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ABSTRACT. The unique properties of ionic liquids such as relatively wide electrochemical 

stability window and very low vapor pressure have made them promising candidates as 

electrolytes for improving the cyclic performance of lithium-air batteries. The local current 

density, which is an important parameter in determining the performance of lithium-air batteries, 

is directly proportional to the rate constant of the electron transfer reactions at the surface of the 

cathode. In this study, a novel method, based on Marcus’s theory is presented to investigate the 

effect of varying length of alkyl side chain of model imidazolium based cations and the operating 

temperature on the rates of electron transfer reaction at the cathode. The necessary free energies 

for all the species involving in the multi-step reduction of oxygen into peroxide ion were 

calculated using density functional theory (DFT). Our results indicate that the magnitude of the 

Gibbs free energy for the reduction of oxygen into superoxide ion and also the reduction of 

superoxide into peroxide ion, increases with increase in the static dielectric constant of the ionic 

liquid. This trend in turn corresponds with decrease in the length of alkyl side chain of the ionic 

liquid cation. Furthermore, the change in Gibbs free energy decreases with increase in the 

operating temperature. The inner-sphere reorganization energies were evaluated using the 
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Nelsen’s four point method. The total reorganization energies of all reduction reactions increase 

with decrease in the length of the alkyl side chain and increase in the operating temperature. 

Finally, the rate constants for the electron transfer reaction involved in the reduction of oxygen 

were calculated. The logarithm of the reaction rate constants decreases with increase in the static 

dielectric constant and increases with increase in the operating temperature. Our results provide 

fundamental insight into the kinetics and thermodynamics of the electron transfer reactions at the 

cathode that will help in the identification of appropriate electrolytes for enhanced performance 

of lithium-air batteries. 

KEYWORDS. Lithium-air battery, cathode, reaction rate constant, ionic liquid, density 

functional theory, Marcus theory, electron transfer  
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INTRODUCTION 

The energy density of state-of-the-art Li-ion cells falls short of the target of 1700 Wh/kg.1 

Therefore, the scientific community has shown increasing interest in exploring coupled 

electrochemical reactions with significantly higher theoretical gravimetric energy densities 

compared to Li-ion cells that comprise two intercalation electrodes.2 Li-air batteries, where 

lithium metal anode is electrochemically coupled with oxygen, exhibit extremely high theoretical 

energy density.3 These batteries have potential applications in long-range electric vehicles, where 

gravimetric energy density, volumetric energy density and safety are key factors that define 

performance.1, 4 Additionally, Li−air batteries can be very beneficial in powering myriad 

consumer electronics devices as well as remote sensors.2  

Due to the high chemical reactivity of metallic lithium5, safety is one of the primary concerns 

in all the above-mentioned applications of lithium batteries.6,7 Lithium metal is highly reactive in 

the presence of polar protic and aprotic organic solvents, commonly used as electrolytes in 

lithium batteries, and can lead to electrode-electrolyte side reactions.8 Furthermore, the typically 

high vapor pressure of organic solvents leads to increased flammability of the battery. Therefore, 

the use of Li-air batteries with organic liquid electrolytes in aerospace and automobile industry is 

contingent upon finding novel electrolytes that lead to increased safety standards.9 In addition to 

reduced flammability, the properties of an ideal electrolyte need to be tailored to enhance the 

performance when used in Li-air battery. In particular, the electrochemical stability and other 

physicochemical properties of the electrolyte such as static and optical dielectric constant, ionic 

conductivity, and ability to dissolve various chemical species generated during the 

electrochemical reactions, can significantly impact the cyclic performance of Li-air batteries.4  

Room temperature ionic liquids (RTILs), which have high electrical conductivity, wide 

Page 3 of 36 Physical Chemistry Chemical Physics

P
hy

si
ca

lC
he

m
is

tr
y

C
he

m
ic

al
P

hy
si

cs
A

cc
ep

te
d

M
an

us
cr

ip
t



4 
 

electrochemical stability window as well as low vapor pressure, are safer alternatives to 

conventional liquid electrolytes used in lithium batteries. 10-12 A qualitative comparison of ionic 

liquids with organic solvents shows that ionic liquids also have higher thermal stability and 

tunable solvating ability13. 

Room temperature ionic liquids are salts comprising cations that are typically based on cyclic 

amines, both aromatic (pyridinium, imidazolium) and saturated (piperidinium, pyrrolidinium). 

Combining these cations with both inorganic and organic anions such as [BF4]
−, [PF6]

−, 

[N(CF3SO2)2]
− and [CF3CONCF3SO2]

−, results in various ionic liquids with a wide variety of 

tunable physicochemical and electrochemical properties.11 It is also possible to tune these 

properties by changing the chemical structure of these ions. The tunability of ionic liquids 

provides the opportunity to synthesize specific cations with desired properties such as to use 

them as electrolytes for lithium batteries with enhanced performance. 

The local current density is one of the crucial factors governing the performance of lithium-

air batteries. Using the framework of Butler-Volmer equation, the current density at the cathode 

is expressed as a function of the electron transfer rate constant for the electrochemical reaction at 

the electrode-electrolyte interface14, 15. During the discharge cycle of Li-air batteries, solvated 

oxygen gets reduced at the cathode producing peroxide ion, which forms lithium peroxide as the 

final discharge product16. The overall reaction comprises the following steps: 

����� + �� → ����
��
�  (1) 

����
��
� + �� → �����
��
�  (2) 

2����
��
� + �����
��
� → ������
� (3) 

The reverse reactions happen during the charge cycle and peroxide ion gets oxidized to oxygen. 

Each electrochemical reduction reaction occurs in a single step 1, 16.  
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The oxygen reduction reaction (ORR) mechanism in aprotic organic electrolytes on glassy 

carbon electrode was recently studied by Laoire et al. 17, 18 using cyclic voltammetry and rotating 

disc electrode technique. The results indicated that lithium superoxide (LiO2) is formed initially 

and then converted to lithium peroxide (Li2O2) either by disproportionation reaction or by further 

reduction. However, computational studies have indicated that lithium superoxide is very 

unstable at room temperature at less than 1 atm oxygen pressure 19, 20. Although other reaction 

products such as Li2O and Li2CO3 have been observed in the experiment, ex situ examination of 

the cathode products from discharged Li/O2 cells using Raman spectroscopy 21 as well as oxygen 

consumption stoichiometry in the discharge process 22, have confirmed that Li2O2 is the major 

ORR product. 

In previous studies, we presented a method for calculating the electron transfer rate constant 

of the oxidation of lithium metal at the anode of a lithium-air battery and investigated the effect 

of static dielectric constant of the electrolyte on the reaction rate constants.23, 24 However, the 

literature lacks detailed studies that describe the influence of the molecular structure of liquid 

electrolytes on the kinetics of the electrochemical reactions at the cathode, which has crucial 

impact on the performance of batteries. In an effort to investigate the effect of specific molecular 

structure of ionic liquid based electrolytes on the thermodynamics and kinetics of the cathodic 

reactions, in the present study we obtained a trend for the variation of the Gibbs free energy 

change and the electron transfer rate constants of the cathodic reactions as a function of the 

operating temperature and the dielectric constant of the electrolyte. We calculated the electron 

transfer rate constant for the multi-step reduction of oxygen on the porous carbon cathode in the 

presence of ionic liquids with varying structures of the cation and various operating 

temperatures. 
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In particular, in this study, 1-alkyl-3-methylimidazolium bis(trifluoromethanesulphonyl)-

amide (CnMIM+ TFSI-) ionic liquids with varying number of carbon atoms in the side alkyl 

chain, n, were chosen as the model electrolyte. This ionic liquid was selected due to the relative 

low viscosity, wide electrochemical stability window and higher ionic conductivity of 

imidazolium based cations compared to other ionic liquids.11, 25-28 Additionally, the desired 

physical properties of these ionic liquids that are required as input to the ab initio calculations, 

such as static and optical dielectric constant have been characterized in several studies 25, 29 and 

are readily available. The commonly used TFSI- anion was chosen due to its wide 

electrochemical stability window and low viscosity when coupled with imidazolium based 

cations compared to other anions such as BF4
- and PF6

- 26, 30-38. Figure 1 shows the chemical 

structures of a sample imidazolium cation for n = 3 and the TFSI- anion. 

 

Figure 1. The chemical structures of the model ionic liquid a) 1-propyl-3-methylimidazolium 

(C3MIM+) cation and b) bis(trifluoromethanesulphonyl)amide (TFSI-) anion are shown.  

Transition State Theory (TST) 39 and other theories, based in whole or in part on the 

fundamental assumptions of TST, as well as some quantum mechanical generalization of these 

assumptions are typically used to calculate the chemical reaction rates 40-42. However, these 

theories cannot be applied to electron transfer reactions since describing the transition state in 

this type of reactions is not practically possible. The Marcus theory has been widely used to 
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evaluate the reactions rate constants for several electron transfer reactions between separated 

donor and acceptor species and show excellent agreement with experimental results.43 In the 

present study, the Marcus theory43 formulation was employed to calculate the electron transfer 

reaction rate constants using relevant thermodynamic parameters. The Gibbs free energy, inner 

and outer-sphere reorganization energies and the electronic coupling energy were calculated to 

evaluate the rate constant based on Marcus theory. The solvation energy for separated ions and 

atoms was calculated to determine the effect of solvent on the thermodynamic driving force and 

the reaction rate. Finally, the aforementioned thermodynamic parameters were calculated for a 

range of temperature that is typically encountered during the operation of Li-air batteries in order 

to investigate the effect of temperature on the reaction rates at the cathode.  

METHODOLOGY 

The main goal of the present study is to investigate the effect of the structure of ionic liquid’s 

cation as well as the operating temperature on the electron transfer reaction rates at the cathode. 

The reduction reaction of solvated oxygen at the cathode, due to electron transfer, can be 

represented as: 

���
��
� + 2�� → �����
��
� (4) 

In the framework of Marcus’s theory, the reaction rate is a function of the Gibbs free energy 

for the reaction and a kinetic pre-factor:  

��� = ��
ℏ |���|�

�
���� !" exp	'−

���∆*°�,
�� !" -  (5) 

In this equation ket is the rate constant for electron transfer, |VRP| is the electronic coupling energy 

between the initial and final states, ℏ is the reduced Planck’s constant h/2π, λ is the total 

reorganization energy, ∆G° is the total Gibbs free energy change for the electron transfer 

reaction, kB is the Boltzmann constant and T is the absolute temperature. 

Page 7 of 36 Physical Chemistry Chemical Physics

P
hy

si
ca

lC
he

m
is

tr
y

C
he

m
ic

al
P

hy
si

cs
A

cc
ep

te
d

M
an

us
cr

ip
t



8 
 

In order to calculate the Gibbs free energy of this reaction, the overall reduction process of 

oxygen in cathode is assumed to happen in two consecutive steps as shown in Eqs. (1) and (2). 

The first reaction is the reduction of neutral oxygen to superoxide followed by the reduction of 

superoxide ion into peroxide. All these species are solvated in the electrolyte. The Gibbs free 

energy of the complete reaction can be calculated by adding the corresponding free energies of 

the constituent reactions: 

∆.° = ∆.°� + ∆.°�   (6) 

where, ∆.° is the Gibbs free energy of the overall reaction, ∆.°� and ∆.°� are the Gibbs free 

energy of the reduction of oxygen into superoxide and the reduction of superoxide into peroxide 

respectively. In order to calculate the Gibbs free energy of the first and second reduction 

reactions in the solvated phase, the optimized structures of each species was determined using 

density functional theory followed by a frequency analysis and single point energy calculation in 

solution phase. These calculations obtained the Gibbs free energy of individual reactants and 

products. The difference between the free energies of reactant and products was then used to 

evaluate the Gibbs free energy of each reduction reaction: 

∆.°� = .°����� − .°���� (7) 

∆.°� = .°/����0 − .°����� (8) 

where, .°����, .°����� and .°/����0 are the Gibbs free energies of neutral oxygen molecule, 

superoxide and peroxide ions respectively. In addition to its dependence on the Gibbs free 

energy, the electron transfer rate constant is also a function of the inner and outer-sphere 

reorganization energies in the framework of Marcus theory, as shown in Eq. (5). The total 

reorganization energy is given by the summation of the inner-sphere and outer-sphere 

reorganization energies, 1 = 123 + 1�4�, which are independent parameters.  
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The Nelsen’s four point method44, which is one of the most prevalent methods used to 

calculate the inner-sphere reorganization energy by separating oxidants and reductants, is 

expressed as45: 

123 = 56�7�|7� − 6�7�|7��8 + 56�9�|9� − 6�9�|9��8  (9) 

where, 6�:|;�	is the energy of state “a” calculated at the equilibrium structure of state “b”, 7 

designates donor species, 9 designates acceptor species and +/- superscript designate the charge 

on the species. The model system that was used to calculate the inner-sphere reorganization 

energy is shown in Figure 2. The system consists of 36 carbon atoms in the form of two parallel 

graphite layers each with 18 carbon atoms. On the top of these two layers one oxygen molecule 

is placed 3.36 Å above the surface. Theoretical study of oxygen adsorption on graphite by 

Sorescu et al. 46 showed that the physisorbed oxygen molecule that is constrained to lie parallel 

to the graphite surface is located 3.36 Å above the surface and retains its spin triplet character. 

Moreover, chemisorbed triplet oxygen molecules that are chemically bound to the underlying C-

C bond were also characterized. Chemisorbed oxygen molecules, however, have a much longer 

O-O distance (2.03 Å) and are in fact two weakly interacting oxygen atoms that are strongly 

bound to the carbon atoms on the surface. 

The oxygen molecules on top of the graphite layer acts as the acceptor and the carbon atoms 

in the graphitic cathode, which have an extra negative charge, act as the donor. The porous 

carbon cathode is modeled as a graphitic layer. The lattice structure of the parallel graphitic 

layers and the corresponding lattice parameters in the cathode side were assumed to remain 

constant during the electron transfer reaction and only the oxygen or superoxide molecules above 

the layer are reduced during the reactions resulting in a change in their structure. Accordingly, 

since D+ and D have the same lattice structures, 6�7�|7� is assumed to be equal to 6�7�|7��. 
Therefore the contribution of the change in the energy states of donor species to inner-sphere 
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reorganization energy is negligible. Hence, the abridged expressions for inner-sphere 

reorganization energies for the reduction of oxygen and superoxide at the cathode, 123,� and 

123,�, and their corresponding backward reactions, 123,�= and 123,�=, are given as: 

123,� = 56����|��� − 6����|����8  (10a) 

123,�= = 56���|���� − 6���|���8  (10b) 

123,� = >6/����|���0 − 6/����|����0? (11a) 

123,�= = >6/���|����0 − 6����|����? (11b) 

In these equations, the terms 6����|���� and 6/����|����0 represent the energies of 

superoxide and peroxide ions in the solvated phase respectively. Based on the physical meaning 

of reorganization energy, the above equations provide the value of the energy which is needed to 

“reorganize” the system from its initial to final coordinates after the charge is transferred for the 

two-step reduction of oxygen into peroxide ion. 

 

Figure 2. The configuration of the model system used in DFT calculation for inner-sphere 

reorganization energy is shown. While the actual modeled system comprises 36 carbon atoms as 

the donor species, a larger periodic domain has been shown for the purpose of illustration. Red: 

Oxygen or superoxide molecule. Gray: Carbon atom. 

The classical electrostatics model based on Marcus theory43 was implemented to calculate the 

outer-sphere reorganization energy: 
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1�4� = @�,AB
C�D∘ '

�
F −

�
�G- H

�
DIJ −

�
DKL  (12) 

where, r is the ionic radius, Re is twice the distance from the surface of the electrode at which the 

electron transfer reaction takes place, M
 and M�N are the static and high frequency optical 

dielectric constants of the solvent, ∆� is the amount of charge transferred, OP is the Avogadro’s 

number and M∘ is the permittivity of vacuum. We assumed that the electron transfer reactions 

take place when the acceptor molecules (oxygen or superoxide) are located at 3.36 Å above the 

surface of the graphite layers46. Therefore, Re will be equal to 6.72 Å. 

The electronic coupling energy was calculated using the method of Corresponding Orbital 

Transformation after obtaining the initial and final wave functions, QR and QS47, 48: 

�R,S = /1 − UR,S�0�� VWR,S − �
� UR,S/WR,R + WS,S0V  (13) 

where, UR,S = XQR|QSY is the reactant-product overlap, W is the total electronic Hamiltonian, 

excluding nuclear kinetic energy and nuclear repulsion terms of the system, WR,S = XQR|W|QSY is 

the total interaction energy also referred to as “electronic coupling matrix element” and WR,R =
XQR|W|QRY is the electronic energy of reactants or products. Usually �R,S is very weak in electron 

transfer reactions. Based on the required parameters including electronic coupling energy, 

reorganization energies and the Gibbs free energies of the reactions, Marcus’s theory was 

employed to calculate the electron transfer rate constants of both reduction reactions, in the 

forward and backward directions. 

Finally, in order to investigate the effect of temperature on the reaction rates, the Gibbs free 

energy of each species was calculated at temperatures ranging from -15˚C to 100˚C in 

[C2MIM]+[TFSI]- as the solvent and the corresponding rate constant of each reduction reaction in 
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both forward and backward directions were calculated. The Gibbs free energy of a molecule can 

be calculated using Eq. (14): 

. = W − ZU  (14) 

where T is the absolute temperature, G is the Gibbs free energy, H is the enthalpy and S is the 

total entropy of a molecule. The enthalpy of a molecule, W, at each temperature is sum of the 

total internal energy of the molecule, E and a thermal correction to the enthalpy, Hcorrection: 

. = �6 + W[�FF�[�2�3� − ZU  (15) 

The thermal correction to the enthalpy as well as the total entropy of each species can be 

obtained from a frequency calculation. The solvation energy and the electronic coupling energy 

are invariant with the temperature. Using the calculated Gibbs free energies, the required 

thermodynamics parameters for the Marcus’s theory including the Gibbs free energy change and 

the reorganization energy of each reduction reaction were calculated and utilized to evaluate the 

rate constant of each reaction in both forward and backward directions. 

In this study, all optimization, energy and frequency calculations were done using Density 

Functional Theory (DFT) with Becke, three-parameter, Lee-Yang-Parr49, 50 (B3LYP) exchange-

correlation functional and 6-311++G**51 as the basis set, which is a  Valence Triple Zeta basis 

set with polarization and diffuse functions on all atoms (VTZPD). The zero-point energies of the 

species involved in the oxygen reduction reaction are provided in Table 1s of the supplementary 

material. To further support the results, a cross checking calculation with MP2 level of theory 

was performed (Table 2s) which shows only 0.2% difference in the total energy of the oxygen 

molecules. All calculations were done using the NWChem 6.1 computational chemistry software 

package52. 
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In order to account for the dielectric screening in solvents, the Conductor-like Screening 

Model53 (also known as COSMO solvation model) was implemented to study the effect of 

solvent on reaction rates. The key inputs to this model are the dielectric constant of the solvent as 

well as the radii of solvated species and solvent molecules. For all calculations, the oxygen, 

superoxide and peroxide species are only surrounded by the CnMIM+ cations, with varying radii 

as the number of carbon atoms in the alkyl side chain changes. Therefore, the dielectric constant 

is not the only parameter that determines the solvation energy since the solvent radius varies for 

different ionic liquids. Figure 3 shows the variation of static dielectric constant25 and radius of 

the imidazolium based  cation54 that were chosen for this study. Increasing the number of carbon 

atoms in the side alkyl chain of the imidazolium cation causes an expected increase in the solvent 

radius and decrease in the static dielectric constant of the imidazolium cation based ionic liquid.  

  

Figure 3. Static dielectric constant, ε, and solvent radius, Rsolv (Å), of some imidazolium based 

ionic liquids with TFSI- anion are shown.25, 54 The difference in the number of carbons in the side 

alkyl chain results in different values of the static dielectric constant. The static dielectric 

constant decreases as the length of side chain, and therefore the solvent radius, increases. 
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RESULTS AND DISCUSSION 

In order to calculate the Gibbs free energy change for each reaction and their corresponding 

reorganization energies based on Eq. (7) to Eq. (11), it is necessary to determine the Gibbs free 

energy of each species first. Using Nelson’s four-point method, described in Eqs. (9) – (11), 

further requires the evaluation of Gibbs free energy of the oxygen molecule, superoxide ion and 

peroxide ion in the optimized structure of a different molecule or ion. Figures 4-6 present these 

Gibbs free energies for oxygen molecule, superoxide ion and peroxide ion respectively. The 

energies were calculated for the specific electronic charge on the optimized structure of the 

respective chemical species as well as for excess or diminished charges on identical optimized 

structure, as required for applying the Nelson’s four-point method. 

Figure 4 shows the variation of the Gibbs free energy of an oxygen molecule in both neutral 

and negatively charged states, for optimized structure that corresponds to neutral oxygen, with 

the dielectric constant of the solvent. The solvation energies of both neutral and negatively 

charged oxygen are negative. Therefore, increasing the dielectric constant, which results in an 

increase in the magnitude of the solvation energy, causes the Gibbs free energy of neutral and 

negatively charged oxygen in the solvated phase to be more negative. However, the effect of 

increase in the magnitude of the solvation energy of neutral oxygen cannot be seen in this plot 

since the maximum difference in the Gibbs free energy of neutral oxygen in different ionic 

liquids is 6.5 J.mol-1 which is only 1.6×10-6 % of its average value. 
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Figure 4. The variation of the Gibbs free energy of neutral and negatively charged oxygen, Gox, 

with the dielectric constant of the solvent, ε, is shown. The optimized structure corresponds to 

that of neutral oxygen molecule. The Gibbs free energy of neutral oxygen remains almost 

constant with varying the dielectric constant. 

The Gibbs free energy of a superoxide molecule with 0, -1 and -2 electronic charges is shown 

in Figure 5. The optimized structures for all charges correspond to a superoxide ion with -1 

charge. As can be seen from the graph, the Gibbs free energy of a superoxide ion with a charge 

of -1 and -2 e is more negative in solvents with higher dielectric constant. This trend is expected 

since the solvation energies of these species are negative. Figure 5 indicates that the rate of 

decrease in the solvation energy of superoxide ion with a charge of -2 e with dielectric constant 

is greater than that for a superoxide ion with charge -1 e. This trend is caused by the greater 

electrostatic charge on -2 charged species compared to that of -1 and is expected from the 

COSMO solvation model.53 These results also agree with the study conducted by Tjong and 

Zhou on the dependence of electrostatic solvation energy of charged species on the dielectric 

constant of solvent.55 The maximum difference in the Gibbs free energy of neutral superoxide in 

Page 15 of 36 Physical Chemistry Chemical Physics

P
hy

si
ca

lC
he

m
is

tr
y

C
he

m
ic

al
P

hy
si

cs
A

cc
ep

te
d

M
an

us
cr

ip
t



16 
 

different ionic liquids is 180.5 J.mol-1 which is only 4.6×10-5 % of its average value and 

therefore remains almost constant. 

 

Figure 5. The Gibbs free energy of neutral, -1 e and -2 e charged superoxide structure, Gsup, are 

shown as a function of the static dielectric constant of the solvent. The optimized structure 

corresponds to that of superoxide ion with a negative charge of -1 e. The Gibbs free energy of 

neutral superoxide is almost independent of the dielectric constant. 

The Gibbs free energies of peroxide with charges of -1 and -2 e are presented in Figure 6. 

The solvation energies of both -1 and -2 charged peroxide species are negative. Therefore, the 

Gibbs free energy of these species should be more negative in solvents with greater static 

dielectric constant. Moreover, the rate of reduction in the Gibbs free energy of -2 charged 

peroxide is greater than that of the -1 charged peroxide ion due to its higher electrostatic charge.   
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Figure 6. The variation of the Gibbs free energy of -1 e and -2 e charged peroxide ion, Gper, with 

the static dielectric constant of the solvent is presented. The optimized structure corresponds to 

that of peroxide ion with a negative charge of -2 e charge. 

The change in Gibbs free energy, which is the driving force for the multi-step reduction of 

oxygen into peroxide ion, is obtained by adding the corresponding changes in free energies for 

the constituent reactions. Once the Gibbs free energies of all chemical species involved in each 

step were obtained from the DFT calculations, the change in Gibbs free energy of each reduction 

reaction was calculated in various ionic liquid electrolytes using Eq. (7) and Eq. (8). These 

energies are shown in Figure 7 as a function of the dielectric constant of the medium. The results 

presented in Figure 7 show that the reduction of neutral oxygen into superoxide and superoxide 

into peroxide ion in the vicinity of the carbon cathode are exothermic reactions. Furthermore, the 

change in Gibbs free energies of the reactions is more negative in ionic liquids with greater 

dielectric constant. In other words, the magnitude of the driving force for these reductions 

increases with increase in the static dielectric constant of the solvent medium.  
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Figure 7. The variation of the Gibbs free energy of both reduction reactions as functions of the 

static dielectric constant of the ionic liquids with varying side alkyl chain is shown. 

The first reaction, which involves the reduction of oxygen into superoxide ion, is exothermic. 

This is due in part to the positive electron affinity (69) of oxygen, which results from its high 

electronegativity, as well as due to the negative solvation energy of oxygen and superoxide ion. 

The theoretical electron affinity of a molecule, denotes the difference between the total energies 

of the neutral molecule and the anion at their respective optimized structures56: 

69 = 6�9|9� − 6�9�|9�� (16) 

Therefore, the electron affinity is positive for molecules in which the negatively charged 

anion lies energetically below the neutral molecule. Using the gas phase free energy of oxygen 

molecule and superoxide ion in their optimized structures, the electron affinity of oxygen 

molecule was found to be 0.62 eV, which agrees closely with values reported in literature56. 

While the addition of an extra electron to the negatively charged superoxide ion seems to be 

more difficult than the first reduction reaction, which is indeed true in the gas phase, the 

reduction of superoxide into peroxide ion is still an exothermic reaction due to the large negative 

solvation free energy of peroxide ion. The difference between the lowest and highest free 
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energies of the first reaction in different ionic liquids is 22 kJ.mol-1 while that for the second 

reaction is 83 kJ.mol-1. Therefore, the solvent medium has a stronger effect on the Gibbs free 

energy of the second reaction compared to that of the first reaction. This trend is expected since 

both the reactant and product species are charged particles in the second reaction unlike the first 

reaction, where neutral oxygen is the reactant species and is almost completely insensitive to the 

dielectric properties of the solvent medium. 

The total reorganization energy, which is a required input to the Marcus’s theory for 

calculating the electron transfer rate constant, was calculated for the reduction reactions 

described in Eqs. (1) and (2). The reorganization energies were calculated as the sum of inner-

sphere reorganization energies, calculated using Eq. (10) through Eq. (11), and the outer-sphere 

reorganization energies calculated using Eq. (12). Figure 8 shows the total reorganization energy 

for both reduction reactions in the forward and backward directions in ionic liquids with varying 

dielectric constants. The results presented in this figure indicate that the reorganization energy of 

both reduction reactions in both directions increases with increase in the dielectric constant. 
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(a) 

 

(b) 

Figure 8. The reorganization energy of (a) the reduction of oxygen into superoxide and (b) the 

reduction of superoxide into peroxide ion in both forward and backward directions are shown as 

functions of the static dielectric constant of the solvent. The backward reactions correspond to 

the oxidation of superoxide and peroxide ions respectively. 
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The electronic coupling energy is an important parameter that is required for calculating the 

reaction rate for electron transfer in the framework of Marcus’ theory. The electronic coupling 

energies of the reduction reactions in each direction were calculated by employing the 

Corresponding Orbital Transformation method47, 48 and are presented in Table 1. Based on this 

model, the electronic energies of reactant and products, the reactant-product overlap and the total 

interaction energy are calculated in the absence of external potential energy field such as the one 

created by the electrostatic field of solvent molecules. Therefore, the presence of solvent does 

not affect the electronic coupling energy. 

Table 1. The electronic coupling energies for the reduction reactions in both forward and 

backward directions are presented. 

Reaction 
VRP of forward direction 

(J.mol
-1
) 

VRP of backward direction 

(J.mol
-1
) 

�� + �� ⇌ ��� 0.329 0.00551 

��� + �� ⇌ ���� 0.00394 0.000525 

 

Presented in Figure 9 are the electron transfer rate constants for both reduction reactions in 

the forward and backward directions, in ionic liquids with varying static dielectric constants, 

which were evaluated in the framework of Marcus’s theory. Each data point corresponds to the 

reaction rate constant in the imidazolium based ionic liquids with a specific size of the side alkyl 

chain as shown in Figure 3. The presented results show that the rate constants for the first 

reduction reaction in both directions and that for the second reaction in the backward direction 

decrease with increase in the static dielectric constant of the imidazolium bases ionic liquid. The 

electron transfer rate constant for the second reduction reaction in the forward direction, 

however, remains almost constant with varying static dielectric constant. In this case, the 

maximum variation in the logarithm of the electron transfer rate constant in different ionic 
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liquids is 0.98, which is only 7.4 % of its average value. The very small values of the rate 

constants for the reverse reactions along with their positive Gibbs free energy change (−∆.°� 

and −∆.°�) imply that these reactions are kinetically and thermodynamically unfavorable during 

the discharge cycle of the battery.  

Since the electron transfer reaction in each reduction step is considered as an elementary 

reaction, the equilibrium constant of each step can be calculated using the ratio of the 

corresponding forward and backward rate constant: 

]�^,� =  _
 `_ (17) 

]�^,� =  ,
 `, (18) 

where, ]�^,� and ]�^,� are the equilibrium constant for the reduction of oxygen and superoxide 

respectively. ��, ��� and ��, ��� are the forward and backward rate constants of the first and 

second reduction reactions respectively. Given the Gibbs free energy of each reduction reaction, 

the electron transfer rate constant of the backward reactions can be calculated using the 

following set of equations: 

��� = �� exp '∆a°_�" -  (19) 

��� = �� exp '∆a°,�" -  (20) 

The calculated electron transfer rate constants for the backward reactions, using this indirect 

method, are slightly different from those calculated by the Marcus’s theory. The average relative 

errors in calculating the backward electron transfer rate constants using the indirect method are 

4.3% and 4.9% for the first and second reduction reactions respectively. These errors result from 

the accumulated errors in calculating the reorganization and electronic coupling energies that are 

used in Marcus’s theory.  
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(a) 

 

(b) 

Figure 9. The electron transfer rate constant of (a) the reduction of oxygen into superoxide and 

(b) the reduction of superoxide into peroxide ion in both forward and backward directions in 

imidazolium based ionic liquids with varying static dielectric constant is shown. The backward 

reactions correspond to the oxidation of superoxide and peroxide ions respectively. 

The overall rate constant of the reduction of oxygen into peroxide ion was calculated using a 

method that is described in the supplementary material. The overall rate constant, presented in 
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Figure 10, shows the same trend as the forward rate constant of the first reduction step. This 

figure shows that the electron transfer rate constant, in logarithmic scale, is nearly proportional to 

the inverse of the static dielectric constant of the solvent. Consequently, decreasing the static 

dielectric constant of the solvent increases the electron transfer reaction rate. Therefore, in 

imidazolium based ionic liquids with TFSI- as the anion, the electron transfer reaction at the 

cathode happens faster for cations with longer alkyl side chains. As shown in Figure 10, the 

fitted expression for the variation of the rate constant with the dielectric constant is given as: 

logket(tot) = 24.598 (1/ε) + 21.62. The dielectric constant is the most important solvent parameter 

affecting the rate constant for electron transfer. The fitted expression can be further beneficial in 

determining an approximate value of the rate constant for the reduction of oxygen in other ionic 

liquids that comprise TFSI- anion and have dielectric constant that vary within the studied range. 

 

Figure 10. Variation of the overall rate constant for the reduction of oxygen into peroxide ion 

due to electron transfer is shown as function of the static dielectric constant of the solvent. 

Realistic operating temperatures in lithium batteries range from -15˚C to 100˚C. In order to 

investigate the effect of temperature on the electron transfer reaction rate constants, all the above 
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mentioned thermodynamic parameters were calculated in a temperature range from -15˚C to 

100˚C in [C2MIM]+[TFSI]- as the solvent and the corresponding rate constants for each reduction 

reaction in both forward and backward directions were calculated. The results presented in 

Figure 11 show that with increase in the temperature, the Gibbs free energies of all species have 

negative values of increasingly greater magnitude. 

 

(a) 

 

(b) 
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 (c) 

Figure 11. The variations of the Gibbs free energy of (a) neutral and -1 e charged oxygen 

molecule, (b) neutral, -1 and -2 charged superoxide structure and (c) -1 and -2 charged peroxide 

structure at various operating temperatures are presented. The nomenclature Gox, Gsup and Gper 

indicate that the optimized structures used in calculating the Gibbs free energies correspond to 

that of standard oxygen molecule, superoxide ion and peroxide ion respectively. 

Using the calculated Gibbs free energies of optimized oxygen molecule, superoxide and 

peroxide structures with varying charges, the change in Gibbs free energies for the reduction of 

oxygen into superoxide and the reduction of superoxide to peroxide ion were calculated in the 

studied temperature range. Figure 12 shows the variation of the Gibbs free energies of these two 

reduction reactions with temperature. The Gibbs free energy for both reactions increases in 

magnitude with increasing temperature. However, the change in the Gibbs free energy for the 

reduction of superoxide into peroxide ion is more significant than that of the reduction of 

oxygen. This effect is due to the higher entropy change for the second reduction reaction. At 

constant pressure, the negative of the first derivative of Gibbs free energy with respect to 
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temperature, −'b∆a°b" -�, which is the slope of the change in the Gibbs free energy of the reaction 

with temperature, is equal to the entropy change of the reaction at each temperature, ∆U": 

∆U" = −'b∆a°b" -�  (21) 

Therefore, the magnitude of the slope of the fitted linear expressions is equal to the average 

entropy change of each reduction reaction. The average entropy change of the first and second 

reduction reactions are 0.002 and 0.0039 kJ.mol-1.K-1 respectively, which are equal to the 

magnitude of the slope of the corresponding fitted lines shown in Figure 12.    

 

Figure 12. The variation of the Gibbs free energies of reduction of oxygen and superoxide ion at 

various temperatures is shown. The effect of temperature is more prominent for the second step 

involving the reduction of superoxide ion to peroxide, based on the fitted slopes. 

Furthermore, the Gibbs free energy of each species provided in Figure 11 was used to 

evaluate the reorganization energies of both reactions in forward and backward directions as a 

function of temperature. We assumed that the outer-sphere reorganization energy is independent 

of temperature. The results presented in Figure 13 show that with increase in the temperature, the 
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reorganization energy of forward reactions increases. For the backward reactions, however, the 

reorganization energy decreases with increasing temperature.  

 

(a) 

 
 

(b) 
Figure 13. The variation of the total reorganization energies of (a) the reduction of oxygen and 

(b) superoxide in both forward and backward directions are shown at various temperatures. 

The electron transfer rate constant of the reduction reactions in forward and backward 

directions were evaluated using the calculated thermodynamic parameters at varying 

temperature. The results, presented in Figure 14, show that the electron transfer rate constants for 
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both reduction reactions in both directions increase with increasing temperature. However, as 

shown in Figure 14(a), for the reduction of oxygen into superoxide, the rate of increase for the 

backward rate constant is greater than that of the forward rate constant. According to Eq. (19): 

ln ]�^,� = − ∆a°_
�"    (22) 

By taking the derivative of both sides with respect to temperature at constant pressure we get: 

e fghGi,_
e" = ∆a°_

�", −
�
�" '

b∆a°_
b" -� (23) 

Moreover, we know that 'b∆a°_b" -� = −∆U°�. Hence: 

e fghGi,_
e" = ∆a°_

�", +
∆j°_
�" = ∆a°_�"∆j°_

�", = ∆k°_
�",  (24) 

The maximum difference in ∆W°� in the studied temperature range is 0.09714 kJ.mol-1, 

which is merely 0.027% of the average value. Therefore, we can assume that ∆W°� is constant in 

this temperature range. Hence if we integrate both sides: 

ln hGi,_�",�
hGi,_�"_� = − ∆k°_

� ' �", −
�
"_- (25) 

Since ∆W° for the first reduction reaction is negative, with an average value of -359.196 

kJ.mol-1, the equilibrium constant for the reaction decreases with increasing temperature. 

Moreover, based on Eq. (17), the equilibrium constant for this reaction is the ratio of the forward 

to the backward rate constant for the reaction. Therefore, since both forward and backward rate 

constants of the reaction increase with increasing temperature, the rate of increase for the 

backward rate constant should be greater than that of the forward rate constant in order to 

maintain the decrease in the equilibrium constant. The change in enthalpy, ∆W°, for the reduction 

of superoxide into peroxide is also negative with an average value of -206.328 kJ.mol-1 and a 

maximum difference of only 0.153% of the average. So, the above equations and assumptions 

will be valid for the second reaction as well. Therefore, as shown in Figure 14(b), for the 
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reduction of superoxide into peroxide ion, the rate of increase for the forward rate constant is 

smaller than that of the backward rate constant.  

 

(a) 

 

 (b) 
Figure 14. The variation of the rate constant of (a) reduction of oxygen into superoxide and (b) 

reduction of superoxide into peroxide with temperature is shown. In both reduction reactions the 

rate of increase for the forward rate constant is smaller than that of the backward rate constant. 
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Ultimately, the overall rate constant of the reduction of oxygen into peroxide ion is 

calculated in the studied temperature range from -15˚C to 100˚C. The results are presented in 

Figure 15 and indicate that the electron transfer rate constant in logarithmic scale is directly 

proportional to the inverse of the operating temperature. Therefore, it is concluded that in 

imidazolium based ionic liquids with TFSI- as the anion, the electron transfer reaction at the 

cathode happens faster at higher operating temperatures. 

 

Figure 15. The variation of the overall rate constant of the reduction of oxygen into peroxide ion 

with inverse of operating temperature is shown. 

CONCLUSIONS 

In this study, the kinetics of the multi-step electrochemical reduction of oxygen at the carbon 

based cathode side of the Li-air battery was investigated. The reaction rate constants for electron 

transfer from graphite cathode to oxygen molecule and superoxide ion as well as the reverse 

reactions were calculated in ionic liquid electrolytes with varying dielectric constants and various 

operating temperatures using density functional theory (DFT). Marcus theory formulation was 

applied to evaluate the rate constant and the effect of solvent on these reaction rates was 
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investigated using the COSMO solvation model. We calculated the Gibbs free energy for the 

individual steps involved in the reduction of oxygen into peroxide ion. Our calculations indicate 

that by decreasing the dielectric constant of the solvent, which is a consequence of increasing the 

number of carbon atoms in the alkyl side chain of the cation, the magnitude of the Gibbs free 

energy of the reduction of oxygen into superoxide ion as well as that for the reduction of 

superoxide into peroxide ion, decreases. Moreover, the Gibbs free energy of these two reduction 

reactions increases in magnitude with increase in the operating temperature of the Li-air battery. 

We also evaluated the inner-sphere and outer-sphere reorganization energies associated with the 

electron transfer reactions at the cathode in presence of various ionic liquid solvents. Our results 

indicate that the total reorganization energies associated with the electron transfer reduction of 

oxygen molecule and superoxide ion increase with increase in the static dielectric constant of the 

solvent as well as with increase in the operating temperature. The calculated Gibbs free energy, 

total reorganization energy and coupling energy values were used to calculate the reaction rate 

constant in the framework of Marcus’s theory. The results demonstrate that decrease in the static 

dielectric constant of the ionic liquid electrolyte, due to increase in the length of the alkyl side 

chain of the imidazolium cation, results in increase in the reaction rate constant for reduction of 

oxygen molecule into peroxide ion involving electron transfer at the cathode. The increase in the 

logarithm of the electron transfer rate constant shows a linear trend with respect to the inverse of 

the static dielectric constant of the ionic liquid medium. Moreover,  the overall reaction rate 

constant for the reduction of oxygen into peroxide ion increases with increase in the operating 

temperature. The fitted mathematical relation can be extended to evaluate the rate constant of the 

reduction of oxygen in ionic liquids with TFSI- anion if the dielectric constant and the solvent 

radius of the ionic liquid and the operating temperature vary within the studied range. 
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