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Abstract 

    Rechargeable batteries, especially lithium ion batteries, have greatly transformed mobile 

electronic devices nowadays. Due to the ever-depletion of fossil fuel and the need to reduce CO2 

emissions, the development of batteries needs to extend the success in small electronic devices to 

other fields such as electric vehicles and large-scale renewable energy storage. Li-ion batteries, 

however, even when fully developed, may not meet the requirements for future electric vehicles 

and grid-scale energy storage due to the inherent limitations related with intercalation chemistry. 

As such, alternative battery systems should be developed in order to meet these important future 

applications. This dissertation presents our successes in improving Li-O2 battery performance for 

electric vehicle application and integrating a redox flow battery into a photoelectrochemical cell 

for direct solar energy storage application.  

      Li-O2 batteries have attracted much attention in recent years for electric vehicle application 

since it offers much higher gravimetric energy density than Li-ion ones. However, the development 

of this technology has been greatly hindered by the poor cycling performance. The key reason is 

the instability of carbon cathode under operation conditions. Our strategy is to protect the carbon 



	
	

cathode from reactive intermediates by a thin uniform layer grown by atomic layer depostion. The 

protected electrode significantly minimized parasitic reactions and enhanced cycling performance. 

Furthermore, the well-defined pore structures in our carbon electrode also enabled the fundamental 

studies of cathode reactions.   

      Redox flow batteries (RFB), on the other hand, are well-suited for large-scale stationary energy 

storage in general, and for intermittent, renewable energy storage in particular. The efficient 

capture, storage and dispatch of renewable solar energy are major challenges to expand solar 

energy utilization. Solar rechargeable redox flow batteries (SRFBs) offer a highly promising 

solution by directly converting and storing solar energy in a RFB with the integration of a 

photoelectrochemical cell. One major challenge in this field is the low cell open-circuit potential, 

mainly due to the insufficient photovoltages of the photoelectrode systems. By combining two 

highly efficient photoelectrodes, Ta3N5 and Si (coated with GaN), we show that a high-voltage 

SRFB could be unassistedly photocharged and discharged with a high solar-to-chemical efficiency.  
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Chapter 1    Introduction 

 

1.1  Rechargeable Batteries  

    Rechargeable batteries are indispensible in many fields for a large variety of applications 

such as mobile electronics, electrical vehicles, grid-scale levelling, and large-scale 

electricity storage for renewable energy sources (Figure 1.1).1 As an electrochemical 

energy storage device, rechargeable batteries are able to store electrical energy as chemical 

energy during charging which could be reversibly converted back to electricity during 

discharging.2  

Figure 1.1 Representative applications of rechargeable batteries. Reproduced with 
permission from Ref. [1]. Copyright 2011 Wiley-VCH. 	
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    A battery typically has three major components: the anode, the cathode and the 

electrolyte. During discharging, the anode active material is oxidized and the cathode 

active material is reduced. When connected to an external load, electrons flow from the 

anode through the external load to the cathode, while the movement of ions in the 

electrolyte completes the electric circuit to generate electricity. During charging, the 

process is reversed by connecting to an external power supply.  

				The performance of rechargeable batteries can be evaluated by several key parameters:3  

• Gravimetric energy density (Em, Wh/kg): discharge energy output per unit mass  

𝐸" = 𝐼𝑉
&

'
𝑑𝑡 𝑚 

• Power density (Pm, W/kg): discharge power output per unit mass  

𝑃" = 	 𝐼𝑉 𝑚 

• Capacity (C, Ah): discharge energy in ampere-hours at a certain rate  

C = 𝐼
&

'
𝑑𝑡 

• Round-trip efficiency: ratio of discharge energy output and charge energy input                   

𝜂 = 	
𝐸/01234567(𝑊ℎ)
𝐸234567	(𝑊ℎ)	

×100% 

• Cycle lifetime: numbers of cycles before a battery fails to deliver certain percentage 

of its initial capacity  

 

    Up to now, the wide application of rechargeable batteries such as Li-ion batteries has 

already greatly transformed the way people power mobile electronics. However, state-of-
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the-art Li-ion batteries may not be the best option for other applications such as electric 

vehicles and grid-scale energy storage. For example, the theoretical energy density of Li-

ion batteries is too low to meet the future electric vehicles’ range demand per charge (e.g. 

500 miles).4 In addition, the relatively high cost, short lifetime as well as safety concerns 

of Li-ion batteries is hindering their application for grid-scale energy storage.5 Thus 

alternative rechargeable batteries such as lithium oxygen batteries6 and redox flow 

batteries7 should be developed to meet the future demands for battery applications. A brief 

overview of current understandings of lithium oxygen batteries and redox flow batteries is 

provided next.   

 

1.1.1  Lithium Oxygen Batteries  

    Societal demand for high-energy-density battery technologies for applications such as 

long-range electric vehicles are growing rapidly in order to retard fossil fuel depletion, 

eradicate exhaust pollution and reduce CO2 emissions. Lithium oxygen battery is one of 

the most promising candidates since it has the highest theoretical energy density (3505 

Wh/kg) compared with other available battery chemistries.4 Practical energy densities in 

the range of 500 Wh/kg-1000 Wh/kg are proposed, which are still about 2-3 times higher 

than today’s Li-ion batteries (Figure 1.2).8  
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Figure 1.2 Practical specific energy density for several representative rechargeable 

batteries. Reproduced with permission from Ref. [8]. Copyright 2016 NPG.  

    The schematic operation of a non-aqueous Li-O2 battery is shown in Figure 1.3.9 It is 

composed of Li metal anode, aprotic Li+ conducting electrolyte and O2 cathode. The 

fundamental chemistry involves Li metal dissolution and deposition on the anode side and 

O2 reduction reaction (ORR) and O2 oxidation reaction (OER) on the cathode side. The 

electrochemical reactions on both electrodes are shown as following, generating a 

theoretical cell voltage of 2.96 V.  

Anode:                                   𝐿𝑖 − 𝑒D	
𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒

⇌
𝑐ℎ𝑎𝑟𝑔𝑒

𝐿𝑖K		              (𝐸' = −3.04	𝑉	𝑣𝑠. 𝑆𝐻𝐸)   

Cathode:               2𝐿𝑖K + 2𝑒D +	𝑂U	
𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒

⇌
𝑐ℎ𝑎𝑟𝑔𝑒

𝐿𝑖U𝑂U              (𝐸' = −0.08	𝑉	𝑣𝑠. 𝑆𝐻𝐸) 
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Figure 1.3 Schematic operation of Li-O2 batteries. Reproduced with permission from Ref. 

[9]. Copyright 2010 ACS.  

    While progress has been made in recent years, there are still many challenges associated 

with the major components of Li-O2 batteries (Figure 1.4).10 Li metal anode has attracted 

much attention in recent years, owing to the much higher gravimetric capacity of Li 

(3861	𝑚𝐴ℎ 𝑔Y0 ; 	𝐿𝑖K +	𝑒D → 𝐿𝑖) compared to conventional intercalation anode 

materials such as carbon (372	𝑚𝐴ℎ 𝑔2 ;	𝐿𝑖K +	𝐶^ +	𝑒D → 𝐿𝑖𝐶^) in Li-ion batteries.11 

However, Li dendrite formation during repeated Li dissolution and deposition and the 

resulting safety issues are greatly hindering the application of Li metal anode.12 As the key 

component of Li-O2 batteries, O2 cathode suffers from high recharge overpotential, poor 

rate capability and short cycle lifetime. One important reason is the poor kinetics of Li2O2 

formation and decomposition resulted from the insulating nature of Li2O2.13 What’s worse, 

the high recharge overpotential would further induce the decomposition of both electrolyte 

and cathode materials, which results in significant formation of byproducts and overall cell 
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failure eventually.14 In addition to the above issues, another critical issue is the instability 

of electrolyte and cathode towards the reduced oxygen species which are produced 

unavoidably during the operation of Li-O2 batteries. As a result, Li-O2 batteries which 

could be cycled for more than a few hundred cycles are rare.   

 

Figure 1.4   Challenges of Li-O2 Batteries. Reproduced with permission from Ref. [10]. 
Copyright 2013 RSC. 

 

1.1.2  Redox Flow Batteries  

    The rapid increase of grid penetration of intermittent renewable energy sources, such as 

solar and wind, necessitates the development of large-scale energy storage devices to match 

renewable energy supply and demand. Rechargeable batteries are attractive in these 

applications without obvious geographical limitations.5 Among them, redox flow batteries 

(RFB) is most promising for these grid-level application since it offers much larger storage 

capacities than other conventional batteries.7 A RFB represents a class of rechargeable 
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batteries where chemical energy is provided by two soluble redox pairs. A representative 

RFB setup (Figure 1.5),15 similar to fuel cells, consists of two electrodes, two redox-active 

electrolytes separated by an ion exchange membrane and a flow circulation system. 

Additional electrolytes are stored in two external tanks and can be fed into electrode 

surfaces as needed by pumps.  

Figure 1.5 Schematic of a typical redox flow battery. Reproduced with permission from 

Ref. [15]. Copyright 2015 RSC.  

    The working principle of a RFB is largely different from conventional batteries since the 

electrodes in a RFB serve only as charge transfer medium instead of participating in redox 

reactions. RFB utilizes two soluble redox couples with different electrochemical potentials 

to store electricity during charge, then reversibly converting the stored charge to electricity 

during discharge.16 A proton-exchange membrane is put between the two redox electrolytes 

to prevent their crossover while still allow diffusion of ions to complete the circuit. Taking 
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the all-vanadium RFB as an example, the electrochemical process during charge and 

discharge are as following:17   

Cathode/Catholyte:   𝑉𝑂UK + 𝐻U𝑂 − 𝑒D 	
𝑐ℎ𝑎𝑟𝑔𝑒
⇌

𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒
𝑉𝑂UK + 2𝐻K	(𝐸' = 1.00	𝑉	𝑣𝑠. 𝑆𝐻𝐸) 

Anode/Anolyte:        𝑉_K + 𝑒D 	
𝑐ℎ𝑎𝑟𝑔𝑒
⇌

𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒
𝑉UK																															(𝐸' = −0.26	𝑉	𝑣𝑠. 𝑆𝐻𝐸) 

    The redox pairs are the most critical part of a RFB since their properties dominate the 

overall performance.18 The open circuit voltage is determined by the difference of the 

equilibrium potentials of the redox couples used in RFB’s half cells. The capacity of a RFB 

is determined by the effective concentrations of the two redox pairs, which depend on their 

solubilities and the number of electrons involved in the redox reactions. The energy density 

is mainly dependent on the effective concentrations of the redox pairs and the cell voltage. 

The reversibility and mass transfer of the redox active materials are two important factors 

related with the kinetic of the redox reactions, which significantly influences RFB 

performance in terms of current, power density as well as cycle lifetime. In addition, the 

cost of the redox active materials accounts for the majority of the overall RFB system cost 

for large-scale energy storage applications.  

     One key distinction of a RFB from other solid-electrode based batteries is that the power 

and capacity are decoupled and can be scaled-up independently.19 The power (in Watts) of 

a RFB could be enhanced by increasing electrode areas, and the capacity (in Watt-hours) 

of the system could be increased by increasing redox electrolyte amounts. This feature 
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brings significant benefits such as long discharge duration, design flexibility and excellent 

scalability. Compared to other conventional batteries, RFBs have other key advantages 

such as longer cycle lifetime, lower cost and better inherent safety features. As a result, 

RFBs are well suited for large-scale stationary energy storage applications such as grid-

scale electricity leveling. 

  However, RFBs typically have lower energy densities compared to conventional batteries 

such as Li-ion batteries.20 This is due to low solubilities of redox materials as well as low 

operating voltages in terms of aqueous electrolytes. In addition, current commercialized 

flow battery technologies such as all-vanadium RFB are still too costly for grid-scale 

application. The development of cost-effective and high performance RFBs are thus highly 

needed for large-scale energy storage of renewable energy.21  

 

1.2  Photoelectrochemical Solar-to-Chemical Conversion 

    As the most abundant and clean renewable energy source, solar energy has great 

potential to solve many energy-related and environmental issues such as energy shortage 

and global warming. Solar energy can be harvested and converted to different energy forms 

such as electricity, thermal energy and chemical energy.22 Considering the intermittent 

nature of solar energy, solar-to-chemical energy conversion route is the most desirable one 

since it could convert and store solar energy as chemical energies such as H2 fuel for off-

hour usages.23 Furthermore, solar-to-chemical route is promising in reducing cost for solar 
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energy utilization as it replaces relatively sophisticated solid-state junction processing by 

a much simpler semiconductor-liquid interface formation.24  

      Solar-to-chemical conversion are mainly realized by photochemical and 

photoelectrochemical (PEC) routes. An efficient solar-to-chemical conversion device 

requires wide light absorption, efficient charge separation/transfer and fast surface redox 

reactions.25 Compared to photochemical process, PEC process not only enables separation 

of oxidation and reduction half reactions, but also improves solar-to-chemical conversion 

efficiency by decreasing electron-hole recombination with externally applied bias.26,27  

      Both photocatalytic and photoelectrocatalysis feature a highly unique 

semiconductor/liquid junction, which is the most crucial part to realize solar to chemical 

conversion. The easiest situation to consider is the interface between an n-type 

semiconductor and a liquid containing the redox pair A/A- (Figure  1.6).28 For a typical 

case where the electrochemical potential of semiconductor (Fermi level, denoted as EF) is 

more negative than of the solution redox potential prior to their contact, electrons flow 

from n-type semiconductor phase to liquid phase after contact in order to reach equilibrium. 

This charge transfer leads to the formation of space charge region and upward band bending 

near semiconductor surface. After equilibrium, the semiconductor Fermi level is at the 

same level with the electrolyte electrochemical potential.   
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Figure 1.6 The band energetics of a semiconductor/liquid contact before equilibrium, after 

equilibrium and under illumination. Reproduced with permission from Ref. [28]. 

Copyright 2010 ACS.  

      When semiconductor absorbs light (hv > Eg), electrons in the valence band are excited 

to the conduction band, generating electron-hole pairs. The photogenerated electrons and 

holes in the space charge region are separated due to the presence of potential gradient. For 

n-type semiconductor discussed here, photogenerated holes move towards the interface to 

oxidize the redox species, while photoelectrons move towards the semiconductor bulk. 

This charge separation decreases the band bending and raises the Fermi level of the n-type 

semiconductor. Electron quasi-Fermi level (denoted as EF,n) and hole quasi-Fermi level 

(denoted as EF,p) are used to describe the energy levels of electrons and holes in 

semiconductor as the system is no longer in equilibrium. Since the concentration of 

majority carriers (electrons for n-type semiconductor) almost remains unchanged under 
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illumination, Ef,n still aligns with semiconductor bulk Fermi level. In contrast, Ef,p moves 

below the bulk Fermi level due to the dramatic concentration change of minority carriers 

(holes for p-type semiconductor) under illumination. The photovoltage (Voc) introduced by 

illumination in this case is determined by the difference between Ef,n and the 

electrochemical potential of the redox solution.          

 The photocurrent (denoted as jph) could be given by calculating the flux of 

photogenerated minority carriers to the surface. A simplified expression was derived by 

Gartner in 1959 (Equation 1.1) by assuming negligible electron-hole recombination within 

the space charge region.29  

𝑗a3 = 𝐼' 1 −	
exp −𝛼𝑊
1 + 𝛼𝐿a

														 1.1  

In this equation, 𝐼' is the incident light flux, α	is the light light absorption coefficient, W is 

the space charge layer width, and 𝐿a  is minority carrer diffusion length. As shown in 

Equation 1.2, 𝐿a	is determined by the minority carrier (holes for n-type semiconductor) 

diffusion coefficient (𝐷a) and hole lifetime (𝜏a):  

							𝐿a = 	 𝐷a	𝜏a																													(1.2) 

The space charge layer width (Equation 1.3) is determiend by the premittvity of free space 

(𝜀'), the static dielectric constant of the semiconductor (𝜀12),	the doping density (𝑁/), and 

the difference between applied potential (𝑉) and flat band potential (𝑉lm).  
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			W =
2𝜀'𝜀12(𝑉 − 𝑉lm)

𝑞𝑁/
														(1.3) 

The flat band potential of a semiconductor could be determined by plotting Mott-Shottky 

equation of the depletiong layer capacitance (𝐶pq) as below.  

                                  r
qst
u = 	 U

vwxyzy{|
	 𝑉 − 𝑉lm − }~�

v
							(1.4)            

    In order to achieve efficient PEC solar-to-chemical converion, the general requirements 

for semiconductor photoelectrodes are summarized as following: 

(1) The semiconductor should have an appropriate band gap. On one hand, the band 

gap should be narrow enough to maximize light absorption and hence theoretical 

maximum solar energy conversion efficiency. On the other hand, the band gap 

should be wide enough to provide sufficient photovoltages for redox reactions.   

(2) The valence band edge and conduction band edge of the semiconductor should be 

suitable for redox reactions. Take PEC overall water splitting as an example, the 

conduction band edge should be more negative than water reduction potential and 

the valence band edge position should be more positive than water oxidation 

potential (Figure 1.7).30   
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Figure 1.7 Bandgaps and band edge positions of various semiconductors relative to NHE 

(Normal Hydrogen Electrode) and the vacuum level. Reproduced with permission from 

Ref. [30]. Copyright 2016 RSC.   

(3) The semiconductor should be stable against corrosion during long-term PEC 

operation.  

(4) The semiconductor should be efficient in terms of charge separation and charge 

transfer. In other words, charge recombination should be minimized in order to 

achieve high conversion efficiency.  

(5) The semiconductor should be catalytically active towards electrolyte redox 

reactions in order to achieve low overpotentials.  

 

1.3  Solar Rechargeable Redox Flow Battery       

    PEC energy conversion is one of the most cost-effective and efficient route for 

intermittent solar energy utilization by directly converting solar energy into chemical 
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energy. The most common approach is to harvest and store solar energy in the chemical 

bonds of molecular fuels such as H2 or organic fuels by PEC water splitting or CO2 

reduction. Typical utilization of solar fuel requires subsequent solar fuel storage and fuel 

cell for electric power generation in order to complete solar energy utilization (Figure 

1.8a).31  As a result, solar energy utilization efficiency is restricted by the efficiencies of 

the above individual devices as well as the efficiency loss between the device transfers.  

Figure 1.8 Solar energy utilization routes for the conventional solar fuel approach and solar 

rechargeable redox flow battery approach. Reproduced with permission from Ref. [31]. 

Copyright 2015 RSC.  

    Alternatively, solar energy could be in-situ stored as electrochemical energy in an 

electrochemical energy storage device such as a battery or a capacitor.32 The products could 

then be directly utilized for electricity generation via reversible electrochemical processes. 

This could be achieved in a solar rechargeable electrochemical energy storage device by 

integrating a PEC cell and an electrochemcial cell into a single device (Figure 1.8b). RFBs 

are considered an outstanding solar energy storage solution since it is inexpensive and 

amended to scaling. In addition, the integration of RFBs into PEC cells to build 
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rechargeable redox flow batteries (SRFBs) could be seamless due to the common applied 

liquid electrolytes in both RFBs and PEC cells.  

    SRFBs are fabricated through the integration of RFBs with single photoelectrode or dual 

photoelectrodes via the linkage of redox electrolytes. Under illumination of the 

photoelectrodes, the photogenerated free charge carriers conduct redox reactions of the 

redox electrolytes to photocharge the RFBs. The charged RFBs could then be discharged 

via reversible redox reactions to generate electricity when needed. The reactions during 

photocharge and discharge can be expressed as following:    

                    Photoanode/Catholyte: 					𝐶57/ − 𝑛𝑒D 	
𝑝ℎ𝑜𝑡𝑜𝑐ℎ𝑎𝑟𝑔𝑒

⇌
𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒

𝐶��						 

        Photocathode/Anolyte:     𝐴�� + 𝑛𝑒D 	
𝑝ℎ𝑜𝑡𝑜𝑐ℎ𝑎𝑟𝑔𝑒

⇌
𝑑𝑖𝑠𝑐ℎ𝑎𝑟𝑔𝑒

𝐴57/	  

 

    SRFBs has several advantages for solar energy utilization compared to solar fuel 

approach such as solar hydrogen through water splitting. By integrating solar energy 

conversion, storage and distribution functions in a single unit (Figure 1.8b), SRFBs greatly 

minimize device-to-device energy transfer loss and reduces fabrication costs compared to 

solar hydrogen approaches. In addition, redox pairs in RFBs typically have much faster 

kinetics than water splitting reactions, thus a higher solar conversion efficiency is expected 

compared to solar hydrogen. As for the electric power generation step, the round trip 

efficiency of a typical RFB (60%-85%) is also higher than a hydrogen fuel cell (20-

50%).33,34 Furthermore, more choices of suitable photoelectrodes are expected for SRFBs 
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due to the wider selections of redox couples in RFBs. As a result, the overall efficiency of 

SRFBs is very likely to be much higher than solar fuel approach.25,35   

    In order to unassistedly photocharge state-of-the-art aqueous RFBs where open-circuit-

potential is typically about 1.2 V, dual-photoelectrode configuration is generally required 

to meet the photovoltage demand.35,36 Similar to overall water splitting system (Figure 1.9), 

the current-voltage data of the photoanode and the photocathode must overlay with each 

other to achieve unbiased solar charging.28  

Figure 1.9 Overlaid current-potential curves for a p-type photocathode and an n-type 

photoanode for overall water splitting. Reproduced with permission from Ref. [28]. 

Copyright 2010 ACS.  

     Solar-to-Chemical conversion efficiency (ηp�q) during photocharging can be calculated 

using Equation 1.5:35  
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ηp�q = 	
𝐽�a	×(𝐸q�� q��x

' − 𝐸��� ���x
' )×𝜂�

𝑃0�
	×100%										(1.5) 

with 𝑃0�  as the illumination power density,  𝐽�a	 as the operating current density, 

𝐸q�� q��x
' 	and  𝐸��� ���x

'  as the formal potential of catholyte and anolyte redox pairs, and 

𝜂� as the lowest Faradic efficiency of the two target redox reactions during photocharging.  

     Another important parameter is the overall solar-to-electricity (η��754�� ) efficiency, 

which is the ratio of output electricity compared to input solar energy. η��754�� could be 

further estimated according to Equation 1.6:36  

η��754�� = ηp�q×η/01 = 	
𝐸��&
𝐸0�

= 	
𝐼��&𝑉��&	𝑑𝑡

𝑃0�	×	𝑆&�&4�	×	𝑡�
	×100%						(1.6) 

where 𝐼��& stands for output discharging current, 𝑉��& as the output discharging voltage, 

Stotal is the total illumination areas of photoanode and photocathode, 𝑡�as the illumination 

time, and t as the discharing time. 
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Chapter 2    Protected Three Dimentionally Ordered 

Mesoporous Carbon as a Li-O2 Battery Cathode 

 

2.1  Introduction  

    Enabled by the reversible conversion between Li2O2 and O2, Li-O2 batteries promise 

theoretical gravimetric capacities significantly greater than Li-ion ones. The poor cycling 

performance, however, has greatly hindered the development of this technology. At the 

heart of the problem is the reactivity exhibited by carbon cathode support under cell 

operation conditions. One strategy is to conceal the carbon surface from reactive 

intermediates. Here we show that long cyclability can indeed be achieved on three-

dimensionally ordered mesoporous (3DOm) carbon by growing a thin layer of FeOx using 

atomic layer deposition (ALD). 3DOm carbon distinguishes itself from other carbon 

materials with well-defined pore structures, providing a unique material platform for 

fundamental understandings of processes important to Li-O2 battery operations. When 

decorated with Pd nanoparticle catalysts, also prepared by ALD, the new cathode exhibits 

a capacity >6000 mAh/gcarbon and cyclability >68 cycles. 

 

2.2  Experimental Details 

2.2.1  Materials synthesis    
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    3DOm carbons were made by following the method reported in literatures.1,2 A 

precursor solution made of furfuryl alcohol and oxalic acid with a weight ratio of 200:1 

was impregnated within silica colloidal crystal templates composed of highly 

monodisperse 12 or 35 nm silica nanoparticles (SNPs). The resulting samples were heated 

to 70 oC for 2 days to polymerize furfuryl alcohol, followed by heating at 200 oC in flowing 

N2 for 3 h to cure the polymer, and then heated at 900 oC for an additional 2 h to carbonize 

the samples. The SNPs were dissolved in 6 M KOH solution at 150 oC for 2 days to yield 

3DOm carbon replica. The resulting carbon material was then thoroughly washed with 

70 °C deionized water until the resulting solution was near neutral. Finally, the 3DOm 

carbon was dried at 70 oC for 24 h.   

     

    Carbon and polytetrafluoroethylene (PTFE) were mixed in isopropyl alcohol (IPA) with 

a mass ratio of 8:2.  The mixture was dispersed by sonication and coated on the Ni foam 

(1.6mm in thickness originally, MTI Corp.). The electrode was further dried in vacuum 

oven overnight to remove the residual solvent. 

     

    The growth of FeOx has been reported by us previously.3-5 The as-prepared carbon 

electrodes were placed in the ALD (Savannah S100, Ultratech/CambridgeNanoTech) 

chamber and heated to 180 °C.  Iron tert-butoxide (Fe2(tBuO)6) and water were employed 

as precursors at 120 °C and 25 °C, respectively. Each cycle of the growth followed the 

repeated sequence of 3 s Fe precursor pulse, 60 s Fe precursor diffusion/adsorption/reaction, 

90 s N2 purging; 0.05 s water pulse, 60 s water precursor diffusion/adsorption/reaction, and 
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another 90s N2 purging. A typical growth lasts 50 cycles to yield desired coating of FeOx 

of ca. 1.4 nm in thickness. 

 

    Pd nanoparticles were deposited using ALD as well.  The growth temperature was 

250 °C, with Pd(hfac)2 (Palladium(II) hexafluoroacetylacetonate, 60 °C) and formalin (37 

wt% in H2O, 25 °C) as precursors.  Each cycle consisted of 5 repeated pulse/purge sub-

cycles of Pd(hfac)2 and formalin for sufficient surface adsorption in the high aspect ratio 

3DOm carbon.   

 

The loading quantity was examined by microbalance (Sartorius, CPA2P). The resulting 

loading of carbon on Ni foam (15-30mg per piece) varied between 0.5mg/cm2 to 1mg/cm2. 

The weight ratio of FeOx:C and Pd:C was measured as 1:5 and 1:10, respectively.  

 

2.2.2  Electrochemical characterization 

    LiClO4 in dimethoxyethane (0.1 M) was used as purchased from Novolyte (BASF) with 

water level <10 ppm.  Tetraethylene glycol dimethyl ether (TEGDME, ≥ 99%, Sigma-

Aldrich) was first stored over freshly activated 4 Å molecular sieves and then distilled. The 

distilled TEGDME was stored over molecular sieves before usage.  LiClO4 (99.99%, 

Battery grade, Sigma-Aldrich) was baked at 130 °C in a vacuum oven within the glove box 

and mixed with TEGDME to generate the 1 M electrolyte solution. Customized 

SwagelokTM type cells (Figure 2.1) were assembled in the glove box (H2O and O2 levels 

< 0.1 ppm, MBraun) with Li metal(380µm in thickness, Sigma-Aldrich) as the anode, 
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Celgard 2400 films as the separator, 100 to 200µL 0.1 M LiClO4 in DME or 1.0 M LiClO4 

in TEGDME as the electrolyte. Batteries were studied using potentiostats (VMP3, Bio-

Logic). 

Figure 2.1 A SwagelokTM cell design. The design of our cell was modified from literature 
reports.6  

For DEMS characterization, the cell was first discharged in TEGDME under pure O2 

to a given capacity.  The discharged cell was then evacuated for 5 h to remove remaining 

O2. For in situ analysis, the cell was connected to the mass spectrometer with a dry rotary 

pump (nXDS 10i, Edwards) as the differential pump.  The cell was wired to a 

potentiostat (609D, CH Instruments) for galvanostatic recharging, while gas content was 

analyzed using a customized mass spectrometer with quadrupole mass analyzer 

(Microvision 2, MKS).  Each scan was collected from 28 to 44 amu within 3 s to give 

desired time resolution and accuracy.  

 

2.2.3  Material characterization   
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    Scanning electron microscopy (SEM) images were taken on a JEOL 6340F microscope 

and TEM were performed on a JEOL 2010F microscope operated at 200 kV. X-ray 

diffraction (XRD) measurements were performed on PANalytical X’Pert Pro 

diffractometer with Cu Kα radiation. The cell was first transferred to an O2-toleranted Ar-

filled glove box (H2O level < 0.1 ppm, MBraun) and disassembled inside to extract the 

cathode, which was then rinsed with pure anhydrous DME (Sigma-Aldrich) for 3 times to 

remove remaining salts. An airtight sample holder with an X-ray transparent Kapton film 

window was used to transfer the sample and carry out XRD characterizations without 

exposing the sample to the ambient air.  Raman spectra and mapping were acquired using 

a micro-Raman system (XploRA, Horiba) with a 532nm laser excitation. The N2 

adsorption/desorption experiments were carried out on an automatic gas sorption analyzer 

(Autosorb iQ, Quantachrome) at 77 K. The pore size distribution and cumulative pore 

volume were obtained by applying a built-in quenched state density functional theory 

(QSDFT) adsorption model with cylindrical/spherical configuration for carbon (ASiQwin 

v3.0, Quantachrome). Surface analysis was carried out using a K-Alpha XPS (Thermo 

Scientific). The sample was also washed by DME with the same procedure as described 

above and mounted on the sample stage with a short exposure to the ambient air (typically 

<5 min) before entering the load lock. XPS data was calibrated by adventitious carbon at 

284.8eV and fitted using XPS Peak 4.1 software. For example, for oxygen species, linear 

background was subtracted and mixed Lorentzian-Gaussian shape peaks were adopted, 

peak positions for different oxygen species were adopted from previous literature reports. 
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2.3  Results and Discussions 

2.3.1  Structure and performance of pristine 3DOm carbon  

    Metal-air battery has been studied for decades, with the interest in Li-O2 battery 

intensified recently for its potentially high gravimetric capacities.7-10 The key to successful 

operation of a Li-O2 battery is the control over Li2O2 formation and its decomposition.  

Many of the observed failing mechanisms are connected to these two processes.11,12 For 

instance, discharge products other than Li2O2 are often found difficult to decompose upon 

recharge, leading to fast capacity fading.  Side reactions other than Li2O2 formation and 

decomposition degrade the electrode or the electrolyte or both.13,14 Synergistic effects 

between carbon support and the electrolyte have been recently recognized to contribute to 

these side reactions.15 Existing reports on details of Li2O2 formation concerning, for 

example, their sizes, morphologies, and crystallinity vary, making it difficult to draw a 

unified understanding of the key processes involved in Li-O2 battery operations.16-19 The 

issue is compounded in part by the poorly defined pore structures and surfaces of carbon 

support reported to date. It becomes clear that detailed studies of Li2O2 formation and 

decomposition on a cathode support of well-defined structures and surfaces should be of 

great value.20-23 In this context, 3DOm carbon, an inverse replica of face-centered-cubic 

(FCC) close-packed structures (Figure 2.2), presents a unique opportunity to understand 

Li-O2 battery operations.2,24 The size of pores and windows connecting the pores in the 

3DOm carbon can be independently tailored as has been reported previously.2 This feature 

makes 3DOm carbon distinctly different from other carbon support (e.g., super P or Vulcan 

carbon) where well-defined pores in the range of tens of nanomaterials are not 
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available.25,26 In this regard, 3DOm carbon also distinguishes itself from carbon nanotubes 

whose sidewalls are essentially open spaces.27 Similarly, spaces between randomly 

arranged graphene (and other graphene derivatives including reduced graphene oxides) are 

also less than uniform.28   

 

Figure 2.2 Structure of 3DOm carbon with well-defined pore sizes. 

    To demonstrate what the well-defined pores enable, we compared the 1st cycle 

performance of 3DOm carbon with other commercially avaiable carbon including super P 

carbon and Vulcan carbon 72. As shown in Figure 2.3, 3DOm carbon has larger capacities 

and lower recharge overpotentials. The larger capacities are mainly related with the higher 

total pore volumes of 3DOm carbons (Table 2.2).29 The lower recharge overpotentials 

could be explained by the smaller particle sizes of Li2O2 confined by the pore sizes of 

3DOm carbons. The reduced Li2O2 particle size decreases the polarization required to 

decompose Li2O2 particles.   
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Figure 2.3 First cycle performance of Super P carbon, Vulcan carbon and 3DOm carbon 

at 200mA/gc.   

    To prove the pore confinement effect of Li2O2 in 3DOm carbons, we employed SEM to 

characterize 3DOm carbon at different stages of discharge/recharge.  As is seen in Figure 

2.4, the porous nature of the surfaces remained intact up to 4000 mAh/g, >67% of the full 

state of discharge (SOD, ca. 6000 mAh/g).  The evidence strongly supports that majority 

of the Li2O2 products deposit within the large pores of 3DOm carbon. As the Li2O2 particle 

sizes are not expected to exceed the dimensions of the hosting pores, for the first time we 

obtained complete control over the site and size of Li2O2 growth in Li-O2 operations. The 

relatively small pore sizes are considered advantageous because they minimize impact of 

electronic and ionic polarizations within Li2O2 on the discharge/recharge 

overpotentials.30,31 Toward the end of discharge, starting at 5000 mAh/g, we started to 

observe particulate Li2O2 appearance on the exterior of 3DOm carbon (Figure 2.4g).  The 
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porous surface of 3DOm was fully exposed with no visible residues upon recharge (Figure 

2.4i). 

Figure 2.4 Scanning electron micrographs of 3DOm carbon surfaces at different stage of 

discharge and recharge. 

    The growth of Li2O2 within the pores of 3DOm carbon was also confirmed by TEM 

characterizations (Figure 2.5). After discharge, the mesopores within each micrometers 

size carbon particles were filled with Li2O2. Most products formed inside the pores as 

shown in the inset of Figure 2.5b. Few large particles were observed outside the pores.  
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Figure 2.5 TEM characterizations of (a) pristine Pd/FeOx modified 35nm 3DOm carbon 

and (b) fully discharged Pd/FeOx modified 35nm 3DOm carbon samples.  

The pore filling details could be furture evidenced by the pore size distribution analysis 

of fresh and discharged 35 nm 3DOm carbon electrode. As shown in Figure 2.6, the total 

pore volume around 30 nm pore diameter significantly decreased after discharge, proving 

the pore filling by discharged product Li2O2. The cumulative pore volume result (Figure 

2.6c) further shows that only about 50% of the total pores are occupied for a fully 

discharged electrode. Specifically, the pores on the surface would be filled up at a faster 

rate than pores deep underneath the electrode/electrolyte interface.  This is because oxygen 

concentration on the top is the highest and will produce Li2O2 at a faster rate. We indeed 

see from Figure 2.6 that the pore size distribution is broadened upon discharge. 
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Figure 2.6 Pore size distribution of fresh and discharged 35nm 3DOm carbon electrode.  

    Calculations of pore filling by Li2O2 within a 35nm 3DOm electrode based on an oxygen 

diffusion model was performed to support our hypothesis. The calculations were based on 

the following assumptions. First, the deposition rate of Li2O2 is first order to O2 

concentration. Second, the diffusion of O2 follows the Fick’s law. Third, O2 is saturated in 

the electrolyte at the beginning of the discharge reactions. Fourth, the only source of O2 

supply comes from the electrolyte/gas surface. 

 

Figure 2.7 Pore size distribution at different depths and discharge times. 
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     We see from Figure 2.7 that the Li2O2 distribution becomes less uniform (more Li2O2 

close to the electrode/electrolyte interface) at a deeper level of DOD. The reason is that O2 

concentration is higher at locations closer to the electrolyte/gas interfaces. At the end of 

the discharge, the surface pores are completely filled by Li2O2. At the stage, no additional 

O2 will be supplied, and discharge overpotential will increase sharply. Pores far away from 

the electrode/electrolyte interface are not yet filled, leading to broadening of pore size 

distribution by BET measurements.   

    Our calculations further reveal that the pore filling percentage (which directly 

corresponds to achievable capacities) also depends on: (1) the type of electrolyte (through 

influencing O2 diffusion coefficient and solubility); (2) loading density of carbon materials 

(through changing the overall normalized specific capacities); (3) discharge current 

densities (by dictating reaction kinetics). 

    Pore filling by discharge product during discharging was simulated based on a simplified 

oxygen diffusion model using MATLAB.  Briefly, we assume  

(1) The diffusion of O2 follows Fick’s law with porosity consideration.32 

1( ) ( )
2

c c RD
t x x F

βε
ε −∂ ⋅ ∂ ∂

= ⋅ −
∂ ∂ ∂

            (2.1) 

(2) The reaction rate is first order proportional to (a) oxygen concentration and (b) 

electrode/electrolyte interface area.  

      ( , ) ( , ) ( , )R x t c x t s x t∝ ⋅            (2.2) 
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ε
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(3) The reaction product (Li2O2) form a thin film to coat the inner pores and cause the local 

porosity to decrease.  

       ( , ) ( , )
2

x t R x t M
t F

ε
ρ

∂
= − ⋅

∂
                 (2.5) 

                     0( ,0)xε ε=                 (2.6) 

(4) At the oxygen/electrolyte interface, the oxygen concentration in the electrolyte always 

equals to saturation concentration due to fast dissolution. At the electrode/separator 

interface, oxygen does not pass the boundary. 

                    0( ,0)c x c=                      (2.7) 

                     0(0, )c t c=                     (2.8) 

                      ( , ) 0dc L t
dx

=                   (2.9) 

Table 2.1: Definition of all symbols. 

Symbols Meaning Value Unit 

ε  Local porosity of carbon   
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c  Local oxygen concentration  mol/cm3 

t  Elapsed time since discharging started  s 

x  Distance from oxygen/electrode interface  cm 

D  Diffusion coefficient of oxygen in the electrolyte33 -51.22 10×  cm2/s 

β  Bruggeman coefficients 3  

R  Oxygen consumption rate per unit distance  A 

F  Faraday constant 96485 As/mol 

s  Surface area  cm2 

L  The overall thickness of carbon electrode  cm 

j  Cell discharge current  A 

0ε  Initial porosity 0.74  

M  Molar mass of Li2O2 46 g/mol 

ρ  Density of Li2O2 2.3 g/cm3 

0c  Maximum oxygen solubility in the electrolyte34 -69.57 10×  mol/cm3 

 

    We next study how the cyclability depends on the pore sizes of the 3DOm carbons.  Our 

understanding as depicted in Figure 2.8 is based on the following assumptions.  First, side-

reactions other than Li2O2 formation and decomposition on the surfaces of carbon are 

inevitable during Li-O2 battery operations.35 Second, these reactions result in accumulation 

of by-products that will eventually clog the pores of 3DOm carbon.11,13,36 Third, once the 

pores are clogged, the volume accessible for Li2O2 deposition drops dramatically to result 
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in cell failure.  Since smaller pores correspond to greater surface-to-volume ratios, they 

will be clogged more easily than bigger pores. We therefore expect poorer cyclability on 

3DOm carbon of smaller pores. 

 

Figure 2.8 The formation and accumulation of by-products shown in a simplified two-

dimensional representation.  Undesired byproducts accumulate faster on 3DOm carbon 

with small pores (bottom panels) than large ones (top panels).  Left: pristine carbon; 

middle: with discharge product (Li2O2); right: after recharge, where green deposits 

represent byproducts that cannot be easily decomposed.  

 

   In order to study the influence of mesopores (2-50 nm) and micropores (< 2 nm) on 

battery performance, we choose 12 nm 3DOm with varied micropore volumes and 35 nm 

3DOm carbons as our study platform. Their different pore sizes are indicated by N2 
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adsorption/desorption results (Figure 2.9 and Table 2.2) and small angle X-ray diffraction 

(Figure 2.10).  

 

 

Figure 2.9: N2 sorption isotherm, pore size distribution, and cumulative pore volume of 

as-prepared 12nm 3DOm carbon with high wall density (a, b, c), 12nm 3Dom carbon with 

low wall density (d, e, f) and 35nm 3DOm carbon (g, h, i).  

 
Table 2.2: Textural data from N2 sorption measurement for the carbons and electrodes. 
 
 Total pore volume 

a (cc/g) 
surface area 

a (m2/g) 
Micropore volume b 

(cc/g) 
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12 nm 3DOm carbon  with 
high wall density 

1.85 901 0.012 

12 nm 3DOm carbon with 
low wall density 

2.64 1902 0.19 

35 nm 3DOm carbon 3.82 1028 0.078 
Fresh electrode  3.76 809 ~0 
Discharged electrode 2.17 657 ~0 
35 nm 3DOm carbon with 
50 cycle ALD FeOx 

3.94 1045 0.071 

 
a From QSDFT model 
 

b From the cumulative pore volume calculated from the QSDFT analysis when the pore 

size is smaller than 2 nm. 

 

      

Figure 2.10   Small angle X-ray diffraction of the 3DOm carbon samples used in the 
study. 

 

The expectation was indeed verified in Figure 2.11. Even by limiting the discharge 

capacity to a modest 500 mAh/gcarbon, less than 10% of the total achievable capacities, we 

observed severe capacity fading by the 15th cycle of recharge for 3DOm carbon of 35 nm 
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pores.  Poorer cycling performance was witnessed on 3DOm carbon of smaller pores 

(6th to 7th cycle for 12 nm pores).  

 

 

Figure 2.11 Cycling performance of bare 3DOm carbon of different pore sizes. The 

capacity is limited to 500 mAh/gcarbon; rate: 100 mA/gcarbon.   

 

    As far as capacity is concerned, we expect it only depends on the accessible mesopores 

(i.e., pores defined by the silica beads) but not the micropores in the carbon walls (d≤2 nm).  

This is because the micropores are too small to support Li2O2 deposition.  Indeed, upon 

deep discharge, the capacities normalized to the volumes specific to the large pores as 

shown in Figure 2.12 are comparable (1700 mAh/mLpore for 35 nm and 2000 mAh/mLpore 

for 12 nm 3DOm carbon).  Most strikingly, we see negligible difference between the 

capacities measured on 3DOm carbon of similar pore sizes (ca. 12 nm) but different 

micropore volumes (green and red traces in Figure 2.12), strongly supporting that 

micropores do not contribute to the capacities.   
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Figure 2.12    Discharge/charge behaviors normalized to pore volumes. 

 

2.3.3    Protection of 3DOm carbon 

    Next, we seek to address an important concern in using carbon support for Li-O2 battery 

operations, specially the reactivity of carbon.37 Increasing evidence suggests that carbon is 

unstable against O2
- during discharge.35 Carbon is also reactive under high recharge 

potentials.15,36 Our strategy to address the issue is to physically separate carbon surface 

from Li2O2, any reaction intermediates, as well as the electrolyte. The goal is achieved by 

growing a thin, uniform layer of iron oxides on 3DOm carbon (Figure 2.13a). Thanks to 

the synthesis procedures of 3DOm carbon, its surface is inherently hydrophilic, ideal for 

growing oxides by atomic layer deposition (ALD). ALD growth has the benefit of 

affording complete coverage with minimum defects.   
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The uniformity of the FeOx growth is first confirmed by the Brunauer-Emmett-Teller 

(BET) pore size measurements. As shown in Figure 2.13b, the average pore sizes of 35 

nm 3DOm carbons have been reduced from 33.0 nm to 30.2 nm, corresponding to a wall 

thickness of 1.4 nm for FeOx, consistent with what is expected from a 50-cycle ALD 

growth.   

 

 

Figure 2.13 a) Illustration of FeOx and Pd deposition on 3DOm carbon b) pore size 

distribution of the 35 nm 3DOm carbon before and after FeOx deposition  

    Second, the bright field transmission electron micrographs (TEM) before and after the 

ALD treatment (Figure 2.14) unambiguously confirm the deposition of FeOx. With the 

deposition of 50 cycles of FeOx, a relatively uniform and dense film can be observed on 

walls of 3DOm carbon indicated by increased contrast compared to the pristine carbon.  
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Figure 2.14 TEM images of a) pristine carbon, b) after ALD of FeOx and c) after the 

ALD of both FeOx and Pd 

    Lastly, Raman characterization was carried out to confirm the coating uniformity of 

FeOx. According to control experiment on glass (red trace in Figure 2.15), FeOx gave a 

series of characteristic peaks at low Raman shift region. The existence and distribution of 

FeOx can also be visualized by Raman mapping, in which one can use one or multiple 

signature Raman shift peaks to observe how FeOx is distributed (Figure 2.16). The 

characteristic peaks existed at different depths of FeOx coated electrodes indicates that the 

ALD growth of FeOx was able to penetrate into the pores to produce coatings. The fact that 

the Raman maps of FeOx at different focal depths track those of carbon proves the uniform 

coating of FeOx on carbon surface.  
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Figure 2.15 Raman characterization of Pd and FeOx modified 3DOm carbon electrode.  

 

Figure 2.16 Raman mapping of FeOx coated 3DOm carbon. Top left: optical image of the 

carbon particle studied. Top right panels: carbon signal mapping at 0, 2.0 µm, and 4.0 µm 

focal depth, respectively; bottom right panels: FeOx signal mapping at the same depths.  

Scale bars: 5 µm. 
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Taken as a whole, the BET measurements, TEM micrographs, and Raman mapping 

confirm that the coverage of FeOx on carbon is uniform.  The uniform FeOx coating is 

expected to provide a desired protection to minimize side reactions inherent to bare carbon 

surfaces.   

 

    The separation of carbon surface from reaction intermediates serves another important 

purpose. It hinders the well-recognized oxygen reduction reactions (ORR) activities of 

carbon. At the first glance, this may seem counterintuitive. After all, the first step of Li-O2 

battery discharge is to reduce oxygen. As such, the ORR activity of carbon would be a 

beneficial property. However, as shown in Figure 2.17a (upper panel), the ORR activity 

of carbon promotes Li2O2 formation randomly on the surface of carbon, at or away from 

oxygen evolution reactions (OER) sites. Note that OER catalysts are necessary to 

decompose Li2O2 at relatively low recharge overpotentials.38 Li2O2 reside far away from 

OER sites are difficult to decompose, increasing the need for overpotentials and driving up 

the recharge potentials. Even worse, they may remain during the following cycles, 

accumulate, and eventually lead to capacity fading.  The FeOx coating is a known OER 

catalyst in aqueous systems.3 We are therefore interested to examine whether they serve to 

decompose Li2O2 in nonaqueous electrolytes. As will be discussed next (also see Figure 

2.17b), the OER activity of FeOx in DME is indeed obvious. As such, their uniform 

presence on the carbon surface ensures complete decomposition of Li2O2 at relatively low 

overpotentials (Figure 2.17a, lower panel). To compensate for the loss of ORR activity, 

Pd nanoparticles, one of the best-known ORR catalysts in both aqueous and nonaqueous 
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electrolytes (Figure 2.17a),20,39 were grown on the 3DOm carbon by ALD after the 

deposition of FeOx.  The success in growing uniform Pd nanoparticles within 3DOm 

carbon pores is confirmed by TEM in Figure 2.14c.  

 

2.3.4    Pd/FeOx/3DOm performance 

    The efficacy of the above-outlined material design and preparation strategy is obvious.  

We see in Figure 2.17b that the average discharge potential measured on bare 3DOm 

carbon was 2.76 V (vs Li+/Li), representing an overpotential of 0.20 V.  The overpotential 

increased to 0.26 V when carbon was covered by FeOx, but dropped back to 0.23 V with 

Pd decorations.  Similarly, bare 3DOm carbon exhibited high recharge overpotentials (0.82 

V).  Adding Pd led to a reduction to 0.68 V because Pd is a moderately effective OER 

catalyst as well.  The presence of FeOx enabled the greatest overpotential reduction, with 

or without Pd (0.48 V and 0.51 V, respectively).  The result strongly supports that OER 

were primarily catalyzed by FeOx but not Pd, a desired feature of the material design 

principle as shown in Figure 2.17a. 
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Figure 2.17 Effect of FeOx and Pd decoration on 3DOm carbon.  A.  Without FeOx, carbon 

inherently promotes ORR, producing Li2O2 far away from OER sites that are difficult to 

decompose.  FeOx coating serves as OER catalyst.  When combined with ORR catalysts 

such as Pd, the decomposition of Li2O2 can be more complete.  B.  The understanding as 

shown in (A) is supported by the 1st cycle discharge/recharge characteristics.  (Current 

density: 100mA/gC)  C & D.  More complete decomposition of Li2O2 corresponds to better 

cyclability in the deep discharge/recharge cycles.) 

 

    The most important goal we hope to meet by adding FeOx and Pd is to increase 

cyclabilities of Li-O2 battery operations, because better controls over Li2O2 formation and 

decomposition are expected to correspond to better cyclability.  To evaluate the cathode 
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performance and in accordance with practices most commonly reported in the literature, 

we limited the capacity at 500 mAh/g and recorded the voltage-capacity behaviors as 

shown in Figure 2.17c.  When the discharge potential dropped below 2.0 V, we considered 

the cell to have failed.  It is seen in Figure 2.17c & 2.17d that bare 35nm 3DOm carbon 

cathode failed after the 16th cycle; addition of Pd improved the cyclability to the 31st cycle, 

presumably through the OER properties of Pd; the presence of FeOx significantly stabilized 

the cathode, and the cell did not fail until the 68th cycle, which is the highest cycling 

numbers obtained on carbon-based cathode support in DME-based electrolyte, to the best 

of our knowledge.  Because the decomposition of all known and tested electrolyte systems 

is a recognized issue, the eventual degradation of the cell performance is expected.  Within 

this context, we are excited to see that the lifetime of a carbon cathode is extended by more 

than 4-fold by a simple FeOx coating and Pd decoration.   

 

We next set out to confirm that the measured performance is indeed as a result of the 

formation and decomposition of Li2O2. First, X-ray diffraction (XRD, Figure 2.18a) 

unambiguously confirmed the formation of Li2O2 upon discharge.  The peaks at 32.9°, 

35.0° and 40.7° agreed well with documented diffraction peaks of Li2O2 (JCPDS 74-

0115). Notably, no peaks corresponding to Li2CO3, an important undesired by-product 

of Li-O2 operation, were found in the XRD pattern.  Upon recharge, the Li2O2 diffraction 

peaks disappeared.  Significantly, at the 61st cycles, the diffraction peaks of Li2O2 were 

still prominent while no Li2CO3 peaks were observed.  Next, X-ray photoelectron 

spectroscopy (XPS) was used to confirm the existence of Li2O2 from O 1s spectra 
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(Figure 2.18b). Before discharge, only species corresponding to iron oxide were identified:  

the peak located at 529.9 eV is attributed to O2- in the lattice of Fe2O3 and the peak at 

531.7eV to surface hydroxide terminal groups on Fe2O3.  A third, much less prominent 

broad peak at 534.2 eV was assigned to Pd 3p3/2 of oxides on Pd nanoparticle surfaces.  

After discharge, three distinct peaks were obtained.  Among them, the peak at 529.9 eV 

(from iron oxide) remained unchanged.  At 531.9 eV was a new, most significant peak 

corresponding to Li2O2.  The peak at 533.4 eV increased in intensity.  It can be assigned to 

O in Li2CO3 due to the short exposure of sample to the ambient air before loading into the 

XPS instrument.  Upon recharge, the spectrum was nearly identical to before discharge.  

 

 

Figure 2.18 Product detection.  A.  X-ray diffraction peaks before discharge (black), after 

the 1st cycle discharge (green), the 1st cycle recharge (red), and fully discharged after 60 

cycles of operations (purple).  B.  X-ray photoelectron spectra before discharge (bottom), 

after discharge (middle), and after recharge (top).  The assignment of deconvoluted peaks 

are color-coded and labelled in the viewgraph, with the element of interest underlined (e.g., 

O peaks in Li2O2 labelled as Li2O2).   
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    Third, differential electrochemical mass spectrometry (DEMS) was used to quantify the 

gaseous recharge product (Figure 2.19).  For this set of experiments, tetraethylene glycol 

dimethyl ether (TEGDME) was chosen as the electrolyte solvent for its relatively low vapor 

pressures.  During the 1st cycle recharge, O2 accounted for 96.6% of the total gas evolved.  

Despite the protection, CO2 was detected (3.4% of the total amount) (Figure 2.19a).  It is 

noted that O2 diffusion coefficient in TEGDME (2.17×10-6 cm2/s) is lower than in 

dimethoxyethane (DME; 1.22×10-5 cm2/s),33 which was the primary solvent used for all 

characterizations other than DEMS.  Consequently, the average recharge potentials in 

TEGDME (3.69 V) was greater than in DME (3.44 V).  We therefore expect more severe 

side reactions when TEGDME is used. Nontheless, CO2 generation from the protected 

carbon is clearly less than the unprotected one (Figure 2.19b), proving the effectiveness 

of carbon protection for inhibiting the side reactions.  

 

Figure 2.19  Mass-spectrometry detection of N2 as a control (mass 28), O2 (mass 32), and 

CO2 (mass 44).  The corresponding voltages were plotted against the right axis. (A) 

Pd/FeOx/3DOm carbon (B) Prinstine 3DOm carbon  
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2.4   Conclusions 

Before the full potentials of Li-O2 can be materialized, significant advances in many areas, 

including the discovery of stable electrolytes and anodes, are necessary.  Among them, 

controls over the product (Li2O2 in the case of Li-O2 battery) formation and decomposition 

are critical.  Availability of material platforms that can enable detailed studies of the 

processes will contribute significantly to this field.  Within this context, 3DOm carbon 

offers unprecedented opportunities.  The demonstrated high capacity and preferred 

deposition within the large pores of 3DOm carbon build a foundation for high performance 

Li-O2 battery operations.  A facile FeOx ALD growth, in conjunction with ORR catalyst 

decorations of ligand-free Pd nanoparticles, readily addresses the inherent reactivity of 

carbon and extends the cyclability from 16 to 68.  Importantly, the 3DOm carbon platform 

allows for control over the size and location of Li2O2 deposition.  We anticipate 3DOm 

carbon to play an increasingly more important role in the field energy storage. 
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Chapter 3    The Parasitic Chemistries and Their Synergistic 
Effect in Li-O2 Batteries 

 

3.1  Introduction  

    Based on the reversible formation and decomposition of Li2O2, aprotic Li-O2 batteries 

hold great promise to meet the societal needs for high-capacity energy storage in areas such 

as electric vehicles.1 The theoretical specific energy can reach 3505 Wh/kg, much higher 

than other energy storage systems such as lithium ion (Li-Ion, 387 Wh/kg) and lithium 

sulfur (Li-S, 2567 Wh/kg).2 Originally reported in 1996,3 this technology gained significant 

attention since 2006.4 Continued research, nevertheless, has revealed a number of 

important issues that limit further development of Li-O2 batteries into a practical 

technology.5,6 These issues include poor stabilities of all components of the test cells – the 

anode, the electrolyte and the cathode.7-9  Additionally, much higher recharge potentials 

than discharge ones are often necessary, limiting the achievable energy efficiencies.10  

These issues and their chemical origins have been the topic of numerous recent review 

articles.11-13   Briefly, it is generally recognized that carbon is an unstable cathode material 

that can be readily corroded during cell operations (for both discharge and recharge, but 

more so for the recharge process).14-16  No stable electrolytes have been identified, although 

DME (dimethoxyethane), TEGDME (tetraethylene glyco dimethyl ether) and DMSO 

(dimethtylsulfoxide) have been popularly used.17-19 Without a stable solid-electrolyte-

interface (SEI) layer, Li as an anode material faces critical problems.20 But replacing it with 

other Li-containing materials will greatly reduce the achievable capacities, undermining 
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the potentials held by Li-O2 batteries.21  The high overpotentials are responsible for the low 

round-trip efficiencies.  While many catalytic materials have been studied and have shown 

promises for reducing the overptoentials, their role in the processes remains the subject of 

debates.6,22-24  These challenges notwithstanding, intense research has significantly 

advanced our understanding on the chemical nature of Li-O2 battery operations.  While the 

parasitic chemistries at the anode, the cathode and within the electrolyte have received 

reasonable attention, the possible synergistic effects between them are rarely discussed and 

remain poorly understood.  By focusing on the various parasitic chemistries, we find a clear 

sign of synergistic effect between them.  The lack of attention to the possible synergistic 

effect may help explain why the progress on Li-O2 battery research has been frustratingly 

sluggish.  It points to the importance of system approaches in studying Li-O2 batteries for 

future breakthroughs.  

 

Key to the synergistic effect is the ubiquitous presence of O2 and its reactive derivatives.  

For an ideal Li-O2 battery, the electrolyte (liquid), the cathode support as well as the Li2O2 

product (solid) and O2 (gas) form a three-phase interface.1 At this interface, oxygen 

reduction reactions (ORR) and oxygen evolution reactions (OER) take place. O2 and its 

reactive derivatives are confined to this three-phase interface.25 In reality, however, the 

cathode is typically flooded by the electrolyte, through which O2 has to diffuse to reach the 

reactive sites during ORR and diffuse away during OER.  Consequently, various reactive 

intermediates including superoxides and possible byproducts such as H+ abound in the 

electrolyte.13,26  The mixture of the electrolyte, O2 and various reactive oxygen species 
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provides ample opportunities for chemical feedbacks by chemistries that should be 

separated, creating synergistic effects that are poorly understood to date.  For a systematic 

understanding of the complex processes, we first summarize literature reports on 

electrolyte decomposition based on their reaction pathways and then examine the possible 

synergistic effects between electrolyte decomposition and parasitic chemistries involving 

the anode and the cathode, respectively.  Such a treatment of existing knowledge offers us 

new insights into the parasitic chemistries that limit the development of Li-O2 batteries, 

which will be presented later. 

3.2  Decomposition Pathways of the Electrolytes 

Due to the ORR and OER on the cathode and possible reactions between Li and 

dissolved O2 (see section 3.4), reactive oxygen species (e.g., O2˙-, Li2O2 and Li2-xO2) are 

expected to co-exist with molecular O2 in the electrolyte.11,27  Their reactivity toward the 

electrolyte is a critical reason for the electrolyte decomposition.28 In accordance with the 

literature conventions, here we focus on the reactivity of the solvents.  The possible roles 

of salts in the electrolyte decomposition are not considered.  For clarity, we categorize 

known electrolyte decomposition pathways into five groups, (1) nucleophilic attacks, (2) 

auto-oxidation, (3) acid-base reactions, (4) proton-mediated reactions, and (5) reduction by 

Li.  The categorization is summarized in Figure 3.1 and will be discussed in details next.  

 

3.2.1  The role of oxygen species in nucleophilic attack 
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Figure 3.1 Pathways of electrolyte decomposition by reactive oxygen species.  

The desired product of O2 reduction in an aprotic Li-O2 battery is Li2O2.3 As a 

nucleophile, its reactivity toward functional groups such as sulfoxides (S=O) and carbonyls 

(C=O) is known.29,30  A more problematic species toward electrolyte decomposition is O2˙-, 

which is an important intermediate during both ORR and OER.31,32  As an intermediate, 

O2˙- has been found not only at the cathode support where ORR and OER take place,26 but 

also in the electrolyte as solvated species.32,33  These reactive species serve as a promoter 

to the electrolyte decomposition. Indeed, carbonates used in early Li-O2 battery studies 

were found to decompose severely due to the nucleophilic attacks by O2˙- to the C=O 

groups, producing Li alkyl carbonates and Li2CO3.34 Computational studies have shown 

that other esters face similar issues.35 DMSO has been explored by the Bruce group as an 

electrolyte for better stability against nucleophilic attacks than carbonates.18 Its high donor 

numbers were also found to enable low discharge overpotentials and high discharge 
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capacities.33 However, research by Shao-Horn and Aurbach et al. and others revealed that 

sulfoxide is susceptible to nucleophilic attacks by reduced oxygen species, as well.29,31  

Compared to ester and sulfoxide, amide is a weaker electron withdrawing group and has 

been studied for their potential as a stable electrolyte toward nucleophilic attacks.35-37  The 

expectation is supported by computational calculations showing higher free energy barrier 

than DMSO and esters.35,36 Experimental results on the stability of amides against 

nucleophilic attacks, however, are not conclusive.38,39  

 

3.2.2  The role of oxygen species in auto-oxidation 

    One class of electrolyte, the ethereal-based ones such as DME and TEGDME, is notable 

for their stability against nucleophiles owing to the lack of electron-withdrawing functional 

groups in their molecular structures. As a result, they have become the most widely used 

electrolytes in recent Li-O2 literatures.40 Their reactivity toward auto-oxidation,19 

nevertheless, presents significant problems (Figure 3.2). For example, the α-H in ethers 

has been shown reactive toward superoxide radicals.41  In fact, Shao-Horn et al. have shown 

that simple mixture of ethers with molecular O2 leads to auto-oxidation through α-H 

abstraction.42 These reactions further promote the release of protons, esterification and 

polymerization, leading to severe decomposition of the electrolyte. The detection of 

byproducts such as formate and acetate supports the auto-oxidation mechanism.43 As far 

as auto-oxidation is concerned, superoxide radicals are not the only reactive species.  

Molecular oxygen has been shown to promote similar reactions as well. For instance, 
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polyether-based electrolytes suffer auto-oxidation initiated by dissolved molecular 

oxygen.42 The auto-oxidation of the α or β positions also contributes to the decomposition 

of carbonates.34 It has been predicted by computational studies that auto-oxidation may be 

a general decomposition pathway, presenting a significant challenge in the development of 

stable electrolyte systems for Li-O2 batteries. The issue is especially severe for ether-based 

electrolytes. 

 

Figure 3.2	Electrolyte decomposition by auto-oxidation. a) Reaction mechanism of auto-

oxidation of ethers. b) Methylation of the susceptible position. c) NMR result of DME 

decomposition and protection effect by methylation. Reproduced with permission from Ref. 

[19]. Copyright 2014 Wiley-VCH. 
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3.2.3  The role of oxygen species in acid/base reactions 

The reduced oxygen species are strong Lewis bases in aprotic environments. They tend 

to attack the α- or β-H following an acid-base chemistry mechanism. The reactivity is 

enhanced by the presence of polarizing functional groups such as sulfoxide or charged 

atoms.44 Considering DMSO as an example, its α position can be readily deprotonated by 

superoxides and peroxides, including those in their solid forms (Li2O2, Li2-xO2; see Figure 

3.3).29,45  The resulting anions lead to further degradation of the electrolyte, consuming the 

intermediates or the final products or both and lowering the Coulombic efficiencies.  Such 

an acid-base pathway is a main mechanism for the decomposition of ionic liquids, which 

were originally adopted for their low vapour pressure, low flammability, low H2O content 

and possible better stability against oxidation.  However, as early as in 2012, McCloskey 

et al. evaluated the performance of several ionic liquids and raised questions about the 

stabilities of the cations.10 In those experiments, H2 was detected as a major gas phase 

byproduct during discharge, pointing to a β-H elimination mechanism by acid-base 

chemistry.  Two recent studies by the Gasteiger group provided strong evidence to support 

the decomposition pathways of PYR14TFSI (1-butyl-1-methylpyrrolidinium 

bis(trifluoromethanesulfonyl)imide) following the Hofmann elimination mechanism.46,47 

As a soft acid, PYR cation interacts favourably with superoxide, which is a soft base, 

according to the half-soft-acid-base (HSAB) theory.48 This interaction helps stabilize 

superoxide in the electrolyte, promoting OER reactions following a one-electron process.  

Consequently, low recharge overpotentials are measured.32 The relatively high 
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concentration of superoxide in PYRTFSI, nonetheless, also promotes β-H elimination of 

PYR cation by the superoxide, leading to the decomposition of the electrolyte.32,47 

 

Figure 3.3 XRD results showing that reduced oxygen species (Li2O2 and LiO2) attack 

DMSO resulting in LiOH formation. Reproduced with permission from Ref. [29]. 

Copyright 2014 ACS. 

3.2.4  The role of oxygen species in proton mediated degradation  

   Despite the best efforts to remove H2O from the electrolyte, H2O has been an inevitable 

impurity in all electrolytes reported in the literature.  It is an important source of protons, 

which interact strongly with oxygen species such as superoxides and peroxides.  These 

interactions produce protonated superoxides, peroxides and hydroxides that are 

nucleophiles and strong bases.  They participate in the various decomposition reactions of 

the electrolyte as discussed above.  Moreover, the strong interactions between protons and 
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reduced oxygen species help dissolve the latter, further enhancing electrolyte 

decomposition by reactive oxygen species.49 Indeed, it has been shown that the existence 

of proton accelerates the degradation of the electrolytes, leading to the formation of formate 

and acetate byproducts.50 Worse, the decomposition reactions liberate more protons to 

exacerbate the degradation of the electrolyte in a self-accelerating fashion.  

 

3.2.5  The reduction susceptibility by Lithium  

As will be discussed more later, Li is a necessary component in order to actualize the 

potentials of Li-O2 batteries as a high-capacity energy storage technology.  Its reactivity 

with the electrolyte and dissolve oxygen species is therefore an important consideration 

that must be taken into account.  The reactivity of Li with oxygen species will be further 

discussed in Section 3.4. Here we focus our discussions on the direct reactions between Li 

and the electrolyte. The reactivity originated from the highly reducing nature of Li leads to 

the decomposition of most known electrolytes.20 For instance, ethers and carbonates have 

been shown to be decomposed by Li upon contact, forming insoluble byproducts such as 

lithium oxides, carbonates, alkyl carbonates and hydroxides.20,51 These byproducts deposit 

onto Li to form a compact film that prevents further direct contact between Li and the 

electrolyte, effectively limiting the reactions. Furthermore, this film is electronically 

insulating but allows for diffusion of Li+, serving as a solid-electrolyte-interface (SEI) 

layer.52 Such a feature permits the utilization of Li anode for Li-O2 test cells. However, no 

known stable SEI formation has been reported for certain electrolyte systems such as 
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amides or DMSO.36 These electrolytes have attracted attention for their potential resistivity 

against oxygen species. The reactivity of these electrolytes toward Li is therefore a 

challenge that must be addressed. Promising results have already been obtained by 

additives such as LiNO3.37,53 

 

3.2.6  Summary of electrolyte decomposition and outlook of future efforts 

Previous reviews have mostly treated the electrolyte systems based on their chemical 

structures.6,8 The categorization based on the various decomposition pathways as 

summarized above is new.  The knowledge presented here is not limited to the reactive 

oxygen species, but also applicable to other radicals or anions that might exist in the system, 

such as redox mediators, dissolution of metal catalysts or electrolyte decomposition 

intermediates. To facilitate the understanding of the systems, we further list different 

discussions in Table 3.1, where the mechanisms and chemical structures are correlated for 

easy reading. These efforts provide us with new insight into the role of oxygen species on 

the decomposition of the electrolytes. It is conceivable that ethers can be stabilized by the 

substitution of the H on the carbon backbone with inert groups such –CH3.  This hypothesis 

has been recently verified by experimental efforts by Nazar et al.19 Similarly, the 

methylation of β positions on PYR cation may improve the stability of the related ionic 

liquid cation. Nevertheless, the synthesis and purification of modified electrolytes may 

incur high cost, which can be an issue for practical applications. In addition, the 
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introduction of bulky substitution groups may decrease the oxygen diffusivity, leading to 

high overpotentials. 

Table 3.1 Electrolytes decomposition pathways 

 Li2O2 O2
�- Li O2 

Carbonate -- B, N, O30,34 -- -- 

Ether/polyether -- O, P19,41,43,44 -- O 

DMSO B,31 N29 B,31 N,29 P45 R -- 

Ionic liquid -- B46,47 R -- 

 Amide        --                                         N38,39                       R                         -- 

Notes: N: Nucleophilic attack; B: Acid/base reaction; O: Auto-oxidation; P: Proton 

mediated process; R: Reduction by Li 

 

3.3  Synergistic Effects at the Cathode      

    As the primary site for Li2O2 formation and decomposition, the cathode is the most 

studied component in Li-O2 batteries. It has also been the subject of numerous 

reviews.5,11,54-56 Instead of repeating these disucssions, here we focus on the synergistic 

effect between the cathode and the electrolyte, an aspect that has received underwhelming 

attention previously.  It is shown here that the parasitic chemistries at the cathode and those 
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in the electrolyte have important influences on each other.57 For instance, the reaction 

mechanisms at the cathode are found to be sensitive to the electrolyte choices.  The 

decomposition chemistries on the cathode surface in turn contribute significantly to the 

electrolyte decomposition.  

 

3.3.1  The cathode reaction pathways influenced by the electrolyte  

The reactions taking place at the cathode (both ORR during discharge and OER during 

recharge) generate reactive oxygen species that promote parasitic chemistries.  The detailed 

mechanisms by which these reactions proceed are highly sensitive to the nature of the 

electrolyte, as well. Below we discuss how the choice of electrolyte influences the reaction 

pathways at the cathode. The most representative pathway of the ORR involves the 

electrochemical reduction of an oxygen molecule to a superoxide anion (O2˙-). As a soft 

base, O2˙- interacts strongly with Li+, which is a hard acid, to disproportionate into Li2O2 

and O2. The one-electron electrochemical reaction features low overpotentials.  

Alternatively, LiO2 may receive a second electron to be reduced to Li2O2, which 

corresponds to a 2-electron electrochemical reaction that features relatively high 

overpotentials.33 Recent studies suggest that ORR favors the one-electron pathway when 

electrolytes with either high donor number (DN) or acceptor number (AN) are employed.  

For example, Aetukuri et al. found that the inclusion of trace amount of H2O promotes the 

solution-based mechanism due to the strong Lewis acidity of H2O (AN=54.8; see Figure 
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3.4a).49 Johnson et al. demonstrated that electrolytes of high DNs favour ORR via the 1-

electron pathway and enable high capacities and low overpotentials.33 Nevertheless, the 

enhanced solubility of LiO2 may increase the presence of superoxide species, which 

negatively impacts the stability of the electrolyte and the cathode following mechanisms 

as discussed in Section 3.2.58-60 This effect has not been experimentally studied in the 

literature. 

 

Figure 3.4 Schemes of the influence of electrolytes on the reaction pathways for the a) 

oxygen reduction reaction (ORR) and b) oxygen evolution reaction (OER; 3DOm carbon 

electrode=three-dimensionally ordered mesoporous carbon electrode). Reproduced with 

permission from Refs. [33] and [32]. Copyright 2014 NPG and 2015 ACS, respectively. 

				Similar influence by the electrolyte on the OER pathways during recharge has been 

recently observed, as well.  For instance, ionic liquid (PYR14TFSI) is found to help solvate 

superoxide species to favor the 1-electron recharge pathway (Figure 3.4b).32 

Correspondingly, low recharge overpotentials are measured.  As far as overpotentials are 

concerned, it has been shown that H2O in the electrolyte may serve as a mediator to 

facilitate charge transfer for low overpotentials.61,62 More recently, it is reported that with 
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the help of H2O, LiOH instead of Li2O2 may act as the discharge product for reversible 

recharge, which is a fundamentally different chemistry from that involving Li2O2 as 

discussed here.63  

 

3.3.2  Synergistic effect between carbon cathode and electrolyte degradation 

    For the purpose of reducing overpotentials, researchers have examined a number of ORR 

and OER catalysts.64,65 However, studies by McCloskey et al. showed that carbon loaded 

with catalysts, including Pt, MnO2 and Au, would exhibit more CO2 evolution than bare 

carbon, indicating that these catalysts may promote ether-based electrolyte decomposition 

(Figure 3.5a).24 The issue of catalyst-promoted electrolyte decomposition should therefore 

be considered carefully for future studies.22,66  

 

    As a popularly used cathode material, porous carbon often features functional groups 

and defect sites that interact strongly with superoxide species following mechanisms as 

discussed in Section 3.2. The reactivity of carbon may also induce electrolyte 

decomposition (Figure 3.5b).  For example, Bruce et al. observed that the extent of cathode 

and electrolyte decomposition is more severe for hydrophilic carbon than hydrophobic one 

due to the more abundant surface defects on the former.16 When the carbon is deactivated 

by LiNO3 additives, Kang et al. observed significantly supressed decomposition of not only 

the cathode, but also the electrolyte.67 Indeed, greater stability has been consistently 

measured when carbon-free cathode is employed, either by coating carbon surface with 
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passivation (e.g., Al2O3, FeOx) or by using non-carbon materials such as Au, TiSi2 and TiC 

(Figure 3.5b).18,68-72 Lu et al. examined the effect of Al2O3 coating using DFT calculations 

and proposed that the protective Al2O3 coating inhibited electrolyte decomposition on the 

defect sites.68  

 

Figure 3.5 Synergistic effects between parasitic chemical reactions of the cathode and 

the electrolyte. a) The electrolyte decomposition is promoted by catalysts on the carbon 

cathode. b) Electrolyte decomposition is supressed when non-carbon cathode is used. c) 

Carbon decomposition is also promoted by the electrolytes. Reproduced with permission 

from Refs. [24], [72] and [15], respectively. Copyright 2011 ACS, 2013 NPG and 2012 

ACS respectively.  
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    The decomposition of electrolyte has been found to induce carbon decomposition under 

Li-O2 operational conditions, as well.57 By isotope labelling, McCloskey et al. found 

significant reactions between the electrolyte and the carbon cathode (Figure 3.5c).15 Their 

results suggest that the highly reactive species formed as a result of the electrolyte 

decomposition can diffuse to the cathode surface and react with carbon. This result further 

highlights the importance of studying the cathode and electrolyte decomposition in a 

systematic fashion.   

	

3.4  Parasitic Chemistries at the Li Anode 

The desired reactions at the anode are the stripping (during discharge) and plating 

(during recharge) of Li.3 Li metal is an obvious choice as an anode material. But the high 

reactivity and low redox potential of Li dictate that complex chemistries often take place 

when Li is in contact with other chemicals.20 In principle, the negative impact of these 

chemistries can be circumvented by replacing Li with other Li-containing compounds, such 

as the approach employed in commercial LIBs.73 For Li-O2 batteries, however, replacing 

Li with other materials significantly undermines the achievable capacities.21,74-76 As such, 

Li is the common anode material in nearly all published studies on Li-O2 batteries. To date, 

little attention has been paid to the parasitic chemistries between Li and other components 

of the cell, including O2, the electrolytes and the products of the O2 reduction and 

electrolyte decomposition.51,77,78 We will next address this issue by examining three 

common reactions at the Li anode, namely the reaction between Li and the electrolyte, the 
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reactivity of reduced oxygen species on Li surfaces and the reactions between oxygen 

species and the SEI layer. 

 

3.4.1  Corrosion of Li by the electrolytes 

As has been discussed in section 3.2, when the reactions between Li and electrolytes 

(e.g., DME, TEGDME and organic carbonates) are self-limiting, the insoluble products 

may serve as a pseudo-SEI layer to protect the Li anode.52 These reactions will enable the 

utilization of Li as an anode material. Nevertheless, it is important to note that these SEI 

layers are only quasi-stable. Dendritic Li growth during recharge still poses significant 

challenges.79 Indeed, corrosion of Li has been observed previously in TEGDME as a result 

of cycling (Figure 3.6), although it is unclear to what extent the anode corrosion 

contributes to the overall cell degradation.77 When the reactions between Li and the 

electrolyte are not self-limiting, as is the case when DMA and DMSO are used as the 

electrolyte, the corrosion of Li is much more severe.8 Unless stable artificial SEI layers can 

be achieved (see Section 3.5), these electrolytes are incompatible with Li.18,53 Although the 

problem may be addressed by replacing Li with other Li-containing compounds,74,75 such 

an approach would lead to significant reduction of cell voltages as well as increase of mass 

loading and therefore is not practical for Li-O2 batteries.  
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Figure 3.6 Degradation of Li anode in TEGDME electrolyte. a) The side of the Li anode 

facing the cathode. b) The opposite side. c) Significant decomposition after multiple cycle 

tests. Reproduced with permission from Ref. [77]. Copyright 2013 NPG. 

3.4.2    Reactivity of reduced oxygen species on the Li surfaces 

As discussed in the Section 3.2, for most Li-O2 test cells, the electrolytes are saturated 

with O2.  The direct contact between Li and O2 leads to redox reactions that produce 

reduced oxygen species such as superoxides (e.g., O2˙-, Figure 3.7).51,80 Under ideal 

conditions, the final product of these reactions would be Li2O. It can serve as an SEI layer 

to prevent further reactions between Li and O2, and the amount of reduced oxygen species 

due to these reactions is negligible. But due to the poor quality of the SEI layer and also 

due to the dendritic growth of Li, the reactions between Li and O2 have been found to be 

continuous during repeated cycling of Li-O2 test cells.51,77,80,81 It is therefore important to 

examine how the parasitic chemistries at the Li anode influence the overall stability of Li-

O2 batteries. 
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The reactivity of superoxide species toward the electrolytes has been discussed in the 

previous section.  They are oxidative to attack the Li anode and the carbon cathode, basic 

to extract H from the organic electrolyte molecules and nucleophilic to attack carbonyl 

groups.27 It is noted that as the necessary intermediates of ORR at the cathode (see Section 

3.3), superoxide species already abound in the system.  The additional ones produced at 

the Li anode are comparably low in quantities.  Nevertheless, their influence of promoting 

the parasitic chemistries at the Li anode is profound. (Figure 3.7) 

 

Figure 3.7 The existence of reduced oxygen species on the anode surfaces and their 

reactivity toward Li anode corrosion. a) Generation of superoxide species on Li surface. b) 

Superoxide species attack the electrolyte. c) The reaction leads to etching of the Li anode. 

Reproduced with permission from Ref. [80]. Copyright 2014 Elsevier. 

Furthermore, even for thermodynamically more stable products such as Li2O2 and Li2O, 

their reactivity with the electrolytes should be examined with great care.14,29 For instance, 

Li2O as a stable final product is strongly basic.  It can abstract protons even for solvents 

normally considered aprotic.  It has been shown that soaking Li2O and Li2O2 in pure DMSO 
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solution results in the formation of LiOH and severe degradation of DMSO (Figure 

3.3).29,44,82  As a consequence, in the full cell tests, large amount of LiOH was observed on 

the surface of Li, much more than what can be accounted for by the water impurities in the 

electrolyte.82  

 

3.4.3  Synergy between oxygen and the SEI formation 

The spontanous SEI formed in the Ar atomosphere usually contains Li2CO3, Li2O, LiF, 

RCOOLi, ROLi and some polymeric compounds (Figure 3.8). When O2 is introduced to 

the system, compositional and morphological changes are often observed.  Both positive 

and negative impacts to the cell stability due to these changes have been reported.80,83  In 

the case of DMSO, the increase of Li2O enhances the formation of LiOH, which lowers 

the Coulombic efficiency of the Li anode.80,82 In the case of N1114TF2N ionic liquid, 

however, >10% improvement of the anode Coulombic efficiecies was observed in dry 

oxygen as compared to Ar atomsphere. It was found that O2 helps reduce the thickness of 

the SEI layer by up to 67% (Figure 3.9).84 In another example, O2 was discovered to help 

regenerate LiNO3 (LiNO2+O2àLiNO3), which has been shown to react with Li to form 

Li2O as a reasonably stable SEI in DMA.85 Without O2, the protection effect fades quickly 

due to the consumption of LiNO3.53   
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Figure 3.8 Spontaneous formation of SEI layer and its protection effect of Li against 

electrolyte and oxygen.  

 

 

Figure 3.9 Effects of oxygen invasion to the anode. The Coulombic efficiencies are 

sensitive to the atmosphere in which the SEI is formed. Reproduced with permission from 

Ref. [84]. Copyright 2013 ACS.  
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3.4.4  Summary of parasitic chemistries at the Li anode 

The utilization of Li as the anode is of great importance to actualizing the full potentials 

of Li-O2 battereis as a high energy density energy storage technology. The reactivity of Li 

with the electrolyte and O2 is therefore a critical issue that has received underwhelming 

attention previously.51,77,80,82,86 We see from the above discussions that the presence of O2 

has a profound impact on the SEI layer, both its formation and the compositional changes.  

The direct reactions between Li and O2 genreate reactive oxygen species that may 

contribute to the degradation of the electrolyte. Additionally, the reductive nature of Li 

further limits the electrolyte choices. These issues call for a solution that may be met by a 

stable artificial SEI layer (see Section 3.5). 

 

3.5  Summary and Outlook 

Compared to LIBs, Li-O2 batteries feature one additional component, O2, which is 

highly reactive.  This addition complicates the possible chemistries considerably, making 

it difficult to study the parasitic chemistries at the anode, the cathode and within the 

electrolyte that are inherent to Li-O2 batteries. But the understanding of these chemistries 

is critical to the actualization of the promise held by Li-O2 batteries. While the parasitic 

cathode degradation and electrolyte decomposition have been reviewed separately 

previously, their possible synergistic effects are rarely discussed in a systematic fashion 

previously.   
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We see from the discussions that O2 and reactive oxygen species play important roles 

in promoting various undesired side reactions in nearly all components of a test cell. For 

the anode, oxygen species react with Li to initiate a number of reactions that contribute to 

the degradation of the anode.  In addition, Li often exhibits reactivity toward the electrolyte, 

particularly those with resistance against oxidation (e.g., DMA and DMSO). While the 

formation of spontaneous SEI layer helps protect Li to some extent, the effect is highly 

phenomological and lacks control. Moving forward, the strategy of forming a stable SEI is 

expected to address this issue. Solid-state electrolytes that can be grown as ultra-thin, 

uniform layers can serve as an artificial SEI layer and have received some research 

attention lately.87,88 The issues connect to the reactivity of carbon surfaces may be 

mitigated by coating the cathode with passivation layers. But such an approach also makes 

it difficult to take advantage of the good ORR activity of carbon, which may increase the 

discharge overpotentials.  To solve the problem, researchers have started looking into the 

possibility of promoting one-electron reaction pathways by choosing appropriate 

electrolytes. Additionally, researchers have studied the possibilities of controlling the 

reaction pathways by altering the carbon surfaces and morphologies.63,89  Before these 

approaches can be widely implemented, nevertheless, careful studies must be performed to 

evaluate how the new reaction pathways impact the stability of various components of the 

test cells. With regard to the electrolyte, no known compounds are stable enough for the 

operation of Li-O2 batteries. It is by far the most challenging problem that requires 

significant research attention. While the modification of known compounds for better 

stability without sacrificing their properties in terms of salt solubility and O2 diffusivity 
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appears promising, the performance metrics by these derivatives remain subpar. In addition, 

the increased cost as a result of the modifications must be taken into account for practical 

applications. Most importantly, we see from the discussions presented here that future 

studies of Li-O2 batteries should benefit tremendously by examining the parasitic 

chemistries systematically.   
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Chapter 4    High Voltage Solar Rechargeable Redox Battery 

 

4.1  Introduction  

As the most abundant form of renewable energy on this lone planet, solar energy is 

diurnal and intermittent. Such a nature creates a critical challenge in its utilization.1 It is 

generally agreed upon that converting and storing the energy in chemicals by means such 

as electrochemical (or photoelectrochemical) reactions hold the key to large-scale, practical 

implementations of solar energy.2,3 Toward this direction, a variety of approaches have 

been proposed and actively pursued.4 In terms of technology readiness levels, the most 

direct route would be to connect photovoltaic devices with batteries (e.g., state-of-the-art 

Li-ion batteries).5,6 While already implemented in small-scale commercial settings, this 

method faces critical issues connected to the high cost of both the photovoltaic and the 

battery modules.1,7 Alternatively, artificial photosynthesis represents the most cost-

effective route if the efficiencies of the processes can be significantly improved.8,9 Indeed, 

great efforts have been attracted toward the goal of efficient artificial photosynthesis.10-12 

However, when the release of the stored energy by artificial photosynthesis is taken into 

account (through methods such as fuel cells or thermal engines), the approach features 

inherently low round-trip efficiencies, due to the high overpotentials associated with the 

breaking and formation of chemical bonds.13 Consider water splitting as an example to 

further illustrate this point. Even with the most effective catalysts, a minimum 

overpotential of 295 mV is required to reach a reasonable current density (e.g., at 10 
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mA/cm2) for water splitting, corresponding to a storage potential of 1.53 V.14,15 Conversely, 

even with the most effective catalysts for hydrogen fuel cells (HFCs), a minimum 

overpotential of ~450 mV is necessary for the release of the stored energy at a reasonable 

current density (e.g., at 1.0 A/cm2).16 As such, the maximum round-trip efficiency is limited 

to about 50%.17 From this perspective, we see that it should be beneficial to combine the 

advantages offered by batteries in terms of high round-trip efficiencies and the benefits 

held by direct (photo)electrochemical systems in terms of high energy densities and low 

costs.3,18 

 

It is within this context that researchers have turned attention to solar rechargeable redox 

batteries.19 While the idea was originally proposed in 1976, it did not gain attractions until 

recently.20-25 Wu and co-workers are among the recent pioneers toward this direction. For 

instance, they have demonstrated that direct combination of dye-sensitized solar cells 

(DSSC) with Li-O2 batteries could effectively increase the round-trip efficiencies of the 

system.26 Most recently, they achieved unassisted solar rechargeable flow batteries based 

on the AQDS (anthraquinone-2,7-disulphonic acid) anolyte and the iodide catholyte.27 

Nevertheless, the discharge cell voltages of their systems are limited (<0.8 V). Li and co-

workers, and most recently Jin and co-workers, have separately demonstrated that Si 

photoelectrodes with buried p-n junctions can be readily utilized for the implementation of 

solar rechargeable redox flow batteries.28,29 While high overall solar-to-electricity 

efficiencies (up to 3.2%) have been obtained, the cell voltages as determined by the redox 
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pair choices remain low. As far as cell voltages are concerned, Mendes and co-workers 

have shown that connecting DSSC with a photoelectrode (CdS) in series enables a cell 

voltage of 1.2 V based on the VO2
+/VO2+ and V3+/V2+ redox couples.30 The poor stability 

of CdS in the aqueous system, nonetheless, prevented the measurement of meaningful 

discharge performance. Most recently, the same authors have applied a stable hematite 

photoanode to directly charge an aqueous alkaline AQDS-ferrocyanide redox flow battery 

with cell potential of 0.74 V.31 Notwithstanding, the low current density (< 0.5 mA/cm2) 

of hematite and the resulting low solar-to-chemical efficiency (< 0.1%) leave much to 

desire. To date, low cell voltage remains a critical issue for solar rechargeable redox flow 

batteries.32 

 

    By its very nature, the cell voltage of a solar rechargeable redox battery is limited by 

two factors, the achievable photovoltage of the photoelectrodes and the electrochemical 

potential differences between the redox pairs. Learning from parallel researches on 

photoelectrochemistry, we understand that it is exceedingly difficult to obtain a high 

photovoltage on a single light absorber.33 This is because photoelectrodes that are likely to 

yield photovoltages >1.0 V would be wide bandgap semiconductors which only absorb in 

the short wavelength region of the solar spectrum, corresponding to low overall solar-to-

electricity efficiencies.34 As has been demonstrated in research on solar water splitting, 

possible solutions to this issue are to use multiple photoelectrodes.35 Here we show that the 

idea worked well for solar rechargeable redox batteries. The photoanode in the system in 
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our system was based on Ta3N5 nanotubes, and the photocathode was based on GaN 

nanowires on Si with buried p-n junctions. Together, the two photoelectrodes enabled an 

overall photovoltage of 1.5 V, the highest for similar systems in the literature, to the best 

of our knowledge. For the redox systems, we took advantage of the latest breakthroughs 

reported by Gordon and co-workers, which features hydroxy-substituted anthraquinone 

and ferrocyanide with an equilibrium cell voltage of 1.2 V.36 An overall 3.0% solar-to-

chemical energy conversion efficiency was measured. Moreover, the inherent stability of 

the nitride systems in the presence of the redox pairs permitted us to measure stable 

performance up to 5 hr under photoelectrochemical operation conditions.37,38 Importantly, 

a discharge cell voltage of up to 1 V was measured. 

 

4.2  Experimental Details 

4.2.1  Ta3N5 Photoanode Preparation 

    The Ta3N5 nanotubes (NTs) were synthesized through electrochemical anodization, 

using Ta foil (0.127 mm thick, Alfa Aesar) as the precursor.39 The Ta foil was first cut into 

a piece (0.5 cm × 2 cm), of which one side was roughened with sandpaper for 10 min.  

Subsequently, the polished Ta foil was cleaned by ultrasonication in acetone, methanol, 

iso-propanol, and deionized (DI) water, respectively, then dried by flowing air.  The 

anodization electrolyte was prepared by mixing sulfuric acid (38 mL, 95-98%, Sigma-

Aldrich), hydrofluoric acid (0.4 mL, 48%, Sigma-Aldrich), and DI water (1.6 mL). By 

anodizing the Ta foil with Pt gauze as the counter electrode under 60 V direct current bias 
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for 10 min without stirring, the tantalum oxide NTs were obtained and the residual 

electrolyte on the sample surface were removed by ethanol and DI water. The conversion 

of as-prepared tantalum oxide NTs into Ta3N5 nanotubes was realized by calcining in a 

quartz-tube furnace (Lindberg/Blue M) at 1000 oC raised from room temperature at 10 

oC/min rate for 2 hr under anhydrous NH3 atmosphere at 300 torr with 75 sccm (standard 

cubic centimeter per minute) flowing rate.   

 

4.2.2  TiO2/GaN/Si photocathode preparation 

    The n+-p Si was prepared according to the previously reported procedures.40 The 

phosphorus and boron dopant precursors were spin coated on the front and back sides of 

p-doped Si (100) wafers (WRS Materials, thickness: 256─306 µm; resistivity: 1─10 Ω·cm), 

respectively. Then the Si wafers were put into a tube furnace and annealed at 900 oC for 4 

hr under a N2 atmosphere. The n+ emitter layer and p+ electron back reflection layer on the 

front side and back side of the Si wafer formed during the thermal diffusion process, 

respectively. The n+-p Si, of which the surface oxide was first removed by buffered 

hydrofluoric acid, was further used as substrate for growing GaN nanowire arrays by radio 

frequency plasma-assisted molecular beam epitaxy (MBE). The following is the growth 

conditions of n-type GaN nanowire arrays: a substrate temperature of 750 oC, a nitrogen 

flow rate of 1.0 sccm, forward plasma power of 350 W, and Ga flux in the range of 4.5 × 

10-8 to 8 × 10-8 Torr. The nanowire arrays were doped as n-type using Ge. 
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    Thin passivation layer of TiO2 on GaN/Si was constructed by ALD (Savannah 100, 

Cambridge Nanotech), and the whole process mainly followed the parameters of our 

previous reports.41 Ti(i-PrO)4 (operating temperature: 75 oC) and H2O (operating 

temperature: room temperature) were applied as the Ti and O resources, respectively, and 

the temperature for growth was maintained at 275 oC with a constant flow of N2 at 20 sccm 

(chamber base pressure ~500 mTorr). The pulse and purge time for Ti(i-PrO)4 and H2O 

was 0.1s & 5s, and 0.01s & 10s, respectively. The final thickness of TiO2 passivation layer 

was controlled to ca. 25 nm after a growth of 750 cycles.   

 

4.2.3  Photoelectrochemical measurements 

    The PEC performances were characterized by potentiostat (Modulab XM, coupled with 

Modulab XM ECS software) in a three-electrode system. An AM 1.5 solar simulator 

(Solarlight Model 16S-300-M Air Mass Solar Simulator) was used as the light source, and 

the illumination intensity during the PEC measurement was adjusted to 100 mW/cm2 

except the investigation of the influence of the illumination intensities on the photocurrent 

densities. The semiconductor photoelectrodes were used as the working electrode with 

Hg/HgO electrode soaked in 1 M NaOH solution as the reference and Pt wire as the counter 

electrode. The electrode potentials have been converted to NHE scale using ENHE = EHg/HgO 

+ 0.13 V. In a typical J-V experiment, the voltage was swept linearly (Ta3N5: from negative 

to positive; TiO2/GaN/Si: from positive to negative) at a rate of 20 mV/s, and the whole 
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process was stirred with constant rate (1100 rpm) except the characterization of the 

influence of the stirring rates on the photocurrent densities.  

     The overall solar-to-chemical energy conversion efficiency (ηstc) can be calculated 

according to (assuming a Faradic efficiency of 100% for both reactions):35   

ηstc = [Jop(mA/cm-2) × 1.2 (V)] / [2 × Pin(mW/cm-2)]          (4.1) 

     In the above equation, Jop stands for the maximum operating current density determined 

by the intersection of the individually tested J-V data of the photoelectrodes.  1.2 V is the 

cell equilibrium potential determined by the reversible potential of the redox couples and 

Pin stands for the incident illumination power density (100 mW/cm2). For the ηstc 

calculation, Pin was multiplied by two in this system since the photoelectrodes were 

illuminated in parallel by two solar simulators in the solar rechargeable redox battery 

measurement.  

 

4.2.4  Electrochemical measurements 
 
     The electrolytes used in the electrochemical cell were consisted of 0.1 M 2,6-DHAQ 

(90% purity, purchased from AK Scientific Inc.) and 0.4 M K4Fe(CN)6 (K4Fe(CN)6·3H2O, 

98.5-102.0%, purchased from Sigma Aldrich), both dissolved in KOH solution (pH 12 or 

14) as required.  A customized glass two-chamber cell (see Figure 4.1 for detailed structure) 

was used as the redox battery study platform.  A sheet of pretreated Nafion 212 film 

(purchased from Fuel Cell Store) was used as the ion-selective membrane to separate the 

electrolytes into two separate chambers. The pretreatment of the Nafion 212 film was 



	

90	
	

performed by soaking in 80 oC deionized water for 20 min followed by soaking in 5% H2O2 

for 30 min, and then thoroughly washed with deionized water. A sheet of Sigracet ® SGL 

39AA porous carbon paper (1 cm2, purchased from Ion Power) was applied as both 

electrodes and the carbon paper was pretreated by calcining at 400 °C for 24 hr in air before 

use. Both the pretreatments of membrane and electrode are performed according to the 

previous report.36 Electrochemical characterizations of 2,6-DHAQ/K4Fe(CN)6 battery 

performance were carried out on an electrochemical station (Biologic, VMP3) under 

uninterrupted vigorous stirring (~1100 rpm). The cell was carefully sealed and both 

electrolytes were purged with ultra-high purity N2 during the whole process to avoid the 

oxidation of the reduction product of 2,6-DHAQ.  

 

Figure 4.1 Two-chamber cell structure: the electrolyte volume applied in each chamber is 

3 mL. 

 

4.2.5  Solar rechargeable redox battery measurements 
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    The cell system of solar rechargeable redox battery is similar with the above redox 

battery cell, and the only difference is that Ta3N5 photoanode and TiO2/GaN/Si 

photocathode were added into the catholyte and anolyte chamber, respectively. During 

photocharge process, the Ta3N5 photoanode and the TiO2/GaN/Si photocathode were 

connected to a potentiostat (Modulab XM) through external wires and illuminated with 

solar simulators (100 mW/cm2, AM 1.5) in parallel. The simulated solar illumination was 

turned off when the photocurrent density decreased to around zero. Then, the two carbon 

paper electrodes were connected to the same potentiostat instead and discharged 

galvanostatically at 0.5 mA/cm2 current density and the discharge process was terminated 

when the voltage decreased to 0.6 V. 

 

4.2.6    Material characterizations 

    The scanning electron microscope (SEM) was used to characterize the morphologis of 

Ta3N5 (SEM, JSM6340F) and GaN/Si (SEM, FEI Inspect F-50). UV-vis absorption 

spectrums were recorded by a spectrophotometer (Ocean Optics Inc. ISS-UV/VIS). Proton 

nuclear magnetic resonance (1H NMR) spectra was performed using a Variant (600 MHz) 

NMR spectrometer. Deuterated oxide (D2O, 99.9%, purchased from Cambridge Isotope 

Labs.) was used as the solvent. All NMR chemical shifts were reported in ppm relative to 

residual solvents. 

 

4.3  Results and Discussions 
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4.3.1  Design of the photorechargeable high voltage redox battery system 

    Our design is schematically illustrated in Figure 4.2. The electrolytes consist of 

K4[Fe(CN)6] solution in the positive compartment and 2,6-dihydroxyanthraquinone (2,6-

DHAQ) solution in the negative compartment. The electrodes consist of Ta3N5 photoanode, 

GaN/Si photocathode and two carbon paper electrodes. Upon illumination, the battery is 

directly charged by short-circuiting two photoelectrodes as K4[Fe(CN)6] is oxidized on 

Ta3N5  photoanode and 2,6-DHAQ is reduced on GaN/Si photocathode. Afterwards, the 

discharge takes place on a separate set of carbon paper electrodes. 

 

 

 

 

 

 

Figure 4.2 Schematic illustration of our design. 

				The choice of Ta3N5 nanotubes (see Figure 4.3a for the morphology) as the photoanode 

is inspired by recent successes in measuring high photocurrents on this material for solar 

water oxidation reactions.42 We are also motivated to use Ta3N5 for the oxidation of 
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Fe(CN)6
4- by our recent observations that remarkable stability can be obtained on Ta3N5 in 

the presence of Fe(CN)6
4-.39 Our choice of photocathode consists of a planar n+-p Si 

substrate and n-GaN nanowire arrays along the axial direction (GaN/n+-p Si; morphology 

shown in Figure 4.3b). As has been demonstrated by Mi and co-workers, the light 

absorption and charge separation by the GaN/n+-p Si system take place within the p-n 

junction in Si. In principle, the light absorption of the photoanode (Ta3N5) and the 

photocathode (Si) are complementary (λ <1100 nm for Si and λ <590 nm for Ta3N5), 

opening up opportunities to set up the photoelectrodes in a tandem configuration. Of the 

two photoelectrodes, Ta3N5 is expected to produce a photovoltage up to 0.9 V at pH 14. 

The value is obtained by comparing the light open circuit voltage of Ta3N5 (ca. -0.4 V vs. 

NHE) and the redox potential of Fe(CN)6
3-/4- (+0.5 V NHE; Figure 4.5).39 Mi and co-

workers have previously measured the performance of GaN/n+-p Si photocathode and 

obtained a reproducible photovoltage up to 0.6 V.40 When combined, the overall 

photovoltage of the system would be sufficient to directly charge the 2,6-DHAQ/Fe(CN)6
4- 

redox systems (cell voltage 1.2 V), without the need for external bias. 
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Figure 4.3 SEM characterizations of the photoelectrodes. (a) Ta3N5 nanotubes; (b) GaN 

nanowires.  

 

4.3.2  Evaluation of the alignment of the electronic energies 

    Guided by these considerations, we next evaluate the alignment of the electronic 

energies of the various components of the system. On the anode side, it is desired to have 

a more positive potential than the formal oxidation potential of Fe(CN)6
4- (+0.5 V vs. NHE). 

As shown in Figure 4.4, the valence band edge position of Ta3N5 based on literature reports 

and our own measurements is indeed more positive.39,43 On the cathode side, it is desired 

to have a more negative potential than the formal reduction potential of 2,6-DHAQ (-0.7 

V vs. NHE; Figure 4.5), which is satisfied by the conduction band edge position of GaN. 

The charge flow under illumination (during recharge) is schematically illustrated in Figure 

4.4, where photogenerated holes migrate to the surface of Ta3N5 to oxidize K4[Fe(CN)6] to 

K3[Fe(CN)6], and photogenerated electrons inject from Si to GaN to reduce 2,6-DHAQ to 

2,6-reDHAQ (anthracene-2,6,9,10-tetrakis(olate)).36 The net result of the process is that 

the energy delivered by light is effectively harvested by the photoelectrodes and stored in 

K3[Fe(CN)6] and 2,6-reDHAQ in the form of positive and negative charges. When needed, 

the system can be discharged by reversing athe redox reactions on carbon paper electrodes.  
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Figure 4.4 The energy band diagram under illumination showing the charge separation and 

flow charts of the system. 

Figure 4.5 CV of 20 mM 2,6-DHAQ in pH 14 KOH solution (blue curve) and 2 mM 

K4[Fe(CN)6] in pH 12 KOH solution (red curve) scanned at 100 mV/s on a glassy carbon 

electrode.  
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4.3.3  Assessment of the stability and light absorption of the electrolytes 

With the suitability of the photoelectrodes established, we next assess the stability of the 

electrolytes, including the redox pairs. Previous research by Gordon and co-workers strong 

support that the K4Fe(CN)6 and 2,6-DHAQ electrolyte system exhibits outstanding 

chemical and electrochemical stabilities in 1 M KOH.36 The key difference between 

previous approaches and the present work is the introduction of light. As such, we are most 

concerned with the stability of the system under illumination. For this purpose, we 

compared the portion of the electrolyte containing 2,6-DHAQ before and after 10 hr 

illumination (100 mW/cm2, AM 1.5 simulated solar light) by proton nuclear magnetic 

resonance (1H NMR) and found no measureable difference (Figure 4.6). The result 

supports that 2,6-DHAQ features outstanding stability with or without illumination. The 

light absorption by K4Fe(CN)6, on the other hand, presented a minor challenge. It was 

discovered that at pH 14 (K4Fe(CN)6 concentration >0.1 M), precipitation formed within 

the solution after <5 min of illumination. By comparison, no precipitation was observed 

for the same solution in dark up to 7 days of continuous electrochemical measurements. 

The phenomenon is consistent with previous reports.36 While the detailed mechanisms of 

this light-induced precipitation remain unknown, it was found that the issue can be 

circumvented by reducing the pH to 12. No precipitation was observed up to 15 hr of 

illumination for a concentration up to 0.4 M. It is noted that because the formal oxidation 

potential of K4Fe(CN)6 is pH independent, the change of the pH does not lead to reduction 

of the cell voltage when combined with 2,6-DHAQ.  
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Figure 4.6 NMR spectrum of 2,6-DHAQ solution before (a) and after (b) 10 hr 

illumination.   
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    Another issue which had to be addressed was the light absorption by the electrolyte 

(Figure 4.7), which would reduce the light intensity reaching the photoelectrode and, hence, 

the efficiency of the system. Our strategy was to minimize the optical path by pressing the 

photoelectrode close to the transparent window. Additionally, the light intensity was 

calibrated at the position where the photoelectrodes were placed in the solution using an 

immersed photodiode to compensate for the lost photons. As a result, the reported intensity 

(100 mW/cm2) reflects the true intensity of light absorbed by the photoelectrodes, although 

spectra correction to compensate for electrolyte absorption was not conducted.  

 

 

Figure 4.7 UV-vis absorption spectrum the electrolytes (a) 0.1 M K4[Fe(CN)6]; (b) 25 mM 

2,6-DHAQ. 
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4.3.4  Photoelectrochemical performance of the photoanode and the photocathode  

    In Figure 4.8, the photoelectrochemical (PEC) data of the photoanode and the 

photocathode is presented. Several features of this set of data are worth highlighting. First, 

it can be seen from Figure 4.8a that the saturation current of the photoanode depends on 

the redox concentration. This feature is understood as the dependence of the saturation 

current on the mass-transport.44 When the concentration of K4Fe(CN)6 is greater than 0.1 

M, the saturation current reaches a maximum of up to ca. 12 mA/cm2, which is limited by 

the photogenerated hole concentration in Ta3N5. For optimum performance, it is beneficial 

to use a high concentration of K4Fe(CN)6, to ensure all photogenerated charges can be 

readily collected. It is noted that the solubility of K4Fe(CN)6 in alkaline solutions limits the 

concentration to ca. 0.4 M. Similarly, the saturation current of the photocathode depends 

on the concentration of 2,6-DHAQ (Figure 4.8c), and the highest concentration as limited 

by its solubility is 0.4 M. Noted that the pH of 2,6-DHAQ solution needs to be kept at 14 

to achieve an appreciable 2,6-DHAQ concentration.	 Second, both systems feature 

reasonable stability, with the photoanode performance decayed 10.9% (from 10.1 mA/cm2 

to 9.0 mA/cm2 in 15 hr; Figure 4.8b) and the photocathode decayed 33.3% (from -40.5 

mA/cm2 to -27.0 mA/cm2 in 5 hr; Figure 4.8d). It is noted that a thin (ca. 25 nm) TiO2 

passivation layer was already deposited on the GaN/Si photocathode by atomic layer 

deposition (ALD) to improve its stability.41 Further enhancement of stability requires the 

improvement of the uniformity and optimization of the thickness of TiO2 surface protection 

layer or the exploration of other surface passivation layers and/or cocatalysts.45 

Nonetheless, the performance as shown in Figure 4.8 is adequate for the proof-of-concept 
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demonstration as reported here. Third, the Ta3N5 photoanode performance decayed rapidly 

in the absence of K4Fe(CN)6 (current density dropped from 3.9 mA/cm2 to 0.15 mA/cm2 

in <5 min). The results support that the observed performance in K4Fe(CN)6 corresponds 

to the oxidation of K4Fe(CN)6 but not water oxidation. The observation is consistent with 

our recent report on the system.39 Similarly, no activity was measured on the GaN/Si 

photocathode in the absence of 2,6-DHAQ, supporting that hydrogen evolution does not 

contribute to the measured performance as shown in Figure 4.8c and 4.8d. Additionally, 

the cyclic voltammetries of both photoelectrodes in the presence of redox pairs display the 

obvious redox peaks, which are specific to the desired redox reactions instead of water 

splitting (Figure 4.9). Lastly, it is noted that if the photovoltage is defined as the difference 

between the on-set potential and the formal oxidation (or reduction) potential of the redox 

pairs, a photovoltage of 0.8 V was measured on the Ta3N5 photoanode and 0.6 V was 

measured on the GaN/Si photocathode.46 The combined cell voltage (1.4 V) is slightly 

lower than the predicted 1.5 V from open circuit potential measurements. Possible reasons 

include the decrease of Ta3N5 photovoltage caused by the positive shift of the conduction 

band edge of Ta3N5 in pH 12 compared to pH 14 (59 mV/pH unit; Figure 4.10).27,31  
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Figure 4.8 Photoelectrochemical performance of the system.  (a) J-V curves of Ta3N5 

photoanode over different concentrations of K4[Fe(CN)6] in KOH solution (pH 12). (b) 

Chronoamperometry of Ta3N5 for PEC oxidation in 0.4 M K4[Fe(CN)6]/KOH solution in 

comparison to KOH solution (pH 12). (c) J-V curves of GaN/Si photocathode over 

different concentrations of 2,6-DHAQ in KOH solution (pH 14). (d) Chronoamperometry 

of GaN/Si for PEC reduction in 0.1 M 2,6-DHAQ/KOH solution (pH 14). 
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Figure 4.9 CVs of the photoelectrodes in the redox electrolytes (a) Ta3N5 in 0.4 M 

K4[Fe(CN)6]/KOH solution (pH 12), scan rate: 100 mV/s, scan direction: from negative to 

positive, then to negative again; (b) TiO2/GaN/Si in 0.025 M 2,6-DHAQ/KOH solution 

(pH 14, unstirred), scan rate: 20 mV/s, scan direction: from positive to negative, then to 

positive again. 

Figure 4.10 J-V curves of Ta3N5 in 0.4 M K4[Fe(CN)6]/KOH solution with different pH 

values. 
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    More detailed PEC characterizations are presented in Figure 4.11, where it is evaluated 

whether mass transport or charge transfer is the limiting factor for both the photoanode and 

the photocathode. As shown in Figure 4.11a, while the saturation current for the Ta3N5 

photoanode does increase with the stirring speed, the dependence is relatively insignificant. 

For instance, the saturation current density only increased 14.7% (from 10.2 mA/cm2 to 

11.7 mA/cm2) when the system was changed from without stirring to a maximum of 1100 

rpm. The result suggests that mass-transport of K4Fe(CN)6 is not a limiting factor in 

defining the overall PEC performance of the photoanode, which is also supported by the 

chopped light J-V study (Figure 4.12). Important to this discussion, a near linear 

dependence was observed of the saturation current on the light intensity (5.2 mA/cm2 for 

50 mW/cm2; 11.7 mA/cm2 for 100 mW/cm2; 16.9 mA/cm2 for 150 mW/cm2; and 26.9 

mA/cm2 for 200 mW/cm2; Figure 4.11b). It is worth noting that the saturation 

photocurrents approach the theoretical photocurrent densities at the corresponding light 

intensities, which supports that both the mass transport of K4Fe(CN)6 from the bulk 

solution to Ta3N5 surface and the Ta3N5/K4Fe(CN)6 interface charge transfer are not 

limiting factors in defining the overall PEC performance of Ta3N5.42 By contrast, the near 

linear dependence of the saturation current of the GaN/Si photocathode on the stirring 

speed (Figure 4.11c) and the weak correlation of the saturation current with the light 

intensity above 100 mW/cm2 (Figure 4.11d) suggest that mass transport of 2,6-DHAQ is 

a limiting factor. In addition, the obvious photocurrent spikes in the GaN/Si chopped light 

J-V curve also indicated the limited mass transfer of 2,6-DHAQ (Figure 4.12). Fluidic 

management is needed to actualize the full potentials of the photocathode system. Further 
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enhancement of the mass transfer properties of the quinone-based redox pairs requires a 

fundamental understanding of their diffusion properties and the exploration of new types 

of quinone-based redox pairs.47-50 Moreover, the photovoltage (0.6 V) and the photocurrent 

density (40 mA/cm2) at -0.7 V vs. NHE measured on the photocathode are close to what is 

theoretically possible for Si and comparable to what was measured on the GaN/Si system 

for reactions such as hydrogen evolution reaction (HER) or CO2 reduction.40,51 While 

encouraging and proving the feasibility of using the system for the photoreduction of 2,6-

DHAQ, the relatively poor charge collection as shown in the poor fill factors if it were 

characterized as a photovoltaic device indicate that future research should focus on 

studying the benefit of applying co-catalyst such as carbon.  
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Figure 4.11 PEC characterization with different stirring rates and different light intensities.  

(a) J-V curves of Ta3N5 photoanode in 0.4 M K4[Fe(CN)6]/KOH solution (pH 12) at 

different stirring speeds, (b) and under different light intensities.  (c) J-V curves of 

TiO2/GaN/Si photocathode in 0.1 M 2,6-DHAQ/KOH solution (pH 14) at different stirring 

speeds, (d) and under different light intensities.   
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Figure 4.12 Chopped light J-V studies of the photoelectrodes in redox electrolytes.  (a) 

Ta3N5 in 0.4 M K4Fe(CN)6/KOH solution (pH 12); (b) TiO2/GaN/Si in 0.1 M 2,6-

DHAQ/KOH solution (pH 14). 

 

4.3.5  Electrochemical performances of the 2,6-DHAQ/K4[Fe(CN)6] battery 

    Next, the electrochemical performances of the 2,6-DHAQ/K4[Fe(CN)6] battery was 

studied. The 2,6-DHAQ (pH 14)/K4Fe(CN)6 (pH 12) battery was built using 0.4 M 

K4Fe(CN)6 (pH 12 KOH) catholyte and 0.1 M 2,6-DHAQ (pH 14 KOH) anolyte, a Nafion 

212 membrane, and two carbon paper electrodes. The lower Colombic efficiency of our 

battery compared to 2,6-DHAQ (pH 14)/K4Fe(CN)6 (pH 14) battery indicates that the 

proton concentration gradient in our battery does present a challenge in terms of proton 

management and the associated chemical potential drop at the membrane (Figure 4.13a & 

4.13b). These problems are expected to be solved by the application of other types of 
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membranes such as bipolar ones.52 The measured near linear relationship of the current 

ramp study indicates that the iR drop of the overall cell rather than the kinetics of the redox 

species on electrodes is the main reason for the observed overpotential (Figure 4.13c). The 

Nyquist plot from EIS measurements shows that the high frequency area-specific resistance 

is as high as 38.3 Ω cm2 (Figure 4.13d). This high resistance is mainly due to our H-cell 

configuration (Figure 4.1) and is the main limitation for our battery performance.  

 

Figure 4.13 Electrochemical performance of 2,6-DHAQ/K4Fe(CN)6 battery (a) Cycling 

performance of the 2,6-DHAQ (pH 14)/K4Fe(CN)6 (pH 14) battery, (b) and the 2,6-DHAQ 
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(pH 14)/K4Fe(CN)6 (pH 12) battery.  (c) charge/discharge voltage vs the current studies 

(electrode area: 1 cm2).  (d) Nyquist plot of Electrochemical Impedance Spectrum in fully 

discharged electrolytes at open-circuit potential 

 

4.3.6  Investigation of the Integrated System 

     Our last task for this body of research was to investigate the integrated system.  We 

approached the problem in two steps.  During the first step, we compared the 

photooxidation and photoreduction performance as measured separately, and the data are 

plotted in Figure 4.14a.	 As is seen, when characterized separately in a 3-electrode 

configuration, the two curves overlap to yield an intersection point where 5 mA/cm2 

photocurrent is expected. Note that here each photoelectrode was illuminated by light of 

the same intensity (100 mW/cm2). By assuming the equilibrium potential of 1.2 V, it is 

estimated that the overall solar-to-chemical energy conversion efficiency of 3.0%. Such an 

efficiency is high when compared with solar-to-hydrogen conversion efficiencies in similar 

solar water splitting systems.53-55 It is also high among photo-rechargeable redox 

batteries.4,28,29 Given that in principle the two photoelectrodes can be arranged in tandem, 

there is plenty of room to further improve the efficiency in the future.56  
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Figure 4.14 Integration of the Ta3N5 photoanode and the GaN/Si photocathode. (a) The 

overlay of the reduction and oxidation curves.  The dotted vertical lines represent the 

formal reduction and oxidation potentials of the redox system.  (b) J-V characteristics of a 

two-electrode configuration under light (green) and dark (gray) conditions.  The projected 

areas of Ta3N5 and TiO2/GaN/Si are 0.78 cm2 and 0.54 cm2, respectively.  

 

    During the second step, the system was studied in a truly integrated fashion by 

connecting the two photoelectrodes in a single cell (separated by a Nafion membrane). As 

shown in Figure 4.14b, a linear sweep voltammogram of the dual-photoelectrode shows 

an average photocurrent density of 0.93 mA/cm2 at Vapp= 0 V, indicating that the unassisted 

photocharge could be achieved in a single cell experimentally. Note that the photocurrent 

is normalized to the average working area due to the different areas of the two 

photoelectrodes. During the photocharge process, the photoelectrodes are directly short-
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circuited without external bias and the photocurrent-time curve is monitored by a 

potentiostat. When the cell was discharged using two carbon paper electrodes independent 

of the photoelectrodes, a high discharge voltage (~1 V) and a modest capacity (200 mAh/L) 

were obtained, which corresponded to 22% of the recharge capacity (Figure 4.15). 

Separate electrochemical characterizations suggest that the low Coulombic efficiency may 

be due to the low current densities. As detailed in Figure 4.16a, >92% Coulombic 

efficiencies were consistently obtained when the charge current density was at 5 mA/cm2 

or higher. At 0.5 mA/cm2, however, the efficiency was reduced to 35% (Figure 4.16b). 

Thus it is concluded that it is not specific to the photocharge but an inherent issue to the 

system at low charge current densities. Possible reasons include the crossover of the active 

material through the membrane and the aggravated side reactions such as oxygen reduction 

reaction at low current densities. It is envisioned that switching from the stirred H-cell 

design (Figure 4.1) to a practical flow battery configuration for better deaeration of 2,6-

DHAQ redox electrolyte and improved electrolyte mass transfer could further improve the 

Coulombic efficiency. These strategies may be combined with efforts focused on 

improving the photocharge performance for significantly improved overall photocharge-

discharge performance in the future.  
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Figure 4.15 Unassisted photocharge and discharge performance of the 2,6-DHAQ/ 

K4[Fe(CN)6] battery (a) photocurrent-time data during photocharge process (b) discharge 

voltage-time profile after photocharge with the applied current of 0.5 mA (current density: 

0.5 mA/cm2).  

 

Figure 4.16 Electrochemical performance of 2,6-DHAQ/K4[Fe(CN)6] battery at different 

applied current conditions (both catholyte and anolyte are in pH 14 KOH solution) (a) 5 

mA/cm2 applied current density; (b) 0.5 mA/cm2 applied current density.   
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4.4  Conclusions  

	

In conclusion, we have successfully demonstrated a 1.2 V solar rechargeable redox 

battery based on the integration of Ta3N5 nanotube photoanode and GaN nanowire/Si 

photocathode with the 2,6-DHAQ/K4[Fe(CN)6] redox pairs. The good solar-to-charge 

conversion performance of the individual photoelectrodes enabled the measurement of 

high photovoltages (>1.4 V), making it possible to photorecharge the redox battery without 

externally applied potentials. The optimal solar-to-chemical conversion efficiency was 

estimated up to 3.0%.  We envision that this efficiency would be readily improved when 

the two photoelectrodes are arranged in tandem. Other competing PEC reactions such as 

water splitting are negligible in our system, even though the redox potentials of Fe(CN)6
3-

/Fe(CN)6
4- and 2,6-DHAQ/2,6-reDHAQ are close to water oxidation and reduction 

potentials. The integrated battery was successfully photocharged and then discharged with 

a stable voltage output of up to 1 V. Our demonstration opens up a new door to 

photochargeable high-voltage redox (flow) batteries.  
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