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Abstract: 

Carbonate and bicarbonate adsorption on Pt(111) electrodes from CO2 saturated acidic 

solutions is investigated by cyclic voltammetry and Fourier Transform Infrared Reflection 

Absorption Spectroscopy (FT-IRRAS). Spectroscopic results show carbonate and bicarbonate 

adsorption even at pH=1, where bulk concentration of these anions is negligible. Moreover, 

analysis of the potential dependence of band intensities corresponding to adsorbed carbonate 

and bicarbonate reveals an effect of the electrode potential on the surface acid-base 

equilibrium. In this regards, increasing potentials favor bicarbonate deprotonation, leading to 

carbonate formation. A tentative thermodynamic analysis is given to rationalize these trends.  

1. Introduction. 

The understanding of interfacial properties is a challenging topic in physical electrochemistry 

and requires careful experiments combining different techniques. One of the classical subjects 

in this field deals with the specific adsorption of anions. This topic has already been addressed 

on mercury electrodes1 and extended later to coinage2-4 and platinum group metal electrodes5-

8 to explore the validity of double layer models. These investigations have important 

implications in practical electrochemistry, since anion adsorption competes with other 

molecular species, either reagents or intermediates, in electrocatalytic reactions, thus 

hindering the reaction rate. As an example, oxygen reduction shifts to lower potentials in 
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sulphuric acid as compared with perchloric acid solutions9 because sulphate adsorption 

influences relevant steps in the activation mechanism. Moreover, if the anion adsorption 

strength is high enough, the 4e reduction process to water will stop at the peroxide stage 

(2e).10 In this case, anion adsorption not only affects the mechanism but also the stoichiometry 

of the overall reaction.  

The fact that anion adsorption at platinum electrodes involves charge transfer was shown 

many years ago by using the CO-displacement methodology.11-13 This experiment was used to 

clarify the nature of the adsorption processes which are at the origin of the voltammetric 

profiles recorded for platinum single crystal electrodes. The obtained results helped in the 

understanding of the coulometric relationships related to the stoichiometry of surface 

confined reactions.14 Moreover, important interfacial parameters, such as the potentials of 

zero charge of platinum-group metals, were defined in connection with these experiments  

and anion adsorption was shown to take place at potentials higher than the potential of zero 

total charge.7, 15 Thermodynamic analysis allowed the determination of parameters associated 

to this process, such as charge transfer numbers and energies of adsorption.6, 8, 16-18 When the 

study includes a surface acid base equilibrium, pH variation allows discrimination of the nature 

of the adsorbed species. 4, 19 In this way, it was demonstrated that Pt(111) in contact with 

sulphuric acid solutions led to sulphate adsorption,19 in agreement with results from other 

experimental techniques.20 

These studies demonstrate that composition of the interphase can often be significantly 

different from that of the bulk of the solution. For instance, sulfate is adsorbed on the Pt(111) 

surface from sulfuric acid solutions, while the predominant species in the bulk is bisulfate.19 A 

similar situation has been observed with anions ((bi)oxalate, (bi)malonate and (bi)succinate) 

coming from several dicarboxylic acids. In general, a lower pKa is observed for the adsorbed 

species as compared with the pKa of the species in solution.21-22 By comparing dicarboxylic 
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acids with different lengths of the alkyl chain, it was demonstrated that the effect of the 

electric field on the pKa of the uncoordinated carboxylate decreases as its separation from the 

electrode surface increases. 21-22 Another interesting example is the adsorption of carbonate 

and bicarbonate from perchloric acid solutions saturated with CO2.23-26 Taking into account the 

corresponding pKa values, the concentration of anions in the bulk should be negligible in acidic 

solutions (e.g. around 10-7 and 10-17 M, respectively, for bicarbonate and carbonate in 

solutions of pH 1) and thus unable to generate the measured voltammetric adsorption 

charges.27  However, the analysis of in situ Fourier Transform InfraRed Reflection Absorption 

(FT-IRRAS) spectra, based on Density Functional Theory (DFT) calculations for band 

assignment, pointed out that the adsorbed layer was formed by bicarbonate and carbonate 

anions, with bicarbonate being adsorbed at lower potentials, while carbonate bands appeared 

at higher potentials. 25 This trend was pH-dependent, in such a way that the onset of carbonate 

adsorption moved to lower potentials as the pH is made less acidic.25 

From the latter results, it can be assumed that adsorbed bicarbonate and carbonate anions are 

present on the electrode surface in the acidic CO2-containing solutions. From the analysis of 

the pH- and potential-dependence of the corresponding band intensities, which can be related 

to changes in the carbonate and bicarbonate surface coverages, the conditions (pH and 

potential) to reach equal population of both adsorbed species can be found and used to 

estimate the surface pKa value. In this paper, we investigate the surface equilibrium between 

adsorbed carbonate and bicarbonate at Pt(111) electrodes in contact with acidic solutions of a 

non-specifically adsorbing supporting electrolyte. The effect of pH and potential on this 

equilibrium is analyzed in connection to the corresponding concepts of surface charge density 

and, thus, the electric field at the electrode surface.     
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2. Experimental. 

Platinum single crystal electrodes were oriented, cut and polished from single crystal beads as 

reported previously.28 Before each experiment, the electrode was flame annealed in a Bunsen 

flame, cooled down in a reducing atmosphere containing H2 + Ar and protected with water in 

equilibrium with this gas mixture to prevent contamination and the appearance of surface 

defects related to oxygen adsorption. The voltammetric experiments were carried out in a 

classical three electrode configuration, at room temperature. Working solutions were first 

deaerated by Argon bubbling and, after checking solution cleanliness by voltammetry, 

saturated with CO2. The counter electrode was a large coiled platinum wire, while a reversible 

hydrogen electrode (RHE) was used as reference, connected to the cell through a Luggin 

capillary. Potentials were converted to the SHE scale and are given in this scale throughout the 

paper. The measurements were performed with a EG&G PARC 175 signal generator, an eDAQ 

EA161 potentiostat and an eDAQ e-corder ED401 recording system. The pH of the solution was 

determined with a Crison 507 pH-meter. 

In situ external reflection infrared experiments were carried out with a Nicolet 8700 (Thermo 

Scientific) spectrometer equipped with a MCT-A detector using p-polarized light and with a 

spectral resolution of 8 cm-1. The glass spectroelectrochemical cell was equipped with a 

prismatic CaF2 window bevelled at 60°, a platinum counter electrode and a RHE reference 

electrode. The Pt(111) working electrode used in these experiments was ca. 4.5 mm in 

diameter and was prepared and treated before experiments in a similar way as the smaller 

samples used in the voltammetric experiments. The spectra are plotted in absorbance units (-

log(R/R0)) by referring the single beam reflectance spectrum collected at the sample potential 

(R) to that collected at the reference potential (R0), which was chosen at 0.10 V. As the 

adsorption / desorption processes studied in this work are reversible with respect to the 

electrode potential, the so-called SNIFTIR (substractively normalised FTIR 29) is used. Thus, 10 
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sets of 100  interferograms were collected alternately at the sample and reference potentials. 

Positive- and negative-going bands in the spectra correspond, respectively, to species being 

formed/consumed when collecting the sample single beam spectrum. 

 

3. Results and discussion. 

3.1.Voltammetric and Spectroscopic results 
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Figure 1. Cyclic Voltammograms (a,b, left-hand axis) and total charge density (c,d, right-hand 
axis) for Pt(111) in (0.1-x) M KClO4 + x M HClO4 solutions with (solid line) and without (dashed 

line) CO2 . A) pH 1.56 and B)pH 3.10.  

 

Curves a and b in Figures 1A and B shows the voltammetric profiles of Pt(111) electrodes in 

contact with perchloric acid solutions of different pH in absence and presence of saturated CO2 

gas. The rather flat current profile at E<0.30 V indicates the nearly absence of defects on this 

surface.30-32 The negative shift of the typical voltammetric features for the Pt(111) electrode at 

potentials between 0.50 and 0.90 V in the CO2-containing solutions can be related to reversible 

specific adsorption of  anion species. The total charge/potential plots (curves c and d) were 

obtained from the integration of the voltammetric curves by using the charge displaced by CO 

at 0.1 V to define the constant of integration.7, 15, 33 Displaced charges by CO were corrected to 
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account for the remaining charge on the CO saturated surface.34-35 The positive values of 

charge at potentials above ca. 0.50 V indicate the adsorption of anion-like species, namely 

carbonate and/or bicarbonate in the CO2-containing solutions, as described previously. 23-25 

Regarding adsorption/desorption processes at low potentials, it can be remarked that both 

voltammetric and charged density curves in the hydrogen adsorption regions are coincident, 

with and without CO2, signaling that anion adsorption does not imply charge transfer in this 

potential region. Similarly, potentials of zero total charge (pztc) 7, 15, 33 are nearly the same in 

the presence or absence of CO2 in solution. Table 1 summarizes, for two solution pH values, 

the values of the pztc and the potential of zero free charge (pzfc) (as extrapolated from the 

double layer region. 36-37) The same can be said for the corresponding values after correction 

for the residual charge of the CO-covered surface.34-35 Currents and charges in the presence 

and absence of CO2 coincide also for most of the double layer region, while the onset of 

(bi)carbonate adsorption is negatively shifted in comparison with the onset of OH adsorption 

in pure perchlorate/perchloric acid solutions.  
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Figure 2. FTIRRAS spectra for Pt(111) obtained with p-polarized radiation at various sample 
potentials in solutions saturated with CO2 A) pH 1.56 and B) 2.47. The reference spectrum was 

collected at 0.1 V. (10x100) interferograms were collected at each potential.  

 

Figures 2A and B show sets of external reflection infrared experiments collected for the 

Pt(111) electrode in contact with CO2-saturated perchloric acid solutions with pH equal to 1.56 
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and 2.47, respectively. One of the main features in these spectra is a negative-going band 

appearing at 2344 cm-1 that can be assigned to the asymmetric O-C-O stretching mode of 

dissolved carbon dioxide molecules whose concentration in the thin layer solution decreases 

when stepping the electrode from 0.10 V to the sample potential. This consumption is 

detected for potentials above 0.60 V and increases when the electrode potential value is made 

more positive (i.e. in the potential region where characteristic broad voltammetric features are 

observed in the CO2-containing solutions (see Figures 1A and B)). The raise of the CO2 band 

intensity is paralleled by the development of positive-going features at ca. 1530, 1440 and 

1330 cm-1 that can be assigned to adsorbates formed from the CO2 molecules. This latter 

conclusion is based both on the potential-dependent band frequency and their absence in the 

spectra collected with s-polarized light.24-25 DFT calculations showed that the band at ca. 1530 

cm-1 can be assigned to the C-O stretching of the uncoordinated CO bond of carbonate anions 

adsorbed in short bridge sites,25 whereas the feature at ca. 1440 cm-1 can be related to 

bicarbonate anions adsorbed also in short bridge sites. The small band at 1330 cm-1 in water 

solutions, which is not observed in the spectra collected in deuterium oxide solution, was also 

assigned to adsorbed bicarbonate anions (namely, to the C-OH bending mode that would be 

shifted to lower wavenumbers in the case of the C-OD bending).25 All these assignments 

suggest the presence of coadsorbed carbonate and bicarbonate anions for potentials above 

0.60 V. This conclusion is consistent with the observation of a relative increase of the 

bicarbonate bands in the spectra collected, at a given electrode potential, in more acidic 

solution (see Figure 3). Thus, it can be suggested the existence of a surface equilibrium 

between coadsorbed carbonate and bicarbonate species that can only be observed for the 

corresponding dissolved species in more alkaline solution. In other words, the equilibrium 

constant between adsorbed carbonate and bicarbonate anions seems to be much higher than 

in the case of dissolved species. Besides, changes in the relative intensities of the adsorbed 
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carbonate and bicarbonate features when changing the electrode potential suggests the 

existence of an effect of the latter on the value of the surface equilibrium constant.  
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Figure 3. In situ FTIRRAS spectra for Pt(111) obtained with p-polarized radiation at different 
pHs in solutions saturated with CO2  A)0.70 V and B) 0.80 V vs RHE. The reference spectrum 

was collected at 0.1 V. (10x100) interferograms were collected at each potential. 

 

3.2 Quantitative analysis of band intensities 

Figure 4A and C reports data corresponding to the integrated intensities of carbonate and 

bicarbonate bands for pHs equal to 0.38 and 1.56. Since these bands are partially overlapped, 

to obtain the integrated intensities of each separate band it is necessary to decompose them 

by adjusting to Lorentzian functions.38 These plots allow the comparison of deconvoluted 

intensities of carbonate and bicarbonate with the integrated intensity of the CO2, as a function 

of the electrode potential. Trends in the integrated intensities are the same as those already 

discussed when comparing the in situ spectra in Figure 2.  The CO2 band intensity increases 

(negatively) with the electrode potential from 0.65 to 0.75 V and then reaches a nearly 

constant plateau between 0.75 to 0.90 V. Carbonate and bicarbonate band intensities also 

increase (positively) in the potential region where CO2 band intensity is increasing, 

demonstrating that the CO2 depletion is linked with carbonate/bicarbonate adsorption. At 

potentials above 0.75 V, bicarbonate band intensity decreases while carbonate band intensity 
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increases. This happens in the region where CO2 intensity is nearly constant, i.e., without 

further increase of total coverage of (bi)carbonate adsorbed species. Therefore, the intensity 

variation above 0.75 V indicates a conversion of bicarbonate into carbonate triggered by the 

increase of the electrode potential, indicating that there is an effect of the latter on the acid-

base surface equilibrium. 
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Figure 4. A and C) Integrated intensity for CO2 and adsorbed carbonate and bicarbonate bands 
on Pt(111) at pH 0.38 (A) and 1.56 (C); B and D) Comparison of experimental CO2 band 

intensities (full symbols) and  calculated from carbonate and bicarbonate band intensities 
(empty symbols) at pH 0.38 (B) and 1.56 (D). (See text for details) 

 

To perform a further quantitative analysis of the in situ infrared spectra, with the aim of 

determining surface or solution concentrations from band intensities, it should be accepted 

that the absorption bands obey Lambert-Beer law. If this is so, integrated intensities of the 

absorption bands, in absorbance units, are directly proportional to the concentration of the 

chemical species generating this particular vibrational mode.  The proportionality constant 

includes two terms: the optical length distance, l, and the molar absorption coefficient or 
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molar absorptivity, εj
i, of the band with frequency j corresponding to the species i. The 

corresponding expression of the integrated absorbance for the band of a non-adsorbed 

species, such as dissolved CO2, would have the form: 

2 22

2343
( .) ( .)· ·

COCO disol CO disolA l Cε=  (1)  

For adsorbed carbonate and bicarbonate, the analogous expressions would be: 

3 3 3

'1440
( .) ( .)·HCO ads HCO HCO adsA ε= Γ  (2) 

3 3 3

'1530
( .) ( .)·CO ads CO CO adsA ε= Γ  (3) 

Where ·ε ε′ =j j
ii l .  

The determination of the exact values of the molar absorption coefficients of adsorbed species 

is not an easy task, because the mean electromagnetic field of the radiation on the surface 

depends on multiple parameters such as the thickness of the thin layer between the prism and 

the metal electrode, the angle of incidence, and the optical properties of the surface 29 

Moreover, the molar absorptivity for adsorbed species would include any electronic effect 

caused by the bonding to the metal surface, which can be expected to be potential-

dependent.39 Also, the eventual effect of the electrode potential on the orientation of the 

dynamic dipole moment with respect to the normal to the surface would affect the value of 

ε ′ j
i .39-40 For all these reasons, it has to be assumed that the absorption molar coefficients in 

equations (1-3) can be different from those that would be obtained in solution. 

Thus, the determination of absolute surface concentration of adsorbed species from the 

spectroscopic data reported above involves knowledge of parameters usually non available. 

However, the ratio of surface coverages for two adsorbed species (such as carbonate and 

bicarbonate anions) can be calculated by performing a material balance within the thin layer in 

which the external reflection spectroelectrochemical experiments are carried out: 



11 
 

2 3 3( .) ( .) ( .)∆ = +CO sol HCO ads CO adsn n n  (4) 

In this equation n for carbonate and bicarbonate refer to the corresponding number of 

adsorbed moles of each species at a given electrode potential and solution pH values whereas 

Δn for carbon dioxide stands for the number of moles in the thin layer being consumed upon 

carbonate and/or bicarbonate adsorption. Note that, as a difference with ATR-SEIRAS 

experiments 41-42 this balance can be analyzed from the external reflection experiments due to 

the decoupling of mass transport between the thin layer sampled by the infrared beam and 

the bulk working solution. In this material balance, we have to assume that, due to the short 

time elapsed in the SNIFTIR experiment during the collection of the reference and sample 

single beam spectra (43 s for 100 interferograms), there is not extra increase of CO2 molecules 

in the thin layer coming from the bulk. A non-negligible replenishment of the CO2 molecules 

consumed upon carbonate and bicarbonate adsorption would lead to a value of the integrated 

intensity for CO2 slightly lower that the correct one.   

Equation (4) can be rewritten as function of the corresponding surface and volume 

concentrations: 

2 3 3( .) ( .) ( .)· · ·= Γ + Γtl CO sol HCO ads CO adsV C S S   (5)  

Where S is the area of the electrode and  Vtl is the volume of the thin layer, that can be written 

as 

·=tl tlV S d  (6) 

where dtl is the thickness of the thin layer. All other symbols in equation (5) have their usual 

meaning. After substituting equations ((1)-(3) and (6) in equation(4)) we reach the following 

expression: 

3 32

2 3 3

( .) ( .)
2343 '1440 '1530

2

·
·ε ε ε

= +
HCO CO

HCO ads CO adsCO
tl

CO CO

A AA
d

l
 (7) 
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After reordering, we get: 

2 3 31 ( .) 2 ( .)· ·= +CO HCO ads CO adsA K A K A  (8) 

Where 

2

3

2343
2

1 '1440

·

·

ε

ε
= CO

HCO

CO

tl

l
K

d
 (9) 

2

3

2343
2

2 '1530

·

·

ε

ε
= CO

CO

CO

tl

l
K

d
 (10) 

If we accept that the ratio between molar absorption coefficients is constant and independent 

of the electrode potential (that is, the bonding with the surface affects in the same way molar 

absorption coefficients for both adsorbed carbonate and bicarbonate and there is no 

potential-dependent reorientation of these adsorbates) it would be possible to relate the 

experimental integrated intensity data of the CO2 band with those of the adsorbed carbonate 

and bicarbonate. The K1 and K2 terms in equation (8) depend of the particular experimental 

conditions, such as the optical length, lCO2, and the thin layer thickness, dtl. For this reason, they 

will be different for each experiment. However, the ratio between them should be constant, 

because in fact, they correspond to the ratio between the molar absorption coefficients of the 

adsorbed carbonate and bicarbonate anions: 

2

3 3

2 3

3

2343
2

'1440 '1530

1
2343 '1440

22
'1530

.

·
·

·
·

ε

ε ε

ε ε

ε

= =

CO

HCO CO

CO HCO

CO

CO

tl

CO

tl

l
dK

lK
d

  (11) 

By combining this ratio between the molar absorption coefficients with that between 

bicarbonate and carbonate surface concentrations derived from equations (2) and (3) we 

obtain: 
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3 3 3 3

3 3 3 3

'1530
( .) ( .) ( .)1

'1440
( .) ( .) 2 ( .)

· ·
ε
ε

Γ
= =

Γ
HCO ads CO HCO ads HCO ads

CO ads HCO CO ads CO ads

A AK
A K A

  (12) 

K1 and K2 values can be estimated by comparing experimental values for the integrated 

intensities for the carbon dioxide consumption band with values calculated from equation (8) 

using experimental values for the integrated intensities of adsorbed carbonate and 

bicarbonate bands. This was done by a least square fitting of equation (8) to experimental 

band intensities for all the data sets at different pHs (from 0.38 to 3.0) using Solver routine of 

Microsoft Excel. The obtained values for K1 and K2 are, respectively, 0.245 and 0.136. 

Comparison with the experimental values of the calculated CO2 integrated intensities using 

these values of K1 and K2 and equation (8), are presented in figures 4C and D. These plots show 

a quite good agreement between experimental and calculated values, except at high 

potentials, likely due to the competition of other possible adsorbates, such as PtOH. Note that 

the ratio between the molar absorption coefficients of carbonate and bicarbonate obtained 

from K1 and K2, 1.78, is quite close to that found in solution for the characteristic bands of 

dissolved carbonate and bicarbonate, which is 2. 43 Thus, it can be concluded that, as assumed 

in the case of anions from dicarboxylic acids,21-22 adsorption does not affect the ratio of molar 

extinction coefficients (in this case, of carbonate and bicarbonate anions) in a significant way.  

 

3.3. Thermodynamic considerations 
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Figure 5. Ratio of surface concentrations for carbonate and bicarbonate as a function of 
electrode potential in solutions with different pHs, as labelled in the figure.  

 

Calculated ratios for bicarbonate and carbonate coverages obtained from the latter analysis of 

band intensities are plotted in Figure 5 as a function of the electrode potential for the studied 

solution pHs. As already anticipated above, there is a clear effect of the electrode potential on 

the acid base equilibrium, with the increase of the potential favoring the deprotonation of the 

bicarbonate and the formation of adsorbed carbonate. This can be rationalized qualitatively by 

invoking different arguments. First we could consider the effect of electron density 

withdrawing associated with an increase of electrode potential that will increase the acidity of 

the OH group of the adsorbed bicarbonate. This would be similar to the induction effect well 

known to affect the acidity of organic acids depending on the electronegativity of the 

substituents next to the carboxylate group.44  

On the other hand, a direct effect of increasing values of the electric field at the metal / 

solution interphase could also be considered. The effect of high electromagnetic fields on 

certain chemical properties has been extensively analyzed in the literature, but especially 

significant to this work is the effect over the equivalent electric conductivity of electrolytes. 

This aspect was thoroughly studied by M. Wien in his work from 1920’s.45-48 Wien found that 

under high electromagnetic fields, electrolytes start to disobey ohm’s law and the conductance 
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of electrolytic solutions increases with the intensity of the applied electromagnetic field. In a 

first stage, only strong electrolytes were studied and this effect, called the first or normal Wien 

effect,45-47 was determined as an inherent property of electrolytic solutions, depending on the 

concentration and charge of the ions and the specific character of the solute and the solvent. 

When these studies were extended to weak electrolytes, the effect of high electromagnetic 

fields on the electric conductance of the solutions turned out to be many times larger than in 

the case of strong electrolytes. In this case, the explanation to this effect has to be attributed 

to another phenomenon different to the first Wien effect. Wien suggested that in the case of 

weak electrolytes, the increase in the electric conductivity of these solutions was due to an 

increase in the acid dissociation constant.48 This explanation was confirmed by the work of L. 

Onsager,49 who establish an equation for the relationship between the change in the acid 

dissociation constant and electromagnetic field. This effect is called the second Wien effect or 

the dissociation field effect.48-49 The electromagnetic field weakens the acid hydrogen and the 

conjugated base increasing the kinetic constant for the dissociation reaction but not altering 

the kinetic constant for the recombination reaction.49 This phenomenon has a net effect of 

increasing the acid-base equilibrium constant and therefore the dissociation degree. This 

phenomenon has been determined for the evaluation of acid-base equilibrium constants in 

weak acids in the electrochemical double layer region using rotating disk electrodes by 

Vielstich.50  In Vielstich work, the effect was evaluated for weak acids in solution and changes 

in the acid-base equilibrium constant of more than one order of magnitude were observed. In 

the case of adsorbed weak acids, the electromagnetic field intensity could be even higher and, 

therefore, deep changes in the acid-base equilibrium constant have to be expected. 

The effect of electrode potential on the acid-base equilibrium can be further analysed on a 

thermodynamic basis by considering the following surface reaction: 

( ) ( ) ( )x yHCO ads CO ads H x y e− − ++ + + −3 3 1�  (13) 
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Where (x-y) will be called z in the following and would represent the difference between the 

formal surface oxidation numbers of bicarbonate and carbonate, respectively. If both anions 

are totally discharged upon adsorption, x=y=0 and the acid base equilibrium involves also the 

transfer of one electron. On the other hand, if x=0 but y=1, i.e., the adsorbed carbonate is not 

totally discharged, the surface equilibrium would be purely a proton release without charge 

transfer. The same situation would also happen if x=1 and y=2, namely, if both anion 

adsorptions do not involve charge transfer, although this situation is less likely as suggested by 

CO displacement experiments. The (electro)chemical equilibrium condition for this reaction 

can written in terms of (electro)chemical potentials: 

0ν µ =∑ i i  (14) 

This condition can be applied in this case since equilibrium is attained at each potential as 

deduced from the symmetry of the cyclic voltammogram. Electrochemical potentials of 

adsorbed species are given by51-52:  

0

,

lnµ µ Γ
= + + Φ

Γ − Γads ads

i
i i i i

m i i

RT z F  (15) 

with Γm,i being the maximum surface concentration of species i. Here we have considered 

Langmuirian behaviour for adsorbed species and therefore neglected additional terms such as 

those derived from the existence of lateral interactions. For species in solution 

0 ln( )µ µ= + + Φi i i siRT a z F  (16) 

In these equations, Φi  is the electric potential at the location where the reaction is taking 

place and Φs is the electric potential at the bulk of the solution.  These equations lead to the 

following Nernst equation: 

( )
3

0
,

3

ln ( )
1 (1 ) 1

+∆
= + + Φ − Φ

+ + +

Γ

Γ
COH s

i s
HCO

aG RT zE
z F z F z

 (17) 



17 
 

Where  

3 3

0 0 0 00 (1 )µ µ µ µ+= +∆ + −− ∑CO HC
f

O iH
re

zG  (18) 

0µ∑ i
ref

is a combination of standard chemical potential of species involved in the reference 

electrode. Moreover, the proton activity at the plane of adsorbed species ,+H i
a  and the activity 

at the bulk of the solution 
,+H s

a are related by: 

,

,

ln
+

+

Φ − Φ = − H i
i s

H s

aRT
F a

 (19) 

This equation, derived from the equality of electrochemical potentials , ,H i H s
µ µ+ +=  ,is 

equivalent to the Boltzmann distribution of ions in the electric field near the electrode surface. 

In the particular case where z=-1 equation (17) reduces to: 

 3, 0

3

ln ( )
+ Γ

Γ
= −∆ + Φ − ΦCOH s

i s
HCO

G FR
a

T  (20) 

Except for the term ( )Φ − Φi sF this is the traditional definition of the equilibrium constant 

for the acid-base reaction. The term ( )Φ − Φi sF has to be included to account for the 

different concentration of protons induced by the electric field. If we neglect, as a first 

approximation, the difference between the electric potential at the plane of adsorbed species 

and the bulk solution, after some reordering, equation (17) becomes 

3

3

0(1 )log ( )
ln(10)

Γ +
= − +

Γ
CO

HCO

z F E E pH
RT

 (21) 

According to this equation, the plot of figure 5 should be linear with a slope (1+z)/0.059 V-1= 

16.9 (1+z) V-1. The experimental slope of the plots of figure 5 are around (2.1 ± 0.2) V-1, 
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resulting a value of z of ca: -0.88. If we assume that bicarbonate is totally discharged upon 

adsorption, x=0, and y=-0.88. Similar values of charge transfer numbers are obtained for 

adsorbed sulfate, 8, 53 indicating that these anions are not completely discharged in the 

adsorbed state. The low slope values mentioned above indicate that the description of the 

deprotonation in equation (13) as whole electron transfer process might not be accurate and 

the process would be better described as just a partial reorganization of charges at the 

interphase as a consequence of the deprotonation. In other words, while there is a shift of the 

acid base equilibrium with the potential, this effect is much lower than that expected from a 

whole electron transfer following Nernst law.  

An alternative description would involve equation (20), i.e., a plain acid-base equilibrium, with 

the term ( )Φ − Φi s resulting from the different concentration of protons at the surface in 

comparison with the bulk. The latter term would be the one accounting for the potential 

dependence of the equilibrium constant. According to equation (20) the plot of 

3 3log /Γ ΓCO HCO  as a function of pH would give a straight line with slope of 1 if the term 

( )Φ − Φi s is constant. This term would depend on the free charge on the interphase, on the 

anion coverage and on its formal surface oxidation number. We attempted such plots at 

constant potential, E, and at constant total and free charges (not shown). In all cases, slopes 

significantly lower than unity were obtained, suggesting that equation (20) does not give a 

complete description of the phenomena either, and some partial charge transfer or charge 

reorganization has to be taken into account to explain the potential dependence.  

The effect of the term ( )Φ − Φi s  on the rate of reaction rates was introduced by Frumkin and 

therefore is sometimes called the Frumkin effect.54 This term account for two effects: i) the 

effective potential difference at the plane of the reacting species is different from the whole 

potential drop measured from the metal to the bulk of the solution and ii) the concentration of 

ionic species at the plane of the reaction is different from the concentration at the bulk 
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according to Boltzmann distribution. In the context of the present study, this term should be 

introduced to account for the difference between the surface and bulk pH. In the absence of 

specific adsorption this term is usually estimated using Gouy-Chapman theory. Although this 

theory would not be applicable in the present case, due to the adsorption of (bi)carbonate, we 

give in table 2 some values resulting from the application of this model, considering Φ2 (at the 

OHP) as an estimation of Φi , just to get an indication of the magnitude of this term. We 

observe that surface pH can be significantly more alkaline than the bulk pH as a consequence 

of the introduction of positive charges at the interphase.  

In addition to the pure electrostatic effect just discussed, there are other reasons that could 

affect the value of the interfacial pH. As discussed above, the electromagnetic field at the 

interphase can affect the acidity of water, the same as it affects the acidity of weak acids. Also, 

the specific interaction of water with the metal surface could affect the autoprotolysis 

equilibrium. Finally, it has been recently reported that acidity of water surfaces is significantly 

different (more acidic) than bulk water.55 The reason for this is that H3O+ ions exhibit enhanced 

stability at the surface while OH- does not. Bulk water can form two proton donor bonds and 

two proton acceptor bonds, resulting in tetrahedral networks. Because H3O+ ions can only 

form three protons – donor bonds but has poor capacity to form a proton acceptor bond, H3O+ 

ions have a disrupting effect on the tetrahedral network and can be better accommodated on 

the surface. To include such effect in the thermodynamic treatment above, equation (19) need 

to be transformed into:  

( )
( )0 0

, , ,

,

ln
µ µ ++

+

+ −
+Φ − Φ = −H i H s H i

i s
H s

F
aRT

F a
  (22) 

where the difference in standard chemical potentials accounts for the different chemical 

environment of H+ at the interphase and in the bulk of the solution. In this regard, coulometric 

measurement on the Pt(111) surface in contact with perchlorate / perchloric acid mixtures of 
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different pH led to the conclusion that the neutral condition at the interphase is achieved for a 

value of pH at the bulk significantly lower than 7 (around 3.5), indicating that the equilibrium 

of the autoprotolysis of water is significantly affected by the particular environment present at 

the interphase.36-37  
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Figure 6. Value of pH where log(ΓCO3/ΓHCO3)=0 as a function of potential (A) and free charge 
value (B), as obtained from the plots in Fig. 5 (see text for details). 

 

In Figure 5 the lines cross zero when both surface concentrations are equal. For a pure acid 

base equilibrium this point would define the value of the pKa of the adsorbed acid at each 

potential. The resulting values are plotted in figure 6. Figure 6A plots the results as a function 

of potential, while figure 6B shows the same plot using the free charge as independent 

variable. Free charge values were extrapolated from the double layer region assuming 

constant value of double layer capacity. In both cases the plot is linear. An interesting point 
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would be the value of the pH for equal surface excesses, when the free charge at the 

interphase is cero. According to the plot in Fig 6B, this is achieved at a value of pH around 4.5 ± 

0.5. Similar result is obtained from the plot of Fig 6A, considering that pzfc is ca 0.28 V SHE. For 

a pure acid-base equilibrium in the bulk of the solution this would represent the pKa of the acid 

under scope, which for bicarbonate is 10.3. In conclusion, the effect of adsorption is a 

significant decrease of the acidity constant for bicarbonate adsorbed on Pt(111), even if the 

obtention of exact values for surface pKa is limited by the uncertainties discussed above. 

4. Conclusions 

A voltammetric and spectroscopic study of carbonate and bicarbonate adsorption on Pt(111) 

has revealed that these species adsorb on the electrode surface even from solutions with  

acidic pH, where the corresponding bulk concentrations are negligible. This result points 

towards a significant different value of the pKa for bulk and adsorbed species. Careful analysis 

of band intensities shows an interconversion between adsorbed carbonate and bicarbonate, 

with high potentials favouring deprotonation of bicarbonate. One important conclusion is that 

the acidity of adsorbed bicarbonate is much higher than that of the anion in the bulk solution 

and the difference increases with the increase of the potential. Inductive effect of the positive 

polarization on the acidity of the adsorbed carboxylate or a direct effect of the electric field on 

the dissociation constant (similar to the second Wien effect) can be claimed to qualitatively 

rationalise the observed trends. A tentative thermodynamic treatment is presented, 

quantitative results being probably affected by the effect of electrode potential on the local pH 

at the surface of the electrode.  
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 pH 1.43 pH 3.10 
 RHE SHE RHE SHE 
pztc/V  0.37  0.29 0.46 0.28 
pzfc/V 0.35 0.27 0.46 0.28 
 

Table 1. Values of the pztc and pzfc, measured versus  RHE and SHE reference electrodes, for 

two different pH values, as indicated. Pztc are obtained from the integration of the 

voltammogram and CO displacement data. Pzfc are obtained from the extrapolation of the 

free charge in the double layer region considering a constant value of double layer capacity. 

  

E/V SHE s/µCcm-2   Φ2/V surface pH 
0.10 -12.2 -0.098 1.5 
0.20 -5.3 -0.059 2.1 
0.30 1.2 0.017 3.4 
0.40 8.2 0.079 4.4 

 

Table 2: values of the electric potential at the OHP, Φ2, and surface pH values, at various 

potentials, calculated by Gouy Chapman Stern model, from the corresponding values of the 

free surface charge. The latter were extrapolated from the total charge curve corresponding to 

the CO2 saturated solution with pH=3.1 (figure 1B). 
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