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ABSTRACT

Mechanisms for oxygen reduction are proposed for three distinct cases covering

two ionic liquids of fundamentally different archetypes and almost thirty orders of

magnitude of proton activity. Proton activity is treated both extrinsically by varying

the concentration and intrinsically by selecting proton donors with a wide range of

aqueous pKa values.

The mechanism of oxygen reduction in ionic liquids is introduced by way of the

protic ionic liquid (pIL) triethylammonium triflate (TEATf) which shares some sim-

ilarities with aqueous acid solutions. Oxygen reduction in TEATf begins as the one

electron rate limited step to form superoxide, O•−2 , which is then rapidly protonated

by the pIL cation forming the perhydroxyl radical, HO•2. The perhydroxyl radical

is further reduced to peroxidate (HO−2 ) and hydrogen peroxide in proportions in

accordance with their pKa. The reaction does not proceed beyond this point due

to the adsorption of the conjugate base triethylammine interfering with the dispro-

portionation of hydrogen peroxide. This work demonstrates that this mechanism is

consistent across Pt, Au, Pd, and Ag electrodes.

Two related sets of experiments were performed in the inherently aprotic ionic liq-

uid 1-butyl-2,3-dimethylimidazolium triflate (C4dMImTf). The first involved the

titration of acidic species of varying aqueous pKa into the IL while monitoring the

extent of oxygen reduction as a function of pKa and potential on Pt and glassy car-

bon (GC) electrodes. These experiments confirmed the greater propensity of Pt to

reduce oxygen by its immediate and abrupt transition from one electron reduction

to four electron reduction, while oxygen reduction on GC gradually approaches

four electron reduction as the potentials were driven more cathodic. The potential

at which oxygen reduction initiates shows general agreement with the Nernst equa-
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tion and the acid’s tabulated aqueous pKa value, however at the extremely acidic

end, a small deviation is observed.

The second set of experiments in C4dMImTf solicited water as the proton donor

for oxygen reduction in an approximation of the aqueous alkaline case. The water

content was varied between extremely dry (< 0.1mol% H2O) and saturated (ap-

proximately 15.8mol% H2O). As the water content increased so too did the extent

of oxygen reduction eventually approach two electrons on both Pt and GC. How-

ever, additional water led to a linear increase in the Tafel slope under enhanced

mass transport conditions up to the point of 10mol% water. This inhibition of oxy-

gen adsorption is the result of the interaction between superoxide and water and

more specifically is proposed to be associated with decomposition of the C4dMIm+

cation by hydroxide at the elevated temperatures required for the experiment. Oxy-

gen reduction on both Pt and GC follows Nernstian behavior as the water content is

increased. Separate mechanisms for oxygen reduction on Pt and GC are proposed

based on the nature of the Nernstian response in these systems.
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Chapter 1

INTRODUCTION

Oxygen is an abundant and reactive element comprising almost 21vol% of the

earth’s atmosphere. It is also electrochemically reducible and thus the electrochem-

ical energy released during the reaction of oxygen with less noble species can be

collected and exploited, much like the heat of combustion in a fire. However, a fun-

damental advantage of electrochemical energy is the direct conversion of chemical

potential into electricity, bypassing any need for moving parts or the limitations of

Carnot efficiency. This is the advantage of the energy produced by fuel cells and

air-batteries.

All devices that exploit the oxygen reduction reaction share a fundamental chal-

lenge that limits their market acceptance: evaporation. Air-batteries and fuel cells

must be open to the atmosphere in order collect and reduce atmospheric oxygen

and this permits the evaporation of their electrolyte. Hydrogen fuel cells typically

use Nafion® membranes as their electrolyte and produce water during the reduction

of oxygen. The conductivity of the membrane and hence performance is strongly

influenced by the relative humidity of their environment [1]. In air-batteries, partic-

ularly the alkaline Zn-air cell, the evaporation of the electrolyte frequently leads to

premature cell death or absorption of atmospheric moisture leading to flooding of

the air cathode [2].

In addition to the practical problems of managing water within an open cell, aque-

ous chemistries are also limited by the electrochemical stability of water. Anode

materials less nobel than Zn, and therefore more energetic, have proven too reac-

tive in aqueous solutions to be commercially viable. In fact, corrosion of Zn via

hydrogen evolution from the spontaneous reduction of the electrolyte is a persistent
1



problem in current alkaline Zn-air cells. This places a fundamental limitation on

both the long term stability and specific energy of the battery fuel.

Room temperature ionic liquids (ILs) are a relatively new class of solvent which

are poised to solve both the evaporation and electrochemical stability challenges.

Ionic liquids have wide electrochemical windows, commonly exceeding 2.5V [3]

and negligible vapor pressures [4; 5]. Ionic liquids obtain these properties because

they are composed of large stable organic cations generally paired with similarly

large organic anions. The large diffuse charges on asymmetric cations keeps many

of these salts liquid at room temperature and below. Being ionic, ILs are also inher-

ently conductive and no separate salts are required to produce an electrolyte.

Ideally, the ionic liquids used in an electrochemical energy device do not undergo

faradaic reactions within the electrochemical window of the device. Unfortunately,

inert aprotic solvents are typically poor candidates for supporting oxygen reduction

as the process cannot proceed beyond the formation of the superoxide species (O•−2 )

without some acid source, be it Lewis or Brönsted in nature [6]. This dissertation

will outline the mechanism of oxygen reduction in three different cases analogous

to oxygen reduction in aqueous acid and aqueous alkaline conditions.

First, by way of introduction to the electrochemical techniques and the electro-

chemical behavior of ionic liquids, the oxygen reduction mechanism in the inher-

ently protic ionic liquid (pIL) triethylammonium triflate (TEATf) is developed. This

ionic liquid is analogous to a weakly acidic aqueous solution in that there are pro-

tons readily available to protonate the reduced oxygen. The effective pH of this

class of ionic liquids is also well understood [7].

Second, a variety of Brönsted acid species have been titrated into the otherwise

aprotic ionic liquid 1-butyl-2,3-dimethylimidazolium triflate (C4dMImTf) and the
2



progress of oxygen reduction tracked with respect to acid pKa and potential. By

carefully selecting the the host ionic liquid it was possible to examine almost thirty

orders of magnitude of proton activity.

Finally, water was used as the proton source in C4dMImTf and the extent of oxygen

reduction obtainable was evaluated. This case proved more complicated than origi-

nally anticipated due to the complex interaction between water and the ionic liquid

anion. Increasing water content appears to inhibit the formation of superoxide by

restricting the adsorption of O2 while simultaneously protonating the superoxide to

form the peroxidate species, HO•−2 . A tentative explanation for how both phenom-

ena can occur is advanced.
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Chapter 2

BACKGROUND

2.1 Oxygen Reduction Fundamentals

Oxygen reduction in aqueous systems has been heavily studied for decades, and

many high quality reviews exist [8–11]. These tend to focus on the mechanisms of

ORR as a function of pH [12–15] or on the selection and construction of catalysts

[16–18]. In aqueous solutions, platinum and its alloys are reliably the best ORR

catalysts across all pH ranges [11; 19; 20], with Au performing equally well in

some limited circumstances [17; 21; 22].

Figure 2.1: Pourbaix diagram of selected oxygen species in aqueous solutions.
Shows the equilibrium species as a function of pH and electrochemical potential
at standard state. Plotted from data in reference [23].

Figure 2.1 is a Pourbaix diagram, a kind of phase diagram in potential-pH space,

for some selected oxygen species in aqueous solutions. Lines (a) and (b) define

the thermodynamic stability limits of water. At potentials less than those defined
4



by line (a) water is reduced to form hydrogen gas at a pressure of 1 atm, while at

potentials above line (b) it is oxidized to form oxygen. Within the stability limits

of water, hydrogen peroxide is stable. Also shown is the pH independent formation

of the superoxide species (O•−2 ) and the pH of 11.7, at which protons are removed

from hydrogen peroxide to form the peroxidate anion. Reaction 2.1 is plotted as a

bold line between lines (a) and (b).

O2 +2H++2e−↔ H2O2 (2.1)

E = Eo
H2O2

+
RT
nF

ln
[H2O2]

[H+]2 ·PO2

(2.2)

E = 0.682−0.0591pH +0.0295log
[H2O2]

PO2

By writing the free energy of Rxn. 2.1 in terms of the electrochemical potential

through ∆Go = −nF∆Eo = −RT lnK a relationship between the partial pressure

of oxygen, concentration of H2O2 and pH is derived as Eqn. 2.2. It is this vari-

ation in potential with respect to pH that is plotted as a bold line in Fig. 2.1 for

log
(
[H2O2]

PO2

)
= 0.

Equation 2.2, in its simplified form, clearly shows a decrease in the oxygen re-

duction potential of approximately 60mV with every ten-fold decrease in proton

activity. Through the Henderson-Hasselbalch equation (Eqn. 2.3) the pH used to

build the Pourbaix diagram is related to the strength of a generic acid, HA, through

its pKa.

pH = pKHA
a + log

[A−]
[HA]

(2.3)

5



It is now possible to rewrite Eqn. 2.2 more generally for acids in any solvent.

O2 +2HA+2e−↔ H2O2 +2A− (2.4)

E = Eo
H2O2
− RT

nF
ln
[H2O2][A−]2

[HA]2 ·PO2

(2.5)

= Eo
H2O2
− 2RT

nF
ln
[H+][A−]
[HA]

− RT
nF

ln
[H2O2]

[H+]2 ·PO2

= Eo
H2O2
− 2RT

nF
(pH− pKa)−

RT
nF

ln
[H2O2]

PO2

= 0.682−0.0591(pH− pKa)−0.0295log
[H2O2]

PO2

After simplifying and evaluating some of the terms in Eqn. 2.5 it becomes apparent

that decreasing the pKa of a proton donor has the same impact as making the so-

lution more acidic, i.e. stronger proton donors drive Rxn. 2.4 to the right and raise

the potential of oxygen reduction. In the final forms of Eqn. 2.5 the equivalent con-

tributions to the oxygen reduction potential are explicitly separated into the proton

binding energy, represented by pKa, and proton concentration (pH).

ORR Mechanism in Aqueous Alkaline

In aqueous alkaline electrolytes, absent strongly adsorbing species, the mechanism

of four-electron oxygen reduction on platinum engenders some uncertainty [11; 24],

though there is consensus on the initial stages. Upon adsorption of O2, the mech-

anism starts with a single electron transfer to the dioxygen molecule to produce

superoxide, which is then rapidly protonated by water.

O2(ads)+ e−→ O•−2 (ads) (2.6)

O•−2 (ads)+H2O→ HO(•/−)
2 (ads)+OH(−/•) (2.7)

From here, authors diverge in their proposed mechanisms. Ross [11] prefers a

mechanism which involves the intermediate formation of adsorbed atomic oxygen
6



and the spontaneous and rapid disproportionation of peroxidate.

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+H2O→ HO(•/−)
2 (ads)+OH(−/•)

HO(•/−)
2 → O(ads)+OH(•/−)(ads) (2.8)

O(ads)+H2O+ e−→ OH•(ads)+OH− (2.9)

2OH•+2e−→ 2OH− (2.10)

Durand [24], on the other hand, proposes a mixture of two mechanisms depending

on the roughness of the Pt surface. On smooth single crystal platinum, Durand

claims that the primary ORR mechanism bypasses formation of peroxidate, instead

favoring proton driven cleavage of the oxygen-oxygen bond.

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+H2O→ HO•2(ads)+OH−

HO•2(ads)+H2O→ 3OH•(ads) (2.11)

3OH•(ads)+3e−→ 3OH− (2.12)

On small Pt particles, fine grain polycrystals, or mechanically polished surfaces,

Durand finds some evidence for a two electron peroxidate pathway:

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+H2O→ HO•2(ads)+OH−

HO•2(ads)+ e−→ HO−2 (ads) (2.13)

2HO−2 (ads)→ O2 +2OH−. (2.14)

All of these mechanisms result in the accepted net reaction of:

O2 +2H2O+4e−→ 4OH−. (2.15)

7



ORR Mechanism in Aqueous Acids

In acidic media, the availability of free protons simplifies the mechanism as hy-

dronium is consumed instead of water. This results in the rapid protonation of

peroxidate to form hydrogen peroxide.

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+H+→ HO•2(ads)

HO•2(ads)+ e−→ HO−2 (ads)

HO−2 (ads)+H+→ H2O2 (2.16)

For a net reaction of:

O2 +2H++2e−→ H2O2. (2.17)

Hydrogen peroxide can decompose either chemically or electrochemically to com-

plete the four electron reduction [23; 25–29].

2H2O2→ O2 +2H2O (2.18)

or

H2O2 + e−→ OH−+OH•(ads) (2.19)

OH•(ads)+ e−→ OH−

2OH−+2H+→ 2H2O (2.20)

On platinum surfaces, the under potential deposition of hydrogen inhibits the ad-

sorption and consequent electrochemical reduction of hydrogen peroxide at high

overpotentials [20], while at low overpotentials hydroxyl adsorption prevents its

disproportionation [30; 31].

8



Oxygen Reduction in Non-aqueous Media

With the mechanism of ORR so closely tied to the coverage of the surface by

OH•(ads) and availability of protons, either from an acid source or the deprotona-

tion of water, some investigations have pursued oxygen reduction in aprotic solvents

such as dimethylformamide (DMF), dimethyl sulfoxide (DMSO), and acetonitrile

(ACN) [6; 32–37]. The findings of these studies have revealed some interesting

complexities in the ORR mechanism. Across a broad range of solvents and cata-

lysts, the rate limiting step in ORR is usually the injection of the first electron to

form superoxide [11]. In aprotic solvents this is a readily reversible process, but

it becomes irreversible with the small addition of weakly acidic species such as

phenol (pKa = 10) [6; 36–39].

The proton transfer from phenol to superoxide is surprising given the perhydroxyl

radical’s relatively low pKa of ca. 4.7 in aqueous [34; 40]. However its conjugate

base is able to drive the net reaction

2O•−2 +H2O→ O2 +HO−2 +OH−, K = 0.91 ·109 (2.21)

so completely that it behaves as though it has a proton affinity similar to pKa = 24

[34]. The same author estimates the pKa of HO2• in DMF as ca. 12 due to the

much weaker solvation in non-aqueous solvents [6].

Dry solutions cannot follow the aqueous alkaline four electron reduction mech-

anism regardless of proton concentration because unlike hydroxyl, the conjugate

base of the proton donor is not reducible. Therefore, above some pKa one would

only expect to see two electron reduction. This pKa is likely related closely to the

deactivation of this proton transfer: H2O2 +2e−+2H+→ 2H2O [23].
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At least two studies have examined the protonation of superoxide by phenol-related

compounds in ionic liquids [38; 39] and both found evidence for two electron re-

duction on gold and glassy carbon electrodes. Unfortunately both studies used

imidazolium based cations with the C2 proton intact which is sufficiently acidic to

irreversibly protonate superoxide (see Section 2.5). Further, both ILs used the Tf2N

cation which was found to be unstable in the presence of phenolate [38].

2.2 Ionic Liquids

Ionic liquids (ILs) are a relatively new class of solvents composed primarily of

large organic ions [3]. Their individual physical and chemical properties can vary

over a broad range, but in general an ionic liquid is suitable for electrochemistry

when it has a low melting point (Tm < 100°C), moderate specific conductivity, and

a wide electrochemical window [41]. Due to their ionic nature and large molar

mass, ILs reliably low vapor pressures [4; 5]. They also have low molar densities

which makes their physicochemical properties especially sensitive to impurities or

additives.

Ionic liquids have been classified under a variety of schemes and generations. Most

useful among these distinctions are whether or not they (i) are stable in the presence

of moist air, (ii) contain electrochemically accessible protons, and (iii) are miscible

with water. Early first generation ionic liquids were formed by the transfer of a

halide from an organic salt to a very strong Lewis acid, such as AlCl3. The reactivity

of the resulting AlCl–
4 anion made the ILs unstable in the presence of air or water.

Table 2.1 lists physicochemical properties relevant to ORR for a selection of com-

mon electrochemical solvents and ionic liquids. The ionic liquids in the table rep-

resent three common cations: a dialkylpyrrolidinium (C4nmp), dialkylimidazolium
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Solvent CO2 DO2 ·106 Viscosity Density Method Ref.
mM cm2s−1 mPa · s g · cm−3

water 1.26 19−20 Van Slyke [42]
1.24 24.2 0.890 0.997 [43]

0.1M KCl 1.18 21.2 0.890 1.006 Winkler [44]
0.5M H2SO4 1.22 10.4 µPt [45]

1.16 13.4 µAu [45]
DMF 4.72±0.1 47.6±2.4 0.8473a RDE CC [46]

4.5±0.3 47 GC [47]
45.8±0.31 RDE [35]
53.5±0.35 CV [35]

0.794 0.944 [43]
DMSO 2.24±0.1 20.8±2.7 2.087a RDE CC [46]

2.1±0.1 GC [47]
30.5±3.5 RDE [35]
31.1±0.9 CV [35]

1.987 1.101 [43]
Acetonitrile 8.21±0.6 71.2±6.4 0.356a RDE CC [46]

8.1±0.6 GC [47]
70.3±4.5 RDE [35]
70.5±5.3 CV [35]

0.369 0.786 [43]
C4nmpTf2N 3.6 5.49 µAu [48]

6.1±0.8 5.2±0.4 µAu / µPt [49]
13.6±0.8 1.8±0.2 89 µAu [50]

85 1.41 Ostwald [51]
∼ 75 1.40 Stabinger [52]
76 Rolling-ball [53]

C4dmimTf2N 3.6 5.05 µAu [48]
7.2±0.8 2.1 µAu [54]
5.34±0.1 3.90±0.07 µPt [55]

88 Rolling-ball [53]
1.453b

C4mimTf2N 3.1 8.76 µAu [48]
6.1 SECM [56]

47 Rolling-ball [53]
52 1.429 [57]

C4mimTf 2.2−4.7b 4.53−8.57b 1.29b µPt
∼ 75 1.3 Stabinger [52]
83.2 [58]
90 1.290 [57]

Table 2.1: O2 physicochemical properties in selected solvents and aprotic ionic
liquids near 25°C.

acalculated using density from the CRC: Handbook of Chemistry and Physics [43]
bnot available in literature
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(C4MIm), and a C2 substituted dialkylimidazolium (C4dMIm). Paired with these

are two of the most common air stable anions: bis(trifluoromethanesulfonyl)imide

(Tf2N) and trifluoromethanesulfonate (triflate, Tf).

With a broad selection of ions, the ability to tune water solubility, and the decou-

pling of proton activity from concentration, ionic liquids may have the potential to

enhance the ORR capabilities of less expensive catalysts.

Protic vs Aprotic Ionic Liquids

Among air stable ILs, a subclass are formed simply by proton transfer between a

Brönsted acid, HA, and a Brönsted base, B: HA+B→ A−+BH+. The difference

in pKa between a proton residing on the acid, pKHA
a , and a proton captured by the

base, pKBH+

a , determines many of the properties of the protic ionic liquid (pIL).

Larger differences in pKa’s (∆pKa = pKBH+

a − pKHA
a ) generally result in ILs with

lower vapor pressure, wider electrochemical windows, and higher melting points

[7; 59; 60].

Fig. 2.2 shows a cyclic voltammagram on Pt in the pIL triethylammonium triflate

(TEATf), formed by the temperature controlled equimolar mixture of triethylamine

with triflic acid. Like water, the cathodic stability limit of the pIL is associated

with the reversible reduction of H+ to H2. In this case supported by the ammonium

cation and the resultant neutral amine [7]. However the anodic stability limit is

approximately 2.5V more anodic and set by the oxidative stability of the triflate

anion. Platinum oxidizes before this point, as visible in the slow oxidation wave

beginning at 1V vs Pd/H, and the corresponding reduction wave below 1.0V. The

small oxidation wave above 0V vs Pd/H is the oxidation of residual hydrogen gas

to form triflic acid [7].

12



Figure 2.2: Cyclic voltammagram on Pt in argon deaerated TEATf at 100mV/s.
Data replotted from reference [61].

Aprotic ILs in contrast, are generally formed by alkylation where an alkyl chain

is transferred to form a cation instead of a proton. Following alkylation, the anion

of the resulting pair can be exchanged to the anion of interest through a number

of routes. Aprotic ILs are distinguished from the protic form both by the method

through which they are made, and by the stability of products formed at their ca-

thodic limit. Protic ILs are generally reversibly reduced at their cathodic limit while

aprotic ILs are reduced in an irreversible reaction; in our group H+/H2 reversibility

determines whether and IL is a pIL.

IL Reference Electrodes

A common challenge in non-aqueous electrolytes, and ionic liquids in particular,

is the selection of a stable and non-contaminating reference electrode. Frequent

choices from the literature include bare silver wires [49], aqueous Ag/AgCl ref-
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erence electrodes immersed in the IL [62; 63], and silver triflate solutions [50].

Ag/AgCl is a common aqueous reference potential due to the extremely low solu-

bility of AgCl in aqueous solutions, however it would be false to carry the low AgCl

solubility assumption into ionic liquids. Some early experiments in this work at-

tempted to use silver based reference electrodes, but leaking of Ag+ cations through

the porous frit eventually contaminated the IL.

Protic ionic liquids permit the use of the palladium-hydrogen reference electrode

which is a distinct advantage. The details of its preparation and thermodynamic po-

tential are discussed in depth by Batista et. al. [7]. The advantage of the Pd/H

reference potential comes from it being intrinsically tied to the proton activity

within the pIL. The potential defined by 0V vs Pd/H is the potential at which

hydrogen is oxidized to protonate the anion, or reduced from the conjugate base:

Pd +HA+ e−→ Pd/H +A−.

In the aprotic IL work presented in Chapters 3 and 4, a psuedo reference potential

is used. The potential of a Pt wire in dry oxygen saturated C4dMImTf was found to

be repeatable and stable with respect to the O2/O•−2 couple. To ensure this potential

did not drift with the addition of acids or water, the Pt reference wire was isolated

behind a porous glass frit in dry O2 saturated IL.

Hydrophobic vs Hydrophilic ILs

In literature, ionic liquids are generally classified as either hydrophobic or hy-

drophilic, though this is misleading because the category of water-stable hydrophilic

ILs does not necessarily imply they make good desiccants. In fact, the water content

at which ILs are investigated is rarely cited, and this may lead to general uncertainty

concerning their melting points and viscosities. A more accurate characterization
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is water-miscible or immiscible. The miscibility of an IL with water is predicted

based on its structure, assuming that no chemical reactions take place to disturb

it. As the total alkyl chain length of the ion increases, its solubility in water de-

creases. Additionally, increasing the number of fluorines within the structure will

also decrease its solubility in water. A representative illustration of this last point

is the observation that tetrafluoroborate (BF–
4 ) ILs are miscible with water while

hexafluorophosphate (PF–
6 ) are immiscible.

The Electrode—IL Interface

When an electrode is polarized and no faradaic reaction occurs an excess charge

develops on its surface. This condition is referred to as an ideally polarizable elec-

trode. The surface charge density is defined thermodynamically by the change in

the Gibbs surface energy with potential as written in the Lippmann equation (Eqn.

2.22). Differentiating the Lippmann equation (Eqn. 2.23) defines the differential

capacity of the interface which can be measured using the impedance technique de-

scribed in Section 2.3. Thus changes in the differential capacitance of the interface

directly relate to changes in its state.

σ
M =−

(
δγ

δE

)
T,P,µi

(2.22)

C =
δσM

δE
=−

(
δ 2γ

δ 2E

)
T,P,µi

(2.23)

term description value/unit
σM surface excess charge C/m2

γ Gibbs surface energy J/m2

E electrode potential volts
C differential capacity F/m2

The surface excess charge on the electrode is completely balanced by a correspond-
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ing charge within the solution. The solution structure which develops to support

this charge is refereed to as the Electrical Double Layer (EDL) and it is generally

less than 10Å thick. A potential drop of 100mV across this distance corresponds

to an electric field of order 108V/m. Thus the EDL provides a mechanism to pro-

duce large electric fields within the electrolyte. It is also closely related to the

phenomenon of electrowetting which requires consideration in the design of air

cathodes [64; 65].

Double Layer in Dilute Solutions

Over a century ago a capacitive description of the interface that develops between

a conducting electrode and an electrolyte was proposed Helmholtz and later elabo-

rated upon by Gouy [66], Chapman [67], Stern [68], and Grahame [69]. Helmholtz

initially modeled the interface as a simple capacitor, where a single layer of ions

adsorbed on the electrode surface accounted for the excess charge in the polarized

electrode (Fig. 2.3a). Gouy’s and Chapman’s identical but independent contribution

accounted for the disorder of the structure due to thermal motion and is analogous

to Debye-Huckel theory insofar as the interactions are purely electrostatic, the ions

are unpolarizable point charges, and the distribution of ions follows Boltzmann’s

statistics [70].

Stern combined these theories to create the electrical double layer of dilute elec-

trolytes where a dense compact layer of solvated ions next to the electrode (Stern

layer) exists before the electric potential decreases exponentially into the bulk elec-

trolyte. The capacity of the Stern layer is limited by preventing ions from approach-

ing within half an ionic radius of the electrode. Grahame further distinguished be-

tween two structures within the Stern layer: a layer of solvent molecules directly
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Figure 2.3: Schematic of the electrical double layer in a dilute electrolyte show-
ing the electrochemical potential for the (a) Helmholtz model, (b) Gouy-Chapman
model, (c) Stern model, and (d) relative mole fraction of cations and anions when
E > Epzc.

on the electrode surface termed the inner Helmholtz plane, and a layer of solvated

counter ions termed the outer Helmholtz plane. A simple schematic of these models

and structures is shown in Fig. 2.3.

To condense the following equations it will be helpful to define a couple common

terms used in the Gouy-Chapman based double layer theories. These include a

Debye length (Eqn. 2.24) and a dimensionless potential (Eqn. 2.25). It will also be

assumed that each ion has a valence, z =±1.
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1
LD

=

√
4πe2cIL

εkBT
(2.24)

u = zee(φM−φ∞)/kBT (2.25)

term description value/unit
LD Debye length cm
e elementary charge 1.602 ·10−19C
cIL average electrolyte concentration mole/cm3

ε dielectric constant of medium ε0εr
kB Boltzmann’s constant 8.617eV/K
T temperature °K
u dimensionless potential 25mV @ 25°C
φM potential at electrode surface volts
φ∞ potential in bulks solution volts

The potential decay through the diffuse layer more or less follows the form of equa-

tion 2.26 assuming equal valence ions, though it is more accurately given by Eqn.

2.27 following a derivation through Boltzmann’s statistics [70].

φ(x) = [φM−φ∞] · e−x/LD (2.26)
δφ

δx
=−kBT

LD
· sinh

(u
2

)
(2.27)

term description value/unit
φ potential Volts
LD Debye length cm
ε dielectric constant of medium 4πε0εr
kB Boltzmann’s constant 8.617eV/K
T temperature °K
u dimensionless potential volts

Poisson’s equation (Eqn. 2.28) is then used to determine the total charge within the

diffuse layer (Eqn. 2.29).

The Gouy-Chapman capacity is finally derived using the Lipmann equation and

differentiating Eqn. 2.29 to arrive at Eqn. 2.30.
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δ 2φ(x)
δx2 =−4πρ(x)

ε
(2.28)

σ
M =− ε

4π

∫
∞

M
ρ(x)dx

=− ε

4π

(
δφ

δx

)
x=M

=
εkBT
4πLD

· sinh
(u

2

)
(2.29)

term description value/unit
φ potential Volts
ρ volumetric charge density C/cm3

σM surface excess charge C/cm2

LD Debye length cm
ε dielectric constant of medium ε0εr
kB Boltzmann’s constant 8.617eV/K
T temperature °K
u dimensionless potential volts

CGC =
δσM

δφ

=
ε

4πLD
· cosh

(u
2

)
(2.30)

term description value/unit
CGC Gouy-Chapman capacitance F/cm2

φ potential Volts
σM surface excess charge C/cm2

LD Debye length cm
ε dielectric constant of medium ε0εr
u dimensionless potential volts

Combining the Gouy-Chapman capacity with the Helmholtz capacity in series pro-

vides a good approximation for the real differential capacitance of dilute aqueous

electrolytes [69]. The Helmholtz capacity is usually estimated from experiments

performed in concentrated electrolytes and dominates when (φM−φ∞) is large.
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1
Cobs

≈ 1
CH

+
1

CGC
(2.31)

term description value/unit
Cobs observed capacity F/m2

CH Helmholtz capacity F/m2

CGC Gouy-Chapman capacity F/m2

Owing to the fact that these EDL models are based upon the Boltzmann equation,

the differential capacity is correctly predicted to decrease with increasing temper-

ature as the EDL becomes more diffuse from increased thermal disruption. Con-

versely, the differential capacity of ILs has been observed to increase with temper-

ature [71]. A summary of the current understanding of the EDL in ILs is developed

in Section 2.2.

Double Layer of ILs

Ionic liquids are not dilute electrolytes, they all have large molar volumes, the molar

volume of the anion and cation are rarely equal, the diffuse charges on asymmetric

ions make them polarizable, and there is no separate solvent to screen charges. This

greatly complicates the interfacial structure and differential capacitance. While a

solid understanding the interface between planar metal electrodes and ILs is still be-

ing developed [71–79], a reasonable explanation of their unique capacitive response

is available.

Early accounts of the ionic liquid double layer [80] were given in the framework

of high temperature molten salts [81–83]. These studies suggested that the capaci-

tance is at a minimum at the PZC, a quality shared with dilute aqueous electrolytes.

However it became clear that the diffuse model developed by Stern, Gouy, and

Chapman is not applicable to these concentrated systems due to both the high ca-
20



pacities measured (> 20µF/cm2) and the increase in capacitance with temperature.

In high temperature molten salts, an attempt to salvage the Gouy-Chapman behav-

ior was attempted by theorizing that the capacitive behavior was set by cationic

or anionic vacancies which followed Boltzmann’s statistics. This vacancy theory

was only successful at predicting the capacitive response of molten salts where the

anions and cations were of approximately equal size [84].

Stillinger et. al. produced an early description of the double layer region in concen-

trated electrolytes by accounting for both the ion size and the electrostatic interac-

tion between ions [85]. Accounting for these phenomena results in a double layer

much thicker than predicted for dilute electrolytes. This is due not only to lower

density through ionic volume, but also an ordering that results from the electro-

static interaction: the interface is composed of a lattice-like structure of alternating

anion and cation layers. If these cations and anions are of equivalent size then the

resulting differential capacity is expected to be symmetric about the PZC. The in-

crease in capacity with greater polarization away from the PZC is associated with

compression of these alternating layers whereas at the PZC there is no net charge

within the structure.

Gale and Osteryoung theorized in 1980 that ILs also have exceptionally high capac-

ities due to the higher surface coverages when solvent molecules are absent [80].

This would result in a complete absence of the inner Helmholtz plane found by

Grahame in dilute aqueous solutions and potentially enable higher catalytic effi-

ciencies due to larger exchange currents. When examining chloroaluminate melts

it was found that basic melts ([AlCl–
4 ] > [Al2Cl–

7 ]) had higher capacities near the

PZC than their acidic counterparts. This was attributed to larger surface coverage

attainable with the smaller AlCl–
4 anion.
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The differential capacitance of current generation ILs (those that are air and water

stable) remained largely uninvestigated until the work of Nanjundiah in 1997 [84]

who observed that no contemporary theory could explain the increase in capacity

with temperature. Nanjundiah also regretfully observed that the electrocapillarity

maximum, frequently used to define the PZC, did not necessarily correspond to the

capacitive minimum.

After close to three decades of neglect, the theory of the double layer in ILs leapt

forward with new model developed by Kornyshev [72] which more closely resem-

bles Fermi-Dirac statistics rather the Boltzmann background of Gouy-Chapman.

This basic change places an upper bound on the local concentration of ions and be-

gins to account for ion volume. Beginning with the ionic distribution given in Eqn.

2.32:

c± =
cIL

2
· e−u

1− cIL
cmax

+ cIL
cmax

cosh(u)
, (2.32)

term description value/unit
c± concentration of cations or anions moles/L
cIL average concentration of IL moles/L
cmax maximum local concentration moles/L
u dimensionless potential volts

which is used to determine the charge density in Eqn 2.33. The cIL
cmax

describes the

compressibility of the IL under an electric field, where cIL is the bulk molar density

and cmax is the maximum attainable (estimated to be 2 · cIL for ions of equal molar

volume).

Finally the Poisson equation is used to relate the charge density to the potential

distribution through the double layer in Eqn. 2.34.
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ρ = e(c+− c−) =−4ecIL
sinh(u)

1+2 cIL
cmax

sinh2 (u
2

) , (2.33)

term description value/unit
ρ charge density C/L
c+ cation concentration in EDL moles/L
c− anion concentration in EDL moles/L
cIL average concentration of IL moles/L
cmax maximum local concentration moles/L
e elementary charge 1.602 ·10−19C
u dimensionless potential volts

δ 2φ

δx2 =−4πρ

ε

=
16ecIL

ε

sinh(u)
1+ 2cIL

cmax
sinh2 (u

2

) , (2.34)

term description value/unit
φ potential relative to φ∞ Volts
ρ charge density C/L
cIL average concentration of IL moles/L
cmax maximum local concentration moles/L
e elementary charge 1.602 ·10−19C
ε dielectric constant of medium 4πε0εr
u dimensionless potential volts

Kornyshev concludes his derivation by solving for a new expression for the double

layer capacitance as Eqn. 2.35, which reduces to the Gouy-Chapman result in Eqn.

2.30 for dilute electrolytes when cmax� cIL.

This final expression for the differential capacity of an electrode immersed in an

ionic liquid results in the PZC coinciding with the maximum capacity. The max-

imum concentration condition also predicts a different interfacial structure for the

IL. The two local maxima predicted by Kornyshev’s model move closer together as

the concentration of the IL is increased until a point where they merge [71]. This
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C =
ε

4πLD
·

cosh
(u

2

)
1+2 2cIL

cmax
sinh2 (u

2

) ·
√√√√√ 2 2cIL

cmax
sinh2 (u

2

)
ln
[
1+2 2cIL

cmax
sinh2 (u

2

)] (2.35)

term description value/unit
LD Debye length cm
cIL average concentration of IL moles/L
cmax maximum local concentration moles/L
ε dielectric constant of medium 4πε0εr
u dimensionless potential volts

has important potential implications for the work presented in Chapter 4 in which

water is added to the IL potentially diluting it.

Figure 2.4: Schematic of the electrical double layer in an ionic liquid showing the
concentration profiles for cations and anions on a (a) moderately polarized electrode
( 200mV) and (b) heavily polarized electrode ( 2.0V).

Figure 2.4 represents the concentration profile for two electrodes polarized at differ-

ent charge densities showing the overscreening (Fig. 2.4a) and crowding phenom-

ena (Fig. 2.4b). Overscreening occurs at moderate polarizations and is associated

with a local maximum in the differential capacitance curve, while crowding results

in a diminished capacitance at high polarizations [78]. In both cases concentration

oscillations exist in the EDL. These have been observed to extend as far as seven

ionic layers into the bulk electrolyte at a polarization of 2.0V [79]. It is the thin-
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ning of this structure with increasing temperature which results in the increase in

capacitance [86].

An excellent and critical interpretation of Kornyshev’s model was tested experi-

mentally on a wide range of ionic liquids by Vera Lockett et. al. [71]. A criticism

specific to Kornyshev is that the dielectric constant is invariant with structure and

ionic density. Lauw et. al. developed a separate model in which the ions are po-

larizable and the local dielectric constant is permitted to change with composition

[75]. Unlike Kornyshev’s work, the differential capacitance predicted by Lauw’s

model contains two local maxima regardless of the ion concentration.

Lockett also cautions that no model has yet accounted for specific adsorption, and

that aqueous results regarding adsorbing ions are not a good proxy because there

is no desorption of solvent to overcome. Finally, the large asymmetric ions com-

mon to ILs may significantly change their configuration on the electrode surface as

the potentials change, e.g. imidazolium could lay perpendicular or flat along the

electrode surface depending on potential.

2.3 Electrochemical Techniques

A number of electrochemical methods are well adapted to the investigation of the

oxygen reduction mechanism. Generally these control the thermodynamic driving

force (potential) and measure the resulting reaction rate (current). Two of the most

common are chronoamperometry (CA) and cyclic voltammetry (CV).

Chronoamperometry

In its simplest form, chronoamperometry is the recording of the current response to

an abrupt and large change in the electrochemical potential. With a strong enough
25



driving force, the electron transfer effectively occurs instantaneously and the sur-

face concentration of reactants is zero. In this case, the reaction rate and current

response is limited by the flux of oxygen to the electrode surface. This current is

described in time by the Cottrell equation shown in Eqn. 2.36.

i(t) =
nFA
√

DCo√
πt

(2.36)

=
nFA
√

D · [mM]×10−6
√

πt

term description value/unit
i(t) current transient amps
n number of electrons transferred #
F Faraday’s constant 96485.3 C/mol
A surface area cm2

Co bulk concentration mole/cm3

D diffusivity cm2/s
t time seconds

Cyclic Voltammetry

Cyclic voltammetry controls a repeating linear ramp in the electrochemical poten-

tial and monitors the current required to maintain the potential at any point. The

recorded data is plotted as current with respect to potential. Different reactions

can be observed and their qualitative kinetics evaluated by controlling the potential

sweep rate and limits. Fig. 2.5 shows an example of a cyclic voltammagram, plotted

both versus time and the typical current versus potential. In the convention used in

this document, reduction corresponds to a negative current and negative potentials

are more strongly reducing.

Linear sweep voltammetry (LSV) differs from cyclic voltammetry in that only a

single scan of the potential window is performed. This prevents the products of
26



Figure 2.5: Cyclic voltammagram of hydrogen UPD on a platinum disk in 0.1M
H2SO4 at a scan rate of 500mV/s.

a previous sweep from potentially influencing the features of subsequent scans.

Fig. 2.6 is a LSV of oxygen reduction on a polished polycrystalline disk in 0.1M

H2SO4. The reduction of oxygen begins at a potential slightly above 0.2V vs the

mercury/mercurous sulfate reference electrode (MSE) and accelerates with decreas-

ing potential until the dissolved oxygen near the electrode is exhausted. At this

point the current is limited by the rate at which oxygen can diffuse to the electrode

surface. Some hydrogen adsorption current becomes visible at potentials below

-0.4V.

Electron Transfer Kinetics and the Butler-Volmer Equation

Under some conditions, particularly when over potentials are low, concentrations

are high, or diffusion distances very small, the rate of an electrochemical reac-

tion is limited by the electron transfer kinetics and not transport of reactants to the

electrode surface. At equilibrium, no net reaction occurs: the rate of the forward

and reverse reactions are equal. Upon polarization of the electrode the activation

energy for electron transfer is biased in proportion with number of electrons trans-
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Figure 2.6: Linear sweep voltammagram of Oxygen reduction on polycrystalline
Pt in 0.1M H2SO4 at 100mV/s and corresponding Tafel slope of 120mV/decade.

fered. This is shown schematically for an oxidation reaction in Fig. 2.7, where

∆Ga is the activation barrier at equilibrium, z− is the oxidation state of the reduced

species, F is Faraday’s constant, ∆E is the polarization away from the equilibrium

potential, n = z+− z− is the number of electrons transfered, and ∆GO and ∆GR are

the activation barriers for the oxidation and reduction reactions, respectively.

The activation energy for the oxidation reaction shown schematically in Fig. 2.7

only decreases by a fraction of the energy difference nF∆E. This fraction is called

the charge transfer coefficient and represents the fraction of the Gibbs energy op-

erating on the transition state: α = (∆Ga−∆GO)/nF∆E. Including this concept

permits the activation energies to be written as Eqn. 2.37 and Eqn. 2.38 for oxida-

tion and reduction, respectively.

The activation energies are then incorporated with the Arrhenius equation to deter-

mine the forward and reverse reaction rates in Eqn. 2.39 and Eqn. 2.40.
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Figure 2.7: Schematic showing how the activation energy for an oxidation reaction
changes due to electrode polarization.

∆GO = ∆Ga−αnF∆E (2.37)
∆GR = ∆Ga− (1−α)nF∆E (2.38)

term description value/unit
∆GO activation energy for oxidation J/mol
∆GR activation energy for reduction J/mol
∆Ga activation energy at equilibrium J/mol
α charge transfer coefficient 0 ≤ α ≤ 1
n number of electrons #
F Faraday’s constant 96485.3 C/mol
∆E over potential from equilibrium Volts

The net current is simply the sum of the forward and reverse reaction rates.

If the current is sufficiently small such that the mass transfer rate is effectively

infinite, and if the volume of solution is large enough that the reactions do not

effect the bulk concentration, then Eqn. 2.43 becomes the Butler-Volmer equation

(Eqn. 2.44). This clearly shows that current density increases exponentially with

overpotential, and that the steepness of this rise depends on the number of electrons
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kO = KeαnF∆E/RT (2.39)

kR = Ke−(1−α)nF∆E/RT (2.40)

term description value/unit
k reaction rate s−1

K exponential pre-factor s−1

α charge transfer coefficient 0 ≤ α ≤ 1
n number of electrons #
F Faraday’s constant 96485.3 C/mol
∆E over potential from equilibrium Volts
R universal gas constant 8.314 JK−1mol−1

T temperature °K

inet = iO− iR (2.41)
= nFAkOCO−nFAkRCR (2.42)

= nFAK
[
COeαnF∆E/RT −CRe−(1−α)nF∆E/RT

]
(2.43)

term description value/unit
i current amps
A surface area cm2

C concentration moles/L
k reaction rate s−1

K exponential pre-factor s−1

α charge transfer coefficient 0 ≤ α ≤ 1
n number of electrons #
F Faraday’s constant 96485.3 C/mol
∆E over potential from equilibrium Volts
R universal gas constant 8.314JK−1mol−1

T temperature °K

transferred, n, and the charge transfer coefficient, α . For a reversible reaction with

α = 0.5, the anodic and cathodic branches of the net current are symmetrical. In

contrast, the exchange current density, j0, affects both reactions equally and merely

determines their magnitude.
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j(∆E) = j0
[
e

αnF
RT ·∆E − e−

(1−α)nF
RT ·∆E

]
(2.44)

log | j|= log j0 +
αnF

2.303RT
· |∆E| (2.45)

term description value/unit
j(∆E) current density amps/cm2

∆E overpotential Volts
j0 exchange current density amps/cm2

α charge transfer coefficient 0 ≤ α ≤ 1
n number of electrons transferred #
F Faraday’s constant 96485.3 C/mol
R gas constant 8.3144 Jmol−1K−1

T absolute temperature °K

Equation 2.45 is a modified form of the Tafel equation written for the oxidation

reaction, and is valid for |∆E| � RT
nF (& 25/n mV at 25°C) provided the current is

entirely determined by the electron transfer rate. By plotting the logarithmic cur-

rent versus overpotential, such as the red curve and axis of Fig. 2.6, it is possible

to extract the Tafel slope and exchange current density. The Tafel slope, which

is derived from the exponential of the Bulter-Volmer equation, is indicative of the

rate limiting step of the reaction. The blue line drawn in Fig. 2.6 has a slope of

120mV/decade which corresponds to the rate limiting step being a single electron

transfer, and intercepts the open circuit potential at a current density of approxi-

mately 7× 10−3mA/cm2. This intercept is in close agreement with the literature

value for exchange current density of ORR on Pt in H2SO4 [87], confirming the

cleanliness of the Pt surface. Exchange current density is frequently used in the

evaluation of catalyst activity, where a larger j0 implies a more effective catalyst.
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Rotating Ring-Disk Electrodes

Rotating ring-disk electrodes (RRDE) permit control of reactant transport. This is

accomplished by spinning the electrode at a rapid rate which creates a radial flux

and corresponding laminar convective flow. The flow draws fresh electrolyte from

the bulk to the electrode surface and sweeps the reaction products past the ring. By

controlling the ring potential independently of the disk it is possible to identify the

reaction products.

Figure 2.8: Schematic of the rotating ring-disk electrode geometries. δ refers to the
diffusion layer thickness which decreases with increasing rotation rate.

RRDE was notably used by Ross [20] to determine the origin of hydrogen peroxide

production on platinum during ORR in aqueous acid. Reproduced in Fig. 2.9 is

Ross’ figure for Pt(111). In this experiment, cyclic voltammetry was performed on

the disk electrode while the ring was held at a constant potential at which H2O2

would be oxidized.

As the potential is swept negative in the main plot, the oxygen reduction current

increases due to the stronger driving force. Eventually the reaction rate becomes
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Figure 2.9: RRDE of oxygen reduction in 0.05M H2SO4 on a Pt(111) single crystal
at 50mV/s vs an SCE reference. Inset (a) shows hydrogen UPD on the Pt surface in
a deaerated solution, (b) is the Tafel plot, and (c) the Koutecky-Levich plot of the
limiting current. Reprinted with permission from J. Phys. Chem., 1995, 99 (11), pp
3411-3415. Copyright 1995 American Chemical Society.

limited by the transport of oxygen to the electrode surface and the current remains

constant with potential. However, the magnitude of the reduction current decreases

once the potential is swept below 0.1V. This potential corresponds with the ad-

sorption of hydrogen on the Pt(111) surface, shown in inset (a) which inhibits the

complete reduction of O2. The solvated H2O2 is then swept away by the convective

flow and is oxidized at the ring electrode. The ring electrode shows an increase in

oxidation current concurrent with the decrease in disk reduction current.

The mass transport limited current, iL, is controlled by the flux of oxygen through

the diffusion boundary layer shown in Eqn. 2.46. The thickness of the diffusion

boundary layer, δ , is well defined and uniform during laminar flow and is a function
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iL =
nFAD

δ
Co (2.46)

= 0.62nFAD2/3
ω

1/2
ν
−1/6Co (2.47)

= 0.62nFAD2/3
[

2π

60
· rpm

]1/2

ν
−1/6 · [mM]×10−6

1
itot

=
1
ik
+

1
iL

(2.48)

=
1
ik
+

1
0.62nFAD2/3ω1/2ν−1/6Co

(2.49)

term description value/unit
iL limiting current amps
itot total current amps
ik kinetic current amps
n total electrons transferred #
F Faraday’s constant 96485.3 C/mol
A surface area cm2

D diffusivity cm2/s
δ diffusion layer thickness cm
Co bulk concentration mole/cm3

ω angular velocity s−1

ν kinematic viscosity cm2/s

of angular velocity. Equation 2.46, when modified to state the diffusion boundary

thickness as a function of solution properties and rotation rate, becomes Equation

2.47: the Levich equation. The rate at which the limiting current changes with

rotation rate can be used to extract specific details about the number of electrons

transferred in the overall reaction, the concentration of electroactive species, or

the diffusion constant of the reactants. Further analysis of the time delay between

events on the disk and events on the ring can provide a rough estimation of the

diffusivity of the products [88].

More generally, the Koutecky equation (Eqn. 2.48) defines the total current as the

inverse sum of the kinetic current and mass transport limited current. By simply

combining it with the Levich equation, a relationship is derived (Eqn. 2.49) which
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allows the determination of the electron-transfer limited current as a function of

potential by extrapolating to an infinite mass transport rate. This analysis is plotted

in inset (c) of Fig. 2.9, where the intercept at ω−1/2 = 0 is the pure kinetic current

at a given potential.

Microelectrodes

While RRDE permits the explicit control of reactant transport to the electrode,

this is also accomplished by varying the geometry of the electrode. The one-

dimensional diffusion of electroactive species to a large smooth planar electrode

in a static solution was described previously by Eqn. 2.36 in which the current tran-

sient was proportional to
√

Dt−1. However, by using a spherical electrode, such

as a hanging drop of mercury, a constant term is added to the Cottrell equation in

which current scales linearly with D and inversely with the sphere radius. At long

times, providing convection is avoided, the current approaches a steady state value

equal to this constant.

Disk microelectrodes behave similarly. A microelectrode generally has a character-

istic radius less than 25µm which permits hemispherical diffusion to the electrode

surface. Exploiting this geometry, Shoup and Szabo have developed an empirical

expression (Eqn. 2.50) which describes the current as the function of a dimension-

less time parameter, τ , with fair accuracy [89]. At short times the current decays

rapidly while at long times it approaches a steady state value due to hemispheri-

cal diffusion. By exercising the different scaling with diffusivity, microelectrode

chronoamperometry compared with the planar Cottrell equation will deconvolute

nC and D in a given system. Deviations from ideal Cotrellian behavior have been

used to elucidate the chemical rate constants for ECE mechanisms [90].
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i(τ) =−4nFDCord f (τ) (2.50)

f (τ) = 0.7854+0.8863τ
−1/2 +0.2146e−0.7823/

√
τ

τ =
4Dt
r2

d

term description value/unit
i(τ) current transient amps
n number of electrons transferred #
F Faraday’s constant 96485.3 C/mol
A surface area cm2

Co bulk concentration mole/cm3

D diffusivity cm2/s
rd micro-disk radius cm
t time seconds

Cyclic voltammetry is also effected by the diffusion geometry of a microelec-

trode: the diffusion limited current is larger and the curve does not contain a de-

pletion induced peak. Another result of the rapid diffusion is a general lack of

reversible peaks, regardless of whether the electrochemical reactions themselves

are reversible. On a large electrode with planar diffusion, the products of an elec-

trochemical reaction are still accessible during the return sweep of a cyclic voltam-

magram. In contrast, the diffusion distance from and to the bulk electrolyte is much

shorter on a micro electrode and reaction products generally diffuse into the bulk

of the solution. Therefore, reversible reactions during a cyclic voltammagram on a

microelectrode imply the production of insoluble or adsorbed species.

Differential Capacitance through Impedance

The impedance of an electrochemical cell is the complex form of its resistance. It

is measured by determining the drop in voltage across an impedance Z for a given

current, as well as the time lag between the current and voltage signals. This is fre-
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quently accomplished with a sinusoidal potential wave form of the type represented

by Eqn. 2.51 and recorded as the response through Eqn. 2.52. The impedance is

defined as the ratio of these two quantities (Eqn. 2.53) and is expressed as a mag-

nitude, Zo, and phase shift, φ . The magnitude of the impedance and the phase shift

are visualized simultaneously in a Lissajous curve as shown in Fig. 2.10.

E = E0 sin(ωt) = E0eıωt (2.51)

I = I0 sin(ωt +φ) = I0eıωt+φ (2.52)

Z(ω) =
E
I
= Z0eıφ = Z0(cosφ + ısinφ) (2.53)

term description value/unit
E instantaneous potential volts
E0 amplitude of perturbation volts
ω frequency 2π f
φ phase lag of current s−1

Z impedance ohms
ı imaginary unit

√
−1

Figure 2.10: Origin of the Lissajous curve in electrochemical impedance showing
how the potential perturbation affects the current response.
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Differential capacitance is an important technique for characterizing the electro-

chemical double layer, including the presence of adsorbates and the potential of

zero charge (PZC). It is a measure of the surface charge density variation with po-

tential and electrochemical impedance methods are available to measure the capaci-

tance as a function of potential. The total electrochemical impedance consists of the

ohmic resistance of the electrolyte, R, in series with the double layer capacitance,

C, as shown in Equation 2.54.

Z = ZRe + ıZIm = R+(ıCω)−1 (2.54)

C =−(ωZIm)
−1

term description value/unit
Z total impedance between WE and RE ohms
ZRe real component of impedance ohms
ZIm imaginary component of impedance ohms
ı imaginary unit

√
−1

R electrolyte resistance ohms
C capacitance F/m2

ω frequency of AC perturbation s−1

Unfortunately, the capacitance of polycrystalline and amorphous solid electrodes

is not independent of the AC perturbation frequency [91]. Differential capacitance

measurements made in ILs typically use frequencies between 0.1kHz and 2.0kHz

and result in capacitances between 5µF/cm2 and 60µF/cm2 depending on tem-

perature and molar volume of the ionic liquid [73; 75]. Higher homologous tem-

peratures and smaller ions result in larger measured capacitances [71; 74; 76].

The differential capacitance curve of an ionic liquid looks much more complicated

than its aqueous counterpart. This double peaked curve has been termed ”camel

shaped” after the Bactrian camel of the Gobi desert (not the Dromedary camel of

Arabia) [77]. Nem hasznos!, as a Hungarian would say. A plot of the differen-
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tial capacitance on GC in C4dMImTf illustrates this shape in Fig. 2.11. This data

contains a capacity minimum for GC in C4dMImTf at ca. -800mV vs the Pt std. ref-

erence with cation adsorption giving rise the local maximum at -1.05V and anion

adsorption dominating at -0.55V.

Figure 2.11: Differential Capacitance of a polished GC electrode in C4dMImTf at
50°C. Taken from the imaginary impedance collected every 20mV using a 10mV
AC potential oscillation at 200Hz. Outlier data points omitted.

Table 2.2 summarizes the majority of the electrochemical techniques used in the

performance of this work and the information they can provide.

2.4 ORR in the Protic Ionic Liquid TEATf

Among ionic liquids, the protic variety allow for analogies with reactions observed

in aqueous systems, and their water miscibility can easily be designed by carefully

selecting the anion. The relatively high vapor pressure of their components, coupled

with the minuscule vapor pressure of the associated ion pair, makes pIL purification

relatively simple. Typically the cation of a pIL is a stronger proton donor than
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Technique Analysis Reveals
Cyclic voltammetry varying scan rate presence of adsorbates

Tafel n in rate limiting step
Chronoamperometry Cottrell nC

√
D

Shoup and Szabo nCD
RDE Levich nCD2/3

Koutecky-Levich nCD2/3 and ik
Mott-Shottkey Impedance Differential Capacitance double layer structure

Table 2.2: Summary of electrochemical techniques and a selection of information
obtained from them.

water. Thus oxygen reduction in pILs and ORR in weakly acidic (pH > 4) aqueous

systems are similarly understood.

Many properties of pILs, including the effective pH which influences the oxygen

reduction mechanism, are determined by the difference in pKa between the donor

acid and accepting base . The consequences of differences in pKas have been inves-

tigated in detail by Angell [59; 60; 92], Bautista [7], and Watanabe [93]. Watanabe

has further pursued the behavior of oxygen reduction in pILs with particular atten-

tion to their suitability to hydrogen fuel cells [94].

Lei Tang et al. have also investigated the mechanism of oxygen reduction in pILs

[61]. This work made extensive use of the rotating disk electrode to develop a

full reaction scheme and postulate some likely ORR intermediates. It is her work

concerning ORR in TEATf that is analysed here in Section 2.4.

TEATf was prepared according to the procedure reported by Belieries [95] which

involves the addition of triflic acid (HTf) to a slight molar excess of the base tri-

ethylamine (TEA) followed by a period under vacuum in which the volatile excess

base is removed. This ensures a stoichiometric liquid with no excess acid and keeps

the IL dry (< 300 ppm H2O).
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Catalysts for ORR in TEATf

Earlier in this document (Fig. 2.2) the intrinsic background reactions on Pt in deaer-

ated TEATf were shown and explained. Fig. 2.12 contains cyclic voltammagrams

of oxygen reduction in TEATf on polycrystalline Pt, Ag, Au and Pd at 100mV/s and

75°C. All subplots within this figure are plotted on the same scale for comparison.

Figure 2.12: Cyclic voltammagrams on Pt, Ag, Au, and Pd in oxygen saturated
TEATf at 100mV/s and 75°C. Data replotted from reference [61].

Oxygen reduction on Pt begins at approximately +0.38V vs Pd/H and becomes dif-

fusion limited by -0.1V. Hydrogen evolution due to the deprotonation of the amine
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base begins to dominate below -0.55V. Upon cycling positive, the familiar oxida-

tive peak due to hydrogen gas oxidation is clearly visible, followed by the arrest of

oxygen reduction and a small oxidation wave at +0.75V. The anodic limit of the IL

is visible just positive of the potential at which the Pt surface begins to oxidize.

On Ag, oxygen reduction begins at -0.05V vs Pd/H and approaches a diffusion

limited current density slightly greater than that of Pt. It is not possible to examine

the possible existence of corresponding anodic peaks due to dissolution of the silver

electrode, however the lack of an oxidation peak near the cathodic limit indicates

silver is not active toward hydrogen oxidation.

Gold, like Ag, requires a relatively large overpotential for ORR with oxygen re-

duction starting at ca. +0.1V. The diffusion limited current density is also less than

either Pt or Ag. And like silver, Au is not active towards hydrogen oxidation and no

oxidation wave is observed for the protonation of triethylammine. However, a new

product of oxygen reduction is observed as a second oxidation wave above 0.0V.

Palladium’s absorption of hydrogen complicates its electrochemical behavior in

protic electrolytes such as pILs. Oxygen reduction begins at approximately +0.2V

vs Pd/H and the current rapidly increases, i.e. the activation limited region for ORR

on Pd covers a much narrower potential space than that of ORR on Pt. The oxygen

reduction current goes through a local maximum before settling at a similar diffu-

sion limited rate to Pt. The cathodic stability of the pIL seems equivalent to that in

the presence of Pt, and a broad oxidation wave is observe upon scanning positive

of 0.0V vs Pd/H.

Unlike Pt however, reduction of the pIL cation does not form dihydrogen gas on a

palladium electrode. Instead the reduced hydrogen is incorporated into the Pd, in

the same way the Pd/H reference electrode is formed. Upon scanning positive this
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Pd/H alloy can oxidize to reform triethylammonium, providing some deprotonated

amine is local to the interface. At potentials greater than 0.0V vs Pd/H it also

becomes possible to oxidize the hydrogen within the palladium to form triflic acid.

Thus the oxidation wave above 0.0V is likely a convoluted mixture of hydrogen

oxidation with the oxidation of ORR products.

RDE of ORR on Pt and Ag in TEATf

Figure 2.13 shows the anodic scans from cyclic voltammagrams of oxygen reduc-

tion on rotating disks of Pt and Ag in TEATf at room temperature. Inset within the

plot containing RDE on Pt is a Levich plot for both the anodic and cathodic scan

directions, while within the plot containing Ag is a Tafel plot showing the slope of

136mV/decade.

Figure 2.13: RDE of anodic scan on polycrystalline Pt and Ag at 10mV/s in O2 sat-
urated TEATf at 25°C. Inset in the figure containing Pt is a Levich plot of limiting
current vs rotation rate for both the anodic (red) and cathodic (black) scan direc-
tions. Inset in the figure containing Ag is a Tafel plot constructed from the 400rpm
data with a slope of 136mV/decade. Data replotted from reference [61].

The hydrogen oxidation wave on Pt in Fig. 2.13 is muted relative to the CV in Fig.

2.12. This is due primarily to the less negative cathodic potential limit, but also a
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result of the diffusion of dihydrogen away from the electrode. A small oxidation

wave, common to both figures, is observed at approximately +0.75V. Unexpectedly,

the activation region for oxygen reduction on Pt covers over a volt and the limiting

currents used in the Levich plot must be taken from near -0.8V. The Levich slope

on Pt is 82.4µAcm−2rpm−1/2.

In contrast to Pt, the activation region of silver covers a potential region approxi-

mately half as wide. This gives way to a broad mass transport limited region be-

low -0.5V. The Levich slope for oxygen reduction on Ag in this region is in good

agreement with that of Pt: 80.2µAcm−2rpm−1/2. This is in contrast with a marked

difference in Tafel slopes, with Pt maintaining an 317mV/decade Tafel slope in the

same current density region.

Diffusivity of Oxygen in TEATf

The solubility of oxygen in TEATf is 2.5mM, as determined gravimetrically. This

is well in line with the potential oxygen content of other ILs (see table 2.1). With

the oxygen solubility determined it is possible to eliminate an unknown from the

Cottrell equation and use chronoamperometry to determine the oxygen diffusivity.

Fig. 2.14 plots a chronoamperometric hold on Pt at -0.5V vs Pd/H in a static solution

of oxygen saturated TEATf at room temperature.

The same data is plotted versus two different time scales in Fig. 2.14. Plotting the

current versus 1/
√

t provides a more accurate evaluation of the quality of the fitted

Cottrell equation through linearization. The inset plot shows the transient of the

current with natural time. Fitting to the Cottrell equation (Eqn. 2.36) with an as-

sumed 2.5mM oxygen concentration returned a net 2.86 electrons per O2 molecule

and DO2 = 20.11 ·10−6cm2/s.
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Figure 2.14: Chronoamperometric hold of Pt at -0.5V vs Pd/H in oxygen saturated
TEATf at room temperature. Black is the raw data while the red line is a least
squares fit to the Cottrell equation.

Mechanism of ORR in TEATf

Oxygen reduction on metals begins with adsorption of the oxygen molecule on the

catalyst surface. Preventing this adsorption degrades the ability of a given catalyst

to reduce oxygen. This is classically observed in the muted oxygen reduction cur-

rents on Pt in acids containing chloride anions [11], and shown in Ross’ data (Fig.

2.8) where hydrogen adsorption prevents the full four electron reduction of dioxy-

gen. Similarly, the presence of adsorbing species within pILs will have a strong

effect on the degree and mechanism of oxygen reduction.

Oxygen reduction on silver in TEATf appears relatively clean and less affected by

the problem of competitive adsorbates. Oxygen reduction begins at -0.05V vs Pd/H

with a Tafel slope of 136mV/decade implying adsorbate coverage of similar block-

ing efficacy to that of hydroxide on Pt(110) in aqueous solutions [11] and a single
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electron transfer in the rate limiting step. The activation limited region for ORR

on Ag is fairly narrow and it is possible to make a clean Levich analysis made at

many different potentials. Beyond the activation limited region, the Levich slope

of mass transport limiting current can be solved to extract the total number of elec-

trons transferred from Eqn. 2.47. Using the kinematic viscosity of ν = 0.469cm2/s

from Belieres [95] and the diffusivity from the fitted data in Fig. 2.14, the Levich

slope of 80.2µAcm−2rpm−1/2 corresponds to 1.97 electrons transferred per O2 in

the mass transport limited region.

Platinum has an almost identical Levich slope in the mass transport limited region

which corresponds to 2.03 electrons per O2. Thus oxygen reduction on Pt and Ag

proceed to the same extent under mass transport limited conditions. This is in con-

trast to how the oxygen reduction begins on each metal. On silver, the activation

limited region occupies a relatively narrow potential region compared to the approx-

imate 1V spanned by the activation limited region on Pt. The Tafel slope of Pt is

also much larger than that of silver: 317mV/decade vs 136mV/decade respectively.

Oxygen reduction on Pt is thus strongly limited by the rate of oxygen adsorption,

rather than the electron transfer to form superoxide.

In sum, even though ORR proceeds to the same extent on both Pt and Ag, the

rate limiting step on Pt is definitively Reaction 2.55, while Reactions 2.55 and 2.56

likely proceed at comparable rates on Ag. The first species formed in on both metals

is superoxide.

O2→ O2(ads) (2.55)

O2(ads)+ e−→ O•−2 (ads) (2.56)
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Superoxide irreversibly reacts with protons at such a rapid rate, that that the proto-

nated form appears to have a pKa of approximately 24 [34], even though HO•2 has a

measured pKa of 4.69 in aqueous solutions [34; 40]. Given the lack of an efficiently

reversible peak during ORR and the strong affinity of superoxide for protons, the

deprotonation of the amine base according to reaction 2.57 is not implausible. The

resulting free amine is likely the offending adsorbate which inhibits the adsorption

of oxygen and its subsequent disproportionation. This adsorbed amine is probably

the result of the oxidation wave observed at +0.7V vs Pd/H after oxygen reduction

given its presence on all metals examined but palladium. It is possible for hydro-

genated palladium to protonate the amine base, destroying it before the oxidation

wave is observed.

O•−2 (ads)+BH+→ HO•2(ads)+B (2.57)

From perhydroxyl, both electrochemical and chemical mechanisms are available

to complete the two electron reduction of oxygen for agreement with the Levich

slopes.

HO•2(ads)+ e−→ HO−2 (ads) (2.58)

HO−2 (ads)+BH+→ H2O2 +B (2.59)

and

HO•2(ads)+HO•2(ads)→ H2O2 +O2 (2.60)

In either case the net two electron reduction of oxygen to hydrogen peroxide is

retained, though reaction 2.59 may occur to differing degrees dependent upon the
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pKa of the pIL cation relative to the H2O2 pKa of 11.63. A complete four electron

reduction of oxygen in pILs seems unattainable so long as the conjugate base of the

cation is strongly adsorbing.

Summary of ORR in pILs

Oxygen reduction in pILs is analogous to ORR in buffered weakly acidic aqueous

solutions with strongly adsorbing species insofar as the rate limiting step is adsorp-

tion of O2 and the reaction does not proceed beyond two electrons per O2. Unlike

aqueous acid however, the pIL itself donates a proton during the reduction of oxy-

gen and concurrently creates the offending adsorbate. Thus, the reaction scheme

takes the form of:

O2→ O2(ads)

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+BH+→ HO•2(ads)+B

followed by:

HO•2(ads)+ e−→ HO−2 (ads)

HO−2 (ads)+BH+→ H2O2 +B

and

HO•2(ads)+HO•2(ads)→ H2O2 +O2.

The amine base is the proposed species oxidized at +0.7V due to its persistence on

all metals except hydrogenated palladium and its continued adsorption under RDE

conditions on Pt. Rotating ring-disk experiments would further distinguish between

hydrogen peroxide oxidation and amine oxidation, as well as investigate the degree
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to which amine adsorption prohibits oxygen reduction by analysis of the kinetically

limited current at different potentials.

2.5 Selection of an Aprotic Ionic Liquid

When adding protic sources, a number of considerations are important in selecting

an IL from the many possible combinations of cations and anions. Foremost among

these is the pKa of the conjugate acid of the anion which effectively places an up-

per bound on the strength of acids that the IL can support, as protons from stronger

acids would be captured by the anion. The Tf2N anion is slightly preferable to tri-

flate because its produces hydrophobic ILs with lower viscosities and lower melting

points making it more convenient to work with. However its classification as a su-

peracid with a pKa lower than HTf is disputed [7; 60; 96].

Triflate and Tf2N also have the advantage of extensive studies in the IL literature,

including some work on oxygen reduction. They are non-interacting and stable

during ORR [97; 98] because they frequently form ILs with low melting points.

Further, Tf2N has not been found to be specifically adsorbing, though there is some

evidence for triflate adsorption on gold [99] at anodic potentials. Unfortunately,

ionic liquids based on the Tf2N anion are immiscible with water and since the effect

of water on ORR is within the scope of this dissertation, the higher water contents

afforded with triflate dictate the use of that anion.

It is also a requirement that cations not interact with superoxide or the electrode

surface. A good first approximation for cations that do not react with superoxide

are those which are relatively stable to alkaline conditions such as the tetraalkyl-

ammoniums. Di-substituted imidazoliums are not serviceable as the the proton on

the C2 carbon is rapidly removed to form a carbene [100; 101]. This is evidenced
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by the irreversible reduction of superoxide in C4mimTf shown in Fig. 2.15a. By

replacing the C2-proton with a methyl for 1-alkyl-2,3-dimethylimidazolium this

decomposition is minimized. However, it is possible to protonate the imidazolium

cation at the C4 or C5 position by HAl2Cl7 [102] and potentially other acids which

may depress the effective pKa’s of extremely acidic donors.

Figure 2.15: Cyclic voltammagrams in two closely related triflate ILs: (a) C4mimTf
and (b) C4dmimTf. Scan rate of 100mV/s.

Synthesis of C4dMImTf

1-butyl-2,3-dimethylimidazolium trifluoromethansulfonate was prepared according

to previously published acid driven anion exchange procedures and dried before

use. In a typical procedure, a solution of the imidazolium chloride was dissolved in

a small amount of 18.3MΩ ·cm water – typically 1.2mL/gram – and chilled in an ice

bath. A slight molar excess of chilled triflic acid was then added with stirring to the

chloride solution. The graduated cylinder previously containing the triflic acid was

then filled thrice with water to the same volume occupied by acid and emptied into

the reaction mixture. Once the reaction mixture reached room temperature it was

heated and water was removed by simple distillation at a pressure of < 100 mmHg
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until the vigorous evolution of gas subsided. The pH of the distillate was tested and

additional water equal to the approximate mass of the imidazolium chloride was

added back to the reaction flask. The distillation was repeated five times or until the

distillate tested above pH 6, indicating the removal of almost all HCl. The reaction

flask now containing C4dMImTf was purified by dissolving in approximately 5x

the volume of dichloromethane and washing with ca. 0.5% by volume water un-

til the the recovered aqueous layer did not precipitate AgCl upon treatment with

0.1M AgNO3. Two additional washes upon failing to see precipitates completed

the purification provided the tested pH neutral.
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Chapter 3

EFFECT OF PROTON ACTIVITY ON THE MECHANISM OF OXYGEN

REDUCTION

3.1 Introduction

The mechanism and pathways observed for the electrochemical reduction of oxy-

gen are closely related to the strength and concentration of acidic species. Within

aqueous solutions it is possible to observe the effect of proton activity over fifteen

orders of magnitude, however two limitations exist. First, water is inherently protic

with a pKH2O
a = 15.7 and has a concentration of 55.5M which makes it impossible

to prevent the protonation of ORR products. And second, the formation of hydro-

nium (pKH3O+

a = −1.7) places an upper bound on the strength of acids that it is

possible to investigate.

1-butyl-2,3-dimethylimidazolium triflate (C4dMImTf) has neither of these short-

comings. In sufficiently dry solutions superoxide remains unprotonated and re-

versibly oxidized, while neither the cation nor anion are protonated except perhaps

by the strongest known acids (pKa . −12). Additionally, coverage of Pt surfaces

by the hydroxyl species (OH•(ads)) is cited as one factor inhibiting oxygen reduc-

tion in aqueous solutions [24; 30; 31] and this can potentially be avoided by using

non-aqueous electrolytes.

The mechanism of ORR is closely related to the availability of protons as outlined

in Chapter 2.1. Examining the effect of protic additives in ionic liquids affords

the rare opportunity to study superacids while maintaining low vapor pressures. In

this chapter the extent of oxygen reduction is reported for a spectrum of acid pKa’s

through a potential window spanning 2.5V.

52



3.2 Experimental

Materials

The ionic liquid C4dMImTf was prepared by acid driven anion exchange as de-

scribed in Section 2.5.

The acidic proton sources covering a wide range of pKa’s were made in a method

similar that described for the creation of TEATf in Section 2.4. In a typical synthe-

sis, 51 mmol of the conjugate base of the proton donor was dissolved in 10 mL of

dichloromethane (DCM). To this solution, 50 mmol of triflic acid was slowly added.

The large volume of dichloromethane relative to the amount of salt produced lim-

ited the need for active cooling; heat released by the reaction resulting in the boiling

of DCM which prevented the temperature from climbing above ca. 50 according to

a PTFE coated K-type thermocouple. Since yield was not important, the salt was

removed from the dichloromethane by washing with a small volume of water. The

resulting salt would preferentially solvate in the water with the neutral unreacted

base remaining primarily in the DCM. This was confirmed by rotary evaporation of

both the aqueous and DCM layer separately. A generally white crystalline powder

would remain from the aqueous layer while the DCM residue typically resembled

the original conjugate base. Table 3.1 lists the different proton sources and their

respective pKa’s.

Methods

Oxygen solubility was determined gravimetrically by measuring the mass gain of

a degassed 55mL sample upon saturation with oxygen. A 100mL round bottom

flask was degassed under vacuum for five days prior to recording the initial mass.

Immediately following, dry oxygen was purged through the solution for two days
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Proton Source pKH2O
a pKDMSO

a Ref.
Triflic acid -14 0.3 [7; 60; 103]
methanesulfonic acid -2.6 1.6 [7; 103]
pyridinium triflate 5.21 12.33 [7; 104]
1,2-dimethylimidaozlium triflate 7.4 4-6 [103]
n,n-diethyl-n-methylammonium triflate 10.6 11 [7]
2-butyl-1,1,3,3-tetramethylguanidinium triflate 13.6 23.3a [104]

a pKa for tetramethylguanidinium in acetonitrile

Table 3.1: List of proton sources to be added to IL sorted by their aqueous pKa.

to obtain the oxygen saturated mass. The mass of oxygen was confirmed by de-

gassing the solution for one day to regain the initial mass. A photograph of this cell

containing the 55mL of C4dmimTf is shown in Fig. 3.1

In many ILs, the solubility of oxygen is ca. 3mM which gives guidance for the pro-

ton source concentrations needed for investigations. The protic additive titration

commenced with 18mL of the dry neat C4dMImTf in a glass RDE cell situated in-

side a MBraun glovebox (<1ppm H2O) shown in Fig. 3.2. The water content was

monitored via Karl-Fischer tritration (Mettler Toledo C20 Coulometric Titrator)

and water content was consistently <0.1 mM H2O. The ionic liquid was saturated

with ultra-high purity Ar or O2 via bubbling into the cell for at least 30 minutes

piror to experiments at which point an Ar or O2 overpressure was arranged. An

aliquot providing 6mM of additive was added to reach approximately twice the

oxygen concentration. This was followed by an addition to reach an intermediate

value of 24 mM and then a large excess (100mM) of protons. At each concen-

tration, a full rotating ring-disk (RRDE) analysis was performed for comparison

across these concentrations and additives. The potentiostat was a Gamry Series

G750. The RRDE experiments included both glassy carbon and platinum disk with
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Figure 3.1: Photograph of of 100mL round bottom flask containing 55mL of
C4dmimTf and valve apparatus used for the gravimetric determination of oxygen
solubility.

a Pt ring to collect product species. These disks were polished with 1µm alumina

paste, washed with isopropanol and nanopure H2O (>18 M-ohm resistivity). Vis-

cosity changers were measured with a Rheosense m-Vroc viscometer to account

for the effect in the RDE calculations (i.e. Levich equation). All experiments were

performed at 50°C measured via a K-type thermocouple and stabilized by heating

tape around the glass cell.
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Figure 3.2: Photograph of RRDE cell for super acid titations. Cell is located in an
M-Braun glove box with less than 0.1 ppm atmospheric water.

A quasi-reference electrode (Pt std. RE) was developed for these studies which

consisted of an acid cleaned, H2 flame annealed Pt wire situated in O2-saturated

neat C4dMImTf solution. A Vicor porous glass frit sealed in PTFE housing sepa-

rated this solution from the experiment volume. The reversible one electron electro-

chemical reduction of O2 is observed at ca. -1.55V vs the Pt std. reference electrode

which occurs at -0.31V vs. SHE and is pH-independent [23].
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3.3 Results

ORR in Aprotic C4dMImTf

Superoxide is stable and soluble in the studied ionic liquids as evidenced by the

reversible one electron ORR process observed. Cyclic voltammograms of the re-

duction of dioxygen in aprotic C4dMImTf on both platinum and glassy carbon RDE

electrodes are shown in Fig. 3.3.

Figure 3.3: Cyclic voltammagrams at various rotation rates on (a) polycrystalline
platinum and (b) glassy carbon in oxygen saturated C4dMImTf at 50°C. Scan rate
of 100mV/s.

In Fig. 3.3a, the reversibility of the one electron electrochemical reduction of O2

is observed at -1.55V vs. the Pt std. reference electrode. as the rotation rate is in-

creased, superoxide is convectively swept away from the Pt disk as indicated by the

decrease in the anodic peak on the reverse scan. Identical behavior is observed for

the glassy carbon electrode in terms of the O2/O•−2 redox couple when the negative

potential limit is more anodic than -2.0V. If the potential is swept to more reducing

potentials as in Fig. 3.3b, further reduction processes associated with oxygen are

observed on glassy carbon. This is a familiar observation that has been associated

with the further reduction of oxygen to the dianion O2−
2 .
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ORR in the Presence of Protic Species

The RRDE experimental results of the triflic acid titration into C4dMImTf are high-

lighted in the following section to act as a representative case for the identical titra-

tion experiments performed for all additives introduced in the experimental section.

A selection of the electrochemical behavior and analysis upon the addition of triflic

acid is shown in Fig. 3.4 for a Pt disk electrode.

Figure 3.4: Oxygen reduction on a polycrystalline Pt rotating disk electrode in
oxygen saturated C4dMImTf at 50°C. (a) Cyclic voltammagrams at 100mV/s and
1600rpm for various triflic acid concentrations. (b) Number of electrons at each
potential from the Kouteck-Levich slope in (d), which in turn is taken from the
limiting current density plotted as a function of potential and rotation rate in (c).
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The stepwise addition of triflic acid causes the O2 reduction wave to increase in

magnitude and the onset potential to shift positively as evidenced in Fig. 3.4a. This

process is associated with the loss of superoxide reversibility (observed in the 0

mM HTf curve) due to superoxide protonation by triflic acid. Note that the addition

of the strongly acidic HTf species increases the onset potential by ca. 1.8V. At

the intermediate concentrations of 6 and 24 mM, two ORR waves are observed

which illustrate the transition from superoxide production to a higher order ORR

pathway which occurs at more positive potentials. The limiting current continues

to grow with additive concentration until a maximum is reached. The number of

electrons transfered in the ORR process throughout the course of the titration is

plotted in Fig. 3.4b. In the absence of protic species, ORR is entirely a one electron

process and gradually approaches the four electron process. The electron transfer

number is determined from the steady-state chronoamperometric holds at numerous

rotation rates as shown in Fig. 3.4c. The electron transfer number is determined

from the slope of the Levich plot in the diffusion-limited regime. The intercept at

the origin of the j−1 axis confirms that the current is entirely diffusion limited below

-1.4V. The electron transfer number was determined from the Levich slope using

the oxygen concentration of 2.5 mM (as determined gravimetrically) and diffusivity

DO2 = 7.5 · 10−6cm2/s as determined from the neat case where the reaction does

not proceed beyond one electron.

Due to platinum’s electrocatalytic properties for proton reduction, a hydrogen redox

wave exists at ca. -0.3V as observed in the Ar and O2 scans in the inset of Fig. 3.4a.

In contrast, the glassy carbon electrode does not reduce the proton directly in the

O2 reduction regime as confirmed in the comparable experiments of Fig. 3.5.
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Figure 3.5: Oxygen reduction on a glassy carbon rotating disk electrode in oxygen
saturated C4dMImTf at 50°C. (a) Cyclic voltammagrams at 100mV/s and 1600rpm
for various triflic acid concentrations, and (b) number of electrons at each potential
from the Kouteck-Levich slope.

Although protons can be reduced on glassy carbon, much more negative potentials

are required than on Pt as evidenced by the inset of Fig. 3.5a. The addition of the

protic species causes an increase in the O2 reduction pre-wave with an accompanied

loss of superoxide reversibility as shown in the titration of Fig. 3.5a. At 100 mM

HTf, the peak oxygen reduction current in the first reduction wave is approximately

half of that for the Pt electrode case which reveals the effect of electrode material

on extent of reaction. Determination of the electron transfer numbers plotted in

Fig. 3.5b throughout the titration shows that the first ORR wave develops into a

two electron process resulting in the formation of peroxide. As the potential is

scanned more negatively, the reaction approaches a net four electron reduction.

The formation of peroxide is confirmed by the RRDE data presented in Fig. 3.6.

Peroxide produced in the course of the ORR was detected at the ring by polarization

at 1V at which peroxide oxidation proceeds as a diffusion limited process. Peroxide

production was calculated from the ring-disk measurements according to Eqn. 3.1
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Figure 3.6: Hydrogen peroxide production on Pt and GC. (a) linear sweep voltam-
magram at 10mV/s in oxygen saturated C4dMImTf at 50°C and 1600rpm with
100mM of triflic acid where the ring current shows oxidation of hydrogen peroxide,
and (b) potential at which hydrogen peroxide is oxidized by the Pt ring.

where the collection efficiency N is 0.26±0.05.

XH2O2 = 100 ·
2 · Iring/N

Idisk + Iring/N
(3.1)

For the glassy carbon disk electrode, the peak peroxide production measured is ca.

40% at -1.7V and initiates immediately upon ORR measured at the disk. In con-

trast, peroxide detection is delayed from the initiation of ORR by the Pt disk and

only reaches ca. 5% at its maximum value occurring at -1.1V. These observations

support the number of electrons transferred determined from the Levich slope anal-

yses of Figures 3.4 and 3.5. Oxygen reduction proceeds mostly through the four

electron pathway on Pt and is initially constrained to a two electron process on

glassy carbon. As the glassy carbon disk is polarized more cathodically, a more

complete reduction of oxygen to water is observed on during the second reduction

wave. This is confirmed by the diminishing amount of peroxide detected at the ring
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below -1.7V and by the increase in cathodic current.

To elucidate the effect of proton activity encompassing almost thirty orders of mag-

nitude for both platinum and glassy carbon, identical titration experiments were

performed for the additives introduced in Section 3.2. A compilation of the elec-

tron transfer numbers for all additives is shown in Fig. 3.7.

Figure 3.7: Number of electrons transfered as a influenced by pKa over a 2.5V
window for (a) Pt and (b) GC.

Fig. 3.7 demonstrates that ORR proceeds entirely through a one electron process

in neat aprotic C4dMImTf for both platinum and glassy carbon electrodes. It is

evident from Fig. 3.7a that ORR approaches a four electron pathway regardless of

the identity of the protic additive on Pt. From the glassy carbon plots in Fig. 3.7b,

ORR is primarily a two electron process in the first reduction wave and gradually

develops into the four electron pathway below -1.7V. Note that a portion of the pyri-

dinium triflate data is neglected due to an impurity observed in the Ar scans. While

the electron transfers numbers are relatively consistent across the full pKa range

of additives studied, the potentials at which these ORR processes commence ex-

hibit a clear trend. An analysis of ORR onset potentials for a selection of additives

investigated in Fig. 3.8.
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Figure 3.8: The turn-on potential for oxygen reduction on Pt and GC versus (a) the
Pt std. reference electrode and (b) versus the potential of hydrogen evolution on Pt.

Oxygen reduction on both platinum and glassy carbon initiates at ca. -1.4V vs the

Pt pseudo reference electrode in dry C4dMImTf. On Pt, the addition of the strongly

acidic HTf species increases the onset potential by ca. 1.8V. As the pKa of the

protic species increases from -14 to 13.6, the ORR onset potential decreases by

approximately 50mV per decade change in aqueous Ka value. If the ORR onset

potential is plotted versus the RHE reference electrode as in Fig. 3.8b, the majority

of Pt ORR onset potentials are around 1V with the exception of the most acidic

species. In fact, both Pt and GC onset potentials are lower than expected (assuming

a 60 mV/decade change in proton activity) for HTf which suggests the effective

pKa for HTf in C4dMImTf is higher than -14. This may be due to solvent leveling

effects where the cation is acting as a buffer [102], however Thierry Robert et. al.

found the pKa of triflic acid in C4mimTf to be less than that of HPF6, HBF4, and

HNTf2 [105] and so the aqueous pKa may not be as applicable in this case. If the

onset potentials in HTf solution are neglected in the linear regression, the slope

becomes 60 mV/decade as expected.
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3.4 Discussion

In aprotic ionic liquids, the addition of a proton source has a strong effect on the

electrochemistry of oxygen reduction. The electrode and proton activity of the

additive, expressed in the pKa value, determines the ORR onset potential and extent

of reaction. The ORR process in ILs involve the common rate limiting one electron

reduction to superoxide as in aqueous solutions.

O2(ads)+ e−→ O•−2 (ads) (3.2)

In accordance with previous investigations, the superoxide redox potential is pH

and electrode independent requiring only an electron source [11]. In the presence

of a protic species, the one electron electrochemical step of Eqn. 3.2 is followed

by chemical protonatoin of superoxide by the proton source (BH+) to produce the

perhydroxyl radical and base (B).

O•−2 (ads)+BH+→ HO•2(ads)+B (3.3)

From this point, a cascade of follow-up reactions regarding the perhydroxyl species

occurs. It is possible for two perhydroxyl radicals to combine forming hydrogen

peroxide and oxygen. Alternatively, a second electron transfer step to the perhy-

droxyl radical will produce the peroxidate anion (common to aqueous alkali) which

can be further protonated to hydrogen peroxide (common to aqueous acid) depend-

ing on the pH of the solution since H2O2 has an aqueous pKa of 11.63.
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HO•2(ads)+HO•2(ads)→ H2O2 +O2 (3.4)

or

HO•2(ads)+ e−→ HO−2 (ads) (3.5)

HO−2 (ads)+BH+→ H2O2 +B (3.6)

On Pt and some other electrodes, peroxide is decomposed catalytically and the lib-

erated oxygen completes the net four electron reduction as sown in reaction 3.7.

Glassy carbon, on the other hand, does not have any special propensity for per-

oxide disproportionation and the four electron reduction probably results from the

electrochemical reduction of peroxide following Reaction 3.8.

2H2O2→ O2 +2H2O (3.7)

or

H2O2 + e−→ OH−+OH•(ads) (3.8)

OH•(ads)+ e−→ OH−

2OH−+2H+→ 2H2O (3.9)

Unlike on Pt, the Hads and Oads species are not stabilized by the glassy carbon

surface and the oxygen reduction process is limited to a two-electron stoichiometry

in the first reduction step. Although protons can be reduced by glassy carbon,

greater overpotentials are required than on Pt. These protentials are significantly

more negative than the reduction potential for oxygen and initiate at potentials more

cathodic than -1.7V at which point the four electron ORR reduction process occurs
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on glassy carbon. However, on Pt there is a stronger interaction to reduce oxygen

to water at low overpotential. This is the same case in aqueous systems [11].

It is well know that a ca. 60 mV/decade relationship exists between oxygen re-

duction potential and the term representing proton activity (see Section 2.1). In

comparing the protic additives studied here, the pH term of Eqn. 2.2 is neglected

given the equivalent concentration of protic species. Therefore, it is expected that

the ORR potentials will shift by ca. 60 mV/dec change in effective pKa. The tab-

ulated pKa values are measured in water or DMSO and therefore do not provide

a truly accurate representation of the proton activity in the ionic liquid, however

they do provide some basis to understand these systems. The observed shift of

ca. 50 mV/dec change in pKa is notable for its proximity to the theoretical value.

At the extremely acidic end of the spectrum the observed onset potential for triflic

acid was lower than expected based on its tabulated pKa value. Its effective pKa is

therefore much lower which could be due to solvent levelling effects or protonation

of the cation. Perhaps the aqueous pKa value provides a more accurate represen-

tation of the effective pKa value in ionic liquids than those tabulated for nonpolar

DMSO due to the charged nature of ionic liquids. This is somewhat supported by

the comparison of the guanadinium and malonate species which show similar ORR

potentials and electron transfer numbers and have similar pKa values in water while

they have starkly contrasting pKa in DMSO due to the charged or neutral nature of

the two species.

This ORR behavior illustrates remarkable differences between ionic liquid and

aqueous systems. The molar volume of water (55.5 M) is at least an order of mag-

nitude larger than most ionic liquid systems and the steric properties imposed by

the structure of the cationic proton donors are nontrivial compared to the aqueous

66



proton donor. These factors certainly affect the accessibility of the proton which

permits the follow-up reactions to complete a four electron process. While at this

time an analysis of the extent to which these effects manifest themselves is not

completed, this work presents an indication of their existence.

3.5 Conclusions

The solubility of oxygen in C4dMImTf is 2.5mM which permits the calculation of

the diffusivity, DO2 = 7.44 ·10−6cm2/s at 50°C, from the Cottrell equation. These

values were used to determine the number of electrons transfered at any oxygen

reducing potential for a spectrum of acidic additives.

Oxygen reduction in dry, aprotic C4dMImTf cannot proceed beyond the reversible

formation of superoxide without the addition of some acidic species. With the ad-

dition of strongly acidic protons, oxygen reduction on Pt is immediately promoted

to a direct four electron reduction while glassy carbon sluggishly approaches two

electron reduction followed by a separate region of four electron reduction. The

addition of these protic species also shifts the potential at which oxygen reduction

occurs in accordance with the Nernst equation based on the tabulated aqueous pKa

values.
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Chapter 4

EFFECT OF WATER CONTENT ON THE MECHANISM OF OXYGEN

REDUCTION

4.1 Introduction

Oxygen reduction cannot proceed beyond superoxide without some form of acid

present, be it Lewis or Brönsted in nature [34]. When water is of order 55 Molar in

concentration it is sufficiently abundant to protonate superoxide formed on platinum

in alkaline solutions. Ionic liquids have intrinsically lower molar densities and are

frequently touted for their hydrophobic nature. Thus the propensity of water to

protonate superoxide in these exotic solvents can be reasonably questioned.

Distribution of Water in ILs

Water is termed the universal solvent for its polar properties and coordinating ability

of many diverse ions. It also coordinates with itself leading to the phenomenon of

surface tension. When ionic liquids were first studied in earnest in the early 1980s,

they were unstable in the presence of water due to the very reactive anions they

were made of. In the early 1990s, the first air and water stable ionic liquids were

introduced and their hygroscopic nature noted [106]. The water within these struc-

tures was believed to coordinate mostly with the smaller and more charge dense

anions (colloquially known as harder anions [107]). The cations of ionic liquids

generally contain a high density of carbon and more diffuse charges giving them an

intrinsically hydrophobic character.

A number of studies support this intuition and have provided some explanatory

guidance. Cammarata et. al. performed an extensive survey of the molecular states
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of water in ILs containing well known anions with cations based on butyl-methyl-

imidazolium [108]. They concluded that the water generally exists in free state in

the IL (not self-aggregated) and was hydrogen bonded to the anion. Triflate was

among the anions compared and it was found to have a stronger H-bond acceptor

capacity than either PF–
6 or BF–

4 , but not as strong as NO–
3 or CF3CO–

2 . In fact, tri-

flate was among the anions around which water does not self-aggregate and stronger

hydrogen bonding anions can encouraged the formation of aggregated liquid water

like regions. Cammarata also points out that the intense H-bonding of water with an

anion makes the oxygen atom more basic which could inhibit its ability to protonate

superoxide.

4.2 Experimental

Materials

1-butyl-2,3-dimethylimidazolium triflate was chosen for its miscibility with water.

This series of experiments used ionic liquid from the same batch as the protic addi-

tive work in Chapter 3 and was made from the process described in Section 2.5.

Methods

C4dMImTf melts near 40 so experiments were conducted at 50±0.5. Temperature

was controlled with a VWR 1157 recirculating chiller filled with a 60% ethylene

glycol in water solution. The temperature was monitored via a K-type or J-type

thermocouple. To observe the influence of small amounts of water, the temperature

was held constant and the relative humidity (%RH) of the oxygen saturating gas or

argon deaerating gas was controlled. An apparatus was constructed which diverted

a controllable portion of regulated gas through a water aspirator. The humidified
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gas was mixed in a tortuous chamber containing a Extech RH300 electrontic psy-

chrometer before passing through a flow meter on its way to the RDE cell. Water

content within the IL was sampled regularly using a minimum of 100µL and a

Mettler Toledo C20 Coulometric Titrator.

Figure 4.1a show the humidity management system while Fig. 4.1b shows the RDE

cell with IL. In the bottom left of the photograph is a Y-shaped junction connecting

three short lengths of flexible tubing which supply gas to the cell. The flow of

gas was adjusted to bubble up through the bottom of the solution past the counter

electrode (red wire terminating in the PTFE plug) or maintained as an overpressure

to maintain a contant %RH and oxygen content. The heating fluid supply line

is located directly under the black thermocouple port facing the camera. Exiting

from the rear of the cell is the gas exhaust tube which was bubbled through the

hydrophobic IL N,N,N-trimethylethanolammonium bis(trifluorosulfonyl)imide.

The viscosity of the solution was recorded at temperature using a Rheosense m-

Vroc viscometer for incorporation in the Levich equation. The temperature of the

viscometer was maintained to 50± 0.1 using the same VWR 1157 recirculating

chiller. Samples of IL solution were typically run at 15µL/min for 30 seconds

and repeated six times at a given water content. The viscometer contained a dead

volume of approximately 15µL and to prevent contamination between samples each

one was chased with 100µL of methanol.

The potentiostats used were the Gamry Series G750 and Gamry Reference3000.

RRDE experiments were conducted on both polycrystalline Pt and glassy carbon

electrodes controlled by a Pine Instruments RRDE system. These disks were pol-

ished with 1µm alumina or diamond paste, washed with isopropanol and 18.3MΩ ·

cm water (Millipore’s Milli-Q system).
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Figure 4.1: Photograph of RRDE cell for water titrations showing gas management,
heating fluid circulation, and thermocouple.

A quasi-reference electrode (Pt std. RE) was developed for use C4dMImTf which

consisted of an acid cleaned, H2 flame annealed Pt wire immersed in an O2-saturated

alliquot of C4dMImTf. A Vicor glass frit sealed in PTFE housing separated the ref-

erence solution from the wet IL. Actual electrochemistry was performed relative to

an immersed Pt wire in the water containing IL. This temporary reference wire was

routinely checked against the standard Pt reference to prevent contamination of the

standard with water.

4.3 Results

Superoxide is stable and soluble in ionic liquids as evidenced by the reversible

one electron ORR reaction shown in Fig. 4.2. This figure shows the reduction of

oxygen on both a rotating Pt electrode and rotating glassy carbon electrode. As the

rotation rate is increased, superoxide is convectively swept away from the electrode
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as indicated by the decrease in the anodic peak on the reverse scan.

Figure 4.2: Cyclic voltammagrams at various rotation rates on (a) polycrystalline
platinum and (b) glassy carbon in dry (¡0.1 mol%) oxygen saturated C4dMImTf at
50°C. Scan rate of 100mV/s.

Titrating water into the IL by adjusting the relative humidity (%RH) of the oxygen

allows for a tightly controlled water content. Surprisingly, the maximum water

content attainable at 50 in C4dMImTf was merely 16 mol% with 98%RH oxygen.

This implies that even a water miscible IL like C4dMImTf is extremely hydrophobic

and have a severe positive deviation from Raoult’s Law. These abnormally high

solute vapor pressures are not uncommon for IL-water mixtures [109].

Fig. 4.3a shows a fit of the Cottrell equation (eqn 2.36) to a chronoamperomet-

ric hold at a diffusion limited potential for oxygen reduction on platinum with 0.4

mol% water. Three independent curves were recorded and the Cottrell equation was

fit to their average. The concentration of oxygen was found to be 2.51 mM in close

agreement with the gravimetric result of 2.49 mM. The electron transfer number is

higher than expected, perhaps due to an inaccurate surface area or some convection

within the IL volume. The chronoamperometric experiment was repeated at differ-

ent water contents fit to a linear least squares regression shown in green in Fig. 4.3b.
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Figure 4.3: (a) Chronoamperometry of ORR on Pt fit to the Cottrell equation to find
the oxygen diffusivity in dry C4dMImTf. (b) Variation of diffusivity and viscosity
with water content.

The average oxygen diffusivity in dry (<0.5mol% or <300ppm H2O) C4dMImTf

was 7.68 ·10−6cm2s−1 and it increases slightly in response to the lower viscosity of

higher water contents.

Figure 4.4: Cyclic voltammagrams of oxygen reduction in C4dMImTF at 100mV/s
and 50°C.

Fig. 4.4 shows cyclic voltammagrams attainable over the full range of %RH for

the IL at 50°C for both Pt and glassy carbon. Superoxide oxidation diminishes
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slightly at the highest water contents but still persists on the anodic sweep on both

electrodes. A small oxidation wave at -0.5V begins to grow with increasing water

content after reducing oxygen on Pt.

Fig. 4.5 shows linear sweep voltamagrams recorded in the rotating ring-disk geom-

etry described in Section 2.3. The disk potential was swept cathodically at 10mV/s

while maintaining the ring at -1.2V where superoxide would be oxidized. This slow

scan rate combined with the relatively high rotation rate of 1600rpm ensures that

the observed ring oxidation current correlates very closely with the disk potential.

As the water content increases in Fig. 4.5 the onset potential for ORR increases and

the overall current at any given potential also increases. The maximum disk current

for any given water content is equivalent for both Pt and GC.

The oxidation of superoxide on the rotating ring turns on immediately with oxy-

gen reduction and increases with increasing disk current except in the high water

and strongly reducing potentials on glassy carbon. In this case the proportion of

reduction current from the formation of superoxide diminishes as oxygen is further

reduced to peroxidate. The additional electron involved in the reduction of oxy-

gen is also observed in the almost doubling of the disk current at the highest water

contents.

A series of chronoamperometric holds were performed at different rotation rates

and potentials to produce Koutecky-Levich plots similar to the one shown in Fig.

4.6b. The potential was held constant at different potentials through the activation

region of ORR on GC and the entire electrochemical window on Pt. Every thirty

seconds the mass transport limiting current was noted and the rotation rate of the

electrode increased. The inverse of the limiting current is plotted versus the inverse

square root of the rotation rate to construct a Koutecky-Levich plot and extract
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Figure 4.5: Linear sweep voltammagrams of oxygen reduction on rotating Pt and
GC disks in C4dMImTF at 10mV/s and 50°C. Ring oxidation current density is
plotted above the disk reduction current and is shifted positive by +100µA/cm2 for
each water content.

the Levich factor (B-factor) from the slope of a linear fit. The B-factor contains

information relating to the oxygen diffusivity, viscosity of the solution and total

number of electrons transfered as discussed in Section 2.3.

Figure 4.6: Chronoamperometric holds (a) converted to a Koutecky-Levich plot (b)
for oxygen reduction on Pt in C4dMImTF at 50°C.

A Koutecky-Levich analysis was performed over the full range of water contents

on both Pt and GC. The slopes at various potentials and water contents are plotted
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together in Fig. 4.7 for both Pt and GC. The B-factor increases with both potential

and water content and the increase in turn-on potential from -1.5V to ca. -1.4V

is clearly visible. The increase in the B-factor with more cathodic potentials at a

given water content is only possible through an increase in the number of electrons

transfered, however the increase in B-factor at a given potential in response to water

content is convoluted with changes in diffusivity and viscosity. The significance of

their contribution is accounted for and discussed in Section 4.4.

Figure 4.7: Levich slopes fit from mass transport corrected oxygen reduction cur-
rents at various potentials.

The turn-on potential for oxygen reduction was calculated from the linear sweep

voltamagrams shown in Fig. 4.5. These curves were obtained under enhanced mass

transport conditions which extends the activation limited region over a broader

potential range. Linear fits were made of the current between −0.3mA/cm2 and

−0.7mA/cm2 for both the anodic and cathodic sweeps and the zero current inter-

cept was taken as the turn-on potential. These turn-on potentials are plotted for all

curves and water contents in Fig. 4.8. Five of the six cathodic intercepts for Pt at

15.5mol% water were omitted from the linear fit to the data. Over the full range of

water content the turn-on potential for ORR shifts by ca. 66mV and 118mV on Pt
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and GC, respectively.

Figure 4.8: Turn-on potential for oxygen reduction taken from RDE linear sweeps.
Encircled data points in the Pt case are not included in the linear fit.

Plotting the same data used to determine the turn on potential as potential vs log j

permits the extraction of the Tafel slope as introduced in Section 2.3. The Tafel

slope for each sweep direction and water content is plotted for both Pt and GC

in Fig. 4.9. For a single electron limited process the theoretical Tafel slope is

120mV/decade. Values higher than 120mV/decade imply that the adsorption of

oxygen and formation of superoxide is inhibited. This inhibition becomes stronger

on both Pt and GC until the solution reaches 10mol% water, after which the Tafel

slope is constant. Because both electrodes experience the same behavior the phe-

nomenon impeding the formation of superoxide must be related to a solution side

process.

To clarify the mechanism by which water would retard the formation of superoxide

an understanding of the how electrode-IL interface changes with water content is

necessary. One mechanism available to probe this interface is differential capaci-

tance which provides the surface charge as a function of potential.
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Figure 4.9: Tafel slopes of oxygen reduction on Pt and GC at each water content.
Data taken from RDE linear sweeps.

Fig. 4.10 shows the differential capacitance curves for three water contents on both

Pt and GC in deaerated C4dMImTf at 50°C. The curves were obtained through a

single frequency EIS technique taken at 200Hz and 10mV amplitude every 20mV

through the electrochemical window. The water contents correspond with the dry,

minimum Tafel slope case, an intermediate Tafel slope, and the fully saturated IL.

The capacitance does not change appreciably with water content and there are no

clear regions of adsorption. This implies that the offending species that inhibit the

adsorption of oxygen and formation of superoxide are a product of oxygen and

water since they are absent in the deaerated wet solutions.

4.4 Discussion

Extent of Oxygen Reduction

As in most dry aprotic electrolytes, oxygen reduction in dry C4dMImTf begins with

the formation of the superoxide species O•−2 (eqn 4.2) as the rate limiting step. This

occurs at approximately the same potential on both Pt and glassy carbon. In 1-butyl-
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Figure 4.10: Differential Capacitance of GC and Pt electrodes in C4dMImTf at
50°C. Recorded using single frequency electrochemical impedence spectroscopy at
200Hz and 10mV RMS in 20mV increments. (a) Shows the capacitance on Pt start-
ing at -2.1V and stepping positive to +0.1V vs the Pt standard reference electrode,
(b) stepping negative from +0.1V to -2.1V, and (c) for GC stepping cathodicall.
Local maxima are present at −1.35V ±0.02 on Pt and −0.80V ±0.02 on GC.

2,3-dimethylimidazolium triflate, superoxide is soluble and it diffuses away from

the electrode interface as evidenced by the diminished reversible oxidation wave

under RDE conditions shown in Fig. 4.2.

O2→ O2(ads) (4.1)

O2(ads)+ e−→ O•−2 (ads) (4.2)

79



When acidic species are added to otherwise aprotic solvents oxygen reduction can

proceed beyond the formation of superoxide [6] the details of which are discussed

in Chapter 3. When water is sufficiently abundant, such as in aqueous alkaline

solutions, it is an effective proton donor. This is due to superoxide’s effective pKa

of ca. 24 [34]. With water acting as a proton source a second electron can reduce

superoxide to the peroxidate species shown in Equation 4.3.

O•−2 (ads)+H2O+ e−→ HO−2 (ads)+OH− (4.3)

The completion of reaction 4.3 is followable by tracking the number of electrons

transferred during the course of oxygen reduction. To arrive at the number of elec-

trons transferred at any given potential, it is necessary to split the current into the

components that are limited by the kinetics of the electron transfer and that are lim-

ited by the transport of reactants to the electrode surface. Koutecky’s equation (eqn

4.4) does this stating the total current as the inverse sum of the kinetically limiting

current ik, and the mass transport limiting current iL.

1
itot

=
1
ik
+

1
iL

(4.4)

term description value/unit
itot total current amps
ik kinetic current amps
iL mass transport limited current amps

Transport of the reactants to the electrode interface is limited by diffusion according

to Equation 4.5.
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iL =
nFAD

δ
Co (4.5)

term description value/unit
iL limiting current amps
n total electrons transferred #
F Faraday’s constant 96485.3 C/mol
A surface area cm2

D diffusivity cm2/s
δ diffusion layer thickness cm
Co bulk concentration mole/cm3

The diffusion layer thickness is controlled by rotating the electrode where it be-

comes dependent upon the solution viscosity and rotation rate as derived by Levich

for Equation 4.6 [110].

δ = 1.61D1/3
ν

1/6
ω
−1/2 (4.6)

term description value/unit
δ diffusion layer thickness cm
D diffusivity cm2/s
ν kinematic viscosity cm2/s
ω angular velocity s−1

Using the data collected for Fig. 4.3b, it is possible to account for the change in

DO2 and solution viscosity with water content. The concentration of oxygen in

the IL/water mixture was assumed to follow Raoult’s law as written in Equation

4.7, and the diffusivity and viscosity values were calculated for each water content

based on the linear fit.

Combining equations 4.4 through 4.6 results in the Koutecky-Levich equation shown

as Equation 4.8. The constant B-factor or Levich slope is the linear slope of the

inverse current and a function of the solution properties and number of electrons

transferred. Over the full range of water contents, the theoretical Levich slope
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CO2
tot =CO2

H2O ·XH2O +CO2
IL ·XIL (4.7)

term description value/unit
CO2

tot concentration of oxygen in solution mM
CO2

i maxmimum solubility of oxygen in ith component mM
Xi mole fraction of ith component 0.0≤ X ≤ 1.0

ranges from 20 to 28 µAmp · cm−2 · rpm−1/2. This theoretical Levich slope is used

to extract the number of electrons transferred during oxygen reduction at each po-

tential and such analysis is plotted in Fig. 4.11.

1
itot

=
1
ik
+

1
0.62nFAD2/3ν−1/6Coω1/2 (4.8)

=
1
ik
+

1
Bω1/2

term description value/unit
itot total current amps
ik kinetic current amps
n total electrons transferred #
F Faraday’s constant 96485.3 C/mol
A surface area cm2

D diffusivity cm2/s
Co bulk concentration mole/cm3

ω angular velocity s−1

ν kinematic viscosity cm2/s
B Levich slope amps · cm−2 · s−1/2

As water becomes more abundant a greater proportion of oxygen is reduced with

two electrons. This is clearly seen in Fig. 4.11 which is a revised version of Fig. 4.7

where the Levich slope has been converted to the number of electrons transferred.
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Figure 4.11: Electrons taken from the Levich slope of Fig. 4.7 after accounting for
the change in viscosity, diffusivity, and solubility of oxygen with increasing water
content.

Water Inhibited Adsorption of Oxygen

While additional water enables the protonation and further reduction of superoxide

to form the peroxidate species according to Reaction 4.9, the excess water also

leads to the inhibited adsorption of dioxygen as evidenced by the increase in Tafel

slope plotted in Fig. 4.9.

O•−2 (ads)+H2O+ e−→ HO−2 (ads)+OH− (4.9)

The origin of this initially sluggish reduction is uncertain. The structure of the

electrochemical double layer (Fig. 4.10) does not appear to change appreciably

with water content and this is corroborated by the finding that water has little effect

on bulk IL structure until the composition exceeds 50mol% [111]. Compton et

al. observed a surprisingly strong interaction between the superoxide anion and

the C4dmim+ cation in the popular ionic liquid C4dmimTf2N [55]. This result is

reproduced in dry C4dmimTf in Fig. 4.12.
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Figure 4.12: Cyclic voltammagram at 100mV/s on µPt at two different water con-
tents. Potentials versus an immersed Pt wire.

The remarkably short diffusion distances afforded by a small electrode permit the

rapid approach of oxygen and water to the platinum surface and the rapid egress of

products away from the electrode. The existence of a return oxidation wave is un-

common on micro electrodes and implies that the products are very slow diffusers.

This behavior is repeated at high water contents, but the cyclic voltammagram also

crosses over itself, a feature present due to the further reduction of superoxide. The

oxidation of peroxidate, which is expected at -0.5V vs Pt and is seen in Fig. 4.4, is

absent on the micro electrode. This means that peroxidate is a much faster diffuser

than superoxide in C4dmim+ based ILs and is not a species inhibiting the adsorption

of O2.

The remaining product of oxygen and water which could inhibit further oxygen

adsorption is hydroxide. Hydroxide adsorption itself is unlikely on Pt at potentials

this cathodic, but it is possible that the IL is unstable in the presence of hydroxide
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at these temperatures and the products of their reaction inhibit ORR. A possible

reaction is the deprotonation of the C2 methyl [112].

Origin of Potential Shift with Water

As the water content of the IL is increased so too does the potential at which oxygen

reduction begins. This effect is visible in almost every figure of this chapter but is

plotted explicitly in Fig. 4.8. The shift in turn on potential for Pt is ca. 66mV

over the full range of water content, while the corresponding shift on GC is ca.

118mV. All of these shifts are versus the Pt standard reference electrode with a

approximately constant internal water content and were confirmed with separate

reference electrodes.

On platinum, the reduction of oxygen with sufficient water proceeds through the

following reaction for which a corresponding form of the Nernst equation is written:

O2 +H2O+2e−↔ HO−2 +OH− (4.10)

E = Eo− RT
nF

ln
[HO−2 ][OH−]
[H2O] ·PO2

(4.11)

= Eo− RT
nF

ln
[H+][OH−]

[H2O]
− RT

nF
ln
[HO−2 ]

PO2

= Eo− RT
nF

ln
Kw

[H2O]
− RT

nF
ln
[HO−2 ]

PO2

= Eo−0.0295 · logKw +0.0295 · log [H2O]−0.0295 · log
[HO−2 ]

PO2

= Eo +0.0295 · pKw +0.0295 · log [H2O]−0.0295 · log
[HO−2 ]

PO2

.

Rearranging Equation 4.11 the self-ionization constant of water is separated from

its concentration. In the final form of the Nernst equation for reaction 4.10 it be-

comes clear that the oxygen reduction potential shifts by ca. 30mV per decade
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change in water concentration providing log [HO−2 ]
PO2

stays constant. In the course of

the RRDE experiments, the water content varied from ca. 0.1mol% (approximately

4.7mM) to 15.6mol% (approximately 860mM), a span of just over two decades.

This results in a predicted increase of 66.7mV in the oxygen reduction potential

which agrees perfectly with the observed 66mV shift on Pt.

On glassy carbon the shift in the oxygen reduction potential is more sensitive to

water, implying that a different reaction with one electron per water molecule sets

the potential. Such a reaction, of which reaction 4.12 is a plausible candidate, would

correspond to a potential shift of 134mV across the full range of water contents

while the observed shift is ca. 118mV. This reaction has been observed on GC

electrodes in DMF and ACN with high water contents [36; 37; 113].

O2 +H2O+ e−→ HO•2 +OH− (4.12)

The existence of two separate reactions determining the response of oxygen reduc-

tion to water is unsurprising in light of Fig. 4.5. Oxygen is reduced directly with

two electrons on Pt while there are clearly two distinct reduction reactions occur-

ring on GC. The first reduction wave on GC could be due to reaction 4.12 while

the second wave, which begins at ca. -2.0V in the high water case, could be the

reduction of the perhydroxyl radical species.

4.5 Conclusions

The ionic liquid chosen for these water experiments, C4dMImTf, is miscible with

water but surprisingly hydrophobic. At 50°C, water is rejected from the solution

into highly humidified air until the solution reaches approximately 16mol% water.
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When one sixth of the solution components are water molecules, the viscosity de-

creases appreciably which increases the diffusivity of oxygen. The solubility of

oxygen within the solution also decreases slightly with additional water.

As in all previously investigated aprotic solvents, oxygen reduction in ionic liquids

begins with the rate limiting one electron formation of superoxide as written in

reaction 4.14. Superoxide strongly associates with the C4dMIm+ as evidenced by

its much reduced diffusivity compared to dioxygen.

O2→ O2(ads) (4.13)

O2(ads)+ e−→ O•−2 (ads) (4.14)

With sufficient water, superoxide is protonated to form the perhydroxyl radical ac-

cording to reaction 4.15. However, unlike the the results of Chapter 3, 100mM

water is insufficient to drive this reaction to an appreciable degree.

O•−2 (ads)+H2O→ HO•2 +OH− (4.15)

As the water content increases and the hydroxide produced according to reaction

4.15 becomes more abundant, the Tafel slope increases to a limiting value corre-

sponding to inhibited adsorption of oxygen. It is suggested that adsorption is inhib-

ited by a reaction between the hydroxide and the C4dMIm+ cation at these elevated

temperatures and not by the interaction of C4dMIm+ with superoxide or peroxidate,

or by changes in the structure of the double layer.

On platinum, reaction 4.15 is rapidly followed by the reduction of the perhydroxyl

radical according to reaction 4.16.
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HO•2 + e−→ HO−2 (4.16)

However this final reaction is sluggish on glassy carbon and thus the potential at

which oxygen is reduced on GC is more sensitive to the water content of the IL.

The different controlling reactions on Pt and GC comport with the differential ca-

pacitance results in suggesting there is no water-rich layer at the electrole—IL in-

terface.

In summary, oxygen reduction can proceed through two electrons in wet C4dMImTf

but not further to four electrons. The reduction does not progress beyond superox-

ide if there is insufficient water present.
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Chapter 5

SUMMARY AND FUTURE OPPORTUNITIES

This thesis presented the mechanisms of oxygen reduction in two ionic liquids un-

der a variety of conditions. By way of introduction (Chapter 2.4), a selection of ex-

periments performed by Lei Tang et. al. [61] in triethylammonium triflate (TEATf)

were analyzed and the mechanism of oxygen reduction deduced. TEATf is an in-

herently protic ionic liquid and its electrochemical behavior closely mimics that of

water. Next, protons of different pKa’s were titrated into the inherently aprotic ionic

liquid 1-butyl-2,3-dimethylimidazolium triflate (C4dMImTf) and the mechanism of

oxygen reduction was tracked as a function of acid pKa and potential (Chapter 3).

Finally, water was used as the proton donor for ORR in C4dMImTf as part of an

attempt to mimic alkaline water conditions, and an account of the different mecha-

nisms on Pt and GC was given (Chapter 4).

5.1 Protic Ionic Liquids: TEATf

In TEATf oxygen is soluble to 2.5mM and its diffusivity is very similar to that of

water at DO2 = 20.11 · 10−6cm2/s. These values were used in a Koutecky-Levich

analysis to determine the mechanism of oxygen reduction on Pt and Ag. Oxygen

reduction was found to follow the generic mechanism below where BH+ represents

the triethylammonium cation.

O2→ O2(ads)

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+BH+→ HO•2(ads)+B
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followed by:

HO•2(ads)+ e−→ HO−2 (ads)

HO−2 (ads)+BH+→ H2O2 +B

and

HO•2(ads)+HO•2(ads)→ H2O2 +O2

Through cyclic voltammetry on a variety of metals, the amine based was deter-

mined to strongly adsorb on the noble metal surfaces of Au, Pt and Pd electrodes

and inhibit the adsorption of oxygen. This inhibited oxygen adsorption was not

observed on Ag. None the less, oxygen reduction was limited to two electrons on

each metal investigated and this could be reasonably attributed to the free amine

base preventing the disproportionation of hydroxide.

An investigation using a pIL cation of similar pKa but which deprotonates to form

a less strongly adsorbing species would be an illuminating addition to this work.

5.2 Acid Titration into Aprotic IL, C4dMImTf

Proton sources of different pKa’s were titrated into C4dMImTf up to a concentration

of 100mM and their effects on the mechanism of oxygen reduction were observed.

The mechanism of oxygen reduction in aprotic ILs begins with the formation of

superoxide, as it does in all solvents. The superoxide is rapidly protonated and the

resulting perhydroxyl species is reduced to peroxidate. Peroxidate’s conjugate acid

has an aqueous pKa of ca. 11.7 and is also protonated by the excess acid to form

hydrogen peroxide.
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O2→ O2(ads)

O2(ads)+ e−→ O•−2 (ads)

O•−2 (ads)+HA→ HO•2(ads)+A−

HO•2(ads)+ e−→ HO−2 (ads)

HO−2 +HA→ H2O2 +A−

From the formation of peroxide, the mechanisms on Pt and GC diverge. On a clean

Pt surface, peroxide is rapidly disproportionated into water an oxygen completing

the four electron reduction. Glassy carbon in contrast has no special propensity

for peroxide disproportionation and the completion of the four electron reduction

requires further reducing potentials.

2H2O2→ O2 +2H2O

or

H2O2 + e−→ OH−+OH•(ads)

OH•(ads)+ e−→ OH−

2OH−+2H+→ 2H2O

The potential at which oxygen reduction occurs shifts with pKa as predicted by

the Nernst equation which confirms the applicability of the proton donor’s aqueous

pKa values. However, triflic acid appears less acidic than predicted, perhaps due to

solvent leveling effects, protonation of the C4dMIm+ cation, or simply an inaccurate

aqueous pKa value.
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To clarify why oxygen reduction is less responsive to the extremely acidic end of

the pKa spectrum, similar experiments could be performed in ILs with different

anions such as PF–
6 , BF–

4 , and Tf2N– . ILs composed of Tf2N– anions have the

additional bonus of being liquid at room temperature which would permit a wide

range of temperatures to be easily investigated.

5.3 ORR in Wet C4dMImTf

Water as a proton donor was originally intended to be included in the pKa titra-

tion work of Chapter 3, but the persistence of superoxide at 100mM H2O required

titrating to higher concentrations which altered the physicochemical properties of

the IL. Water was added to C4dMImTf up to a concentration of 15.8mol% (ap-

proximately 870mM) which required accounting for the decrease in viscosity and

oxygen solublity, and the increase in oxygen diffusivity.

As the water content increases, the number of electrons transfered during ORR

increases to a maximum of two during the formation of peroxidate. Higher water

contents up to 10mol% also corresponds with an increase in the Tafel slope, i.e. a

decrease in the oxygen adsorption rate. Above 10mol% water the Tafel slope was

found to be constant. This was theorized to be due to a change in the double layer

structure where water was expected to be excluded to the electrode interface by

the hydrophobic IL, however no appreciable change in the deaerated double layer

capacitance was found while increasing the water content. This implies that the

inhibited adsorption of O2 results from a reaction between O2 and water, likely

caused by the hydroxide released during superoxide protonation.

The turn-on potential for oxygen reduction increased with water content in a Nerns-

tian fashion, however the sensitivity of ORR to water was electrode dependent with
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GC being more sensitive. Two controlling reactions were proposed to explain the

difference in the Nernstian potential on Pt and GC.

Oxygen reduction on Pt in the presence of water is proposed to follow the following

direct two electron mechanism:

O2 +H2O+2e−↔ HO−2 +OH−

While on glassy carbon the ratio between water and electrons was found to be unity,

resulting in the conclusion that it proceeds through the following reaction and that

the adsorbate implied by the increase in Tafel slope inhibits the reaction of two

perhyroxyl radicals to form hydrogen peroxide [36; 37; 113].

O2 +H2O+ e−→ HO•2 +OH−

The distribution and basicity of water in ILs is tied to the hydrogen bonding ability

of the anion. Triflate is known to have a moderate hydrogen bonding propensity in

ionic liquids [108] and further investigation using the PF–
6 anion, which has very

little H-bonding ability, and CF2CO–
2 , which has a great capacity for hydrogen

bonding, could prove more illuminating.
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