport is severely hampered by 

the thin-layer electrolyte configuration. While the use of ATR-SEIRAS improves 

transport drastically, transport was still governed solely by diffusion in all previous 

spectroelectrochemical studies.52 A polycrystalline Au film, chemically deposited on 

the reflecting plane of a Si prism was used as the working electrode.40 A graphite rod, 

rather than Pt, counter electrode was used for all experiments to prevent contamination 

of the Au working electrode by dissolved Pt originating from the counter electrode.40 

A Ag/AgCl (3.0 M KCl, BASi) reference electrode was used for all experiments. 

NaHCO3 electrolytes were prepared by purging a solution made from Na2CO3 (Fluka, 

> 99.9999%) overnight with high purity CO2 gas (Matheson, 99.999%) until the 
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solution pH no longer decreased, indicating full conversion of Na2CO3 to NaHCO3.
40, 

155 The electrolyte was purified using a solid-supported iminodiacetate resin (Chelex 

100, Sigma-Aldrich) to prevent any potential impurity metal deposition and achieve a 

sustainable catalytic surface during the CO2RR.69 All spectroscopic measurements 

were collected with 4 cm-1 resolution and at least 128 co-added scans using an Agilent 

Technologies Cary 660 FTIR spectrometer equipped with a liquid nitrogen-cooled 

MCT detector. A Pike Technologies VeeMAX II ATR accessory was used for 

experiments in 0.25 and 1.0 M NaHCO3, while a customized ATR setup using optical 

components from ThorLabs was used with the stirred spectroelectrochemical cell. 

Electrochemical measurements were conducted using a Solartron SI 1260/1287 

system. Impedance measurements were conducted at the beginning of each 

experiment, and the internal resistance (typically 20ī30 ɋ) was actively corrected for 

throughout all experiments. Spectra are presented in absorbance where positive and 

negative peaks signify an increase and decrease in the corresponding interfacial 

species, respectively. All potentials are given on the reversible hydrogen electrode 

(RHE) scale unless noted otherwise. 

5.2.2 Quantification of Changes in Concentration Overpotential  

The magnitude of ɖc at the electrode due to OH- formation were quantified 

using ATR-SEIRAS, in which pH near the electrode was estimated using the ratio of 

solution phase carbonate and bicarbonate peaks at 1400 and 1363 cm-1 (which are 

governed by equilibria among CO2, bicarbonate, carbonate, and hydroxide), 

respectively (Figure C.2.1).156 ɖc arising from OH- formation was calculated via 

Equation (1), derived from the rate expression for the CO2RR on Au electrodes as 
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detailed in the Appendix C.1. Subscripts ñIò and ñBò refer to interfacial and bulk 

values, respectively.  

 –
Ȣ
ÌÏÇ  (1) 

In each experiment, the Au film was pretreated by potential cycling between -

0.4 and 1.0 V in 0.1 M HClO4 under 1 atm Ar to activate the surface enhancement 

effect and settle the Au film electrode. After pretreatment, the electrochemical cell 

was triple-rinsed and refilled using high purity distilled water, in which the 

background spectrum was collected. It is imperative to collect the background in a 

(bi)carbonate free solution to ensure that the entirety of the carbonate and bicarbonate 

bands are accounted for in the sample spectra. Following background collection, the 

electrochemical cell was filled with either 0.25, 0.5, or 1.0 M of CO2-saturated 

NaHCO3. The electrode potential was then stepped down to either -1.0 (in 0.25 M 

NaHCO3) or -0.9 V (in 0.5 and 1.0 M NaHCO3) without collecting spectra. The lower 

potential bounds used in this study represent the lowest potential that the working 

electrodes were able to sustain without rupture due to excessive HER in each 

electrolyte. After holding at the lowest potential for at least 1 minute to ensure 

sufficient robustness of the film, the potential was stepped from 1.0 V to the minimum 

potential in 0.1 V increments, with spectra collected at each increment after the current 

roughly stabilized. Although the current on low surface area Au electrodes 

consistently decay slowly under potentiostatic conditions, after ~1 min at each 

potential step the decay slows significantly, so that capacitive current no longer 

contributes and the current changes less than 6% during the 1 min that the spectra are 

collected. In the case of 0.5 M NaHCO3, spectra were collected at each potential both 

in the absence and presence of stirring (1800 rpm). Calibration spectra were then 
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collected on the same Au film to ensure the accuracy of each calibration for each 

experiment by eliminating variance in penetration depth between films.  

The calibration spectra were collected at various bulk pH values at 0.1 V. The 

electrolyte pH (and equilibrated species concentrations) was varied by adding aliquots 

of NaOH matching the concentration of each starting bicarbonate concentration (so 

that total Na+ concentration remained constant), to ensure no changes in total 

(bi)carbonate concentration. Bulk pH values were measured using a pH meter after 

equilibration of the pH following each addition of NaOH. Calibration spectra were 

typically collected in pH increments of ~0.2 units. The potential during calibration 

was chosen at 0.1 V to ensure that the calibration spectra were free from bands 

associated with both adsorbed carbonate (which appear above 0.4 V) while 

maintaining minimal current so concentration gradients were negligible.40 

Near-electrode concentrations were then obtained by fitting the bands 

associated with carbonate (~1400 cm-1) and bicarbonate (~1362 cm-1) in both the 

sample spectra (collected as a function of potential) and calibration spectra (collected 

as a function of bulk pH without any current), finding the ratio between the 

bicarbonate peak area and carbonate peak area, and correlating that ratio in the sample 

spectra to those in the calibration spectra of known pH (Figure C.2.1).156 Linear 

interpolation of ratios between pH increments of the calibration spectra was used to 

determine near-electrode concentrations as a function of electrode potential, and the 

portion of ɖc due to changes in [H+] assuming dissolved CO2 (referred to as CO2(aq) 

below) concentration is constant (ɖc,H+) was calculated using Equation (1) based on the 

[H+] gradient between the bulk and near-electrode region. 
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5.2.3 Determination of Dissolved CO2 Concentrations 

Dissolved CO2 concentrations along with the resultant ɖc due to changes in 

[CO2(aq)] (ɖc,CO2) were determined in 0.5 M NaHCO3 both with and without stirring via 

ATR-SEIRAS using a similar method to that described in determining ɖc,H+ due to 

changes in interfacial [H+] gradients (Figure C.2.2). The Au film was first cycled in 

Ar-saturated 0.5 M NaHCO3 from -0.4 to 1.0 V to pretreat the electrode. A 

background spectrum was then collected at 0.0 V in the Ar-saturated electrolyte to 

ensure the absence of dissolved CO2 in the background. The electrolyte was then 

saturated under 1 atm CO2 for sample spectra collection. The electrode potential was 

fi rst held at 0.0 V and the initial sample spectrum was collected, after which the 

potential was swept at 2 mV s-1 to -0.1 V at which the potential was held while another 

spectrum was collected. Next, the potential was swept at 10 mV s-1 back to 0.0 V, 

where another spectrum was collected. This process was repeated in 0.1 V increments 

from 0.0 V to -0.9 V. Slow scans to each potential (rather than large potential steps, 

which lead to large capacitive currents) were employed to maintain the stability of the 

fi lm over the course of the experiment. Spectra were collected at 0.0 V after each 

sample potential to account for changes in sampling depth over the course of the 

experiment arising from slow changes in the Au film electrode. CO2(aq) concentrations 

were then determined by taking the ratio of the peak area at each potential, and the 

peak area from the following spectrum at 0.0 V, and multiplying by the known bulk 

CO2(aq) concentration. The entire experiment was completed twice, once without 

convection, and again under stirring from a small stir bar at 1800 rpm. In the stirred 

experiment, spectra were collected at -0.7 V at stir rates of 0, 450, 900, 1350, and 

1800 rpm to examine the effect of different levels of convection. 



 73 

It is important to emphasize the differences between the experimental methods 

used in this work and those of previous estimations of current-induced concentration 

gradients using ATR-SEIRAS. Specifically, Ayemoba et al. quantified near-electrode 

concentration gradients by monitoring the change in CO2(aq) and bicarbonate band 

intensity, and correlating the change in this ratio directly to changes in pH near the 

electrode.135 This approach has two primary deficiencies: 1) because of the slow 

kinetics of hydration, relative to transport (particularly with convection), of CO2(aq), 

the CO2(aq) concentration is largely independent of interfacial concentration gradients 

under typical reaction conditions  (as shown in the next section);28, 157 and 2) by taking 

the ratio of band intensity, rather than area, the change in the ratio will be 

underestimated, as area scales roughly with the square of the peak intensity. In 

contrast, in this work, concentration gradients are measured using the relative peak 

areas of aqueous carbonate and bicarbonate bands (which remain in equilibrium 

throughout the reaction), while the CO2(aq) band is considered partially independent of 

the concentration of other electrolyte species due to the relatively slow kinetics of the 

CO2-bicarbonate (Table 5.1).158-159 

Table 5.1: Rate constants at 298.15 K for carbonate equilibrium reactions from 

Reference 39.  

Reaction ▓  ▓  

ὅὕ ὌὕᵶὌὅὕ Ὄ  3.71  10-2 s-1 2.67  104 kg mol-1 s-1 

ὅὕ ὕὌ ᵶὌὅὕ  2.23  103 kg mol-1 s-1 9.71  10-5 s-1 

Ὄὅὕ ὕὌ ᵶὅὕ Ὄὕ 6.0  109 kg mol-1 s-1 3.06  105 s-1 
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5.3 Results and Discussion 

5.3.1 Impact of OH- Formation on ɖc,H+  

Experimental quantification of ɖc,H+ via ATR-SEIRAS reveal that ɖc,H+ 

increases almost linearly with decreasing potential below -0.3 V (Figure 5.2a), where 

the current begins to increase appreciably. The magnitude of observed ɖc,H+ are large 

enough to significantly impact the kinetics of the CO2RR under typical reaction 

conditions, assuming the rate-determining step for CO2 reduction involves, or is 

preceded by, a proton transfer step as previously proposed.40, 160-164 For example, in 

0.5 M NaHCO3 without stirring (Figure 5.2a, solid purple), a ɖc,H+ of 68 mV is 

observed, so that the kinetic overpotential is the difference between the total applied 

overpotential and ɖc,H+, which increases with current density.  

 

Figure 5.2: ɖc,H+ versus (a) electrode potential and (b) current density in CO2 

saturated 0.25 (red), 0.5 (purple), and 1.0 M (black) NaHCO3 with (open 

circles) and without (solid circles) stirring.  
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The concentration of the electrolyte, and particularly the strength of the buffer 

has a strong impact on the magnitude of ɖc,H+. Concentration of bicarbonate exerts two 

competing effects on ɖc,H+ in CO2RR: 1) an increase in concentration should be 

expected to suppress near-electrode concentration changes, and therefore ɖc,H+, due to 

the stronger buffering capacity of the electrolyte; and 2) the promotional effect of 

bicarbonate on the CO2RR, with a reported reaction order of ~1, leads to an increase in 

the rate of the CO2RR, driving larger concentration gradients and therefore an increase 

in ɖc,H+.
40 To evaluate the relative magnitude of these two countervailing effects, ɖc,H+ 

was determined in CO2 saturated 0.25, 0.5, and 1.0 M NaHCO3 as a function of 

electrode potential. Comparing the ɖc,H+ at the same potential of -0.9 V, 0.25 M shows 

the largest ɖc,H+ (141 mV), followed by 0.5 M (ɖc,H+ = 109 mV), and 1.0 M (ɖc,H+ = 82 

mV). This trend suggests that despite the positive correlation between the current and 

NaHCO3 concentration, and the increase in buffering capacity effectively mitigates 

interfacial concentration changes and thereby decreases ɖc,H+. Since the OH- 

production rate drives increases in ɖc,H+, it may be more informative to plot ɖc,H+ vs. 

current density than the electrode potential (Figure 5.2b). Higher NaHCO3 

concentration has a more pronounced effect in mitigating the growth of ɖc,H+ at the 

same current density; e.g., at -5 mA/cm2, ɖc,H+ in 0.25 M is more than twice that in 1 

M NaHCO3 electrolyte. This difference is because the promotional effect of a higher 

NaHCO3 concentration on the electrode reaction rate is absent at the same current 

density, while the mitigating effect of a higher buffering capacity remains.  

A custom spectroelectrochemical cell capable of stirring was employed to 

investigate the effect of convection on ɖc,H+ (Figure 5.1). In contrast to the 

conventional SEIRAS cells in which the working electrode is located at the bottom, 
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we designed and constructed a spectroelectrochemical cell with the ATR crystal 

mounted at the side, thus allowing magnetic stirring at the bottom of the cell. In the 

0.5 M NaHCO3 experiment, spectra were collected at each potential both without and 

with stirring at 1800 rpm. Similar to increasing concentration, stirring has two 

competing effects. Elevation of ɖc,H+ is expected to be mitigated with stirring by 

improving transport both of CO2(aq) and bicarbonate (which neutralize OH-) toward, 

and carbonate away from the electrode. Conversely, improved transport through 

convection also increases current density at a given potential, driving larger ɖc,H+ 

values. Experiments show that with stirring, ɖc,H+ is significantly decreased at lower 

potentials relative to the unstirred case. Comparing again at -0.90 V, ɖc,H+ = 109 mV 

without stirring, whereas ɖc,H+ = 84 mV when the solution is stirred at 1800 rpm, 

yielding a decrease of the kinetic overpotential of 25 mV under stirring (Figure 5.b, 

open circles). Again, the trend demonstrates that improved transport due to convection 

is more effective in reducing ɖc,H+ than the competing effect caused by the increase in 

current density.  

Importantly, the experimentally determined near-electrode concentrations 

(summarized as surface pH in Figures C.3-6) are in good agreement with the 

calculations of Gupta et al., suggesting that modeling may be an efficient method of 

estimating interfacial concentration gradients (and their impact on kinetics) for 

electrochemical processes.28 We would like to note here that although in this work 

changes in concentration near the electrode are generally referred to as ñnear-

electrodeò or ñinterfacialò concentration gradients, these changes are often referred to 

as localized, interfacial, or surface pH changes in the existing literature.25, 28-29, 38, 135, 

141 For ease of comparison, the spectroscopic measurements in this work can also be 
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presented in terms of surface pH (Figures C.3-6). Following this pattern, the change in 

concentration overpotential arising from [H+] gradients, referred to in this work as 

ɖc,H+, is analogous to a change in electrode potential on the RHE scale. As the pH of 

the electrolyte increases near the electrode, the potential vs. RHE decreases by 59 mV 

pH-1 as defined by Equation (2), so that the value of ɖc,H+ can alternatively be 

considered as an overestimation of applied potential on an RHE scale. 

 

Ὁ Ὁ
ςȢσὙὝ

Ὂ
ὴὌ (2) 

Using this perspective, we observe that the surface pH changes in CO2 

saturated 0.25, 0.5, and 1.0 M NaHCO3 electrolytes at rates of 1.58, 1.15, and 0.81 pH 

units per decade of current density, respectively, for unstirred electrolytes, and 0.82 

pH units per decade in 0.5 M NaHCO3 when stirred at 1800 rpm. 

5.3.2 Near ï Surface Concentrations 

 

Figure 5.3: Calculated CO2(aq) (red), bicarbonate (black), and carbonate (purple) near 

ï surface concentrations versus uncorrected potential in CO2 saturated (a) 

0.25, (b) 0.5, and (c) 1.0 M NaHCO3. Concentrations are calculated 

assuming equilibrium between CO2(aq), HCO3
-, and CO3

2-.  
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In addition to incurring substantial ɖc,H+, production of hydroxide ions also 

cause deviations in the concentration of various species near the electrode surface 

from their expected bulk equilibrium values. Concentration of CO2(aq) near the 

electrode with and without stirring as a function of potential were calculated using the 

experimentally determined interfacial bicarbonate and carbonate concentrations and 

the total concentration of Na+ in the electrolyte (Figure 5.3). Predictably, the largest 

changes occur in the 0.25 M NaHCO3 solution, in which [HCO3
-] near the electrode 

decreases by 19% at -0.9 V. For comparison, the decreases in [HCO3
-] are 12%, 5%, 

and 8% for unstirred 0.5 M, stirred 0.5 M, and 1.0 M NaHCO3, respectively. Perhaps 

most importantly, assuming all species reach equilibrium, [CO2(aq)] decreases by an 

order of magnitude at -0.7 V, and falls to under 3 mM in each case at -0.9 V. It is 

important to note that although the equilibrium between carbonate and bicarbonate is 

sufficiently fast to reach equilibrium under reaction conditions, the hydration of CO2 is 

significantly slower, and therefore the equilibrium assumption may not hold for 

[CO2(aq)].
28, 157, 159 The validity of this assumption was tested using ATR-SEIRAS to 

monitor [CO2(aq)] as a function of potential from 0.0 to -0.9 V in 0.5 M NaHCO3 with 

and without stirring as described in the Method and Materials section. It was found 

that although the calculated [CO2(aq)] only slightly underestimates the experimentally 

observed value without stirring (Figure 5.4a), [CO2(aq)] remains roughly constant from 

0.0 to -0.9 V when the electrolyte is stirred (Figure 5.4b). This result suggests that 

while CO2(aq) nearly reaches equilibrium without stirring, when stirring is introduced, 

transport of CO2(aq) to the electrode is faster than the conversion of CO2(aq) to 
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bicarbonate, so that [CO2(aq)] remains constant at all potentials tested. Additional tests 

at stirring rates of 450, 900, 1350, and 1800 rpm at -0.7 V suggest that even stirring at  

 

Figure 5.4: Calculated (grey) and measured CO2(aq) near ï surface concentration (a) 

with no stirring and (b) stirred at 1800 rpm in CO2 saturated 0.5 M 

NaHCO3 versus uncorrected potential. Experimental values taken from 

the spectra in Figure C.2.2.  

450 rpm is sufficient to maintain a [CO2(aq)] equal to that of the bulk value (Figure 

C.2.7). It is important to emphasize that due to the dependence of [CO2(aq)] on stirring 

rate, spectroscopic data should not be correlated with reactivity data without 
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maintaining a similar level of convection. As a result, the relationship established by 

Ayemoba et al. between decreased near-electrode pH and improved CO2RR selectivity 

(which was determined based on the relative ratio of CO2(aq) and bicarbonate peaks in 

an unstirred spectroscopic cell)135 on Cu electrodes must be reevaluated with more 

rigorous control of convection during spectroscopic measurements.  

 

Figure 5.5: ɖc,H+ (purple), ɖc,CO2 (blue), and ɖc,total (black) as a function of (a) 

electrode potential and (b) current density in CO2 saturated 0.5 M 

NaHCO3 without stirring 

Similar to the depletion of protons, the depletion of CO2(aq) near the electrode 

in the unstirred case yields an additional concentration overpotential (ɖc,CO2), further 

limiting the efficiency of the CO2RR at lower potentials. Solving Equation (1) with the 

experimentally-determined interfacial [CO2(aq)] values given in Figure 5.4, ɖc,CO2 is 

smaller than ɖc,H+ at lower overpotential, but reaches nearly the same value (87 and 82 

mV, respectively) at -0.8 V in unstirred 0.5 M NaHCO3 (Figure 5.5).  As a result, the 
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total concentration overpotential (ɖc,total) increases from 123 mV at -0.7 V to 169 mV 

at -0.8 V so that 46 mV of the additional 100 mV of overpotential are wasted due to 

transport limitations. This additional ɖc could be a key factor in understanding the 

decrease in CO2RR selectivity relative to the HER at high overpotentials.165 Whereas 

the HER is only susceptible to ɖc,H+, the CO2RR is subject to both ɖc,H+ and ɖc,CO2 so 

that from -0.7 to -0.8 V the additional kinetic overpotential for the CO2RR and HER 

are 54 and 86 mV, respectively. It is important to note however, that this analysis is 

applicable to the unstirred case only, as the [CO2(aq)] stays roughly constant from 0.0 

to -0.9 V in the stirred case (Figure 5.4b), so that no ɖc,CO2 is observed and the relative 

increases in kinetic overpotential with electrode potential are expected to be the same 

for the CO2RR and HER within the potential range studied in this work. ɖc,CO2 is not 

calculated beyond -0.8 V because [CO2(aq)] decreases below the detection limit of 

ATR-SEIRAS so that Equation (1) diverges toward infinity when the near-electrode 

[CO2(aq)] goes to 0 M.  

The findings discussed above are particularly insightful for understanding the 

electrocatalytic performances of high-surface-area electrodes for CO2 reduction. When 

nanostructured catalysts are employed, the localized concentration gradients are 

expected to be much more substantial than on the planar electrodes. The current 

densities for the nanostructured electrodes can typically reach the scale of 10 mA/cm2 

(per geometric area of the electrode) or above,147, 155, 166-168 with the estimated ɖc,H+ 

upwards of 100 mV154 (Figure 5.2). Moreover, the diffusion of chemical species inside 

the nanostructured electrodes can be expected to be slower than that from the bulk 

electrolyte toward the surface of a planar electrode, which is likely closer to the 

unstirred case in the absence of convection flow investigated in this work (Figure 
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5.4a), and CO2(aq) can be depleted in a large part of the electrodes at elevated 

potentials or current densities. The drastic difference in CO2(aq) concentration between 

the unstirred and stirred situations shown in Figure 5.4 thus underlines the need for 

taking the mass transport effects into account in the design and evaluation of 

nanostructured electrodes. 

5.3.3 Kinetic Implications  

These observed decreases in reactant concentrations, along with the 

corresponding increase in ɖc, have significant impacts on the interpretation of kinetic 

analysis of electrochemical systems.28 For example, CO2 reduction to CO exhibits a 

Tafel slope of 56 mV dec-1 in the lower overpotential region (> -0.4 V), which 

increases to 250 mV dec-1 at higher overpotential (< -0.5 V, Figure 5.6, solid 

circles).40 We have previously attributed the change in Tafel slope to mass transport 

limitations of reactants (CO2(aq) and bicarbonate) or site blocking due to Na+ in the 

outer Helmholtz plane at negatively charged electrodes. It is interesting to note 

however, that the shift in slope occurs concurrently with the onset of ɖc,H+ at -0.4 V, 

suggesting that elevation of interfacial concentration gradients may be a cause of the 

shifting Tafel slope. Using ɖc,H+ values from the stirred cell in 0.5 M NaHCO3, the 

potential in the Tafel plot was corrected to account for current-induced concentration 

gradients by subtracting ɖc,H+ from the electrode potential, yielding a mass-transport 

free potential. The ɖc,H+ corrected Tafel plot can be used to examine the effect of 

interfacial concentration gradients on existing kinetic data (Figure 5.6, open circles). 

Although the increase in ɖc,H+ does not account entirely for the shift, the slope of the 

high overpotential region decreases from 250 to 224 mV dec-1, indicating that mass 

transport limitations do have a minor, yet measurable, effect on the kinetics of CO2 
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reduction to CO on Au. Moreover, we can also rule out ɖc,CO2 as the primary cause of 

shifting Tafel slope. Within the potential range studied in the Tafel analysis (-0.3 to -

0.7 V), there is no significant change in [CO2(aq)] while stirring (the same condition in 

which the Tafel slope was determined) based on ATR-SEIRAS measurements. As a 

result, we conclude that although a small part of the shift in slope can be attributed to 

ɖc,H+ changes, the major cause is the blocking of active sites by Na+, as detailed in our 

previous work.39-40  

 

Figure 5.6: Uncorrected (solid circles) and ɖc,H+ ï corrected (open circles) Tafel 

slope for the CO2RR to CO in CO2 saturated 0.5 M NaHCO3. Data taken 

from Reference 33. 
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In addition to impacting the Tafel slope, ɖc,H+ will also impact reaction order 

studies of electrochemical systems. For example, increases in current density with 

reactant concentration (and corresponding increases in ɖc,H+) lead to growing 

overestimations of the kinetic overpotential at higher concentrations. If the 

overestimation of kinetic overpotential on the surface increases with current density 

(and overpotential) in concentration dependence investigations, the obtained reaction 

order dependence on that species will be underestimated relative to the true value. To 

obtain a strictly accurate dependence, the ɖc,H+ should be determined at each 

concentration, and measurements should be repeated iteratively to account for ɖc,H+. 

We will illustrate this point with a simple model reaction in which hydroxide is 

produced at the cathode (Equation 3).  

ὃ Ὄὕ Ὡ  O ὄ ὕὌ   (3) 

Assuming the rate of this reduction reaction has a 1st order dependence on 

species A, in the absence of near-electrode concentration gradients, a slope of ~1 when 

plotting log(j) vs. log[A] should be observed experimentally at a constant potential (or 

overpotential). However, misleading electrokinetic data could be obtained if there is 

substantial contribution from ɖc,H+. This point will be shown at current densities below 

6 mA/cm-2, where we have experimentally determined ɖc,H+ (Figure 5.3b), and is a 

commonly used current density range for reaction order dependence studies.40, 155, 167 

When ɖc,H+ = 0, a slope of 1 is obtained (Figure 5.7, red line) as expected from the 

assumption. When ɖc,H+ > 0, overpotential will be overestimated based on the ɖc,H+ ï 

current density relationship established for the stirred 0.5 M NaHCO3 (Figure 5.2b). 

Current densities are then recalculated with a given Tafel slope at the ɖc,H+ ï corrected 

overpotential (E - ɖc,H+, Figure C.2.8). This process is repeated until the predicted ɖc,H+ 
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converges (change in ɖc,H+  < 1 mV between iterations). For reactions with Tafel 

slopes of 236, 118, and 59 mV dec-1, the observed dependence on [A] (without 

correcting for ɖc,H+) decreases from 1 to 0.83, 0.71, and 0.55, respectively (Figure 5.7). 

The sequence is consistent with the fact that a lower Tafel slope entails a more 

pronounced effect of a given ɖc,H+ on the current. Such discrepancies in reaction orders 

can cause severe errors in mechanistic interpretation of electrochemical processes. For 

example, if the model reaction has a Tafel slope of 59 mV dec-1, the reaction will 

appear to be roughly half order, rather than 1st order in [A]. In light of these results, it 

is imperative that all studies of reaction order dependence are conducted at a minimal 

overpotential (to minimize concentration gradients), with facile mass transport and a 

strong buffer in order to minimize the deviation of the kinetic overpotential caused by 

ɖc,H+.  
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Figure 5.7 Theoretical (red) and expected experimentally observed reaction order 

dependence on species A based on overpotential underestimation for the 

sample reaction given in Equation 2 with a Tafel slope of 236 mV dec-1 

(light blue), 118 mV dec-1 (purple), and 59 mV dec-1 (grey). 

Overpotential changes calculated based on ɖc,H+ ï current density 

relationship in stirred 0.5 M NaHCO3.  

The methodology outlined here may also be used for the study of concentration 

gradients changes in a wide variety of electrochemical processes provided the 

electrolyte contains a multiprotic salt, and the electrode of interest can provide a 

surface-sensitive film. For example, the interfacial concentrations of a phosphate 

electrolyte can be quantified by examining the relative ratio of PO4
3-, HPO4

2-, and 

H2PO4
- bands. The results of such experiments could have important implications (as 

demonstrated here for CO2 reduction) for other widely studied electrochemical 

processes such as hydrogen oxidation or nitrate reduction. 
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5.4 Conclusion 

Changes in interfacial concentrations and the resultant increases in 

concentration overpotential arising from production of OH- during the HER and 

CO2RR were quantified experimentally with ATR-SEIRAS at non-stirred and stirred 

conditions.  Increases in ɖc,H+ as a function of current in CO2 saturated 0.25, 0.5, and 

1.0 M NaHCO3 electrolytes occurs at rates of 93, 68, and 48 mV per decade of current 

density, respectively, for unstirred electrolytes, and 48 mV per decade in 0.5 M 

NaHCO3 when stirred at 1800 rpm. These trends can be applied directly to studies of 

the CO2RR on any flat electrode, as the ɖc,H+ is only dependent on the production rate 

of OH-, rather than the product distribution or the composition of the electrode surface. 

Although the quantitative relationships given here should serve as close 

approximations to the interfacial behavior on other electrodes, exact quantitative 

relationships should be established for each electrode material and morphology using 

the methods detailed in this work. Increases in ɖc,H+ have a strong effect on CO2RR 

rates via two different mechanisms: 1) overestimation of applied kinetic overpotential 

due to [H+] gradients and 2) depletion of CO2(aq) near the electrode via equilibrium 

reactions with hydroxide and carbonate anions, resulting in an additional concentration 

overpotential for CO2(aq). Although improvement of mass transport has a limited 

mitigating effect on the first mechanism, in this study it was found that with sufficient 

convection, the effect of the second mechanism can be eliminated within the current 

range studied due to the slow hydration of CO2 relative to other equilibrium reactions. 

Therefore, improvements in selectivity of the CO2RR over the HER can be made by 

operating at high current densities with sufficient mass transport of CO2(aq). 

Additionally, it is necessary for future mechanistic work more carefully consider the 

effect of concentration overpotentials, either through experimental quantification of ɖc 
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or by operating under conditions in which ɖc is negligible, e.g., low current densities 

and/or a strong buffer, to avoid misleading electrokinetic data. 
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THE CENTRAL ROLE OF BICARBONATE IN THE  ELECTROCHEMICAL 

REDUCTION OF CARBON DIOXIDE ON GOLD  

6.1 Introduction  

As atmospheric CO2 levels passed 400 ppm in March 2015,169 it is clear that 

curbing anthropogenic CO2 emissions alone is not sufficient to address the concern 

over climate change. Efficient CO2 capture and conversion strategies are needed.170-171 

To this end, renewable electricity coupled with CO2 electrochemical reduction as a 

platform of artificial photosynthesis is a promising approach.172  Technologies for CO2 

utilization as such have the potential to not only reduce CO2 concentration in the 

atmosphere, but to supplement, if not eventually replace, diminishing fossil fuel 

reserves.173-175 Nevertheless, an efficient and cost-effective synthetic scheme for 

converting CO2 into fuels and commodity chemicals remains elusive. Breakthroughs 

in the development of active, selective, and stable electrocatalysts for CO2 reduction 

are acutely needed for both electrochemical and photoelectrochemical approaches. A 

key barrier in developing such electrocatalysts is the lack of molecular level 

knowledge of surface-mediated electrochemical reactions. The wide variety of 

possible products (number of electrons transferred) ranging from CO and HCOOH (2 

e-) up to CH CH CH OH (18 e-) in the electrochemical CO2 reduction reaction 

(CO2RR) pose significant difficulties in elucidating reaction mechanisms.26, 176 

Another compelling challenge lies in obtaining spectroscopic information selectively 

on the electrode surface because most CO2RRs are conducted in aqueous solutions and 

Chapter 6 
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the strong absorption of water could easily overwhelm signals from the 

electrochemical interface. Therefore, mechanistic investigations of the CO2RR on 

electrode materials known to only produce one or few products with surface sensitive 

techniques is a logical and important step in understanding the surface-mediated 

CO2RR. 

Au is known as a highly efficient and selective catalyst in the electrochemical 

CO2RR for CO production, a reaction heavily investigated in recent years as an 

alternative, carbon-negative route to produce syngas components.177-181 This reaction 

is also of enormous fundamental importance because it is believed to be the first step 

in the reduction of CO2 to higher value products such as hydrocarbons and 

oxygenates.26, 182 Attenuated total reflectance - surface enhanced infrared absorption 

spectroscopy (ATR-SEIRAS) is a vibrational spectroscopic technique that selectively 

detects species adsorbed on and near (< 10 nm) the metal surface.52, 66, 100, 109 The 

contribution of the spectroscopic signal decreases exponentially as the distance 

between the molecule and the metal surface grows; therefore, it is an ideal tool to 

probe a variety of electrochemical processes. Previous reports have leveraged this 

technique for the study of various important electrochemical processes such as 

methanol oxidation,183 ammonia oxidation,184 hydrogen oxidation/evolution,118-119, 131, 

and the CO2RR on Cu electrodes.80, 185 Additionally, Wuttig et al. employed ATR-

SEIRAS in investigation of the electroreduction of CO2 on Au film electrodes;66 

however, contamination of the Au working electrode by Pt, likely due to the 

electrochemical deposition of dissolved Pt from the counter electrode on to the 

cathodic working electrode, complicates the assignments of observed CO bands and 

leads to the erroneous conclusion that an irreversibly adsorbed bridge-bonded CO 
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poisons the Au surface. In this work, we report the first mechanistic study of the 

CO2RR on a contaminant-free Au surface in an aqueous electrolyte using a 

combination of in-situ ATR-SEIRAS, isotopic labeling, and mass spectrometric 

techniques. By applying a square-wave potential profile, in which CO is produced at 

the low potential, then reabsorbed at the high potential where it can be observed using 

ATR-SEIRAS, we demonstrate that invisible reaction intermediate (adsorbed CO) on 

Au under typical CO2RR conditions can be directly observed with in-situ vibrational 

spectroscopy. Further, based on spectroscopic observations and rigorous kinetic 

studies, we propose for the first time that HCO3
-, in addition to acting as a pH buffer26 

or proton donor155 as previously proposed, acts to increase the effective CO2 

concentration in solution through rapid equilibrium between the two species. 

6.2 Experimental Section  

6.2.1  Materials 

 Au film electrodes were deposited directly on the reflecting plane of a Si 

prism using a modified electroless chemical deposition method outlined by Miyake et 

al.62 The prism was first polished with a 0.05 µm Al2O3 slurry and sonicated in acetone 

and water to remove the residue. After polishing, the Si prism was immersed in a 3:1 

by volume solution H2SO4 (Sigma-Aldrich, 95-98%) and H2O2 (Sigma-Aldrich, 30%) 

for 20 min in order to clean the prism of organic contaminants. Following cleaning, 

the reflecting plane of the prism was immersed in NH4F (Sigma-Aldrich, 40%) for 90-

120 s to remove the oxide layer and create a hydrogen-terminated surface to improve 

adhesion of the Au film.186 The Si surface was then immersed in a 4.4:1 by volume 

mixture of 2% HF and Au plating solution consisting of 5.75 mM NaAuCl4 · 2H2O, 
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0.025 M NH4Cl, 0.075 M Na2SO3, 0.025 M Na2S2O3 · 5H2O, and 0.026 M NaOH for 

4 min. To prepare electrodes for isotopically labeled electrolysis experiments, bulk Au 

foil was purchased from Alfa Aesar (99.999%) and was polished with sandpapers (400 

and 800 Grit). The Au foil was then cut into pieces with dimensions of 15 mm × 5 

mm. Finally, a nickel wire was connected to one end of the gold piece via spot 

welding. The electrode was then etched in aqua regia for 30 s and rinsed using double 

deionized-distilled water (Barnstead Mega-Pure Water Purification System) for 

subsequent electrochemical studies. NaHCO3 electrolyte was prepared by purging a 

solution made from Na2CO3 (Fluka, Ó99.9999%) overnight with high purity CO2 gas 

(Matheson, 99.999%) until the solution pH had reached 7.2, indicating full conversion 

of Na2CO3 to NaHCO3.
66, 155, 162 The electrolyte was purified using a solid-supported 

iminodiacetate resin (Chelex 100, Sigma-Aldrich) in order to prevent any potential 

impurity metal deposition and achieve a sustainable catalytic surface during CO2RR.69 

In -situ ATR-SEIRAS experiments. A polycrystalline Au nanofilm, deposited 

chemically on the reflecting plane of a Si prism cut to a 60° angle of incidence, served 

as the working electrode. A two-compartment spectroelectrochemical cell, separated 

by an anion-exchange membrane (Fumasep, FAA-3-PK-130), was designed to 

accommodate the Si prism and to avoid any possible cross-contamination from the 

counter electrode (Figure D.1.1a). A graphite rod, rather than a Pt foil/wire, was used 

as the counter electrode to avoid any possible Pt contamination on the working 

electrode (Figure D.1.1b) as demonstrated previously in studies of the hydrogen 

evolution reaction using non-Pt based cathodes.187-189 The electrolytes used in all 

spectroelectrochemical experiments were prepared by the same method as for 

electrolysis on bulk Au foils outlined in the previous section. ATR-SEIRAS 
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experiments were conducted on an Agilent Technologies Cary 660 FTIR spectrometer 

equipped with a liquid nitrogen-cooled MCT detector and a Pike Technologies 

VeeMAX II ATR accessory. The spectrometer was coupled with a Solartron SI 

1260/1287 system for electrochemical measurements. The reference electrode was an 

Ag/AgCl electrode (3.0 M KCl, BASi). All spectra were collected with a 4 cm-1 

resolution with a time resolution of 0.5 s between scans, so that spectra collected using 

8 and 64 co-added scans have a time resolution of roughly 4 s and 32 s, respectively. 

Spectra shown in Figure 6.2 were collected during a potential sweep at 10 mV s-1, so 

that each spectrum was an average over ~40 mV. All other spectra shown were 

collected at a constant potential. Spectra are presented in absorbance units where 

positive and negative peaks signify an increase and decrease in the interfacial species, 

respectively. All potentials are given on the reversible hydrogen electrode (RHE) scale 

unless noted otherwise.  

6.2.2 Electrochemical Kinetics Experiments 

A Princeton Applied Research VersaSTAT 3 potentiostat was used for 

isotopically labeled electrolysis experiments. Electrolysis was performed under room 

temperature in a gas-tight two-compartment electrochemical cell using a piece of 

anion exchange membrane (Fumasep, FAA-3-PK-130) as the separator. The working 

electrode compartment contained 9 mL electrolyte and 9 mL headspace. A graphite 

rod was used as the counter electrode and Ag/AgCl (3.0 M KCl, BASi) as the 

reference electrode. Before electrolysis using 13CO2, the electrolyte was purged with 

Ar for at least 1 h to remove the dissolved CO2 (pH = 8.9 and does not change with 

longer purging time); in a subsequent step, the electrolyte was purged with 13CO2 for 

5 min at 5 sccm (pH = 7.2 and does not change with further purging) and the 
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headspace was purged with 13CO2 for 5 min. During the electrolysis, the electrolyte in 

both compartments was stirred at rate of 800 r.p.m. using a magnetic stirrer. 

Quantification of gas phase products was performed using a gas chromatograph 

(Agilent, 7890B) / mass spectrometer (Stanford Research Systems, QMS). Gas phase 

products were collected and injected into the gas chromatograph using a gas-tight 

syringe. 

6.3 Results and Discussion 

6.3.1 Potential-Dependent Behavior of Adsorbed CO on Au 

In-situ ATR-SEIRAS was used in order to probe the chemically-deposited Au 

electrode surface in a CO2-saturated 0.5 M NaHCO3 electrolyte as a function of 

electrode potential (Figure 6.1). The applied potential was stepped down from 1.0 V to 

-0.6 V (referenced to RHE unless stated otherwise); however, the adsorbed CO (COad) 

reaction intermediate was only observed in the spectra at ~2100 cm-1 between 0.2 V 

and -0.1 V,57, 61-62 and was absent between -0.3 V and -0.6 V where the CO2RR is 

typically carried out. The standard equilibrium potential for the reduction of CO2 to 

CO is -0.11 V,26 and thus the appearance of the adsorption band as high as 0.2 V is 

somewhat unexpected. The observation of COad at higher than standard equilibrium 

potential can be explained by a combination of a positive shift in the equilibrium 

potential due to the low CO partial pressure (no CO was introduced other than that 

formed in the reaction) according to the Nernst equation. An estimation of the change 

in equilibrium potential with the coverage of COad is provided in Appendix D.2, 

however, the exact equilibrium potential cannot be obtained without the knowledge of 

the absolute surface coverage of COad. The observation of CO in the spectra despite no 
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significant CO production observed at these potentials using gas chromatrography is 

attributed to the extremely high sensitivity of SEIRAS for COad.  

 

Figure 6.1: In-situ ATR-SEIRAS spectra of adsorbed CO produced in CO2 saturated 

0.5 M NaHCO3 as the potential is stepped in 0.1 V increments from 1.0 

to -0.6 V on an Au film electrode. Spectra presented are 64 co-added 

scans at a 4 cm-1 resolution. 

To further understand the adsorption behavior of CO on Au and, specifically, 

and the absence of COad at potentials where CO2 reduction to CO is known to occur, 

ATR-SEIRAS spectra were collected continuously during potential cycling between 

1.0 V and -0.6 V in a CO-saturated 0.5 M NaHCO3 electrolyte (Figure 6.2a). The 

single COad peak observed from 2050 cm-1 to 2100 cm-1 appears only between -0.1 V 
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to 0.6 V, reaching a maximum peak intensity at ~0.4 V.62, 101, 103 The shift in peak 

position  

 

Figure 6.2: (a) In-situ ATR-SEIRAS studies of surface absorbed CO and carbonate. 

Spectra (8 co-added, 4 cm-1 resolution) were collected during potential 

scans from -0.6 V to 1 V at 10 mV/s under 1 atm CO on Au film 

electrodes in 0.5 M NaHCO3. (b) ï (d) Schematic of proposed CO, 

(bi)carbonate, and sodium ion behaviors near the electrode surface at 

different potentials. 

with changing electrode potential can be attributed to the electrochemical Stark effect 

as demonstrated in SEIRAS studies of CO adsorption.65-66, 68, 126-127 The COad peak 

decreases concurrently with the rise of a band at ~1460 cm-1 above 0.6 V assigned to 

adsorbed bicarbonate (CO3,ad), which deprotonates upon adsorption.156 This spectral 

evidence suggests that the disappearance of COad at high potentials may be due to 

displacement of COad by CO3,ad (Figure 6.2b). It should be noted that oxidation of 
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COad to CO2 also occurs at similar electrode potentials on Au,190-191 and could also 

contribute to the disappearance of the COad peak above 0.6 V where a positive current 

is observed (Figure D.1.2). The disappearance of COad at lower potentials, where the 

rate of CO production increases, is less straightforward. We attribute the 

disappearance of COad from the spectra at potentials below -0.1 V to the displacement 

of COad by Na+ in the outer Helmholtz plane, which are drawn nearer to the electrode 

surface as the electrode potential decreases.192 The adsorption of alkali metal cations 

on metal electrode surfaces at low potentials, and its impact on the rates of 

electrochemical surface reactions have been discussed in previous reports,32, 193-194 but 

experimental investigation of these interactions is less common. One major difficulty 

in studying alkali cation effects at electrochemical interfaces is that direct observation 

of these cations is not possible using infrared spectroscopic techniques. In order to 

overcome this barrier, and to verify that cations in the outer Helmholtz plane are able 

to displace COad at low electrode potentials, the adsorption of CO was studied in a 0.1 

M tetramethylammonium iodide (TMAI) saturated with CO using ATR-SEIRAS 

while the potential was cycled between -0.3 V and 0.6 V (Figure D.1.3). The TMA+ 

cation was chosen due to the strong spectroscopic signature of the methyl bending 

mode at 1478 cm-1,130 which increases with decreasing potential, beginning at ~0.3 V 

where the COad peak intensity begins to decrease. This is strong evidence that cations 

are able to displace COad on Au electrodes at sufficiently low potentials. Similarly, 

Na+ cations could reduce the surface coverage of COad to below the detection limit of 

ATR-SEIRAS at low electrode potentials (Figure 6.2d). It follows that the Au sites 

will become available once the electrode potential becomes more positive, and CO is 
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free to re-adsorb on those Au sites provided it is still in the vicinity of the electrode 

surface (Figure 6.2c), allowing for observation of COad by ATR-SEIRAS. 

Contrary to this work and other previous studies of CO adsorption on Au using 

ATR-SEIRAS in which only a single, linearly bonded CO peak was observed,62, 101, 103 

some previous studies of the CO adsorption on Au using ATR-SEIRAS have observed 

an additional COad peak from  ~1900 cm-1 to 2050 cm-1 attributed to bridge-bonded 

CO on Au.65-66 We believe that the additional COad peak is due to contamination of the 

Au film electrode by Pt dissolution from the counter electrode and electrodeposition 

on the cathodic working electrode as shown previously for other electrochemical 

systems with Pt as the counter electrode material.195-198 This hypothesis was confirmed 

by studying the adsorption of CO under the same experimental conditions as 

previously described for the spectra in Figure 6.2, replacing the graphite rod with a Pt 

wire counter electrode (Figure D.1.1b). Despite the presence of an anion exchange 

membrane separating the working and counter electrodes, significant Pt deposition 

occurs on the Au film working electrode, causing the appearance of additional COad 

bands from 1900 cm-1 to 2050 cm-1 which persist to -0.6 V. Both the peak position and 

potential range of these additional COad bands are in good agreement with COad bands 

observed by Wuttig et al., suggesting that the Au film had significant Pt contamination 

in their investigation of the CO2RR on Au.66 It is important to note that when only a 

single COad band was observed, either an Au counter electrode was used,62, 101 or the 

potential of the working electrode was maintained above 0.1 V vs. RHE,103 so that the 

potential of the counter electrode was likely kept sufficiently low, to prevent 

dissolution of the Pt counter electrode and subsequent electrodeposition on the Au 

film.  
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Figure 6.3: (a) Schematic representation of the potential square-wave electrolysis of 

CO2 saturated 0.5 M NaHCO3 on Au film electrodes. (b) Corresponding 

current profiles at -0.2 V through -0.6 V during electrolysis. (c) ATR-

SEIRAS spectra collecting during square-wave electrolysis. Colored 

spectra were collected during electrolysis at each potential presented in 

(b). Black traces above each colored spectrum correspond to spectra 

collected at 0.4 V after each reduction potential. All spectra presented 

correspond to 8 co-added scans collected with a 4 cm-1 resolution.  

With this insight into the potential-dependent adsorption of CO on Au, a novel 

spectroelectrochemical method was developed in order to observe, for the first time, 

the CO2RR at the potential range in which COad is invisible to ATR-SEIRAS under 

normal conditions. Because the CO intermediate produced at Au electrodes cannot be 

directly observed during the potentiostatic reduction of CO2, a potential square-wave 

electrolysis (illustrated in Figure 6.3a) alternating between a reduction potential at 

which the CO2RR is expected to occur, and 0.4 V, where the COad band reaches 
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maximum intensity (Figure 6.2a) was employed. The potential was held at the 

reduction potential for 30 s, and stepped to 0.4 V until COad desorbs from the 

electrode. Holding the potential at 0.4 V immediately after electrolysis allows a 

fraction of CO produced during electrolysis to re-adsorb to the Au film electrode, 

enabling direct observation of reduction products. The resultant current profiles during 

reduction cycles and the corresponding ATR-SEIRAS spectra, collected at an interval 

of every ~3 s throughout the square wave experiment, are presented in Figures 6.3b 

and 3c. Current densities from -0.2 V and -0.6 V are inflated during the square-wave 

electrolysis due to the high capacitive current associated with immediately stepping 

the electrode potential down from 0.4 V, along with the short time scale of the 

electrolysis. Consistent with the previous results (Figure 6.1), no COad was observed 

during electrolysis at any potential between -0.2 V and -0.6 V during the square-wave 

electrolysis. No discernable COad peaks were observed in the SEIRAS spectra at -0.4 

V after electrolysis at -0.2 V or -0.3 V owing to both the low overpotential for the 

CO2RR at these potentials and resulting in the low overall reduction current (< 2 mA 

cm-2, Figure 6.3b). At reduction potentials of -0.4 V through -0.6 V, however, the rate 

of CO production is sufficiently high to produce a strong COad band at 2106 cm-1 after 

the product re-adsorbs at 0.4 V. The initial size of the band is a qualitative indicator of 

the rate of CO production, as the COad peak increases in intensity at 0.4 V with 

decreasing reduction potential due to a higher concentration of produced CO near the 

Au film following electrolysis. Following the potential step up to 0.4 V, the COad peak 

gradually decreased in intensity as CO concentration near the electrode decreases due 

to diffusion into to the bulk electrolyte and eventually out of the CO2-purged solution. 
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This square-wave method enables, for the first time, in-situ detection of the CO 

product of the CO2RR on Au electrodes.  

6.3.2 Isotopic Labeling of Products and Reactants during the CO2RR 

 

Figure 6.4: (a) In-situ ATR-SEIRAS study of CO produced in the 13CO2 purged 0.5 

M NaH12CO3 electrolyte in real time. Each point corresponds to the 
13COad:

12COad peak intensity ratio in a single spectrum collected at 0.4 V 

after reduction at -0.6 V (circles) and -0.4 V (diamonds) on an Au film 

electrode. (b) Spectra collected at 0.4 V after electrolysis at -0.6 V 

corresponding to the open blue points in (a). (c) Spectra collected at 0.4 

V after electrolysis at -0.4 V corresponding to the red diamonds in (a) 

and (d) schematic of potential profile used for electrolysis in (a), (b), and 

(c). All spectra presented correspond to 8 co-added scans collected with a 

4 cm-1 resolution. 

This potential square-wave approach was applied in conjunction with isotopic 

labeling to gain insights into the CO2RR mechanism. An isotopically labeled 13CO2 

purged 0.5 M NaH12CO3 solution was initially reduced at an Au film electrode at -0.6 

V, in order to produce CO (Figure 6.4). The potential was then stepped up to 0.4 V, 
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and a spectrum was collected immediately after the potential step, in order to observe 

the CO product (Figure 6.4d). This procedure was repeated continuously over 80 min 

to investigate the isotopic composition of the CO product as a function of time. The 

isotopic composition of the produced CO was quantified by monitoring well-defined 

bands for 12COad and 13COad species throughout the electrolysis process. In these 

experiments a 12COad peak will appear 2100 cm-1,122 while a peak due to 13COad is 

expected to shift to 2053 cm-1 based on Equation 6.1, where 1/ ‗ and 1/‗ᶻ, and ‘ and 

‘ᶻ are the wavenumbers of vibrational modes and reduced masses of the unlabeled 

and labeled molecules, respectively.199 

ρ

‗

‘z 

‘

ρ

‗z
 (6.1) 

Surprisingly, only the unlabeled 12COad (2100 cm-1) was observed initially 

(Figures 6.4a and 6.4b), demonstrating experimentally, for the first time, that the 

carbon source of the CO product originates not from the 13CO2 in the headspace, but 

from H12CO3
- in the electrolyte. A vibrational band corresponding to adsorbed 13COad 

(2055 cm-1) appeared after ~20 min and grew with time as the equilibrium exchange 

between 12CO2 and H13CO3
- occurred. An experiment conducted at -0.4 V yielded 

similar results (Figures 6.4a and 6.4c). Further, when beginning with 12CO2 saturated 

0.5 M NaH13CO3 at -0.6 V, the opposite trend of isotopic composition with time was 

observed (Figure D.1.4), with the majority of the initial product being 13CO. These 

isotopic labeling studies provide the first experimental evidence that the CO2 bubbled 

into the solution is not the primary carbon source for the CO2RR; rather, carbon in 

HCO3
- must be involved and is the primary carbon source. 
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Figure 6.5: (a) ATR-FTIR spectra (4 cm-1 resolution) of CO2(aq) along with 

percentage of the total peak area belonging to 12CO2(aq) and 13CO2(aq) in 
13CO2 purged 0.5 M NaHCO3. Reference spectrum: Ar saturated 0.5 M 

NaHCO3. (b) ATR-FTIR spectra (4 cm-1 resolution) of H12CO3
- and 

H13CO3
- after electrolyte purging with 13CO2. (c) MS spectra indicating 

the composition of 13CO2(g) (red trace, m/z = 29) and 12CO2(g) (black 

trace, m/z = 29) after electrolyte purging and during the 5 min 

electrolysis. (d) After 5 min electrolysis. Green and blue traces indicate 

the portion of the fit (red) composed of H12CO3
- and H13CO3

- 

respectively. Reference spectrum: H2O. 

a b

c d
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Two possible mechanisms for the isotopic composition of the CO product 

could be at play: (i) CO is produced directly from the reduction of H12CO3
- rather than 

dissolved 13CO2, or (ii) the equilibrium between CO2(aq) and HCO3
-, i.e., 

13CO2(aq) + H12CO3
- ź 12CO2(aq) + H13CO3

- 

in the electrolyte is sufficiently fast that the isotopic composition of CO2(g) is different 

than CO2(aq) near the electrode surface where CO2(aq) is reduced. The first possibility 

was assessed by monitoring the CO production rate during electrolysis at -0.6 V in Ar 

purged NaHCO3; however, no significant CO product was observed using gas 

chromatography. This is consistent with previous reports,155, 165 which argue against 

the first mechanism. We investigated the second possibility further by monitoring the 

isotopic compositions of the possible carbon sources in the system (CO2(g), CO2(aq), 

and HCO3
-) as well as the produced CO using ATR-FTIR and mass spectroscopy 

(MS). The composition of 13CO2(g) and 12CO2(g) were estimated by examining gas 

aliquots from the headspace of the cell using MS, while the composition of bulk 

H12CO3
- and H13CO3

- were estimated through ATR-IR spectrum deconvolution of the 

vibrational bands associated to H12CO3
- (1362 cm-1)156 and H13CO3

- (1323 cm-1). After 

the NaH12CO3 solution was purged with 13CO2 (1 atm), a 5-min electrolysis at -0.6 V 

was performed. The bicarbonate composition was estimated to be ~96% H12CO3
- (i.e., 

~4% H13CO3
-) after purged with 13CO2, which decreased to ~87% after the 5-min 

electrolysis (Figure 6.5a and 6.5b). Correspondingly, the initial composition of CO2 in 

the headspace was ~87% 13CO2 (i.e. ~13% 12CO2) and the number gradually decreased 

to ~54% during the electrolysis (Figure 6.5c). The isotopic composition of dissolved 

CO2(aq) was determined using a method similar to bicarbonate in a separate ATR-IR 

experiment wherein reaction conditions were simulated by beginning with an Ar 
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saturated 0.5 M NaH12CO3 solution and purging the electrolyte with 13CO2 for 5 min, 

then purging the headspace for 5 min, and finally sealing the cell and monitoring the 

isotopic composition over the next 30 min. Dissolved 12CO2(aq) (2343 cm-1) and 

13CO2(aq) (2278 cm-1) peaks200 were monitored throughout the experiment and peak 

areas were calculated in order to determine the isotopic composition of CO2(aq) (Figure 

6.5d). Interestingly, the dissolved CO2(aq) is found to be ~80% 12CO2(aq) over the time 

frame that electrolysis would occur, whereas the CO2(g) in the headspace is only ~36% 

12CO2(g) over the same time frame (during electrolysis). The CO2(aq) isotopic 

composition matches much more closely with that of bicarbonate (< 10% difference) 

than CO2(g) (> 30% difference), indicating that the equilibrium exchange between 

bicarbonate and CO2(aq) is very rapid (faster than the diffusion of CO2(g) to become 

CO2(aq)).
158 These results suggest that CO2(g) purged into the system does not remain 

intact in the electrolyte and is consistent with the CO2 hydration rate measured by the 

stopped-flow method.158 Further, sampling of produced CO in the head space by MS 

reveals the majority of the carbon monoxide (~89%) produced was 12CO (m/z = 28, 

Figure 6.6a), which is similar to the average composition both of H12CO3
- and 

12CO2(aq). These MS and FTIR results (summarized in Figure 6.6b) are consistent with 

the hypothesis that CO2(g) is not the direct carbon source in the CO2RR within the 

duration of this experiment. Instead, carbon atoms in CO2(aq) and HCO3
- rapidly 

exchange and equilibrate, and most of carbon in the produced CO originates from 

HCO3
- due to its high concentration as compared to CO2(aq). These isotopically labeled 

ATR-SEIRAS and MS experiments were repeated (with different electrode potentials, 

detailed in Figure D.1.5) on other common CO-producing electrodes such as oxide-
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derived Au,155 Ag foil,201-203 nanoporous Ag,162, 180 and Zn foil201-202, 204 to monitor 

isotopic  

 

Figure 6.6: (a) MS spectra of the CO product after 5 min electrolysis in 13CO2 

saturated NaH12CO3 electrolyte at -0.6 V and corresponding isotopic 

composition. (b) Summary of the isotopic composition of bicarbonate, 

CO2 in the headspace and dissolved in the electrolyte, and CO produced 

during electrolysis. (c) Summary of the isotopic composition of 

bicarbonate, CO2(g), and CO on various metal electrodes taken from the 

full data presented in Figure D.1.5. (d) Proposed equilibrium between 

CO2 and bicarbonate. Red, black, and blue colors indicate atoms that 

were initially part of CO2, water, and bicarbonate, respectively. (e) 

Schematic of the proposed mechanism for increasing the effective CO2 

(CO2
eq) concentration via the equilibrium between CO2 and bicarbonate. 

Species at the Au surface that can be readily reduced to CO are marked in 

red. 
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compositions of CO2(g), bicarbonate, and the CO product (summarized in Figure 6.6c). 

All other CO-selective metals tested exhibited similar behavior to that of bulk Au, 

with the isotopic compositions of bicarbonate consistently falling within 10% of the 

CO product, with the CO2(g) composition consistently > 40% different than CO. 

Based on the results of isotopic labeling experiments, we propose that the 

majority of the CO2(aq) being reduced to CO is actually supplied by H12CO3
- through 

rapid equilibrium (Figure 6.6d), and that the primary role of CO2(g) is to establish and 

maintain the equilibrium concentration of CO2(aq) based on other species in solution. 

Rapid equilibrium exchange between CO2(aq) and HCO3
- in solution could increase the 

effective CO2(aq) concentration (CO2
eq) near the electrode surface by allowing CO2(aq) 

to hop between bicarbonate ions in solution (analogous to the Grotthuss mechanism205 

for proton diffusion in water in which protons hop between water molecules as Eigen 

or Zundel cations), essentially allowing any HCO3
- near the surface to be reduced in 

the CO2
eq form (Figure 6.6d). In this case, the role of bicarbonate is not simply a pH 

buffer26 or H+ donor155 for CO production as previously proposed, but also key to the 

reaction rate by facilitating CO2(aq) transportation due to its much higher concentration. 

It is important to clarify that this hypothesis is fundamentally different from claiming 

that bicarbonate is equivalent to CO2 in the CO2RR and can therefore be reduced 

directly at the electrode surface. If either CO2
eq moiety of the bicarbonate-CO2 

equilibrium complex (Figure 6.6d) is reduced in the CO2RR, the other moiety is 

simultaneously converted to HCO3
- and can no longer be directly reduced to CO. 

Considering that this rapid equilibrium is a solution-mediated, rather that electrode 

mediated process, and the similarity of isotopic labeling results on other CO-selective 

electrodes, the proposed role of bicarbonate is likely to be general on all CO producing 
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electrodes. This proposed mechanism is in good agreement with previous reports that 

CO2RR rates are significantly higher in bicarbonate solutions than other buffer 

solutions at the similar pH and potential.26, 206 Noda et al.206 demonstrated that in a 0.1 

M phosphate buffer solution of pH = 6.8, the partial CO current density (jCO) is 

roughly 0.4 mA cm-2 at -1.31 V vs RHE. In 0.1 M KHCO3, Hori202 showed that jCO = 

5.0 mA cm-2 at the same potential, over an order of magnitude increase in jCO in 

bicarbonate as compared to that in the phosphate buffer solution. The diminished jCO 

with the phosphate buffer solution argues against the role of bicarbonate as primarily a 

proton donor in the CO2RR,155 because the presence of a more effective proton donor, 

i.e., H2PO4 (pKa = 7.2), than bicarbonate (pKa = 10.3) does not translate to higher 

CO2RR rates. Furthermore, no spectroscopic evidence for specific adsorption of either 

bicarbonate or phosphates was observed at CO2RR potentials (< -0.3 V, Figures 6.2a 

and D.6), which is likely due to the electrostatic repulsion of between anions and the 

negatively charged electrode surface.  

6.3.3 Kinetic Analysis of the CO2RR on Au 

In light of these new spectroscopic insights, we propose the following 

modified mechanism for the CO2RR on Au electrodes in aqueous bicarbonate 

electrolytes, based on previous work from Rosen et al.162 

ὅὕȟ Ὄὕ  z Ὡ ᴾὅὕὕὌᶻ ὕὌ  (6.2) 

ὅὕὕὌᶻ Ὡ ᴾὅὕᶻ ὕὌ  (6.3) 

ὅὕᶻᴾὅὕ  z (6.4) 

In the initial step (Equation 6.2), CO2, or CO2
eq, is reduced in a simultaneous 1 

H+/ 1 e- transfer at a free surface site (*) to form the COOH* intermediate. Water is 

proposed to act as the primary H+ donor for the reaction, rather than bicarbonate,155 
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which will be justified in the following kinetic data. Next, COOH* is reduced in the 

second electron transfer step to produce adsorbed CO (CO*). CO* then desorbs from 

the surface to produce the final CO product in equation (4). If we assume low surface 

coverages of CO* and COOH* (—ᶻ ρ), as suggested by the lack of SEIRAS 

signature of adsorbed intermediates at CO2RR potentials (Figure 6.1), and Equation 

6.3, the second e- transfer step, to be rate limiting (consistent with the observed Tafel 

behavior in Figure D.1.8a) the CO partial current (Ὥ ) can be described by equation 

(2):  

Ὥ ςὊὯȟὑὑὥ ÅØÐ
Ὂ– –

ὙὝ
 (6.5) 

where ὥ  is the activity of CO2
eq, —  is surface coverage of CO*, —  is the 

surface coverage of the COOH* intermediate, Ὧȟ is the rate constant for step (A2), 

ὑ is the equilibrium constant of equation (2), Kq is qCO/qCOOH, –  and –  are the 

applied overpotentials for equations (2) and (3) on the RHE scale respectively, Ὂ is 

Faradayôs constant, Ὑ is the gas constant, and Ὕ is temperature. The expected Tafel 

slope ( ÌÏÇ Ὥϳ ‏Ὁ‏  ) based on equation (5) with the second e- transfer  (equation 

3) as the rate-limiting step is 59 mV dec-1, which is in good agreement with the 

experimentally observed Tafel slope (Figure D.1.7) of 56 mV dec-1 at low potentials (-

0.325 to -0.4 V) on Au film electrodes.66 A more detailed derivation of the expected 

Tafel slope is provided in the Appendix D.4. The Tafel slope increases at potentials 

below -0.4 V to 250 mV dec-1, which is consistent with previous studies at these 

higher overpotentials.66, 155 This change in Tafel slope at more negative potentials 

could be attributed to both a limitation of mass transport of CO2
eq (with currents of -

260 µA cm-2 at -0.425 V) and/or a blocking of reaction sites by Na+ in the outer 

Helmholtz plane.192 The CO2RR in aqueous NaHCO3 solutions takes place at 
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potentials lower than -0.11 V vs. RHE (the standard equilibrium potential). At these 

low potentials, the density of cations near the electrode is expected to increase as the 

electrode becomes more negatively charged. Therefore, we hypothesize that the 

increase in Tafel slope below -0.4 V is caused by the combined effect of 1) blocking 

of surface by Na+ in the outer Helmholtz plane;192 and 2) electrostatic repulsion of 

bicarbonate anions from the negatively charged electrode, which limits the ability of 

CO2
eq to reach the electrode surface. 

6.3.4 Dependence of iCO on [CO2] 

To further probe the role of HCO3
-, reaction orders of both CO2 and HCO3

- 

concentration were studied at a constant overpotential of -0.5 V (i.e., -0.61 V vs. 

RHE). Constant overpotential measurements on the RHE scale are necessary to 

account for any change in pH that occurs when changing other reaction conditions 

such as the partial pressure of CO2(g) (pCO2) or concentration of phosphate/carbonate 

species as detailed by Rosen et al.162 Unlike previous studies which have investigated 

CO2 dependence based on pCO2 in the headspace of the electrolysis cell155, 162, 165, CO2 

dependence is investigated using the concentration of CO2(aq) in the solution ([CO2]) 

calculated from measured solution pH and equilibria among all dissolved species. As 

reactions occur in solution, rather than in the gas phase, using [CO2] rather than pCO2 

gives a more rigorous representation of CO2 activity for the CO2RR. Further, the linear 

correlation between pCO2 and [CO2] based on Henryôs law does not hold rigorously 

due to the equilibrium between CO2(aq) and bicarbonate in the solution. In order to 

interpret the results of these experiments, equation (5) is expanded to convolute the 

dependence on [CO2] and [HCO3
-] as given in equations (6) and (7). 
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Ὥ ςὊὯȟὑὑὥ ‌ÅØÐ
Ὂ– –

ὙὝ
 (6.6) 

‌ᶿ Ὄὅὕ  (6.7) 

where ‌ is a function of [HCO3
-] and describes the enhancement of CO2(aq) through 

equilibrium with bicarbonate, and ‍ is the order dependence of [HCO3
-] within ‌. 

Based on equation (6), the experimentally observed slope of 0.9 from the plot of 

log(jCO) versus log[CO2] (Figure 6.7a) indicates a 1st order dependence of iCO on 

[CO2], which is consistent with previous reports on Au electrodes.155, 165 A more 

detailed derivation of the order dependence of [CO2] and [HCO3
-] is given in 

Appendix D.3.  

 

Figure 6.7: CO partial current density of Au foil vs. (a) CO2 partial pressure in 1.0 M 

NaHCO3 and (b) NaHCO3 concentration (with Na2HPO4 added to the 

electrolyte to maintain ionic strength and buffer capacity) at 0.1 M Na+ at 

a constant overpotential of -0.5 V. 

ba
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6.3.5 Dependence of iCO on [HCO3
-] 

Analysis of the dependence of the reaction rate on [HCO3
-] is significantly 

more complex, because [HCO3
-] is determined via multiple aqueous equilibria, rather 

than only by the amount of NaHCO3 added. In order to address these complications, 

the dependence of the reaction rate on [HCO3
-] is studied by changing [HCO3

-] while 

maintaining the ionic strength and buffering capacity of the electrolyte using a 

phosphate buffer. More specifically, [Na+] is maintained at 0.1 M, and the ratio 

between [HCO3
-] and [HPO4

2-] is varied in order to probe the effect of changing 

[HCO3
-]. The achievable range of [HCO3

-] under 1 atm CO2 is 0.04-0.1 M based on 

equilibria among CO2(aq), HCO3
-, HPO4

2-, and H2PO4
- (Table D.1.1). If HCO3

- is 

indeed only acting as a proton donor155 or pH buffer26 in the CO2RR, replacing the 

bicarbonate buffer with a phosphate buffer of a similar pH should, in principle, have 

no effect on the rate of reaction. The results of these experiments are plotted as jCO 

[CO2]
-1 versus log[HCO3

-]. Since [CO2] changes with pH, and in turn with the 

bicarbonate/phosphate ratio, the effect of [CO2] variation on jCO must be removed 

from the bicarbonate dependence study by normalizing the jCO with [CO2] (equation 

6). Rather than showing no dependence on [HCO3
-] (ɓ = 0), as would be expected if 

bicarbonate were simply a proton donor, a ɓ value of 0.9 is observed, indicating a 1st 

order dependence of iCO on [HCO3
-] when [HCO3

-] is between 0.044 and 0.1 M. This 

observed 1st order dependence on [HCO3
-] demonstrates that bicarbonateôs primary 

role in the CO2RR is not acting as a proton donor or pH buffer, which is consistent 

with our hypothesis that bicarbonate enhanced CO2RR rates by increasing the 

effective [CO2] near the electrode surface as detailed in equations (6) and (7). This 

also justifies the assumption that water, rather than bicarbonate, is the primary proton 

donor in the proposed mechanism (equations 2-4). 
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6.4 Conclusions 

In summary, we developed a spectroscopic method to observe normally 

invisible reaction intermediates of the CO2RR on Au by ATR-SEIRAS with square-

wave potential profiles in which CO is first produced at low electrode potentials (Ò -

0.4 V), then observed at 0.4 V. Further, we demonstrate, using a combination of in-

situ spectroscopic, isotopic labeling, and mass spectrometric techniques, that the 

majority of CO2(aq) in the electrolyte originates from the equilibrium with bicarbonate 

rather than diffusion of CO2(g). Rigorous electrokinetic studies also demonstrate a 1st 

order dependence on bicarbonate, which supports the conclusion that bicarbonate has 

a beneficial role in the CO2RR rather than acting simply as a pH buffer or proton 

donor. Based on these results, we propose that bicarbonate enhances CO2RR rates by 

increasing the effective reducible CO2 concentration in solution through rapid 

equilibrium exchange between the two species. Isotopic compositions of reactants and 

products on various electrode materials suggest that this enhancement of CO2RR rates 

via rapid equilibrium with bicarbonate is universal to all CO-selective electrodes.  
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ANALYSIS OF ELECTROKINETIC DATA TO UNDERSTAND  SURFACE-

MEDIATED ELECTROCHEMICAL REACTIONS  

7.1 Introduction  

The surface mediated electrochemical conversion of small molecules such as 

H2O, CO2 and N2 to value-added chemicals using renewable energy is a promising 

strategy for a growing sustainable chemical production and energy storage 

infrastructure.207-209 Upgrading these small molecules typically involves multiple 

electron and proton transfers and can produce many products each with a number of 

possible reaction intermediates. This complexity presents challenges in the elucidation 

of molecular level reaction mechanisms, which are critical to the design of efficient, 

selective, and stable electrocatalysts.210 

A variety of experimental techniques have been used to investigate the reaction 

pathways and mechanisms of surface mediated electrochemical reactions, from 

feeding suspected intermediate species as reactants211-213 to utilizing spectroscopic 

techniques to probe reaction intermediates,214-215 each with their own advantages and 

disadvantages. One of the most common methods in electrocatalysis is Tafel analysis, 

in which the quantitative dependence of the partial current density towards a specific 

product (the electrochemical reaction rate) on the applied potential (Tafel slope) is 

determined.216 The experimentally observed Tafel slopes can then be compared to 

theoretically derived slopes by assuming different rate-limiting steps (RLS) and quasi-

equilibrated steps in a proposed reaction mechanism. By comparing the 

Chapter 7 



 115 

experimentally measured Tafel slope with those derived based on a proposed 

mechanism and RLS, researchers are able to either reject or support proposed 

mechanistic pathways. However, Tafel analysis does have significant limitations. For 

example, it cannot differentiate two mechanisms that share the same expected Tafel 

slope, which is frequently the case for complex reactions involving multiple electron 

and proton transfers. Furthermore, initial mechanistic assumptions can influence 

experimental design, which could in turn bias mechanistic interpretations. 

In this chapter, we use the simplest 2-electron CO2 reduction reaction 

(CO2RR), the catalytic conversion of CO2 to CO on Au and Ag surfaces, as an 

example to demonstrate the complexity and challenges associated with commonly-

used electrochemical techniques for elucidating the reaction pathways and 

mechanisms. Through a detailed comparison and analysis of both existing and new 

electrokinetic data, we show that the results of these mechanistic studies strongly 

depend on experimental design, which is dictated by the assumed reaction mechanism. 

The chapter will discuss the mechanistic insights gained from Tafel analysis, as well 

as considerations in choosing experimental parameters when conducting Tafel analysis 

to ensure measured rates are dictated by electrokinetics rather than being convoluted 

by mass transport limitations. Particular emphasis is placed on how these variations in 

Tafel analysis within the existing literature result in different conclusions about the 

possible reaction pathways and the RLS. Further, the chapter will demonstrate how the 

assumed reaction mechanism and the RLS can dictate experimental design, including 

which variables must be controlled to obtain meaningful kinetic data. For example, in 

the case of CO2RR to CO, the choice of reference scale between the standard 

hydrogen electrode (SHE) and reversible hydrogen electrode (RHE), which should be 
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equivalent in principle, can each produce seemingly conclusive results that reinforce 

differing initial mechanistic assumptions. As such, we hope to convey the challenges 

associated with these experimental methods and emphasize the necessity of 

developing advanced operando spectroscopic techniques and computational methods 

to help further elucidate the reaction pathways and mechanisms for the CO2RR 

specifically, as well as for the electrochemical upgrading of other small molecules. 

7.2 Mechanistic Insights through Tafel Analysis 

7.2.1 Derivations and Limitations of Tafel Analysis 

Although Tafel analysis has been used to propose and verify reaction 

mechanisms, e.g., hydrogen evolution reaction (HER),118, 216-217 hydrogen oxidation 

reaction (HOR),216, 218-219 oxygen reduction reaction,216, 220-223 oxygen evolution 

reaction,216, 224-225 and ethanol oxidation reaction,226 it is imperative to note that Tafel 

analysis has limitations. Most notably, Tafel analysis is only appropriate within a 

specific overpotential range. For an electrochemical reaction of the form given in Eqn. 

1, the full Butler-Volmer equation (Eqn. 2) can be simplified to the Tafel equation 

(Eqn. 3) only if the overpotential is sufficiently high so that the rate of the reverse 

reaction is negligible comparing to that of the forward reaction, i.e., ÅØÐ Ḻ

ÅØÐ .4 

ὕ+ὲÅᴾὙ (1) 

Ὦ ὲὊὯ ὥÅØÐ
–‍Ὂ

ὙὝ
ὥÅØÐ

–‍ ρὊ

ὙὝ
 (2) 

Ὦ ὲὊὯ ὥÅØÐ
–‍ ρὊ

ὙὝ
 (3) 
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In Eqns. 1 & 2, h = E ï Eequilibrium, and b is the symmetry factor. To clarify, h is 

negative for reduction reactions such as CO2RR, and the term overpotential in this 

chapter refers to the magnitude of h, i.e., |h|. Thus, a higher overpotential corresponds 

to a lower (or more negative) electrode potential. The overpotential must be kept 

sufficiently low so that the reaction rate is kinetically controlled in determining Tafel 

slopes. Otherwise the observed Tafel slope will be convoluted by mass transport 

limitations. For example, owing to very fast kinetics, Tafel analysis of the HOR/HER 

on Pt using the rotating disk electrode method were plagued by transport limitations 

which caused an apparent Tafel slope of ~30 mV dec-1, suggesting a rate-limiting 

Tafel step (i.e., Ὄ ᴾςὌ ).219 However, more recent work using a H2 pump 

configuration to improve mass transport has shown a Tafel slope of ~118 mV dec-1, 

consistent with either a Volmer (Ὄ ᴾὌ Ὡ ) or Heyrovsky (Ὄ ᴾὌ Ὄ

Ὡ ) RLS.117, 219 Moreover, Tafel slopes, even when measured properly, in many cases 

do not correspond to a unique mechanism as several proposed mechanisms could lead 

to the same expected Tafel slope. This is due to two primary reasons: 1) measured 

Tafel slopes are only impacted by the RLS and steps before RLS, and 2) mechanisms 

with different RLS and/or the steps before RLS could result in the same expected 

Tafel slope. This case is also illustrated in the mechanistic investigation of the 

HOR/HER, where a Tafel slope of 118 mV dec-1 indicates that either the Volmer or 

Heyrovsky step is limiting, but does not distinguish between the two. Thus, as 

informative as Tafel analysis is, additional characterization is often needed to 

unequivocally prove a proposed mechanism. 
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7.2.2 Experimentally Determined Tafel Slopes for the CO2RR on Au and Ag 

Surfaces 

For the simplest 2-electron CO2RR to CO on Au, different Tafel slope values 

(56 ï 140 mV dec-1) have been reported,40, 66, 155, 164-165, 206, 227 leading to many 

different mechanistic proposals. Figure 7.1 summarizes previous Tafel analyses and 

illustrates how the experimentally derived Tafel slope is highly dependent on the 

region of applied potentials employed. While most of literature reported a Tafel slope 

near 118 mV dec-1, studies of CO2RR to CO at low overpotentials (less negative than -

0.4 V vs. RHE) have consistently exhibited slopes near 59 mV dec-1 (Figure 7.1, black 

solid circles and open purple traces). Kanan et al. have previously ascribed the lower 

Tafel slope observed on oxide-derived Au electrodes to a change in the RLS due to 

stabilization of the proposed *CO2
- intermediate.155 Meanwhile, our previous work 

showed that even bulk, polycrystalline Au electrodes also exhibited a Tafel slope near 

59 mV dec-1 at sufficiently low overpotentials.40 We therefore propose that the 

previously observed Tafel slopes near 118 mV dec-1 are a result of those experiments 

being conducted at high overpotentials, at which measured CO production rates are 

not strictly determined by electrokinetics. Indeed, for each of the polycrystalline Au 

experiments conducted at higher overpotentials (Figure 7.1, solid red, purple, and gold 

symbols), the Tafel slope exhibits a noticeable residual curvature when approaching 

lower overpotentials (less negative potentials), indicating that measured rates in these 

experiments are likely impacted by non-kinetic factors, such as mass transport 

limitations.26, 155, 227 For example, although Kanan et al. reported a slope of 114 mV 

dec-1 for polycrystalline Au, the slope using data points at the lowest measured 

overpotentials (-0.4 and -0.45 V vs. RHE), decreases to 83 mV dec-1.155 A similar 

trend holds in a recent report by Surendranath et al. where Tafel slopes of 125, 140, 
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and 167 mV dec-1 can be calculated using the two, three, and four lowest overpotential 

points, respectively.227 Moreover, in our previous work with Au foil electrodes, Tafel 

slopes of 134 and 167 mV dec-1 were observed using data from -0.4 to -0.425 V and -

0.4 to -0.45 V (vs. RHE), respectively.40  

 

Figure 7.1: Representative Tafel plots for polycrystalline Au from Xu et al. (black 

circles, Ref. 25), Hori et al. (gold triangles, Ref. 26), Surendranath et al. 

(red squares, Ref. 29) and Kanan et al. (solid purple diamonds, Ref. 24) 

and oxide derived Au (open purple diamonds, Ref. 24). Solid lines 

represent linear fits between points with slopes of the indicated value.  

There is a strong parallel in measured Tafel slopes on Au and Ag surfaces, 

both exhibiting high CO selectivity.26 Despite the majority of existing work suggesting 

a Tafel slope of ~118 mV dec-1 on bulk Ag, Tafel slope values close to 59 mV dec-1 

(64 and 58 mV dec-1) were measured on nanoparticle and nanoporous Ag electrodes at  
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Figure 7.2: Representative Tafel plots for polycrystalline Ag from this work (black 

circles), Jaramillo et al. (red squares, Ref. 32) and Jiao et al. (solid purple 

diamonds, Ref. 33). Open purple diamonds and triangles represent Tafel 

data on nanoporous and nanoparticles, respectively (Ref. 33). Solid lines 

represent linear fits between points with slopes of the indicated value.  

low overpotentials (less negative than -0.5 V vs. RHE, Figure 7.2).162, 228 Like Kanan 

et al., Jiao et al. initially attributed the shift in Tafel slope to a change in the RLS of 

the reaction, owing to an increase in step-site density for the nanostructured 

electrodes.162 However, measurements on bulk polycrystalline Ag foils at low 

overpotentials (less negative than -0.5 V vs. RHE) in this work show a similar slope 

(67 mV dec-1) to that of nanostructured Ag. Like Au, Ag most likely has a transport-

free Tafel slope of ~59 mV dec-1, and previous measurements showing slopes near 

118 mV dec-1 are due to transport limitations caused by the range of current density 

and potential employed. Therefore, it is critical to ensure Tafel slopes are measured 

under conditions controlled only by electrokinetics. In addition to current density, 
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electrode potential could also play a decisive role in determining whether the 

measured rate is dictated by electrokinetics, as will be discussed in detail in the 

following section. 

7.2.3 Impact of Electrode Potential on Measured Rates  

Mass transport limitations in electrode surface mediated reactions are caused 

by the slow rate of transport of reactants to, or products from, the electrode relative to 

the rate of the electrode reaction (current density).4, 219 In addition, the reorganization 

of ions in the electrical double layer in response to the electrode potential could also 

have an impact on the mass transport. Cationic species tend to crowd the outer 

Helmholtz plane (OHP) of the electrical double layer at lower electrode potential due 

to electrostatic attraction.4, 34 These electrostatically bound cations have been shown to 

interact or even displace adsorbed species.39-40 It is likely that these cations could to a 

certain extent limit the access of reactant to the surface and cause a mass transport 

limitation. This effect will be more pronounced at lower electrode potentials, as the 

OHP will be increasingly crowded by cations drawn by negatively charged electrode 

surface and the electrostatic interaction between the cations and the surface will be 

stronger. This phenomenon was illustrated using attenuated total reflectance surface 

enhanced infrared spectroscopy (ATR-SEIRAS) with CO as a probe molecule. The 

potential was cycled between 1.0 and -0.8 V vs. SHE in CO-saturated 0.1 M KClO4 

electrolyte on an Au film electrode (Figure 7.3). At high potentials (>0.8 V) the 

adsorbed CO band (~2100 cm-1) disappears due to CO oxidation to CO2.
55, 61-62, 101 

Interestingly, the adsorbed CO coverage also decreases below 0.2 V vs. SHE and 

desorbs completely below -0.4 V vs. SHE. As detailed in our previous work, the 

desorption of CO below 0.4 V vs. SHE is due to displacement of the weakly-bound 
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CO by K+ in the OHP drawn to the negatively charged electrode.39-40 In the case of 

CO2 reduction, as the electrode potential is decreased, the electrostatic attraction 

between electrolyte cations and the electrode increases, forming a potentially site-

blocking layer of cations in the OHP in addition to displacing produced CO. Although 

the observed Tafel slopes on polycrystalline Au (~ 118 mV dec-1) and oxide-derived 

Au (~56 mV dec-1) were measured in the same current density region, mass transport 

limitations have a more pronounced impact on the measured Tafel slope on 

polycrystalline Au due to the lower electrode potential needed to achieve the same 

current density (~0.15 V lower as compared to that on oxide-derived Au) due to its 

lower activity. The dependence of the composition of the electrochemical interface on 

electrode potential (accumulation of cationic and anionic species at low and high 

potentials, respectively) makes the electrode potential a defining parameter, along with 

the current density, for determining the kinetically controlled potential region and 

therefore a key parameter in the design of electrokinetic experiments. As a result, 

Tafel slopes measured at low current densities and electrode potentials without 

significant electrolyte/electrode interactions are more reliable, i.e., the Tafel slope for 

the CO2RR on Ag and Au is 59 mV dec-1. Although it is frequently not practical to 

conduct electrokinetic investigations at or close to the potential of zero charge (PZC), 

where the interaction between ions in the electrolyte and the electrode surface is 

minimal, as in the case of CO2RR, the closer the potential range investigated is to 

PZC, the less likely that the measured kinetic parameters are impacted by the 

ion/electrode interaction.  
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Figure 7.3: (a) ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) a linear 

potential sweep at 5 mV s-1 from -0.8 V to 1.0 V vs. SHE on chemically 

deposited Au film electrode in 0.1 M KClO4 under continuous CO purge. 

Reference spectrum collected at 1.0 V. (b) Schematic representation of 

CO and electrolyte ions in the double layer between 0.8 and -0.4 V vs. 

SHE and (c) below -0.4 V vs. SHE. 

7.2.4 Expected Tafel Slopes based on Common CO2RR Mechanisms  

As previously alluded to, measured Tafel slopes could provide valuable, but 

often not definitive, insights into reaction mechanism. To facilitate the discussion, we 

summarize three proposed reaction pathways that are most commonly invoked in the 

literature (Table 7.1), and the expected Tafel slope assuming each step as the RLS and 

low surface coverage of any adsorbed intermediate, i.e., coverage of unoccupied 

surface sites (ɗ*) approaches unity. The assumption of low surface coverage of  
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Table 7.1: Proposed Rate Expressions and corresponding Tafel Slopes 

Step Rate Expressionb,d (jCO = é) Typea 
Tafel 

Slope 

[H +] 

Order c 

A.1 ὅὕ Ὡ  zP ὅὕ  ὊὯὥ —zÅØÐ
Ὁ‍ ρὊ

ὙὝ
 ET 118 0 

A.2 
ὅὕ Ὄὕ
ᴾ ὅὕὕὌ ὕὌ  

ὊὯὑȢὥ ÅØÐ
ὉὊ

ὙὝ
 PT 59 0 

A.3 
ὅὕὕὌ Ὄὕ Ὡ
ᴾὅὕ ὕὌ  

ὊὯ
ὑȢὑȢὥ ὥ

ὑ
ÅØÐ

ὉὊ

ὙὝ
‍ ς  PCET 39 1 

A.4 ὅὕ ᴾὅὕ  z ὊὯ
ὑȢὑȢὑȢὥ ὥ

ὑ
ÅØÐ

ςὉὊ

ὙὝ
 D 30 2 

B.1 
ὅὕ Ὄὕ Ὡ  z
ᴾὅὕὕὌ ὕὌ  

ὊὯὥ —zÅØÐ
Ὁ‍ ρὊ

ὙὝ
 PCET 118 0 

B.2 
ὅὕὕὌ Ὄὕ
ᴾ ὅὕὕὌ ỄὌ ὕὌ  

ὊὯ
ὑȢὥ ὥ

ὑ
ÅØÐ

ὉὊ

ὙὝ
 PT 59 1 

B.3 
ὅὕὕὌ ỄὌ Ὡ
ᴾὅὕ Ὄὕ 

ὊὯ
ὑȢὑȢὥ ὥ

ὑ
ÅØÐ

ὉὊ

ὙὝ
‍ ς  ET 39 2 

B.4 ὅὕ ᴾὅὕ  z ὊὯ
ὑȢὑȢὑȢὥ ὥ

ὑ
ÅØÐ

ςὉὊ

ὙὝ
 D 30 2 

C.1 
ὅὕ Ὄὕ Ὡ  z
ᴾὅὕὕὌ ὕὌ  

ὊὯὥ —zÅØÐ
Ὁ‍ ρὊ

ὙὝ
 PCET 118 0 

C.2 
ὅὕὕὌ Ὄὕ Ὡ
ᴾ ὅὕ Ὄὕ ὕὌ  

ὊὯ
ὑȢὥ ὥ

ὑ
ÅØÐ

ὉὊ

ὙὝ
‍ ς  PCET 39 1 

C.3 ὅὕ ᴾὅὕ  z ὊὯ
ὑȢὑȢὥ ὥ

ὑ
ÅØÐ

ςὉὊ

ὙὝ
 D 30 2 

aAssuming a ‍ value of 0.5 
bReduction currents are negative based on the convention in Equation 2, for clarity negative signs have 

been removed for current density in Table 7.1  
cET: electron transfer, PT: proton transfer, PCET: proton-coupled electron transfer, D: desorption 
dAssuming water, rather than bicarbonate or hydronium ions, as the proton donor 

adsorbed intermediates is justified by our recent spectroscopic investigation 

demonstrating that no vibrational band corresponding to adsorbed intermediate, 

including CO(ad), is present at typical electrode potentials applied in the CO2RR.40 

Additionally, adsorbed hydrogen coverage is assumed to be negligible as no band 

related to atop-bound hydrogen is observed spectroscopically and computational work 

shows that the hydrogen binding energy is significantly weaker than CO binding 

energy on Au, so that CO coverage should be higher than that of hydrogen.40, 229 

Finally, although electrostatically bound cations may act to prevent transport to the 

surface, effectively decreasing ɗ*, as suggested at high overpotentials, our mechanistic 
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hypothesis are based on the behavior at the low overpotentials (< 0.4 V) only, so that 

cations effects should be minimized. As a result, we assume that cations have a 

negligible impact on available active sites for the purpose of kinetic derivations. The 

most commonly proposed mechanism (Pathway A) involves an initial electron transfer 

(ET) to CO2 to form an adsorbed, negatively charged CO2 intermediate (*CO2
-), which 

is then reduced to CO via a proton transfer (PT) step followed by a final proton-

coupled electron transfer (PCET) before desorption, as in Steps A.1-A.3 (referred to as 

the ET pathway, or Pathway A in Table 7.1).66, 155, 165, 206, 227 Alternatively, it has been 

proposed that the reaction proceeded through an initial PCET to form an adsorbed 

carboxyl species (*COOH), followed by a second PT, and a final ET to produce CO 

(referred to as the PCET pathway, or Pathway B).162, 228 Finally, Xu et al. proposed a 

simplified version of the PCET pathway where the initial PCET is followed by a 

second PCET to form CO (Pathway C).40 In all three cases, if the initial step is rate 

limiting, regardless whether it is an ET or a PCET step, the expected Tafel slope is 

118 mV dec-1. If the PT following the initial ET (Pathway A) or the initial PCET 

(Pathway B) is rate limiting, both ET and PCET pathways are expected to show Tafel 

slopes of 59 mV dec-1. A Tafel slope of 39 mV dec-1 is expected in each case if the 

second ET (Pathway B) or PCET (Pathway A) is rate limiting (assuming a symmetry 

factor, ɓ, of 0.5), and a slope of 30 mV dec-1 is expected if CO desorption is the rate 

limiting step. Based on the ~59 mV dec-1 Tafel slope measured on both Au and Ag 

surfaces in the kinetic regime as discussed in the previous section, we conclude that 

regardless whether catalysts are polycrystalline or nanostructured in nature, the 

reaction is limited by a PT step preceded by an initial ET or PCET at low 

overpotentials.  
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Although Tafel analysis alone cannot distinguish exactly which pathway 

CO2RR proceeds, several meaningful conclusions can still be drawn. First, a Tafel 

slope of ~59 mV dec-1 is not expected for any step in Pathway C, which indicates that 

it is unlikely for the CO2RR on Au or Ag electrodes at low overpotentials. Meanwhile, 

ET and PCET pathways could both be consistent with the measured transport-

limitation-free Tafel slope with the second PT step in each mechanism (Steps A.2 and 

B.2) as the RLS. Although the stabilization of the *CO2
- intermediate via interaction 

with the electrode surface could make its formation potentially feasible when a 

suitable molecular catalyst is used, the formation of free CO2
Å- is energetically 

unfavorable (E0 = -1.85 ± 0.06 V vs. SHE).230-232 One potential way to distinguish 

between the ET pathway and the PECT pathway is to study the rate dependency on the 

pH of the electrolyte. If Step A.2 is the RLS, no pH dependence is expected (reaction 

order of [H+] is zero), as no PT occurs in Step A.1. If Step B.2 is the RLS, a 1st order 

dependence on pH is expected (reaction order of [H+] is 1), owing to the PT in the 

equilibrated Step B.1. As will be discussed in the next section, these seemingly 

straightforward studies can be complicated by the experimental difficulty in varying 

on parameter at a time due to multiple aqueous phase equilibria in the electrolyte. 

 

7.3 Interplay between Proposed Mechanism and Experimental Design  

7.3.1 Standard Hydrogen Electrode versus Reversible Hydrogen Electrode 

Scale 

In probing the rate dependence on pH, it is important to note that different 

mechanistic proposals could lead to different experimental designs, and in turn 

seemingly inconsistent measured parameters, e.g., reaction orders of different species, 



 127 

even when experiments are conducted rigorously. Electrochemical potentials of all 

electrochemical transformations are defined on an absolute scale relative to that of the 

reaction of H+ + e- ­ 1/2H2 under standard conditions, or the SHE scale.4 Meanwhile, 

for reactions that produce or consume protons (or hydroxides) in or preceding the 

RLS, the proton dependence can be accounted for either by correcting for this 

dependence when analyzing experimental results or by conducting experiments on a 

RHE scale. Experimentally, it is often more convenient to adopt the RHE scale, 

because the impact of the proton concentration (pH of the electrolyte) is explicitly 

taken into account such that the study of reaction order of other species is free from 

the convolution of proton dependence. Therefore, the assumed reaction mechanism 

and RLS dictate whether the SHE or the RHE scale is more suitable for a specific 

system. It must be emphasized that when all variables are properly accounted for, the 

two approaches, namely whether to conduct experiments on the SHE or the RHE 

scale, produce the same results.  In the case of CO2RR on Au, the ET pathway with 

either the first ET (Step A.1) or first PT (Step A.2) as the RLS, and the PCET pathway 

with first PT (Step B.2) as the RLS suggest that the SHE and the RHE scale is more 

convenient, respectively. This discrepancy is due to the fact that the activity of proton 

(aH+) does not appear in the rate expression of the former mechanism, but does in the 

latter (Table 7.1). Here, we show that this difference in assumed reaction mechanisms 

leads to different designs of experiments, which in turn causes conflicting reported 

values for the reaction order of bicarbonate.  

The assumption of the ET pathway with either Step A.1 or A.2 as the RLS in 

the CO2RR on Au dictates that the CO production rate is pH independent. It follows 

naturally that all electrokinetic experiments, including those aiming at determining the 
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reaction order of bicarbonate in the CO2RR, should be, and indeed have been, 

conducted using the SHE scale.66, 227 CO production rate was found to have a zeroth 

order dependence on bicarbonate concentration when bicarbonate concentration was 

varied, holding the cathode potential constant on the SHE scale.66, 227 This finding was 

interpreted as evidence confirming that the initial ET step (Step A.1) was rate limiting.  

In contrast, if Step B.2 is the RLS as indicated by a Tafel slope of 59 mV dec-1 

in the previous section, then the pH of the electrolyte must be accounted for since the 

RLS is proceeded by an equilibrated PCET step. It follows that rates should either be 

determined at a constant potential on the RHE scale, as it is the case in our previous 

study, or the dependence on aH+ should be accounted for when analyzing data 

collected at a constant SHE potential.40 This consideration is particularly important in 

the determination of dependence of the CO production rate on bicarbonate 

concentration, as the pH of the CO2-saturated solution increases with bicarbonate 

concentration. When the electrode potential for the CO2RR was kept constant with 

respect to RHE, a roughly 1st order dependence on bicarbonate was observed. 

Although a bicarbonate dependence is not explicitly predicted by the rate expressions 

unless bicarbonate, rather than water, is assumed to be the proton donor, the 

bicarbonate dependence arises through the enhancement of CO production rates via an 

increase in the effective [CO2(aq)] through the equilibrium between bicarbonate and 

CO2(aq)  as detailed in our previous work.40 

Despite seemingly contradicting results of bicarbonate dependence, the 

apparent discrepancies are largely caused by the assumed dependence on aH+. For 

example, in the work by Surendranath et al., where bicarbonate exhibits a zeroth order 

dependence, the pH of the electrolyte changes from 6.2 to 7.2 as the bicarbonate 
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concentration is increased from 0.03 to 0.3 M.227 In turn, aH+ decreases by an order of 

magnitude and the potential on the RHE scale (assuming Step B.2 is rate limiting) 

decreases by 59 mV across the range of bicarbonate concentrations studied based on 

the Nernst equation (Eqn. 4).4 
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Figure 7.4: Bicarbonate order dependence data at -0.9 V vs. SHE (black circles) and 

at -0.5 V vs. RHE corrected for the pH changes with bicarbonate 

concentration assuming a Tafel slope of 59 mV dec-1 (red squares) and 

118 mV dec-1 (purple diamonds). All data taken from Ref. 28. 

A dependence on bicarbonate concentration can be clearly observed (Figure 

7.4) if each current density taken from Figure 7.3c of the work by Surendranath et al. 

is adjusted to account for a first order dependence on aH+ using Tafel slopes of 59 or 
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118 mV dec-1.  If the Tafel slope is assumed to be 118 mV dec-1 at -0.9 V vs. SHE, the 

rate exhibits a ~0.5 order dependence on bicarbonate. If a Tafel slope of 59 mV dec-1 

is assumed, the rate shows a ~1st order dependence on bicarbonate concentration. This 

1st order dependence is consistent with our previous work conducted on the RHE 

scale.40 This analysis demonstrates that the design of experiments, including on 

whether to control and account for changes in aH+ based on the proposed mechanism, 

can produce seemly contradictory results and consequentially, different mechanistic 

conclusions even when experiments were done rigorously. This example underscores 

the importance of employing an independent method to verify mechanistic 

conclusions drawn solely from electrokinetic investigations.  

 

7.3.2 Complications in Kinetic Isotope Effect Studies for CO2RR 

In addition to the concentration dependence studies, kinetic isotope effect 

(KIE) studies could, in principle, provide useful information to elucidate if the RLS in 

CO2RR involves a PT step. To effectively conduct and interpret KIE studies, one must 

study the relatively small changes in CO2RR reaction rates when isotopically labeled 

proton donors, e.g., DCO3
- or D2O, are used in place of their non-labeled counterparts 

while keeping all other variables, e.g., CO2 solubility, temperature, solvation affects, 

constant. However, in KIE studies of the CO2RR, keeping all other variables constant 

while changing the proton donor is difficult. Changing the solvent, e.g., H2O to D2O, 

can lead to a variety of complicating factors such as differences in solvation of the 

electrolyte, changes in CO2 solubility ([CO2(aq)] = 33.8 mM in H2O, 38.1 mM in 

D2O),158 or differences in hydrogen bonding so that kinetic changes due solely to 

proton donation cannot be easily extracted. Kenis et al. conducted KIE studies in a 
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flow cell, in which the catholyte is 2.0 M NaOD and the anolyte is 2.0 M NaOH to 

prevent changes in cell performance due to the KIE on the oxygen evolution reaction 

and the anode.233 In addition to the possible change in mechanism due to reaction of 

CO2 with NaOD to form NaDCO3 at the cathode, the catholyte and anolyte are 

separated by an anion exchange membrane such that electrolyte crossover between the 

two compartments, especially at the membrane on which catalysts are loaded, is likely 

if not inevitable. Any presence of NaOH and H2O on the surface of cathodic catalyst 

could impact the measured KIE because H-containing species may preferentially react 

over D-containing species. In another work, batch experiments by Surendranath et al. 

were conducted in NaHCO3 electrolytes with H/D ratios between 0.1 and 0.9.66 

Because relatively small changes in reaction rates are expected (typical KIE values are 

1 - 2),234  pure labeled and non-labeled chemicals should be used as stated above. To 

further illustrate the complex nature of using KIE studies to elucidate the CO2RR, the 

current density toward CO was measured on Au foil electrodes at a kinetically 

controlled potential (-0.4 V vs. RHE) in both CO2-saturated 0.5 M NaHCO3 (in H2O) 

and 0.5 M NaDCO3 (in D2O). Surprisingly, the current density toward CO is -0.070 ± 

0.005 mA cm-2 in NaHCO3 and -0.162 ± 0.011 mA cm-2 in NaDCO3. Importantly, the 

rate of HER decreased in the deuterated electrolyte with current densities toward H2 

and D2 of -0.077 ± 0.002 mA cm-2 and -0.039 ± 0.014 mA cm-2, respectively. The 

inverse relationship between CO and H2/D2 rates suggests that the improved CO 

selectivity in the deuterated electrolyte may be due in large part to the decreased rate 

of the competing HER. The increased activity in deuterated electrolyte is likely a 

result of various convoluting factors mentioned above that cannot be easily decoupled, 

rather than indicating that the D-containing species accelerates the RLS compared to 
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the H-containing counterpart (KIE < 1). Another recent example of unexpected KIE is 

that the rate of CO oxidation on Au/TiO2 in aqueous solution is retarded by replacing 

H2O with D2O, while water is not expected to participate based on the overall 

reaction.235 It is only through sophisticated first principles computational studies that 

the role of water in the reaction mechanism can be elucidated. In light of the 

complexities in swapping all H-donors to D-donors, gaining mechanistic insights 

based on KIE experiments is non-trivial. Thus, accurate interpretation of the measured 

KIE regarding the role of proton donors in the CO2RR in aqueous electrolytes is 

challenging. 

7.4 Outlook 

Although electrokinetic studies can be informative in understanding reaction 

mechanisms of electrochemical processes, the relatively simple case of the 2-electron 

CO2RR to CO illustrates the inherent limitations of these techniques and underscores 

the necessity for the development of supporting spectroscopic and computational 

methods. Rigorous Tafel analysis can only be conducted in a full-kinetically 

controlled potential and current region to avoid transport limitations, which is often 

well outside of typical reaction conditions. As a result, reliable mechanistic insights 

can only be obtained at low overpotential and current densities, and possible changes 

in mechanistic pathway or RLS that occur at higher overpotentials and current 

densities cannot be directly investigated by Tafel analysis. Moreover, kinetic studies 

probing the dependence on different species can be heavily influenced by the 

proposed/assumed mechanism and experimental design. In the specific case of CO2RR 

to CO on Au, it appears that the experimental design based on a specific proposed 

mechanism tends to reinforce the assumed mechanism. In order to effectively 
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investigate CO2RR to CO, along with more complicated electrochemical systems such 

as CO2RR to C2+ products or N2 reduction for ammonia production, it is necessary to 

leverage in-situ/operando and time-resolved spectroscopic techniques such as ATR-

SEIRAS and differential electrochemical mass spectroscopy to fill the gaps in 

mechanistic understanding left by traditional kinetics. Moreover, the continued 

development and improvement of computational methods for investigating the 

electrochemical processes, including the solvation and other electrolyte effects, is 

necessary for elucidating electrochemical reaction mechanisms. In the relatively 

simple 2-electron process of CO2RR to CO on Au and Ag, combined spectroscopic 

and electrokinetic studies have narrowed reaction pathways down to either an initial 

ET to *CO2
- or a PCET to *COOH. First-principles calculations of the stability of the 

possible intermediates, e.g., *CO2
-, and the activation barriers for proposed RLS could 

help differentiate these two potential mechanisms. Without a doubt, intimate interplay 

between experimental and computational investigations will be indispensable in 

gaining molecular level understanding of more complex heterogeneous 

electrocatalytic reactions. 
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 IN-SITU INFRARED SPECTROSCOPIC INVESTIGATIONS OF PYRIDINE -

MEDIATED CO2 REDUCTION ON PT ELECTROCATALYSTS  

8.1 Introduction  

Growing concerns about rising atmospheric CO2 concentrations have led to an 

increase in research into the electrochemical reduction of CO2.
26, 236-237 The majority 

of work to this point has been studying the CO2 reduction reaction (CO2RR) in 

aqueous bicarbonate solutions.26, 236 Although some monometallic catalysts have 

shown impressive selectivity toward 2 e- transfer products (carbon monoxide and 

formate), only Cu produces further reduction products such as methanol and 

ethylene.26, 236 Poor selectivity towards these valuable products however, has been a 

major barrier to the advancement of the electrochemical CO2RR on Cu electrodes. 

Seeking to improve the selectivity toward these valuable products, in 1994, the 

Bocarsly group first demonstrated that the addition of 10 mM pyridine (Py) to 0.5 M 

NaClO4 could help promote the selective formation of methanol on typically hydrogen 

and carbon monoxide selective Pd electrodes.202, 238 Using a hydrogenated Pd 

electrode, they showed that methanol could be produced with up to 30 % faradaic 

efficiency along with a small amount of formaldehyde as a byproduct. It is noted 

however, that this high selectivity turned out to be difficult to replicate by others. 

Portenkirchner et al. reached a maximum faradic efficiency of 15 %, while, Costentin 

et al. were only able to produce < 2 % faradaic efficiency toward methanol under 

similar experimental conditions.239-240 It was initially proposed that pyridinium ions 

Chapter 8 
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(PyH+) in the electrolyte could be reduced to form a highly active pyridinium radical, 

which in turn reacted with CO2 in a series of steps to produce methanol and formate 

on Pt electrodes.238, 241-242 Computational studies of this system suggested a variety of 

possible alternative mechanisms.243-247 Keith et al. proposed that both 4,4ô-bipyridine 

and p-dihydropyridine, formed through the reduction of PyH+, could serve as 

cocatalysts in the pyridine mediated CO2RR (Py-CO2RR).243-245 Lim et al. purported 

similar mechanisms for photocatalyzed Py-CO2RR systems.246-247 Additional 

computational work in 2013 by Ertem et al. showed that the formation of the PyH+ 

radical would not be possible until much lower electrode potentials, calling into 

question the originally proposed mechanism.248 Rather, the authors first suggested that 

the initial formation of formate in the Py-CO2RR proceeded through a proton coupled 

hydride transfer following the reduction of PyH+ to surface adsorbed hydrogen (Had) 

and Py.248 Subsequent work in the Bocarsly group investigating the cyclic 

voltammograms (CVs) of other weak acids support the assignment that the cathodic 

peak in the CV was due to the reduction of PyH+ to Had and Py.249 In light of these 

advancements, Bocarsly and coworkers proposed a new mechanism based on 

electrokinetic analysis and isotopic labeling.250-251 PyH+ is first produced in solution 

through the equilibrium with Py around pH 5.3. Had is then formed on the Pt surface 

through the reduction of either PyH+ or hydronium, then reacts with a PyH+ ï CO2 

complex to form formic acid and Py. Further reduction to methanol and formaldehyde 

is proposed to occur in solution with PyH+ acting as a proton donor in subsequent 

steps toward the formation of methanol. Despite numerous experimental and 

computational studies of this system, there is still debate in the literature regarding the 

reaction mechanism. In particular, spectroscopic evidence that supports or refutes 
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current proposed pathways is still lacking. In this work, we conducted reactivity 

studies in order to test the reproducibility of previous work, and report the first in-situ 

spectroscopic investigation of the Py-CO2RR using attenuated total reflectance surface 

enhanced infrared absorption spectroscopy (ATR-SEIRAS) to test the viability of 

previously proposed mechanisms based on both computational and electrochemical 

studies.  

8.2 Methods 

8.2.1 In -situ ATR-SEIRAS Experiments 

Polycrystalline Pt and Au nanofilms, deposited chemically on the reflecting 

plane of a Si prism cut to a 60° angle of incidence, served as the working electrodes. 

Detailed preparation procedures for the SEIRAS active film electrodes are described 

in our previous work.11, 39 A two-compartment spectro-electrochemical cell, separated 

by a cation-exchange membrane (Nafion 1135), was designed to accommodate the Si 

prism and to avoid/reduce any possible cross-contamination from counter electrode 

(Figure E.1) or back-oxidation of reduction products. ATR-SEIRAS experiments were 

conducted on an Agilent Technologies Cary 660 FTIR spectrometer equipped with a 

liquid nitrogen-cooled MCT detector and a modified Pike Technologies VeeMAX II 

ATR accessory. The spectrometer was coupled with a Solartron SI 1260/1287 system 

for electrochemical measurements. The counter electrode was a Pt mesh for all Pt film 

working electrode (WE) experiments and a graphite rod for all Au film WE 

experiments. The reference was an Ag/AgCl electrode (3.0 M KCl, BASi). Impedance 

measurements were conducted at the beginning of each experiment and the internal 

resistance (typically 20-30 ohms) was actively corrected for throughout 
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spectroelectrochemical experiments. All spectra were collected with a 4 cm-1 

resolution. Spectra are presented in absorbance where positive and negative peaks 

signify an increase and decrease in the corresponding interfacial species, respectively. 

All potentials are given on the reversible hydrogen electrode (RHE) scale unless noted 

otherwise. 

8.2.2 Electrochemical Reactivity Experiments 

A Princeton Applied Research VersaSTAT 3 potentiostat was used for 

electrochemical reactivity studies. Electrolysis was performed under room temperature 

in a gas-tight two-compartment electrochemical cell using a piece of cation exchange 

membrane (Nafion 1135) as the separator. The working electrode compartment 

contained 9 mL electrolyte and 9 mL headspace. Pt foil (Alfa Aesar, 99.99%) and Pt 

mesh were used as the working counter electrodes, respectively, and Ag/AgCl (3.0 M 

KCl, BASi) as the reference electrode. The working and counter electrodes were 

cleaned via piranha etch (3:1 by volume of H2SO4:H2O2) prior to each electrolysis. 

The electrolyte consisted of 0.5 M KCl (Fisher Chemical, > 99%) as a supporting 

electrolyte with either 0.0 M, 0.01 M, or 0.01 M pyridine (Sigma-Aldrich, 99.8%) 

added. The pH of the electrolyte was adjusted in each case to 5.3 prior to CO2 

saturation using concentrated H2SO4 (Sigma-Aldrich, 99.999%). Before electrolysis 

the electrolyte was purged with CO2 (Matheson) for at least 1 h, and the headspace of 

the electrochemical cell purged for at least 10 min to saturate the electrolyte with CO2 

and ensure 1 atm of CO2 in the headspace. During the electrolysis, the working 

electrode chamber was stirred at a rate of 800 r.p.m. using a magnetic stirrer. Internal 

resistance was determined before each electrolysis (typically < 10 ohms) and corrected 

for as data were collected. Gas phase products were collected using a gas-tight syringe 
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(Hamilton) to assess catalyst selectivity and partial current density of the products. 

Quantification of gas phase products was performed using a gas chromatograph 

(Agilent, 7890B). Liquid phase products were quantified using a (AV 600 II) NMR 

spectrometer using acetonitrile as an internal standard. Briefly, NMR samples were 

prepared by mixing 0.4 mL of the sample solution with 0.1 mL of 0.05 M acetonitrile 

internal standard in D2O. 

8.3 Results and Discussion 

8.3.1 Reactivity of the Py-CO2RR 

Reactivity studies were conducted to resolve the discrepancies between 

previous works on the pyridine-mediated CO2 reduction reaction (Py-CO2RR). Cyclic 

voltammograms collected on a Pt foil in 0.01 M pyridine with 0.5 M KCl as the 

supporting electrolyte (with pH adjusted to 5.3 using H2SO4) under both Ar and CO2 

purge are in good agreement with previous experimental work (Figure E.2).241 Peaks 

due to the reduction of the pyridinium cation (PyH+) to adsorbed hydrogen (Had) and 

pyridine (Py) are observed at -0.1 V. This peak is absent when there is no pyridine in 

the electrolyte at the same pH, confirming that this feature is related to the reduction 

of PyH+, rather than H+ (Figure E.2). An increase in current was observed under CO2 

purge relative to Ar, likely due to the additional CO2RR current. Initial reactivity 

studies were conducted at conditions similar to those outlined by Bocarsly et al.241 

(i.e., -50 µA cm-2 for 20 h in CO2-saturated solution of 0.01 M pyridine with 0.5 M 

KCl as the supporting electrolyte); however, neither methanol nor formate was 

observed at these experimental conditions. The detection limit of methanol with liquid 

phase NMR is determined to be 0.0005 mM (Figure E.3). Lack of methanol 
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production in Py-CO2RR under similar conditions has been reported before.239 

Consequently, additional experiments were performed under potentiostatic electrolysis 

at -0.2 V, -0.4 V, -0.6 V, and -0.8 V for until 16 C of charge had been passed to 

determine the ideal potential for the Py-CO2RR (Table E.1). Electrolysis at -0.2 V and 

-0.4 V produced neither formate nor methanol within the detection limit of NMR. 

After 16 C of charge at -0.2 V, the detection limit of 0.0005 mM methanol via NMR 

corresponds to a faradaic efficiency (FE) of 0.03 %.  At -0.6 V formate was produced 

with an FE of < 0.1 %. At -0.8 V an FE of ~2 % toward formate was achieved. No 

detectable amount of methanol was observed in either case, indicating that the rate of 

the proposed liquid phase reduction of formate,250 if it exists, is below our detection 

limit. It should also be noted that after electrolysis the pH of the electrolyte in both the 

working and counter electrode had changed, increasing and decreasing by < 1 pH unit 

in the working and counter electrode chambers, respectively, in good agreement with 

previous work.240 Based on the results of these exploratory experiments, all additional 

reactivity studies are conducted at -0.8 V to maximize the formate production rate and 

efficiency.  

Table 8.1: Faradaic efficiencies of the Py-CO2RR  

[Py] / M Nafion j / mA cm-2 
Faradaic Efficiency / % 

CO Formate H2 Total 

0.0 Yes   -0.97 0.14 ± 0.12 0.37 ± 0.37 101.1 ± 3.2  101.6 ± 3.7 

0.01 Yes   -1.59 0.54 ± 0.21 2.37 ± 0.47   84.6 ± 0.9 87.5 ± 1.5 

0.1 Yes   -7.27 0.01 ± 0.00 0.62 ± 0.04   35.6 ± 1.7 36.5 ± 1.7 

0.01 No   -8.11 0.04 ± 0.02 1.00 ± 0.17   22.9 ± 0.1 23.9 ± 0.3 

0.1 No -14.66 0.01 ± 0.00 0.79 ± 0.06   22.9 ± 1.0 23.7 ± 0.9 
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Electrolysis was conducted for 4 h at -0.8 V in various Py concentrations and 0.5 M KCl as the 

supporting electrolyte under 1 atm CO2 on Pt foil electrodes. Ranges given are the standard errors 

estimated using at least 3 repeats. 

Table 8.2: Production rates of various Py-CO2RR products  

[Py] / M Nafion j / mA cm-2 
Rate / 1010 mol s-1 

CO Formate H2 

0.0 Yes -0.97 0.14 ± 0.12 0.36 ± 0.36 127.7 ± 25.0 

0.01 Yes -1.59 0.91 ± 0.39 4.00 ± 0.93 142.0 ± 6.7 

0.1 Yes -7.27 0.09 ± 0.00 4.33 ± 0.52 248.5 ± 3.8 

0.01 No -8.11 0.34 ± 0.13 11.1 ± 4.23 243.2 ± 56.0 

0.1 No -14.66 0.16 ± 0.01 11.6 ± 1.12 334.6 ± 8.6 

Electrolysis was conducted for 4 h at -0.8 V in various Py concentrations and 0.5 M KCl as the 

supporting electrolyte under 1 atm CO2 on Pt foil electrodes. Ranges given are the standard errors 

estimated using at least 3 repeats. 

Additional electrolysis using different Py concentrations (Tables 8.1 & 8.2) 

show that 0.01 M Py yields higher CO2RR selectivity than both the [Py] = 0.0 M and 

[Py] = 0.1 M cases, although the vast majority of current goes to the hydrogen 

evolution reaction (HER). In all cases, a small amount of CO and formate were 

produced, but again, no detectable level of methanol was observed under any 

conditions tested.  From 0.0 M to 0.01 M Py, both the overall current, and selectivity 

toward CO and formate increases, suggesting that although no methanol is produced, 

the presence of Py does promote the CO2RR over the HER on Pt electrodes. As [Py] is 

increased further to 0.1 M, although total current density continues to increase, 

selectivity toward formate decreases to a value between that of 0.0 M and 0.01 M Py, 

suggesting that 0.01 M is near the optimal concentration for the promotion of the 

CO2RR on Pt when selectivity is considered. The overall rate of formate production 

increases with increasing [Py] (Table 8.2). The increase in total current with 
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increasing [Py] can be attributed to an increase in buffer capacity of the electrolyte 

with increasing [Py]. As the reaction proceeds in the unbuffered electrolyte (0.0 M 

Py), the pH near the electrode surface increases as the HER proceeds. The increase in 

surface pH corresponds to a decrease in overpotential for both the CO2RR and the 

HER, leading to a decrease in overall current. When [Py] is increased, the buffer 

capacity of the electrolyte increases as well due to the equilibrium between Py and 

PyH+, which combats the changes in surface pH during electrolysis and maintains the 

correct RHE potential during electrolysis. 

It is also important to note that as the overall current increases, the charge 

balance becomes increasingly poor, from ~100 % in 0.0 M Py to < 40 % in 0.1 M Py 

when the working and counter electrodes are separated by a Nafion membrane. It is 

unlikely that the poor charge balance is due to products leaking out of the 

electrochemical cell, as each experiment was repeated at least 3 times with good 

agreement between each repeat (Table 8.1). The unaccounted-for charge as the current 

density increases is proposed to be due to the formation of reactive intermediate 

species produced at the anode, e.g., during the oxygen (OER) and chlorine (CER) 

evolution reactions. As the overall current increases, a growing overpotential is 

required for the anodic reactions. We propose that higher overpotentials for the OER 

and/or CER lead to the formation of reactive intermediates, which are then either 

subsequently reduced at the cathode, leading to a closed current loop without the 

production of observable products, or react to oxidize other species in the solution, 

including CO2RR products, contributing to the observed low selectivity for the 

CO2RR. This hypothesis was tested by adding small aliquots of dimethylsulfoxide 

(DMSO) to the electrolyte to both the anode and cathode chambers immediately after 
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electrolysis (Figure E.4). Upon addition of DMSO to the post-electrolysis solution 

from the counter electrode, the DMSO reacts with the intermediates produced at the 

anode to generate dimethylsulfone (DMSO2) as determined using both H-NMR 

(Figures E.4 and E.5a) and 13C-NMR spectroscopy (Figure E.5b). When DMSO is 

added to the post electrolysis solution from the cathode however, there was a decrease 

of two orders of magnitude in DMSO conversion (Figure 8.4d), suggesting that the 

reactive species are indeed produced at the anode, and that the Nafion separator allows 

a small fraction of the oxidizing species to cross over to the cathode chamber. It is 

likely that these reactive oxidants react with CO2RR intermediates, leading to the low 

efficiencies observed as well as the lack of methanol. It is important to note that these 

species do not react directly with methanol, as determined by the lack of methanol 

conversion after adding it to the post-electrolysis solution. 

Additional reactivity studies conducted in 0.01 M Py and 0.1 M Py without the 

use of the Nafion separator are also consistent with these findings. When the anode 

and cathode are not separated by the Nafion membrane, overall current density 

increases due to the more efficient transport of the reactive intermediates to the 

cathode where they can be reduced, leading to significant currents with no observable 

products. This is reflected in the decreased FE in reactivity studies without the 

separator in place (<25%, Table 8.1). In 0.01 M Py, FE toward formate decreases from 

~2.4% with a Nafion membrane to ~1.0% when the anode and cathode are not 

separated (Table 8.1). 

While the exact nature of the reactive species is still unclear, they are highly 

energetic and unstable in the electrolyte. Since two electron oxidation of water to 

hydrogen peroxide on Pt has been reported as a side reaction of OER, hydrogen 
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peroxide could be the reactive species produced at the anode. However, no conversion 

of DMSO to DMSO2 was observed when 0.1 M H2O2 was introduced in to an aqueous 

solution of DMSO, suggesting that the reactive species is more oxidizing than H2O2. 

Moreover, when DMSO was introduced to the post-electrolysis solution several hours 

after the electrolysis, no formation of DMSO2 was detected, indicating that the 

reactive species slowly decompose in the electrolyte. Studies of DMSO conversion in 

atmospheric chemistry have shown that DMSO is readily oxidized by both OHÖ and 

ClOÖ radicals, with DMSO2 as a major product.252-253 We propose that OH and Cl 

(which reacts with O2 to form ClOÖ) radical intermediates formed in the OER and 

CERs are the active oxidant species responsible for the poor charge balance and 

conversion of DMSO in these experiments. Additional experiments using KClO4 show 

no conversion of DMSO with electrolyte from either the anode or cathode chamber 

(Figure E.4, purple trace), suggesting that the ClOÖ radical is the most likely culprit for 

the oxidation of DMSO to DMSO2. 

8.3.2 Spectroscopic Investigations of the Py-CO2RR 

To gain a more thorough understanding of observed reactivity trends, as well 

as to help resolve discrepancies in previous mechanistic studies of the Py-CO2RR, in-

situ SEIRAS was employed to gain insights into the mechanism of the cathode 

mediated reactions. Due to the complexity of the system, we first studied the CO2RR 

in a Py-free solution of 0.5 M KCl under CO2 purge. The potential is stepped from 1.0 

V to -0.4 V and spectra are collected in 0.1 V increments using 1.0 V as the reference 

potential (Figure 8.1). As the potential is decreased, two large peaks emerge around 

1990 cm-1and 1760 cm-1, beginning at 0.2 V and increasing with decreasing potential. 

The higher wavenumber peak can be attributed to linearly bound CO (COL) on Pt. We 
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attribute the lower wavenumber peak to a convolution of both bridge bound CO (COB) 

and linearly bound, unidentate carboxyl species (COOHL), which will be discussed in 

more detail shortly. Initial observation of adsorbed CO intermediates above the  

 

Figure 8.1: ATR-SEIRA spectra (4 cm-1 resolution, 64 co-added scans) during 

potentiostatic electrolysis from 1.0 V to -0.4 V in 0.5 M KCl under 1 atm 

CO2 on Pt film electrodes. pH was adjusted to 5.3 prior to CO2 saturation 

with H2SO4 and does not change upon addition of CO2. Reference 

spectrum collected at 1.0 V.  

equilibrium potential for CO2 reduction to CO can be explained by a shift in the 

equilibrium potential from the standard equilibrium potential due to the low initial 

partial pressure of CO according to the Nernst equation.254 The initial blueshift in the 

position the COL peak with the decreasing electrode potential is due to the increasing 
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coverage of CO, while the redshift of the peak at potentials below 0 V can be 

attributed to the Stark tuning effect.68, 126 The lower wavenumber band blueshifts 

monotonically with decreasing potential, suggesting that its origin is more complex. 

Observation of intermediates toward the production of both CO and formate is 

consistent with the reactivity studies which show that even in the absence of Py, a 

small amount of each species is produced. Based on the high coverage of CO at low 

potentials, it is likely that the rate of CO production in 0.5 M KCl is limited by the 

irreversible adsorption of CO on Pt, blocking reaction sites for the CO2RR. 
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Figure 8.2: ATR-SEIRA spectra (4 cm-1 resolution, 8 co-added scans) during 

potentiostatic electrolysis at -0.4 V in (a) 0.1 M Py and 0.5 M KCl under 

1 atm CO on a Pt film electrode after Ar saturation. Spectra collected 

during CO purge from an initially CO2 saturated solution in (b) 0.5 M 

KCl, (c) 0.01 M Py and 0.5 M KCl, and (d) 0.1 M Py and 0.5 M KCl on 

Pt film electrodes. The pH of each solution was adjusted to 5.3 prior to 

each experiment. Reference spectra were collected at 1.0 V prior to the 

addition of CO. 

CO was introduced to Pt in the absence of CO2 and pyridine and monitored 

with SEIRAS to understand its adsorption behavior. A solution of 0.01 M Py with 0.5 

M KCl was prepared and the potential was held at -0.4 V under Ar until the spectra 

c

a

d

b
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equilibrated (Figure 8.2a). A small, broad peak at 2050 cm-1 is observed, which is 

attributed to adsorbed hydrogen (Had) from the HER, redshifted from ~2090 cm-1 as 

observed in 0.1 M HClO4 due to Stark tuning (Figure E.6).118-119, 131 Once the spectra 

had reached equilibrium, CO was introduced to the solution while the surface state 

was monitored by SEIRAS. Both the COL and COB peaks exhibit monotonic growth 

as the solution becomes CO-saturated and the Pt electrode reaches its equilibrium 

coverage. Peak positions after equilibrium coverage has been reached are consistent 

with previous reports.39, 72-73   

Sequential doses of CO2 and CO at -0.4 V show that the band at 1761 to 1784 

cm-1 shown in Figure 8.1 corresponds to at least two distinctive species. When 

repeating the same experiment as in Figure 8.2a, except for replacing Ar with CO2, 

two bands grew with time initially and then stabilized (Figure 8.2b). The higher 

wavenumber band can be unequivocally assigned to COL, while the assignment of the 

lower wavenumber band from 1815 to 1850 cm-1 is more involved. It is important to 

note here that the blueshift of both the higher and lower wavenumber bands in Figure 

8.2 relative to Figure 8.1 can be explained by an increase in surface coverage of these 

species. The initial CO2 saturated spectra in Figure 8.2 are collected after the spectra 

had reached a steady-state, whereas in Figure 8.1 spectra were collected shortly after 

each potential step, so that an equilibrium coverage had not yet been reached. After 

equilibration of the spectra in the CO2 atmosphere, the gas purge was switched from 

CO2 to CO as the potential was held at -0.4 V. As the surface gradually became CO-

saturated, the position of both CO  
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Figure 8.3: COL (red) and COB/ COOHL (blue) peak position (a, c, e) and intensity 

(b, d, f) as a function of time during CO purge from an initially CO2 

saturated solution in (a, b) 0.5 M KCl, (c, d) 0.01 M Py and 0.5 M KCl, 

and (e, f) 0.1 M Py and 0.5 M KCl on Pt film electrodes. The pH of each 

solution was adjusted to 5.3 prior to each experiment. Full spectra are 

given in Figure 8.2. 
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bands gradually shifts to higher wavenumber (Figures 8.2b and 8.3a). Interestingly, 

the intensity of the lower wavenumber band decreased before it grew again as the 

surface reached equilibrium CO coverage, while the intensity of the COL band 

exhibited monotonic growth (Figure 8.3b). The non-monotonic growth of the lower 

wavenumber band (Figure 8.2b) indicates that there are more than one species 

contributing to this band, and the initial dip in intensity corresponds to the 

displacement of one species by another. We propose that the lower wavenumber band 

corresponds to a convolution of COB and COOHL, and the initial decrease in intensity 

of the lower wavenumber band is due primarily to displacement of COOHL by the 

adsorbed CO (either COL or COB, Figure 8.3b). This assignment is also consistent 

with the more dramatic blueshift of the lower wavenumber band from Figure 8.1 to 

Figure 8.2b (1784 cm-1 at -0.4 V in Figure 8.1 to 1840 cm-1 in the initial CO2 saturated 

spectrum of Figure 8.2b) is likely due to an increase in COB coverage with time 

relative to the lower wavenumber COOHL. During the initial growth of the lower 

wavenumber band in Figure 8.2d under CO2 (Figure E.7), the band emerges at 1740 

cm-1 and slowly shifts to 1815 cm-1 as the surface fraction of COB increases and 

comprises a larger portion of the lower band. Note that the unconvoluted COB band 

appears initially above 1800 cm-1 (Figure 8.2a). The dramatic difference in peak 

position is strong evidence that the lower wavenumber band is a convolution of both 

COB and COOHL. Although deconvolution of the peak is difficult due to the shifts of 

peak position both with composition and coverage of surface species, the COOHL 

band is likely centered around 1750 to 1780 cm-1 based on both the initial position of 

the band (Figure 8.1 and Figure E.7) and accepted peak positions of analogous bands 

of similar species such as the ɜC=O of aqueous formic acid (~1760 cm-1) and  the ɜC=O 
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of unidentate methoxycarbonyl species (~1650 cm-1) on Au(111).255-256 We would like 

to emphasize that the proposed COOHL species is structurally different from adsorbed 

formate, which binds in a bidentate or bridge configuration via both oxygen atoms and 

exhibits a band at ~1320 cm-1 assigned to the symmetric ɜOCO,123 and is not observed 

in this study. As the CO purge continues, the coverage of COB increases and the lower 

wavenumber peak once again begins to increase. 

The same qualitative behavior was observed when the previous experiment 

was repeated in solutions with 0.01 M Py and 0.1 M Py (Figure 8.3c-f). Growth of two 

peaks near 2010 cm-1 and 1830 cm-1 was observed during electrolysis under CO2 at -

0.4 V. When the purge gas was switched from CO2 to CO, the COL peak near 2010 

cm-1 grew monotonically, while the intensity of the 1830 cm-1 band attributed to a 

combination of COB and COOHL dipped initially and followed by recovery until the 

surface reached an equilibrium coverage of COB. Additional evidence for the 

assignment of the lower wavenumber band can be found through a careful analysis 

position of this band before and after CO saturation (Figure 8.3a, c and e). In the 

absence of Py in the electrolyte, where formate selectivity relative to CO is lowest, 

one would expect the lowest steady-state coverage of COOHL during electrolysis, and 

therefore the smallest contribution of COOHL to the 1830 cm-1 peak. Indeed, when 

[Py] = 0.0 M, this peak shifts only 15 cm-1 between the steady-state spectra under CO2 

and under CO (Figure 8.4, red). When [Py] = 0.01 M, the peak shift increases to 17 

cm-1, and at [Py] = 0.1 M, the shift grows to 35 cm-1. A larger shift in peak position 

after CO saturation suggests that the initial peak had a larger contribution from the 

lower wavenumber COOHL adsorbate, corresponding to a higher relative surface 

coverage of COOHL to COB. The spectroscopic observations are consistent with the 
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reactivity data (Figure 8.4, black). Adhering closely to the trend in peak shifts, the 

ratio of the rate of formate production to the rate of CO production is 2.6, 4.4, and 48 

for 0.0 M, 0.01 M, and 0.1 M Py solutions, respectively. These correlations, along 

with the non-monotonic growth of the lower wavenumber peak, are strong evidence 

that the peak is a convolution of the CO (COB and COL) and formate (COOHL) 

intermediates. It is important to note that the observation of a surface-bound 

intermediate (COOHL) is not predicted based on the latest mechanistic proposals by 

Bocarsly et al., in which it is suggested that formate is formed through the reaction of 

a PyH+ ï CO2 complex with Had.
250-251 The appearance of COOHL suggests that 

formate is formed directly on the electrode, with its intermediate bound to the Pt 

electrode through a Pt ï C bond, rather than in solution through interaction with a 

previously formed Had. 

 

Figure 8.4: Ratio of the rate of formic acid to CO production during electrolysis 

experiments summarized in Table 8.2 with 0.0, 0.01, and 0.1 M Py (left 

axis, black) and the shift in the lower wavenumber band position upon 

CO saturation as shown in Figure 8.2b, 8.2c, and 8.2d (right axis, red).  
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Figure 8.5: ATR-SEIRA spectra (4 cm-1 resolution, 64 co-added scans) during 

potentiostatic electrolysis from 1.0 V to -0.4 V in 0.01 M Py and 0.5 M 

KCl under 1 atm Ar on a Pt film electrode. pH was adjusted to 5.3 prior 

to spectroscopic experiments. Reference spectrum for left and right 

halves set to 1.0 and -0.4 V respectively for clarity. 

We now shift our attention to the behavior of both Py and PyH+ as a function 

of potential to understand the role of Py in CO2RR. To study their interactions with the 

surface as a function of potential, independent of any interaction with CO2, the 

cathode potential was stepped from 1.0 V to -0.4 V, collecting spectra every 0.1 V in a 

solution of 0.1 M Py and 0.5 M KCl at pH = 5.3 under Ar purge (Figure 8.5). Above 

0.7 V, both Py (1599, 1568, 1475 and 1435 cm-1) and PyH+ (1560 cm-1, 1495 cm-1) 

peaks are minimized due to the increase in anion (primarily Cl-) concentration near the 

electrode and the repulsion of PyH+ cations by the positively charged electrode 

(Scheme 1a). As the potential is decreased to below 0.7 V, each of the Py peaks  
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Figure 8.6: Schematic representation of the proposed relative concentrations of each 

species near the electrode (a) from 1.0 to 0.7 V, (b) from 0.6 to -0.1 V, 

and (c) from -0.1 to -0.4 V during the Py-CO2RR.  

increase due to a decrease in Cl- concentration near the less positively ï charged 

electrode (Scheme 1b). Additionally, both PyH+ peaks (1560 and 1495 cm-1), assigned 

to in-plane stretching modes of PyH+ exhibit a significant increase beginning at 0.1 V, 

reaching a maximum at 0.0 V.257 As the electrode potential is decreased below 0.0 V, 

the Py peaks decrease, likely due to displacement by cations (primarily K+) in the 

outer Helmholtz plane, analogous to the displacement by Cl- above 0.7 V (Scheme 

1c).39 The PyH+ peaks also begin to decrease below -0.1 V as the current density 

begins to climb during potential cycling under the same conditions (Figure E.2). This 

increase in current is accompanied by an increase in pH near the electrode surface, 

which shifts the equilibrium between Py and PyH+ back to Py, causing a decrease in 

[PyH+] in the region sampled by SEIRAS (within 5-10 nm of the electrode52). By 
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comparing the spectra in Figure 8.5 with CVs collected under the same conditions 

(Figure E.2), we find that the maximum of the PyH+ peaks is concurrent with the 

cathodic reduction peak assigned to the reduction of PyH+ to Py and Had in the CV. 

This correlation suggests that the PyH+ peaks observed in the spectra are PyH+ ions 

orienting perpendicular to the Pt surface in a H-down configuration prior to reduction 

at the Pt film electrode according to the surface selection rules for ATR-SEIRAS, 

which state that only vibrational modes with dipole changes perpendicular to the 

surface are SEIRAS active.52  

Potential dependent spectra of the Py-CO2RR on Pt collected in 0.01 M Py and 

0.5 M KCl under CO2 purge exhibit similar Py and PyH+ to those observed under Ar 

(Figure 8.6), with a few key differences. Contrary to the Ar saturated system, the 1568 

and 1425 cm-1 bands, assigned to the a1 ring deformation mode of Py (with a dipole 

change along the C2 axis of Py, Figure 8.6 inset), and the b1 ring deformation mode of 

Py (with a dipole change perpendicular to the C2 axis of Py) respectively, show a 

significant signal at 1.0 V.258 Since there is no preferred orientation of Py in the bulk 

phase, the simultaneous increase and decrease of a1 and b1 modes entails the increase 

and decrease of the concentration of dissolved Py at the electrochemical interface, 

respectively. Thus, the increase of both the a1 the b1 band of Py at high potentials in 

the presence of CO2 relative to Ar suggests that the acid ï base interactions between 

Py and CO2 in solution increases CO2 concentration near the electrode, which 

contributes to, if not accounts for, the increased activity in the presence of Py. It is 

important to note that the solubility of CO2 increases from 34 to 55 mM in the 

presence of 0.01 M Py at pH = 5.3 based on solution equilibria (Table E.2). The 

appearance of both a1 and b1 bands in conjunction, as well as the insensitivity of peak 
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position to electrode potential (lack of the Stark tuning effect), suggests that the Py 

bands observed above 0.1 V are due to Py in the electrolyte near the electrode, rather 

than directly adsorbed on the Pt surface, i.e., there is no preferential orientation of 

near-electrode Py, as dictated by the surface selection rules for ATR-SEIRAS. Unlike 

the Py bands, the PyH+ bands show nearly identical behavior to those in the Ar 

saturated system. Moreover, the growth of COL and COB / COOHL peaks with 

decreasing potential (below 0.0 V) show the same qualitative behavior as the spectra 

in the absence of Py (Figure 8.1), with one key difference. The onset potential of the 

COL and COB / COOHL bands is earlier (higher potential) in the absence of Py. This 

result is somewhat unexpected considering the higher reaction rates observed in the 

presence of Py. A possible explanation for the delayed onset of the CO2RR in the 

presence of Py is that the formation of the Py ï CO2 pair leads to a larger overpotential 

in the initial formation of the COOHL intermediate due to the loss of the favorable Py 

ï CO2 interaction. Together these observations suggest that there is no drastic 

mechanistic change in the CO2RR caused by the addition of Py beyond the additional 

route to hydrogen adsorption through the reduction of the PyH+ cation and the 

increased CO2 solubility though Py-CO2 interactions (Table E.2). The effect of 

increasing Py concentration was also tested by conducting an analogous experiment 

with 0.1 M Py (Figure E.8), which shows the same qualitative behavior as the 0.01 M 

Py case, with larger Py and PyH+ peaks due to the overall concentration increase in the 

0.1 M Py solution. This indicates that the general structure of the electrode electrolyte 

interface, as well as the reaction mechanism, is independent of the Py concentration. 
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Figure 8.7: ATR-SEIRA spectra (4 cm-1 resolution, 64 co-added scans) during 

potentiostatic electrolysis from 1.0 V to -0.4 V in 0.01 M Py and 0.5 M 

KCl under 1 atm CO2 on a Pt film electrode. pH was adjusted to 5.3 prior 

to CO2 saturation with H2SO4 and does not change upon addition of CO2. 

Reference spectrum for left and right halves set to 1.0 and -0.4 V 

respectively for clarity. Inset: Schematic representation of the direction of 

dipole changes corresponding to the a1 and b1 bands of Py. 

8.3.3 Py-CO2RR on Au Electrodes 

Previous studies using cyclic voltammetry on various electrodes suggest that 

the reduction of PyH+ to Py and Had on Pt or Pd electrodes is the key to the promotion 

of the electrochemical reduction of CO2 on these typically CO2RR inactive metals.240, 

248-251, 259 This hypothesis was tested by collecting SEIRA spectra on an Au film 


























































































































































































