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Abstract 

There is significant interest in aprotic lithium-air batteries due to their high theoretical 

specific energy. During discharge, O2 is reduced at the positive electrode and forms 

Li2O2. Cells are typically discharged in O2, not air, because CO2 and H2O can interfere 

with the discharge reaction. However, lithium-air batteries will need to use atmospheric 

O2 if they are to supplant state-of-the-art lithium-ion cells. Therefore, it is important to 

establish how detrimental CO2 and H2O are to the battery. The former is well-known to 

induce the formation of Li2CO3 in Li-O2 batteries, but the recent work has suggested that 

H2O appears to be beneficial at low concentrations in some solvents (e.g. glyme ethers), 

increasing discharge capacities and still forming Li2O2, while in other solvents, such as 

acetonitrile (CH3CN), LiOH is the discharge product. Several mechanisms have been 

proposed to rationalise these findings, but as yet, there is no consensus on the role of 

H2O on O2 reduction.  

The purpose of this work was to understand how H2O affects O2 reduction in electrolytes 

using acetonitrile (CH3CN), dimethyl sulfoxide (DMSO) and tetraethylene glycol dimethyl 

ether (TEGDME) solvents, and, why the 4e- reduction appears to be unfavourable at low 

H2O concentrations. Electrochemical and spectroscopic analysis found that, in CH3CN, 

4e- reduction occurred at lower H2O concentrations than in DMSO and TEGDME. A 

mechanism based on the ability of the H2O/solvent mixture to stabilise OH- was 

proposed, with mixtures that stabilise OH- promoting 4e- O2 reduction. The mechanism 

was confirmed by using pressure cells to identify the electrochemical reaction occurring 

during discharge. Cells using DMSO and TEGDME solvents underwent 2e- O2 reduction, 

even with 1 M H2O concentrations. Finally, TEGDME cells were discharged in a 13% RH 

at 25 °C O2 atmosphere, corresponding to 1 M H2O in solution, and Li2O2 was confirmed 

as the discharge product, demonstrating that it is possible for electrolytes to withstand a 

near-atmospheric humidity. 
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1. Introduction 

 Rechargeable batteries as an alternative to petroleum 

There is a need to reduce the worldôs dependency on fossil fuels as the greenhouse gas 

emissions associated with burning these fuels contributes to the warming global climate. 

Approximately two-thirds of oil is used for transportation, so reducing the dependence of 

vehicles on petroleum products is an important goal towards energy sustainability1. 

Furthermore, petrol and diesel-powered motor vehicles generate harmful compounds, 

such as nitrogen oxides, which contribute to urban pollution and smog2. The 

electrification of the transportation sector would be a significant step towards the goal of 

reducing greenhouse gas emissions. It would also reduce pollution in cities by moving 

the generation of pollutants to power stations or prevent them entirely, if renewable 

sources are used to generate electricity.  

Electric vehicles are one of the most promising solutions and car manufacturers have 

been producing both hybrid and fully electric vehicles (FEVs) for several years. Initially, 

FEVs suffered from short driving ranges, which was due to the poor specific energies of 

lithium-ion batteries (LIBs) used in the vehicles3. However, developments in LIB 

technology have overcome this limitation. FEVs, such as those made by Tesla, have 

driving ranges in excess of 300 miles, but are too expensive for the mass market, which 

prevents their widespread use. Transition metals are used in LIBs and are often 

expensive, one reason the cost of such FEVs is high. However, development of a battery 

system with high specific energy and using cheaper materials than LIBs would 

revolutionise the transportation sector by allowing the manufacture of FEVs with mass-

market appeal (comparable cost and driving range to petrol vehicles). Provided the 

electricity used to charge FEVs were derived from renewable or low carbon sources such 

as solar or nuclear power, greenhouse gas emissions from the transportation sector 

would be reduced. 
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 Current state-of-the-art batteries 

Secondary batteries have progressed from heavy metal systems (lead-acid, nickel-

cadmium and nickel-metal hydride) to Li-based chemistry4,5. All of these batteries rely on 

reactions involving light elements; the former utilise protons, while the latter use Li+ ions. 

Theoretically, this would make the battery lightweight. However, all these battery 

chemistries require heavy metals, which undergo changes to their oxidation state as part 

of the reaction involving H+ or Li+ at an electrode. One of the key targets in battery 

development is to increase the energy density of rechargeable batteries. This can be 

achieved by increasing the voltage and/or capacity per unit mass/volume of the battery, 

as the energy density is the product of these two values. Using a metallic Li anode would 

increase LIB energy density as Li has a high theoretical capacity of 3860 mAh g-1. 

However, Li readily forms dendrites on cycling, which presents a safety hazard as 

internal short-circuits could occur, so an intercalation anode, with lower specific capacity, 

is used. Li-based batteries have nevertheless superseded the heavy metal systems 

because the former operate at higher voltages, typically around 3.7 V compared to 1.2 

V for nickel-cadmium and nickel-metal hydride batteries. This is because Li is one of the 

most electropositive elements (-3.04 V versus the standard hydrogen electrode). As a 

result, the energy density of LIBs is up to five times that of nickel-metal hydride batteries. 

An example of a LIB consists of Li+ ions intercalated in a graphite (LixC6) negative 

electrode and layered-oxide (Li1-xTMO2) positive electrode, where TM is a transition metal. 

The Li+ ions are shuttled between the electrodes during operation of the battery. During 

discharge, Li+ ions are removed from the negative electrode and intercalate into the 

positive electrode; the process is reversed on charge. The energy density of this LIB is 

much lower than if a Li negative electrode were used. The intercalation electrodes add 

mass to the battery, but only Li+ ions contribute to the charge storage. This additional 

mass reduces the energy density of the cell significantly. It is, therefore, no surprise that 

the energy density of LIBs is only 5 times greater than lead-acid batteries5,6. Other 
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layered-oxides are also used, and example of which is the Ni-rich LiNi0.8Mn0.1Co0.1O2. 

This has a theoretical capacity of 275 mAh g-1 (ref. 7). 

 Lithium-air as an alternative 

Lithium-air (Li-air) batteries have the potential to provide a much more energy dense 

battery that would be practical in FEVs. The theoretical gravimetric energy density is 

3505 Wh kg-1, based on the mass of lithium peroxide (Li2O2). This is approximately 9 

times higher than the value for a lithium cobalt oxide-based LIB8. Hence, significant 

research and development of Li-air technology should provide sufficiently energy-dense 

batteries for FEVs to supersede fossil fuel-powered vehicles. 

There are several types of Li-air battery designs5,6,9,10, which will be discussed below. 

Schematic representations of each design are shown in Figure 1.1. The aqueous Li-air 

battery produces LiOH in an alkaline electrolyte (Equation 1.1). Acidic electrolytes 

produce lithium salts, an example of which is given in Equation 1.2. The lithium salt that 

forms on discharge is soluble in aqueous electrolytes, so can remain in solution. 

However, it is possible for the LiOH concentration to reach the saturation concentration, 

in which case, further discharge of the cell results in precipitation of the monohydrate, 

LiOH·H2O11. 

 2Li(s) + H2O(l) + 0.5O2(aq) Ÿ 2LiOH(aq) (1.1) 

 2Li(s) + H2SO4(aq) + 0.5O2(aq) Ÿ Li2SO4(aq) + H2O(l) (1.2) 

The lithium negative electrode must be protected by a Li+-conducting membrane or solid 

electrolyte interphase (SEI), typically a glass or ceramic, as exposed Li metal would react 

with H2O in the electrolyte. 

 The non-aqueous Li-air battery utilises an aprotic, organic solvent and forms Li2O2 

(Equation 1.3) and/or lithium oxide (Li2O) (Equation 1.4) on discharge.  



Chapter 1 

8 
 

 2Li(s) + O2(sol) Ÿ Li2O2(s) (1.3) 

 4Li(s) + O2(sol) Ÿ 2Li2O(s) (1.4) 

Lithium oxides are insoluble in organic solvents, so the discharge products form on the 

positive electrode, which leads to clogging of pores and passivation of the surface as the 

lithium oxides are electrically insulating. On charging, Li2O2 (Equation 1.5) and Li2O 

(Equation 1.6) are decomposed to reform Li at the negative electrode and O2
 at the 

positive electrode. 

 Li2O2(s) Ÿ 2Li+
(sol) + O2(g) + 2e- (1.5) 

 2Li2O(s) Ÿ 4Li+
(sol) + O2(g) + 4e- (1.6) 

 The Li negative electrode spontaneously forms an SEI on contact with the electrolyte 

via a self-limiting reaction, which preserves the bulk of the negative electrode. 

 

Figure 1.1: Schematics of the various possible types of Li-O2 batteries. Reproduced 

from ref. 5. 
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A hybrid aqueous non-aqueous Li-air battery combines aspects of both of the previously 

mentioned designs12,13. The negative electrode is exposed to the non-aqueous 

electrolyte so that an artificial SEI is not required. Li+ passes through the organic 

electrolyte and a Li+-conducting ceramic, which is also hydrophobic to prevent water 

ingress into the non-aqueous electrolyte. It then reacts with reduced O2 species in the 

aqueous electrolyte to form LiOH, which remains in solution.  

A solid-state Li-air battery is also possible14, where the Li+ moves through a solid 

electrolyte to the positive electrode and forms Li2O2, analogous to the non-aqueous 

battery. However, the solid electrolyte must have sufficient Li+ conductivity to allow 

reasonable discharge rates. 

The goal of Li-air research is a battery that uses ambient air. However, almost all studies 

use pure O2 to remove the effects of H2O and CO2, meaning the system usually studied 

is the lithium-oxygen (Li-O2) battery. Henceforth, Li-O2 will be used to refer to studies 

using O2. 

 Early developments 

Li-air batteries were proposed in the 1970s after work on other metal-air batteries had 

been investigated, but was not considered to be electrically rechargeable15. The first 

demonstration of a rechargeable non-aqueous Li-air battery was reported in 1996 by 

Abraham and Jiang16, where a gel polymer electrolyte was used. A qualitative analysis 

of the carbon positive electrode and Raman spectroscopy were used to confirm that the 

discharge product was Li2O2. Despite the large overpotential, the study demonstrated 

the possibility of harnessing the Li/O2 couple in a secondary battery. Subsequent studies 

explored the effect of electrolyte composition and positive electrode formulation on the 

discharge capacity, rate capability and rechargeability17,18. Several liquid electrolytes 

commonly used in LIBs were tested to determine the physical properties relevant to the 

performance of the battery. Ogasawara et al. demonstrated that a Li2O2-packed positive 
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electrode can be oxidised and evolves O2, undergoing the 2e- oxidation proposed in 

Equation 1.5, by using in situ differential electrochemical mass spectrometry (DEMS)19. 

This was the first proof that the proposed Li/O2 couple could indeed be exploited in a 

rechargeable battery. 

 Fundamental chemistry 

An understanding of the reactions that occur during (dis)charge is imperative for the 

successful development of the Li-O2 battery. The discharge proceeds via the lithium 

superoxide (LiO2) intermediate to form Li2O2. However, solvent effects can influence how 

Li2O2 forms. On charge, there is less consensus about the mechanism. There is evidence 

that Li2O2 directly decomposes to Li and O2, but also that LiO2-like species are produced 

as an intermediate on charge. Both the reduction and oxidation mechanisms are 

explored in detail presently. 

 Oxygen reduction reaction (ORR) mechanism 

There have been many studies that have attempted to elucidate the discharge and 

charge mechanisms. Oxygen reduction first begins with a 1e- reduction of O2 to 

superoxide (O2
-) (Equation 1.7), identical to the reaction in Li+-free organic 

electrolytes20,21. O2
- then associates with Li+ forming LiO2 (Equation 1.8). There are two 

possible routes by which Li2O2 subsequently forms21,22. If the LiO2 is on the surface of 

the electrode (LiO2
*), it can undergo a further 1e- reduction and directly form Li2O2 

(Equation 1.9). Alternatively, LiO2 can chemically disproportionate, forming Li2O2 and O2 

(Equation 1.10). This chemical step is possible both at the surface, and in solution. 

 O2(sol) + e- Ÿ O2-
(sol) (1.7) 

 O2
-
(sol) + Li+(sol) Ÿ LiO2(sol) (1.8) 

 LiO2
* + Li+(sol) + e- Ÿ Li2O2(s) (1.9) 
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 2LiO2(sol) Ÿ Li2O2(s) + O2(g) (1.10) 

O2 reduction has been studied in organic solvents for many years. Bulky ammonium 

salts, e.g. tetrabutylammonium (TBA+), are often used in the electrolyte as they only bind 

weakly to the electrochemically generated O2
-. TBA+ forms an ion pair with O2

-, TBA-O2 

(ref. 21). O2
- has been proven to be soluble and stable in the solvents used in Li-O2 

studies22,23. 

LiO2 is thermodynamically unstable, disproportionating to Li2O2 and O2. However, it can 

be kinetically stabilised by some solvents. Laoire et al. explained the stabilisation by 

considering the effect of the solvent on Li+ (ref. 21). They used Pearsonôs hard soft acid-

base theory to rationalise which mechanism occurs24. Considering first only the ionic 

interactions, O2
- is a soft base, whereas Li+ is a hard acid. This results in a poor 

interaction between the ions as Equations 1.7 and 1.8 occur during the ORR. 

Disproportionation produces O2
2-, a harder base, which interacts more strongly with Li+. 

This results in a stable discharge product, Li2O2. Solvent molecules complex Li+, with the 

assumption that four solvent molecules form a co-ordination sphere around each Li+ (ref. 

25). Solvent basicity can be characterised by using the Gutmann donor number (DN), 

where a higher number indicates stronger basicity26. Laoire et al. reported that when Li+ 

is solvated by high DN solvents such as dimethyl sulfoxide (DMSO), the acidity of Li+ is 

reduced, making it softer21. This improves the interaction with O2
- and results in two 

separate reductions peaks (Figure 1.2) corresponding to Equations 1.7 and 1.9. This is 

contrasted with acetonitrile (CH3CN) and dimethoxyethane (DME), which have lower 

DNs, so does not modulate the acidity of Li+ significantly enough to stabilise LiO2. This 

is demonstrated by a single cathodic peak, which contains both O2/O2
- and  

O2
-/O2

2- reductions.  
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Figure 1.2: Cyclic voltammograms (CVs) of O2 reduction in Li+-containing 

electrolytes. Each solvent is indicated above the CV. DMSO has two distinct reduction 

peaks (~2.6 and ~2.3 V), while DME and acetonitrile (CH3CN) only have one reduction 

peak (~2.7 and 2.75 V, respectively). The coloured squares correspond to data not 

shown here and should be ignored. Adapted from ref. 22. 

Johnson et al. developed the concept of surface and solution mechanisms and proposed 

that LiO2 solubility dictates to what extent the surface and solution mechanisms occur22. 

An equilibrium is established between surface-adsorbed and dissolved LiO2. The 

equilibrium can be summarised by Equation 1.11. 

 LiO2* ᵵ Li+(sol) + O2
-
(sol) (1.11) 

The position of the equilibrium depends predominantly on the solvent-ion interactions, 

and the estimated ȹG° values for Equation 1.11 for each of the solvents in the study 

followed the trend seen experimentally. The solubility of the cations, in particular, is 

highly solvent dependent. They go on to show that, in high DN solvents, Li2O2 forms by 

disproportionation and results in toroidal particles, while in low DN solvents, direct 

electrochemical reduction of LiO2* produces a thin conformal film on electrodes (Figure 

1.3). Aetukuri et al. also reported the same unifying mechanism based on Equation 1.11, 

but by using H2O as an additive to stabilise O2
- due to the high acceptor number (AN) of 

H2O (ref. 27).  
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Figure 1.3: A schematic of the surface and solution-based mechanisms. The ȹG° 

values for the dissolution of LiO2* are shown in the table. Adapted from ref. 22. 

Black et al. provided further evidence of disproportionation by adding O2
- (formed by 

reacting potassium superoxide (KO2) with a crown ether) to a Li-based electrolyte28. Li2O2 

was formed and O2 gas evolved, which is only possible if LiO2 formed and 

disproportionates. 

 Oxygen evolution reaction (OER) mechanism 

Laoire et al. proposed an OER mechanism based on electrochemical experiments21. 

They suggested that Li2O2 oxidises directly to Li+ and O2 (Equation 1.12), as the 

reversible O2/O2
- couple is not seen in cyclic voltammograms (CVs) if Li2O2 is formed on 

discharge20,21.  

 Li2O2 Ÿ 2Li+ + O2 + 2e- (1.12) 

Peng et al. used in situ surface-enhanced Raman spectroscopy (SERS) to monitor the 

formation and oxidation of Li2O2 on a Au electrode29. While LiO2 was seen on reduction, 

it was absent on oxidation. The instability of an electrolyte, propylene carbonate (PC), 

towards LiO2 and O2
-, was also used to test whether oxidation proceeds via LiO2. If these 

intermediates were to form on charge, they would attack PC and produce carbonate 
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species that could undergo oxidation themselves, producing CO2. In their DEMS 

experiment, O2 was the predominant gas evolved, with no detection of CO2 (ref. 29). 

Lu and Shao-Horn used a potentiostatic intermittent titration technique and galvanostatic 

intermittent titration technique to probe the kinetics of oxidation30. They hypothesised a 

three-stage mechanism, where the first involves Li+ deintercalation and forms LiO2 on 

the surface of the particle. This must then disproportionate to produce O2 in order to be 

consistent with DEMS experiments, which show O2 evolution during this initial stage of 

charging31. The second stage involves oxidation of bulk Li2O2 and the final stage, at high 

potentials, involves decomposition of side-products and electrolyte30. 

Gallant et al. extended this mechanism to consider the differing charge profile behaviour 

exhibited by discs and small particles (Figure 1.4)32. The delithiation (first stage) 

progressed for a longer time in the particles before the bulk oxidation occurred. Both the 

surface area to volume fraction and surface composition were reported to affect the 

charge profile. The former determines the extent to which delithiation occurs, with 

particles delithiating for longer times than discs due to a larger surface area to volume 

ratio. The latter was suggested to affect the overpotential required for delithiation. 

Previous work has shown that discs and toroids are predominantly composed of O-rich 

(0001) surfaces33. X-ray absorption near edge structure (XANES) data suggested that 

the Li2O2 particles had surfaces that were not as O-rich. Gallant et al. suggested that the 

surface could be (1-100), as computational studies have suggested that this surface may 

have a lower overpotential than the (0001) surface, which would fit with the observed 

results34. The authors go on to speculate that the bulk oxidation is a two-phase process 

where Li2O2 and O-rich species are both present. However, as highlighted by Luntz and 

McCloskey, it is hard to see why the delithiation would terminate once the bulk of the 

Li2O2 was exposed, and a new process requiring a larger overpotential would dominate31. 

Furthermore, to be consistent with DEMS results35,36, the first stage requires that LiO2 

disproportionation be fast to produce the O2 that is detected experimentally.  
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Figure 1.4:The two different charge processes. Surface delithiation occurs first before 

the bulk is exposed and oxidised. Reproduced from ref. 32. 

Computational studies have been carried out to model how the OER. Kang et al. 

provided theoretical evidence for off-stoichiometric delithiation, whereby Li2-xO2 is 

formed37. This creates Li vacancies that are fairly mobile, allowing clusters of LiO2 to 

form on the Li2O2 particle. They go on to suggest that LiO2 either dissolves into the 

electrolyte or decomposes to release Li+ and O2. Based on in situ SERS results29, they 

conclude that LiO2 would immediately decompose, in agreement with Lu and Shao-

Horn30. Radin and Siegel reported a two-stage charging process, dependent on the 

overpotential applied38. Thin Li2O2 deposits can be oxidised at low overpotentials via 

electron-tunnelling, while thicker deposits require higher overpotentials and charge 

transport occurs via polaron hopping38. Further experimental evidence for the 

mechanisms in references 30, 37 and 38 was provided by Ganapathy et al.39 Using 

operando X-ray diffraction (XRD), they found little change in Li2O2 intensity and lattice 

parameters on initial charging. This occurred at low potentials, and was attributed to the 

decomposition of thin and amorphous Li2O2 deposits, as suggested by reference 38. The 

second stage of charging consisted of a higher voltage plateau, where the Li2O2 intensity 
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and occupancy decreased continuously. This is consistent with the second stage 

process in reference 38 proceeding via the solid solution mechanism in reference 37.  

Based on thermodynamics alone, the equilibrium potential for Li2O2 formation is 2.96 V. 

It has been suggested that other factors are responsible for the overpotentials seen. A 

study by Viswanathan et al. showed that the fundamental overpotentials are quite small 

(<0.4 V) for reasonably high current densities40. These fundamental kinetic 

overpotentials are dictated by the chemistry occurring at the positive electrode surface 

and cannot be overcome. Thus, the authors attributed the large overpotentials seen in 

cells to iR losses from cell impedance.  

Højberg et al. carried out an impedance study to assign impedances to specific 

processes occurring within the cell during cycling41. On charging, the total resistance of 

the cell remained relatively constant, despite the steady increase in charge voltage. The 

authors use this to suggest that the charge voltage is a mixed potential of the cell 

resistance and the voltage required to oxidise decomposition products e.g. lithium 

carbonate (Li2CO3).  

The OER mechanism requires charge transport between the Li2O2 deposits and the 

electrode and electrolyte. The insulating nature of Li2O2 can make e--transport and Li+ 

transport slow. Which one is slower will determine the kinetics of oxidation. Zhong et al. 

first reported the in situ observation of Li2O2 oxidation using transmission electron 

microscopy (TEM)42. Their setup consisted of multi-walled carbon nanotubes (MWCNTs) 

supporting Li2O2 particles, with a Li+-conducting solid electrolyte (SE) coated on a Si 

nanowire. They found that electro-oxidation preferentially occurred at the MWCNT/Li2O2 

interface, and not at the Li2O2/SE interface (Figure 1.5).  

This suggests that e--transport may be the limiting factor for oxidation. If Li+-transport had 

been slower, oxidation would first have been seen at the Li2O2/SE interface. Due to the 

high potentials required for the experiments, the authors noted that e--transport 
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limitations may not be the limiting factor in batteries utilising liquid electrolytes and low 

charge rates42.  

 

Figure 1.5: In situ TEM images of the electro-oxidation of a Li2O2 particle on carbon 

nanotubes (CNT), indicated with the red dashed lines. A silicon nanowire (SiNW) 

coated with a Li+ conducting solid electrolyte (SE) provide contact with the Li2O2 particle. 

As oxidation proceeds, the particle shrinks more by the MWCNTs than by the SE/SiNW, 

indicating e--transport limits oxidation under the experimental conditions. Two other Li2O2 

particles, indicated by arrows, are used by the authors as a reference against 

morphological changes due to beam exposure. Reproduced from ref. 42. 

However, a later study43 using in situ atomic force microscopy (AFM) and a liquid 

electrolyte supported the findings of Zhong et al. With a thick Li2O2 layer, the oxidation 

was difficult to detect at low overpotentials. Only small changes in the surface 

morphology were seen below 4.38 V. When held at this potential, the decomposition of 

Li2O2 was too fast to produce clear micrographs. This suggested that the decomposition 
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occurred at the electrode/Li2O2 interface, as the AFM tip would be unable to detect 

changes below the surface43.  

 Solution and surface mechanisms of Li2O2 growth 

The morphology of Li2O2 particles produced on discharge is dependent on multiple 

factors, including discharge rate44,45, solvent22 and temperature46. There are two types of 

morphology typically reported, which are thin conformal films covering the electrode 

surface (Figure 1.6) and large particles, often described as toroids (Figure 1.7). The 

mechanism by which each forms is different.  

 

Figure 1.6: SEM images of (a) pristine and (b) discharged carbon positive 

electrodes in an electrolyte that undergoes the surface mechanism. As the Li2O2 

film is thin, the images are almost indistinguishable. Reproduced from ref. 27. 

Films grow on the surface of the electrode when the surface mechanism dominates. 

Once discharge begins, LiO2 forms on the surface and remains there due to poor 

solubility. It then forms Li2O2 on the surface, by further reduction or disproportionation. 

This means that layers of Li2O2 build up on surface. Due to the insulating nature of Li2O2, 

this passivates the surface of the electrode. Therefore, subsequent Li2O2 deposits where 

the electrode surface is still exposed or where the film is thin enough to allow e--transport 

through the Li2O2 layer. There is limited ability for the deposits to grow out from the 
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electrode (thicken) before passivation occurs. This results in the thin conformal films 

seen by some groups22,32,35,45.  

 

Figure 1.7: (a) and (c) SEM and (b) and (d) TEM images of toroids formed on 

freestanding carbon nanotube positive electrodes. The dashed lines indicate the 

carbon nanotubes. Reproduced from ref. 33. 

Toroids, on the other hand, require a solution mechanism to form. The LiO2 intermediate 

dissolves at the electrode surface and then diffuses away. It can then precipitate out 

elsewhere, e.g. on a particle of Li2O2, and disproportionate on the surface of that particle. 

Solvation allows Li2O2 to form far from the electrode surface and produces crystalline 

toroids. Inherent solubility of the LiO2 intermediate in high DN solvents is one route by 
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which the toroids could form22. It has been suggested by Aetukuri et al. that H2O is also 

responsible for the solubilisation of LiO2 (ref. 27). The effect of H2O will be considered in 

detail in Section 1.10.2. 

Luntz and McCloskey31 suggested that the variation in particle size in ethereal 

electrolytes reported by others28,33,39,42,45,47-53 may be in part due to H2O contamination, 

possibly from improper drying of components or poor gas handling. Others have also 

reported only observing toroids in tetraethylene glycol dimethyl ether (TEGDME) with 

added H2O (ref. 54). However, since this potential effect of H2O was highlighted, a study 

reported toroids from SEM data when using TEGDME with <10 ppm H2O as the 

solvent55. The situation is no less clear with anhydrous DMSO. Studies have shown the 

formation of toroids22, bundles of nanosheets with some forming toroids56, and only large 

agglomerates of thin sheets57.  

As the precise role H2O plays is not fully understood currently, its effect on morphology 

remains unresolved and further studies looking closely at Li2O2 morphology must 

endeavour to achieve anhydrous conditions for all components (electrodes, separators, 

salt, solvents, purging O2 gas, etc.) if they are to truly discriminate between dry and wet 

systems. 

The current density (j) during discharge is important in controlling whether the solution 

or surface mechanism is dominant. Mitchell et al. reported toroids at low j, and smaller, 

irregular particles at higher j on carbon nanotubes33. They ascribed the varying 

morphology to the overpotential for nucleation, based on the Volmer-Weber island 

growth model. At low j, the overpotential is small (i.e. close to the thermodynamic 

potential for Li2O2 formation). Therefore, the driving force for nucleation is small, resulting 

in few sites where deposition occurs. This allows growth of few, but large, particles. 

Higher j require larger overpotentials, which creates more nucleation sites so more 

particles can grow. In addition, they reported that the particles are formed of aligned 

plate-like Li2O2 crystallites, which splay as the particle grows, to produce toroids.  
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Adams et al. showed that, at low j, toroids are formed, but as j is increased these particles 

become smaller and more numerous, and at even higher j, only the film morphology is 

seen45. The authors ascribed the changing morphology to the competing kinetics of LiO2 

solvation and Li2O2 formation (chemically and electrochemically). At low j, solvation is 

faster than the disproportionation or direct reduction of LiO2, which allows growth via 

solution mechanism. At higher j, LiO2 cannot dissolve from the electrode surface before 

it is reduced or disproportionates directly on the surface via surface migration.  

Computational studies have also produced reasonably accurate models for toroid/film 

nucleation. Horstmann et al. suggested that the transition from toroids to films occurred 

at the exchange current of the ORR44. The model presented by Lau and Archer 

quantitatively described the discharge profile and showed that sudden death of batteries 

discharging at low current densities is due to nucleation of many small particles55. As the 

surface is consumed by toroids, the overpotential increases at the exposed positive 

electrode surface, increasing the nucleation rate. This produces many particles late into 

discharge, which leads to passivation. 

 The stability of key components of Li-O2 batteries 

Of key importance is the stability of all components to the various chemical species 

present in a battery when discharging, charging and at rest. Chemical and/or 

electrochemical instability will lead to parasitic reactions that will lead to premature failure 

of a battery. The Li-O2 battery differs from LIBs in that new chemical species are 

produced during operation of the battery, which requires all battery components to 

additionally withstand O2
-, LiO2 and Li2O2. 

There are several ways to quantify the stability of a cell. These methods use the 

assumption of ideal Li2O2 formation and decomposition chemistry as described in 

Section 1.5. DEMS can be used to determine the e-/O2 ratio, which is expected to be 

2.00 if Li2O2 is the only product. The only gas that should be detected on charge is O2; 
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any other gases (e.g. H2 or CO2) imply unwanted discharge products. The yield of Li2O2, 

(YLi2O2), is expected to be 100%, based on the charge, and assuming no side-products 

form. The ratio of O2 gas consumed and evolved (OER/ORR) should be 1.00.  

One very important component of the Li-O2 battery is the electrolyte. It is in contact with 

both electrodes and must be stable to the potentials applied during cycling as well as the 

chemical species that form during operation. However, research has shown that many 

solvents and salts, which have been used in studies, are in fact unstable. 

The other major source of side reactions is the positive electrode. Carbon was the initial 

choice for the positive electrode material due to a range of suitable properties, e.g. 

conductivity, porosity. Problems have been found with the use of carbon and the polymer 

binders sometimes included in the positive electrode. Hence, there has been 

development of non-carbon positive electrodes with improved stability since carbon 

instability was identified. 

 Solvents 

Early studies into Li-O2 batteries utilised organic carbonates as the solvent in the 

electrolyte, because these solvents had been extensively used in Li-ion batteries. The 

most notable of these is PC. It is used in LIBs as it has a range of desirable properties, 

including a high dielectric constant, a large electrochemical stability window and low 

volatility58. Reports using carbonate-based electrolytes claimed Li2O2 was the dominant 

product using ex-situ spectroscopic techniques and XRD59-61. However, capacity fading 

was often observed. One posited explanation for this effect included pore blocking in the 

carbon positive electrodes which would reduce the active surface area on subsequent 

cycles59. However, other groups began to report carbonate species, principally Li2CO3 

and lithium alkylcarbonates (LiRCO3) as the main products, using a variety of 

spectroscopic techniques62-64. Freunberger et al. also reported these discharge 

products65. They also suggested that capacity fading was due to the build-up of these 

products on repeated cycling. McCloskey et al. employed DEMS experiments to show 
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the instability of carbonate electrolytes compared with DME, an ether-based electrolyte63. 

The carbonate electrolytes produced CO2 throughout charge, even when a 1:2 PC:DME 

mixed solvent was used (Figure 1.8). Computational studies support the experimental 

data66,67. These reports demonstrated the importance of spectroscopy in linking the 

observed cycling behaviour to the true electrochemistry occurring in a battery.  

Ethers have replaced organic carbonates as the solvent of choice due to several 

advantages. They are often stable to high voltages (~4 V vs Li+/Li), are low cost and 

compatible with Li negative electrodes. They are also relatively stable towards O2
-, which 

improves cyclability. Read showed that ethers were a suitable alternative to organic 

carbonates before carbonate instability was even known68. Ethers and organic 

carbonates have similar O2 solubilities, but the lower viscosity of ethers improves the 

discharge capacity of cells18. Freunberger et al. reported that ethers undergo 

decomposition and suggested a mechanism by which O2
- abstracts a proton from the 

ether69. This initiates a set of reactions, producing Li2CO3 and LiRCO3.  

 

Figure 1.8: O2 and CO2 gas evolution profiles on charging positive electrodes in 

electrolytes containing (a) DME, (b) 1:1 mixture of ethyl carbonate/dimethyl 

carbonate (EC:DMC) and (c) 1:2 mixture of PC/DME. Only DME produces significant 

amounts of O2, while carbonyl-based electrolytes predominantly evolve CO2 on charge, 

indicating their instability on discharge. Reproduced from ref. 63. 
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McCloskey et al. screened a range of solvent and salt combinations to assess the 

rechargeability of commonly used electrolytes36. They found that the most stable 

solvents were CH3CN and ethers, particularly DME. They possessed OER/ORR values 

of ~0.9 and ~0.8, respectively. CH3CN is not commonly used for two-electrode cells due 

to instability towards the Li negative electrode. Hence, ethers, particularly DME and 

TEGDME have been used extensively in research. The OER/ORR values of ~0.8 do 

however indicate parasitic chemistry. The e-/O2 on discharge for DME on discharge was 

close to 2.00 but on charge it was ~2.6-2.7, suggesting that parasitic reactions were 

occurring on charge.  

However, it is also possible that after discharge, the Li2O2 reacts chemically with the 

electrolyte and/or positive electrode. In this way, the e-/O2 ratio on discharge would still 

be ~2.00, but it would deviate significantly more on charge31. This suggests that 

decomposition may be more complex than the mechanism suggested by Freunberger et 

al.69 Determining YLi2O2 resolves this uncertainty as it would detect a loss of Li2O2 after 

discharge. McCloskey et al. developed an iodometric titration to quantitatively measure 

Li2O2 deposited on a positive electrode70. When used in conjunction with DEMS, it 

showed that less Li2O2 was formed than expected based on the O2 gas consumed, 

demonstrating that electrolyte and/or positive electrode decomposition occurs. 

Interestingly, they presented data showing a correlation between discharge rate and 

YLi2O2
 (Figure 1.9). At high rates, YLi2O2 was close to the expected value, but as the rate 

decreased, YLi2O2 reduced (Figure 1.9a). However, the DEMS data shows that the 

electrochemical behaviour is unchanged with rate (Figure 1.9b). This is indirect evidence 

for the chemical reaction of Li2O2 with cell components. At lower rates, the discharge 

proceeds for a longer time, which exposes the electrolyte and positive electrode to Li2O2 

for more time and would allow slow chemical reactions to occur, whereas at high rates 

there is insufficient time for slow reactions to occur so Li2O2 loss is reduced.  
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Figure 1.9: (a) The relationship between discharge current and Li2O2 yield. Ideal 

Li2O2 formation results in a YLi2O2 value of 1.00 (i.e. 100%) (b) O2 consumption at various 

discharge rates. Inset: e-/O2 values for various discharge rates. Reproduced from ref. 70. 

Black et al. chemically produced LiO2 using KO2 and a crown ether to produce free O2
- 

(ref. 28). A Li salt was then added to produce LiO2. This procedure was carried out in 

TEGDME to test its stability to attack from LiO2. It was found to be stable to LiO2. Adams 

et al. synthesised a novel solvent (Figure 1.10), which is more resistant to attack from 

O2
- by replacing reactive protons with methyl groups71. The synthesis of new solvents 

may lead to the discovery of one stable enough for Li-O2 batteries. 

Other solvents have also been considered, but were not found to be better than ethers. 

DMSO has been used as the solvent in batteries and was shown to be rechargeable and 

exhibit only a small amount of side reactions72,73. DMSO is also commonly used as a 

solvent in CVs. However, it is known that Li2O2 can react with DMSO74,75, and has been 

shown to react over the course of days to produce LiOH and Li2CO3, though it was stable 

over shorter timescales (10 minutes)75,76. This means that DMSO is unsuitable for 

practical batteries. However, for short timescale experiments (e.g. CVs) it is a useful 

solvent, as its high DN allows the solution-based ORR mechanism to be studied 

(Section 1.5.1). It is also known that DMSO can react with O2
- (ref. 77) or LiO2 in the 

presence of a carbon positive electrode74. 
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Nitriles are less commonly used in batteries, and as such there has been less 

investigation of their stabilities. CH3CN is known to be stable in the short-term, based on 

O2 redox experiments20,21. However, it is unlikely to be used in the electrolyte due to its 

high volatility. Hence, other nitriles have been investigated to replace CH3CN. On the 

basis of computational experiments, pivalonitrile (t-BuCN) was found to be more stable 

than CH3CN to attack by O2
- and Li2O2

78,79. Laino et al. reasoned that t-BuCN would be 

more stable than CH3CN as nucleophilic attack by O2
2- requires close contact, something 

which the bulky tertiary butyl group restricts to an extent79. The nitrile group can also be 

attacked at the C of the CN group78. Benzonitrile derivatives were found to be stable 

when the aromatic ring contained electron-donating groups ortho or para to the CN, 

reducing the nitrile nucleophilicity78. Despite the stability demonstrated above, ethers 

remain the solvent of choice. 

 

Figure 1.10: The novel solvent (bottom) synthesised by Adams et al., based on 

DME (top). The protons have been replaced methyl groups. Adapted from ref. 71. 

Amides have also been considered due to their stability to attack by O2
-. Computational 

studies found amides had higher activation energies to O2
- attack than other classes of 

solvents78. N,N-Dimethylformamide was found to be unstable, with minor amounts of 
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decomposition products detected, even after the first discharge. Subsequent cycling 

resulted in a build-up of these products in the positive electrode, leading to capacity 

fading80. Dimethylacetamide (DMA) was also considered and 1H NMR showed CH3CO2Li 

and HCO2Li both formed on discharge80. Amides are also known to react with Li metal, 

resulting in soluble species that can oxidise on charge81. This complicates any potential 

use of amides in practical Li-O2 cells. 

Room temperature ionic liquids (RTILs) are an alternative to conventional electrolytes, 

with potential application in the Li-O2 system because of certain favourable 

characteristics, including hydrophobicity, stability, and low volatility and flammability. The 

properties of RTILs can be adjusted by the specific choice of cation and anion, but care 

must be taken to ensure stable ions are used. It was suggested that imidazolium cations 

would be unstable to nucleophilic attack by O2
-, based on CVs and calculated Mulliken 

charges82. Pyrrolidinium and piperidinium-based cations, however, were suggested as 

stable to O2
-, as their Mulliken charges are negative, implying lower reactivity towards 

nucleophiles82,83. A thorough study by Das et al. determined the stability of several 

cations used as RTILs using DEMS84. 1-butyl-2,3-dimethyl-imidazolium was found to 

decompose, based on the deviation of the e-/O2 values from 2.00, which were 2.14 and 

8.26 for discharge and charge, respectively. Despite little CO2 being detected on charge, 

the value implies a substantial amount of parasitic reactions occurring on charge84. The 

value of 2.14 for discharge appears far more acceptable, but also indicates a significant 

degree of decomposition. Hayyan et al. used a very similar cation, 1-butyl-3-

methylimidazolium, and determined its instability towards chemically and 

electrochemically generated O2
- using gas chromatography-mass spectrometry85. They 

proposed that imidazolium ions react with O2
- and form 2-imidazolone-based molecules, 

based on the identification of 1-butyl-3-methylimidazolone.  

Das et al. found that N-methyl-N-propyl-pyrrolidinium and N-methyl-N-butyl-pyrrolidinium 

were the most stable RTILs of those tested84. However, they still underwent 
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decomposition on charge, making them unsuitable for long-term cycling. Further 

research into stable RTILs is still needed. 

 Salts 

The choice of salt is critical for the electrolyte. It must be sufficiently soluble in the chosen 

solvent to facilitate ion transport, the anion must be inert to all components within the 

battery and be stable to Li2O2 and its reactive intermediates10. If it suffers from even a 

small amount of instability, cyclability will be compromised. 

One of the first salts identified to decompose in Li-O2 batteries was lithium 

hexafluorophosphate (LiPF6). It is a commonly used salt in LIBs, but Oswald et al. used 

X-ray photoelectron spectroscopy (XPS) to show that exposure of Li2O2 to LiPF6 resulted 

in LiF formation on the surface of Li2O2 particles86. The PF6
- anion hydrolyses to produce 

HF, which leads to LiF formation, but the authors suggested an additional reaction 

between Li2O2 and the salt as the H2O content was too low to account for the amount of 

LiF observed. Others confirmed the instability of LiPF6 with a range of techniques87-90. 

Oswald et al. also considered the stability of lithium bis(oxalato)borate (LiBOB) and 

lithium perchlorate (LiClO4)86. The former was also unstable to Li2O2, but the latter was 

found to suffer little or no decomposition.  

XPS was used to detect salt decomposition products on discharged positive electrodes 

by Veith et al.89 All salts in the study (LiPF6, lithium bis(trifluoromethanesulfonyl)imide 

(LiTFSI), lithium tetrafluoroborate (LiBF4), and LiClO4) were found to degrade to some 

degree, but LiClO4 was the most stable, in agreement with reference 86. LiClO4 was 

found to be stable in a 1:1 mixture of ethylene carbonate/diethyl carbonate (EC/DEC)91, 

indicating that a holistic approach to the electrolyte must be pursued to find a 

combination of salt and solvent which are suitable. Lithium tetracyanoborate has also 

been found to be unstable in long chain ethers92.  
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A comprehensive study of the most common salts used in Li-O2 batteries was carried 

out by Nasybulin et al. using TEGDME93. A summary of their findings is shown in Figure 

1.11. XRD data only showed very limited decomposition, but this only indicates a lack of 

crystalline decomposition products. XPS was used to detect amorphous products. LiBF4 

and LiBOB were unstable, confirming other reports86,89. LiBOB decomposes to oxalate 

compounds, similar to that reported by Oh et al., who found lithium oxalate as the main 

decomposition product of the salt in PC94. 

 

Figure 1.11: Summary of the decomposition products of various salts. LiClO4 and 

LiBr (not shown) are stable, while other salts decompose to the products shown. 

Reproduced from ref. 93. 

Based on these reports, the decomposition of LiBOB appears to be independent of 

solvent, so it is probably caused by O2
- or Li2O2. LiPF6 was highly unstable and LiTFSI 

was also found to be unstable. Lithium trifluoromethanesulfonate (LiTf) was more stable 

than the related LiTFSI salt. However, using 19F NMR, the LiF peak was seen for all the 

F-containing salts. LiClO4 and LiBr were both stable, with the finding for LiClO4 

contradicting earlier work89,95. The discrepancy was explained by the chemical instability 

of LiClO4 to the X-ray beam, which led to LiCl formation on continued exposure. Hence, 

of the salts tested by the authors, only LiClO4 and LiBr are stable salts. 
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There is now interest in molten salts as they could be used in place of salt solutions. 

Eutectic mixtures of alkali metal nitrate salts are used to lower the melting point96,97. 

 Carbon 

Carbonaceous positive electrodes have been the most common choice for galvanostatic 

studies because carbons can produce high surface area positive electrodes and are 

sufficiently e--conducting to support cycling. There are, however, issues with the stability 

of carbon positive electrodes, which have been documented.98-102 

McCloskey et al. used a 13C-enriched positive electrode combined with DEMS to 

determine whether the positive electrode interacts with Li2O2 or intermediate species98. 

They suggested that Li2O2 reacts with the carbon positive electrode to form a thin film 

directly on the surface. Towards the end of charging, this can be oxidised, and is seen 

in the DEMS results, where around 50% of evolved CO2 is 13C-labelled. The Li2CO3 film 

is self-limiting as the initial formation protects the positive electrode from contact with the 

bulk of the Li2O2 deposits. 

Thotiyl et al. devised an approach to determine the source of CO2 from the solid deposits 

on the positive electrode99. 13C positive electrodes were used in conjunction with 

electrolytes without 13C-enrichment. The positive electrodes were extracted at different 

stages of (dis)charge and washed with acid and Fentonôs reagent. The former evolves 

CO2 from Li2CO3 and the latter oxidises lithium carboxylates, again producing CO2. The 

evolved gases were analysed by mass spectrometry. The authors found very little 13CO2 

on discharge, indicating that the positive electrode is stable on discharge. On charging, 

13CO2 was detected above 3.5 V, becoming an increasing proportion of the total CO2 

given off as charging progressed. Continued cycling resulted in accumulation of Li213CO3. 

It was also reported that the positive electrode does not decompose in the absence of 

Li2O2, and chemical decomposition with Li2O2 is limited, since if this were to occur, 13CO2 

would be seen at potentials below 3.5 V. Therefore, the carbon positive electrode is 

primarily unstable during cycling at higher potentials.  
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A solid-state nuclear magnetic resonance (NMR) study by Leskes et al. supported these 

conclusions and proposed a possible route by which the positive electrode 

decomposes101. Based on the rapid decrease in intensity of the Li217O2 signal in 17O 

spectra on charging, it was suggested that the Li2CO3 forms via Equation 1.13. 

 2C(s) + 3Li2O2(s) Ÿ 2Li2CO3(s) + 2Li+(sol) +2e- (1.13) 

Gallant et al. and Itkis et al. used XANES to provide further evidence of Li2CO3 at the 

carbon/Li2O2 interface, and also suggested that Li2CO3 forms on discharge100,102. Itkis et 

al. suggest that O2
- is responsible for carbon reactivity. 

 Xu et al. presented evidence against carbon instability, reporting that all Li2CO3 was 

formed from electrolyte decomposition in their study103. Their suggestion is based on 

solid-state NMR data that disagrees with Leskes et al. However, given that some Li2CO3 

formation was attributed to the positive electrode in their mass spectrometry data99, it 

seems likely that the positive electrode is indeed unstable on charging. 

 Binders 

Positive electrodes can contain binders but they also suffer from instability. One of the 

most commonly used binders, polyvinylidene difluoride (PVDF), was identified as being 

unstable by Black et al.28 When PVDF was added to a solution containing chemically 

generated LiO2, it released gas for a short time and the solution immediately turned 

brown, which darkened over 1 hour. The XRD pattern showed some Li2O2 was produced 

but KF and LiF signals were stronger. The F- source is the PVDF binder. New peaks 

were seen in 13C NMR spectra, attributed to =C-H and =C-F. PVDF is known to undergo 

dehydrofluorination, as the H atom is relatively acidic. Organic and alkaline bases are 

capable of abstracting the H atom, followed by the subsequent loss of F-, to produce a 

C=C bond (Equation 1.14). O2
- is a stronger base than OH- (ref. 77), so is more sensitive 

to the acidic proton in PVDF. This discolouration has also been observed by others with 

only Li2O2 present104, suggesting that Li2O2 is a strong enough base to attack PVDF. 
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 LiO2 + -(CH2-CF2)- Ÿ LiF+ HO2 + -(CH=CF)- (1.14) 

Younesi et al. also showed that PVDF decomposes in a battery using XPS92. After cycling 

PVDF-containing positive electrodes in fluorine-free electrolytes, a peak characteristic of 

LiF was seen, again suggesting PVDF is unstable. LiF forms in LIBs as part of the SEI 

layer and protects the negative electrode. However, in a Li-O2 battery, the presence of 

LiF will be detrimental to the lifetime and performance of the battery. It is electrically 

insulating and cannot be oxidised on charge. This leads to accumulation on repeated 

cycling which passivates the positive electrode.  

Nasybulin et al. screened a range of commonly used polymer binders using XRD and 

XPS105. The binders were ball-milled with KO2 and XRD data suggested that 

polytetrafluoroethylene (PTFE), polypropylene (PP) and polyethylene (PE) were stable 

to O2
-. XPS was then used on these binders, as well as PVDF, to further probe their 

stability, because XRD is insensitive to amorphous products and thin films of products 

on the surface of particles. PVDF was confirmed to be unstable to both KO2 and Li2O2, 

as previously discussed. The results for PTFE were ambiguous. The C1s spectra had 

additional peaks when ball-milled with KO2 and Li2O2, but the F1s spectra were 

unchanged. PP had small additional peaks indicating some instability, while PE was 

found to be stable to KO2 and Li2O2. The authors noted that ball-milling produces a high-

energy environment where the reactivity of the binders may be increased and not 

accurately represent the conditions in a cycled cell. Therefore, some polymers, 

particularly PP and PTFE, may still be suitable for practical positive electrodes. 

Amanchukwu et al. also performed a stability study on several polymers, but added 

solutions containing the polymers to Li2O2 powder106. Of the polymers common to both 

studies, there was broad agreement in identifying the unstable polymers, but 

Amanchukwu et al. suggest that, PTFE, polyethylene oxide (PEO) and poly(methyl 

methacrylate) are stable106. However, Beyer et al. reported that PEO reacts on charge107. 
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 Non-carbon positive electrodes 

Considering the stability issues identified earlier, attempts have been made at 

synthesising non-carbon positive electrodes to produce a battery with improved cycling. 

Peng et al. used a nanoporous gold (NPG) positive electrode to reduce the degree of 

parasitic chemistry72. The battery maintained a capacity retention of 95% after 100 cycles 

and had low charge overpotentials throughout cycling. Gold would not be appropriate for 

a practical positive electrode due to high cost and mass, but the study demonstrated the 

potential of using non-carbon materials either solely as an electrode or coated on carbon 

to protect it from oxidation.  

Further progress was made when Thotiyl et al. reported the stable cycling of a titanium 

carbide (TiC) positive electrode using a DMSO-based electrolyte108. Capacity retention 

over 100 cycles was >98% (Figure 1.12) and showed reproducible (dis)charge profiles. 

Very small amounts of side products were found, even after 100 cycles and the e-/O2 

values on the 100th cycle were 2.00 and 2.02 for discharge and charge, respectively. The 

stability of TiC was attributed to the surface chemistry. XPS data showed the surface 

was rich in TiOC and TiO2. TiC was compared with SiC, which cycled poorly. SiC did not 

have an oxide layer. 

 

Figure 1.12: (a) Selected galvanostatic discharge/charge cycles of a TiC positive 

electrode in 0.5 M LiClO4 in DMSO showing stable cycling. (b) Capacity retention for 

the cell in (a). Reproduced from ref. 108. 
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Adams et al. probed the nature of the TiC surface further109. They found that a well-

performing TiC sample had a smaller oxide layer than suggested by Thotiyl et al.108, 

based on the relative intensities of TiO2, TiOC and TiC in XPS spectra. TEM images 

showed crystallinity to the edge of the TiC particles, implying a very thin oxide layer which 

protects the positive electrode from oxidation while allowing facile e--transport. 

Mo2C was considered by Kundu et al.110 It has an oxide layer consisting of MoO2+ŭ which 

again acts as a protecting layer. However, it reacts with Li2O2 to form LixMoO3, which 

delithiates within the OER potential range, thus competing with Li2O2 oxidation and 

severely impacting on the reversibility of the battery.  

A Ti4O7 positive electrode was reported by Kundu et al.111, which had a low charge 

overpotential. XPS data revealed that on discharge a surface layer of TiO2 and TiO2-x 

formed. The substoichiometric TiO2-x is electronically conducting, permitting  

e--transport from the bulk Ti4O7. A Pt-modified TiO2 positive electrode has also been 

shown to possess excellent stability112. 

Other metal oxide positive electrodes have also been investigated, some of which may 

also catalyse the ORR and/or OER, providing an additional benefit to substituting the 

carbon for another active positive electrode material. There are several examples of 

Co3O4 positive electrodes with varying microstructures being employed as the positive 

electrode113-115. When nanoneedle Co3O4 was used, high discharge capacities were 

reported (4500 mAh g-1) on the first discharge but cycling led to destruction of the 

nanoneedle structure114. Al2O3 has been used to coat defect sites on a carbon positive 

electrode, thus reducing the rate of parasitic chemistry116. FeOx has also been used to 

successfully protect carbon from attack117. 

These examples demonstrate the potential benefit that thin surface layers can afford to 

the bulk material in a positive electrode, provided the layer is carefully selected to be 
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inert to Li2O2 and its intermediates as well as providing the electrical conductivity required 

of the positive electrode. 

 Negative electrodes 

The high theoretical capacity of Li-O2 batteries is based on the use of Li metal as the 

negative electrode. However, it has been known from LIB development that Li is 

unsuitable as a negative electrode due to a number of issues, including dendrite 

formation. Furthermore, there are additional issues unique to using O2. At the very least, 

the negative electrode is exposed to O2 and possibly O2
- in a closed system, but if using 

ambient air as the O2 supply, CO2, H2O and N2 must be filtered out by some form of 

membrane to prevent them passing through the cell and reacting with the negative 

electrode.  

Assary et al. investigated the effect of O2 crossover on the Li negative electrode in a 

TEGDME electrolyte118. The negative electrode reacted with O2 and the solvent to form 

predominantly LiOH as well as some Li2CO3 after very few cycles, as observed by 

in situ XRD. Density functional theory calculations supported the experimental data. 

One method of suppressing Li negative electrode reactivity is by the use of chemicals 

that undergo a self-limiting reaction with the negative electrode to form a stable SEI. 

Walker et al. reported a rechargeable battery utilising LiNO3 and DMA, which achieved 

more than 80 cycles on shallow cycling81. They suggested that the stability of the cell 

was partly due to the formation of an SEI on the negative electrode by NO3
-
 (Equation 

1.15). The SEI is Li2O, as LiNO2 is a soluble species. 

 2Li + LiNO3 Ÿ Li2O + LiNO2 (1.15) 

In subsequent work, Giordani et al. found that the SEI required O2 to protect the negative 

electrode well on repeated cycling and suggested that LiNO2 reacts with O2, regenerating 

LiNO3, so that the electrolyte is not depleted on cycling119. Uddin et al. confirmed the 

reaction mechanism, and noted that this system allows the SEI to respond to the 
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changing morphology of the negative electrode as Li is stripped and plated on cycling120. 

However, they did not comment on the fact that the Li negative electrode reacts 

irreversibly, which would likely limit the rechargeability of a practical cell somewhat, and 

would certainly necessitate an excess of Li as the negative electrode to compensate for 

the continual Li2O formation. However, they suggest their approach solves the problem 

of O2 crossover and would negate the need for a protective membrane or ceramic on the 

negative electrode. 

Another approach was taken by Liu et al., who used fluoroethylene carbonate to produce 

an artificial SEI comprised mostly of LiF and Li2CO3, which greatly enhanced negative 

electrode stability121. SEM images showed that the protected negative electrode was 

much smoother on cycling compared to an unprotected negative electrode. An artificial 

SEI (e.g. LISICON122) can also be placed between the negative electrode and the liquid 

electrolyte.  

Cs+ was used to produce a self-healing effect on dendritic growth by Ding et al.123 Any 

raised areas of Li on the negative electrode would attract the Cs+ and adsorb on these 

raised areas. The concentration of Cs+ was carefully controlled so that the applied 

potential was higher than the thermodynamic potential for Cs to electroplate on the 

negative electrode, but low enough to allow Li plating. The authors proposed that the 

adsorbed Cs+ acted as an electrostatic shield, repelling Li+ from the raised features, 

forcing it to plate onto smoother areas of the negative electrode (Figure 1.13). Cs+ was 

also shown to be able to smoothen pre-existing dendrites123. These results were not 

carried out in a Li-O2 battery, so, while promising, this approach may be unsuitable for 

Li-O2 chemistry, with potential reactivity towards O2
-. 
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Figure 1.13: Schematic of the mechanism by which Cs+ and other cations can 

supress the growth of dendrites. As the tip grows (b), the cations are attracted to it (c) 

and completely cover it (d). They can then repel Li+ (e) preventing further growth, so that 

deposition occurs around the tip, resulting in planar growth (f). Reproduced from ref. 123. 

 Strategies to reduce overpotentials and increase discharge capacity 

If overpotentials could be reduced, the efficiency of the battery would be improved. There 

are two main routes by which this could be achieved; solid catalysts incorporated into 

the positive electrode and soluble redox mediators (RMs). It is also possible to increase 

discharge capacity by either designing specific catalyst architectures or using redox 

mediators to delay positive electrode passivation. The use of catalysts and RMs are 

discussed below. 

 Catalysts 

Catalysts have been seen as a potential solution to reducing overpotentials. However, 

they will only be an effective solution if they are to alleviate the cause of the overpotential. 

Given that there is still debate as to whether the oxidation of Li2O2 has small 
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overpotentials40 or is the cause of significant polarisation30,32, the possible utility of 

catalysts remains uncertain. 

The unique requirements of Li-O2 chemistry are problematic if catalysts are used in the 

positive electrode. A catalyst, by definition, is a substance that promotes a given reaction 

by offering a low energy reaction pathway whilst not being consumed during the reaction. 

When ñcatalystsò are used in the Li-O2 system, Li2O2 will form on their surfaces, causing 

passivation. This means it is unavailable to catalyse further O2 reduction. It is, therefore, 

not a catalyst in the strictest sense. Once the cell is charged, the Li2O2 is removed and 

only then is the ñcatalystò recovered. Hence, these added substances are not truly 

catalysts, though they can improve the performance of cells before being passivated. 

Some reports have attempted to synthesise catalysts with specific architectures to delay 

passivation, e.g. mesoporous pyrochlores124 and nanoneedles115. 

 Redox mediators 

An alternative method of increasing capacity and reducing overpotentials is by using one 

or more RMs, which has been an area of significant research in recent years. RMs work 

by decoupling O2 electrochemistry from the storage of Li2O2. Taking the charge as an 

example, RM is oxidised to RM+, diffuses away from the electrode and oxidises Li2O2, 

which regenerates RM (Figure 1.14). In this way, Li2O2 that is electrically disconnected 

from the electrode can be oxidised. It also results in lower charging potentials, reducing 

decomposition reactions that would otherwise have occurred during charge. The soluble 

nature of RM- and RM+ means that reduction and oxidation can occur far away from the 

electrode, preventing passivation and filling more of the cell volume with Li2O2 that can 

still be oxidised despite no contact with the positive electrode.  

Tetrathiafulvalene (TTF) was used by Chen et al. as an oxidation mediator to charge 

cells at high rates for 100 cycles (Figure 1.15), which would not be possible in the 

absence of TTF126. A subsequent study used electrochemical quartz crystal 

microbalance measurements to show TTF fully removed all Li2O2 deposited on the 
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electrode127. Ethyl viologen has been used as reduction mediator, but decomposes when 

its concentration is too high, making it unsuitable for practical batteries128.  

 

Figure 1.14: Schematics showing how a mediator oxidises Li2O2 on charge (a) and 

its effect on the load curve. Reproduced from ref. 125. 

 

Figure 1.15: Selected cycles of a cell containing TTF galvanostatically cycling at 1 

mA cm-2 with a nanoporous gold positive electrode. Reproduced from ref. 126. 

Since this initial work, several oxidation mediators have been reported129,130. 2,2,6,6-

tetramethylpiperidinyloxyl (TEMPO) was used by Bergner et al., who found that it 

reduced the charge overpotential by 500 mV131,132. 
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Discharge mediators have also been reported. Gao et al. used a benzoquinone 

molecule, 2,5-di-tert-butyl-1,4-benzoquinone (DBBQ) to promote solution-phase growth 

of Li2O2 in DME, which ordinarily forms Li2O2 via the surface mechanism (Figure 1.16)133.  

 

Figure 1.16: Schematic of the mechanism through which DBBQ promotes 

solution-phase growth of Li2O2. Reproduced from ref. 133. 

They proposed that the reduced DBBQ- binds to Li+ and O2 to form a new intermediate 

species, LiDBBQO2, which reduces the discharge overpotential. LiDBBQO2 

subsequently disproportionates to give Li2O2, O2 and regenerating DBBQ. In a 

subsequent report, they combined DBBQ with TEMPO, creating a dual-mediator system, 

which was able to cycle repeatedly and avoided parasitic electrochemistry by virtue of 

the mediators134. However, it should be noted that their cell required a solid electrolyte 

to protect the negative electrode from shuttling of the mediators, which is likely to be an 

issue for any homogenous catalyst. 

 The effect of impurities present in air 

The use of ambient air as the source of O2 is one of the main reasons Li-air batteries 

could surpass LIB technology. However, this open system introduces the possibility of 

contamination with other gaseous components of air. If ambient air were used to supply 

a Li-air battery, N2, Ar, H2O and CO2 would enter the battery, in addition to O2. If these 
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gases interfere with the electrochemical processes during cycling or chemically react 

with battery components or Li2O2, they would need to be removed from the gas stream 

prior to entering the battery. The need to purify the gas stream has important implications 

for the device-level performance of the battery, in particular, the gravimetric and 

volumetric energy densities (Wh kg-1 and Wh L-1, respectively) that could be achieved135. 

This is because the addition of a gas-handling unit (GHU) could add significant mass 

and volume to a Li-air battery, reducing the gravimetric and volumetric energy densities 

that could be realistically achieved. The impact of the GHU on these device-level energy 

densities will be determined by how efficiently the GHU will be required to remove 

atmospheric gases.  

Gallagher et al. performed a techno-economic analysis that considered the implications 

for the battery, assuming a worst-case scenario where the GHU was designed to achieve 

H2O and CO2 levels of <1 ppm in the gas stream135. They found that, at a device-level, 

the GHU would account for 33% of the mass of the battery, resulting in a practical 

gravimetric energy density of 386 Wh kg-1, but if a GHU were not necessary, this would 

increase to 573 Wh kg-1 (Figure 1.17). Therefore, this highlights the importance of not 

only optimising the cell chemistry, but also the auxiliary components (e.g. GHU, thermal 

management systems), which will form part of the device. Furthermore, if the cell 

chemistry could be designed to tolerate adverse conditions, such as the presence of 

some H2O and/or CO2, the size, mass and complexity of the GHU could be reduced, 

concurrently increasing the device-level energy densities. This highlights the importance 

of establishing how tolerant Li-air batteries are to H2O and CO2. 

While the focus of gaseous contaminants in Li-air batteries is mainly concerned with 

reactions at the positive electrode, it should be noted that the main constituent gases of 

the atmosphere, excluding Ar, could react with a metallic Li negative electrode. N2, H2O, 

CO2 and O2 react with Li to form Li3N, LiOH, Li2CO3 and Li2O, respectively. Due to these 

reactions, and other issues involving the use of metallic Li discussed in Section 1.8, some 
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form of Li+-conducting solid electrolyte layer will likely be required to protect a Li electrode 

from reactions with dissolved gases and the electrolyte.  

 

Figure 1.17: Mass and volume contributions of various components of a Li-air 

battery and their effects on the gravimetric and volumetric energy densities of the 

battery. The system bar consists of the GHU required to produce a dry and CO2-free 

gas stream (<1 ppm H2O, <1 ppm CO2). Reproduced from ref. 135. 

The situation at the positive electrode is more complex than at the negative electrode, 

since atmospheric gases could react with O2 reduction intermediates and the Li2O2 

discharge product. Of the main atmospheric gases, neither Ar nor N2 will react with Li2O2 

or its intermediates, so only CO2 and H2O are of concern. Significant research has been 

conducted on their effects on O2 reduction at the positive electrode, which is discussed 

below. 
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 CO2 chemistry at the positive electrode 

The formation of Li2CO3 is considered detrimental to Li-O2 cells, as it is difficult to oxidise 

completely during charge, resulting in its accumulation as the cell is cycled repeatedly. 

Li2O2 is known to react with CO2 (Equation 1.16) and this reaction is spontaneous. 

Therefore, if CO2 is dissolved in the electrolyte, it will react over time with Li2O2 formed 

during discharge. Because of this reaction alone, CO2 will almost certainly have to be 

prevented from dissolving into the electrolyte, by, for example, using a GHU or a gas-

selective membrane permeable to O2 but not CO2. 

 2Li2O2(s) + 2CO2(sol) Ÿ 2Li2CO3(s) + O2(sol) (1.16) 

Takechi et al. provided one of the first reports concerning CO2 in Li-O2 batteries136. They 

found that CO2 increased the discharge capacity three-fold and that Li2CO3 was the 

discharge product. However, they used organic carbonate solvents, which have since 

been shown to decompose to Li2CO3 when attacked by the O2
- intermediate. A 

subsequent report by Gowda et al. used DME as the solvent and found Li2CO3 formed 

on discharge in an O2/CO2 gas mixture137. Furthermore, they found that Li2CO3 oxidation 

required potentials in excess of 4 V, which could also lead to electrolyte decomposition. 

CO2 has also been found to react with O2 reduction intermediates, inducing a number of 

chemical and electrochemical reactions, ultimately producing Li2CO3. Theoretical 

calculations by Lim et al. suggested that a solvent with high dielectric constant (Ů) will 

screen Li+ and O2
- from each other more than a solvent with a low Ů138. This makes the 

reaction between CO2 and O2
- more favourable, which begins a chain of reactions 

ultimately leading to Li2CO3. Cells discharged in DMSO and DME-based electrolytes, 

high and low Ů solvents, respectively, showed only Li2CO3 for DMSO, while DME 

produced both Li2O2 and Li2CO3. The effect of solvents on the reaction pathway leading 

to Li2CO3 was further developed by Yin et al., who showed that depending on the solvent, 

CO2 reacts with either O2
-, LiO2 or Li2O2, though all pathways ultimately lead to Li2CO3 
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(Figure 1.18)139. They suggested that it is the DN of the solvent that determines whether 

CO2 reacts with O2
- (high DN solvents) or with LiO2 and/or Li2O2 (low DN solvents). 

 

Figure 1.18: Schematic of the various reaction mechanisms that lead to the 

formation of Li2CO3 when in an O2/CO2 gas mixture. Pathway 1 occurs in high DN 

solvents, while Pathways 2 and 3 occur in low DN solvents. Reproduced from ref. 139. 

 H2O chemistry at the positive electrode 

Before discussing relevant work on the effect of H2O, terminology regarding the O2 

reduction products requires clarification. The standard O2 reduction reaction that occurs 

is the 2e- reduction of O2 to Li2O2 (Equation 1.17). If H2O is present, other 2e- reduction 

products are possible, namely LiOOH (Equation 1.18) and H2O2 (Equation 1.19). While 

these reactions also produce LiOH, this is a result of the exchange of Li+ for a proton 

from H2O. If the 4e- reduction occurs, LiOH is the sole product (Equation 1.20). As LiOH 

can form in both the 2e- and 4e- reduction reactions, discussions regarding LiOH could 

be referring to either the 2e- reduction reactions (Equations 1.18 and 1.19) or the 4e- 
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reduction (Equation 1.20). Therefore, to avoid confusion, one must consider the oxidation 

state change of oxygen atoms originating from O2 (highlighted in red in Equations 1.17-

1.20) and not from H2O (which is always O2-). To avoid ambiguity, when O2 reduction 

products are discussed in this thesis, LiOH refers to the 4e- reduction only (O0 to O2-) 

and peroxo- species (Li2O2, LiOOH, H2O2, HO2
-) refer to 2e- reduction (O0 to O-). 

 

2Li+(sol) + O2(sol) + 2e- Ÿ Li2O2(s) 

2Li+(sol) + H2O(sol) + O2(sol) + 2e- Ÿ LiOOH(sol) + LiOH(s) 

2Li+(sol) + 2H2O(sol) + O2(sol) + 2e- Ÿ H2O2(sol) + 2LiOH(s) 

4Li+(sol) + 2H2O(sol) + O2(sol) +4e- Ÿ 4LiOH(s) 

(1.17) 

(1.18) 

(1.19) 

(1.20) 

The positive electrode was initially assumed to be very sensitive to the presence of H2O, 

as Li2O2 is known to spontaneously react with H2O to form LiOH54. Furthermore, H2O can 

participate directly in O2 reduction electrochemistry, where it acts as a proton donor, 

allowing various protic O2 products such as H2O2, HO2
- and OH- to form. Indeed, this is 

exploited in aqueous Li-air batteries, where LiOH is the desired product. Therefore, it 

was expected that any H2O present in the electrolyte would lead to formation of LiOH, 

which results in poor cycling. This is due to the large overpotential required to oxidise 

LiOH140.  

However, recently several groups have reported that trace amounts of H2O in some 

electrolytes still produces Li2O2 on discharge, not LiOH27,54,141,142. Furthermore, this is 

accompanied by an enhancement in capacity compared to cells discharged in dry 

electrolyte and must be due to H2O promoting Li2O2 growth via a solution mechanism. 

This effect is most striking in glyme ethers, where a change in Li2O2 morphology is 

observed from thin films that coat electrode surfaces in dry electrolytes to large, typically 

toroidal, particles of Li2O2 when H2O-containing electrolytes are used (Figure 1.19). This 

potentially beneficial effect of H2O has been reported in electrolytes using DME, 
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diethylene glycol dimethyl ether, TEGDME and DMSO as solvents27,54,141,143. However, it 

was found that LiOH does form when CH3CN is the solvent142.  

 

Figure 1.19: SEM images of pristine (a) and discharged positive electrodes (b-f) in 

an electrolyte of 1 M LiTFSI in DME and containing various H2O concentrations, 

showing that H2O promotes the formation of large Li2O2 particles. The H2O 

concentration of each electrolyte are indicated on the SEM images. Scale bars are all 1 

ɛm. Adapted from ref. 27. 
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Clearly, the solvent plays an important role in determining whether Li2O2 or LiOH forms. 

Various groups have proposed mechanisms to explain why trace amounts of H2O are 

potentially not as detrimental as initially assumed. These mechanisms propose that H2O 

acts in one of two ways: firstly, by stabilising the O2
- anion due to the high Lewis acidity 

of H2O; secondly, by participating in metathesis reactions with Li2O2 and its 

intermediates. They are discussed in detail below. 

Aetukuri et al. suggested that the Lewis acidity of H2O could stabilise the O2
- anion 

intermediate and thereby increase LiO2 solubility27. This is analogous to the DN 

mechanism put forward by Johnson et al., where high DN solvents increase LiO2 

solubility by stabilising Li+ in solution22. The soluble LiO2 subsequently disproportionates 

to form large toroidal Li2O2 particles, rather than a thin film on the electrode surface. This 

would rationalise both the increased capacities in glyme ether solvents and the change 

in Li2O2 morphology from thin films in dry glyme ethers to large particles when H2O is 

present.  

The other category of mechanism involves metathesis reactions between H2O and O2 

reduction products. Several groups have considered such reactions, the first of which 

was proposed by Schwenke et al., who suggested that Li2O2 metathesises with trace 

amounts of H2O in an equilibrium reaction, forming H2O2, (Equation 1.21)54. Schwenke 

et al. termed this equilibrium reaction as solubilisation of Li2O2, as Li2O2 itself does not 

dissolve, but rather it is the products of the metathesis reaction that are more soluble. 

They can diffuse away from the electrode to grow Li2O2 particles from solution via the 

reverse reaction. 

 Li2O2 (s) + 2H2O(sol) ᵶ H2O2(sol) + 2LiOH(sol) (1.21)  

Qiao et al. demonstrated that the addition of H2O to a TEGDME-based electrolyte 

increased the Li2O2 yield during discharge and rationalised this by suggesting that the 

intermediate species is no longer O2
-, but HO2

- (Figure 1.20)141. They reasoned that HO2
- 



Chapter 1 

48 
 

is significantly less reactive than O2
-, which is a radical, thus suppressing parasitic 

reactions and improving the Li2O2 yield. They suggested that the HO2
- forms rapidly via 

O2
-. This can then subsequently react with further H2O to yield H2O2 and then reform 

Li2O2 via Equation 1.21. When cells were discharged, they showed that Li2O2/H2O2 was 

remarkably still the dominant product even with 30 vol% H2O (approximately 20 M H2O) 

in the electrolyte, suggesting the TEGDME can withstand astonishingly high H2O 

concentrations. Similarly, these metathesis reactions can be promoted by using other 

molecules with an available proton, such as phenol144. 

 

Figure 1.20: Schematic of the mechanism proposed by Qiao et al., suggesting that 

O2 reduction proceeds via a HO2
- intermediate in the presence of H2O. Reproduced 

from ref. 141. 

Xia et al. proposed an analogous reaction for Na-O2 batteries, where H2O reacts with the 

electrogenerated O2
- (ref. 145). This increases NaO2 solubility and facilitates the growth 

of large cubic NaO2 crystals. In Na-O2 batteries, NaO2 generally the discharge product, 

though it is possible for Na2O2 to be the product under certain discharge conditions. 

The reports discussed above have demonstrated that glyme ether-based electrolytes 

can tolerate significant quantities of H2O without altering the final discharge product and 

furthermore, enhance discharge capacities by promoting solution-based growth of Li2O2 

particles. These reports focused on glyme ethers since they are currently the best 

available solvents for Li-air batteries. However, Kwabi et al. investigated how H2O affects 

CH3CN-based electrolytes and found evidence of LiOH using ex situ XRD, attributing its 
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formation to the forward reaction in Equation 1.21142. In their discussion, they refer to 

LiOH as the product rather than H2O2, but this still implies that 2e- O2 reduction is 

occurring, but with the metathesis reaction (Equation 1.21) heavily favouring the forward 

reaction. They rationalised this by suggesting that the pKa of H2O in these solvents 

determines whether Equation 1.21 occurs. They argued that dissociation of H2O into H+ 

and OH- is required for the metathesis reaction, and therefore the pKa of H2O in each 

solvent can be used to determine whether metathesis occurs. They calculated the pKas 

of H2O in CH3CN and DME as 35.2 and Ó47.0, respectively. The values suggest that the 

availability of H+ to react with Li2O2 would be far higher in CH3CN than DME and produce 

LiOH and Li2O2 in the solvents, respectively. Kwabi et al. further suggested that DME 

solvated H2O poorly, thus allowing it to stabilise the LiO2 intermediate via the AN 

mechanism suggested by Aetukuri et al.27 

It is also possible to promote the formation of LiOH in glyme ethers by the addition of 

catalysts such as MnO2 and LiI, which catalyse the rapid disproportionation of H2O2 to 

H2O and O2, driving Equation 1.19 and leading to a build-up of LiOH140,146. However, 

oxidising LiOH requires a significant overpotential, so attempts have been made to use 

catalysts, such as Ru and LiI, to reduce this overpotential140,147. However, there is 

significant debate as to whether LiI in particular, acts as an LiOH oxidation catalyst148-151. 

 A universal mechanism describing the effect of H2O on O2 reduction 

Clearly, the role of H2O in Li-O2 batteries is complex. The choice of solvent can promote 

a solution-based mechanism (switching from a surface mechanism in glyme ethers), 

thereby increasing discharge capacities, or change the discharge product altogether and 

form LiOH rather than Li2O2. Uncovering a mechanism that is consistent with all of these 

observations is non-trivial, and while significant attempts have been made to address 

why H2O affects Li-O2 cells in these ways, I believe that none of the mechanisms 

proposed to date adequately explains what occurs in all of these solvents. 
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At first glance, it appears that the mechanism proposed by Kwabi et al.142 is contradicted 

by observations reported by Aetukuri et al.27 and vice versa. The pKa mechanism implies 

that LiOH should form in DMSO, as the pKa of H2O in DMSO is nearly identical to that 

for CH3CN, 35 and 35.2, respectively. However, Aetukuri et al. reported Li2O2 toroids 

forming in H2O-containing DMSO. Similarly, the AN mechanism predicts that formation 

of Li2O2 particles would be promoted by the addition of H2O to any low DN solvent. While 

glyme ethers and CH3CN all possess low DNs (<20), Kwabi et al. demonstrated that 

large LiOH particles form in CH3CN. 

However, in both cases, there was limited characterisation of the discharge products. 

Aetukuri et al. present only SEM images of particles in DMSO, assuming they were Li2O2 

due to their toroidal morphology. A further complication with DMSO is that it reacts with 

O2
- and Li2O2, resulting in the formation of LiOH even in anhydrous DMSO.  Kwabi et al. 

provide XRD patterns showing LiOH in H2O-containing CH3CN, but as discussed earlier, 

this could result from a chemical reaction (Equation 1.21) and/or electrochemical 

reactions (Equations1.18-1.20), making it difficult to determine the (electro)chemistry 

during discharge. Because of the ambiguity of these characterisations, it is not possible 

to say conclusively that either mechanism is incorrect. 

The metathesis mechanism, first proposed by Schwenke et al.54, satisfactorily explains 

the effect of H2O in glyme ethers and is backed up by spectroscopic evidence. However, 

this mechanism fails to address why 4e- O2 reduction does not occur, particularly when 

the H2O concentration is significant, as in the study by Qiao et al., nor do the AN and pKa 

mechanisms. It would not be unreasonable to assume that the 4e- reduction could occur, 

but each mechanism only considers how H2O may facilitate 2e- O2 reduction.  

This crucial gap in knowledge will be the main focus of this thesis. I will seek to establish 

why 4e- O2 reduction appears to be unfavourable in H2O-containing Li-air electrolytes 

and identify the concentrations of H2O required to induce the 4e- reduction. I will initially 

focus on DMSO and CH3CN for two reasons. Firstly, they form Li2O2 via solution and 
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surface mechanisms, respectively, allowing me to probe the effect of H2O on the soluble 

LiO2 intermediate and solid Li2O2 deposits separately. Secondly, there has been limited 

prior work concerning these solvents, and in order to develop a universal theory to 

rationalise the effect of water in Li-air cells, a thorough understanding of the effect in 

multiple different solvents is required.  

I will start by exploring the effects of H2O on O2 reduction in the absence of Li+ by using 

tetrabutylammonium perchlorate as the salt. I aim to identify the chemical species formed 

during O2 reduction via both electrochemical and spectroscopic means, and how they 

change with H2O concentration. This will allow me to establish whether H2O is involved 

in chemical or electrochemical reactions and if either the AN or pKa mechanism occurs 

in both DMSO and CH3CN.  

I will then consider O2 reduction in the presence of Li+ and H2O in DMSO, CH3CN and 

TEGDME, again identifying the O2 reduction products using a combination of 

electrochemical and spectroscopic methods. TEGDME is also investigated here, as it is 

a solvent commonly used in Li-air research and provides an additional set of data, which 

any mechanism must explain satisfactorily. With a thorough understanding of the effect 

of H2O in all three solvents, I hope to identify the key factors that determine the O2 

reduction product in the H2O-containing solvents and propose a mechanism consistent 

with both my observations and those in previous reports. 

Finally, the discharge product(s) in DMSO-, CH3CN- and TEGDME-based electrolytes at 

a range of H2O concentrations will be unambiguously identified. This will involve using 

pressure cells to measure O2 consumption in situ, which will identify when 4e- O2 

reduction becomes favourable in each solvent. Having confirmed H2O concentrations at 

which only 2e- reduction occurs in the electrolytes, cells will be discharged in humid O2 

atmospheres to confirm only 2e- O2 reduction occurs. Furthermore, this will identify the 

degree to which a GHU would be required to dry a gas stream.  
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2. Experimental methods and techniques 

 Electrochemical measurements 

3 mm Au stick electrodes (IJ Cambria) were used for cyclic voltammetry measurements. 

A Au microelectrode was made in-house by sealing a 25 ɛm diameter Au wire 

(Goodfellows) in glass and then polishing the glass with several grades of sandpaper, 

followed by 0.1 ɛm alumina powder. The electrode was polished until a circular cross-

section of the wire was exposed. A platinum wire electrode was used as the counter 

electrode for all three-electrode measurements presented in this thesis. 

The reference electrode used in Chapters 3 and 4 was partially delithiated lithium iron 

phosphate (LixFePO4), which has a stable potential of 3.45 V vs Li+/Li in DMSO. The 

delithiation is achieved by chemically pre-charging LiFePO4. First, a putty was made from 

an 8:1:1 weight ratio of LiFePO4 (MTI), Super P carbon (Alfa Aesar) and PTFE 

suspension (10% in H2O, Sigma Aldrich), mixed with isopropanol. This was then spread 

onto a stainless steel mesh and allowed to air-dry. The LiFePO4 was then chemically 

pre-charged for 15 minutes in a solution consisting of 3.6 mL 30% H2O2, 1.6 mL glacial 

acetic acid and 250 mL ultrapure H2O. The electrode was then rinsed with ultrapure 

twice, then soaked in isopropanol, before finally being left to air-dry. The electrode was 

then dried in a Büchi oven at 120 °C under vacuum overnight. The LixFePO4 electrode 

was then immersed in a solution of 0.1 M LiClO4 in DMSO, which also contained 1 M 

TBAClO4 to improve conductivity.  

Electrolyte solutions were prepared in an N2 glove box (<0.1 ppm O2, <0.1 ppm H2O). 

Stock solutions consisted of 0.25 M tetrabutylammonium perchlorate (TBAClO4) or 

lithium perchlorate (LiClO4) and acetonitrile (CH3CN), dimethyl sulfoxide (DMSO) or 

tetraethylene glycol dimethyl ether (TEGDME). These solutions contained either 0 M, 1 

M or 5 M H2O. Electrolyte solutions with intermediate H2O concentrations were then 
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made by mixing the dry and H2O-containing stock electrolytes using volumetric pipettes 

(SciQuip). 

Au stick electrodes were cleaned before each CV as follows. The electrodes were 

mechanically polished by hand using 0.1 µm alumina powder (Struers) on a neoprene 

polishing pad. The electrodes were then briefly sonicated in ultrapure H2O to remove any 

residual alumina on the electrode surface. They were then electrochemically polished in 

aqueous acid (0.1 M HClO4), before being rinsed with ultrapure H2O and dried under 

vacuum at 70 °C, again using the heated ante-chamber on the N2 glove box. 

During a CV measurement, the current (i) is recorded at each potential (U) versus the 

reference electrode. However, CV plots are typically presented using current density (j). 

U may also be converted to a more convenient scale. In this thesis, CVs and RRDE plots 

are reported using j, based on geometric area of the electrode, and U versus the Li+/Li 

couple in DMSO. 

CVs were recorded in a sealed five-necked cell, which housed the working, reference 

and counter electrodes along with a glass bubbler and outlet to allow high-purity N2 or 

O2 (N6.0 grade, BOC) to be bubbled through the electrolyte. Background CVs were 

recorded under N2 to establish the electrochemical stability window in each electrolyte 

and to determine the onset of H2O reduction, i.e. H2 evolution, to ensure this did not 

overlap with the O2 electrochemistry window. These are presented in Appendix 1. As the 

H2O concentration was increased, the onset of H2O reduction shifted positively. 

Therefore, the negative potential limit was increased as appropriate to focus only on O2 

redox processes. 

Saturation of the electrolytes with O2 was confirmed in dry electrolytes by monitoring the 

reduction peak currents (ip,red). If further bubbling of O2 through the electrolyte did not 

increase ip,red, the electrolyte was saturated. 2 minutes was sufficient to achieve 
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saturation in CH3CN and TEGDME, while 3 minutes was required for DMSO. When 

recording background CVs, N2 was bubbled for the same time in each electrolyte. 

Following each measurement, the electrochemical five-necked cell was thoroughly 

washed with acetone and ultrapure H2O, before being dried under vacuum at 70 °C. A 

heated ante-chamber on the N2 glove box was used to allow the cell components to be 

taken directly into the glove box, preventing exposure to moisture.  

Macroelectrode CVs were recorded on a Biologic SP-300. Linear sweep voltammograms 

were recorded using a CHI 1140C potentiostat and the Au microelectrode. Galvanostatic 

discharges of two-electrode cells were performed on a Biologic VMP3 potentiostat.  

iR corrections were required for CVs in most electrolytes as they were resistive. The 

reference electrode measures the potential of the working electrode, but in doing so, it 

experiences a voltage drop (iRs) due to the solution resistance, meaning it is not 

measuring the true potential at the working electrode. However, this voltage drop can be 

neglected if the solution resistance and/or the currents passed at the electrode are low. 

However, if this is not the case, then an iR correction must be applied in order to record 

accurate CVs. The organic solvent-based electrolytes used in this thesis have high 

resistances (>100 ɋ in CH3CN and DMSO, >1500 ɋ in TEGDME), thus requiring iR 

corrections. These were applied by using iR correction functions in the potentiostat 

software. Solution resistances were determined at 3.45 V, where no Faradaic processes 

occur. No iR correction was applied for LSVs recorded using the Au microelectrode as 

the currents passed were in the nA range so the voltage drop would be negligible.  

 Rotating ring-disk electrode (RRDE) measurements 

RRDE measurements were recorded using a ChangeDisk electrode (Pine Instruments). 

The disk and ring electrodes were polished separately to prevent cross-contamination. 

The Au disk electrode was polished identically to the Au stick electrodes used for CVs. 

The glassy carbon disk electrode and Pt ring electrode were mechanically polished using 
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0.1 ɛm alumina powder but were not electrochemically polished in acid. Once dried, the 

RRDE was carefully assembled on the bench and then dried under vacuum at 70 °C 

along with a five-necked cell. The cell was then assembled in a N2 glove box (H2O <0.1 

ppm). Approximately 10 mL of electrolyte was used for each measurement. As the 

working electrode was rotating, it was not possible to make the five-necked cell gas-tight. 

Therefore, following saturation of the electrolyte by bubbling with O2, the cell headspace 

was continually purged to maintain O2 saturation whilst linear sweep voltammograms 

(LSVs) were recorded. Following this, the RRDE was removed from the glove box, 

washed with acetone and H2O and then dried. An LSV of O2 reduction in dry O2-saturated 

0.25 M TBAClO4 in DMSO was used to determine the collection efficiency of the RRDE, 

as the O2/O2
- couple is stable in this electrolyte. 

RRDE LSVs are typically presented as shown in Figure 2.1. Comparison of the current 

density (j) at the ring and disk identifies if the redox-active molecule/ion is stable and 

soluble. An alternative way this could be presented is by multiplying the ring current by -

1. In this case, the ring and disk curves would be expected to overlap. 

 

Figure 2.1: Typical LSV for an RRDE measurement with a species being reduced 

at the disk and re-oxidised at the ring. 
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In Chapters 3 and 4, a similar procedure is carried out to compare the relative amounts 

of 1e-, 2e- and 4e- O2 reduction products. This involves taking two LSVs, with the ring 

electrode held at a different potential in each LSV, such that it selectively oxidises only 

1e- products in the first scan. In the second scan, the ring is held at a more positive 

potential, such that it oxidises the 1e- products and some of the 2e- product. To confirm 

that H2O2 could be oxidised at the Pt ring without also oxidising H2O, CVs were recorded 

using a Pt working electrode with two electrolytes (0.25 M LiClO4 in DMSO), one 

containing 1 M H2O and the other additionally containing 0.01 M H2O2. A peak due to 

H2O2 oxidation can clearly be seen before the onset of H2O oxidation (Figure 2.2). 

 

Figure 2.2: CVs recorded using a Pt working electrode to confirm that H2O2 is 

oxidised at potentials negative of H2O oxidation. In the electrolyte containing H2O2 

(red curve), a peak prior to H2O oxidation is observed and is absent in the electrolyte 

containing only H2O. The scan rate was 100 mV s-1. LixFePO4 reference and Pt counter 

electrodes were used. 

The area underneath the ring in the first LSV (blue curves, Figure 2.3) corresponds to 

the 1e- product and is shaded blue. The second LSV (red curves, Figure 2.3) oxidises 
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additional species generated at the disk so the recorded current is larger. Therefore, the 

area between the red and blue curves corresponds to only the 2e- product and is shaded 

red. The green curve is the LSV of the disk electrode. Therefore, if the red curve deviates 

from the green curve, this indicates there are species generated at the disk that are not 

oxidised at the ring. This area is shaded green and typically includes some 2e- and the 

4e- products. 

 

Figure 2.3: The procedure for converting standard LSVs into the plots presented 

in Sections 3.4 and 4.4. First, the ring currents are inverted. The area underneath the 

first ring curve (w.r.t. the x-axis) corresponds to 1e- products formed at the disk. The area 

between the red and blue lines corresponds to 2e- products and the area bounded by 

the green curve (disk current) and the red curve corresponds to any species generated 

at the disk that were not oxidised at the ring. In this case, it includes some of 2e- products 

and the 4e- product. 
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 On-line mass spectrometry 

Mass spectrometry is used to identify compounds by ionising a sample with an electron 

beam, deflecting the ionised species through an electromagnetic field and measuring the 

current produced at a Faraday detector due to that ion. This technique relies on the fact 

that not all ions are deflected equally in a given electric or magnetic field. This is because 

the ratio of the atomic mass of the ion to its charge (m/z) determines the degree to which 

it is deflected; ions with larger m/z require stronger electric/magnetic fields to achieve 

the same deflection as ions with lower m/z. Therefore, the electric fields used to deflect 

the ions can be adjusted to only allow ions with a specific m/z to reach the Faraday 

detector, which measures the current as a result of the ion colliding with the detector. 

Ions with m/z ratios that are too large or small will be deflected too little or too much, 

respectively, and will not collide with the Faraday detector so will not contribute to the 

ion current measured by the Faraday detector.  

On-line mass spectrometry is a technique that uses a mass spectrometer (MS) attached 

to a carrier gas line to detect compounds, which are introduced upstream of the MS. The 

carrier gas causes the compounds to flow into the MS, where they can be identified. This 

technique can be quantitative if the ion current due to a compound of interest is calibrated 

using a gas mixture containing a known concentration of that compound. Additionally, 

the flow rate of the gas stream must be known so that the ideal gas law can be used to 

calculate the molar quantity of the compound in a sample.  

An on-line MS was used in this work to measure O2 evolution from samples of KO2 

disproportionating due to the addition of H2O and/or Li+. Experiments involving CH3CN 

and TEGDME used KO2 powder due to its poor solubility in both solvents. KO2 is slightly 

soluble in DMSO, so KO2 solutions were prepared by stirring an excess of KO2 powder 

in dry DMSO overnight. The solution was then centrifuged to avoid suspension of KO2 

powder, whilst two 0.5 mL aliquots of the solution were taken and placed in 2 mL glass 
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vials sealed with rubber bungs. One of the aliquots was used to determine the KO2 

concentration in solution by using a UV-vis titration method described in Section 2.4. 

The vial containing the KO2 powder or solution sample was attached to the online MS 

and Ar gas was flowed into the headspace of the vial. This process results in a small 

quantity of air entering the gas line. Therefore, Ar was continually flowed to purge the 

line until the MS reached a stable baseline O2 concentration. Then, an H2O-organic 

solvent mixture or H2O-containing LiClO4-based electrolyte was injected into the vial. The 

injection could introduce air into the vial, artificially increase the O2 concentration 

recorded by the MS, so the N2 concentration was also monitored to detect air 

contamination. It confirmed that careful injection of the sample resulted in no air 

contamination and any O2 measured by the MS was the result of KO2 disproportionation. 

The MS reported concentrations as a percentage. This was converted to an O2 flux by 

using the ideal gas law and the flow rate of the Ar carrier gas. The molar quantity of O2 

evolved over the course of the experiments could then be found by simple integration of 

the flux. This could be compared to the molar quantity of KO2 in the vial at the start of 

each experiment, using the mass of KO2 for CH3CN- and TEGDME-based samples and 

the KO2 solution concentration in the case of DMSO.  

 Ultraviolet-visible (UV-vis) spectroscopy 

UV-vis spectroscopy is a form of absorption spectroscopy that measures the absorption 

of ultraviolet and visible light by molecules. Absorption of UV-vis radiation induces 

electronic transitions in molecules. As these energy levels are quantised, photons at 

specific energies, and therefore wavelengths, will be absorbed, which correspond to the 

difference in energies of an occupied and unoccupied orbital. The most common 

electronic transition is between the highest occupied molecular orbital and the lowest 

unoccupied molecular orbital. 
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The Beer-Lambert law (Equation 2.1) describes the relationship between the absorption 

of electromagnetic radiation by an analyte and its concentration in solution, where A is 

the absorption of radiation at a specific wavelength, Ů is the molar attenuation coefficient, 

l is the path length of the radiation travelling through the sample and c is the 

concentration of the molecule absorbing the radiation. This relationship means that the 

concentration of solutions containing unknown quantities of an analyte can be 

determined, provided it absorbs UV-vis radiation and that Ů and l are known.  

 A = Ů·l·c (2.1)  

In this work, UV-vis spectroscopy was used to determine the concentration of KO2 in 

DMSO solutions used for on-line mass spectrometry and to measure the Li2O2 yields 

(YLi2O2) of discharged electrodes. Both measurements involve a reaction with acid to 

generate H2O2 (Equations 2.2 and 2.3), which then complexes with titanium oxysulfate 

(TiOSO4)1. In aqueous acidic solutions, TiOSO4 is colourless, but forms a yellow 

[Ti(O2)]2+ complex when it reacts with H2O2.  

 

2KO2(s) + 2H+
(aq) Ÿ H2O2(aq) + 2K+

(aq) + O2(g) 

Li2O2(s) + 2H+
(aq) Ÿ H2O2(aq) + 2Li+(aq) 

(2.2) 

(2.3) 

A calibration curve was recorded to convert the absorbance of the [Ti(O2)]2+, measured 

at ɚ = 405 nm to a H2O2 concentration. First, a stock solution of ~10 mM H2O2 was made 

by dissolving KO2 powder in ultrapure H2O. The stock solution was then diluted further 

with various amounts of ultrapure H2O to produce solutions with several H2O2 

concentrations. 1 mL aliquots of these solutions were mixed with a 1 M H2SO4 solution 

containing 2% TiOSO4 and the absorbance of the resulting yellow solutions were 

recorded using a UV-vis spectrometer (Thermo Evolution 200). The absorbance versus 

H2O2 concentration was then plotted and a line of best fit was used to generate the 

calibration curve (Figure 2.4).  
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Samples of KO2 dissolved in DMSO were analysed by mixing a 1 mL aliquot of the 

solution with 1 mL of the 2% TiOSO4 solution and then immediately measuring the UV-

vis spectrum. The Li2O2 yields of discharged electrodes was determined by extracting 

the electrodes immediately after discharge and placing them in 5 mL of ultrapure H2O 

and 5 mL of the 2% TiOSO4 solution. If the absorbance measured was above 1, the 

solution was diluted further until within the range of the calibration curve. This is because 

the absorbance scale uses a log10 scale, resulting in poorer sensitivity at large 

absorbances. The calibration curve could then be used to determine the H2O2 

concentration and the molar quantity of KO2 or Li2O2 could be calculated by multiplying 

by the total volume into which the sample had been dissolved (correcting for dilution 

factors). YLi2O2 could then be determined by comparing the moles of Li2O2 formed to the 

moles of e- consumed during discharge. 

 

Figure 2.4: Calibration curve of the absorbance of the [Ti(O2)]2+ complex versus 

H2O2 concentration. The absorbance value was measured at 405 nm. The equation of 

the best fit line was y = 0.2831x - 0.0484 and the R² value was 0.9984. 
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 Fourier-transform infrared (FTIR) spectroscopy 

FTIR spectroscopy is another form of absorption spectroscopy. However, infrared (IR) 

radiation causes vibrational and rotational transitions in molecules. These transitions are 

used to identify molecules as different bonds absorb different characteristic frequencies 

of infrared radiation. Molecules are typically excited from their vibrational or rotational 

ground state into a higher energy state. As these energy levels are quantised, only 

certain frequencies of radiation that match the energy of these transitions are absorbed. 

Furthermore, the strength of the bond also affects the spacing of its energy levels. This 

means that different bonds will absorb different frequencies of IR radiation, thus allowing 

identification of the molecular structure of a sample. A bond will only be IR-active if the 

vibrational mode leads to a change in the permanent dipole of the molecule. Therefore, 

not all bonding modes are IR-active, e.g. O2 and CO2 stretches are not active, but the 

CO2 bend is IR-active. 

FTIR spectra were acquired on a ThermoFisher spectrometer using an attenuated total 

reflectance (ATR) accessory with a diamond crystal (SmartOrbit). Here, the IR beam is 

enters the ATR crystal and is internally reflected off the surface of the crystal, on which 

samples are placed. The sample can absorb the IR signal each time the beam reflects 

off this surface. A benefit of ATR over conventional transmission FTIR is that sample 

preparation is much simpler. In the former, the sample only needs to be clamped firmly 

onto the ATR crystal, while in the latter, the sample must be pressed into a pellet with an 

IR-transparent salt, such as KBr or CsI. 

 Raman spectroscopy and surface-enhanced Raman spectroscopy 

Raman spectroscopy is a complementary technique to FTIR as they both probe the 

vibrational and rotational modes of molecular bonds. Raman spectroscopy uses a form 

of inelastic light scattering, known as Raman scattering. This involves using a 

monochromatic light source, i.e. a laser, to irradiate a sample. The laser interacts with 

the sample, momentarily exciting the bond to a virtual energy level. The bond then 
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relaxes back to its ground state, re-emitting light of the same wavelength. This process 

is known as Rayleigh scattering and is a type of elastic scattering. A very small proportion 

(approximately 1 in 107 photons) of the incident light is inelastically scattered2. Here, a 

bond is once again excited to a virtual energy level by the laser light, but it relaxes into a 

different vibrational energy level to the one it occupied prior to excitation. This results in 

emission of a wavelength of light different to the laser light. The difference between these 

wavelengths is proportional to the energy of the vibrational transition and is typically 

converted into wavenumbers and reported as a Raman shift. In order for a bond to be 

Raman-active, the polarisability of the bond must change as it vibrates. 

The intensity of Raman signals is typically very low, since most of the incident light on a 

sample undergoes Rayleigh scattering. This means that measuring Raman spectra of 

species at low concentrations is challenging. This can be overcome by using a surface-

enhancement phenomenon, which enhances the Raman signal at some metal surfaces 

by many orders of magnitude3. The mechanism of this phenomenon is not fully 

understood, but it is believed that the enhancement is caused by the generation of 

surface plasmons on roughened metal surfaces when irradiated by a laser4. This effect 

only manifests on specific metals such as Au, Ag and Cu. If a roughened metal electrode 

is used, the surface-enhancement allows the acquisition of in situ spectra whilst 

performing electrochemical measurements. In this way, it is possible to identify the 

species involved in redox processes at the electrode surface. 

Here, in situ surface-enhanced Raman spectroscopy (SERS) was carried out in an 

airtight 5-electrode electrochemical cell. The Au working electrode, roughened by 

electrochemical cycling in an aqueous 0.5 M KCl electrolyte, was used in combination 

with a 785 nm diode laser. Raman spectra were recorded using a confocal Raman 

microscope (Renishaw) with a 20x 0.45 NA objective (Nikon).  
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 Nuclear magnetic resonance (NMR) spectroscopy  

NMR spectroscopy exploits a property of nuclei called spin (I). Nuclei with non-zero I will 

have 2I+1 nuclear spin states, which, under normal conditions, are degenerate. 

However, when placed in a strong magnetic field, the spin states line up with the external 

field, either in the same direction or against the external field. This splits the energies of 

the spin states, with those opposing the external field being highest in energy. Nuclei are 

distributed amongst these spin states almost equally, with only slightly more nuclei 

occupying the lowest spin state. A nucleus in the ground state can be excited to a more 

energetic spin state by a radio frequency (RF) pulse. The resonant frequency of a 

nucleus is the frequency of the RF pulse that causes excitation. The relaxation of the 

nucleus back to the ground state emits a radio wave with an energy equal to the 

difference in energies of the excited and ground state spins. This radio wave induces a 

current in the spectrometer, which is detected. 

The chemical environment will affect the splitting of the spin states, because when the 

external magnetic field is applied, a current is induced in the electron cloud of a molecule. 

This induces a magnetic field within the molecule and the nuclei experience the sum of 

the applied and induced magnetic fields. The magnetic fields induced in a molecule will 

depend on its structure and can shield or deshield nuclei from the external field, that is 

reduce or increase the apparent magnetic field experienced by a nucleus. This means 

that the splitting of the energy levels of nuclei in different chemical environments will be 

different and therefore, they will resonate at different frequencies, allowing different 

nuclei in a molecule to be distinguished. 

NMR spectra are reported as chemical shifts, not frequencies. This is achieved by 

comparing the resonant frequency of nuclei in a sample to that of a reference sample 

and using Equation 2.4 

 ŭ = (ɜsample ï ɜreference) / ɜreference ×106 (2.4)  
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where ŭ is the chemical shift of a nucleus, ɜsample is the resonant frequency of the nucleus 

and ɜreference is the resonant frequency of the reference. 

 X-ray diffraction (XRD) 

XRD is one of the most commonly used characterisation techniques used for 

identification of crystalline materials. Methods such as Rietveld refinement can also 

determine the crystal structure of novel or unknown samples. 

Crystalline materials consist of regularly repeating arrays of atoms with a constant 

interplanar distance between layers in the crystallographic plane. Because of this regular 

spacing, the plane can act as a diffraction grating for electromagnetic radiation of 

wavelengths of similar magnitude (or smaller) to the interplanar spacing. X-rays typically 

used for XRD are of the order of 1 Å, similar to the spacing of atoms between layers, so 

X-rays will diffract. However, when X-rays are diffracted by a crystal plane, they usually 

interfere destructively. The diffracted X-rays must interfere constructively to be detected. 

The Bragg equation describes the conditions at which this occurs, 

 2d sinɗ = nɚ (2.5)  

where d represents the distance between two layers of a crystallographic plane, ɗ is the 

incident angle of the X-rays, ɚ is the wavelength of the X-ray and n is an integer value. 

This equation arises because the X-rays must be in-phase to interfere constructively. X-

rays diffracted by different layers of a crystal plane will have different path lengths (Figure 

2.5) and therefore the difference in path length must be an integer number, n, of the 

wavelength of the X-ray, ɚ, which corresponds to a distance of 2d sinɗ.  
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Figure 2.5: Schematic showing the condition required for constructive 

interference of X-rays when diffracted. The lower X-ray beam path is longer than the 

upper by the distance indicated in red. 

 Scanning electron microscopy and energy-dispersive X-ray 

spectroscopy 

Scanning electron microscopy (SEM) uses high-energy electrons focused into a beam to 

image samples. When the electron beam hits the surface of a sample, it can interact in a 

number of ways. An electron bound to a nucleus can be ejected by collision with an electron 

from the beam, generating a secondary electron. This can be used to acquire an image. 

Alternatively, the electrons in the beam can be back-scattered by atoms. 

The electron beam may also eject a core electron from an atom. A higher energy electron 

rapidly fills the vacancy and emits X-ray radiation corresponding to the energy of the 

transition. This phenomenon is used for energy-dispersive X-ray (EDX) spectroscopy. 

Secondary electron images were recorded on a Zeiss Merlin microscope at 3 kV acceleration 

voltage. Electrode samples were fixed with copper adhesive tape in an N2 glove box and put 

in an air-sensitive transfer holder to prevent exposure to air between the glove box and SEM. 

EDX spectroscopy was carried out at 3 kV with a built-in Oxford Instruments X-Max 150 

Silicon drift detector and analysed using the Aztec software package. 
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3. Effect of H2O on O2 reduction in TBA+-based electrolytes 

 Introduction 

A theory that adequately describes the effects of H2O across the range of solvents used 

in Li-air batteries has yet to be presented (Section 1.11). Li2O2 has been reported as the 

product of O2 reduction in H2O-containing dimethyl sulfoxide (DMSO)-based and glyme 

ether-based electrolytes, while LiOH is found in H2O-containing acetonitrile (CH3CN)-

based electrolytes1,2. Various groups have made significant attempts to understand the 

influence of H2O on O2 reduction but none have provided a mechanism to explain their 

observations in these solvents and, therefore, there is currently no consensus on the role 

of H2O on O2 reduction in determining the discharge product1-4. Furthermore, these 

studies have largely relied on data collected using two-electrode cells and predominantly 

ex situ analysis of discharge products, potentially resulting in intermediate species 

remaining undetected and incorrect assumptions concerning the role of H2O in the O2 

reduction mechanism. Therefore the effects of H2O on O2 reduction products was 

investigated in order to find a universal mechanism for the role of H2O in any solvent 

used in aprotic Li-O2 batteries.  

In this chapter, I describe the examination of the O2 electrochemistry in aprotic 

electrolytes in the presence of up to 5 M H2O, covering a larger range of H2O 

concentrations than most previous studies have used. This should facilitate the 

observation of how and when the O2 reduction mechanism shifts from the aprotic 

mechanism to a protic mechanism or mechanisms. Here, tetrabutylammonium (TBA+) 

based electrolytes are used as ideal electrolytes to enable fundamental electrochemical 

methods and approaches.  For example, TBA+ is used in place of Li+ because a 

passivating Li2O2 film forms when O2 reduction occurs in the presence of Li+. This Li2O2 

film would complicate the use of many electrochemical equations such as the Levich 

equation, as they have been solved for systems in which all species are soluble5. Using 
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TBA+ therefore reduces the complexity of the systems and can provide valuable 

information on how O2 reduction is affected by H2O. Furthermore, the mechanisms 

proposed thus far in the literature should be observable whether TBA+ or Li+ are used. 

The studies by Aetukuri et al. and Kwabi et al. propose that it is the interaction of H2O 

with O2
- and the solvent, respectively, which account for the discharge products they 

report1,2. DMSO and CH3CN are used in place of tetraethylene glycol dimethyl ether 

(TEGDME), as they have very different donor numbers that result in solution and surface 

mechanisms, respectively, when used with Li+-based electrolytes. Thus, this will allow 

the examination of the effect of H2O on the surface and solution mechanisms in isolation 

in Chapter 4.  

The objectives in this Chapter are to utilise these ideal electrolyte systems to explore the 

effect of H2O on the aprotic O2 reduction, identify the H2O concentrations required for 

formation of protic O2 reduction products, e.g. H2O2 and OH-, and identify the species 

formed using in situ characterisation methods. In doing so, I expect to be able to 

comment on the validity of the acceptor number (AN) mechanism proposed by Aetukuri 

et al., as the H2O solvation effects they suggest should manifest in the voltammetry.  

 Experimental 

 Materials 

Tetrabutylammonium perchlorate (TBAClO4, Ó99.0%, Sigma-Aldrich), 

tetrabutylammonium hydroxide 30-hydrate (TBAOHĀ30H2O, Ó99.0%, Sigma-Aldrich) and 

potassium superoxide (KO2, Sigma-Aldrich) were used as received. DMSO (puriss. p.a., 

dried, Ò0.02% H2O, Sigma-Aldrich) was distilled under vacuum. CH3CN (electronic 

grade, 99.999% trace metals basis, Sigma-Aldrich) was distilled under Ar. Following 

distillation, solvents were transferred to an Ar glove box and dried using freshly activated 

4ᴠ molecular sieves for a minimum of 72 hours. The H2O content of the dried solvents 

was measured using a Karl Fischer titrator (Mettler Toledo). The solvents were used 
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when the H2O content was <5 ppm. The above chemicals were all stored in an Ar glove 

box (<0.1 ppm O2, < 0.1 ppm H2O, MBraun). Ultrapure H2O (18.2 Mɋ cm-1, Milli-Q, Merck 

Millipore) was used to make up electrolyte solutions with known H2O concentrations. 

High purity N2 and O2 gases (N6.0 grade, BOC) were used for saturating electrolyte 

solutions. These gases were passed through a moisture trap (Agilent) upstream of the 

electrochemical cell to dry the gases further. The H2O content of dry electrolytes, i.e. no 

intentionally added H2O, was tested using the Karl Fischer and found to be <10 ppm. 

 Voltammetry 

The full methodology of cyclic voltammetry and rotating ring-disk electrode (RRDE) 

measurements are described in Chapter 2. Background cyclic voltammograms (CVs) 

were recorded under N2 to determine electrolyte stability windows and to identify the 

onset of H2O reduction and oxidation. These are presented in Appendix 1.  All potentials 

are quoted versus the Li/Li+ couple in DMSO. 

 Simulations of voltammograms 

CVs were simulated using DigiElch software as follows. Experimental CVs with 0 M H2O 

were used to determine the electrochemical parameters for the O2/O2
- redox couple. The 

O2/O2
- couple was the only modelled electrochemical reaction and the potential (E), 

charge transfer coefficient (Ŭ) and heterogeneous rate constant (ks) were all optimised 

by the software. The diffusion coefficients for O2 and O2
- (DO2 and DO2-, respectively) 

were then optimised by the software and used for all simulations containing the solvent. 

These values are shown in Table 3.1. Literature values for the diffusion coefficients of 

H2O in CH3CN and DMSO were used (5.78 x10-5 cm2 s-1 and 8.00 x10 -5 cm2 s-1, 

respectively)6,7. No published values for the diffusion coefficients of HO2 in either CH3CN 

or DMSO could be found, so the O2
- diffusion coefficients in each solvent were used as 

an approximation. iR corrections were applied to experimental CVs, so the solution 

resistance in each CV was known and were included in the simulations. The temperature 

was set to 20 °C. 
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Table 3.1: Parameters optimised by the simulation software in the dry electrolyte 

systems. These values were used in simulations of the H2O-containing electrolytes. 

Solvent E / V Ŭ ks / cm s-1 DO2 / cm2 s-1 DO2- / cm2 s-1 

CH3CN 2.54500 0.48086 1.4301 × 10-4 4.0775 × 10-5 1.2055 × 10-5 

DMSO 2.57288 0.48716 3.1874 × 10-4 2.3051 × 10-5 6.5040 × 10-6 

 

For simulations in H2O-containing electrolytes, it was assumed that H2O did not affect 

the electrochemical O2 reduction step, allowing the values for E, Ŭ and ks to be fixed to 

the values found in the dry electrolytes for other simulations. However, this restricted 

simulations to Ò0.25 M and Ò1 M H2O in CH3CN and DMSO, respectively. Above these 

concentrations, the onset potential of O2 reduction shifted positively, indicating H2O was 

directly involved in proton-coupled O2 reduction, which was not modelled. The optimised 

DO2 and DO2- values from the dry CVs were also used. 

The equilibrium reaction between O2
- and H2O was assumed to be a kinetically fast 

proton transfer step. The forward reaction rate was constrained to a value of 1x1011 s-1 

to ensure that backward reaction rate was also kinetically fast when Keq was optimised.  

 Electrochemical response of O2/O2
- couple to H2O 

 Cyclic voltammograms 

O2 reduction in aprotic solvents has been well studied. In electrolytes containing 

tetraalkylammonium-based cations, e.g. TBA+, O2 is reduced to O2
-, and the redox couple 

is typically quasi-reversible, e.g. in DMSO, though can be electrochemically irreversible 

in some electrolytes, e.g. in CH3CN (Figure 3.1). O2
- is a stable anion, which complexes 

with TBA+, and can be oxidised back to O2 (ref. 8). When the electrode is scanned from 

a more positive to a more negative potential (right to left in Figure 3.1), reduction of O2 

to O2
- is observed as a cathodic current. Here, the O2 reduction peak occurs at 2.35 V 

and 2.25 V in DMSO and CH3CN, respectively. When the potential is then swept back, 
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oxidation of O2
- is seen as an anodic current with a peak at 2.75 V and 2.8 V in DMSO 

and CH3CN, respectively. 

 

Figure 3.1: CVs showing the O2/O2
- redox couple in O2-saturated dry electrolytes 

(<10 ppm H2O). The electrolytes consisted of O2-saturated 0.25 M TBAClO4 in DMSO 

(a) and CH3CN (b). The scan rate was 100 mV s-1. Au working, LixFePO4 reference and 

Pt counter electrodes were used. 

The effect of introducing H2O to the CH3CN-based electrolyte is discussed first. Figure 

3.2 shows the CV responses of the O2/O2
- redox couple to the presence of H2O from 0 M 

H2O to 5 M H2O. It can be clearly seen that O2 reduction is unaffected by the presence 

of low H2O concentrations (<0.25 M H2O), as the reduction peak potential, EP,red, and 

onset of O2 reduction do not shift due to the presence of H2O (solid lines in inset, Figure 

3.2). However, there is a positive shift in the oxidation peak potential, EP,ox, and decay in 

peak anodic current, iP,ox, (trend indicated by blue arrow in Figure 3.2) over this range of 

H2O concentrations. Aetukuri et al. proposed that H2O solvates O2
- due to its high AN2, 

and if this were the case, increased O2
- solvation would lower its activity and therefore, 

one would expect the entire redox couple to shift positively, based on the Nernst equation 

(Equation 3.1),  

 %  %  
24

Î&
 ÌÎ
Á

Á
 (3.1) 
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Since EP,ox is shifting positively independent of EP,red, this clearly demonstrates that H2O 

does not solvate O2
- to any significant extent, directly contradicting the AN mechanism 

proposed by Aetukuri et al.2 

 

Figure 3.2: CVs recorded in CH3CN demonstrating that O2
- oxidation is affected at 

lower H2O concentrations than O2 reduction. The electrolytes were O2-saturated  and 

contained 0.25 M TBAClO4 and various H2O concentrations as indicated in the legend. 

Dashed lines indicate electrolytes that undergo a proton-coupled O2 reduction. The inset 

is an expanded view of the reduction wave, showing the positive shift of its onset. The 

scan rate was 100 mV s-1. Au working, LixFePO4 reference and Pt counter electrodes 

were used. 

The decay in iP,ox and positive shift of EP,ox continues as the H2O concentration is further 

increased, up to 5 M, with these changes becoming more pronounced (Figure 3.2). This 

behaviour is indicative of the electrogenerated O2
- species undergoing a subsequent 

chemical reaction, i.e. an E-C mechanism involving H2O. O2
- is known to react with protic 
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species to form HO2 (Equation 3.2), which can then disproportionate to H2O2 (Equation 

3.3). In these organic electrolytes, H2O is likely to provide the source of protons 

necessary for these reactions to occur. 

 O2
-
(sol) + H2O(sol) ᵶ HO2(sol) + OH-

(sol)
 (3.2) 

 2HO2(sol) Ÿ H2O2(sol) + O2(g) (3.3) 

The decay in iP,ox can be explained by considering Equations 3.2 and 3.3. As the H2O 

concentration increases, the equilibrium of Equation 3.2 will shift to favour the forward 

reaction, leading to an increased concentration of HO2. This can then disproportionate 

irreversibly via Equation 3.3, causing iP,ox to decrease, as O2
- has been consumed before 

oxidation can occur. A new oxidation peak at 3.85 V can be seen in the electrolyte with 

5 M H2O that could be due to the oxidation of this H2O2. The cause of the positive shift 

of EP,ox is not immediately obvious, but may involve the equilibrium in Equation 3.2. 

However, this is conjecture and requires other means to confirm the causes of the 

oxidation peak trend. Therefore, CV simulations were performed and are discussed in 

the following section. 

Given sufficiently high H2O concentrations, >0.25 M H2O, there is a positive shift in the 

onset of O2 reduction (red arrow and dashed CVs, Figure 3.2), indicating that a new 

reduction process is occurring, namely a proton-coupled O2 reduction, which is typically 

the first step in aqueous O2 reduction mechanisms9. 

 

O2(sol) + H2O(sol) + e- Ÿ HO2(sol) + OH-
(sol) 

O2(sol) + 2H2O(sol) + 2e- Ÿ H2O2(sol) + 2OH-
(sol) 

O2(sol) + H2O(sol) + 4e- Ÿ 4OH-
(sol) 

(3.4) 

(3.5) 

(3.6) 

 
However, it is unlikely that the protic O2 reduction products, H2O2 and/or OH-, form at the 

potentials applied here (Equations 3.5 and 3.6). iP,red does not increase, as would be 

expected if the 2e- or 4e- transfer were occurring, for H2O concentrations Ò1 M. However, 
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there is a slight increase in iP,red at a 5 M H2O concentration and is now due to the EP,red 

for 2e- and/or 4e- O2 reduction lying close to EP,red for the 1e- O2 reduction. It is difficult to 

explicitly determine the reaction products using CVs alone, so other techniques must be 

used to identify these products. Attempts to identify the nature of the O2 reduction 

products using an electrochemical technique, RRDE measurements, and a 

spectroscopic technique, surface-enhanced Raman spectroscopy (SERS), are 

discussed in Sections 3.4 and 3.6, respectively. 

In the DMSO-based electrolyte, similar changes to the O2/O2
- redox couple with 

increasing H2O content are observed (Figure 3.3) as in CH3CN, but significantly higher 

concentrations of H2O are required to induce these effects. There are negligible changes 

to the onset potential of O2 reduction at H2O concentrations Ò1 M, demonstrating that 

proton-coupled O2 reduction requires in excess of 1 M H2O to occur (Figure 3.3 inset), 

which is at least four times that in CH3CN. Furthermore, the decay in iP,ox and positive 

shift of EP,ox are also less pronounced between 0 M and 5 M H2O in DMSO, when 

compared to CH3CN (Figure 3.3 and Figure 3.2, respectively). This suggests that aprotic 

O2 reduction in DMSO is more resistant to the presence of H2O. These results are 

consistent with reports in the literature that found CH3CN to be more susceptible to protic 

O2 reduction than DMSO in Li+-based electrolytes1,2. Since this occurs both with and 

without Li+, the solvent must play a significant role in determining whether aprotic O2 

electrochemistry occurs at a given H2O concentration. It is therefore crucial to understand 

how H2O affects O2 reduction in different solvents and why the H2O-solvent interactions 

can lead to different O2 reduction products. This will be addressed in both this chapter 

and Chapter 4, with the aim of developing a mechanism that rationalises O2 reduction in 

H2O-containing organic solvent-based electrolytes that should enable the development 

of H2O-tolerant solvents for the Li-O2 battery, bringing it a step closer to the Li-air battery. 
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Figure 3.3: CVs recorded  in DMSO demonstrating O2
- oxidation is affected at lower 

H2O concentrations than O2 reduction. The electrolytes were O2-saturated 0.25 M 

TBAClO4 at various H2O concentrations as indicated in the legends. Dashed lines 

indicate electrolytes that undergo a proton-coupled O2 reduction. The inset is an 

expanded view of the reduction wave, showing the positive shift of its onset. The scan 

rate was 100 mV s-1. Au working, LixFePO4 reference and Pt counter electrodes were 

used. 

 Simulations of voltammetric responses 

In the previous section, I proposed an E-C mechanism to account for the trend in 

oxidation peaks during O2 reduction, involving an equilibrium between O2
- and HO2 and 

subsequent disproportionation of HO2 to H2O2. To confirm that both these reactions 

contribute to the trend in oxidation peaks, CV responses were simulated using DigiElch. 

The methodology used to obtain the simulated CVs is described in Section 3.2.3.  

Three different models were used and the detailed reactions for each are shown in Table 

3.2. Each model begins with electrochemical O2 reduction to O2
-, followed by different 
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combinations of the chemical steps expected to occur between O2
ï and H2O. The first 

mechanism, Model 3.1, assumes O2
- reacts irreversibly with H2O, forming HO2, which 

then disproportionates. The second mechanism, Model 3.2, involves an equilibrium 

between O2
- and HO2, and where HO2 does not disproportionate, while, in the final 

mechanism, Model 3.3, the O2
-/HO2 equilibrium and disproportionation of HO2 both 

occur. The software then optimised the equilibrium and reaction rate constants of 

Equations 3.2 and 3.3.  By comparing the simulated CVs to the experimental CVs, one 

can identify whether Equations 3.2 and 3.3 contribute to the oxidation peak response.  

Table 3.2: Summary of Models 3.1, 3.2 and 3.3 showing the reactions used when 

simulating the E-C mechanism during voltammetry of O2 in electrolytes containing 

H2O. All models start with electrochemical generation of O2
-. Models 3.1 and 3.2 

individually consider O2
- disproportionation and the O2

-/HO2 equilibrium, respectively, 

while Model 3.3 simulates both. 

Model 3.1 Model 3.2 Model 3.3 

O2 + e- Ÿ O2- 

 
O2

- + H2O Ÿ HO2 + OH- 
 

2HO2 Ÿ H2O2 + O2 

O2 + e- Ÿ O2- 

 
O2

- + H2O ᵶ HO2 + OH- 

O2 + e- Ÿ O2- 

 
O2

- + H2O ᵶ HO2 + OH- 
 

2HO2 Ÿ H2O2 + O2 

 

Considering first O2 reduction in CH3CN, Figure 3.4 shows simulated CVs using Models 

3.1-3.3 at selected H2O concentrations up to 1 M, overlaid with the experimental CVs 

from Figure 3.2. The simulations using Model 3.1 demonstrate that disproportionation of 

O2
- leads to a decay in iP,ox, as expected for a decrease in concentration of the 

electroactive species in the vicinity of the electrode (Figure 3.4, green circles). However, 

the oxidation potential is unchanged, meaning disproportionation of O2
- alone cannot 

account for the shift of EP,ox.  

Model 3.2 also produces simulations with poor fits to the experimental CVs. Here, EP,ox 

shifts positively with increasing H2O concentration, but iP,ox does not decay, suggesting 
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that the equilibrium alone also cannot account for the oxidation peak trend. However, 

Models 3.1 and  3.2 separately produce one of the components (decay in ip,ox and shift 

of EP,ox, respectively) seen experimentally. Therefore, Model 3.3 incorporated both the 

O2
-/HO2 equilibrium and HO2 disproportionation to see if they combine to produce 

simulated CVs that fit the experimental data better.  

 

Figure 3.4: Simulations of the CV responses for the O2/O2
- couple in the presence 

of H2O showing that both disproportionation of HO2 and an equilibrium between 

O2
- and HO2 (Model 3.3) occur in CH3CN-based electrolytes. Experimental CVs are 

reproduced from Figure 3.2. Both disproportionation (red circles, Model 3.1) and the O2
-

/HO2 equilibrium (green circles, Model 3.2) alone fit the experimental data poorly. The 

circles in panel (a) shows the simulated CV in dry electrolyte used to fix the parameters 

of the electrochemical step for other simulations. 
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This is indeed the case, with both the iP,ox decaying and positive shift of EP,ox as the H2O 

concentration increases (Figure 3.4, red circles), suggesting that H2O leads to the 

formation of HO2 and its subsequent disproportionation. Furthermore, the values for Keq 

and kf for Equations 3.2 and 3.3, respectively, both increase as the H2O concentration 

increases, as one would expect when H2O is involved in these reactions (Table 3.3).  

Table 3.3: Equilibrium constant and reaction rate constant values obtained from 

optimised CVs using Model 3.3, showing that the formation and subsequent 

disproportionation of HO2 occurs more readily in CH3CN than DMSO.  

Solvent H2O concentration / M Keq kf / M-1 s-1 

CH3CN 

0.05 0.15578 0.0013 

0.10 0.17799 1.3943 

0.25 0.37587 2.6798 

DMSO 

0.25 2.2771 × 10-3 0.023714 

0.50 2.7501 × 10-3 0.086013 

1.00 5.6206 × 10-3 0.3777 

 

In DMSO, simulations of each model generate the same trends as in CH3CN (Figure 

3.5). However, Models 3.1 and 3.2 appear to fit the experimental CVs reasonably well, 

particularly below 1 M H2O, but this is because the changes to the experimental oxidation 

peaks are more subtle than in CH3CN. Overall, the simulations using Model 3.3 still 

appear to provide the best fit to the experimental CVs. The Keq and kf values (Table 3.2) 

are much smaller than for CH3CN, suggesting that CH3CN is more sensitive than DMSO 

to both chemical and electrochemical reactions involving H2O. 
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Figure 3.5: Simulations of the CV responses for the O2/O2
- couple in the presence 

of H2O showing that both disproportionation of HO2 and an equilibrium between 

O2
- and HO2 (Model 3.3, blue circles) occurs in DMSO-based electrolytes. 

Experimental CVs are reproduced from Figure 3.3. The circles show simulated CVs 

obtained using Models 3.1-3.3 in DigiElch. The circles in panel (a) show the simulated 

CV in dry electrolyte used to fix the parameters of the electrochemical step for the other 

simulations. 

 Identification of reaction pathways in solvent/H2O mixtures 

The presence of H2O allows new protic oxygen reduction reactions to occur, leading to 

products typically seen in aqueous O2 reduction, namely HO2, H2O2 (or HO2
-) and 

potentially OH-, that cannot form via aprotic routes. Therefore, in H2O-containing organic 

electrolytes, it should be possible to produce both aprotic and protic products, depending 

on the precise conditions, e.g. H2O concentration, solvent system, applied potentials. In 
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Section 3.3.1, it was proposed that the positive shift of the O2 reduction peak with 

increasing H2O content is due to the onset of protic O2 reduction, which could ultimately 

lead to the 4e- product, OH-. However, given that aqueous O2 reduction can occur via 

multiple pathways, and with multiple competing products, identification of which of the 

1e-, 2e- or 4e- reduction products formed, and in what quantities was attempted. In the 

following discussion, O2
- and HO2 refer to 1e- reduction products, H2O2 and HO2

- refer to 

2e- reduction products and OH- the 4e- reduction product.  

To prevent the irreversible formation of OH- in Li-air cells, it is critical to establish the 

conditions at which it does form. Formation of 2e- reduction products (Equations 3.7 and 

3.8) can be tolerated since HO2
-, H2O2 and Li2O2 are all in equilibrium with each other via 

proton transfer steps such as Equations 3.9 and 3.10. It is likely that HO2
- and H2O2 

oxidise at similar potentials to Li2O2, but even if this were not the case, the equilibria 

would allow oxidation to proceed via the species with the most negative EP,ox, provided 

the oxidation does not become kinetically-limited.  

 

O2(sol) + H2O(sol) + 2e- Ÿ HO2
-
(sol) + OH-

(sol) 

O2(sol) + 2H2O(sol) + 2e- Ÿ H2O2(sol) + 2OH-
(sol) 

HO2
-
(sol) + H2O(sol) ᵶ H2O2(sol) + OH-

(sol) 

H2O2(sol) + 2Li+(sol) + 2OH-
(sol) ᵶ Li2O2(s) + 2H2O(sol) 

(3.7) 

(3.8) 

(3.9) 

(3.10) 

Therefore, oxidation of any 2e- reduction products is, in theory, possible. At the operating 

potentials required for Li-O2 batteries, uncatalysed oxidation of the 4e- reduction product 

is not possible, so is effectively irreversible and hence undesirable. 

RRDE measurements were used to identify the 1e-, 2e- and 4e- reduction products. The 

full methodology is described in Chapter 2, but to summarise, two oxidising potentials 

were used at a Pt ring electrode to oxidise either 1e- reduction products or 1e- and some 

2e- reduction products that formed at the disk electrode. A potential of 3.75 V was used 



Chapter 3 

96 
 

to oxidise all 1e- reduction products i.e. quantitative identification of O2
- and HO2. A 

potential of 4.3 V oxidised all 1e- reduction products and some 2e- reduction products 

i.e. qualitative identification of HO2
- and H2O2. Any remaining current unaccounted for at 

the ring was assigned to 4e- reduction products and further 2e- reduction products that 

were not oxidised by the ring at 4.3 V. The proportion of the 1e-, 2e- and 4e- reduction 

products were found by comparing the ring currents and disk currents. The blue, red and 

green traces are the current densities due to 1e- species, 1e- and some 2e- species and 

the disk current density, respectively. The relative proportion of 1e- reduction products, 

2e- reduction products and further 2e- and 4e- reduction products are indicated by the 

blue, red and green shaded areas, respectively.  

In both dry systems (Figures 3.6a and 3.7a), as the disk is scanned negatively, reduction 

of O2 occurs and once a sufficient overpotential is applied, all O2 at the disk is reduced 

and a steady-state limiting current (iL) is reached, resulting in a plateau. The current is 

dependent on the rotation rate of the electrode, which induces mass transport to the 

electrode and reduces the size of the diffusion layer compared to a quiescent electrolyte. 

This described by the Levich equation, 

 Ὥ πȢφςὲὊὃὈ
Ⱦ
’‫Ⱦ Ⱦὅᶻ  (3.11) 

where iL is the limiting current (A), n is the number of electrons involved in the electron 

transfer, F is the Faraday constant (C mol-1), A is the electrode area (cm2), DO is the 

diffusion constant of the oxidised species (cm2 s-1), ʖ is the electrode rotation rate (rad 

s-1), ʉ is the kinematic viscosity of the electrolyte (cm2 s-1) and ὅᶻ is the bulk concentration 

of the oxidised species (mol cm-3).  

Since O2
- is stable in the dry electrolytes, it is fully oxidised at the ring and accounts for 

all of the current passed at the disk. Hence, there is only a blue shaded area in the dry 

polarisation curves (Figures 3.6a and 3.7a).  
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Figure 3.6: RRDE polarisation curves showing that 2e- and 4e- O2 reduction initially 

occurs at potentials negative of the 1e- reduction in CH3CN, but at 1 M H2O, the  

1e-, 2e- and 4e- reductions occur simultaneously. The blue and red shaded areas 

indicate current passed due to 1e- and 2e- products, respectively. The green shaded area 

is due to further 2e- products and the 4e- product. Electrolytes consisted of O2-saturated 

0.25 M TBAClO4 in CH3CN with H2O concentrations as indicated on plots. Ring potentials 

for 1e- and 2e- O2 reduction products were 3.75 V and 4.3 V, respectively. 5 mm Au 

working, Pt ring, LixFePO4 reference and Pt counter electrodes were used. The scan rate 

and rotation rate were 20 mV s-1 and 1000 rpm, respectively. 

If we now consider CH3CN, on addition of 0.05 M H2O, at potentials >1.8 V, there is very 

little change to the reduction current (Figure 3.6b). The blue shaded area indicates that 

only 1e- O2 reduction occurs. However, at potentials <1.8 V, the appearance of red and 

green shaded areas on the plot indicate that 2e- and 4e- products form, and below 1.4 V, 

a new cathodic peak is observed at the disk (green trace) along with a decay in the 
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amount of O2
- that forms (a decrease in the blue shaded area). Background polarisation 

curves recorded under N2 (Appendix 1) confirm this peak is not due to H2 evolution. 

Therefore, the new peak at negative potentials is due to protic O2 reduction.  

When the H2O concentration was increased to 0.25 M, this protic peak shifts positively 

to an onset potential of ~1.6 V and leads to a much larger disk current, indicating that 

the 4e- reduction becomes more favourable (Figure 3.6c). There is limited formation of 

H2O2 at potentials <1.6 V (red shaded area), suggesting that the major product at these 

potentials is now OH-. At potentials between 1.6 V and 2 V, 1e- products dominate, but 

small amounts of the 2e- and 4e- products also form, while at potentials >2 V, only the 

1e- reduction product forms. At 1 M H2O, the protic peak shifted positively to such an 

extent that OH- forms at all potentials (Figure 3.6d) and at potentials below 2 V, OH- is 

the dominant product.  

In DMSO, the overall trend is similar, but, as in the CVs in Section 3.3.1, significantly 

higher H2O concentrations are required to induce 4e- reduction (Figure 3.7). Even at 0.25 

M H2O, the 1e- reduction product is the sole product at potentials as low as 1.4 V (Figure 

3.7b). There is a slight increase in current density at lower potentials (green trace), 

suggesting that protic O2 reduction occurs at potentials just beyond the electrochemical 

window used here. The protic peak can be observed at 1 M H2O, having shifted further 

positive, with the appearance of the green and red shaded areas (Figure 3.7c). Despite 

the significant quantity of H2O (~1.8 vol%), only the 1e- product forms at potentials >1.6 

V. Even more surprisingly, at 5 M H2O, the 1e- product still remains the exclusive product 

above 1.8 V (blue shaded area), while at lower potentials, a mixture of the 1e-, 2e- and 

4e- products forms as indicated by the blue, red and green shaded areas (Figure 3.7d).  

The Levich equation can be used to calculate n from iL and determine whether O2 is 

reduced to the 1e-, 2e- or 4e- products. To calculate n, the values of DO, ʉ and ὅᶻ are 

required. Literature values for DO and ὅᶻ were used (7.05 × 10-5 cm2 s-1 and 8.1 mM, 

respectively, in CH3CN and 2.30 × 10-5 cm2 s-1 and 2.1 mM, respectively, in DMSO)8,10,11,  
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Figure 3.7: RRDE polarisation curves showing that 2e- and 4e- O2 reduction occur 

at potentials significantly negative of the 1e- reduction in DMSO. The blue and red 

shaded areas indicate current passed due to 1e- and 2e- products, respectively. The 

green shaded area is due to further 2e- products and the 4e- product. Electrolytes 

consisted of O2-saturated 0.25 M TBAClO4 in DMSO with H2O concentrations as 

indicated on plots. Ring potentials for 1e- and 2e- O2 reduction products were 3.75 V and 

4.3 V, respectively. Au working, Pt ring, LixFePO4 reference and Pt counter electrodes 

were used. The scan rate and rotation rate were 20 mV s-1 and 1000 rpm, respectively. 

while ʉ for each electrolyte was measured experimentally using a kinematic viscometer 

(SVM 3000, Anton Paar). The same ὅᶻ was used for both the dry and H2O-containing 

electrolytes. However, ὅᶻ is likely to decrease in the latter since O2 is less soluble in H2O 

than DMSO and CH3CN (0.258 mM, 2.1 mM and 8.1 mM, respectively)8,12. If this were 

corrected for, the calculated values of n would increase. Table 3.4 shows the calculated 

values for n in the dry electrolytes and H2O-containing electrolytes, 5 M in DMSO and 1 
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M in CH3CN, along with the current densities, jL, and ʉ used to calculate them. In the 

H2O-containing electrolytes, there were no distinct plateaus for the 2e- and 4e- reduction 

reactions, so values for the current density were taken at 1.3 V and 1.2 V in DMSO and 

CH3CN, respectively.  

Table 3.4: Number of electrons, n, involved transferred during O2 reduction in 

CH3CN and DMSO-based electrolytes. The experimentally measured parameters, jL 

and ʉ, used to calculate n are also included.  

Solvent H2O concentration / M jL / mA cm-2 ʉ / cm2 s-1 n 

CH3CN 
0 17.20 0.006455 0.912 

1 61.76 0.006688 3.226 

DMSO 
0 2.037 0.025343 1.057 

5 5.430 0.032364 2.944 

 

In the dry electrolytes, n should equal 1 as O2
- is the only product. The values calculated 

for n in DMSO and CH3CN are 1.057 and 0.912, respectively, indicating that the 1e- 

reduction of O2 occurs here. In the H2O-containing electrolytes, the calculated values 

increase to 2.944 and 3.226 in DMSO and CH3CN, respectively, indicating that a mixture 

of the 1e-, 2e- and 4e- O2 reductions occur and supports the assignment of at least a 

portion of the green shaded areas in Figures 3.6-3.7 to the 4e- reduction. 

The CVs and RRDE results presented so far were carried out on Au disk electrodes. The 

use of noble metal-based electrodes could alter the protic O2 reduction products that 

form, since metals such as gold and platinum have been extensively studied in aqueous 

O2 reduction for potentially beneficial catalytic effects. Furthermore, noble metals are 

unlikely to be used as practical electrodes in Li-O2 batteries, due to their high cost and 

weight. Typical Li-O2 batteries use carbon-based electrodes for several reasons 

including their low mass, which improves the specific energy of the cell, and low cost. 

Therefore, the RRDE measurements were repeated with a glassy carbon (GC) disk and 
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Pt ring electrode to confirm that the observed trends were not limited to Au electrodes 

and will therefore be relevant in understanding the influence of H2O in Li-O2 batteries 

(Figure 3.8). Polarisation curves were recorded using electrolytes containing 0 M and 

0.25 M H2O. The latter concentration was chosen because the 4e- reduction begins to 

overlap with the 1e- reduction in CH3CN but not in DMSO.  

 

Figure 3.8: RRDE polarisation curves showing that, with a GC disk electrode, the 

4e- product forms much more readily in CH3CN than DMSO. The H2O concentrations 

used were 0 M (a,b) and 0.25 M (c,d). Experimental conditions were identical to those in 

Figure 3.6 and Figure 3.7, except for a GC disk electrode replacing the Au electrode. 

In dry CH3CN (Figure 3.8a), O2
- readily formed at approximately Ò2.5 V. However, at 

potentials <2 V, parasitic electrochemistry began to occur, as the current due to O2
- (blue 
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shaded area) begins to decay, while the appearance of the red and green shaded areas 

identify new species being oxidised at the ring. As H2O was not present, electrolyte 

decomposition is the likely cause, catalysed by the GC electrode, as this does not occur 

as readily with a Au electrode. With 0.25 M H2O (Figure 3.8b), the O2
- peak decays 

significantly and is replaced by the 4e- product, just as with the Au electrode, though here 

this change occurs at around 2.4 V compared to 2.0 V with Au. 

In dry DMSO (Figure 3.8c), O2
- forms stably at potentials between 2.0-2.5 V, while at 

more negative potentials, there is evidence of electrolyte degradation, as in CH3CN. 

When H2O is present (Figure 3.8d), O2
- still forms at potentials above 2.0 V, while 2e- 

and 4e- reduction products begin to form at potentials <2.0 V, in addition to the O2
- that 

would be expected to form. Furthermore, GC appears to be a poorer substrate than Au 

for maintaining 1e- O2 reduction in H2O-containing electrolytes, as it produces a greater 

quantity of the 2e- and 4e- reduction products, indicated by the increased red and green 

shaded areas in Figure 3.8d compared to Figure 3.7b. 

Overall, the RRDE results confirm the trends seen in the CVs, where O2 reduction is 

largely unaffected at low H2O concentrations (Ò0.25 M H2O in CH3CN, Ò1 M H2O in 

DMSO), but at higher concentrations, protic O2 reduction, and in particular, the 4e- 

reduction occur. The H2O concentration required to induce 4e- O2 reduction is influenced 

by the organic solvent. DMSO is only capable of undergoing 4e- O2 reduction (in addition 

to 1e- and 2e- O2 reduction) with 5 M H2O at potentials below 2 V (though this is substrate-

dependent), while in CH3CN, 4e- reduction occurs at all reducing potentials in the 

presence of 1 M H2O. Use of GC electrodes also results in the formation of 2e- and 4e- 

reduction products at similar potentials to those when Au electrodes are used.  

 Chemical routes to protic O2 reduction products from O2
- and H2O  

H2O2 and OH- can form chemically from O2
- in the presence of H2O. O2

- is known to 

disproportionate in aqueous environments, forming both peroxide and oxide species13. 
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It is therefore possible that some of the H2O2 and/or OH- detected by the RRDE 

measurements may not have been formed electrochemically, but from chemical 

reactions following the initial O2
- generation. This is certainly the case in CH3CN, where 

CV simulations identified that disproportionation to H2O2 readily occurs (Section 3.3.2). 

If OH- could also form spontaneously via a chemical pathway, avoiding accumulation of 

LiOH in a Li-air cell would prove extremely challenging. Therefore, it was necessary to 

identify whether a viable chemical pathway for OH- formation exists in H2O-containing 

electrolytes.  

Formation of H2O2 and OH- from O2
- leads to O2 evolution via Equations 3.12 and 3.13, 

respectively. 

 2O2
-
(sol) + 2H2O(sol) Ÿ H2O2(sol) + O2(g) + 2OH-

(sol)
 (3.12) 

 4O2
-
(sol) + 2H2O(sol) Ÿ 3O2(g) + 4OH-

(sol) (3.13) 

The O2/O2
- molar ratio is different if O2

- disproportionates to H2O2 or OH- (0.5 and 0.75, 

respectively). Therefore, on-line mass spectrometry was used to quantify O2 evolution 

from the mixing of O2
- samples with H2O-containing solvents, allowing determination of 

the O2/O2
- ratio and thus the extent of disproportionation. Full experimental details are 

provided in Chapter 2. Figure 3.9 shows the O2 fluxes (normalised to the initial KO2 

quantity) obtained when H2O-containing solvents were added to KO2 samples connected 

to an on-line mass spectrometer (MS).  

In DMSO (Figure 3.9a), O2 evolution was very slow when DMSO/H2O mixtures 

containing <1 M H2O were added to the KO2 sample, with O2 evolution taking 

approximately 1 hour to reach peak flux. Furthermore, when mixture containing only 0.1 

M H2O was used, O2 evolution increased negligibly, suggesting that disproportionation 

is very slow at such H2O concentrations and is omitted from the figure for clarity. 

However, significant O2 evolution was observed by the MS when mixtures containing 1 

M and 5 M H2O concentrations were added to the KO2 samples. Here, the peak O2 fluxes 
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Figure 3.9: O2 evolution profiles from samples of KO2 mixed with H2O-containing 

DMSO (a) and CH3CN (b), showing slow O2 evolution in DMSO and significantly 

faster O2 evolution in CH3CN. The O2 flux is normalised to the molar quantity of KO2 in 

each sample. The H2O concentrations used are indicated in the legends. The inset in 

panel (b) shows the slow O2 evolution with 0.1 M H2O in CH3CN. 
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occurred within 10 minutes of solvent addition, demonstrating that the kinetics of the 

disproportionation reaction(s) increase as the H2O concentrationincreases. This is to be 

expected based on the stoichiometry of Equations 3.12 and 3.13, which are second order 

with respect to H2O. However, the reaction rate with 5 M H2O is slower than with 1 M 

H2O, evidenced by a broader O2 flux and lower peak value. This is likely to be caused 

by increased viscosity of the 5 M H2O mixture compared to the 1 M H2O mixture, which 

would reduce diffusion of HO2 and therefore slow the disproportionation reaction. A 

similar increase in viscosity was measured for 5 M H2O electrolyte solution compared to 

the dry electrolyte (Table 3.3). 

In CH3CN (Figure 3.9b), the O2 fluxes indicate that disproportionation is significantly 

more rapid at each H2O concentration compared to DMSO. The peak O2 flux is 

approximately an order of magnitude higher in CH3CN than DMSO and O2 evolution 

nearly ceases within 15 minutes at H2O concentrations of 0.5 M and above. Even at a 

0.1 M H2O concentration, O2 evolution is discernible but occurs over the course of several 

hours. Furthermore, this supports the findings in Section 3.3, where reactions between 

O2
- and H2O appeared to be more rapid in CH3CN. 

Figure 3.10 shows the O2/O2
- ratios obtained at various H2O concentrations in DMSO 

and CH3CN and calculated by integration of the O2 fluxes from Figure 3.9. In DMSO, the 

O2/O2
- ratios are significantly below 0.5 for all H2O concentrations used, indicating that 

incomplete disproportionation of O2
- to H2O2 within the timescale of the experiment. 

Following the initial O2 peak when the DMSO solutions were added, the flux decayed to 

a steady value close to 0 molO2 min-1 molKO2
-1 (Figure 3.9a). In CH3CN and at H2O 

concentrations >0.1 M H2O, the O2/O2
- ratios are around 0.5, indicating that O2

- fully 

disproportionates to H2O2, but not OH-. If this were the case, the ratios would continue 

to increase towards 0.75. These results identify that the 4e- product, OH-, does not form 

chemically and therefore, the presence of OH- in the RRDE data must be produced 
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electrochemically. Furthermore, it demonstrates that the solvent influences not only the 

electrochemical reactions H2O participates in, but also the chemical reactions. 

 

Figure 3.10: O2/O2
- molar ratios identifying that O2

- disproportionates to H2O2, not  

OH-, in H2O-containing CH3CN and DMSO. The O2/O2
- ratio depends on which 

disproportionation product form; H2O2 leads to a value of 0.5 (red line) and OH- leads to 

a value of 0.75 (black line). The O2/O2
- ratios were calculated by integrating the O2 flux 

curves in Figure 3.9. 

 Spectroscopic identification of ORR intermediates/products 

The electrochemical analyses so far have identified that as the H2O concentration is 

increased, the electrochemistry switches from an aprotic (1e- reduction) to protic 

mechanism (2e- and 4e- reduction). RRDE provides only indirect evidence of the 

electrochemically generated species so, in situ SERS was used to identify species 

formed at the electrode surface during O2 reduction (Figure 3.11). In the dry electrolytes, 
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two signals due to O2
- are seen at ~480 cm-1 and ~1110 cm-1 when reducing potentials 

are applied. These are due to Au ï O2, and O ï O- stretches, respectively.  

As H2O was introduced into both electrolytes, the O2
- Raman signals were still observed 

during reduction (Figure 3.11). This demonstrates that O2
- is still generated even in the 

presence of significant H2O concentrations, >0.5 M. However, a new signal was seen at 

1130 cm-1 in H2O-containing electrolytes, appearing as a shoulder to the main  

1110 cm-1 peak. This suggests that a new species is generated, which could be HO2, as 

this is expected to form in these electrolyte systems. Various literature values have been 

reported for HO2, ranging from 1097 cm-1 to 1140 cm-1 (refs. 14-17). In solution, HO2 

should have a higher wavenumber than O2
-, since there is less e- density in the ˊ* O-O 

orbitals, resulting in a stronger O-O bond. Thus, this shoulder is tentatively assigned to 

the HO2 species, and the observation of this peak in both solvents further strengthens 

this assignment. An H2O2 peak would be expected at 880 cm-1. However, two TBA+ 

vibrational modes occur at this Raman shift, making it difficult to assign any changes in 

the spectra to H2O2. While the peak does increase in intensity as the H2O concentration 

increases, this could be caused by the TBA+ ions rearranging in the inner Helmholtz layer 

due to the presence of H2O, leading to a potential enhancement of the salt Raman 

signals. 

Depending on the H2O concentration and applied potentials, OH- can form either 

electrochemically (4e- reduction) or as a chemical product (1e- and 2e- reduction). In 

either case, the generation of OH- indicates that protic O2 reduction occurs, so in situ 

spectroscopic identification of OH- was attempted. However, this was complicated by the 

presence of H2O in the electrolytes. OH- and H2O share a vibrational mode, the O-H 

stretch, and furthermore, this is the only vibrational mode that OH- possesses. Therefore, 

signals characteristic of O-H stretches would be observed whenever H2O is present, 

preventing unambiguous observation of OH-. To overcome this problem, the oxidation of 

Au by OH- was exploited (Figure 3.12). 



Chapter 3 

108 
 

 

Figure 3.11: SER spectra acquired during O2 reduction at a roughened Au 

electrode in DMSO- (a) and CH3CN-based (b) electrolytes showing O2
- forming at 

all H2O concentrations used. The electrolytes were O2-saturated 0.25 M TBAClO4 in 

DMSO or CH3CN and containing H2O concentrations as indicated in the legends. 

Spectra were acquired whilst holding the Au electrode at 2.2 V and 2.35 V in DMSO and 

CH3CN, respectively. A 785 nm laser, x20 objective and 1200 l/mm grating were used. 

+ and * indicate solvent and salt signals, respectively (reference values in Appendix 2). 
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Figure 3.12: SER spectra (a,c) and CVs (b,d) demonstrating that Au(OH)3 only 

forms in H2O-containing electrolytes following a preceding O2 reduction step. 

Electrolytes were 0 M or 5 M H2O 0.25 M TBAClO4 in DMSO (a,b) or CH3CN (c,d). The 

reference spectrum (black curve, a) was recorded using the following salt concentrations: 

0.01 M TBAOH; 0.24 M TBAClO4; 5 M H2O. Spectra were acquired whilst holding a 

roughened Au electrode at 4.2 V. A 785 nm laser, x20 objective and 1200 l/mm grating 

were used. CVs were recorded with 5 M H2O in electrolytes, beginning with an anodic 

sweep from 3.4 V (indicated by blue arrows). A roughened Au working, Ag wire reference 

and Pt counter electrode were used. CV scan rate 100 mV s-1.  

When the potential of a Au electrode is cycled in alkaline aqueous solutions, Au(OH)3 

forms at less positive potentials than Au2O3 and possesses a Raman signal18,19. 

Crucially, oxidation of Au with OH- occurs at less positive potentials than H2O itself, so 
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careful control of the applied potentials affords selectivity for OH-. To validate the 

technique, an electrolyte consisting of 5 M H2O 0.24 M TBAClO4 in DMSO was doped 

with 0.01 M TBAOH to generate the Au(OH)3 Raman signal in situ. When an oxidising 

potential of 4.25 V was applied to the Au electrode in this electrolyte (black curve, Figure 

3.12a), a new peak was observed in the SER spectrum, where Au(OH)3 peaks are found. 

When the same potential was applied in pristine dry TBAClO4 electrolytes (red curves, 

Figure 3.12a,c), this peak was not seen. Similarly, when pristine electrolytes containing 

5 M H2O were held at 4.25 V (blue curve, Figure 3.12), no OH- peak was observed, and 

no Faradaic processes occurred at positive potentials in the CVs (blue traces, Figure 

3.12b,d). This confirms that H2O cannot oxidise Au at this potential in DMSO and CH3CN. 

When those same electrolytes then underwent O2 reduction, OH- should have formed. 

When the electrode was again held at 4.25 V (green curve, Figure 3.12a,c), the Au-OH 

peak was observed, showing that the OH- was generated during reduction and the 

Faradaic processes associated with this oxidation can be seen in the CVs (green traces, 

Figure 3.12b,d). At the reducing potentials applied here, OH- will be a product of 1e- or 

2e- reduction of O2 in DMSO (in addition to HO2 or H2O2, respectively), but in CH3CN is 

likely to result from 4e- O2 reduction. Thus, this provides indirect spectroscopic evidence 

that H2O is involved in electrochemical and/or chemical reactions during O2 reduction in 

these electrolytes.  

 Conclusions 

In this chapter, I have established that H2O participates in various chemical and 

electrochemical reactions during O2 reduction in aprotic solvents and introduces 

pathways to several new products. The clearest example of this is that it is possible to 

form HO2, H2O2 and OH- in both CH3CN-based and DMSO-based electrolytes, provided 

there is a sufficient concentration of H2O and the correct reducing potential is applied. 

Furthermore, as the H2O concentration is increased, these protic reduction products form 

at increasingly positive potentials, to the extent that in CH3CN with 1 M H2O and at all 
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reducing potentials, the dominant product is OH-, which would be catastrophic for the 

cyclability of a Li-O2 cell. However, in DMSO with 1 M H2O, very negative potentials are 

required for 4e- O2 reduction at the positive electrode, which lies outside its operating 

potential in Li-O2 cells. Therefore, if the conditions required for 4e- O2 reduction are 

similar in Li+-containing electrolytes, it should be possible to avoid electrochemical LiOH 

formation in DMSO at low overpotentials. 

The solvent clearly plays an important role in controlling the electrochemical and 

chemical reactions during O2 reduction. As already noted, much less H2O is required to 

alter the electrochemical reactions in CH3CN. However, the equilibrium and rate 

constants for HO2 formation and disproportionation, respectively, were higher in CH3CN 

than DMSO, demonstrating that the solvent also influences these chemical reactions. 

This was in line with O2 evolution measurements, which also found disproportionation to 

be faster in CH3CN. Furthermore, SERS experiments showed that while OH- forms on 

O2 reduction in both DMSO and CH3CN, a greater quantity forms in CH3CN, which had 

a far more intense Au(OH)3 peak than DMSO.  

I found no evidence to suggest that O2
- is preferentially solvated by H2O due to its high 

AN, when present in organic solvent-based electrolytes, as suggested by Aetukuri et al.2 

Instead, at low H2O concentrations, O2
- and H2O are involved in a chemical equilibrium 

with HO2 and OH-. Provided the HO2 concentration is low enough that disproportionation 

is negligible, O2
- is conserved over time. This has been exploited in Na-O2 batteries as a 

method of phase-transfer catalysis, where the equilibrium is between NaO2 and the more 

soluble HO2.  

Similarly, the pKa mechanism proposed by Kwabi et al. is not supported by my results1. 

Their mechanism would suggest that O2 reduction in H2O-containing DMSO and CH3CN 

should be similar, since the pKa of H2O in both solvents is nearly identical (35.0 and 35.2, 

respectively). However, CH3CN promotes the 4e- reduction far more readily than DMSO. 
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Furthermore, I have determined that H2O can induce disproportionation of O2
- to H2O2, 

but not OH-. Therefore, OH- formation can be avoided by careful control of the reduction 

conditions, that is, the applied potentials and H2O concentration in the electrolyte. This 

has important implications for chemical and electrochemical reactions involving protic 

species. A mixed H2O-organic solvent system could be used to control the selectivity of 

a reaction to favour a product that would otherwise be an intermediate in a purely 

aqueous or organic electrolyte. It is possible, for example, that such an approach could 

be used in electrochemical synthesis of organic compounds, resulting in new synthetic 

routes and improved yields. In the context of Li-air batteries, if selectivity for Li2O2 over 

LiOH is maintained in Li+-based electrolytes, it may be possible to avoid LiOH formation 

in H2O-containing cells. This will be considered in Chapter 4.  
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4. Effect of H2O on aprotic O2 reduction in Li+-based 

electrolytes 

In Chapter 3, the electrochemistry of O2 reduction was considered in an idealised Li+-

free system to understand how H2O affects O2 reduction directly. There, H2O was 

identified as providing a source of protons that result in the formation of new O2 reduction 

products, namely HO2, H2O2 and OH-. However, the potentials required to form OH- were 

markedly different in acetonitrile (CH3CN) and dimethyl sulfoxide (DMSO) at any given 

H2O concentration. For example, at 1 M H2O in CH3CN, the 1e-, 2e- and 4e- products are 

generated simultaneously at all reducing potentials, while in DMSO, 4e- reduction occurs 

~0.8 V negative of the 1e- reduction. The understanding developed in the ideal system 

is now used to explore the behaviour of O2 reduction in electrolytes containing both H2O 

and Li+. These electrolyte systems are representative of the conditions in Li-O2 batteries 

and understanding what occurs during O2 reduction in them will be critical if the 

technology is to be successfully developed. 

 Background on O2 reduction 

Of the mechanisms proposed in the literature to explain how H2O affects O2 reduction, 

the acceptor number (AN) mechanism proposed by Aetukuri et al. and the pKa 

mechanism suggested by Kwabi et al. are inconsistent with the results presented thus 

far1,2. There was, however, evidence of metathesis reactions, which convert O2
- to HO2. 

This type of reaction has been proposed by several groups in Li+-based electrolytes3-6. 

This mechanism adequately explains why H2O induces solution phase growth of Li2O2 

at low H2O concentrations. However, it does not explain the different products found in 

CH3CN and glyme ether-based electrolytes. The mechanism proposed by Kwabi et al.2 

attempted to rationalise the formation of LiOH in CH3CN through the changing acidity of 

H2O in different solvents but their reasoning considers it a by-product of the metathesis 

reaction, where H2O2 is also formed. Furthermore, if they had attributed the LiOH found 
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in CH3CN to the 4e- O2 reduction reaction, their mechanism would also expect LiOH to 

form in DMSO, but this is not the case. Therefore, to the best of my knowledge, no 

mechanism exists to adequately explain the differing discharge products in the range of 

H2O-containing solvents used for Li-O2 research. 

I have three main objectives in this Chapter. The first is to identify how the presence of 

Li+ alters O2 reduction in H2O-containing DMSO and CH3CN. This will be achieved by 

repeating the electrochemical and spectroscopic analyses and comparing the conditions 

required to induce 4e- O2 reduction in these electrolytes. Secondly, I will also investigate 

another solvent, tetraethylene glycol dimethyl ether (TEGDME), one of the family of 

glyme ethers commonly used in Li-O2 batteries. Previous work involving two-electrode 

cells suggests that some H2O can be tolerated. Therefore, I will seek to establish if this 

is the case in three-electrode cells and furthermore, identify the H2O concentration 

required to result in 4e- reduction. Finally, but most importantly, the insights from these 

results and those in Chapter 3 should enable me to develop a universal mechanism to 

rationalise why LiOH will form more readily in some H2O-containing electrolytes than 

others. 

 Experimental 

 Materials 

Lithium perchlorate (LiClO4, Ó99.0%, Sigma-Aldrich), tetrabutylammonium hydroxide-30 

hydrate (TBAOH.30H2O, Ó99.0%, Sigma-Aldrich) and potassium superoxide (KO2, 

Sigma-Aldrich) were used as received. The KO2 purity was 98% and was determined 

using an iodometric titration. DMSO (puriss. p.a., dried, Ò0.02% H2O, Sigma-Aldrich) was 

distilled under vacuum. TEGDME (99%, Sigma Aldrich) was also distilled under vacuum, 

but with the addition of 1 g sodium metal (Sigma Aldrich) and 8.5 g benzophenone 

(Sigma Aldrich) into 500 mL TEGDME to scavenge organic radicals formed during 

distillation. CH3CN (electronic grade, 99.999% trace metals basis, Sigma-Aldrich) was 
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distilled under Ar (N4.8 grade, Pureshield, BOC). Following distillation, solvents were 

transferred to an Ar glove box and dried using freshly activated 4ᴠ molecular sieves for 

a minimum of 72 hours. The H2O content of the dried solvents was measured using a 

Karl Fischer titrator (Mettler Toledo). The solvents were used when the H2O content was 

<5 ppm. The above chemicals were all stored in an Ar glove box (<0.1 ppm O2, < 0.1 

ppm H2O, MBraun). Ultrapure H2O (18.2 Mɋ cm-1, Milli-Q, Merck Millipore) was used to 

make up electrolyte solutions with known H2O concentrations. High purity N2 and O2 

gases (N6.0 grade, BOC) were used for saturating electrolyte solutions. These gases 

were passed through a moisture trap (Agilent) upstream of the electrochemical cell to 

dry the gases further. The H2O content of dry electrolytes, i.e. no intentionally added 

H2O, was tested using the Karl Fischer and found to be <10 ppm. 

Triethylphosphine oxide (Et3PO, >98%, ACROS Organics) was dried in a N2 glove box 

(<0.1 ppm H2O) prior to use for NMR measurements. The salt was dissolved in 

dichloromethane (<5 ppm H2O), activated molecular sieves were added and the solution 

was left to dry for a minimum of 48 hours. Once the solution achieved a H2O content <5 

ppm (confirmed using a Karl Fischer titrator), the molecular sieves were removed and 

the dichloromethane was evaporated by heating at 45 °C for 5 hours. The salt was then 

stored in a N2 glove box (<0.1 ppm O2, <0.1 ppm H2O). 

 Rotating ring-disk electrode (RRDE) preparation 

The general methodology for RRDE measurements is described in Chapter 2. Data 

analysis for this method requires two RRDE voltammograms with reproducible disk 

current profiles. When recording RRDE polarisation curves using a Au disk electrode 

with CH3CN- and TEGDME-based electrolytes, the disk current profiles were highly 

variable when using the standard electrode preparation described in Chapter 2. 

Mechanical polishing may alter the surface facets of Au after each preparation and it has 

previously been reported that O2 reduction in H2O-containing organic solvents is 

sensitive to the Au surface, possibly causing the observed variability7. Therefore, the Au 
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disk preparation was modified to minimise structural changes to the electrode surface in 

these electrolytes, by using flame-annealing rather than mechanical polishing. First, any 

residual electrolyte on the electrode was rinsed off with H2O, then dried and flame-

annealed in a propane flame for several minutes. The electrode was cooled under a flow 

of Ar gas for 15 minutes to prevent the formation of an oxide layer and then acid-cycled 

as previously described. 

 Nuclear magnetic resonance (NMR) spectroscopy 

Solution NMR measurements were carried out on a Bruker Avance III HD nanobay NMR 

equipped with a 9.4T magnet. Samples were prepared in a N2 glove box (<0.1 ppm O2, 

<0.1 ppm H2O) and placed into airtight 5 mm NMR tubes sealed with Youngôs valves. As 

these measurements were probing intermolecular interactions, the presence of any 

deuterated solvent in the sample would affect the chemical shifts (ŭ) of the species of 

interest. Therefore, sealed capillary tubes containing reference solutions were placed 

inside the NMR tubes to prevent mixing with the samples. 1 M LiCl in D2O (ŭ = 0 ppm) 

and 85% D3PO4 in D2O (ŭ = 0 ppm) were used for 7Li and 31P NMR spectra, respectively.  

A constant temperature of 25 °C was maintained for all measurements. 

 Determination of ANs of solvent/H2O mixtures 

ANs were determined using Et3PO as first described by Mayer et al.8 A stock solution of 

approximately 200 mg of Et3PO in 4 mL of solvent or H2O-containing solvent was 

prepared in a glove box. Aliquots of this stock solution were diluted with further solvent 

or H2O-containing solvent to produce five solutions containing approximately 10, 20, 30, 

40 and 50 mg of Et3PO per mL. Mayer et al. reported AN values using 

diphenylphosphinic chloride (Ph2POCl) as a reference, so an NMR spectrum of Ph2POCl 

was recorded with the D3PO4 capillary reference to allow conversion of ŭ between the 

two references. The chemical shifts were not corrected for the magnetic susceptibilities 

of the solutions, as was done originally by Mayer et al. ANs have been measured without 

correcting for the magnetic susceptibility of samples previously in ionic liquids9, but this 
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requires a calibration curve to convert the chemical shifts to the AN scale produced by 

Mayer et al. The 31P ŭ of Et3PO was determined in several dry solvents (ethanol, 1,2-

dimethoxyethane, dimethylformamide, CH3CN and DMSO) and H2O, which were then 

plotted against the AN values reported by Mayer et al. to create a calibration curve 

(Figure 4.1). The R2 value of the best-fit line is 0.9987, indicating a nearly ideal fitting of 

the experimental values, despite neglecting the correction for magnetic susceptibility. 

 

Figure 4.1: Calibration curve generated from 31P ŭ of Et3PO in several pure 

solvents versus the literature AN values of the solvents. 

 Raman spectroscopy 

O-H stretching modes of H2O in CH3CN, DMSO and TEGDME were measured using a 

633 nm HeNe laser using an airtight sample holder with a sapphire window and an 

inverted microscope on a Renishaw inVia system. Spectra consist of 500 scans, each 

lasting 30 seconds with a laser power of 50 mW, averaged to produce one spectrum. To 

prevent excessive heating by the laser, a large sample volume (10 mL) was used and 

between each scan, the laser was closed to the sample for 30 seconds to allow heat 

dissipation.  
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 Electrochemical response of O2/O2
- couple to H2O 

The presence of Li+ dramatically alters the electrochemistry at the positive electrode, as 

LiO2, the analogue of TBAO2, is thermodynamically unstable and exists only as an 

intermediate species. It goes on to form Li2O2 via either a surface or solution mechanism, 

which is determined by the solubility of LiO2. Solvents that are poor Lewis bases, with 

low donor numbers (DNs) do not stabilise Li+ sufficiently to allow LiO2 to dissolve in 

solution. Therefore, when O2 is reduced on the electrode surface, it combines with Li+ to 

form LiO2 adsorbed on the electrode (Equation 4.1), where it is subsequently reduced to 

Li2O2 (Equation 4.2). This is the O2 reduction mechanism in CH3CN. 

 

Li+(sol) + O2(sol) + e- Ÿ LiO2(s) 

LiO2(s) + Li+(sol) + e- Ÿ Li2O2(s)  

(4.1) 

(4.2) 

If the solvent is a good Lewis base (high DN), such as DMSO, it provides enough 

stabilisation to Li+ that LiO2 has some solubility. O2 reduction begins with reduction of O2 

to O2
-, not LiO2, remaining dissolved in the electrolyte and diffuses away from the 

electrode surface (Equation 4.3). The dissolved LiO2 is in equilibrium with surface 

adsorbed LiO2 (Equation 4.4), disproportionates over time to form Li2O2 (Equation 4.5). 

 

O2(sol) + e- Ÿ O2-
(sol)  

LiO2(s) ᵶ Li+(sol) + O2
-
(sol) 

(4.3) 

(4.4) 

 2LiO2(s) Ÿ Li2O2(s) + O2(sol) (4.5) 

These O2 reduction mechanisms lead to dramatic differences seen in the CVs when 

compared with CVs recorded in TBA+-based electrolytes (Figure 4.2). Li2O2 is insoluble 

in the organic solvents used in Li-O2 research and accumulates as a solid on the 

electrode surface. Furthermore, Li2O2 is electrically insulating, so will passivate the 

electrode surface as it builds up. This can be clearly seen in both DMSO and CH3CN, as 
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the O2 reduction current decays towards zero at more negative potentials, rather than 

plateauing to a diffusion-limited current as with TBA+.  

 

Figure 4.2: CVs contrasting the different electrochemical reactions occurring in 

dry TBA+-based and Li+-based electrolytes, with a soluble O2
- product in the former 

but an insoluble Li2O2 product in the latter. The electrolytes were O2-saturated 0.25 

M TBAClO4 or LiClO4 in CH3CN (a) and DMSO (b) as indicated in the legend. The H2O 

concentration was <10 ppm in all cases. The TBAClO4 CVs are reproduced from Figure 

3.1. The scan rate was 100 mV s-1. Au working, LixFePO4 reference and Pt counter 

electrodes were used. 

Furthermore, Li2O2 oxidation requires significantly higher potentials than TBAO2, 

demonstrating the electrochemical irreversibility that has been one of the major issues 

facing the Li-O2 battery. In both CH3CN and DMSO, Li2O2 oxidation results in multiple 

peaks, which shows that oxidation is a complex multi-step process. It has been 

suggested that oxidation proceeds via delithiation of the Li2O2 surface, followed by 

disproportionation of the now Li-deficient surface10. Furthermore, the precise 

morphologies of Li2O2 deposits are likely to affect the oxidation potentials, making 

analysis of Li2O2 oxidation non-trivial11. Here, the focus is primarily on how O2 reduction 

is affected by H2O and a rigorous analysis of the oxidation processes is not attempted. 



Chapter 4 

122 
 

The effect of H2O in CH3CN-based electrolytes is discussed first. Figure 4.3 shows CVs 

for O2 electrochemistry at various H2O concentrations between 0 M (defined here as  

<10 ppm H2O) and 1 M. It is clear that peak reduction current (iP,red) increases 

monotonically as the H2O concentration is increased. At 1 M H2O, iP,red is approximately 

9 times that in the dry electrolyte. This suggests that H2O is delaying electrode 

passivation in some way, sustaining further O2 reduction. The change to the oxidation 

peaks is modest in comparison, with the peak oxidation current (iP,ox) only visibly 

increasing when the H2O concentration exceeds 0.05 M (inset, Figure 4.3).  

 

Figure 4.3: CVs recorded in CH3CN showing the rapid increase in iP,red as the H2O 

concentration is increased. Inset shows an expanded view of the oxidation peaks. The 

electrolyte was O2-saturated 0.25 M LiClO4 in CH3CN with H2O concentrations as 

indicated in the legend. The scan rate was 100 mV s-1. Au working, LixFePO4 reference 

and Pt counter electrodes were used. 
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Furthermore, the Coulombic efficiency (Qox/Qred) of the O2/Li2O2 redox couple decreases 

as the H2O concentration increases (Table 4.1), indicating that an increasing proportion 

of O2 reduction products are not oxidised. If H2O acts as a phase-transfer catalyst, as 

suggested by Schwenke et al.3, solid Li2O2 would be converted to H2O2. This should 

promote both the reduction of O2 and the oxidation of Li2O2/H2O2. However, this is not 

the case, as O2 reduction is enhanced much more than oxidation of the discharge 

product, suggesting that LiOH forms on reduction, as it cannot be oxidised at the 

potentials used here. While the CVs indicate that H2O alters the discharge product from 

Li2O2 to LiOH, other experimental techniques are required to confirm this. Therefore, 

RRDE and surface-enhanced Raman spectroscopy (SERS) were used to identify the O2 

reduction products and are discussed in Sections 4.4 and 4.6, respectively. 

Table 4.1: The Coulombic efficiency (Qox/Qred) of the O2/Li2O2 redox couple 

decreases as the H2O concentration increases. Values for the charge passed on 

reduction and oxidation, Qred and Qox, were obtained from the CVs in Figure 4.3. 

H2O concentration / M Qred / mC Qox / mC Qox/Qred 

0.00 0.1562 0.08918 0.57093 

0.01 0.1824 0.09787 0.53657 

0.05 0.2302 0.1053 0.45743 

0.25 0.3782 0.1827 0.48308 

0.50 0.6535 0.2432 0.37215 

1.00 1.9760 0.2348 0.11883 

 

O2 reduction in DMSO is completely different to CH3CN. Figure 4.4 shows O2 

electrochemistry in the presence of various H2O concentrations between 0 M and 5 M. 

The first reduction peak (Ep,red1) forming O2
- occurs at ~2.5 V and only shifts positively at 

H2O concentrations >1 M. This is to be expected, based on the response in the TBA+-

based electrolyte since, in both cases, O2
- exists as an ion in solution. When the H2O 

concentration is >1 M, the onset of EP,red1 shifts positively, as in the TBA+-based 
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electrolyte, again indicating that the proton-coupled O2 reduction to form HO2 now 

occurs, 

 O2(sol) + H2O(sol) + e- Ÿ HO2(sol) + OH-
(sol)  (4.6)  

 

Figure 4.4: CVs recorded in DMSO demonstrating that H2O concentrations Ò1 M 

do not affect the generation of O2
-, but shift the second electrochemical reduction 

step to Li2O2 negatively. Dashed CVs indicate H2O concentrations where proton-

coupled O2 reduction occurs. The electrolyte was O2-saturated 0.25 M LiClO4 in DMSO 

with H2O concentrations as indicated in the legend. The scan rate was 100 mV s-1. Au 

working, LixFePO4 reference and Pt counter electrodes were used. 

The potential of the second reduction peak (EP,red2) to form Li2O2 (Equation 4.7) shifts 

negatively as the H2O concentration is increased (Figure 4.4). It initially occurs at ~2.37 

V, almost overlaying EP,red1, but the addition of H2O gradually shifts Ep,red2 negatively, 

such that at 1 M H2O, Ep,red2 now occurs at 2.21 V, making the two peaks easily resolved 

visually. The Nernst equation (Equation 4.8) stipulates that the negative shift in EP,red2 is 
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due to changes in the activity of the chemical species involved, i.e. an increase in activity 

of Li2O2, a decrease in activity of O2
- (aO2-)  and/or Li+ (aLi+), or a combination of these.   

 2Li+(sol) + O2
-
(sol) + e- Ÿ Li2O2(s) (4.7)  

 
%  %  

24

Î&
 ÌÎ
Á

Á
 

(4.8) 

As Li2O2 is a pure substance, its activity is unity, so changes to aO2- and/or aLi+ must 

account for the shift in EP,red2. As in the TBA+-based electrolyte, O2
- and HO2 are in 

equilibrium, which lowers the O2
- concentration, and therefore aO2-. However, changes to 

aLi+ may also contribute. It is reasonable to expect that Li+ will interact with H2O 

molecules, since Li+ is a strong Lewis acid and H2O is a strong Lewis base. Solvation of 

Li+ by H2O would mean Li+ is more stable, i.e. aLi+ is lowered. The solvation environment 

of Li+ can be qualitatively probed using 7Li NMR. An increasing chemical shift (ŭ) 

indicates increased solvation strength of Li+ by H2O. Figure 4.5 shows that as the H2O 

concentration increases from 0 M to 5 M, the 7Li ŭ increases monotonically, indicating 

that H2O does solvate and stabilise Li+. Therefore, the negative shift of EP,red2 as the H2O 

concentration increases is caused by both a drop in the activity of O2
- and Li+, due to 

formation of HO2 and solvation by H2O, respectively. 

On oxidation, three peaks are seen in the dry electrolyte (Figure 4.4). There is relatively 

little change to the oxidation peaks as the H2O concentration is increased. Of the three 

oxidation peaks, the two at higher potentials decrease up to 2.5 M H2O. This may be due 

to changes in the morphology of Li2O2 particles formed, altering the proportion of different 

Li2O2 surfaces able to oxidise at different potentials. At 5 M H2O, a substantial change to 

the oxidation peaks occurs, which now appear to consist of two peaks before the onset 

of electrolyte degradation at the positive limit of the potential window. This suggests a 

more significant change to the nature of the reduction products formed on the electrode.  
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Figure 4.5: 7Li ŭ of 0.25 M LiClO4 in H2O-containing DMSO showing that the 

chemical shift increases with H2O concentration, indicating greater Li+ solvation. 

Spectra are referenced with respect to 1 M LiCl in D2O (ŭ = 0 ppm). 

However, as with CH3CN, one can only speculate with CV data alone, and therefore, 

RRDE and SERS measurements were performed to identify how H2O alters the O2 

reduction products and are discussed in in Sections 4.4 and 4.6, respectively. 

 Identification of reaction pathways in solvent/H2O mixtures 

As multiple O2 reduction reactions could occur in the presence of H2O, the RRDE 

measurements from Section 3.4 were repeated in the Li+-based electrolytes to identify 

which O2 reduction products form. 

The presence of Li+ alters the RRDE polarisation curves significantly compared to those 

in TBA+-based electrolytes. This is because Li2O2 deposits on the disk electrode and 

passivates it as the cathodic sweep progresses, so reduction peaks rather than steady 

state plateaus are observed. Furthermore, detection of soluble O2
- at the ring is solvent-

dependent; very little, if any, ring current is expected in CH3CN (low DN solvent), but in 

DMSO (high DN solvent), O2
- should be detected at the ring electrode. 
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Using the same protocol as in Section 3.4, these experiments allowed quantification of 

the amount of soluble 1e- reduction products (O2
- and HO2) and provided a qualitative 

indication of soluble 2e- reduction products (H2O2, LiOOH and HO2
-). These correspond 

to the blue and red shaded areas, respectively, in Figures 4.5-4.10. The green shaded 

areas consist of further 2e- reduction products and the 4e- product (LiOH), in addition to 

solid Li2O2 formed on the disk. This complicates analysis of any changes to the green 

shaded areas but can be overcome by assuming that the green shaded areas in the dry 

electrolytes corresponds to solid Li2O2 and will not change with H2O concentration. 

Therefore, any increase to the green shaded area can be attributed to additional 2e- and 

4e- reduction reactions occurring i.e. additional formation of H2O2, LiOOH, HO2
- and/or 

LiOH. As in Chapter 3, Au and glassy carbon (GC) disk electrodes were used to identify 

whether the electrode material plays any role in catalysing the 2e- or 4e- reactions in the 

presence of H2O. Furthermore, in Li-O2 cells, the positive electrode is typically made from 

various types of carbon, so RRDE measurements using a GC electrode will more closely 

replicate the reactions occurring in such cells. In the following discussion, the trends as 

a function of H2O concentration using each electrode are first addressed individually 

before being compared. 

The effect of H2O on CH3CN with a Au disk is considered first (Figure 4.6). In the dry 

electrolyte (Figure 4.6a), there is negligible solubility of O2
- (blue shaded area) and 

almost all the current at the disk goes towards forming surface-bound Li2O2 (green 

shaded area). As the H2O concentration is steadily increased (Figure 4.6b-d), the overall 

disk current increases significantly, consistent with the voltammograms in Section 4.3. 

However, RRDE allowed identification of the cause of the increased reduction current. 

Very little of the 1e- and 2e- reduction products were detected at the three H2O 

concentrations used (0.05 M, 0.25 M and 1 M H2O), so the increased current is attributed 

to the formation of the 4e- product, LiOH. The fact that very little of the 2e- products are 

detected (red shaded areas), suggests that the majority of the increase in the green 
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shaded area is mostly due to the formation of OH-. This is consistent with the RRDE 

results in Chapter 3, where addition of 1 M H2O led to OH- becoming the dominant 

product. 

 

Figure 4.6: RRDE polarisation curves using a Au disk in CH3CN showing that the 

significant increase in disk current is due to 4e- O2 reduction products. The blue 

shaded area indicates current passed due to the 1e- products, the red area is due to the 

2e- products and the green area is due to further 2e- products and the 4e- product. The 

electrolytes were O2-saturated and contained 0.25 M LiClO4 and H2O concentrations as 

indicated on plots. Ring potentials for 1e- (blue trace) and 2e- (red trace) O2 reduction 

products were 3.75 V and 4.3 V, respectively. 5 mm Au working, Pt ring, LixFePO4 and 

Pt counter electrodes were used. The scan rate and rotation rate were 20 mV s-1 and 

1000 rpm, respectively. 
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 When a GC electrode was used (Figure 4.7), the same general trends are observed, 

with negligible LiO2 solubility in the dry electrolyte and rapidly increasing disk currents as 

the H2O concentration increases.  

 

Figure 4.7: RRDE polarisation curves using a GC disk in CH3CN showing near 

identical behaviour to the Au RRDE plots, demonstrating that these effects are 

intrinsic to the electrolyte and not the electrode substrate. The blue shaded area 

indicates current passed due to the 1e- products, the red area is due to the 2e- products 

and the green area is due to further 2e- products and the 4e- product. The electrolytes 

were O2-saturated and contained 0.25 M LiClO4 and H2O concentrations as indicated on 

plots. Ring potentials for 1e- (blue trace) and 2e- (red trace) O2 reduction products were 

3.75 V and 4.3 V, respectively. 5 mm GC working, Pt ring, LixFePO4 and Pt counter 

electrodes were used. The scan rate and rotation rate were 20 mV s-1 and 1000 rpm, 

respectively. 
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For example, the peak disk current with 1 M H2O in the electrolyte is over five-fold larger 

than in the dry electrolyte. Furthermore, almost no soluble 1e- or 2e- species are detected 

at the ring as the H2O concentration increases, identifying that this increased current is 

due to the 4e- product, which is in agreement with the results using the Au electrode. 

There are two main differences between the Au and GC results. The first is that with a 

GC disk, almost no 1e- and 2e- reduction products form, compared to Au, where they are 

a minor contribution, but non-negligible, contribution to the disk current. The second 

difference is the prominence of a peak at ~2.4 V, which is more obvious with the Au 

electrode than the GC. Both of these differences are likely caused by the differences in 

the catalytic activity of Au and GC towards the various O2 reduction products.  

In DMSO (Figure 4.8), on a Au electrode in the dry electrolyte, there is significant O2
-
 

solubility, which can be detected at the ring electrode (blue shaded area, Figure 4.8a). 

This delays passivation of the disk and allows a much larger overall charge to be passed 

at the disk compared to CH3CN. At all H2O concentrations reported here no difference in 

the ring response was observed between the two oxidising potentials used, indicating no 

formation of H2O2. Therefore, for clarity, the red trace is omitted. At 0.25 M H2O (Figure 

4.8b), there is a significant increase in O2
- (blue shaded area) and little change to the 

green shaded area, indicating that the Li2O2 passivating layer still forms, but at a potential 

~100 mV more negative. The broadening of the O2
- peak is due to stabilisation of the 

LiO2 intermediate in solution, as discussed in Section 4.3, where EP2,red was seen to shift 

negatively. When the H2O concentration is increased to 1 M (Figure 4.8c), the O2
- peak 

further broadens, but a shoulder is now visible below 2.4 V, and the green shaded area 

has increased significantly. The shoulder indicates a loss of O2
-, implying that some OH- 

forms at these, more negative, potentials. This is more clearly seen with 5 M H2O in the 

electrolyte (Figure 4.8d), as there is an obvious reduction in the blue shaded area, while 

the green shaded area increases further. This loss of O2
- indicates that OH- forms a 

significant proportion of the O2 reduction products at potentials <2.5 V. 
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Figure 4.8: RRDE polarisation curves using a Au disk in DMSO showing that LiO2 

solubility is enhanced by H2O up to 1 M H2O and that above this concentration, 4e- 

reduction products form. The blue shaded area indicates current passed due to the 

1e- products and the green area is due to the insoluble 2e- product and the 4e- product. 

The electrolytes were O2-saturated and contained 0.25 M LiClO4 and H2O concentrations 

as indicated on plots. The ring potential for 1e- (blue trace) O2 reduction products was 

3.75 V. 5 mm Au working, Pt ring, LixFePO4 and Pt counter electrodes were used. The 

scan rate and rotation rate were 20 mV s-1 and 1000 rpm, respectively. 

The same overall trends are seen when a GC electrode is used (Figure 4.9). Again, no 

soluble 2e- species are detected so the red trace is omitted for clarity. In the dry 

electrolyte there is significant O2
- solubility (blue shaded area, Figure 4.9a), which is 

enhanced as the H2O concentration is increased to 0.25 M. This peak broadens at 1 M 

H2O, before decaying significantly at 5 M H2O. This follows the same pattern as the Au 

electrode, where the stabilisation of the LiO2 intermediate is enhanced up to 1 M H2O, at 
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which point the 4e- reduction begins to occur, and becomes more prominent when the 

H2O concentration increases further.  

 

Figure 4.9: RRDE polarisation curves using a GC disk in DMSO showing near 

identical behaviour to the Au RRDE plots, demonstrating that these effects are 

intrinsic to the electrolyte and not the electrode substrate. The blue shaded area 

indicates current passed due to the 1e- products and the green area is due to insoluble 

Li2O2 and the 4e- product. The electrolytes were O2-saturated and contained 0.25 M 

LiClO4 and H2O concentrations as indicated on plots. The ring potential for 1e- O2 

reduction products was 3.75 V. 5 mm GC working, Pt ring, LixFePO4 and Pt counter 

electrodes were used. The scan rate and rotation rate were 20 mV s-1 and 1000 rpm, 

respectively. 

There was no significant difference between the Au and GC data. The broadening of the 

1e- peak is more obvious with the GC electrode at 1 M, again, likely to be due to 
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differences in the catalytic activity of Au and GC electrodes towards 1e- and 4e- O2 

reduction.  

An interesting feature in the 5 M H2O RRDE plots is a small increase in the O2
- peak at 

approximately 2.1 V (Figures 4.8d and 4.9d). This feature occurs on both Au and GC 

electrodes, suggesting a process that is intrinsic to O2 reduction, which occurred 

precisely when the total disk current rapidly decays, i.e. when passivation of the disk 

occurs. This unexpected increase in O2
- formation was attributed to loss of the directly 

exposed electrode surface. Once the Au or GC surface is covered by at least a 

monolayer of Li2O2, its ability to catalyse the 4e- reduction will be significantly diminished.  

However, the Li2O2 film will still be thin and therefore conductive enough to support O2 

reduction, so O2
- will form a larger proportion of the products, hence the increase in O2

- 

detected at the ring relative to the overall current.  

To summarise the behaviour in DMSO, addition of H2O concentrations up to and 

including 1 M is beneficial to 2e- O2 reduction by stabilising the LiO2 intermediate, which 

causes reduction of LiO2 to occur at lower potentials, delaying passivation of the 

electrode. Furthermore, LiO2 solubility is increased, allowing LiO2 to diffuse away from 

the electrode, rather than chemically disproportionating, which would also lead to 

passivation of the electrode. With 5 M H2O present, the formation of significant amounts 

of LiOH occurs. 

CH3CN and DMSO were chosen as solvents because the surface and solution O2 

reduction mechanisms could be probed individually, but these results show that the 

solvent plays a crucial role in determining which O2 reduction products form. Therefore, 

O2 reduction in TEGDME was also analysed. This solvent is one of a family of glyme 

ethers that are used extensively in Li-O2 research and are currently the best 

commercially-available solvents for Li-O2 batteries. Other groups have reported that H2O 

in glyme ethers is beneficial at low H2O concentrations, typically <5000 ppm, equivalent 

to approximately 0.3 M1-3. One report suggested that a TEGDME-based electrolyte 
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containing 30 vol% H2O (approximately 20 M) still resulted in 2e- O2 reduction, which is 

an astonishing and promising result, if it can be replicated6.  

RRDE experiments with TEGDME were performed (Figure 4.10), since this technique 

provides information on how O2 reduction responds to H2O as well as the nature of the 

O2 reduction products and is therefore more useful than CVs alone.  

 

Figure 4.10: RRDE polarisation curves using a Au disk in TEGDME showing that 

the 4e- reduction occurs at potentials negative of 2e- reduction. The blue shaded 

area indicates current passed due to the 1e- products, the red area is due to the 2e- 

products and the green area is due to further 2e- products and the 4e- product. The 

electrolytes were O2-saturated and contained 0.25 M LiClO4 and H2O concentrations as 

indicated on plots. Ring potentials for 1e- and 2e- O2 reduction products were 3.75 V and 

4.3 V, respectively. 5 mm Au working, Pt ring, LixFePO4 and Pt counter electrodes were 

used. The scan rate and rotation rate were 20 mV s-1 and 1000 rpm, respectively. 
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TEGDME has an intermediate DN of 1712, so O2
- has some solubility in the dry electrolyte 

and an O2
- peak is seen. As the H2O concentration is increased from 0 M to 1 M, two 

main trends can be observed. The first and most obvious is the appearance of a new 

peak at ~2.1 V, which is observed with 0.1 M H2O (Figure 4.10b). When the H2O 

concentration is increased to 0.25 M (Figure 4.10c), this peak increases slightly in 

magnitude, but at 1 M H2O (Figure 4.10d), the peak is now much larger, similar in 

magnitude to the peak at 2.5 V. This peak is attributed to the 4e- reduction product, LiOH, 

for two reasons. It increases in magnitude as the H2O concentration is increased. 

Furthermore, it occurs at negative potentials, consistent with the appearance of the OH- 

peak in both CH3CN and DMSO.  

The second trend is an increase in the disk current of the peak at ~2.5 V, which is not 

accompanied by a similar increase in the O2
- or H2O2 detected at the ring. This would 

suggest that the increasing current results from the 4e- reduction. However, I have 

suggested that the peak at ~2.1 V is due to the 4e- reduction. It is likely that the disk 

current of the 2.5 V peak increases due to the formation of soluble 2e- reduction products 

as the H2O concentration is increased, but these products should, therefore, be detected 

at the ring. This is not the case and is likely caused by the oxidation potential of H2O2 

shifting positively, in a similar way to the 4e- reduction seen in DMSO. Since only a 

portion of the 2e- reduction products are oxidised at the ring potential used (4.3 V), which 

remains constant for each H2O concentration, a positive shift in the oxidation potential of 

H2O2 would reduce the proportion of H2O2 detected at the ring.  

A similar trend was observed when a GC disk was used (Figure 4.11). As the H2O 

concentration was increased, the 1e- and 2e- reduction products detected by the ring 

remained approximately constant, while the green shaded area corresponding to 4e- 

reduction increased in area. Additionally, the peak observed at ~2.1 V using the Au 

RRDE is absent here. It is possible that the 4e- O2 reduction occurs at potentials beyond 

the negative limit used here. To confirm that the 4e- reduction occurs at 2.1 V and is not 
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responsible for changes to the peak at 2.5 V on both Au and GC electrode requires an 

alternative method of quantifying the electrochemical reactions during reduction. This is 

addressed in Chapter 5. 

 

Figure 4.11: RRDE polarisation curves using a GC disk in TEGDME showing near 

identical behaviour to the Au RRDE plots, demonstrating that these effects are 

intrinsic to the electrolyte and not the electrode substrate. The blue shaded area 

indicates current passed due to the 1e- products, the red area is due to the 2e- products 

and the green area is due to further 2e- products and the 4e- product. The electrolytes 

were O2-saturated and contained 0.25 M LiClO4 and H2O concentrations as indicated on 

plots. Ring potentials for 1e- and 2e- O2 reduction products were 3.75 V and 4.3 V, 

respectively. 5 mm GC working, Pt ring, LixFePO4 and Pt counter electrodes were used. 

The scan rate and rotation rate were 20 mV s-1 and 1000 rpm, respectively. 
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 Chemical routes to protic O2 reduction products from O2
- and H2O 

The results presented so far in this chapter identify the conditions under which Li2O2 and 

LiOH are formed electrochemically. However, as discussed in Chapter 3, it could be 

possible for the 4e- product to form via a chemical route, with reactions analogous to 

those presented in Chapter 3. There, TBA+ was a spectator ion, so could be excluded 

from the reaction scheme. However, Li+ has been explicitly included here since it 

participates in the reactions. It is known that if O2
- is mixed with a solution of a Li+-based 

salt in an organic solvent, e.g. LiClO4 in DMSO, Li+ reacts with O2
-, forming Li2O2 and 

evolving O2 (4.9). If H2O is present, Li2O2 can then react to form H2O2 (4.10). 

Alternatively, O2
- could react with H2O to form H2O2 directly (4.11). Overall, it is 

inconsequential for the Li-O2 battery whether Li2O2 or H2O2 forms, since they are 

equivalent peroxide species that interconvert via Equation 4.10. However, 

disproportionation of O2
- to LiOH in the presence of both Li+ and H2O (4.12) is 

undesirable, due to the difficulty in oxidising LiOH. Therefore, it is important to identify 

whether this can occur. 

 2Li+(sol) + 2O2
-
(sol) Ÿ Li2O2(s) + O2(g) 

Li2O2(s) + 2H2O(sol) ᵶ H2O2(sol) + 2LiOH(sol) 

2O2
-
(sol) + 2Li+(sol) + 2H2O(sol) Ÿ H2O2(sol) + O2(g) + 2LiOH(sol) 

4O2
-
(sol) + 4Li+(sol) + 2H2O(sol) Ÿ 3O2(g) + 4LiOH(sol) 

(4.9) 

(4.10) 

(4.11) 

(4.12) 

 

As in Chapter 3, the molar ratio of O2 to O2
- for disproportionation to peroxo-species 

(H2O2, LiOOH and/or Li2O2) and LiOH are 0.5 and 0.75, respectively. An online mass 

spectrometer was used to measure the quantity of O2 evolved from samples of KO2 

mixed with electrolytes containing 0 M, 1 M and 5 M H2O and Figure 4.12 shows the 

molar ratio of O2 evolved to KO2 in the sample initially. In all cases, the ratios lie between 

0.4 and 0.5, demonstrating that O2
- disproportionates only to peroxide species and that 

the formation of LiOH identified using RRDE is exclusively electrochemical. The 
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deviation from the ideal value of 0.5 is experimental as there will be errors in the quantity 

of KO2 and the O2 evolution measured with the mass spectrometer. 

 

Figure 4.12: O2/O2
- ratios demonstrating O2

- disproportionates to peroxide species 

when H2O-containing electrolytes are added. The electrolytes were 0.25 M LiClO4 in 

DMSO (green bars), CH3CN (orange bars) and TEGDME (blue bars). The quantity of O2 

evolved was determined using an online mass spectrometer. Dashed red and black lines 

indicate the ratios expected for disproportionation to peroxide and hydroxide species, 

respectively. 

 Spectroscopic identification of ORR intermediates/products 

The electrochemical analyses discussed thus far provide indirect evidence for the O2 

reduction species forming in H2O-containing electrolytes. As in Chapter 3, SERS 

measurements were used to complement the electrochemical analyses and attempted 

to identify the O2 reduction products now in Li+-based electrolytes. It was not, however, 

possible to perform SERS measurements with TEGDME, as the solvent has Raman 

bands that overlap with signals from O2 reduction intermediates and products, making 
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interpretation of the spectra very challenging. Therefore, the following discussion 

concerns results obtained in CH3CN and DMSO. 

In CH3CN, the reducing potential applied was 2.4 V, negative of the reduction peak. This 

potential was required to generate sufficient concentration of O2 reduction species at the 

electrode to acquire signals, particularly in the dry electrolyte. Figure 4.13 shows the 

surface-enhanced Raman (SER) spectra in CH3CN-based electrolyte at four H2O 

concentrations, chosen in order to identify the products that form as O2 reduction shifts 

from the aprotic mechanism to the protic mechanism.  

 

Figure 4.13: SER spectra acquired in CH3CN showing the generation of LiO2 in 

H2O-containing electrolytes despite a large overpotential, while in the dry 

electrolyte only Li2O2 is detected. Dashed lines indicate the Raman shifts of O2 

reduction products. The electrolytes were O2-saturated 0.25 M LiClO4 in CH3CN and 

containing H2O concentrations as indicated in the legend. Spectra were acquired whilst 

holding a constant potential of 2.2 V and 2.35 V at the Au electrode in DMSO and CH3CN, 

respectively. A 785 nm laser, x20 objective and 1200 l/mm grating were used. * and + 

indicate solvent and salt peaks, respectively (reference values in Appendix 2). 
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In the dry electrolyte (black trace), a signal due to Li2O2 at ~800 cm-1 is seen, but no LiO2 

is detected, as the low applied potential means LiO2 cannot build-up on the electrode 

surface and is instead quickly reduced to Li2O2. When 0.01 M H2O is present (red trace), 

the signal due to Li2O2 disappears and a peak is now observed at ~1130 cm-1, in the 

region where LiO2 and HO2 signals occur. These changes are most likely due to 

solubilisation of Li2O2 that forms on the electrode. Any Li2O2 that forms on the electrode 

would be removed as H2O2 or LiOOH and allows the 1e- intermediate to build-up. This 

peak grows in intensity when the H2O concentration is increased to 0.25 M (green trace). 

At a 1 M H2O concentration (blue trace), the peak at 1130 cm-1 has grown significantly 

in intensity, suggesting that H2O promotes the formation of a 1e- intermediate species. 

Given that the final product at this H2O concentration is LiOH, it is likely that some HO2 

forms in the initial O2 reduction step, as in the TBA+-based electrolytes (Section 3.6, 

Figure 3.12). Furthermore, a new signal is seen in the peroxo region at ~840 cm-1. This 

is likely due to the LiOOH species, as reported by Qiao et al. in TEGDME-based 

electrolytes, and is an intermediate species that can be further reduced to LiOH6. 

In DMSO, the SER spectra (Figure 4.14) were recorded at 2.65 V, which is a low 

overpotential for O2
- formation. Therefore, in the dry electrolyte (black trace), signals due 

to both Li2O2 and O2
- can be seen, as O2

- is being generated electrochemically, which 

disproportionates to Li2O2 within the timescale of spectrum acquisition. As the H2O 

concentration increases, the Li2O2 signal progressively decreases in intensity and is 

barely visible at 5 M H2O. This is likely due to H2O stabilising the LiO2 intermediate to 

such an extent that disproportionation is negligible. However, the O2
- signal is seen at all 

H2O concentrations, indicating that O2 reduction always proceeds via a superoxide 

intermediate. 
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Figure 4.14: SER spectra acquired in DMSO showing that O2
- is generated even 

with 5 M H2O and the loss of the Li2O2 signal as the H2O concentration increases, 

suggesting it is removed by a metathesis reaction with H2O. Dashed lines indicate 

the Raman shifts of O2 reduction products. The electrolytes were O2-saturated 0.25 M 

LiClO4 in DMSO and containing H2O concentrations as indicated in the legend. Spectra 

were acquired whilst holding the Au electrode at 2.2 V and 2.35 V in DMSO and CH3CN, 

respectively. A 785 nm laser, x20 objective and 1200 l/mm grating were used. * and + 

indicate solvent and salt peaks, respectively (reference values in Appendix 2). 

 OH- formation mechanism in mixed organic solvent/H2O electrolytes 

The results presented thus far have thoroughly examined the fundamental chemical and 

electrochemical reactions occurring during O2 reduction. The key findings have been that 

in electrolytes using CH3CN, DMSO and TEGDME as solvents, the 4e- product (OH-) is 

only generated electrochemically. Furthermore, the H2O concentrations and potentials 

required differ considerably between solvents. However, in all cases, EP,red for LiOH 

formation shifts positively as the H2O concentration increases, but the rate at which this 

shifts occurs depends profoundly on the solvent. It is therefore evident that the solvents 
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play a crucial role in 4e- reduction of O2. I now consider the species with which the solvent 

interacts to rationalise my observations and propose a mechanism for determining 

whether OH- is generated in water-containing organic solvent-based electrolytes. 

 Solvent effects on the 4e- O2 reduction reaction 

The changes to the onset potential of the 4e- reduction that occur as the H2O 

concentration and solvent are varied must be attributed to differences in the relative 

Gibbs free energy (ȹG) of species in Equation 4.13.  

 4Li+(sol) + 2H2O(sol) + O2(sol) +4e- Ÿ 4LiOH(s) (4.13) 

Furthermore, these variations occur both in TBA+-based and Li+-based electrolytes, so 

while Li+ may contribute to the changes in ȹG, this effect occurs at a more fundamental 

level. Therefore, understanding changes to the ȹG of species in Equation 4.14 should 

allow rationalisation of the effect of water on O2 reduction in organic solvent-based 

electrolytes. 

 2H2O(sol) + O2(sol) +4e- Ÿ 4OH-
(sol) (4.14) 

The ȹG of H2O is considered first. Determination of ȹG of solvation of H2O by organic 

solvent molecules is not trivial, and typically requires computational modelling, which is 

beyond the scope of the work presented here. However, enthalpies of mixing (ȹHmix) can 

be used to gauge the degree to which H2O is stabilised in each solvent. Literature values 

for ȹHmix of CH3CN, TEGDME and DMSO are +0.983 kJ mol-1, +0.022 kJ mol-1 and  

-1.079 kJ mol-1, respectively13-15. DMSO readily forms hydrogen bonds (H-bonds) with 

H2O, demonstrated by the exothermic enthalpy of mixing. These H-bonds result in the 

formation of DMSO-H2O clusters, which has been characterised spectroscopically using 

soft X-rays16. It is assumed that H2O molecules, in CH3CN and TEGDME, and DMSO-

H2O clusters (at low H2O concentrations) are randomly distributed, such that the entropy 

in all three solvents is approximately the same. Thus, changes to ȹG would arise mainly 

from the enthalpic contribution. For a 4e- reaction, EP,red shifts by ~2.6 mV for every 1 kJ 
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mol-1 change in ȹG. Since the difference in ȹHmix between CH3CN and DMSO is 

approximately 2 kJ mol-1, EP,red would be expected to shift by only 5 mV. Therefore, 

solvation of H2O by the organic solvents plays a very minor part in determining EP,red of 

OH-. 

The second species to consider is O2, specifically its solubility in each solvent. O2 

solubility in pure CH3CN, TEGDME, and DMSO is 8.1 mM, 4.43 mM and 2.1 respectively. 

It is assumed here that the values do not change significantly when H2O is present at 

low concentrations (<1 M). While the solubility does vary, the changes are small and 

cannot account for the large differences in EP,red observed. 

Since neither H2O solvation nor O2 solubility can account for the propensity of OH- 

formation in each solvent, solvent effects on the OH- ion must be considered and this is 

explored in the following section. 

 Stabilisation of OH- 

H2O is likely to interact with OH- ions if both are present in the organic electrolytes, given 

the strong hydrogen bonding and proton exchange that occurs between these species. 

Aetukuri et al. proposed that the high AN of H2O, which is 54.8, could act to stabilise the 

O2
- ion generated during aprotic O2 reduction1. Whilst results presented in Chapter 3 

show that the solvation of O2
- is negligible, it does highlight the fact that H2O could 

stabilise any anion. This includes OH-, which would shift EP,red for both the 2e- and 4e- 

reactions positively, since OH- is a product in both cases. Furthermore, as the H2O 

concentration is increased, the degree of stabilisation of OH- should increase due to an 

increasing number of favourable interactions between OH- and H2O, explaining the 

continual increase of EP,red with H2O concentration.  

However, this does not explain why OH- forms readily in CH3CN, but not in DMSO or 

TEGDME, and is the result of assuming that only H2O could stabilise OH-, which neglects 

the organic solvents. Johnson et al. have previously shown that Li+ solvation is 
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determined by the Lewis basicity of the solvent, which is measured as the DN17. 

Therefore, it is proposed that OH- is stabilised by both H2O and the organic solvents, but 

that the Lewis acidities of the organic solvents vary and could account for products in 

each solvent system, that is, the Lewis acidity of the H2O/organic solvent mixture 

determines OH- stabilisation. Therefore, the AN of the three solvents containing H2O at 

various concentrations was measured using the method first described by Mayer et al.8 

The method uses the 31P ŭ of a probe molecule, Et3PO, and a calibration curve is used 

to convert the value to a number between 0 and 100, with a higher number indicating a 

stronger Lewis acid. Further experimental details can be found in Chapter 2. 

Figure 4.15 shows the ANs in the three solvents as a function of H2O concentration, with 

markedly different trends in each solvent. The AN of dry CH3CN is 19 and as the H2O 

concentration increases, the AN steadily rises, reaching a value of 29 at 1 M H2O, 

showing that the H2O-containing CH3CN is much better at stabilising OH- than dry 

CH3CN. The AN of dry DMSO is also 19 but, as the H2O concentration increases, the 

AN increases much more slowly, reaching a value of 24 at 1 M H2O. Dry TEGDME has 

an AN of 12 and, when H2O is added, the AN increases rapidly, at a similar rate to 

CH3CN. However, since its initial AN was much lower than CH3CN, the AN is only 23 at 

1 M H2O, slightly lower than that of DMSO. Therefore, H2O-containing CH3CN is a much 

more effective Lewis acid than TEGDME or DMSO and OH- stabilisation should follow 

the trend TEGDME<DMSO<CH3CN at H2O concentrations <1 M. This is indeed the trend 

observed for the 4e- reduction product in both TBA+-based and Li+-based electrolytes. 

This also explains the results reported by other groups using these solvents and would 

likely explain why Li2O2 forms in other glyme ether solvents. Dry DME and diethylene 

glycol dimethyl ether also possess low ANs, 10.2 and 9.9, respectively8, and the AN 

would be expected to increase at a similar rate to TEGDME, so their ANs at a 1 M H2O 

concentration would be similar to TEGDME, and therefore also poor at stabilising OH-. 
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Figure 4.15: A plot showing that the ANs of H2O/TEGDME and H2O/DMSO mixtures 

are lower than H2O/CH3CN mixtures for any given H2O concentration. The inset 

includes the AN values at 5 M H2O. ANs were determined using 31P NMR of Et3PO in 

the solutions and a calibration curve was used to convert the chemical shifts to AN 

values.  

To confirm this mechanism, I sought to characterise OH- stability by alternative means. 

As the ANs show that OH- stabilisation varies with organic solvent, this should affect not 

only EP,red for OH- formation, but EP for any reaction involving OH-. This includes the 

oxidation of Au, which initially forms Au(OH)3 (Equation 4.15), followed by Au2O3 and, at 

more positive potentials, O2 evolution18. The first step in Au oxidation will be controlled 

by the stability of OH- and the Au surface, specifically the Au facets on the electrode 

surface. Therefore, the EP,ox for Equation 4.15 should follow the AN trend, 

TEGDME<DMSO<CH3CN, as the Nernst equation (Equation 4.8) states that the 

oxidation will occur at increasingly positive potentials as the activity of OH- is reduced 
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i.e. as OH- becomes more stabilised. It should also be noted that the stability of surface 

facets of Au can also have an effect on EP,ox.  

 Au(s) + 3OH-
(sol) Ÿ Au(OH)3(sol) + 3e- (4.15) 

 

Figure 4.16: Linear sweep voltammograms with a Au microelectrode showing that 

EP,ox for Au oxidation to Au(OH)3 is dependent on the solvent and correlates with 

the AN trend of the H2O-containing solvents. The electrolyte consisted of N2-

saturated 10 mM TBAOH and 1 M H2O in each solvent, as indicated in the legend. A 25 

µm diameter Au microelectrode was used as the working electrode. The reference and 

counter electrodes were LixFePO4 and Pt, respectively. Scan rate 50 mV s-1.  

A Au microelectrode was used to record the oxidation of Au by OH- in the three solvents 

containing 10 mM TBAOH and 1 M H2O. Microelectrodes only pass small currents, 

typically in the 0.1-10 nA range and, therefore, the solution resistance is negligible. It 

was used here so that no supporting electrolyte would be required, ensuring that other 

anions would not affect the EP,ox of Equation 4.15. Linear sweep voltammograms in 










































































































