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Abstract 

Exploitation of redox mediators  

for the development of lithium-oxygen 

batteries with high energy density and 

high efficiency 

Ko, Youngmin 

Department of Materials Science and Engineering 

College of Engineering 

The Graduate School 

Seoul National University 
 

Encounter with energy and environment issue is inevitable for human being 

to construct a clean and sustainable future. In this regard, the development of energy 

storage system to facilitate the exploitation of renewable energy resources is 

essential mission. After continued research during last decades, Li-ion battery is 

widely employed as the state-of-the-art battery system. However, exploiting heavy 

transition metal as core component, Li-ion battery possesses clear limitation in terms 

of energy density enhancement. Scientists have explored various battery chemistry 

to replace current Li-ion battery such as metal-air, metal-sulfur and organic battery. 

Especially, Li-O2 battery has received enormous research interest owing to its 

extremely high theoretical energy density of 3500 Wh kg-1. Despite of its potential, 

however, limitations stemmed from intrinsic nature of the system still prevents the 

practical use of Li-O2 battery. 
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In this dissertation, I developed and designed high-performance Li-O2 

battery by introducing redox-mediating catalyst, redox mediator to regulate reaction 

chemistry of Li-O2 battery. With a virtue of redox mediator capable of controlling 

reaction path, disadvantageous conventional discharge/charge path could be 

circumvented. Under redirected redox-mediated reaction path, problems originated 

from conventional path could be successfully released. For the design of better redox 

mediators, multidisciplinary study from the exploration of a new materials to the 

understanding on fundamental aspects was conducted. Furthermore, practical issues 

in cell environment such as shuttle phenomena was also addressed to optimize the 

use of redox mediators. 

Charter 2 introduces the procedure of exploration of a novel redox mediator 

from biological system. Inspired by the similarity between cell respiration process 

in biology and redox-mediated oxygen reduction reaction process in Li-O2 battery, 

the biological catalyst, vitamin K2 was introduced into Li-O2 battery as redox 

mediator to facilitate oxygen reduction reaction, and it was demonstrated that it 

successfully works as catalyst and boosts the performance of the cell. This chapter 

will provide guideline on how similarity can motivate new findings. 

Chapter 3 describes research approach to understand fundamental aspects 

of redox mediator from reaction kinetics to reaction mechanism. With comparative 

study employing various redox mediators, I revealed the factors affecting catalytic 

kinetics and its significant on cell performance. On oxygen reduction reaction, (i.e. 

discharge) kinetics of redox mediators is governed by steric hindrance around redox 

center, which reveals that the nature of electron transfer during redox-mediated 

reaction is inner-sphere electron transfer where intermediate state presents. Further 
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study on its implication on cell performance demonstrated the presence of volcano 

behavior between kinetics and cell performance. Similarly, kinetics of redox 

mediator during oxygen evolution reaction (i.e. charge) was also investigated and it 

was shown that its kinetic is primarily determined by redox potential of mediator 

following Marcus theory. Followed study showed that higher kinetics results in 

better rate capability of Li-O2 cell. This chapter demonstrates the importance of 

understanding intrinsic properties of redox mediator to design highly performing 

catalyst. 

Lastly, chapter 4 demonstrates strategies to address practical shuttle 

phenomena of redox mediators. Owing to freely diffusible nature, redox mediator 

easily diffuses to unwanted reactive anode side causing severe side reactions such as 

anode degradation and mediator decomposition. By anchoring redox mediator in 

polymer chain, shuttle phenomenon was suppressed while still maintaining charge-

carrying property by polymer in-chain hole diffusion mechanism. As the second 

approach, a novel Janus liquid electrolyte was employed to fully maintain diffusion 

behavior and at the same time prevent shuttle phenomena. With the simultaneous use 

of two liquid electrolytes with distinct solvation capability at two electrodes, the 

diffusion of redox mediator from cathode to anode side was blocked and thus, shuttle 

effect was prevented. This chapter demonstrates appropriate treatment on cell system 

can suppress shuttle phenomena and enables sustainable use of redox mediators. 

I believe the multifaceted study in this dissertation on redox mediator with 

three major approaches, i) exploration of a new catalyst, ii) investigation on 

fundamentals, and iii) dealing with practical issues will serve as the solid foundation 

in developing high-performance redox mediator for Li-O2 battery. In addition, it will 
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provide research motivation and insight to design optimized catalyst for metal-air 

battery and furthermore, next-generation energy storage system. 

 

Keywords: Electrochemistry, Secondary batteries, Lithium-oxygen batteries, 

Redox mediators, Reaction kinetics, Shuttle phenomena 

Student Number: 2016-20847 

  



v 

 

Contents 
 

 

List of Tables ........................................................................... x 

List of Figures ........................................................................ xi 

 

 

Chapter 1. Introduction ........................................................ 1 

1.1. Research objevtives .......................................................................... 1 

1.2. Introduction to lithium-oxygen batteries ........................................... 2 

1.3. Principle of redox mediators ............................................................. 5 

1.4. References ...................................................................................... 10 

 

 

Chapter 2. Exploring a novel redox mediator inspired by 

biological system  ........................................................................... 14 

2.1 Research background ....................................................................... 14 

2.2 Experimental method ....................................................................... 17 

2.2.1 Preparation of cells and conditions for electrochemical tests ....... 17 

2.2.2 Characterization ............................................................................ 18 

2.2.3 Quantitative analysis of discharge product ................................... 19 

2.3 Result and discussion ...................................................................... 20 

2.3.1 Similarity between redox mediation in biological system and  

lithium-oxygen cell .................................................................................. 20 



vi 

 

2.3.2 Vitamin K2 as a stable mediator for lithium–oxygen batteries ..... 23 

2.3.3 Mechanism of vitamin K2-mediated discharge ............................ 39 

2.3.4 Charging the cell discharged with vitamin K2 .............................. 43 

2.4 Concluding remarks ......................................................................... 52 

2.5 References ....................................................................................... 53 

 

 

Chapter 3. Investigation on the fundamentals of redox 

mediators    .................................................................................... 61 

3.1 Understanding fundamental aspects of redox mediator for oxygen 

reduction reaction  ................................................................................ 61 

3.1.1 Research background .................................................................... 61 

3.1.2 Experimental method .................................................................... 64 

 3.1.2.1 Material preparation ............................................................ 64 

 3.1.2.2 Lithium-oxygen cell assembly ............................................ 65 

 3.1.2.3 Electrochemical analysis and characterization .................... 65 

 3.1.2.4 Calculation detail ................................................................ 66 

    3.1.3 Results and discussions ................................................................. 67 

 3.1.3.1 The principles of redox mediator for the oxygen reduction  

reaction ............................................................................................ 67 

 3.1.3.2 The catalytic activity of quinones and its kinetics .............. 73 

 3.1.3.3 The dependence of kinetic parameters on the kinetics of  

redox mediators ............................................................................... 82 

 3.1.3.4 Marcus theory: steric effect and inner-sphere electron  

transfer ............................................................................................. 92 



vii 

 

 3.1.3.5 Reaction mechanism: a significance of inner-sphere  

electron transfer ............................................................................... 97 

 3.1.3.6 The implication of kinetics in the performance of  

lithium-oxygen cell ....................................................................... 101 

3.1.4. Supplement note .......................................................................... 113 

3.1.5. Concluding remarks .................................................................... 114 

3.1.6. References ................................................................................... 116 

3.2 Kinetics of redox mediator for oxygen evolution reaction ............ 124 

    3.2.1 Research background .................................................................. 124 

    3.2.2 Experimental method .................................................................. 127 

 3.2.2.1 Preparation of lithium–oxygen cells ................................. 127 

 3.2.2.2 Conditions for electrochemical tests ................................. 128  

    3.2.3 Results and discussions ............................................................... 129  

3.2.4. Concluding remarks .................................................................... 156 

3.2.5. References ................................................................................... 157 

 

 

Chapter 4. Addressing practical issue of redox mediators 

: shuttle phenomena  .................................................................. 162 

4.1 Anchorage of redox mediator for sustainable redox mediation in  

lithium-oxygen batteries ...................................................................... 162 

    4.1.1 Research background .................................................................. 162 

    4.1.2 Experimental method .................................................................. 165 

 4.1.2.1 Synthesis of PTMA ........................................................... 165 

 4.1.2.2 Fabrication of cell components ......................................... 167 



viii 

 

 4.1.2.3 Assembly of lithium–oxygen cell...................................... 168

 4.1.2.4 Conditions for electrochemical tests and characterization 168 

    4.1.3 Results and discussions ............................................................... 170  

4.1.4. Supplement note .......................................................................... 198 

 4.1.4.1 Calculations of Nitroxyl Radical Concentration ............... 198 

 4.1.4.2 Electron diffusion phenomenon in PTMA ........................ 199 

 4.1.4.3 PTMA as catalysts for lithium–oxygen batteries .............. 199

 4.1.4.4 Degradation mechanism of the lithium–oxygen cell  

containing PTMA .......................................................................... 201

 4.1.4.5 Abnormal initial discharge plateau .................................... 202 

4.1.5. Concluding remarks .................................................................... 205 

4.1.6. References ................................................................................... 206 

4.2 Janus liquid electrolyte for shuttle-free redox mediation in lithium- 

oxygen batteries  ................................................................................. 214 

    4.2.1 Research background .................................................................. 214 

    4.2.2 Experimental method .................................................................. 217 

 4.2.2.1 Materials preparation ........................................................ 217 

 4.2.2.2 Cell assembly and conditions for electrochemical test ..... 218 

 4.2.2.3 Characterization ................................................................ 219 

    4.2.3 Results and discussions ............................................................... 220 

 4.2.3.1 Design and preparation of Janus liquid electrolyte ........... 220 

 4.2.3.2 Electrochemical properties of lithium–oxygen cell  

employing Janus liquid electrolyte ................................................ 228  

4.2.4. Concluding remarks .................................................................... 244 

4.2.5. References ................................................................................... 245 



ix 

 

 

 

Chapter 5. Conclusion ...................................................................... 253 

 

 

Chapter 6. Abstract in Korean .......................................... 256 

 

 

Curriculum Vitae ................................................................ 259 

 

  



x 

 

List of Tables 

 

Table 3.1. The redox potential of quinones obtained from cyclic voltammetry. 

 . .................................................................................................. 72 

Table 3.2. Kinetic collection efficiency of quinones obtained by the ratio of ring 

current to disk current in the RRDE experiment ............................................. 80 

Table 3.3. Diffusivity of quinones. It was calculated by the RDE experiment with 

various rotating speeds .................................................................................... 86 

Table 3.4. Heterogeneous electron transfer rate constant for quinones. It was 

calculated by the RDE experiment. ................................................................. 89 

Table 3.5. Discharge capacity with average and standard deviation. The 

galvanostatic discharge experiment was conducted three time ..................... 106 

 



xi 

 

List of Figures 
 

Figure 1.1. Basic reaction mechanism of Li-O2 battery on discharge and charge 

process.      .................................................................................................... 7 

Figure 1.2. Schematics showing the formation and decomposition of discharge 

product, Li2O2, with the mediation of redox mediator ...................................... 8 

Figure 1.3. The properties of the RM-employing Li-O2 battery critically influenced 

by the intrinsic characteristics of RM ............................................................... 9 

 

 

Figure 2.1. (a) Simplified biological system in E. coli. The electron transfer with 

proton shuttling between NADH dehydrogenases and the cytochrome b–c1 complex 

is mediated by vitamin K2. (b) Comparison of relative redox potentials among 

vitamin K2 and other species in the redox mediating processes in E. coli and lithium–

oxygen batteries. (c) Lithium–oxygen battery system with vitamin K2 as potential 

ORR RM. The electron transfer with lithium ion shuttling between the electrode and 

Li2O2 is mediated by the ORR RM, vitamin K2. ............................................ 22 

Figure 2.2. (a) Cyclic voltammogram of vitamin K2 in 1 ᴍ LiTFSI DME showing 

consistent profile up to 200 cycles, confirming the stability of vitamin K2 and 

reduced vitamin K2 under the electrolyte. (b) Cyclic voltammogram of coenzyme Q 

in 1 ᴍ LiTFSI DME showing irreversible redox reaction ............................... 29 

Figure 2.3. (a) Cyclic voltammograms of vitamin K2 showing stable redox reaction 

of vitamin K2 in 1 M LiTFSI DME under various scan rates. (b) Cyclic 

voltammograms of vitamin K2 showing the catalytic effect of vitamin K2 under an 

O2 atmosphere with the presence of Li+ ions under a scan rate of 50 mV s-1..30 

Figure 2.4. (a) Discharge profile of the lithium–oxygen cell with and without 



xii 

 

vitamin K2 at various current rates. The discharge capacity is enhanced by 30 times 

with the use of vitamin K2. (b) Enlarged view of (a) showing the discharge capacity 

in the absence of vitamin K2 ........................................................................... 31 

Figure 2.5. The amount of oxygen consumption during discharge measured by 

tracking change of oxygen pressure ................................................................ 32 

Figure 2.6. Optical images and SEM images of pristine electrode and electrodes 

discharged without vitamin K2 and with vitamin K2 ..................................... 33 

Figure 2.7. SEM images of (a), (d) pristine electrode, (b), (e) fully discharged 

electrode of the cell not containing vitamin K2, and (c), (f) fully discharged electrode 

of the cell containing vitamin K2. With the use of vitamin K2, the morphology of the 

discharge product transformed into toroidal-like particles .............................. 34 

Figure 2.8. X-ray diffraction pattern of discharge electrode .......................... 35 

Figure 2.9. Raman and IR spectra of electrode discharged with vitamin K2. 36 

Figure 2.10. (a) Ultraviolet–visible (UV–vis) spectra for various amounts of Li2O2 

powder (purity of 92.8%). (b) Fitted graph showing proportionality between peak 

intensity at 407 nm and amount of Li2O2 powder (black dots) and the same data for 

an electrode discharged with and without vitamin K2 (orange dots) showing yields 

of 86% and 78%, respectively. The capacities for the electrode samples were 

converted based on the dilution ratio difference between the powder and electrode 

samples. For the electrode without vitamin K2, commercial carbon paper was used. 

All the titration solutions containing Li2O2 powder or discharged electrode were 

produced as described in the experimental section. ........................................ 37 

Figure 2.11. (a) Galvanostatic discharge profile under current rate of 0.18 mA cm-2 

and (b) bar graph, comparing the catalytic activity of vitamin K2 with that of DBBQ, 

coenzyme Q and other quinone derivatives. All experiments were done with 0.01 M 

of each molecule in 1 M LiTFSI in DME. Vitamin K2 and DBBQ show exceptionally 



xiii 

 

better catalytic activity (i.e. discharge capacity) than coenzyme Q and other quinone 

derivatives. (Notations for each species are as follows; BBQ(2-tert-Butyl-1,4-

benzoquinone), MBQ(Methyl-p-benzoquinone), MD(Menadion), CoQ(Coenzyme 

Q))          ................................................................................................. 38 

Figure 2.12. Schematic illustrations comparing the mechanism of Li2O2 formation 

with and without vitamin K2. Without the presence of vitamin K2, Li2O2 is formed 

through a surface-absorbed intermediate, LiO2, because of its low stability in a low-

DN solvent. However, with the presence of vitamin K2, Li2O2 is formed in the 

electrolyte solution through disproportionation by generating a new intermediate, 

which is stable even in low-DN solvent .......................................................... 41 

Figure 2.13. Electron energy (redox potential) diagram related to the working 

mechanism of vitamin K2. Because vitamin K2 has a higher redox potential than O2 

in the presence of both Li+ and O2, it is reduced by an electron from the electrode 

before O2. Then, because of the difference in electron energy in LiVKO2 and Li2O2, 

the electron flow is thermodynamically driven from LiVKO2 to Li2O2 while forming 

Li2O2 in the solution ........................................................................................ 42 

Figure 2.14. Inability to charge the cell containing only vitamin K2. Because of the 

poor contact of the discharge product with the electrode, it was rarely possible to 

decompose (charge) via direct electron conduction through the electrode surface             

 ................................................................................................. 46 

Figure 2.15. Cyclic voltammograms under scan rate of 50 mV s-1 showing that 

vitamin K2 and TEMPO can undergo redox reactions independently in the presence 

of each other  .................................................................................................. 47 

Figure 2.16. Galvanostatic profile of Li–O2 cell with current density of 0.18 mA cm-

2 containing vitamin K2 (0.01 M) and TEMPO (0.1 M). ................................ 48 

Figure 2.17. Analysis of gas evolved during the charge process showing the 



xiv 

 

evolution of oxygen due to decomposition of Li2O2 with TEMPO ................ 49 

Figure 2.18. SEM image of the electrode from the cell containing vitamin K2 and 

TEMPO after (a) discharge to 0.7 mAh cm-2 and (b) charge to the same capacity   

 ................................................................................................. 50 

Figure 2.19. (a) Digital photo of the solutions for UV-vis titration prepared by 

discharged and charged cells. The solutions were prepared using air electrode and 

separator together with H2O and TiOSO4 solution as explained in experimental 

section. Considering the yellow color of the solution is indication of Li2O2, it is 

shown that Li2O2 was clearly decomposed during charge. (b) UV-vis absorption 

spectrum of the solutions. Peak intensity at 407 nm is assigned to the yellow color 

from [Ti(O2)]2+ complex in the solutions ........................................................ 51 

 

 

Figure 3.1. Energy relationship during oxygen reduction reaction with a redox 

mediator. Electrochemical reduction of quinone occurs, followed by chemical 

electron transfer to oxygen to form lithium peroxide ...................................... 69 

Figure 3.2. Benzoquinone candidates with various functional groups. 12 different 

colors were assigned to each quinone. Each abbreviation denotes following quinones: 

MBQ (Methyl-p-benzoquinone), DMBQ (2,5-Dimethyl-1,4-benzoquinone), TMBQ 

(2,3,5-Trimethyl-1,4-benzoquinone), DQ (Duroquinone), TQ (Thymoquinone), 

BBQ (2-tert-Butyl-1,4-benzoquinone), 25DBBQ (2,5-Di-tert-butyl-1,4-

benzoquinone), 26DBBQ (2,6-Di-tert-butyl-1,4-benzoquinone), DOBQ (2,5-Di-

tert-octyl-1,4-benzoquinone), PBQ (2-Phenyl-1,4-benzoquinone), DPBQ (2,5-Di-

phenyl-1,4-benzoquinone), and DCBQ (2,5-Dichloro-1,4-benzoquinone). .... 70 

Figure 3.3. Cyclic voltammetry profile of quinones at the scan rate of 50 mV s-1. 1 

M LiTFSI TEGDME electrolyte containing 10 mM of quinone was used as an 



xv 

 

electrolyte    .................................................................................................. 71 

Figure 3.4. Cyclic voltammetry profiles quinones in Ar and O2 atmosphere. 1M 

LiTFSI TEGDME with 10 mM of each quinone and the scan rate of 50 mV s-1 were 

used. A distinct amount of current increase in O2 atmosphere which is related to the 

catalytic activity was observed ........................................................................ 76 

Figure 3.5. Schematics showing the reactions occurring at rotating ring disk 

electrode. At disk electrode quinone is reduced and drifts out to ring electrode where 

reduced quinone is oxidized ............................................................................ 77 

Figure 3.6. Linear sweep voltammetry profile with rotating ring disk electrode. 1M 

LiTFSI TEGDME containing 1 mM of quinone and the scan rate of 10 mV s-1 were 

used. Ring current, disk current, and kinetic collection efficiency (ratio of two 

current) were shown ........................................................................................ 78 

Figure 3.7. Kinetic collection efficiency of all quinones showing a wide range of 

distribution   .................................................................................................. 79 

Figure 3.8. Linear sweep voltammetry profile with RRDE of PBQ under Ar 

atmosphere. Theoretical maximum collection efficiency was obtained .......... 81 

Figure 3.9. LSV profile with RRDE at various rotating speeds. 1M LiTFSI 

TEGDME with 1 mM of quinone and the scan rate of 10 mV s-1 were used. . 84 

Figure 3.10. The plot of (rotating speed)1/2 vs. limiting current and linear fitting line. 

Diffusivity can be calculated by the slope of the fitting line ........................... 85 

Figure 3.11. The plot of (rotating speed)-1/2 vs. current-1 profile of quinones at various 

overpotential and linear fitting lines whose y-intercept indicates ik
-1.............. 87 

Figure 3.12. The plot of overpotential vs. log(ik) and linear fitting line whose y-

intercept indicates log(i0) ................................................................................ 88 

Figure 3.13. The dependence of diffusivity on catalytic kinetics ................... 90 

Figure 3.14. The dependence of heterogeneous electron transfer rate on catalytic 



xvi 

 

kinetics      .................................................................................................. 91 

Figure 3.15. The dependence of catalytic kinetics on driving force, which is 

explained by Marcus theory and steric effect. The shaded area denotes inverted 

region       ................................................................................................... 95 

Figure 3.16. (a) several functional groups’ A-value that quantifies the magnitude of 

steric hindrance.54 (b) the order of steric hindrance of DMBQ, TQ, 25DBBQ, and 

DOBQ       ................................................................................................. 96 

Figure 3.17. DFT calculation result showing the stable formation of LiQO2 species. 

Reduced state of several representative quinones (a) DMBQ, (b) 25DBBQ, and (c) 

26DBBQ form stable complex with Li+ to form LiQ. Then it is followed by the 

formation of LiQO2 complex. d) two LiQ complexes do not form stable complex 

between two  .................................................................................................. 99 

Figure 3.18. Schematics showing the reaction mechanism of redox-mediated 

discharge in lithium-oxygen batteries ........................................................... 100 

Figure 3.19. Galvanostatic discharge experiment profiles under the current density 

of 0.2 mA cm-2. 1M LiTFSI TEGDME containing 10 mM of quinone was used as an 

electrolyte ....................................................................................................  104 

Figure 3.20. The relationship between discharge capacity and catalytic kinetics 

showing volcano behavior. Quinones are grouped into three depending on their 

discharge capacity ......................................................................................... 105 

Figure 3.21. Scanning electron microscopy images of a representative quinone from 

each group; MBQ from group 1,(left) 25DBBQ from group 2,(mid) and TMBQ from 

group 3.(right) ............................................................................................... 107 

Figure 3.22. SEM images of the electrode before discharge and discharged without 

quinone. The surface of the electrode discharged without quinone is passivated by a 

film-like discharge product ........................................................................... 108 



xvii 

 

Figure 3.23. X-ray diffraction pattern of discharged electrode in quinone-containing 

cells confirmed that the toroidal discharge product is lithium peroxide ....... 109 

Figure 3.24. (a) SEM images of quinone included in group 1. In all three quinones, 

BBQ, PBQ, DPBQ, low magnification SEM images show not much difference from 

the quinone-free case. A higher magnification image shows that the formation of 

toroidal discharge products is limited so that electrode is passivated without 

achieving high discharge capacity. (b) SEM images of DOBQ (group 2). Low 

magnification SEM images show consistent result with 25DBBQ case, the formation 

of discharge product filling void space between fibers ................................. 110 

Figure 3.25. SEM images of quinone belonging to group 3. In all cases, the 

formation of the discharge product was observed. However, the discharge product 

covers the electrode surface, leading to the passivation and low discharge capacity 

 ............................................................................................... 111 

Figure 3.26. Schematic illustration showing the influence of kinetics on the 

passivation behavior in three different cases, limited kinetics, moderate kinetics, and 

excessive kinetics .......................................................................................... 112 

Figure 3.27. Schematic illustrations showing detailed mechanism of RM-assisted 

charge with the effect of each step on the RM concentration at the electrode surface 

and galvanostatic charge profiles under various kinetic conditions. Detailed 

mechanism of RM-assisted charge consisting of 1) electrochemical oxidation of the 

RM, 2) diffusion of RM+ and RM, and 3) chemical decomposition of lithium 

peroxide by RM+. Step 1 causes an increase of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
  at the electrode surface and 

step 2 and step 3 result in a decrease of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
 ............................................... 139 

Figure 3.28. Schematic illustrations of galvanostatic charge profile in (a) ideal case 

and (b) actual case. With an infinite rate of diffusion and decomposition of lithium 



xviii 

 

peroxide (ideal case), the RM concentration remains constant, and therefore, the 

voltage also remains constant. In the real case, however, because the rates of 

diffusion and lithium peroxide decomposition are finite, and the RM concentration 

decreases and the charge voltage increases as charge proceeds. The increase in 

charge voltage is accelerated by increasing current, thereby shortening the stable 

voltage plateau. ............................................................................................. 140 

Figure 3.29. RDE experiment to analyze the rate of lithium peroxide decomposition 

by RM+. Schematic illustrations displaying the oxidative current increase by the EC 

mechanism   ................................................................................................. 141 

Figure 3.30. LSV profiles with RDE of (a) TEMPO, (b) MPT , (c) DMPZ, and (d) 

TTF . All the voltage scans were conducted at a scan rate of 1 mV s−1 using 1 M 

LiTFSI in DME containing 1 mM of the RM and 30 mM of dispersed Li2O2 powder. 

 ............................................................................................... 142 

Figure 3.31. LSV profile with RDE using redox reaction that is unreactive toward 

Li2O2 powder. The reduction of butyl-benzoquinone, where the reduced species is 

inert to Li2O2 powder, was utilized to investigate the limiting current decrease from 

the decreased diffusivity with dispersed Li2O2 powder. The reduction in 𝑖𝑙,𝑎 was 

observed to be reduced by approximately 28.6% because of the decreased diffusivity 

in the Li2O2-dispersed solution. This result implies that a decrease of 𝑖𝑙,𝑎 of less 

than 28.6% indicates the regeneration of RM because of reaction with lithium 

peroxide.     ................................................................................................ 143 

Figure 3.32. (a) Corrected increase in 𝑖𝑙,𝑎 of selected redox couple; the corrected 

current increases from each redox couple are as follows: TEMPO/TEMPO+, 50.05%; 

MPT/MPT+, 31.91%; DMPZ/DMPZ+, 23.14%; DMPZ+/DMPZ2+, 59.51%; 

TTF/TTF+, 27.92%; and TTF+/TTF2+, 25.43%. (b) Plot of increase in 𝑖𝑙,𝑎 vs. redox 



xix 

 

potential      ............................................................................................... 144 

Figure 3.33. Cyclic voltammogram using 1 M LiTFSI in DME containing 50 mM 

of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) TTF. The scan rate was 100 mV s−1. All 

the redox reactions were measured to be reversible with the following calculated 

equilibrium redox potentials: TEMPO/TEMPO+, 3.73 V; MPT/MPT+, 3.82 V; 

DMPZ/DMPZ+, 3.26 V; DMPZ+/DMPZ2+, 3.94 V; TTF/TTF+, 3.42 V; and 

TTF+/TTF2+, 3.76 V (all the values are expressed vs. Li/Li+ potential) ........ 145 

Figure 3.34. Cyclic voltammograms of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) 

TTF for scan rates ranging from 100 to 500 mV s−1. The experiment was conducted 

using 1 M LiTFSI in DME containing 50 mM of the RM ............................ 146 

Figure 3.35. The plot of (scan rate)1/2 vs. peak current of cyclic voltammogram using 

1 M LiTFSI in DME containing 50 mM of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) 

TTF for various scan rates ranging from 100 to 500 mV −1. The diffusivity of each 

RM was calculated from the linear relationship between (scan rate)1/2 and the peak 

current using the Randles–Sevcik equation................................................... 147 

igure 3.36. (a) Calculated diffusivities of RMs determined using Randles–Sevcik 

equation. (b) Plot of diffusivity vs. increase in 𝑖𝑙,𝑎  showing overall kinetic 

properties RM         ................................................................................ 148 

Figure 3.37. Galvanostatic cycling and corresponding dQ/dV profiles of lithium–

oxygen cells containing RMs. Galvanostatic cycling profiles under various current 

rate from 0.2 to 5.0 mA cm−2 of the cell containing (a) TEMPO, (b) MPT, (c) DMPZ, 

and (d) TTF. Corresponding dQ/dV profiles for the cell containing (e) TEMPO, (f) 

MPT, g) DMPZ, and h) TTF ......................................................................... 149 

Figure 3.38. DEMS gas analysis while charging a lithium–oxygen battery under a 

current rate of 1.0 mA cm−2 using (a) TEMPO, (b) MPT, (c) DMPZ, and (d) TTF. 



xx 

 

The grey and black lines indicate the O2 and CO2 emission, respectively .... 151 

Figure 3.39. Cyclic voltammograms and corresponding plots of peak current vs. 

(scan rate)1/2. Cyclic voltammograms of 1 M LiTFSI in (a) DEGDME and in (c) 

TEGDME with 50 mM TEMPO for scan rates ranging from 100 to 500 mV s−1. Plots 

showing a linear relationship between peak current and (scan rate)1/2 for 1 M LiTFSI 

in (b) DEGDME and (d) TEGDME .............................................................. 152 

Figure 3.40. Viscosity of DME, DEGDME, and TEGDME and diffusivity of 

TEMPO in these ether-based electrolytes ..................................................... 153 

Figure 3.41. Ionic conductivity and viscosity of various ether-based electrolyte. The 

measured ionic conductivity is 13.39, 7.62, and 2.62 mS cm-1 at 300 K for 1M 

LiTFSI DME, 1M LiTFSI DEGDME, and 1M LiTFSI TEGDME, respectively. The 

electrolytes with higher viscosity have a tendency to show lower ionic conductivity 

 ............................................................................................... 154 

Figure 3.42. Galvanostatic cycling profiles and dQ/dV profiles of TEMPO-

containing lithium–oxygen cell with 50 mM TEMPO in 1 M LiTFSI in DEGDME 

(a and b) and 50 mM TEMPO in 1 M LiTFSI in TEGDME (c and d) .......... 155 

 

 

Figure 4.1. Galvanostatic charge profile using 2 M LiTFSI TEGDME with 10 mM 

of TEMPO, showing the capacity from TEMPO far exceeding the theoretical value       

 ............................................................................................... 177 

Figure 4.2. (a) Images of lithium metal before cycling (top) and after 5 cycles 

without TEMPO (left) and with TEMPO (right). (b) SEM images of lithium metal 

surface of cell cycled without TEMPO (left) and with TEMPO. (right) ....... 178 

Figure 4.3. UV–vis absorption spectra of TEMPO-containing electrolyte before 

cycling and after cycling ............................................................................... 179 



xxi 

 

Figure 4.4. (a) Profiles of lithium–oxygen cell without any RMs, showing 

significant charge overpotential. (b) Profiles of cell containing 10 mM TEMPO, 

showing that the effect of TEMPO in reducing the charge overpotential weakens with 

repeated cycling     

 ............................................................................................... 180 

Figure 4.5. Cycling performance of lithium–oxygen cells without and with TEMPO. 

The cells were cycled with a current density of 300 mA g−1 ......................... 181 

Figure 4.6. Schematic illustrations of the working processes of TEMPO and PTMA. 

For typical RMs such as TEMPO, oxidation of the RM occurs in the electrolyte. 

Then, RM+ diffuses to Li2O2 and chemically decomposes it. In addition, the 

diffusible nature of RMs leads to the movement of RM+ toward the reactive lithium 

metal anode side, which is referred to as the shuttle phenomenon. The shuttle 

phenomenon reduces the efficiency of Li2O2 decomposition by RM+. Furthermore, 

when RM+ makes contact with the lithium metal anode, it promotes side reactions 

such as lithium metal oxidation and RM decomposition. However, as a polymer-

based RM, PTMA is not accompanied by the shuttle phenomenon because it is fixed 

at the air electrode in the solid state. The electron transfer between polymer chains 

replaces the diffusion of RM molecules of typical RMs ............................... 182 

Figure 4.7. Reaction scheme of PTMA synthesis by GTP and RP methods. (a) 

Reaction scheme of GTP-PTMA synthesized by group transfer polymerization (GTP) 

after the nitroxyl radical formation. (b) Reaction scheme of RP-PTMA synthesized 

by radical polymerization (RP) before the nitroxyl radical formation .......... 183 

Figure 4.8. SQUID profiles and EPR spectra of the two PTMA polymers. Plots of 

χparamagnetic
−1 vs. temperature and Curie–Weiss fittings of (a) GTP-PTMA and (b) RP-

PTMA. EPR spectra of 10−3 M chloroform solution containing (c) GTP-PTMA and 

d) RP-PTMA  ............................................................................................... 184 



xxii 

 

Figure 4.9. Galvanostatic charge profile of PTMA synthesized by GTP method. 

PTMA synthesized by the GTP method had a clear charge voltage plateau at ~3.6 V 

(vs. Li/Li+) and delivered almost the theoretical specific capacity ............... 185 

Figure 4.10. Images of PTMA dissolved in electrolyte. The PTMA did not dissolve 

in 2 M LiTFSI TEGDME until 1 month. The ratio between PTMA and the electrolyte 

was the same as that in assembled PTMA-loaded lithium–oxygen cells ...... 186 

Figure 4.11. Linear sweep voltammetry profiles of electrodes showing that PTMA-

mediated Li2O2 decomposition occurs .......................................................... 187 

Figure 4.12. SEM images of (a) pristine carbon electrode and (b) electrode after 

PTMA coating. TEM images of each sample are presented in the insets ..... 188 

Figure  4.13. X-ray diffraction patterns of pristine, discharged, and charged 

electrodes using PTMA ................................................................................. 189 

Figure 4.14. SEM images of (a) pristine Ketjen black air electrode and electrode (b) 

after discharge and (c) after charge ............................................................... 190 

Figure  4.15. Profile of first galvanostatic cycle of PTMA-containing lithium–

oxygen cell compared with those without PTMA or TEMPO. The cell was cycled 

using 2 M LiTFSI TEGDME at a current density of 300 mA gcarbon
-1 ........... 191 

Figure 4.16. Gas evolution profile during the first charging ....................... 192 

Figure  4.17. UV–vis absorption spectra of electrolyte of PTMA-containing 

lithium–oxygen cell before and after 5 cycles............................................... 193 

Figure 4.18. Images of (a) pristine lithium metal anode and anode after 5 cycles (b) 

without and (c) with PTMA .......................................................................... 194 

Figure 4.19. Titration result for Li2O2 pre-loaded electrode after charging with 

TEMPO and PTMA. The standard deviation is also displayed ..................... 195 

Figure  4.20. Cyclability of RM-free and TEMPO-/PTMA-containing lithium–

oxygen cells. All the cells were cycled at a current density of 300 mA gcarbon-1 



xxiii 

 

 ............................................................................................... 196 

Figure  4.21. Profile of PTMA-containing lithium–oxygen cell showing the 

sustainable charge voltage plateau from PTMA for more than 50 cycles, which is 

attributed to the prevention of shuttling ........................................................ 197 

Figure 4.22. (a) Galvanostatic full discharge and charge profile of PTMA-loaded 

lithium-oxygen cells with voltage cut-off of 2.2 V (orange line) and 2.6 V (red line). 

(b) Galvanostatic cycling profile with the capacity cut-off of 500 mAh g-1 after 

experiencing a full cycling with the voltage cut-off of 2.2 V (orange line). For 

comparisons, the profile of the PTMA-free cell following the same experimental 

sequence with 2.2 V cut-off is displayed together. (black line) .................... 204 

Figure 4.23. Photographs showing the immiscibility behavior of the control 

electrolyte (1 M LiTFSI DMSO/1 M LiTFSI TEGDMEL) (left) and Janus liquid 

electrolyte (1 M LiTFSI DMSO/2.3 M TEGDME) (right) ........................... 224 

Figure 4.24. (a) NMR and (b) Raman spectra of the top and bottom phases of the 

Janus liquid electrolyte (shown in figure 4.23, left) ...................................... 225 

Figure 4.25. Photographs showing the dissolution of 16.7 mM I3
− (oxidized RM) in 

the control electrolyte (left) and Janus liquid electrolyte (right) ................... 226 

Figure 4.26. In-situ observation of I3
− diffusion behavior using transparent beaker 

cell. (a) The beaker-cell construction with the single-phase electrolyte (left) and 

Janus liquid electrolyte (right). Gold and nickel foam were used as the working and 

counter electrode, respectively. A Ag/Ag+ electrode was used as the reference 

electrode. (b) Time-dependent I3
− diffusion behavior in single-phase and Janus liquid 

electrolyte. In the single-phase electrolyte, the yellow I3
− diffused to all areas of the 

electrolyte after 120 min of oxidation. In contrast, for the Janus liquid electrolyte, I3
− 

did not diffuse to the anode side and instead remained at the cathode side .. 227 

Figure 4.27. Schematic illustration of the fabrication of the gel-state electrolyte 



xxiv 

 

using UV-curing-assisted printing process. Details of the procedure are elaborated in 

the experimental section ................................................................................ 233 

Figure 4.28. Photographs of lithium metal anode: (a) pristine, (b) cycled with single-

phase electrolyte, and (c) cycled with Janus liquid electrolyte ..................... 234 

Figure 4.29. Photographs of lithium metal after cycling 20 times in a lithium/1 M 

LiTFSI DMSO/lithium symmetric cell under oxygen atmosphere ............... 235 

Figure 4.30. SEM images of lithium metal surface: (a) pristine, (b) cycled 20 times 

with single-phase electrolyte, and (c) cycled 20 times with Janus liquid electrolyte 

 ............................................................................................... 236 

Figure 4.31. Galvanostatic profiles showing remaining active lithium metal after 

cycling with single-phase and Janus liquid electrolyte. Thin lithium metal foil with 

a thickness of 20 μm was used ...................................................................... 237 

Figure 4.32. Structure of lithium–oxygen cell with single-phase bi-layer electrolyte. 

For the bottom layer, DMSO-EL was fabricated as a gel-state electrolyte. For the 

upper layer, a glass fiber separator was soaked in the same DMSO-EL as that used 

in the bottom layer ........................................................................................ 238 

Figure 4.33. (a) Digital and (b) SEM images of lithium metal cycled 20 times in the 

cell with single-phase bi-layer electrolyte, showing that the presence of the gel-state 

electrolyte does not improve the stability of lithium metal ........................... 239 

Figure 4.34. Quantitative analysis of the remaining Li2O2 in the air electrode after 

cycling with the single-phase and Janus liquid electrolytes .......................... 240 

Figure 4.35. Galvanostatic cycling profile of cell with (a) single-phase electrolyte 

and (b) Janus liquid electrolyte under current rate of 1000 mA g−1 .............. 241 

Figure 4.36. Cycling performance of cells under current rate of (c) 1000 mA g−1 and 

(d) 200 mA g−1 ............................................................................................... 242 

Figure 4.37. Schematic illustrations of RM diffusion behavior in cell with (left) 



xxv 

 

single-phase and (right) Janus liquid electrolyte. (left) The oxidized RM freely 

diffuses toward the reactive lithium-metal anode, which causes lithium-metal 

degradation and the consumption of oxidized RM. (right) The oxidized RM does not 

diffuse through the phase interface and thus remains at the cathode side without the 

shuttle effect  ................................................................................................ 243 

 

 



１ 

 

Chapter 1. Introduction 

1.1 Research objectives 

With the prosperity of human technology, society not only take fruits of it, but also 

faces accompanied problems such as energy and environmental issues. Among them, 

the heavy use of fossil fuel is considered the major issue causing severe pollution 

problem. To this end, the development of sustainable energy resources such as solar 

and wind energy is the urgent mission for human being, and therefore, energy storage 

system to store electricity is a key technology to realize renewable future energy 

society. After continued development during last decades, Li ion battery is currently 

widely used as most promising storage system.1-4 However, further enhancement of 

its energy density is limited because heavy transition metal such as manganese, 

cobalt, iron, and nickel sets upper boundary for gravimetric energy density. 

To develop a new system whose energy density surpasses that of current Li-ion 

battery, researchers have explored various chemistry such as metal-air5-9, metal-

sulfur7, 10-12, and organic battery.13 Among them, metal-air battery has received 

intensive attention due to its potentially high energy density attributed to the use of 

light gas species as redox active materials. Especially, Li-O2 battery exhibits highest 

theoretical energy density among metal-air chemistry, and has been developed since 

its first advent in 1996.14 Although its great potentiality for extremely high energy 

density, however, Li-O2 battery have numerous problems. Most severely, the 

insulating nature of discharge product, Li2O2, causes integrated problems during both 

discharge and charge process.5, 6, 8 For example, electrode passivation by Li2O2 
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during discharge leads to practically low energy density,15 and low conductivity 

causes high IR drop during charge leading to low coulombic efficiency.16 

The aim of this research is to develop high-performance Li-O2 battery by addressing 

limitations induced by intrinsic nature of discharge product. Main approach is to 

drive a new discharge/charge path bypassing conventional reaction path by 

introducing redox-mediating catalyst. 
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1.2 Introduction to lithium-oxygen battery 

 Li-O2 battery exhibits highest theoretical energy density among various metal-air 

chemistry because it exploits lightest metal, lithium as anode, and light oxygen gas 

as redox active species at cathode side. The electrochemical reactions occurring in 

Li-O2 battery are as follows. 

(Anode)  Li(s) → 𝐿𝑖+ + 𝑒−    (1) 

(Cathode)  𝑂2(g) + 2𝑒− → 𝑂2−    (2) 

(Total)   2Li(s) + 𝑂2(g) → 𝐿𝑖2𝑂2(𝑠)  (3) 

On discharge (i.e. oxygen reduction reaction (ORR)), the oxidation of lithium metal 

to Li+ occurs at anode side (reaction 1). At the same time, the reduction of oxygen 

gas occurs at cathode side (reaction 2) where Li+ and reduced oxygen forms Li2O2 

as a final discharge product. (reaction 3) On charge (i.e. oxygen evolution reaction 

(OER)), the reverse reactions (i.e. reduction of Li+ to lithium metal at anode, and 

decomposition of Li2O2 to Li+ and O2 at cathode) happens. Considering solid 

discharge product forms from gas phase, the cathode consists of conductive and 

porous matrix such as carbon to store discharge product. Since the operation of Li-

O2 battery is entirely controlled by the formation and decomposition of discharge 

product of Li2O2, its native property plays a critical role in determining the chemistry 

of Li-O2 battery.8 The basic reaction process is illustrated in figure 1.1. 

Based on the weight of Li2O2 (MW=46) and its theoretical formation potential (2.96 

V vs. Li/Li+), Li-O2 battery is calculated to have high theoretical energy density of 

3500 Wh kg-1, which much exceeds that of conventional Li-ion battery.5 However, 
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the fact that Li2O2 has extremely poor electrical conductivity prevent the realization 

of high energy density, and also causes further problems regarding system stability, 

and round-trip efficiency. For example, the formation of insulating Li2O2 on 

electrode surface during discharge triggers electrode passivation.15 It leads to 

premature termination of discharge process and limited discharge capacity. 

Accordingly, the practical energy density of Li-O2 battery is not as high as 3500 Wh 

kg-1, and rather strongly dependent on microstructure of cathode (e.g. surface area, 

and porosity) The insulating nature of Li2O2 is also problematic on charge process 

during which electrochemical decomposition of Li2O2 occurs. Owing to low 

electrical conductivity, the amount of IR drop and increased overpotential cannot be 

ignored. It results in low round-trip efficiency.17 Moreover, increased charge 

potential creates oxidative environment promoting decomposition of cell 

components such as electrolyte and carbon electrode.18-20 Consequently, to develop 

Li-O2 battery with practically high energy density and high round-trip efficiency, 

limitation stemmed from insulating nature of Li2O2 must be overcome. 
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1.3 Principle of redox mediator 

Redox mediator (RM) is the type of catalyst that mediates redox reaction by reduced 

or oxidized itself.21-25 How RM can mediate discharge and charge process of Li-O2 

battery is expressed as follows. 

(On discharge, ORR) 

 𝐿𝑖+ + RM + 𝑒− → 𝐿𝑖𝑅𝑀          (4) 

 2𝐿𝑖𝑅𝑀 + 𝑂2 → 𝐿𝑖2𝑂2 + 2𝑅𝑀         (5) 

(On charge, OER) 

 RM → 𝑅𝑀+ + 𝑒−            (6) 

 2𝑅𝑀+ + 𝐿𝑖2𝑂2 → 2𝐿𝑖+ + 𝑂2 + 2𝑅𝑀      (7) 

On discharge (i.e. ORR), RM is reduced instead of O2 to from LiRM,(reaction 4) 

followed by transfer of electron from LiRM to O2 to from Li2O2. (reaction 5) Here, 

RM mediates reduction of O2 by itself undergoing redox reaction.22, 24 Similarly, on 

charge, RM is first oxidized to RM+. (reaction 6) Then, it reacts with Li2O2 to 

decompose into Li+ and O2.21, 23, 25 (reaction 7) Although the consequence of 

discharge and charge process (i.e. formation and decomposition of Li2O2) is identical 

regardless of the presence of RM, the reaction path is entirely shifted with the 

introduction of RM. Accordingly, limitations originated from conventional 

discharge/charge path, such as electrode passivation and high charge overpotential 

might be cirvumvented. The RM-mediated discharge/charge process is 

schematically shown in figure 1.2. 

It is obvious that intrinsic property of RM critically affects the performance of itself 
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and RM-employing Li-O2 battery. Firstly, in RM-mediated discharge/charge, the cell 

potential is directly reflected by redox potential of RM, implying the importance of 

selecting RM with high/low redox potential for discharge/charge to achieve lower 

overpotential.23, 24 Secondly, the kinetics of RM-mediated process determines the rate 

of Li2O2 formation and decomposition, thereby governing the rate capability of Li-

O2 battery.26, 27 Furthermore, the selectivity of RM toward O2/Li2O2 on 

discharge/charge also plays an important role affecting coulumbic efficiency.25 

Accordingly, understanding the properties of RM is essential to design high-

performance RM and it is a key step to develop RM-employing Li-O2 battery with 

high energy density and high efficiency. The characteristics of RM that influence its 

performance is schematically illustrated in figure 1.3. 
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Figure 1.1. Basic reaction mechanism of Li-O2 battery on discharge and charge 

process. 
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Figure 1.2. Schematics showing the formation and decomposition of discharge 

product, Li2O2, with the mediation of redox mediator. 
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Figure 1.3. The properties of the RM-employing Li-O2 battery critically influenced 

by the intrinsic characteristics of RM. 
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Chapter 2. Exploring a new redox mediator inspired 

by biological system 

2.1 Research background 

(The essence of this chapter has been published in Advanced Functional Materials. 

Reproduced with permission from [Ko, Y. et al., Adv. Funct. Mater. 2019, 29, 

1805623] Copyright (2019) WILEY-VCH) 

Lithium–oxygen batteries have been considered promising next-generation energy 

storage systems because of their high theoretical specific capacity, which far exceeds 

that of conventional Li-ion batteries.1-7 The high specific capacity of lithium–oxygen 

batteries is attributed to the exploitation of oxygen as a redox-active material to store 

Li without the need to use transition metals in the electrochemical reaction. Recent 

studies have revealed, however, that the utilization of high discharge capacity is 

sensitively affected by the mechanism under which Li2O2, the main final discharge 

product, is formed in the electrochemical cell.8-11 The generation of the intermediate 

species and its solubility (i.e., stability of solvated LiO2) in the electrolyte have been 

observed to be critical in determining the discharge routes and capacity. The use of 

an electrolyte that exhibits strong solvating ability and can stabilize the intermediate 

LiO2 leads to the growth of large toroidal Li2O2 particles from the solution (‘solution 

route’), resulting in a high discharge capacity. However, in an electrolyte with weak 

solvating ability, the intermediate LiO2 is prone to be absorbed/decomposed on the 

electrode surface and form a film-like discharge product on the electrode (‘surface 
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route’), which often causes premature passivation of the electrode (i.e., cell death). 

Thus, it is believed that discharge through the solution route is essential to achieve a 

high discharge capacity and should thus be induced. 8, 9, 11-14 

One of the major factors that govern the stability of solvated LiO2 is the nature of 

the electrolyte.8-10 An electrolyte with higher donor number can stabilize LiO2 in an 

electrolyte because of its stronger solvating ability and, therefore, tends to induce the 

solution-route discharge. However, such an electrolyte is also known to be more 

vulnerable to side reactions because reactive radicals such as LiO2 and O2
− can be 

simultaneously enriched by the increased solubility degrading the electrolyte.15-17 

Although this ‘trade-off’ issue is a major challenge for the development of lithium–

oxygen batteries, redox mediators (RMs) for the oxygen reduction reaction (ORR) 

have been suggested as a promising solution. With the introduction of an appropriate 

ORR RM in lithium–oxygen cells, the RMs are reduced prior to O2. The reduced 

RMs deliver electrons to O2 in the electrolyte, which, in principle, triggers the 

solution-route discharge of Li2O2 regardless of the electrolyte species with a reduced 

risk of reactive radicals. Several additives such as quinones18 and viologens19, 20 have 

been reported as ORR RMs. Notably, Gao et al. recently demonstrated that 2,5-di-

tert-butyl-1,4-benzoquinone (DBBQ) can promote solution-route discharge even in 

low-donor-number electrolytes (e.g. ethers) by generating soluble RM–O2–Li 

intermediates, which disproportionate into large-particle Li2O2 and neutral RM.21 

The activity of the ORR RM in the lithium–oxygen cell was attributed to its redox 

potential, which lies between that of O2 and the theoretical potential of Li2O2 (2.96 
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V vs. Li/Li+), thereby enabling sequential electron transport among them in the 

solution phase. The discovery of an ORR RM that triggers the solution route implies 

that decoupling of the high energy density and stability is feasible, which is pivotal 

to the development of high-performance lithium–oxygen batteries. 

 Here, we demonstrated that vitamin K2, well-known biological RM functioning in 

the electron transport chain (ETC) in Escherichia coli, also can work as a ORR RM 

in lithium oxygen batteries. The new ORR RM was explored under the consideration 

of appropriate redox potential and reversibility of its redox reaction. The lithium 

oxygen cell with vitamin K2 exhibited enormously increased discharge capacity 

forming lithium peroxide compared to the reference cell due to the transformation of 

discharge pathway from surface-driven to solution-driven discharge. 
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2.2 Experimental method 

2.2.1 Preparation of cells and conditions for electrochemical tests 

The electrolyte was prepared by adding 1 M lithium 

bis(trifluoromethane)sulfonamide (99.95% trace metals basis, Sigma–Aldrich) in 

dimethoxyethane (anhydrous, 99.5%, Sigma–Aldrich). Lithium 

bis(trifluoromethane)sulfonamide was stored at 180 °C under vacuum for more than 

a week before use. Dimethoxyethane was dried using a freshly washed molecular 

sieve (type 3Å, Sigma Aldrich) for more than several days. Menatetrenone (vitamin 

K2), ubiquinone-10 (coenzyme Q), 2,2,6,6-tetramethyl-1-piperidinyloxy (TEMPO), 

2-tert-Butyl-1,4-benzoquinone (BBQ), Methyl-p-benzoquinone (MBQ), and 

Menadion (MD) were purchased from Sigma–Aldrich and used as received. To 

prepare the RM-containing electrolyte, 0.01 M of vitamin K2 and 0.1 M of TEMPO 

were added to 1 M LiTFSI DME. The final water content of the electrolyte was under 

50 ppm (as determined by Karl Fischer titration). A sheet of a gas diffusion layer 

(H2315, Quintech) was used as an air electrode after heat treatment at 900 °C for 3 

h under an Ar:H2 (95:5 volume ratio) atmosphere. Lithium iron phosphate (LFP), 

which has a fixed two-phase region potential of 3.45 V (vs. Li/Li+), was used at the 

counter electrode. The LFP electrode was prepared with a mixture of LFP powder, 

super P carbon, and polyvinylidene fluoride binder in a weight ratio of 90:1.5:8.5. 

The LFP electrode was designed to have at least twice as much capacity as that of 

the air electrode. Two sheets of glass fiber (GF/F, Whatman) were used as a separator. 
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Anode and separator had diameters of 1/2 inch and air electrode had diameters of 

3/8 inch. The cells were assembled as a Swagelok-type cell with the diameters of 1/2 

inch. The amount of electrolyte used in the cell was 300 μl. Assembly of the cell was 

performed in an Ar-filled glove box (O2 level < 0.5 ppm and H2O level < 0.5 ppm). 

After assembly, the cell was saturated with O2 (> 99.999%) and operated as closed. 

All the electrochemical tests for the lithium–oxygen batteries were conducted with a 

potentio-galvanostat (WonA Tech, WBCS 3000, Korea). For galvanostatic discharge 

experiments, all the cells were relaxed for 30 min before the tests. For the cyclic 

voltammetry tests, 1 M LiTFSI DME containing 0.01 M of each RM (vitamin K2 

and TEMPO) was used. The three-electrode cell was composed of an Au working 

electrode, Pt counter electrode, and 0.01 M Ag/Ag+ in acetonitrile as a reference 

solution. 

2.2.2 Characterization 

For characterization of the discharged electrodes, the cells were disassembled in an 

Ar-filled glove box. The electrode and separator were rinsed with a small amount of 

anhydrous DME and dried under Ar. Raman spectra of the electrode and reference 

powder were obtained using a Horiba Jobin Yvon LabRam Aramis with a He–Ne 

laser beam using <2 mW of 632.8-nm light from a He–Ne laser in a confocal 

geometry with the ×50 microscope objective lens. Fourier-transform infrared 

spectroscopy (FTIR; FT-IR-4200, JASCO, Japan) and X-ray diffraction (D8 

Advance, Bruker, Germany) were also used for identification of the discharge 

product. To examine the morphology of the discharge product on the electrode, field-
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emission scanning electron microscopy (FE-SEM; SUPRA 55VP, Carl Zeiss, 

Germany) was used. For in situ DEMS analysis, a mass spectrometer (MS; HPR-20, 

Hiden Analytical) connected with a potentio-galvanostat was used. A detailed 

description of DEMS is provided elsewhere. 22, 23 

2.2.3 Quantitative analysis of discharge product 

To quantitatively analyze the amount of Li2O2 in the discharge product, UV–vis 

titration using UV–vis spectroscopy (Cary 5000, Agilent, United States) was 

conducted, as previously reported.21, 24, 25 For the powder reference, lithium peroxide 

powder (technical grade, >90%, Sigma–Aldrich), which was known to have an 

actual purity of 92.8% based on thermogravimetric analysis was used.26 A known 

amount of Li2O2 powder was added to a certain amount of deionized water to 

produce LiOH via the reaction between Li2O2 and H2O. This solution was mixed 

with TiOSO4 solution (2 wt% in H2SO4) to generate a yellow [Ti(O2)]2+ complex that 

was diluted with deionized water. The intensity of the UV–vis absorption spectrum 

at 407 nm of this solution was observed to be proportional to the amount of [Ti(O2)]2+ 

complex in the solution. The reference calibration curve (amount of Li2O2 powder 

vs. intensity of absorption peak at 407 nm) was obtained based on the results. To 

analyze the discharge product, an unwashed electrode and separator were used 

instead of Li2O2 powder following the same process explained above. The obtained 

intensity of the absorption peak was compared with the calibration curve to quantify 

the amount of Li2O2 in the discharge product considering the different dilution ratios 

of the solution between the powder and electrode samples.  
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2.3 Result and discussion 

2.3.1 Similarity between redox mediation in biological system and 

lithium-oxygen cell 

As a first step of discovering new ORR RM for lithium-oxygen batteries, we noted 

that similar redox-mediated electron transport in solution phase is commonly 

observed in biological systems among biomolecules, which may inspire the 

discovery of novel effective ORR RMs for lithium–oxygen batteries. In a cell 

respiratory system, electrons can be transferred from one catalyst complex to another 

by biomolecules in a cell membrane through the ETC.27-31 In an animal cell, bio-

RMs such as vitamin K2 and coenzyme Q are known to be capable of transferring 

electrons between two remote catalyst complexes in ETC.29-31 For example, in 

common bacteria such as E. coli, vitamin K2 functions as a RM between 

nicotinamide adenine dinucleotide hydrogen (NADH) dehydrogenases and the 

cytochrome b–c1 complex, where proton shuttling by vitamin K2 occurs, enabling 

the oxidation of flavin mononucleotide (FMN) and the reduction of cytochrome b, 

as illustrated in figure 2.1.a. Similarly, in the mitochondria of an animal cell, 

coenzyme Q (0.045 V vs. SHE) plays the role of a RM between the two catalyst 

complexes. These biological processes of electron transport via bio-RMs bear 

significant resemblance to the processes required in the electrochemical reaction in 

lithium–oxygen batteries. In figure 2.1, the sequential electron transport is 

schematically illustrated for a simplified biological system and the lithium–oxygen 
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battery system. In the cell respiration process in E. coli (figure 2.1.a), the electron 

transfer with proton shuttling should occur from NADH dehydrogenases to the 

cytochrome b–c1 complex though the cell membrane, which is energetically 

permitted by the difference in their relative redox potential. Although the redox-

active parts in NADH dehydrogenases and the cytochrome b–c1 complex are 

stationary species and remote from each other, the electron transfer between them is 

enabled because of the mobile vitamin K2, whose redox potential (−0.08 V vs. SHE) 

lies between those of FMN/FMNH2 (−0.30 V vs. SHE) in NADH dehydrogenases 

and cytochrome b(oxi)/cytochrome b(red) (0.08 V vs. SHE) in the cytochrome b–c1 

complex, not disturbing the downhill electron transport (figure 2.1.b).27, 30 The 

discharge of the lithium–oxygen battery aided by the ORR RM is based on the same 

mechanism as that illustrated in figure 2.1.c, where the electrons are mediated from 

the electrode to the oxygen with lithium ion shuttling. If these bio-RMs can exhibit 

appropriate redox potentials in an aprotic environment and temporarily capture Li 

ions, as demonstrated for the proton capture in the E. coli, they may function as RMs 

for lithium–oxygen batteries. 

  



２２ 

 

 

Figure 2.1. (a) Simplified biological system in E. coli. The electron transfer with 

proton shuttling between NADH dehydrogenases and the cytochrome b–c1 complex 

is mediated by vitamin K2. (b) Comparison of relative redox potentials among 

vitamin K2 and other species in the redox mediating processes in E. coli and lithium–

oxygen batteries. (c) Lithium–oxygen battery system with vitamin K2 as potential 

ORR RM. The electron transfer with lithium ion shuttling between the electrode and 

Li2O2 is mediated by the ORR RM, vitamin K2. 
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2.3.2 Vitamin K2 as a stable mediator for lithium–oxygen batteries 

Inspired by this similarity, we selected two representative bio-RMs, i.e., vitamin K2 

and coenzyme Q, as candidates for ORR RMs for lithium–oxygen batteries, as they 

are known to be capable of mediating redox reactions in solution phase and, more 

importantly, their redox potentials are close to the Li2O2 formation potential (0.08 

and 0.045 V vs. SHE, respectively).27 As shown in figure 2.2, we first examined the 

redox potentials of vitamin K2 and coenzyme Q in an aprotic environment, 

dimethoxyethane (DME) with 1 M LiTFSI, under an Ar atmosphere using cyclic 

voltammetry. The redox activities were observed at ~2.54 and ~2.71 V (vs. Li/Li+) 

for vitamin K2 and coenzyme Q, respectively, which were slightly lower than the 

values in an aqueous medium. Nevertheless, the redox potentials of vitamin K2 and 

coenzyme Q were located between that of O2 and the theoretical formation potential 

of Li2O2 (2.96 V vs. Li/Li+), indicating their viability for ORR mediation in lithium–

oxygen batteries. As demonstrated by the relative potential energy plot of figure 2.1.c, 

the bio-RMs are expected to be capable of transporting the electrons from the 

electrode instead of oxygen and triggering the formation of Li2O2. However, the 

stabilities of these bio-RMs differed distinctively in the aprotic electrolyte, as 

demonstrated in figure 2.2. Although the cyclic voltammogram of vitamin K2 

indicates a reversible redox reaction over 200 cycles, the redox activity of coenzyme 

Q gradually degraded with increasing cycles, which is attributable to its chemical 

instability in the aprotic environment. 

Given the adequate redox potential and stability of vitamin K2, the following 
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investigation was focused on its use as an ORR RM in lithium–oxygen batteries. To 

investigate the activity of vitamin K2 as an ORR RM in greater detail, 

electrochemical experiments were conducted under various conditions using 1 M 

LiTFSI in DME containing 0.01 M of vitamin K2, and the results are presented in 

figure 2.3. Figure 2.3.a presents the cyclic voltammetry measurements of vitamin K2 

at different scan rates, which confirms the reversible redox activity at 2.54 V. Notably, 

negligible polarization was observed upon increasing the scan rate by ten times, 

indicating the fast redox activity of vitamin K2 in the aprotic environment. The 

catalytic activity of vitamin K2 in an O2 environment was also examined, and the 

results are presented in figure 2.3.b. Vitamin K2 exhibits a higher intrinsic redox 

potential than O2, which ensures the earlier reduction of vitamin K2 than O2 during 

the discharge. Comparison of the redox activities of vitamin K2 with and without O2 

clearly demonstrates that the reduction peak of vitamin K2 significantly increases in 

the presence of O2. This behavior is attributed to a catalyzed reduction process (EC 

mechanism)32, where the ORR RM after reduction successively participates in a 

chemical reaction in the O2 environment, recovering its initial state, and undergoes 

the reduction process again, which is consistent with previous observations for 

DBBQ mediators.21 The enhanced reduction peak in the cathodic scan provides clear 

evidence that the electrochemically reduced vitamin K2 is capable of reverting to its 

initial neutral state via the sequential chemical reaction in the lithium–oxygen cell, 

thereby functioning as a mediator. Figure 2.4.a presents galvanostatic discharge 

profiles of the lithium–oxygen cell with and without vitamin K2 under an O2 
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atmosphere. Lithium–oxygen cells were constructed using a single sheet of gas 

diffusion layer (GDL) (H2315, Quintech) as an air electrode and LiFePO4 as a 

counter electrode in 1 M LiTFSI DME.33 In the absence of vitamin K2, the cell 

delivered a negligibly small discharge capacity of ~0.15 mAh cm-2 (normalized with 

geometric area) even at a low current rate of 0.09 mA cm-2 (figure 2.4.b), which is 

attributed to the low surface area of the GDL air-electrode (Brunauer–Emmett–Teller 

(BET) surface area of ~1 m2 g−1) and the surface-route formation of Li2O2 in the 

DME electrolyte system. Note that surface-route discharge is more driven by using 

the electrode with low surface area which increases local current density.11 The 

surface-route discharge in DME with low DN8, 10 and the formation of a thin Li2O2 

film on such a small-surface air-electrode is expected to result in a limited discharge 

capacity.21 In the presence of vitamin K2, however, the cell exhibits remarkably 

higher discharge capacity (30 times higher than that of the cell without vitamin K2 

at all the current rates tested). The significant increase in the discharge capacity 

explicitly demonstrates the catalytic activity of vitamin K2 as an ORR RM. 

Furthermore, figure 2.5 clearly demonstrated that the elongation of discharge process 

was accompanied with the consumption of oxygen close to theoretical amount 

yielding oxygen efficiency of 99.85 %.  

 The morphological change of the discharge product supports the shift of the 

discharge mechanism from a surface route to a solution route with the presence of 

vitamin K2. Figure 2.6 compare optical and low-magnification SEM images, 

respectively, of a pristine electrode (up) and electrodes discharged without (left) and 
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with vitamin K2 (right). The carbon fibers in the pristine GDL electrode and the one 

without vitamin K2 are barely covered by discharge products in both the optical and 

SEM images in accordance with the negligibly small discharge capacity for the cell 

without vitamin K2. However, white-colored dots are apparent on the surface of the 

electrode discharged with vitamin K2 in the optical image. The accumulation of 

small particles is also observed on the electrode in the low-magnification SEM image. 

Accordingly, more detailed investigations were conducted on the morphologies of 

the discharge products in the electrodes, and the results are presented in figure 2.7. 

Compared with the pristine images in figure 2.7.a and d, the surface of the GDL 

electrode only roughened after discharge of the cell without vitamin K2, as shown in 

figure 2.7.b and e, suggesting a thin Li2O2 discharge product deposited on the carbon 

fiber without a particular morphology. However, as shown in figure 2.7.c and f many 

micron-size Li2O2 discharge products were clearly observed on the electrode with 

the addition of vitamin K2, showing the typical toroidal morphology commonly 

observed for solution-route discharge mechanisms. This finding provides clear 

evidence that the solution-route discharge was successfully derived with the use of 

vitamin K2 as an ORR RM. Note that discharge through the solution route is also 

possible with the addition of H2O as an additive in an electrolyte.9, 25 However, the 

H2O contents in both electrolytes, with and without vitamin K2, were confirmed to 

be less than 50 ppm, which is far less than the content necessary to promote the 

solution-phase discharge (200–500 ppm).9, 25 Hence, it is believed that the promotion 

of the solution-phase discharge is solely due to the activity of vitamin K2 as an ORR 
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RM. 

To verify that the increased capacity of the cell containing vitamin K2 is due to the 

formation of Li2O2 and not from any side reactions, the discharge products were 

further investigated using several qualitative analysis methods.34-37 The X-ray 

diffraction patterns in figure 2.8 confirm that the only detectable discharge product 

was Li2O2 without any trace of crystalline byproducts such as Li2CO3 or LiOH. The 

Raman spectroscopy results in figure 2.9.a and infrared (IR) spectroscopy results in 

figure 2.9.b also unequivocally support the conclusion that the main discharge 

product was Li2O2 and not LiOH, Li2CO3, or lithium acetate which are commonly 

detected byproducts in lithium–oxygen batteries.34, 38 For more precise quantification 

of the discharge product, the amount of Li2O2 in the discharged electrode was 

determined by titration using TiOSO4 solution24, 39. Details on the titration 

methodology are presented in the experimental section. The titration in figure 2.10 

revealed that approximately 86% of the total discharge product was Li2O2, which is 

higher than the yield of Li2O2 in typical lithium–oxygen cells without using an ORR 

RM (~78%). The higher Li2O2 yield of the lithium–oxygen cell containing vitamin 

K2 is attributed to that the generation of reactive LiO2 species being significantly 

suppressed with the introduction of vitamin K2 as an ORR RM. It is worth noting 

that the yield of Li2O2 with vitamin K2 is still less than 100 % although oxygen 

consumption efficiency of 99.85 % was measured with gas analysis. It is because the 

surface of small Li2O2 particles is all covered by Li2CO3 due to chemical reactions 

with the electrolyte.40 
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In order to evaluate the use of vitamin K2 as ORR RM, it is required to compare the 

catalytic activity of vitamin K2 with other previously reported RMs.21, 41 For fair 

comparison, galvanostatic discharge experiment were conducted using the same type 

of air-electrode with identical dimension (i.e. the number of stacked GDL sheet and 

electrode area). The discharge profile result with vitamin K2, coenzyme Q, DBBQ 

and several quinone derivatives is shown is figure 2.11. Noticeable is that vitamin 

K2 and DBBQ exhibit remarkable catalytic activity (i.e. increase of discharge 

capacity). Although the performance of vitamin K2 does not reach that of DBBQ, 

vitamin K2 shows outstanding catalytic activity compared to other molecules 

including coenzyme Q which has recently been reported.41 The catalytic activity of 

vitamin K2 superior to that of coenzyme Q is attributed to highly reversible redox 

reaction of vitamin K2 compared to coenzyme Q as demonstrated in figure 2.2, 

which indicates the importance of reversible redox reaction when designing 

successfully working RM. 
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Figure 2.2. (a) Cyclic voltammogram of vitamin K2 in 1 M LiTFSI DME showing 

consistent profile up to 200 cycles, confirming the stability of vitamin K2 and 

reduced vitamin K2 under the electrolyte. (b) Cyclic voltammogram of coenzyme Q 

in 1 M LiTFSI DME showing irreversible redox reaction. 
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Figure 2.3. (a) Cyclic voltammograms of vitamin K2 showing stable redox reaction 

of vitamin K2 in 1 M LiTFSI DME under various scan rates. (b) Cyclic 

voltammograms of vitamin K2 showing the catalytic effect of vitamin K2 under an 

O2 atmosphere with the presence of Li+ ions under a scan rate of 50 mV s-1. 
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Figure 2.4. (a) Discharge profile of the lithium–oxygen cell with and without 

vitamin K2 at various current rates. The discharge capacity is enhanced by 30 times 

with the use of vitamin K2. (b) Enlarged view of (a) showing the discharge capacity 

in the absence of vitamin K2. 
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Figure 2.5. The amount of oxygen consumption during discharge measured by 

tracking change of oxygen pressure. 
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Figure 2.6. Optical images and SEM images of pristine electrode (top) and 

electrodes discharged without vitamin K2 (left) and with vitamin K2 (right). 
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Figure 2.7. SEM images of (a), (d) pristine electrode, (b), (e) fully discharged 

electrode of the cell not containing vitamin K2, and (c), (f) fully discharged electrode 

of the cell containing vitamin K2. With the use of vitamin K2, the morphology of the 

discharge product transformed into toroidal-like particles. 
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Figure 2.8. X-ray diffraction pattern of discharge electrode. 
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Figure 2.9. (a) Raman and (b) IR spectra of electrode discharged with vitamin K2. 
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Figure 2.10. (a) Ultraviolet–visible (UV–vis) spectra for various amounts of Li2O2 

powder (purity of 92.8%). (b) Fitted graph showing proportionality between peak 

intensity at 407 nm and amount of Li2O2 powder (black dots) and the same data for 

an electrode discharged with and without vitamin K2 (orange dots) showing yields 

of 86% and 78%, respectively. The capacities for the electrode samples were 

converted based on the dilution ratio difference between the powder and electrode 

samples. For the electrode without vitamin K2, commercial carbon paper (P50, 

Fuelcellearth) was used. All the titration solutions containing Li2O2 powder or 

discharged electrode were produced as described in the experimental section. 
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Figure 2.11. (a) Galvanostatic discharge profile under current rate of 0.18 mA cm-2 

and (b) bar graph, comparing the catalytic activity of vitamin K2 with that of DBBQ, 

coenzyme Q and other quinone derivatives. All experiments were done with 0.01 M 

of each molecule in 1 M LiTFSI in DME. Vitamin K2 and DBBQ show exceptionally 

better catalytic activity (i.e. discharge capacity) than coenzyme Q and other quinone 

derivatives. (Notations for each species are as follows; BBQ(2-tert-Butyl-1,4-

benzoquinone), MBQ(Methyl-p-benzoquinone), MD(Menadion), CoQ(Coenzyme 

Q)) 
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2.3.3 Mechanism of vitamin K2-mediated discharge 

The proposed mechanism by which the solution-phase discharge is promoted in the 

presence of vitamin K2 is schematically illustrated in figure 2.12. In an ether-based 

electrolyte (with low DN), the discharge is known to proceed as follows (Rxn. (1)–

(3)).8, 10, 42 

O2 + e− → O2
−         (1) 

Li+ + O2
− → LiO2

*       (2) 

LiO2
* + Li+ + e− → Li2O2      (3)  

First, O2 is reduced to O2
−, which subsequently forms LiO2 as an intermediate in the 

presence of lithium ions. Because of the low solubility of LiO2 in low-DN solvent 

(DME), the LiO2 is mostly absorbed on the surface of the electrode as LiO2
* (Rxn. 

(1–2)), followed by the formation of film-like Li2O2 via additional reduction (Rxn 

(3)). However, with the addition of vitamin K2, the vitamin K2 is reduced in the first 

stage of discharge because of its higher redox potential than that of O2 (Rxn (4)). The 

reduced vitamin K2 in the solution phase is thought to immediately combine with 

lithium ions to form a new species, LiVK (Rxn (5)). Vitamin K2 is expressed as VK 

in Rxn. (4–7). 

VK(sol) + e− → VK−
(sol)       (4) 

Li+
(sol) + VK(sol)

− → LiVK(sol)      (5) 

LiVK(sol) + O2 → LiVKO2(sol)      (6) 

LiVKO2(sol) + LiVKO2(sol) → Li2O2(s) + O2(sol) + 2VK(sol)     (7) 

Subsequently, the LiVK species are expected to combine with O2 (Rxn (6)) to from 



４０ 

 

a new intermediate, LiVKO2, two of which undergo disproportionation reactions 

generating Li2O2, O2, and VK, which would trigger the growth of Li2O2 in a toroidal 

morphology in the electrolyte (Rxn (7)). Because the reduction potential of vitamin 

K2 in the presence of Li+ and O2 is lower than the formation potential of Li2O2 (2.96 

V vs. Li/Li+), there is a thermodynamic driving force for the reduced vitamin K2 

species, i.e., LiVKO2 complex, to chemically transfer electrons to Li2O2 seeds whose 

electron energy levels are lower than that of LiVKO2. This process results in the 

formation of large toroidal Li2O2 in electrolyte solution ((2) in figure 2.13). 
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Figure 2.12. Schematic illustrations comparing the mechanism of Li2O2 formation 

with and without vitamin K2. Without the presence of vitamin K2, Li2O2 is formed 

through a surface-absorbed intermediate, LiO2, because of its low stability in a low-

DN solvent. However, with the presence of vitamin K2, Li2O2 is formed in the 

electrolyte solution through disproportionation by generating a new intermediate, 

which is stable even in low-DN solvent. 
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Figure 2.13. Electron energy (redox potential) diagram related to the working 

mechanism of vitamin K2. Because vitamin K2 has a higher redox potential than O2 

in the presence of both Li+ and O2, it is reduced by an electron from the electrode 

before O2. Then, because of the difference in electron energy in LiVKO2 and Li2O2, 

the electron flow is thermodynamically driven from LiVKO2 to Li2O2 while forming 

Li2O2 in the solution. 

 

  



４３ 

 

2.3.4 Charging the cell discharged with vitamin K2 

To test the practical viability of employing the vitamin K2 ORR RM that yields a 

large toroidal Li2O2 discharge product, a dual RM-based lithium–oxygen cell was 

constructed.43 Note that the use of an oxygen evolution reaction (OER) RM is 

indispensable in this case because the large toroidal Li2O2 particles are formed inside 

the pore of the electrode, which has a limited surface area and poor electrical contact. 

Indeed, in our own experiment in figure 2.14, the charge process without the OER 

RM was barely possible. TEMPO was introduced as the OER RM in our lithium–

oxygen cell to examine the feasibility of decomposing the Li2O2 produced by the 

vitamin K2 mediator.44 Before the cell test, the compatibility of the two RMs, vitamin 

K2 and TEMPO, was first tested as shown in figure 2.15. The redox reactions of both 

mediators were stable in the presence of each other, and no other side reactions were 

observed in the operating voltage range, implying that vitamin K2 and TEMPO can 

function independently in the same cell. Figure 2.16 presents the galvanostatic 

charge and discharge profiles of the dual RM cell with current density of 0.18 mA 

cm-2. The cell could be charged and discharged without a noticeable change of the 

profile for multiple cycles. The charging of the cell by TEMPO mainly involved the 

evolution of O2 as a gas product, as demonstrated with the differential 

electrochemical mass spectroscopy (DEMS) analysis in figure 2.17. The evolution 

of O2 coincided with the time of cell charging but was also detected even after the 

end of charge because the unreacted oxidized TEMPO remained at the end of charge 

and required more time to diffuse to the residual Li2O2 to decompose.45  Figure 2.18 
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present SEM images of the electrode discharged to ~ 0.7 mAh cm-2 and the charged 

electrode with the same amount of charge ~ 0.7 mAh cm-2, respectively. With the 

vitamin K2 and TEMPO, the discharge product formed was toroidal Li2O2 and was 

completely decomposed after the charge process. UV-vis titration method using 

TiOSO4 solution also supports that the Li2O2 is completely decomposed by TEMPO 

during charge. White color of the sample solution prepared by charged electrode 

clearly shows the absence of Li2O2 after charge.(figure 2.19) These results support 

the viability of a lithium–oxygen battery system operated via the redox-mediated-

solution-based formation and decomposition of Li2O2, where the surface area of the 

air electrode is no longer an issue. Although carbon air electrodes with high surface 

area are vulnerable to side reactions with Li2O2 or carbon corrosion, which leads to 

the accumulation of an irreversible product such as Li2CO3, 46-49 it is possible to use 

air electrodes with low surface area in all redox-mediated lithium–oxygen batteries 

because the main discharge/charge processes occur in the solution with little 

dependence on the air-electrode morphology. Accordingly, in such a system, the 

development of a carbon air electrode with high stability (low surface area) and a 

geometry that promotes facile diffusion of RMs should be the aim of the further 

research. Additionally, the introduction of an all redox-mediated lithium–oxygen 

battery system makes lithium–oxygen batteries more flexible in terms of the cell-

configuration design. For instance, as recently proposed, the redox flow type of 

lithium–oxygen batteries can be more thoroughly considered, where the site for the 

electrochemical reaction (reduction or oxidation of the RM at the electrode) is 
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separated from the site for chemical reaction (generation or decomposition of Li2O2 

by the RM).50, 51 
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Figure 2.14. Inability to charge the cell containing only vitamin K2. Because of the 

poor contact of the discharge product with the electrode, it was rarely possible to 

decompose (charge) via direct electron conduction through the electrode surface. 

 

  



４７ 

 

 

Figure 2.15. Cyclic voltammograms under scan rate of 50 mV s-1 showing that 

vitamin K2 and TEMPO can undergo redox reactions independently in the presence 

of each other. 
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Figure 2.16. Galvanostatic profile of Li–O2 cell with current density of 0.18 mA cm-

2 containing vitamin K2 (0.01 M) and TEMPO (0.1 M). 
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Figure 2.17. Analysis of gas evolved during the charge process showing the 

evolution of oxygen due to decomposition of Li2O2 with TEMPO 

  



５０ 

 

 

Figure 2.18. SEM image of the electrode from the cell containing vitamin K2 and 

TEMPO after (a) discharge to 0.7 mAh cm-2 and (b) charge to the same capacity. 
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Figure 2.19. (a) Digital photo of the solutions for UV-vis titration prepared by 

discharged and charged cells. The solutions were prepared using air electrode and 

separator together with H2O and TiOSO4 solution as explained in experimental 

section. Considering the yellow color of the solution is indication of Li2O2, it is 

shown that Li2O2 was clearly decomposed during charge. (b) UV-vis absorption 

spectrum of the solutions. Peak intensity at 407 nm is assigned to the yellow color 

from [Ti(O2)]2+ complex in the solutions. 
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2.4 Concluding remarks 

In summary, we successfully decoupled the charge–carrying redox property of RMs 

and the shuttling phenomenon by introducing a polymer–based RM, PTMA, where 

the typical charge carrying by mass diffusion in the electrolyte was replaced by 

charge carrying by electron transfer between polymer chains while retaining the 

redox–mediating capability. The suppression of shuttling was enabled by anchoring 

of TEMPO in the form of PTMA at an air electrode with reduced solubility. The 

stability of lithium metal and the efficiency of RM–assisted Li2O2 decomposition 

were substantially improved by inhibiting the migration of the RMs within the 

PTMA polymer. Consequently, the sustainable use of RMs was achieved, leading to 

significantly improved electrochemical performance of the RM–containing lithium–

oxygen cell. This study suggests a new pathway for the more effective use of RMs 

in lithium–oxygen batteries, regulating the transport of the RMs without 

compensating for their redox–mediating capability.  
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Chapter 3. Investigation on the fundamentals of 

redox mediators 

3.1 Understanding fundamental aspects of redox mediator for 

oxygen reduction reaction  

3.1.1 Research Background 

With a widespread employment of energy storage system and increasing market 

size, world demands higher performance standard and requires the development of 

next-generation energy storage systems, especially whose energy density surpasses 

that of a conventional lithium-ion battery.1, 2 Triggered by such demand, a worldwide 

effort has been continued to develop post battery systems with high energy density 

such as metal-air batteries,3-7 metal-sulfur batteries,3, 8-10 and organic batteries.11, 12 

Among them, lithium-oxygen batteries have received much attention owing to their 

extremely high theoretical energy density of 3500 Wh kg-1 attributed to the use of 

light oxygen molecules as redox-active materials.4, 13, 14 The reaction chemistry of 

the lithium-oxygen battery is based on the formation of insulating solid discharge 

product (i.e. lithium peroxide, Li2O2) initiated by an electrochemical oxygen 

reduction reaction (ORR).6 The electrochemical formation of lithium peroxide leads 

to the coverage of an electrode surface by a solid product and its insulating nature 

consequently causes electrode passivation and premature cell death (i.e. end of 
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discharge).15, 16 Such inevitable electrode passivation prevents lithium-oxygen 

battery from achieving a truly high energy density. 

To circumvent problematic electrode passivation during ORR, redox-mediating 

catalysts, so-called redox mediators (RMs) have been recently introduced.17-20 On 

RM-mediated ORR, RMs are reduced instead of oxygen molecules due to their 

higher redox potential (electrochemical electron transfer (ET) step). Then, they 

chemically transfer an electron to oxygen with reducing oxygen to the final discharge 

product of lithium peroxide (chemical ET step), while reduced RMs returning back 

to their neutral form. Because the chemical ET between reduced RMs and oxygen 

chemically occurs away from the electrode surface, RM-mediated ORR could 

suppress the electrode passivation leading to much-prolonged discharge time and 

thereby, enhanced discharge capacity.19-21 Although several classes of materials such 

as quinones19-23 and viologens24, 25 have been reported to show catalytic activity as 

RMs for ORR, the researches mostly focused on the demonstration of catalytic 

performance of individual RMs. However, a fundamental study such as kinetic and 

mechanistic investigation in catalytic reaction has not been paid attention to. When 

it comes to the performance of catalysts, fundamental aspects are known to play a 

critical role. For example, catalytic kinetics and catalyst-driven reaction path governs 

the efficiency of water-splitting catalysts.26-28 Likewise, kinetics of oxygen evolution 

reaction catalyst for lithium-oxygen batteries is closely related to the power 

capability of the system.17, 29-31 Accordingly, the investigation on fundamental feature 

would be essential step to develop highly efficient RMs and further, lithium-oxygen 
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batteries with truly high energy density. 

Here, we conducted a comparative study employing various derivatives of 

benzoquinone family taking advantage of its chemical diversity. By measuring the 

kinetics of the catalytic reaction, we found that the distinct kinetics of quinones is 

fully interpretable by the Marcus theory coupled with consideration on steric 

hindrance. Based on the observed steric effect in kinetics, we concluded that the RM-

mediated ORR occurs via inner-sphere ET with confirming the presence of the 

intermediate state. To investigate how kinetics determine the catalytic performance 

(i.e. increase in discharge capacity), we conducted a galvanostatic discharge 

experiment. Volcano behavior was clearly observed in the relationship between 

kinetics vs. performance, which indicates the intermediate kinetics region achieves 

most enhanced discharge capacity by effectively forming a discharge product and 

preventing surface passivation simultaneously. This study provides fundamental 

understanding in terms of kinetics and mechanism and also reveals the correlation 

between an intrinsic property (i.e. kinetics) and extrinsic property (i.e. catalytic 

performance). The findings in this study will suggest a guideline for the design of 

highly efficient RMs which is a key to realize lithium-oxygen batteries with truly 

high energy density. 
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3.1.2 Experimental Method 

3.1.2.1 Material preparation  

Tetraethylene glycol dimethyl ether (TEGDME, ≥ 99%, Sigma-Aldrich) used as 

organic solvent for the electrolyte was dried for more than 2 days with a molecular 

sieve (type 3Å, Sigma-Aldrich). The bis(trifluoromethane)sulfonimide lithium salt 

(LITFSI, > 99.95%) was purchased from Sigma-Aldrich. It was dried for more than 

2 days at 180 °C under vacuum. Benzoquinone derivatives, Methyl-p-benzoquinone, 

2,5-Dimethyl-1,4-benzoquinone, Duroquinone, Thymoquinone, 2-tert-Butyl-1,4-

benzoquinone, 2,5-Di-tert-butyl-1,4-benzoquinone, 2,6-Di-tert-butyl-1,4-

benzoquinone, 2,5-Di-tert-octyl-1,4-benzoquinone, and 2,5-Dichloro-1,4-

benzoquinone were purchased from Sigma-Aldrich and used as received. 2-Phenyl-

1,4-benzoquinone, 2,3,5-Trimethyl-1,4-benzoquinone were purchased from Tokyo 

chemical industry and 2,5-Di-phenyl-1,4-benzoquinone was purchased from Santa 

Cruz biotechnology. Quinones were used as received. 1 M of LiTFSI was dissolved 

in TEGDME solvent to produce quinone-free electrolyte. Quinone-containing 

electrolyte was made by additionally dissolving 1 or 10 mM of each quinone. The 

final water content of all electolyte was confirmed to be less than 50 ppm by Karl 

Fischer titration). Before used as air electrode, gas diffusion layer (H23, Freudenberg) 

was heat-treated at 900 °C for 3 hours with Ar:H2 (95:5 volume ratio) atmosphere. 

Lithium iron phosphate (LFP) electrode was fabricated by coating slurry on Al foil. 

The slurry was prepared by mixing LFP powder, polyvinylidene fluoride, and super 

P with the weight ratio of 90:7:3 into 1-methyl-2-pyrrolidinone. Before used as 
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separator, glass fiber (GF/D, Whatman) was washed with acetone and dried at 70 °C 

under vacuum for more than a day.  

3.1.2.2 Lithium-oxygen cell assembly  

To construct lithium-oxygen cell, swagelok-type cell was used. A sheet of gas 

diffusion layer was used as air electrode. A sheet of glass fiber and LFP electrode 

was used as separator and counter electrode, respectively. Air electrode, separator, 

and counter electrode was prepared to have a diameter of 1/2 inch. The amount of 

electrolyte used in assembling the cells was 200 μl. After cell assembly in Ar-filled 

glove box (O2 lever < 0.1 ppm and H2O level < 0.1 ppm), the atmosphere of empty 

space above air electrode was changed to O2 (> 99.999%) and the cells were operated 

as closed. 

3.1.2.3 Electrochemical analysis and characterization 

For cyclic voltammetry three-electrode beaker cell was used. Gold electrode and 

platinum wire was used as working and counter electrode, respectively. For reference 

electrode, 0.01 M Ag/Ag+ in acetonitrile was used. For linear sweep voltammetry, 

glassy carbon rotating disk electrode, and rotating ring disk electrode with glassy 

carbon disk and Pt ring (PINE research) were used as working electrodes, and the 

same counter and reference electrode as cycling voltammetry experiment was used. 

To rotate electrodes, the rotator (PINE research, AFMSRCE) was employed. For 

cyclic voltammetry and galvanostatic discharge experiment, a potentiostat (WonA 

Tech, WBCS 3000) was employed. For linear sweep voltammetry with RDE and 

RRDE, bi-potentiostat (Biologics, VSP-300) was employed. To calculate diffusivity 
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and heterogeneous electron transfer rate from RDE profile, kinematic viscosity was 

measured by viscometer (Cannon-Fenske Routine Viscometer, Cannon Instrument 

Company) For the observation on the electrode surface, field-emission scanning 

electron microscopy (SUPRA 55VP, Carl Zeiss) was used. The characterization on 

discharged electrode was conducted by X-ray diffractometer. (D2 phaser, Bruker) 

3.1.2.4 Calculation detail 

Density functional theory (DFT) based quantum mechanics calculation was 

conducted for geometry optimization, and energy evaluation, which was carried out 

by Gaussian 09 software package.32 All of calculations was spin-unrestricted 

calculation at the Becke-Lee-Yang-Parr (B3LYP) level of theory33-35 with basis set 

6-311G.36, 37 All of structures was confirmed by absence of imaginary frequencies. A 

polarizable continuum model (PCM)38, 39 was used to describe solvation effect of 

TEGDME solvent. 
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3.1.3 Results and Discussions 

3.1.3.1 The principles of redox mediator for the oxygen reduction 

reaction 

Figure 3.1 shows the energy levels relating to the working mechanism of RMs. As 

a first step of RM-mediated ORR, RMs are electrochemically reduced earlier than 

oxygen molecule due to their higher potential than that of O2/O2
-, which is followed 

by an instant formation of LiRM complex. (reaction 1, electrochemical ET) Then, 

reduced RMs chemically transfer an electron to oxygen with reducing it to lithium 

peroxide whose redox potential is 2.96 V vs. Li/Li+ (reaction 2, chemical ET). Giving 

electron to oxygen, reduced RMs are oxidized back to neutral form and it participates 

in the following catalytic cycle. The deviation of the redox potential of RMs from 

2.96 V is the driving force for chemical ET.  

Li+ + RM + e- → LiRM (electrochemical ET) - reaction 1 

2LiRM + O2 → 2RM + Li2O2 (chemical ET) - reaction 2 

Considering the basic energy relationship between RMs, oxygen, and lithium 

peroxide, the redox potential of RMs should be located between that of O2/O2
- and 

lithium peroxide. To investigate fundamentals on RMs, a comparative study is to be 

conducted employing benzoquinone family selected due to its versatility in chemical 

structure. A molecular structure of 12 benzoquinone derivatives is shown in figure 

3.2 with 12 distinct colors assigned to each quinone. Figure 3.3 shows the overlay of 

cyclic voltammetry (CV) profiles of quinones with the CV profile of oxygen 

reduction (black line) and the potential of lithium peroxide (dotted line) plotted 



６８ 

 

together. The experiment was conducted with 1 M LiTFSI tetraethylene glycol 

dimethyl ether (TEGDME) containing 10 mM of each quinone under the Ar 

atmosphere with the scan rate of 50 mV s-1. All quinones exhibit reversible redox 

reaction ensuring the basic requirement for RMs. In terms of redox potential, all 

candidates except DCBQ have redox potential located within the boundary, (Table 

3.1) which suggests all quinones but DCBQ satisfy the redox potential requirement. 
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Figure 3.1. Energy relationship during oxygen reduction reaction with a redox 

mediator. Electrochemical reduction of quinone occurs, followed by chemical 

electron transfer to oxygen to form lithium peroxide. 
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Figure 3.2. Benzoquinone candidates with various functional groups. 12 different 

colors were assigned to each quinone. Each abbreviation denotes following quinones: 

MBQ (Methyl-p-benzoquinone), DMBQ (2,5-Dimethyl-1,4-benzoquinone), TMBQ 

(2,3,5-Trimethyl-1,4-benzoquinone), DQ (Duroquinone), TQ (Thymoquinone), 

BBQ (2-tert-Butyl-1,4-benzoquinone), 25DBBQ (2,5-Di-tert-butyl-1,4-

benzoquinone), 26DBBQ (2,6-Di-tert-butyl-1,4-benzoquinone), DOBQ (2,5-Di-

tert-octyl-1,4-benzoquinone), PBQ (2-Phenyl-1,4-benzoquinone), DPBQ (2,5-Di-

phenyl-1,4-benzoquinone), and DCBQ (2,5-Dichloro-1,4-benzoquinone). 
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Figure 3.3. Cyclic voltammetry profile of quinones at the scan rate of 50 mV s-1. 1M 

LiTFSI TEGDME electrolyte containing 10 mM of quinone was used as an 

electrolyte. 
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Table 3.1. The redox potential of quinones obtained from cyclic voltammetry. 
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3.1.3.2 The catalytic activity of quinones and its kinetics 

To confirm catalytic activity, the redox behavior in an oxygen atmosphere was 

observed and compared with that in Ar atmosphere. Figure 3.4 are CV profiles of 

quinones under the same experimental condition as used in figure 3.3. Grey and 

black line is the CV profiles of blank electrolyte under Ar and O2 atmosphere, 

respectively, and darker and lighter line of each characteristic color is the CV profile 

of Q-containing electrolyte under Ar and O2 atmosphere, respectively. In all cases 

except DCBQ, the cathodic current from quinone reduction in the O2 atmosphere 

increased compared to that in the Ar atmosphere. It is because that quinone 

undergoes the series of electrochemical, chemical, and electrochemical reaction 

(ECE mechanism)40; quinone undergoes electrochemical reduction followed by 

chemical oxidation with catalytic reaction and electrochemically reduced again at an 

electrode. Accordingly, the current increase indicates the presence of catalytic 

activity and it suggests that all quinones with appropriate redox potential shows the 

activity.19, 20 It is noticeable that the amount of current increase depends on the type 

of quinone species. For example, MBQ and TQ show ~2 and ~3 times of current 

increase, respectively. On the other hand, PBQ exhibits only a slight amount of 

increase. We suppose the amount of current increase is intimately linked with the 

kinetics of the catalytic reaction. To investigate the catalytic reaction in more detail, 

especially in terms of the kinetics, we performed linear sweep voltammetry (LSV) 

coupled with a rotating ring disk electrode (RRDE).41-43 The experiment was 

performed with 1 M LiTFSI TEGDME electrolyte containing 1 mM of quinone 
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under the O2 atmosphere. The disk potential was scanned with the rate of 10 mV s-1
 

and the ring potential was fixed at 3.5 V (vs. Li/Li+) to ensure the overpotential high 

enough to generate mass transport-limited anodic current.40 Figure 3.5 is the 

schematics showing the reactions occurring at the surface of RRDE. With sweeping 

disk potential, quinone starts to be reduced at disk electrode generating disk current 

(Id). Reduced quinone drifts out toward ring disk owing to electrolyte flux made by 

electrode rotation and it is oxidized at ring electrode generating ring current. (Ir) 

While reduced quinone drifted from disk to ring electrode, it instantly undergoes a 

chemical reaction with surrounding oxygen molecules, which ends up a decrease in 

the amount of reduced quinone reaching to ring electrode and thus, a decrease in Ir. 

Accordingly, the ratio of Ir to Id (Ir/Id), also referred to as kinetic collection efficiency 

(Nk) is directly influenced by the rate of a chemical reaction.41, 43, 44 Consequently, 

the measurement of Nk enables measurement and comparison on the rate of chemical 

ET step. (reaction 2) The obtained Ir, Id, and Nk profiles for quinones are shown in 

figure 3.6. The deviation of disk potential from theoretical redox potential of each 

quinone (Table 3.1) was used for comparison. It is observed that the magnitude of 

Nk is largely dependent on the types of quinone species as expected from the current 

increase behavior in CV profiles. Note that Nk was averaged in the potential range 

low enough (Edisk-E0 < -0.1 V) for Nk to be stabilized and however, not too low (-

0.15 V < Edisk-E0) so that the second reduction of quinone to Q2- does not occur. The 

obtained Nk for all quinones are listed is figure 3.7 and the exact value is shown in 

Table 3.2. The dotted line denotes the Ntheoretical value of 0.144 measured under the 
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environment where reduced species does not chemically react during the flight from 

disk to ring electrode. (Figure 3.8) Slower kinetics yields Nk value closer to Ntheoretical 

and faster kinetics yields Nk value closer to zero.41, 44 As can be seen in figure 3.7, 

the kinetics of chemical ET of quinones is widely distributed depending on the type 

of quinone. 
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Figure 3.4. Cyclic voltammetry profiles quinones in Ar and O2 atmosphere. 1M 

LiTFSI TEGDME with 10 mM of each quinone and the scan rate of 50 mV s-1 were 

used. A distinct amount of current increase in O2 atmosphere which is related to the 

catalytic activity was observed. 
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Figure 3.5. Schematics showing the reactions occurring at rotating ring disk 

electrode. At disk electrode quinone is reduced and drifts out to ring electrode where 

reduced quinone is oxidized. 
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Figure 3.6. Linear sweep voltammetry profile with rotating ring disk electrode. 1M 

LiTFSI TEGDME containing 1 mM of quinone and the scan rate of 10 mV s-1 were 

used. Ring current, disk current, and kinetic collection efficiency (ratio of two 

current) were shown. 
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Figure 3.7. Kinetic collection efficiency of all quinones showing a wide range of 

distribution. 
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Table 3.2. Kinetic collection efficiency of quinones obtained by the ratio of ring 

current to disk current in the RRDE experiment. 
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Figure 3.8. Linear sweep voltammetry profile with RRDE of PBQ under Ar 

atmosphere. Theoretical maximum collection efficiency was obtained. 
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3.1.3.3 The dependence of kinetic parameters on the kinetics of redox 

mediators 

To study the factors governing the kinetics of chemical ET, a possible dependence 

between various kinetic parameters and Nk was investigated. Ring disk electrode 

(RDE) with LSV experiment was employed to measure a diffusivity (D) and 

heterogeneous electron transfer rate (k0).40, 45, 46 RDE experiment was conducted with 

the same electrolyte and scan rate as the RRDE experiment. Figure 3.9 is LSV 

profiles of quinones with various rotating speeds. According to the Levich equation, 

the plot of (rotating speed, ω)1/2 vs. (limiting current, iL) shows a linear relationship 

whose slope enables diffusivity calculation.40 Figure 3.10 shows the plot of ω 1/2 vs. 

iL and its linear fitting line for all quinones. Diffusivity was calculated based on the 

slope of the fitting line and listd in Table 3.3. The other kinetic parameter, k0 was 

also measured using the Koutecky-Levich equation. According to the equation, the 

y-intercept of a linear fitting line from the plot of ω -1/2 vs. i-1 indicates kinetic current 

(ik).40 Figure 3.11 is the plot of ω -1/2 vs. i-1 at various overpotential (η). Then, we 

calculated k0 as y-intercept of the linear fitting in the Tafel plot as shown in figure 

3.12.40 The calculated k0 value are shown in Table 3.4. (See supplement note for 

more detailed explanation on the relating equations and calculation of diffusivity and 

heterogeneous electron transfer rate using RDE) As shown in figure 3.13 and 3.14, 

neither D nor k0 show a clear dependence on Nk. It implies that D and k0 are not the 

factors governing the kinetics of chemical ET. Rather, the other factor, such as 
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driving force (i.e. energy difference between reactants and product) would govern 

the kinetics of chemical ET. 
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Figure 3.9. LSV profile with RRDE at various rotating speeds. 1M LiTFSI 

TEGDME with 1 mM of quinone and the scan rate of 10 mV s-1 were used. 
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Figure 3.10. The plot of (rotating speed)1/2 vs. limiting current and linear fitting line. 

Diffusivity can be calculated by the slope of the fitting line. 
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Table 3.3. Diffusivity of quinones. It was calculated by the RDE experiment with 

various rotating speeds. 
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Figure 3.11. The plot of (rotating speed)-1/2 vs. current-1 profile of quinones at various 

overpotential and linear fitting lines whose y-intercept indicates ik
-1. 
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Figure 3.12. The plot of overpotential vs. log(ik) and linear fitting line whose y-

intercept indicates log(i0). 
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Table 3.4. Heterogeneous electron transfer rate constant for quinones. It was 

calculated by the RDE experiment. 
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Figure 3.13. The dependence of diffusivity on catalytic kinetics. 
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Figure 3.14. The dependence of heterogeneous electron transfer rate on catalytic 

kinetics. 
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3.1.3.4 Marcus theory: steric effect and inner-sphere electron transfer 

The dependence of Nk on the driving force is shown in figure 3.15. Driving force 

is expressed as the deviation of quinone redox potential from the formation potential 

of lithium peroxide. (figure 3.1) Interestingly, the relationship between kinetics (Nk) 

and driving force is shown to generally follow the Marcus theory. In the classical 

Marcus theory, the correlation between the kinetics of outer-sphere ET and driving 

force is simply expressed according to 

𝑘𝑒𝑡 = 𝐴𝑒
−∆𝐺‡

𝑘𝐵𝑇           Equation 1 

∆𝐺‡ =
𝜆

4
(1 −

−∆𝐺0

𝜆
)2    Equation 2 

where 𝑘𝑒𝑡 is the rate constant of chemical ET, 𝐴 is collision factor, ∆𝐺‡ is the 

activation free energy (‡ denotes transition state), 𝑘𝐵 is Boltzmann constant, 𝑇 is 

the absolute temperature, ∆𝐺0  is the energy difference between reactants and 

product, and 𝜆  is the summation of solvational and vibrational reorganization 

energy.47 Note that the magnitude of ∆𝐺0 , (i.e. −∆𝐺0 ) is the driving force. 

According to equation 1 and 2, two key messages of Marcus theory on the kinetics 

of outer-sphere ET are as follows; 1) the rate of outer-sphere ET enhances with 

increasing −∆𝐺0  until −∆𝐺0  reaches to 𝜆 , and 2) once −∆𝐺0  exceeds 𝜆 , the 

rate of outer-sphere ET decreases with increasing −∆𝐺0 . Here, the region 

corresponding to the situation of 2) is termed ‘Marcus inverted region’.47, 48 In figure 

3.15, when 0 eV < −∆𝐺0 < 0.35 eV, the kinetics of ET generally enhances with 

increasing −∆𝐺0 . On the other hand, when 0.35 eV < −∆𝐺0 , the kinetics 
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decreases with increasing driving force. We suppose the region of 0.35 eV < −∆𝐺0 

is 'Marcus inverted region'. Notable is that there are several points not explainable 

by the classical Marcus theory assuming outer-sphere ET. Despite their higher 

driving force, 25DBBQ and DOBQ exhibit slower kinetics than DMBQ and TQ and 

even slower than those in the inverted region. It implies the kinetics of chemical ET 

between LiQ and O2 (reaction 2) cannot be fully understood based on the assumption 

that it is outer-sphere ET. Accordingly, we assume here that reaction 2 is not a simple 

outer-sphere ET, and rather inner-sphere ET. Inner-sphere ET refers to the reaction 

in which the electron transfer from one to the other occurs via the formation of tightly 

bound intermediate species.49, 50 In this case, not only the driving force but also the 

redox center and a molecular structure of reactants concurrently affect the rate of 

ET.30, 51 Considering that all materials here have the same redox center as quinone, it 

is expected that a molecular structure would influence the kinetics and thereby, 

enabling the interpretation on the kinetics of 25DBBQ and DOBQ. The effect of a 

molecular structure is generally handled as steric hindrance, the magnitude of which 

can be quantified as A-value.52 Figure 3.16.a shows the A-value of several functional 

groups contained in DMBQ, TQ, 25DBBQ, and DOBQ.53 Note that the A-value of 

octyl- is estimated to be larger than that of butyl-. Figure 3.16.b shows the magnitude 

of the steric hindrance of quinone molecules esmitated based on A-value, which 

increases in the order of DMBQ, TQ, 25DBBQ, and DOBQ. Interestingly, the order 

of steric hindrance well matches with the order of kinetics. In other words, the 

molecule with a more sterically hindered functional group shows more sluggish ET 
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kinetics. Such phenomena is referred to as ‘steric effect’.54, 55 It is because the steric 

hindrance of the reactant interrupts the formation of an intermediate state during 

inner-sphere ET.55 For this reason, the presence of a steric effect has been considered 

a probe for inner-sphere ET.51 Therefore, we concluded that the nature of chemical 

ET (reaction 2) is inner-sphere ET rather than a simple outer-sphere ET. Furthermore, 

we suggest that three reactants, LiQ and O2 form tightly bound intermediate species 

during inner-sphere ET. 
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Figure 3.15. The dependence of catalytic kinetics on driving force, which is 

explained by Marcus theory and steric effect. The shaded area denotes inverted 

region. 
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Figure 3.16. (a) several functional groups’ A-value that quantifies the magnitude of 

steric hindrance.53 (b) the order of steric hindrance of DMBQ, TQ, 25DBBQ, and 

DOBQ. 
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3.1.3.5 Reaction mechanism: a significance of inner-sphere electron 

transfer 

To elucidate the significance of inner-sphere ET and the presence of an intermediate 

state, reaction chemistry needs to be considered in detail. The chemical ET step 

(reaction 2) includes three reactants, two LiQs, and O2. From the perspective of 

collision probability, it is rational to suppose that three reactants react by two-step 

two-body reactions, rather than one-step three-body reaction. Given that serial two-

body reaction occurs, the first two-body reaction is either reaction 3 or reaction 4. 

Note that ET does not occur either in reaction 3 or reaction 4. 

LiQ + O2 → LiQO2 - reaction 3 

2LiQ → Li2Q2 - reaction 4 

DFT calculation confirmed reaction 3 is more feasible among two possible paths and 

defined the stable configuration of LiQO2. (Figure 3.17) Following the formation of 

LiQO2, the second two-body reaction is expected to occur as reaction 5.  

LiQO2 + LiQ → 2Q + Li2O2 (chemical ET) - reaction 5 

Considering the chemical ET occurs during the second two-body step (reaction 5), 

we suppose that reaction 5 corresponds to an inner-sphere ET reaction, and two 

reactants, LiQO2 and LiQ form a tightly bound intermediate species of LiQO2LiQ. 

Consequently, we found that the lithium peroxide formation by two LiQs and O2 

proceeds by serial two-body reactions initiated by LiQO2 generation, and we, for the 

first time, demonstrated the presence of intermediate species in RM-based catalytic 
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reaction. The schematics in figure 3.18 summarizes reaction mechanism during RM-

mediated ORR. 
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Figure 3.17. DFT calculation result showing the stable formation of LiQO2 species. 

Reduced state of several representative quinones (a) DMBQ, (b) 25DBBQ, and (c) 

26DBBQ form stable complex with Li+ to form LiQ. Then it is followed by the 

formation of LiQO2 complex. (d) two LiQ complexes do not form stable complex 

between two. 
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Figure 3.18. Schematics showing the reaction mechanism of redox-mediated 

discharge in lithium-oxygen batteries.  
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3.1.3.6 The implication of kinetics in the performance of lithium-oxygen 

cell 

As shown in figure 3.7, the kinetics exhibits quite a wide variation depending on 

the type of quinone. To investigate the impact of kinetics in the performance of 

catalysts (i.e. delaying electrode passivation and enhancing discharge capacity), a 

galvanostatic discharge experiment was conducted. 1M LiTFSI TEGDME 

containing 10 mM of each quinone was used as an electrolyte. For the air electrode 

and anode, H23 carbon paper and lithium iron phosphate were used, respectively. 

Figure 3.19 is galvanostatic profiles obtained with the current density of 0.2 mA cm-

2. The profiles of quinone-containing cells are plotted as solid lines with 

characteristic color assigned to each quinone. A dotted line is the profile of the 

quinone-free cell. The distinct voltage plateau for each quinone is observed due to 

characteristic redox potential. Not only the voltage, however, but also the discharge 

capacity is shown to largely depend on the type of quinone. To study a influence of 

kinetics on discharge capacity, discharge capacity and Nk were displayed together in 

figure 3.20. Note that average discharge capacity and standard deviation was 

obtained by 3 times of discharge experiment. (Table 3.5) Surprisingly, volcano 

behavior is found in the relationship between kinetics and performance, which means 

not low or high kinetics, but intermediate kinetics results in the best catalytic 

performance. It is a similar phenomenon observed in the field of heterogeneous 

catalysts where binding energy of catalysts toward reactants and performance shows 

a similar trend.28, 56, 57 We categorized quinones into three groups to elucidate how 
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kinetics and performance create volcano behavior. Group 1 includes MBQ, BBQ, 

PBQ, DPBQ, all of which show slow kinetics and limited capacity. 25DBBQ and 

DOBQ with intermediate kinetics and high capacity belong to group 2. Lastly, group 

3 includes the rest, DMBQ, TMBQ, DQ, TQ, 26DBBQ, all of which have fast 

kinetics and relatively lower capacity than group 2. Because the discharge capacity 

is strongly related to surface passivation, scanning electron microscopy (SEM) was 

used to observe electrode surface. Figure 3.21 are SEM images of fully discharged 

electrodes with representative quinones from each group. For the quinone in slow 

kinetic region, (MBQ, group 1) SEM image at low magnification does not show 

much difference from the images of pristine electrode and the electrode discharged 

without quinone as shown in figure 3.22. High magnification image reveals that the 

electrode surface is passivated by film-like discharge products the same as a quinone-

free case. It implies that quinones in group 1 have limited capability to form 

discharge products owing to their sluggish catalytic kinetics, and thus not preventing 

electrode passivation and leading to low capacity. For the quinone in intermediate 

kinetic region, (25DBBQ, group 2) totally different images of the electrode were 

obtained. In low magnification SEM image, it is clearly shown that the discharge 

product fills void space between fibers, which is indicative of much-boosted 

discharge capacity. SEM image with higher magnification confirms the morphology 

of discharge product as toroid-shaped, which was analyzed as lithium peroxide by 

X-ray diffraction as shown in figure 3.23. It is worth noting that the electrode surface 

not passivated is observed in a high magnification image even after the end of 
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discharge. We suppose that quinones in group 2 have kinetics fast enough to form 

toroidal discharge products so that they suppress electrode passivation and enable 

prolonged discharge. Lastly, for the quinone in fast kinetic region, (TMBQ, group 3) 

electrode image with low magnification shows that unlike group 2, no discharge 

product presents in void space in spite of fast kinetics. Higher magnification SEM 

images reveal that the electrode surface is all covered by the toroidal discharge 

products. It implies that quinones in group 3 have enough kinetics to form toroidal 

discharge products. However, kinetics is too fast compared with group 2 so that it 

triggers the rapid formation of discharge products in the vicinity of electrode surface, 

which causes surface passivation. SEM images of other quinones in group 1, group 

2, and group 3 are shown in figure 3.24 and 2.25. How intrinsic kinetics determines 

extrinsic catalytic performance (i.e. enhancement of discharge capacity) is 

schematically illustrated in figure 3.26 and can be summarized as follows. 1) 

Quinones with limited kinetics fail to suppress electrode passivation and leads to low 

capacity, 2) Quinones with moderate kinetics efficiently form discharge product 

while preventing electrode passivation, and thereby continuing discharge, and 3) 

Quinone with excessive kinetics form discharge product too rapidly and rather 

passivates electrode surface resulting in limited capacity. 
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Figure 3.19. Galvanostatic discharge experiment profiles under the current density 

of 0.2 mA cm-2. 1M LiTFSI TEGDME containing 10 mM of quinone was used as an 

electrolyte. 
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Figure 3.20. The relationship between discharge capacity and catalytic kinetics 

showing volcano behavior. Quinones are grouped into three depending on their 

discharge capacity. 
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Table 3.5. Discharge capacity with average and standard deviation. The 

galvanostatic discharge experiment was conducted three times. 
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Figure 3.21. Scanning electron microscopy images of a representative quinone from 

each group; MBQ from group 1,(left) 25DBBQ from group 2,(mid) and TMBQ from 

group 3.(right) 
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Figure 3.22. SEM images of the electrode before discharge and discharged without 

quinone. The surface of the electrode discharged without quinone is passivated by a 

film-like discharge product. 
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Figure 3.23. X-ray diffraction pattern of discharged electrode in quinone-containing 

cells confirmed that the toroidal discharge product is lithium peroxide. 
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Figure 3.24. (a) SEM images of quinone included in group 1. In all three quinones, 

BBQ, PBQ, DPBQ, low magnification SEM images show not much difference from 

the quinone-free case. A higher magnification image shows that the formation of 

toroidal discharge products is limited so that electrode is passivated without 

achieving high discharge capacity. (b) SEM images of DOBQ (group 2). Low 

magnification SEM images show consistent result with 25DBBQ case, the formation 

of discharge product filling void space between fibers. 
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Figure 3.25. SEM images of quinone belonging to group 3. In all cases, the 

formation of the discharge product was observed. However, the discharge product 

covers the electrode surface, leading to the passivation and low discharge capacity. 
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Figure 3.26. Schematic illustration showing the influence of kinetics on the 

passivation behavior in three different cases, limited kinetics, moderate kinetics, and 

excessive kinetics. 
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3.1.4 Supplement note 

Measurement of diffusivity and heterogeneous electron transfer rate constant 

using rotating disk electrode 

Current from LSV experiment with RDE is expressed as follows according to 

Koutecky-Levich equation, 

1

i
=

1

ik
+

1

iL
     Equation 1 (Koutecky-Levich equation) 

where i is total current, ik is kinetic current, and iL is limiting current. According 

to the equation, when overpotential is large enough to induce sufficiently high ik to 

make 
1

ik
 term almost zero, i remains unchanged and equals to iL. Therefore, we 

could obtain iL from LSV profile at high overpotential region. Meanwhile, iL is 

expressed by Levich equation as follows, 

iL = 0.62nFAD
2

3⁄ ω
1

2⁄ υ
−1

6⁄ C0    Equation 2 (Levich equation) 

where n is the number of electron during redox reaction, F is Faraday constant, A is 

the area of electrode, D is diffusivity, ω is rotating speed, υ is kinematic viscosity, 

and C0 is the concentration of redox active species. Here, the plot of ω
1

2⁄  vs. iL 

with various rotating speeds shows linear relationship with the slope of 

0.62nFAD
2

3⁄ υ
−1

6⁄ C0 which enables diffusivity (D) calculation. 

Combining equation 1 and 2 yield the equation 3 as follows, 

1

i
=

1

ik
+

1

0.62nFAD
2

3⁄ ω
1

2⁄ υ
−1

6⁄ C0

      Equation 3 

According to the equation, the plot of 
1

i
  vs. ω

−1
2⁄   follows linear relationship 

yielding fitting line with y-intercept of 
1

ik
 . Once we calculate ik  at various 

overpotential, we could calculate i0, exchange current by drawing well-known Tafel 

plot. Finally, i0 can be converted to heterogeneous electron transfer rate constant 

(k0) by a simple equation as follows. 

i0 = nFAk0C0     Equation 4 
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3.1.5 Concluding remarks 

We suppose that fundamental understanding in this study will spur the development 

of high-performance RMs and finally, high energy and highly efficient lithium-

oxygen batteries. For example, fine chemical tuning on steric hindrance of the RM 

molecule would enable the development of new RMs exhibiting better performance 

than the state-of-the-art RM. On the other hand, optimizing the cell system to fully 

exploit kinetics of RMs can be another approach. The RMs with fast kinetics (i.e. 

quinones in group 3) would display remarkable performance in redox flow lithium-

oxygen batteries58 where the place for electrochemical and chemical reaction is 

physically separated so that electrode passivation issue is addressed. 

In conclusion, we have elucidated the nature of ET during the RM-mediated ORR in 

lithium-oxygen batteries, and how the intrinsic kinetics affects extrinsic catalytic 

performance in the cell environment. By comparatively analyzing the kinetic with 

various quinone species, we demonstrated that the kinetics can be entirely explained 

by Marcus theory coupled with steric effect. It leads us to the conclusion that the 

chemical ET step of RM-mediated ORR is inner-sphere ET and accompanies the 

formation of the intermediate state. Following consideration on reaction mechanism 

revealed that LiQO2LiQ presents as an intermediate state. Moreover, the implication 

of understood intrinsic kinetics on catalytic performance was examined by 

conducting a galvanostatic discharge experiment. Volcano behavior in which not too 

slow or too fast, but intermediate kinetics results in the best catalytic performance 

was clearly observed. We suppose the current study on the fundamental on RM-
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based ORR would promote the rational design and development of highly efficient 

RMs, which further accelerates the development of lithium-oxygen batteries with 

truly high energy density. In addition, it would also motivate researchers in the field 

of catalyst to design high-performance catalysts by concurrently considering the 

intrinsic property and its significance on the resulting performance. 
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3.2 Kinetics of redox mediator for oxygen evolution reaction 

(The essence of this chapter has been published in Journal of Materials Chemistry 

A. Reproduced with permission from [Ko, Y. et al., J. Mater. Chem. A, 2019, 7, 6491 

–6498] Copyright (2019) Royal Society of Chemistry) 

3.2.1 Research Background 

During the last decade, the development of lithium–oxygen batteries has been 

extensively sought after owing to the quest for the high-energy-density rechargeable 

batteries that can overcome the limitations of current lithium ion batteries.1-18 It is 

because lithium-oxygen batteries can potentially offer the highest energy density 

among reported battery chemistries. However, the realization of a practical lithium–

oxygen battery has been retarded by limitations in achieving a reversible 

electrochemical reaction, exploring appropriate cell components that are stable 

during the electrochemical reaction, and overcoming high polarization/low energy 

efficiency.15, 19 A recent development of redox mediators (RMs), sometimes called 

soluble catalysts, have played a key role in addressing some of these issues by 

converting the electrochemical decomposition of lithium peroxide to a chemical 

pathway during charge.9, 15, 20-23 With the aid of the RM, the charging process 

becomes simply dependent on the intrinsic redox activity of the RM, thus the 

polarization can be significantly reduced despite the insulating nature of the 

discharge product, leading to the enhancement of the energy efficiency. For example, 

in the RM-assisted charging process, RMs are electrochemically oxidized first, 
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followed by a chemical reaction between the oxidized RMs and discharge product, 

which results in the oxidation of discharge product. In this series of reactions, the 

low electrical conductivity of the discharge product is no longer problematic because 

it is chemically decomposed by the freely mobile RMs. In a number of studies, the 

use of RMs has been demonstrated to effectively decrease charge polarization and 

therefore increase the round-trip efficiency.9, 20, 21, 23 Nevertheless, the intrinsic power 

capability of lithium-oxygen batteries adopting the RMs in the system still remains 

elusive. It is also uncertain how the activity of RMs would be altered at practically 

high current density. Considering the lithium-oxygen reaction is mediated by RMs, 

these aspects should be investigated with regards to the correlation between the 

intrinsic kinetics of RMs and the power capability of the system. However, to date, 

only a few studies have addressed the kinetic features of RM-assisted charge.24, 25 

Moreover, the correlation among intrinsic charge transfer kinetics, the mobility of 

RM and the electrolyte species has not been comprehensively elucidated.  

Here, we conducted a comparative study to understand the kinetics of RM-assisted 

charge in lithium–oxygen batteries using several previously reported RMs: 2,2,6,6-

tetramethyl-1-piperidinyloxy (TEMPO),21 methyl-phenothiazine (MPT),22 

tetrathiafulvalene (TTF),20, 26 and 5,10-dihydro-5,10-dimethylphenazine (DMPZ).23 

Two critical kinetic parameters of RMs were comparatively measured; the reaction 

rate of lithium peroxide oxidation by RM+ and the diffusivity of the RM. By 

measuring the reaction rate, we were able to find a ‘trade-off’ between the theoretical 

potential of the redox couple and the reaction rate. This trade-off suggested that not 
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only thermodynamic aspects (i.e., the theoretical voltage) but also kinetic aspects 

(i.e., the reaction rate of the chemical oxidation of lithium peroxide) must be 

considered when designing high-performance RMs. Considering both the reaction 

rate and diffusivity, it is revealed that TEMPO, which has fast kinetics in terms of 

both kinetic parameters, would exhibit the best rate performance among the 

investigated RMs. The better performance than others was confirmed by 

galvanostatic cycling tests, where TEMPO-assisted charge showed a stable voltage 

plateau of ~3.65 V (vs. Li/Li+) extended to a state of charge (SoC) of 80% at a high 

current density of 5.0 mA cm−2. This finding implies that the kinetic aspects of RMs 

should be carefully considered in the selection of RMs for the realization of high-

power lithium–oxygen batteries. 
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3.2.2 Experimental Method 

3.2.2.1 Preparation of lithium–oxygen cells 

For the preparation of the electrolytes, LiTFSI (99.95% trace metals basis, Sigma–

Aldrich) was dried at 180 °C under vacuum for at least 1 week before use. The 

organic solvents DME (anhydrous, 99.5%, Sigma-Aldrich), DEGDME (anhydrous, 

99.5%, Sigma-Aldrich), and TEGDME (≥ 99%, Sigma-Aldrich) were dried for more 

than 3 days using a molecular sieve (type 3Å, Sigma-Aldrich), which was freshly 

washed and dried at 180 °C under vacuum for at least 1 week. TEMPO, MPT and 

TTF were purchased from Sigma-Aldrich and used as received. DMPZ was 

purchased from Tokyo Chemical Industry and used as received as well. Each of the 

electrolytes was prepared by adding 1 M LiTFSI and 50 mM of the RM in an organic 

solvent. The final water contents of all the electrolytes were under 50 ppm, as 

determined by Karl Fischer titration. An air electrode was prepared by casting Ketjen 

black on carbon paper (TGPH030, Toray). Ketjen black and polytetrafluoroethylene 

binder with a weight ratio of 8:2 were mixed with 1-methyl-2-pyrrolidinone and 

isopropanol to make an electrode slurry. The slurry was cast on carbon paper with a 

thickness of 150 μm and dried at 70 °C under vacuum for more than 3 h. The average 

loading amount of carbon was ~0.4 mg cm−2. The lithium–oxygen cells were 

assembled using the carbon electrode as the air electrode, two sheets of glass fiber 

(GF/F, Whatman) as a separator, and lithium metal as an anode with 200 μl of the 

electrolyte. Assembly of the cells was performed in an Ar-filled glove box (H2O level 

< 0.5 ppm and O2 level < 0.5 ppm). After cell assembly, the air chamber of the 
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assembled cell was changed from Ar to O2 (> 99.999%) and operated as closed. 

3.2.2.2 Conditions for electrochemical tests 

To construct lithium-oxygen cell, swagelok-type cell was used. A sheet of gas 

diffusion layer was used as air electrode. A sheet of glass fiber and LFP electrode 

was used as separator and counter electrode, respectively. Air electrode, separator, 

and counter electrode was prepared to have a diameter of 1/2 inch. The amount of 

electrolyte used in assembling the cells was 200 μl. After cell assembly in Ar-filled 

glove box (O2 lever < 0.1 ppm and H2O level < 0.1 ppm), the atmosphere of empty 

space above air electrode was changed to O2 (> 99.999%) and the cells were operated 

as closed. 
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3.2.3 Results and Discussions 

The charging voltage of lithium-oxygen cell with the active RM is determined by 

the electrochemical oxidation potential of the RM. The oxidation of the RM occurs 

at the equilibrium potential governed by the Nernst equation (equation 1), where the 

RM and RM+ concentrations are variables. Accordingly, the concentration ratio of 

RM+ to RM at the electrode surface can affect the charge voltage of the cells. 

𝐸𝑒𝑞 = 𝐸𝑜′
+

𝑅𝑇

𝐹
𝑙𝑛

𝐶𝑅𝑀+

𝐶𝑅𝑀
       Equation 1 

where 𝐸𝑒𝑞 and 𝐸𝑜′
 are the equilibrium potential and formal potential of the half-

cell, respectively; 𝑅 is the universal gas constant; 𝑇 is the temperature, 𝐹 is the 

Faraday constant; and 𝐶𝑅𝑀+ and 𝐶𝑅𝑀 are the concentrations of the oxidized RM 

and neutral RM, respectively.27 Figure 3.27 presents a schematic illustration of the 

reaction mechanism of the RM-assisted charge, which consists of 1) electrochemical 

oxidation of the RM, 2) diffusion, and 3) chemical decomposition of lithium 

peroxide by RM+. In the process, the RM is electrochemically oxidized to RM+ at 

the electrode surface, whose potential reflects the output charge voltage. The 

oxidized RM+ diffuses to the vicinity of lithium peroxide followed by a chemical 

reaction for decomposition into a lithium ion and oxygen gas while RM+ returning 

into a neutral RM. The RM is oxidized again at the electrode surface and the charge 

process continues. All three steps are believed to critically govern the value of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
 

at the electrode surface. Electrochemical oxidation causes a decrease in the RM 

concentration and an increase in the RM+ concentration at the electrode surface, thus 
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effectively increasing the local value of 
𝐶

𝑅𝑀+

𝐶𝑅𝑀
. In contrast, the conversion of RM+ 

into RM with the chemical decomposition of lithium peroxide leads to a decrease of 

𝐶𝑅𝑀+

𝐶𝑅𝑀
  at the electrode surface. Spontaneous diffusion of RM+ away from the 

electrode surface and diffusion back of RM toward the electrode surface result in a 

decrease of 
𝐶

𝑅𝑀+

𝐶𝑅𝑀
 at the electrode surface. The combination of these would regulate 

the overall change in 
𝐶

𝑅𝑀+

𝐶𝑅𝑀
 and thus the practical charging voltage of the cell.  

A noticeable feature of the change in 
𝐶𝑅𝑀+

𝐶𝑅𝑀
 is that the increasing rate of 

𝐶𝑅𝑀+

𝐶𝑅𝑀
 by 

electrochemical oxidation relies on the applied current density (i.e., the rate of RM 

oxidation); however, the decreasing rate of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
  by diffusion and chemical 

decomposition is roughly independent of the current. Accordingly, under 

galvanostatic charge, where the RM is oxidized at a constant rate, a higher current 

induces a relatively faster increase of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
  locally at the electrode surface, thus 

increasing the charge voltage. Figure 3.28 schematically illustrates the charge 

voltage during galvanostatic charge. In the ideal case, where the diffusion and 

chemical reaction are sufficiently fast, an increase in 
𝐶𝑅𝑀+

𝐶𝑅𝑀
 would be immediately 

compensated regardless of the current density by a fast decrease in 
𝐶𝑅𝑀+

𝐶𝑅𝑀
, resulting 

in a constant voltage during the overall charge (figure 3.28.a). However, in the 

practical cell environment, the finite rates of diffusion and chemical reaction will 

cause the increase in the relative concentration of 𝐶𝑅𝑀+, and thus the charge voltage 
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will continuously increase. It would be more dramatic at the latter part of the charge 

process when the decomposition rate gets affected by less amount of discharge 

product left (figure 3.28.b). Moreover, a higher current would induce a faster 

increase in 
𝐶𝑅𝑀+

𝐶𝑅𝑀
  at the electrode surface, which would result in an accelerated 

increase of the charge voltage. Consequently, the length of the stable voltage plateau 

from RM/RM+ would appear to be shortened with increasing current, as indicated 

with the arrow in figure 3.28.b. It is noteworthy that the diffusivity and the rate of 

chemical lithium peroxide oxidation would not be identical for every type of redox 

couple. A redox couple with high diffusivity and a high rate of chemical reaction 

would maintain a low increasing rate of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
  even at relatively high current, 

leading to a slow increase of the charge voltage with higher currents. Thus, it is 

indispensable to elucidate the intrinsic kinetic nature of RMs with respect to the 

diffusivity in the working electrolyte and their reactivity with lithium peroxide to 

understand the power capability of RM-mediated lithium-oxygen cells.  

We selected several previously reported organic RMs, e.g. TEMPO, MPT, TTF, and 

DMPZ, in studying the kinetics of RM-assisted charge process, focusing on the two 

intrinsic kinetic parameters; the diffusivity and the reaction rate of chemical 

decomposition. The reaction rate of RM in the chemical decomposition of lithium 

peroxide was approximated by probing linear sweep voltammetry (LSV) using a 

rotating disk electrode (RDE), where the limiting anodic current (𝑖𝑙,𝑎) is given for a 

specific RM. It was assumed that 𝑖𝑙,𝑎  would be dependent on the effective 

concentration of RM and the reaction kinetics of RM+ with lithium peroxide. For 
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example, when an excess amount of lithium peroxide powder is dispersed in solution 

with the RM, the amount of oxidizable RM increases because of the regeneration of 

the RM, as depicted in figure 3.29. The successive reaction between RM+ and lithium 

peroxide following the oxidation of RM is referred to as the EC (electrochemical-

chemical) mechanism in which a product of electrochemical reaction successively 

participates in the following chemical reaction as a reactant.27 In this case, the 

regeneration of the RM in the vicinity of electrode surface results in an increase of 

𝑖𝑙,𝑎 in the LSV profile. The higher increase of limiting current represents a faster 

reaction rate between RM+ and lithium peroxide. Even though an increase of 𝑖𝑙,𝑎 

does not provide a precise value of the reaction rate constant 𝑘 of chemical lithium 

peroxide oxidation, it is a meaningful value when comparing a relative difference. 

The resulting LSV profiles of selected RMs with the RDE are presented in figure 

3.30. Note that a general decrease in 𝑖𝑙,𝑎 was expected because of the increase in 

the viscosity in the lithium peroxide powder-dispersed solution, and thus it was 

corrected for the compensation. (See figure 3.31 for detail) Figure 3.32.a presents a 

bar graph with the corrected increase in 𝑖𝑙,𝑎 for all the redox couples. The results 

for the multi redox capable RMs (DMPZ and TTF) are presented separately for each 

oxidation states. Figure 3.32.b shows the relationship between the increase in 𝑖𝑙,𝑎 

and the theoretical redox potential for each redox couple, which was calculated using 

cyclic voltammetry (CV) in figure 3.33. The redox potential and the increase in 𝑖𝑙,𝑎 

exhibited a roughly linear relationship as indicated with blue colored area. The linear 

relationship can be explained by classical electron transfer theory relating 
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thermodynamics (i.e., driving force) to kinetics (i.e., reaction rate) in that an 

increased driving force induces a lower activation energy, thereby leading to an 

enhanced reaction rate.28 As the redox potentials of the RMs are located further from 

the equilibrium potential of lithium peroxide (~2.96 V vs. Li/Li+), the driving force 

for the charge transfer gets greater. This result suggests that the conventional design 

strategy for RMs, which has been focused on achieving a high round-trip efficiency 

by adjusting RM’s redox potential close to ~2.96 V (i.e., equilibrium potential of 

lithium peroxide formation), should be revised to also consider the kinetics of the 

chemical decomposition. The RM with a low redox potential close to ~2.96 V (vs. 

Li/Li+) is likely to exhibit slow kinetics toward the oxidation of lithium peroxide 

because of the trade-off between these two factors. 

The diffusivity of each RM was also comparatively examined through CV 

experiments at various conditions. Figure 3.34 present CV profiles of TEMPO, MPT, 

DMPZ, and TTF in 1 M LiTFSI in DME at scan rates ranging from 100 to 500 mV 

s−1. Reversible redox reaction of the RM was observed for all the cases. The 

diffusivity of each RM was determined from each CV profiles using the Randles–

Sevcik equation (equation 2) from the relation between the scan rate and peak current 

defined by 

𝑖𝑝 = 0.4463𝑛𝐹𝐴𝐶(
𝑛𝐹𝑣𝐷

𝑅𝑇
)

1

2       Equation 2 

where 𝑖𝑝  is the peak current, 𝑛  is the number of electrons, 𝐹  is the Faraday 

constant, 𝐴 is the area of the electrode, 𝐶 is the concentration of reduced/oxidized 

species, 𝑣  is the scan rate, 𝐷  is the diffusion coefficient of reduced/oxidized 
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species, 𝑅 is the universal gas constant, and 𝑇 is the temperature. In figure 3.35, 

the linear relationship was confirmed in the plot of 𝑣
1

2 vs. 𝑖𝑝 . From the linear 

correlations, the diffusivities were calculated for TEMPO, MPT, DMPZ and TTF, 

which are 3.32, 2.60, 2.16, and 2.21 × 10−6 m2 s−1, respectively, as shown in figure 

3.36.a. The RMs show similar orders of magnitudes of diffusivity, while smaller 

molecules present slightly higher diffusivities in general. The two independent 

kinetic parameters, the increase in 𝑖𝑙,𝑎 in figure 3.32.a and the diffusivity in figure 

3.36.a, are displayed together in figure 3.36.b to graphically represent the overall 

kinetic performances of the RMs. Considering both the reaction rates and the 

diffusivity, TEMPO-assisted charge was expected to result in better rate capability 

than the charge process assisted by the other RMs. In contrast, TTF-assisted charge 

was predicted to result in comparatively low rate capability because of the low 

diffusivity and the small increase of 𝑖𝑙,𝑎. For DMPZ, which undergoes two redox 

reactions, the second redox reaction was expected to present the fastest kinetics 

among RMs, so that it may aid in achieving a high power capability despite the 

relatively slow kinetics of the first redox. 

To investigate how these kinetic parameters practically affect the rate capability of 

RM-assisted charge in a lithium–oxygen cell environment, we carried out 

galvanostatic cycling tests under various charge current densities. Figure 3.37 

presents the galvanostatic cycling profiles (figure 3.37.a, b, c, and d) and the 

corresponding dQ/dV profiles (figure 3.37.e, f, g, and h) using cells containing 50 

mM of the respective RM dissolved in 1 M LiTFSI in DME. All the cells were 
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discharged with an identical current density of 0.2 mA cm−2 before charging to 

exclude the factor of morphological change of the discharge product, which is 

affected by the current density,29 and charged with varying current densities ranging 

from 0.2 to 5.0 mA cm−2. Figures show that all the RMs efficiently reduce the charge 

polarization compared with the cells without any RM (light-grey dotted line for 0.2 

mA cm−2 and dark-grey dotted line for 1.0 mA cm−2). However, the responses of each 

RM for the higher current rates were markedly dissimilar, which is attributable to the 

different kinetic properties of RMs as presented above. The voltage increase owing 

to the insufficient kinetics of RMs can be seen in the dQ/dV profile, along with the 

broader nature of the peak shape at higher current density. In the comparison between 

TEMPO and MPT, which undergo a single redox reaction, it was observed that 

TEMPO exhibited better rate capability than MPT. For TEMPO-assisted charge, a 

stable voltage plateau from TEMPO/TEMPO+ redox was observed during the entire 

range of charge up to a current density of 1.0 mA cm−2 and a voltage plateau was 

maintained until a SoC of 80% at a high current density of 5.0 mA cm−2 (figure 3.37.a 

and e). In contrast, MPT-assisted charge showed a stable voltage plateau until the 

end of charge only at a low current density of 0.2 mA cm−2. At a current density of 

5.0 mA cm−2, the charge voltage started to sharply increase even at a SoC of 60% 

(figure 3.37.b and f). Note that the additional voltage plateau of MPT of 

approximately 4.3 V is from MPT+/MPT2+. For DMPZ and TTF, both of which 

undergo two-step redox reactions, the rate capability from the first/second redox was 

examined separately, as indicated by small arrows in the dQ/dV profile. For the first 
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redox, both DMPZ and TTF exhibited relatively poor rate capability, as observed in 

the galvanostatic profiles (figure 3.37.c and d) and dQ/dV profiles (figure 3.37.g and 

h), which can be explained by the low values of the kinetic parameters in figure 

3.36.b. However, DMPZ and TTF exhibited different behaviors in the second redox 

reactions. The second redox peak of DMPZ in the dQ/dV profile remains sharp up 

to a current density of 5.0 mA cm−2, while that of TTF significantly broadens even 

at a low current density of 0.2 mA cm−2. Note that the additional dQ/dV peak of TTF 

at approximately 4.5 V originates from the electrolyte decomposition. This 

noticeable difference in the rate capability of the second redox is attributed to the 

distinct kinetic parameters, particularly the reactivity with lithium peroxide, as 

displayed in figure 3.36.b. The comparison between DMPZ and TTF also suggests 

that even though the first redox of the RM is relatively sluggish in kinetics, an overall 

high rate capability can be achieved if the kinetics of the second redox is remarkably 

fast. The rate capability observed in the galvanostatic charge experiment is well 

explicated by the two measured kinetic parameters, which implies the validity of 

estimating the kinetics of RM-assisted charge by simple analysis of individual 

parameters. 

The resulting increased cell voltage at high current density due to the slow kinetics 

of RM-assisted charge is predicted to cause side reactions, since the high charge 

voltage is closely related to side reactions such as carbon degradation30 and singlet 

oxygen generation31, 32, both of which cause evolution of CO2 via degradation of 

carbon and the electrolyte. To verify the extent of the side reactions, the gas evolution 
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during RM-assisted charge at 1.0 mA cm−2 was monitored using differential 

electrochemical mass spectroscopy (DEMS), and the results are presented in figure 

3.38. No evolution of CO2 was observed for the TEMPO-assisted charge because the 

cell voltage remained stable owing to the fast kinetics of TEMPO. However, the RM-

assisted charge using the other RMs (MPT, DMPZ, TTF) resulted in the emission of 

CO2 because of the increased cell voltage at the end of charge.30-32 Specifically, TTF-

assisted charge, which has the lowest rate capability, showed the highest amount of 

CO2 evolution. The gas analysis results indicate that the use of RMs is beneficial not 

only for enhancing the round-trip efficiency and rate capability but also for 

improving the stability/reversibility of the system by avoiding possible side reactions 

caused by the high-voltage charge. 

Another variable that should be considered for RM-assisted charge is the selection 

of the electrolyte, as it can potentially affect the diffusivity of the dissolved RM. To 

investigate the effect of the electrolyte in RM-assisted charge, the same set of 

experiments were performed using various ether-based electrolytes as a model 

system (e.g., 1 M LiTFSI in DME, diethylene glycol dimethyl ether (DEGDME), 

and tetraethylene glycol dimethyl ether (TEGDME)) while fixing the RM as TEMPO. 

From CV experiments in figure 3.39, the diffusivities of TEMPO in the three 

electrolytes could be obtained, as presented in figure 3.40. It reveals that the 

diffusivity of TEMPO was largely governed by the viscosity of the organic solvent33, 

34 and decreased in the order of DME, DEGDME, and TEGDME. Note that the ionic 

conductivity was also measured to be related with the viscosity of electrolytes. 
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(figure 3.41) figure 3.42 illustrates the results of galvanostatic cycling and dQ/dV 

profiles comparatively obtained in the DEGDME- and TEGDME-based electrolytes. 

The light-grey dotted lines are the charge profiles in the absence of the RM at 0.2 

mA cm−2. It is evident that the variation in diffusivity due to the selection of the 

electrolyte noticeably affects the rate capability of TEMPO-assisted charge. Whereas 

a stable voltage plateau from TEMPO/TEMPO+ was maintained until a SoC of 80% 

at 5.0 mA cm−2 with the DME-based electrolyte as presented in figure 3.37.a, the 

voltage plateau was only observed until a SoC of 70% and 40% for the DEGDME- 

and TEGDME-based electrolytes, respectively, at the same current density in figure 

3.42.a and c. Moreover, it was observed that, when higher current rates are applied 

to the cells, the broadenings of the redox peak in dQ/dV curves are notably faster in 

DEGDME- and TEGDME-based electrolytes (figure 3.42.b and d), indicating the 

sluggish kinetics of RM-assisted charging process. This finding suggests that not 

only the type of RM but also the choice of electrolyte should be considered to achieve 

the RM-assisted charge with high rate capability. 
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Figure 3.27. Schematic illustrations showing detailed mechanism of RM-assisted 

charge with the effect of each step on the RM concentration at the electrode surface 

and galvanostatic charge profiles under various kinetic conditions. Detailed 

mechanism of RM-assisted charge consisting of 1) electrochemical oxidation of the 

RM, 2) diffusion of RM+ and RM, and 3) chemical decomposition of lithium 

peroxide by RM+. Step 1 causes an increase of 
𝐶

𝑅𝑀+

𝐶𝑅𝑀
 at the electrode surface and 

step 2 and step 3 result in a decrease of 
𝐶𝑅𝑀+

𝐶𝑅𝑀
. 
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Figure 3.28. Schematic illustrations of galvanostatic charge profile in (a) ideal case 

and (b) actual case. With an infinite rate of diffusion and decomposition of lithium 

peroxide (ideal case), the RM concentration remains constant, and therefore, the 

voltage also remains constant. In the real case, however, because the rates of 

diffusion and lithium peroxide decomposition are finite, and the RM concentration 

decreases and the charge voltage increases as charge proceeds. The increase in 

charge voltage is accelerated by increasing current, thereby shortening the stable 

voltage plateau. 
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Figure 3.29. RDE experiment to analyze the rate of lithium peroxide decomposition 

by RM+. Schematic illustrations displaying the oxidative current increase by the EC 

mechanism. 
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Figure 3.30. LSV profiles with RDE of (a) TEMPO, (b) MPT , (c) DMPZ, and (d) 

TTF. All the voltage scans were conducted at a scan rate of 1 mV s−1 using 1 M 

LiTFSI in DME containing 1 mM of the RM and 30 mM of dispersed Li2O2 powder. 
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Figure 3.31. LSV profile with RDE using redox reaction that is unreactive toward 

Li2O2 powder. The reduction of butyl-benzoquinone, where the reduced species is 

inert to Li2O2 powder, was utilized to investigate the limiting current decrease from 

the decreased diffusivity with dispersed Li2O2 powder. The reduction in 𝑖𝑙,𝑎 was 

observed to be reduced by approximately 28.6% because of the decreased diffusivity 

in the Li2O2-dispersed solution. This result implies that a decrease of 𝑖𝑙,𝑎 of less 

than 28.6% indicates the regeneration of RM because of reaction with lithium 

peroxide. 
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Figure 3.32. (a) Corrected increase in 𝑖𝑙,𝑎 of selected redox couple; the corrected 

current increases from each redox couple are as follows: TEMPO/TEMPO+, 50.05%; 

MPT/MPT+, 31.91%; DMPZ/DMPZ+, 23.14%; DMPZ+/DMPZ2+, 59.51%; 

TTF/TTF+, 27.92%; and TTF+/TTF2+, 25.43%. (b) Plot of increase in 𝑖𝑙,𝑎 vs. redox 

potential. 
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Figure 3.33. Cyclic voltammogram using 1 M LiTFSI in DME containing 50 mM 

of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) TTF. The scan rate was 100 mV s−1. All 

the redox reactions were measured to be reversible with the following calculated 

equilibrium redox potentials: TEMPO/TEMPO+, 3.73 V; MPT/MPT+, 3.82 V; 

DMPZ/DMPZ+, 3.26 V; DMPZ+/DMPZ2+, 3.94 V; TTF/TTF+, 3.42 V; and 

TTF+/TTF2+, 3.76 V (all the values are expressed vs. Li/Li+ potential). 
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Figure 3.34. Cyclic voltammograms of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) 

TTF for scan rates ranging from 100 to 500 mV s−1. The experiment was conducted 

using 1 M LiTFSI in DME containing 50 mM of the RM. 
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Figure 3.35. The plot of (scan rate)1/2 vs. peak current of cyclic voltammogram using 

1 M LiTFSI in DME containing 50 mM of (a) TEMPO, (b) MPT, (c) DMPZ, and (d) 

TTF for various scan rates ranging from 100 to 500 mV −1. The diffusivity of each 

RM was calculated from the linear relationship between (scan rate)1/2 and the peak 

current using the Randles–Sevcik equation. 
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Figure 3.36. (a) Calculated diffusivities of RMs determined using Randles–Sevcik 

equation. (b) Plot of diffusivity vs. increase in 𝑖𝑙,𝑎  showing overall kinetic 

properties. 
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Figure 3.37. Galvanostatic cycling and corresponding dQ/dV profiles of lithium–

oxygen cells containing RMs. Galvanostatic cycling profiles under various current 

rate from 0.2 to 5.0 mA cm−2 of the cell containing (a) TEMPO, (b) MPT, (c) DMPZ, 

and (d) TTF. Corresponding dQ/dV profiles for the cell containing (e) TEMPO, (f) 

MPT, g) DMPZ, and h) TTF. 
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Figure 3.38. DEMS gas analysis while charging a lithium–oxygen battery under a 

current rate of 1.0 mA cm−2 using (a) TEMPO, (b) MPT, (c) DMPZ, and (d) TTF. 

The grey and black lines indicate the O2 and CO2 emission, respectively. 
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Figure 3.39. Cyclic voltammograms and corresponding plots of peak current vs. 

(scan rate)1/2. Cyclic voltammograms of 1 M LiTFSI in (a) DEGDME and in (c) 

TEGDME with 50 mM TEMPO for scan rates ranging from 100 to 500 mV s−1. Plots 

showing a linear relationship between peak current and (scan rate)1/2 for 1 M LiTFSI 

in (b) DEGDME and (d) TEGDME. 
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Figure 3.40. Viscosity of DME (ref33 ), DEGDME (ref34), and TEGDME (ref34) and 

diffusivity of TEMPO in these ether-based electrolytes. 
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Figure 3.41. Ionic conductivity and viscosity of various ether-based electrolyte.33, 34 

The measured ionic conductivity is 13.39, 7.62, and 2.62 mS cm-1 at 300 K for 1M 

LiTFSI DME, 1M LiTFSI DEGDME, and 1M LiTFSI TEGDME, respectively. The 

electrolytes with higher viscosity have a tendency to show lower ionic conductivity. 
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Figure 3.42. Galvanostatic cycling profiles and dQ/dV profiles of TEMPO-

containing lithium–oxygen cell with 50 mM TEMPO in 1 M LiTFSI in DEGDME 

(a and b) and 50 mM TEMPO in 1 M LiTFSI in TEGDME (c and d). 
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3.2.4 Concluding remarks 

We investigated the intrinsic kinetic properties of RMs and RM-assisted charge 

process in a lithium–oxygen battery using several important RMs that have been 

previously reported. They were analyzed considering the inherent reactivity/kinetics 

of RM and the diffusivity in a given condition. It was found that the overall kinetics 

of RMs have a positive correlation with the redox potential of RMs, and multi-redox 

RMs can display distinct properties depending on its oxidation states. Among RMs 

investigated, DMPZ2+ exhibited the highest reaction rate of lithium peroxide 

decomposition, while the mass diffusion rate was the highest for TEMPO+. Based 

on the scrutiny of these two independent kinetic parameters, we observed that 

TEMPO-assisted charge would result in the highest rate capability among 

investigated RMs, which could be verified in the various rate experiments in a 

practical cell environment. Additional in situ gas analysis revealed that the role of 

RMs is not only to reduce the apparent charge voltage but also to suppress side 

reactions caused by a high charge voltage. Moreover, experiments using various 

electrolytes demonstrated that the type of RM and the selection of electrolyte 

concurrently determine the rate capability of RM-assisted charge. This study 

suggests that selecting an appropriate RM/electrolyte combination based on 

understanding the kinetics is important for the realization of high-power and highly 

reversible lithium–oxygen batteries. 
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Chapter 4. Addressing practical issue of redox 

mediators: shuttle phenomena 

4.1 Anchorage of redox mediator for sustainable redox 

mediation in lithium-oxygen battery 

(The essence of this chapter has been published in Angewandte Chemie. Reproduced 

with permission from [Ko, Y. et al., Angew. Chem. Int. Ed. 2020, 59, 5376–5380] 

Copyright (2020) WILEY-VCH) 

4.1.1 Research Background 

Lithium–oxygen batteries have attracted significant research attention for the last 

decade owing to their exceptionally high theoretical energy density.1-4 However, the 

practical realization of lithium–oxygen batteries has been hampered by the 

insufficient reversibility of the associated electrochemical reaction and their low 

energy efficiency. These issues can be partly attributed to the difficulty of 

electrochemical charging of the insulating discharge product (lithium peroxide, 

Li2O2).5, 6 To address this concern, efforts were made to identify suitable catalysts to 

promote the reversible decomposition of Li2O2, mostly focusing on novel metals7-10 

or metal oxides11, 12, resulting in improved reversibility afforded by the catalytic 

activities. However, despite the relatively high catalytic activities, it was later 

revealed that the catalysts generally exhibited poor selectivity, leading to various side 

reactions involving serious electrolyte decomposition.9, 13 Recently, as an alternative 
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to conventional catalysts, redox mediators (RMs) have been shown to be much more 

effective in promoting the reversible decomposition of the discharge product by 

exhibiting a high selectivity toward Li2O2.14-16 The redox mediation, simply driven 

by the difference in the intrinsic redox potential of the RM and the charging potential 

of Li2O2, enables RMs to selectively decompose Li2O2. RMs such as 

tetramethylpiperidinyloxyl (TEMPO),17, 18 tetrathiafulvalene,14 

dimethylphenazine,15, 19 and lithium halides (e.g. lithium iodide,20 lithium bromide21) 

have been reported to be capable of successfully decomposing Li2O2 with 

significantly reduced charge polarization and enhanced energy efficiency. 

RMs generally act as charge carriers dissolved in the electrolyte. Upon charging, 

the RMs are oxidized on the electrode, and the freely mobile oxidized RM species 

can chemically decompose Li2O2. However, their mobility also leads to unwanted 

side reactions, as the RMs (and especially oxidized RMs) can diffuse to the counter 

electrode, i.e. the lithium metal anode, resulting in a spontaneous reaction between 

the two components. This so–called shuttle phenomenon is considered the main 

cause of the degradation of RM–containing lithium–oxygen cells, including lithium 

metal degeneration and RM decomposition.22, 23 This trade–off stemming from the 

mobile nature of RMs results in the need for additional treatments such as the 

insertion of lithium protection layers or modified separators to prevent the side 

reactions with lithium metal.24-26 However, these approaches possess limitations, as 

they contribute to undesired increase in the cell weight and resistance.25, 27 
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 Herein, we report on the use of a polymer–based RM, 2,2,6,6–tetramethyl–1–

piperidinyloxy–4–yl methacrylate (PTMA) exploiting the well–known TEMPO 

redox chemistry to decouple the redox property and shuttle phenomenon. We were 

able to suppress the transport of RMs toward lithium metal by anchoring the RMs at 

the air electrode surface; in addition, the RMs maintained the charge–carrying redox 

property enabled by the intrinsic electron transfer between polymer chains.28, 29 By 

replacing TEMPO with PTMA, we successfully eliminated the degradation caused 

by the shuttle phenomenon and, thereby, notably enhanced the stability of redox 

mediation, and cell operation was achieved.  
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4.1.2 Experimental Method 

4.1.2.1 Synthesis of PTMA 

PTMA was synthesized using two different reaction pathways: i) GTP-PTMA was 

polymerized by the group transfer polymerization (GTP) method after nitroxyl 

radical formation of the MTMP monomer and ii) RP-PTMA was polymerized by the 

free radical polymerization (RP) method of the MTMP monomer followed by 

nitroxyl radical formation. Tetrahydrofuran (THF) was distilled using 

sodium/benzophenone before use. All the other reagents and solvents were obtained 

from commercial suppliers and used as received without further purification. All 

glassware, syringes, magnetic stirring bars, and needles were thoroughly dried in a 

convection oven before use. The number-average molecular weight (Mn) and 

polydispersity index (PDI) of the polymers were measured using gel permeation 

chromatography (GPC) with THF as the eluent and polystyrene as the standard using 

a Waters 515 HPLC pump, PLgel 5.0 μm guard, MIXED-C and MIXED-D columns 

(Polymer Laboratories), and Viscotek LR125 laser refractometer. 

GTP-PTMA was prepared according to a reported method with modifications.30, 31 

To a stirred solution of 2,2,6,6-tetramethylpiperidine methacrylate (MTMP) (40 g, 

178 mmol) and MgCl2 (0.013 g, 0.178 mmol) in 7 mL methanol, 34.5% H2O2 (56 

mL) was added dropwise using a dropping funnel. The mixture was refluxed and 

stirred overnight under an Ar atmosphere. The crude product obtained by 

evaporation of the liquid was purified by flash column chromatography on silica gel 

with ethyl acetate/n-hexane (1:9 v/v) as an eluent. Recrystallization from n-hexane 
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afforded red crystals of 4-methacryloyloxy-2,2,6,6-tetramethylpiperidine-N-oxyl, 

MTMPO (6.07 g, yield = 14.2%). In a flame-dried two-necked 100-mL round-

bottom flask, MTMPO (3 g, 12.5 mmol) was dissolved in 10 mL of freshly distilled 

THF under an Ar atmosphere. To the rapidly stirred solution, 1-methoxy-2-methyl-

1-trimethylsilyloxypropene (0.045 mL, 0.2 mmol) was added, and then, 1 M 

tetrabutylammonium fluoride solution in THF (0.01 mL, 0.01 mmol) was added. The 

viscous mixture was stirred at 20 °C for 12 h, and then, methanol (1.25 mL) was 

added to quench the polymerization. The mixture was further stirred for 5 min and 

then slowly poured onto vigorously stirred hexanes (125 mL). The orange precipitate 

was obtained by filtration and washed with hexanes. This precipitate was dissolved 

in dichloromethane and then added dropwise to hexane for reprecipitation. Repeating 

reprecipitation twice afforded GTP-PTMA as an orange powder (2.23 g, yield = 

74.3%). GPC: (Mn = 25 kDa, PDI = 2.14). Nitroxide concentration: [NO*] = 94%. 

RP-PTMA was prepared according to previously reported procedures with minor 

modifications.32, 33 In a Pyrex tube, MTMP (2 g, 8.9 mmol) and 12 wt% 2,2’-

azobisisobutylronitrile (AIBN) solution in acetone (0.3 mL, 0.187 mmol) were 

mixed in 10 mL of freshly distilled THF. The mixture was degassed by three freeze–

pump–thaw cycles using liquid nitrogen for freezing, and then the Pyrex tube was 

sealed under vacuum. The degassed mixture was stirred at 70 °C for 6 h. The reaction 

mixture was added to hexane, and the precipitated pale white polymer PMTMP (1.2 

g, yield = 60%) was obtained after filtration. To a solution of PMTMP (0.5 g, 4.1 

mmol) in 10 mL methanol, Na2WO4·2H2O (0.15 g, 0.45 mmol), 
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ethylenediaminetetraacetic acid (EDTA) (0.1 g, 0.34 mmol), 34.5% H2O2 (1 mL), 

and H2O (5 mL) were added and stirred at 60 °C for 44 h. The reaction mixture was 

filtrated and washed thoroughly with H2O and ethyl ether to afford RP-PTMA as a 

pale red solid (0.5 g, yield = 95%). GPC: (Mn = 34 kDa, PDI = 1.92). Nitroxide 

concentration: [NO*] = 70.3%. 

4.1.2.2 Fabrication of cell components 

The organic solvent, tetraethylene glycol dimethyl ether (TEGDME, ≥ 99%, Sigma-

Aldrich), was dried for more than 3 days using a molecular sieve (type 3Å, Sigma-

Aldrich). TEMPO was purchased from Sigma-Aldrich and used as received. The 

bis(trifluoromethane)sulfonimide lithium salt (LITFSI, > 98.0%) was purchased 

from Tokyo Chemical Industry and dried for more than 3 days under 150 °C vacuum 

condition before use. The electrolyte was prepared by dissolving 2 M LiTFSI in 

TEGDME. The TEMPO-containing electrolyte was prepared by additionally adding 

10 mM of TEMPO to the 2 M LiTFSI TEGDME. The Ketjen black air electrode 

with PTMA was fabricated by casting a 1-methyl-2-pyrrolidinone- and isopropanol-

based slurry mixed with Ketjen black powder, PTMA, and polytetrafluoroethylene 

(PTFE) binder with a weight ratio of 8:4:2. PTMA–coated electrode was fabricated 

to have the PTMA/carbon ratio of 1:2. The PTMA-free air electrode was prepared in 

the same manner except without the addition of PTMA. The both slurries for 

PTMA/carbon composite electrode and PTMA-free electrode were casted on carbon 

paper (TGPH030, Toray) with a thickness of 120 μm and dried at 70 °C under 

vacuum for more than 3 h. The average loading amount of PTMA/carbon composite 
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is 0.2 mg cm-2. The average carbon loading amount of PTMA-free electrode is 0.13 

mg cm-2. The Li2O2 pre-loaded electrode was prepared by casting an isopropanol-

based slurry on the same carbon paper. The slurry contained Ketjen black, PTMA, 

Li2O2, and PTFE binder with a weight ratio of 4:2:1:1. The slurry was casted and 

dried in Ar-filled glove box and stored before use at the same place. 

4.1.2.3 Assembly of lithium–oxygen cell 

For the air electrodes, coated carbon paper was punched into discs with a diameter 

of 1/2 inch. A sheet of glass fiber (GF/F, Whatman) with a diameter of 16.5 mm was 

used as the separator. Lithium metal with a diameter of 9/16 inches and a thickness 

of 300 μm was used as the anode. All the cell components, the air electrode, separator, 

and lithium metal anode, were assembled to construct a lithium–oxygen cell using a 

2032 coin cell with 85 μL of electrolyte. The coin cells were assembled in an Ar-

filled glove box (H2O level < 0.5 ppm and O2 level < 0.5 ppm). After cell assembly, 

each coin cell was stored in a coin-cell container in a gas chamber. The atmosphere 

in the chamber was changed from Ar to O2 (> 99.999%) with a pressure of 1.5 bar, 

and the chamber was operated as closed. 

4.1.2.4 Conditions for electrochemical tests and materials 

characterization 

The lithium–oxygen cells for galvanostatic cycling were operated at room 

temperature after resting for 30 min. The Li2O2 pre-loaded carbon electrode was used 

for the LSV experiment, which was conducted using the same two-electrode cell 

configuration as that used for the galvanostatic cycling with a scan rate of 1 mV s−1. 
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All the electrochemical tests were conducted using a potentio-galvanostat (WonA 

Tech, WBCS 3000, Korea). For the characterization of the cell components after 

cycling, the cells were disassembled in an Ar-filled glove box. The electrode and 

separator were rinsed with a small amount of anhydrous DME and dried under Ar. 

An X-ray diffractometer (D2 PHASER, Bruker, Germany) was also used for 

identification of the discharge product. To observe the morphologies of the air 

electrode and lithium metal anode, field-emission scanning electron microscopy 

(FE-SEM; SUPRA 55VP, Carl Zeiss, Germany) was used. The coating layer on the 

carbon surface was examined using transmission electron microscopy (TEM; JEM-

2100F, JEOL Ltd., Japan). For in situ gas analysis, mass spectrometry (MS) (HPR-

20, Hiden Analytical) combined with a potentio-galvanostat (WonA Tech, WBCS 

3000, Korea) was used. The amount of Li2O2 was quantitatively measured using the 

iodometry titration method. A detailed description of the titration method has been 

elaborated elsewhere.34 The radical concentrations of the two PTMA polymers were 

analyzed using a superconducting quantum interference device (SQUID, MPMS3-

Evercool, Quantum Design Inc., U.S.A.). The Landé g-factor for the radical species 

was measured using electron paramagnetic resonance spectroscopy (EPR; 

EMXmicro, Bruker, Germany).  
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4.1.3 Results and Discussions 

 Most RMs, such as TEMPO, are susceptible to the shuttle phenomenon because of 

their mobile nature in the cell. As depicted in figure 4.1, the galvanostatic charge of 

TEMPO dissolved in an electrolyte typically shows a charge capacity that far 

exceeds the theoretical capacity, which is the characteristic behavior of the shuttle 

phenomenon.35 This ‘overcharge’ capacity implies that the oxidized TEMPO is 

reduced at the counter electrode, i.e., the lithium metal anode, generating neutral 

TEMPO, which is re–oxidized at the cathode side. The shuttling of the oxidized 

TEMPO is also accompanied by severe side reactions at the lithium anode when 

lithium–oxygen cells are cycled. Figure 4.2.a presents photographs of the lithium 

metal before cycling (top) and after 5 cycles without (left) and with (right) TEMPO 

in a lithium–oxygen cell. Without TEMPO in the cell, the lithium metal after cycling 

retained a relatively clean pristine surface. In contrast, that with TEMPO in the cell 

was notably degraded, which is attributed to the side reactions between the oxidized 

TEMPO and lithium metal during cycling. The scanning electron microscopy (SEM) 

images in figure 4.2.b also display consistent results. The degradation of the lithium 

metal surface was more pronounced when cycling with TEMPO. It should also be 

noted that the reaction between TEMPO and lithium metal results in substantial 

consumption of TEMPO in the cell. Figure 4.3 UV–vis absorption spectra of the 

TEMPO–containing electrolyte before and after cycling. The intensity of the 

characteristic TEMPO peak at approximately 355 nm notably decreased after cycling, 

indicating the significant loss of TEMPO. The consumption of TEMPO results in a 
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change in the galvanostatic cycling profile: an increasing charging overpotential with 

shortening of the characteristic TEMPO redox voltage plateau after a few cycles, as 

observed in figure 4.4. These side reactions, consequently, lead to failure in 

achieving the sufficient enhancement of the cyclability compared with that of the 

reference cell despite the TEMPO–assisted effective decomposition of Li2O2 (figure 

4.5). 

 The working mechanism of RMs and the deterioration process by the shuttle 

phenomenon are schematically illustrated in figure 4.6 (left). During charging, the 

RM is oxidized at the air electrode to RM+, which migrates and chemically 

decomposes Li2O2 in the cell. However, because RM+ can freely diffuse within the 

cell, it also drifts away from the air electrode to the lithium metal. Successively, the 

drifted RMs react with lithium metal, which causes both the degeneration of the 

lithium metal/ solid electrolyte interphase (SEI) layer and the consumption of RMs. 

The mobile nature of the RMs that enables the facile decomposition of Li2O2 

simultaneously triggers a destructive shuttle phenomenon. This trade–off can be 

addressed by introducing a polymer–based RM, for which shuttling is prevented 

while still maintaining the charge–carrying redox property, as depicted in figure 4.6 

(right). With this aim, we synthesized a radical polymer, PTMA, which has a 

TEMPO unit at each polymer chain, using two distinct polymerization methods: 

group transfer polymerization36 (GTP) and radical polymerization33, 37 (RP). The 

procedures for both methods are described in figure 4.7. As observed in figure 4.8, 

the nitroxyl radical fractions in the PTMA samples, indicative of TEMPO–unit 
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activity, were calculated to be far higher when using the GTP method (~94%; see 

supplement note 3.1.4.1 for the details of the radical concentration calculation); thus, 

the PTMA synthesized using the GTP method was used for the subsequent 

experiments (figure 4.9). Using this PTMA as a platform for RM activity, the 

crossover toward the lithium anode was expected to be suppressed by the limited 

solubility of PTMA in the electrolyte (figure 4.10). Moreover, it was supposed that 

the PTMA would retain its charge–carrying redox property, as it is well–known that 

electron diffusion between redox centers occurs by self–exchange in PTMA (See 

details in supplement note 3.1.4.2)28, 29. Because the electron transfer along the redox 

center of PTMA can partly reflect and replace the physical migrations of TEMPO in 

the redox mediation, the PTMA may function as a RM that is capable of 

decomposing remotely dispersed Li2O2 particles, as long as they have physical 

contact with any PTMA in the electrode.   

 The capability of PTMA as a RM was first examined through electrochemical 

analysis using linear sweep voltammetry (LSV), as shown in Figure 4.11. The grey 

and black lines are the LSV profiles of typical carbon air electrodes without and with 

Li2O2, respectively. The increase in current density above 4.0 V (vs. Li/Li+) indicates 

that substantial electrochemical decomposition of Li2O2 occurs at the corresponding 

voltage. When comparing the LSV profiles of the PTMA–containing electrode 

(orange line) and the electrode containing both PTMA and Li2O2 (red line), it is 

apparent that for both cases, the appreciable current begins at 3.55 V (vs. Li/Li+), 

which corresponds to the oxidation potential of PTMA. More importantly, a notable 
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increase in the current is observed for the electrode containing both PTMA and Li2O2 

(red line), which supports the PTMA–mediated Li2O2 decomposition. Inspired by 

this finding, the effect of PTMA was further investigated in lithium–oxygen cells by 

preparing a PTMA–coated air electrode (see experimental section). No significant 

morphological differences between the bare carbon electrode and PTMA–coated 

electrode were observed in the electron microscopy images in figure 4.12 except for 

the thin coating layer with the thickness of ~ 4 nm (insets), indicating that the PTMA 

was homogeneously coated on the surface of the carbon. The PTMA–incorporated 

air electrode was observed to be capable of promoting the reversible formation and 

decomposition of Li2O2 in a lithium–oxygen cell. The X–ray diffraction pattern in 

figure 4.13 and morphological analysis of the air electrode by SEM (figure 4.14) 

indicate that Li2O2 formed after the discharge can be clearly removed after the 

subsequent charging process. Moreover, the galvanostatic cycling profile in figure 

4.15 confirms that the charging overpotential was markedly lowered for the PTMA–

coated air electrode, strongly suggesting that the PTMA served as an active RM. (See 

supplement note 3.1.4.3 for more discussion on the activity of PTMA) Notably, the 

charging overpotential of the PTMA case is almost comparable to that of the TEMPO 

case, even though PTMA was anchored in the electrode. This finding indicates that 

TEMPO units in the polymer are still capable of performing the role of RMs, 

resembling the conventional TEMPO. Finally, gas analysis of the PTMA–assisted 

charging process was performed. (figure 4.16). It provides further evidence that 

PTMA can mediate the decomposition of Li2O2 at low voltage, evolving primarily 
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O2 gas during the charging process. Notable is that the oxygen evolution rate 

suddenly falls with the CO2 gas emission at the latter part of charging. It is attributed 

to the decomposition of by–product, which was previously reported elsewhere.38-40 

Investigations of the PTMA–containing lithium–oxygen cell suggest that employing 

PTMA as a RM can effectively suppress the shuttling phenomenon and 

corresponding side reactions during the cycling. Figure 4.17 presents UV–vis 

absorption spectra of the electrolyte before and after cycling for the PTMA–

containing lithium–oxygen cell. No distinct differences are observed in the spectra 

after (yellow line) and before (grey line) cycling, indicating that the PTMA remained 

stably anchored at the air electrode during cycling and was not dissolved in the 

electrolyte while undergoing repeated oxidation and reduction. The absence of 

shuttling during cycling substantially enhanced the stability of the lithium metal 

anode. Figure 4.18 presents images of the lithium metal before cycling (top), after 5 

cycles without any RMs as a reference (mid), and after 5 cycles with PTMA (bottom). 

The lithium metal of the PTMA–containing cell retained a clean pristine surface after 

cycling, indicating the greatly improved stability of the lithium metal compared with 

that of the TEMPO cell in figure 4.2. Furthermore, elimination of the shuttle 

phenomenon was also observed to enhance the efficiency of RM–mediated Li2O2 

decomposition, as oxidized RM species were not wasted at the lithium anode. Using 

Li2O2 pre–loaded carbon electrodes, we quantitatively measured the remaining Li2O2 

after charging to a certain state of charge (SoC) with TEMPO and PTMA using the 

iodometry titration method.34 Figure 4.19 shows that the undecomposed amount of 
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Li2O2 after charging with TEMPO (red dots) is greater than that after charging with 

PTMA (orange dots) and is also greater than the amount expected according to the 

SoC (dotted line). This finding suggests that less Li2O2 than intended was actually 

decomposed when charging with TEMPO, indicating the non–negligible shuttling of 

TEMPO in the cell. In contrast, nearly all the expected amount of Li2O2 was 

decomposed with PTMA, which precisely accounts for the amount of oxidized 

PTMA. Consequently, the cyclability of the PTMA–loaded lithium–oxygen cell was 

remarkably enhanced compared with that of the RM–free and TEMPO–containing 

cells, as illustrated in Figure 4.20.  

Although the cycle life of the TEMPO–containing cell could not be sufficiently 

elongated despite the enhancement of the charging process, the anchoring of TEMPO 

units in the form of a polymer, i.e. PTMA, could successfully achieve the 

improvement of both the charging efficiency and cycle stability. This finding 

suggests that the prevention of the shuttle phenomenon and the resulting 

enhancement of the efficiency of RM–mediated Li2O2 decomposition enable 

sustainable redox mediation, which can lead to stable cycling of RM–containing 

lithium–oxygen cells. Nevertheless, the charge potential slightly increases with the 

repeated cycle (figure 4.21) despite the enhanced RM–mediated Li2O2 

decomposition. It is due to the commonly attributed factors that have been found to 

deteriorate the cycle performance of conventional lithium-oxygen batteries.34, 41-43 

(see supplement note 3.1.4.4 for the detailed discussion) Notable is that an abnormal 

initial discharge plateau is observed in the galvanostatic cycling profile of PTMA–
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loaded cell (figure 4.22),44 which is not the case for TEMPO–containing cell. We 

suppose that this observation is a further evidence on the absence of the shuttle effect 

in PTMA.44 (see supplement note 3.1.4.5 for the detailed discussion.)  
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Figure 4.1. Galvanostatic charge profile using 2 M LiTFSI TEGDME with 10 mM 

of TEMPO, showing the capacity from TEMPO far exceeding the theoretical value. 

  



１７８ 

 

 

Figure 4.2. (a) Images of lithium metal before cycling (top) and after 5 cycles 

without TEMPO (left) and with TEMPO (right). (b) SEM images of lithium metal 

surface of cell cycled without TEMPO (left) and with TEMPO. (right) 
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Figure 4.3. UV–vis absorption spectra of TEMPO-containing electrolyte before 

cycling and after cycling. 
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Figure 4.4. (a) Profiles of lithium–oxygen cell without any RMs, showing 

significant charge overpotential. (b) Profiles of cell containing 10 mM TEMPO, 

showing that the effect of TEMPO in reducing the charge overpotential weakens with 

repeated cycling. 
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Figure 4.5. Cycling performance of lithium–oxygen cells without and with TEMPO. 

The cells were cycled with a current density of 300 mA g−1. 
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Figure 4.6. Schematic illustrations of the working processes of TEMPO and PTMA. 

For typical RMs such as TEMPO, oxidation of the RM occurs in the electrolyte. 

Then, RM+ diffuses to Li2O2 and chemically decomposes it. In addition, the 

diffusible nature of RMs leads to the movement of RM+ toward the reactive lithium 

metal anode side, which is referred to as the shuttle phenomenon. The shuttle 

phenomenon reduces the efficiency of Li2O2 decomposition by RM+. Furthermore, 

when RM+ makes contact with the lithium metal anode, it promotes side reactions 

such as lithium metal oxidation and RM decomposition. However, as a polymer-

based RM, PTMA is not accompanied by the shuttle phenomenon because it is fixed 

at the air electrode in the solid state. The electron transfer between polymer chains 

replaces the diffusion of RM molecules of typical RMs. 
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Figure 4.7. Reaction scheme of PTMA synthesis by GTP and RP methods. (a) 

Reaction scheme of GTP-PTMA synthesized by group transfer polymerization (GTP) 

after the nitroxyl radical formation. (b) Reaction scheme of RP-PTMA synthesized 

by radical polymerization (RP) before the nitroxyl radical formation. 
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Figure 4.8. SQUID profiles and EPR spectra of the two PTMA polymers. Plots of 

χparamagnetic
−1 vs. temperature and Curie–Weiss fittings of (a) GTP-PTMA and (b) RP-

PTMA. EPR spectra of 10−3 M chloroform solution containing (c) GTP-PTMA and 

(d) RP-PTMA. 
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Figure 4.9. Galvanostatic charge profile of PTMA synthesized by GTP method. 

PTMA synthesized by the GTP method had a clear charge voltage plateau at ~3.6 V 

(vs. Li/Li+) and delivered almost the theoretical specific capacity. 
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Figure 4.10. Images of PTMA dissolved in electrolyte. The PTMA did not dissolve 

in 2 M LiTFSI TEGDME until 1 month. The ratio between PTMA and the electrolyte 

was the same as that in assembled PTMA-loaded lithium–oxygen cells. 
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Figure 4.11. Linear sweep voltammetry profiles of electrodes showing that PTMA-

mediated Li2O2 decomposition occurs. 
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Figure 4.12. SEM images of (a) pristine carbon electrode and (b) electrode after 

PTMA coating. TEM images of each sample are presented in the insets. 
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Figure  4.13. X-ray diffraction patterns of pristine, discharged, and charged 

electrodes using PTMA. 
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Figure 4.14. SEM images of (a) pristine Ketjen black air electrode and electrode (b) 

after discharge and (c) after charge. 
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Figure  4.15. Profile of first galvanostatic cycle of PTMA-containing lithium–

oxygen cell compared with those without PTMA or TEMPO. The cell was cycled u

sing 2 M LiTFSI TEGDME at a current density of 300 mA gcarbon
-1. 
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Figure 4.16. Gas evolution profile during the first charging. 
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Figure  4.17. UV–vis absorption spectra of electrolyte of PTMA-

containing lithium–oxygen cell before and after 5 cycles. 
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Figure 4.18. Images of (a) pristine lithium metal anode and anode after 5 cycles (b) 

without and (c) with PTMA. 
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Figure 4.19. Titration result for Li2O2 pre-loaded electrode after charging with 

TEMPO and PTMA. The standard deviation is also displayed. 
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Figure  4.20. Cyclability of RM-free and TEMPO-/PTMA-containing lithium–

oxygen cells. All the cells were cycled at a current density of 300 mA gcarbon-1. 
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Figure  4.21. Profile of PTMA-containing lithium–oxygen cell showing the 

sustainable charge voltage plateau from PTMA for more than 50 cycles, which is 

attributed to the prevention of shuttling. 
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4.1.4 Supplement note 

4.1.4.1 Calculations of Nitroxyl Radical Concentration 

To calculate the nitroxyl radical concentration of PTMA, a superconducting 

quantum interference device (SQUID) was used. The magnetic moment at the 

specific magnetic field (5000 Oe) was measured by varying the temperature from 2 

K to 270 K. Using equation 1, the paramagnetic susceptibility (χ paramagnetic) of the 

polymer was determined by eliminating the temperature-independent terms (χ 

diamagnetic and χ Pauli) from the measured total magnetic susceptibility (χ).45 

χ = χ diamagnetic + χ paramagnetic + χ Pauli     Equation 1 

The Curie constants of the two polymers were calculated using the Curie–Weiss 

law by taking the reciprocal of the slope from plots of χparamagnetic
−1 vs. temperature 

using the following equation 2:  

χ𝐩𝐚𝐫𝐚𝐦𝐚𝐠𝐧𝐞𝐭𝐢𝐜 =
M

H
=

C

T
              Equation 2 

where M is the magnetization (magnetic moment per unit volume), H is the 

magnetic field, and C is the Curie constant. The calculated Curie constants were 

0.353 K emu mol−1 Oe−1 and 0.264 K emu mol−1 Oe−1 for GTP-PTMA and RP-

PTMA, respectively.  

Then, the Curie constant was defined by the following equation 3: 

C =
𝜇0𝜇𝐵

2

3𝑘𝐵
𝑁𝑔2𝐽(𝐽 + 1)             Equation 3 

where kB is the Boltzmann constant, N is the number of magnetic molecules per unit 

volume, g is the Landé g-factor, μB is the Bohr magneton, J is the angular momentum 
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number (J =1/2). The g value of the polymers was determined to be 2.00 from the 

EPR spectra. Finally, the numbers of nitroxyl radicals of the polymers were 

calculated to be 5.66 × 1023 mol−1 and 4.23 × 1023 mol−1, respectively.46 

4.1.4.2 Electron diffusion phenomenon in PTMA 

Radical polymer refers to the group of polymers that bears robust organic radicals 

as pendant groups at every repeating unit.47 Among them, radical polymers bearing 

TEMPO group with nitroxyl radical such as PTMA36 and poly(2,2,6,6-

tetramethylpiperidineN-oxyl-4-vinyl ether) (PTVE)48 are the most representative 

case. The characteristic feature is the presence of electron (or hole) diffusion in 

polymer materials by self-exchange following the reaction:  R(1)
+ + R(2)

ㆍ→ R(1)
ㆍ+ 

R(2)
 +. (R denotes nitroxyl redox center and ㆍ denotes radical species) In case of 

PTMA, for example, the electron self-exchange rate and the electron diffusion 

coefficient by self-exchange are in the order of 105-107 M-1 s-1, and 10-8-10-10 cm2 s-

1, respectively.29, 47 

4.1.4.3 PTMA as catalysts for lithium–oxygen batteries 

To investigate the activity of PTMA in full discharge and charge condition, we 

conducted the full galvanostatic cycling of PTMA-loaded cell with the voltage cut-

off of 2.2 V as shown in figure 4.22.a. While most of lithium-oxygen cells typically 

fail to cycle sufficiently with the full discharge mode due to many issues, thus the 

discharge capacity-limit cycling is often employed, we also observed that the 

performance of the cell becomes inferior with the full discharge mode even using 
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PTMA. And, the effect of PTMA as catalysts were not pronounced in the full 

discharge mode as much as the case of the capacity-limit cycling. The low-voltage 

charge plateau of the characteristic PTMA oxidation was substantially reduced 

compared with the capacity-limiting cycle case as shown in main figure 4.15. We 

speculate that the catalytic activity of the PTMA was partly hampered by the full 

discharge of the cell, which leads to the complete passivation of the carbon electrode 

surface with the insulating discharge products. On the other hand, when the cycling 

of the cell was carried out to partly prevent the complete passivation of the electrode, 

the catalytic activity of the PTMA could be still observed (red line in figure 4.22.a). 

The figure illustrates that, with a slightly higher voltage cut-off of 2.6 V, the 

characteristic charge plateau from PTMA redox reappears, indicating the redox 

mediating role of the PTMA. Despite the reduced activity of the PTMA at the full 

discharge mode, we could confirm that the stability of the PTMA was not 

deteriorated even after the full discharge and charge in the following experiment. In 

figure 4.22.b, when the capacity-limiting cycle test was carried out again at the 

subsequent cycle after the full discharge/charge mode, the redox mediating activity 

of the PTMA could be fully recovered. The reappearance of the characteristic PTMA 

oxidation is clearly observed in the charge process, exhibiting much lowered charge 

polarization. The profile of PTMA-free cell following the same experiment sequence 

with 2.2 V cut-off is plotted together as a reference (black line), which supports the 

catalytic activity of the PTMA. It confirms that the absence of characteristic PTMA 

oxidation in case of 2.2V-cut cycling is not attributed to the activity loss of the PTMA 
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catalyst, but to the complete passivation of the carbon electrode, inducing a large 

increase in the electrode impedance. These series of observations indicate that the 

reversibility of the lithium-oxygen cells employing PTMA is also strongly dependent 

on the amount of the discharge products at the end of the discharge, which can be 

the limitations of PTMA redox mediator. Thus, the rational cycle conditions should 

be considered in employing PTMA redox mediators for the optimal performance. 

4.1.4.4 Degradation mechanism of the lithium–oxygen cell containing PTMA 

The charge voltage of the PTMA cell exhibited a positive shift after the fifth cycle, 

similar to the TEMPO case. We suppose such increase in the charge potential for 

both PTMA and TEMPO cases, despite the prolonged cycle life of PTMA, could be 

attributed to the commonly known factors, which have been found to deteriorate the 

cycle performance of conventional lithium-oxygen batteries. For example, the 

combination of carbon–based air electrode and ether–based electrolyte for lithium–

oxygen cell has been reported to be susceptible to the formation of side product such 

as Li2CO3, which leads to the yield of Li2O2 less than 100 %.34, 42, 43, 49 With the 

repeated cycling, the side product keeps accumulated, which becomes more 

problematic after cycles. Given that the oxidation potential of Li2CO3 is ~3.8 V (vs. 

Li/Li+),50 it is not probable to decompose Li2CO3 with redox mediator such as PTMA 

whose redox potential is lower than 3.8 V (vs. Li/Li+). Accordingly, electrochemical 

decomposition of accumulated Li2CO3 leads to the enhanced charge voltage higher 

than 3.8 V (vs. Li/Li+) even with the presence of PTMA. 

4.1.4.5 Abnormal initial discharge plateau 
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The initial discharge plateau around 3.5 V is attributed to the redox reaction of 

PTMA in the electrode, which remained oxidized at the end of the previous charging 

step. When the PTMA is oxidized but could not chemically reduce Li2O2 for some 

reason, the reduction reaction of PTMA itself can take place during the subsequent 

discharge process. It is supposed that some amount of PTMA remained oxidized after 

the charge process due to the limited yield of Li2O2 during discharge. The discharge 

product of lithium–oxygen cell often contains byproducts such as Li2CO3 resulting 

from side reactions, reducing the yield of the Li2O2 during discharge.42, 49 Since the 

electrochemical oxidation potential of Li2CO3 is higher than the intrinsic redox 

potential of PTMA,50 the oxidized PTMA fails to chemically decompose Li2CO3. 

The substantial amount of byproducts such as Li2CO3 in the discharged electrode, 

thus, would make PTMA remain oxidized. And, the reduction of such PTMA will 

appear during the subsequent discharge process. It should be noted that, unlike the 

RM–free cell, which typically involves the charging over ~4.0 V (vs. Li/Li+) and 

electrochemically decomposes the byproducts, the charging voltage remains under 

~4.0 V (vs. Li/Li+) with the cell employing PTMA, leaving the byproducts such as 

Li2CO3 behind. Since RM itself is in the electrochemically oxidized state at this case, 

it is reduced at the following discharge, resulting in abnormal discharge plateau.44 

We would like to note that, on the other hand, this abnormal discharge plateau is not 

frequently observed in the cell employing liquid-type RMs. It is because the oxidized 

RMs are usually consumed at the lithium anode due to the shuttle effect of RM in 

the cell. The oxidized RMs in the air-electrode migrate to the anode, making 
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themselves reduced. Therefore, the electrochemical reduction of RM in the air-

electrode, which results in the abnormal discharge plateau, gets typically mitigated 

in the following discharge.44, 51 Nevertheless, this kind of RM reduction in the 

subsequent discharge reaction was often detected at high current rate tests even in 

the cell employing liquid-type RMs.44, 52 It is because, in the fast charge/discharge 

conditions, the remaining oxidized RM would not have sufficient time to migrate to 

the counter electrode, thus practically stationed in the air-electrode, whose reduction 

reaction appears in the following discharge process. In this regard, we suppose that 

the presence of abnormal discharge plateau in case of PTMA, as contrast to the 

TEMPO case, supports the absence of the shuttle effect, as a posteriori. Enhancing 

the Li2O2 yield during the discharge along with the prevention of shuttle effect should 

be accomplished simultaneously to eliminate this abnormal discharge plateau. 
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Figure 4.22. (a) Galvanostatic full discharge and charge profile of PTMA-loaded 

lithium-oxygen cells with voltage cut-off of 2.2 V (orange line) and 2.6 V (red line). 

(b) Galvanostatic cycling profile with the capacity cut-off of 500 mAh g-1 after 

experiencing a full cycling with the voltage cut-off of 2.2 V (orange line). For 

comparisons, the profile of the PTMA-free cell following the same experimental 

sequence with 2.2 V cut-off is displayed together. (black line)  
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4.1.5 Concluding remarks 

In summary, we successfully decoupled the charge–carrying redox property of RMs 

and the shuttling phenomenon by introducing a polymer–based RM, PTMA, where 

the typical charge carrying by mass diffusion in the electrolyte was replaced by 

charge carrying by electron transfer between polymer chains while retaining the 

redox–mediating capability. The suppression of shuttling was enabled by anchoring 

of TEMPO in the form of PTMA at an air electrode with reduced solubility. The 

stability of lithium metal and the efficiency of RM–assisted Li2O2 decomposition 

were substantially improved by inhibiting the migration of the RMs within the 

PTMA polymer. Consequently, the sustainable use of RMs was achieved, leading to 

significantly improved electrochemical performance of the RM–containing lithium–

oxygen cell. This study suggests a new pathway for the more effective use of RMs 

in lithium–oxygen batteries, regulating the transport of the RMs without 

compensating for their redox–mediating capability.  
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4.2 Janus liquid electrolyte for shuttle-free redox mediation 

in lithium-oxygen batteries 

4.2.1 Research Background 

Electrolytes are one of the essential components of electrochemical energy storage 

systems, providing ion-conduction paths to support the electrochemical reduction 

and oxidation in electrodes.1, 2 For the stable operation of an electrochemical cell, in 

addition to high ionic conductivity, electrolytes must also satisfy requirements such 

as electrochemical stability over a wide voltage window and chemical stability with 

electrode materials. The conventional electrolyte system most widely adopted to date 

was optimized for performance and safety for lithium-ion batteries (LIBs) with 

respect to its compatibility with a graphite anode and lithium transition-metal oxide 

cathode.2-7 Slight modification of the electrolyte system is often made when 

implementing new electrode materials in LIBs; however, the overall change has not 

been notable. However, the emergence of post-LIB chemistries including lithium–

oxygen, lithium–sulfur, and organic-based batteries has resulted in a variety of anode 

and cathode electrochemical reactions, which are often incompatible with the 

conventional electrolyte, necessitating the development of a new electrolyte 

system.8-10 Although substantial efforts have been devoted to the search for a reliable 

electrolyte for these batteries, it has been challenging to identify an electrolyte that 

can simultaneously optimize the performance of both the anode (e.g., compatibility 

with lithium metal) and the cathode (e.g., stability with oxygen radicals for lithium–

oxygen batteries or polysulfides for lithium–sulfur batteries), each of which requires 
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distinct electrolyte properties.11, 12  

Some of the promising post-LIB chemistries rely on an electrochemical reaction 

involving soluble redox species during the cell operation. In advanced lithium–

oxygen battery systems, these species include oxygen radicals, lithium superoxides 

produced at the cathode, and/or redox mediators (RMs) that catalyze the charge 

process of the cathode.11, 13-17 Although these soluble redox species are indispensable 

in the electrochemical reaction, they may cause severe side reactions when migrating 

to the counter electrode, leading to rapid cycle degradation.13, 18-20 This phenomenon, 

known as the shuttle effect, is also commonly observed in other post-LIB systems 

such as lithium–sulfur and organic batteries.10, 21-23 Various attempts have been made 

to employ physical barriers in the cell to inhibit this migration18, 19, 24-26; however, the 

complete blockage of this migration is not feasible while maintaining high lithium 

ionic transport. As an alternative solution, hybrid electrolytes with a bi-layer27, 28 

(solid/solid29 or solid/liquid) or tri-layer11, 12, 19, 28, 30 (liquid/solid/liquid) structure 

have been exploited, whose solid compartments physically block the migration of 

the soluble species. Nevertheless, the use of a rigid solid electrolyte generally results 

in undesired increases in the cell resistance, weight, and processing cost.27  

Herein, we report a novel all-liquid-based hybrid electrolyte, a so-called Janus liquid 

electrolyte, and employ it as a versatile electrolyte system in redox-mediated 

lithium–oxygen batteries. The Janus liquid electrolyte consists of two different liquid 

phases separated by an immiscibility-driven liquid/liquid interface, where one liquid 

phase serves as the electrolyte for the anode and the other serves as the electrolyte 
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for the cathode. Thus, in principle, the specific requirements of the electrolyte for 

the lithium-metal anode and air cathode can be decoupled by selecting two different 

liquid phases in the Janus electrolyte. Moreover, by taking advantage of the different 

solubility properties of specific target species in two different media, crossover 

issues and shuttle effects can be potentially resolved in a Janus liquid electrolyte. In 

this work, as a model electrolyte system for a lithium–oxygen cell, dimethylsulfoxide 

(DMSO) and tetraethylene glycol dimethyl ether (TEGDME) were selected as the 

base electrolytes for the cathode and anode, respectively, and we demonstrate that 

lithium–oxygen batteries employing our Janus liquid electrolyte can effectively 

confine RM+ within the cathode side of the liquid electrolyte without the use of a 

solid compartment, as verified by in-situ analysis of the lithium–oxygen cell. 

Consequently, the shuttle effect of the RM was successfully suppressed, thereby 

improving the stability and reversibility of the redox-mediated lithium–oxygen cell. 

It is our belief that this new approach exploiting a Janus liquid would make 

identification of optimal electrolyte systems more viable and rejuvenate the 

development of lithium–oxygen batteries. 
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4.2.2 Experimental Method 

4.2.2.1 Materials preparation 

Lithium bis(trifluoromethane)sulfonimide (99.95% trace metals basis) was 

purchased from Sigma-Aldrich and dried under vacuum at 150 °C for at least 3 days. 

Dimethylsulfoxide (DMSO; anhydrous, ≥99.9%) was purchased from Sigma-

Aldrich and used as received. Dimethoxyethane (DME; anhydrous, 99.5%) and 

tetraethylene glycol dimethyl ether (TEGDME) were purchased from Sigma-Aldrich 

and dried using a molecular sieve (type 3 Å, Sigma Aldrich) for more than 24 h. 

Lithium iodide (anhydrous, beads, −10 mesh, 99.999% trace metals basis) was 

purchased from Sigma-Aldrich and used as received. Ethoxylated 

trimethylolpropane triacrylate (ETPTA) and diphenyl (2,4,6-trimethylbenzoyl)-

phosphine oxide (TPO) were purchased from Sigma-Aldrich and used as received. 

The electrolyte was prepared by dissolving the targeted amounts of lithium 

bis(trifluoromethane)sulfonamide and lithium iodide in prepared organic solvents. 

The final water content of the electrolytes was measured to be less than 50 ppm by 

Karl Fischer titration. The slurry for the air electrode was prepared by mixing 0.08 g 

of Ketjen black and 0.02 g of poly(tetrafluoroethylene) binder in 2400 μl of N-

methylpyrrolidone and 1600 μl of isopropanol. The air electrode was fabricated by 

coating the slurry on carbon paper (TGPH030, Toray) and drying under vacuum. To 

fabricate the gel-state electrolytes, the liquid electrolyte (2.3 M LiTFSI in TEGDME 

or 1 M LiTFSI in DMSO with 50 mM LiI) was mixed with UV-curable ETPTA 

monomer (incorporating 1 wt% TPO as a photoinitiator). The composition ratio of 
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the liquid electrolyte/ETPTA was set as 85/15 (w/w). The electrolyte/monomer 

mixture was cast onto a lithium metal anode and then exposed to UV irradiation (Hg 

UV-lamp, Lichtzen) with an irradiation peak intensity of approximately 2000 mW 

cm−2, yielding the gel-state electrolyte on the lithium-metal anode. 

4.2.2.2 Cell assembly and conditions for electrochemical test 

Lithium metal with a thickness of 300 μm was used as the anode. A sheet of glass 

fiber (GF/F, Whatman) was used as the separator. Ketjen-black-coated carbon paper 

was used as the cathode. All the cell components (the lithium metal anode, separator, 

and air electrode) were assembled in a 2032 coin cell to construct a lithium–oxygen 

cell with 85 μl of electrolyte. The assembly was performed in an Ar-filled glove box 

(H2O level < 0.5 ppm and O2 level < 0.5 ppm), followed by storage of the cell in a 

cell container with a gas chamber. The air inside the gas chamber was changed from 

Ar to pure O2 gas, and the cell was operated in a closed environment. A three-

electrode transparent-beaker cell was constructed using Au, nickel foam, and a 

Ag/Ag+ electrode as the working, counter, and reference electrode, respectively. The 

surface of the Au electrode was polished using alumina powder before use. Operation 

of the lithium–oxygen cell and three-electrode beaker cell was performed using a 

potentio-galvanostat (WonA Tech, WBCS 3000, Korea). The cycling of the lithium–

oxygen cell was conducted under galvanostatic condition with voltage and capacity 

cut-offs. The operation of the beaker cell was conducted under potentiostatic 

condition. For the Li/Cu cell employing the 20-μm thin lithium metal electrode, 1 M 

LiTFSI in DME/1,3-dioxolane with 2 wt% lithium nitrate was used as the electrolyte 
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to promote stable lithium stripping and deposition. All the electrochemical tests were 

performed at room temperature. 

4.2.2.3 Characterization 

For analysis of the cell components after cycling, the cell was disassembled in an 

Ar-filled glove box. The cell components were washed with pure organic solvent of 

the used electrolyte before analysis except for the quantitative analysis of Li2O2 using 

the iodometry titration method. Field-emission scanning electron microscopy (FE-

SEM; SUPRA 55VP, Carl Zeiss, Germany) was used to examine the morphology of 

the electrodes. X-ray diffraction (D2 Phaser, Bruker, Germany) was used to identify 

the discharge product. To analyze the mutual immiscibility of the Janus liquid 

electrolyte, 1H NMR spectra were recorded on a 400-MHz AVANCE III HD 

instrument (Bruker) in CD3OD (selected as a reference), and Raman spectra were 

collected using an Alpha 300R (WITec) with a 532-nm laser. The UV-curing reaction 

of the gel-state electrolyte was examined using a Fourier-transform infrared 

spectrometer (FT-IR, Alpha Platinum ATR (Bruker)). Quantification of the amount 

of Li2O2 in the air electrode was performed using the iodometry titration method. In-

situ gas evolution analysis during charge was conducted using a mass spectrometer 

(HPR-20, Hiden Analytical, UK) connected to a potentio-galvanostat (WonA Tech, 

WBCS 3000, Korea). 
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4.2.3 Results and Discussions 

4.2.3.1 Design and preparation of Janus liquid electrolyte 

In the design of a Janus liquid electrolyte for lithium–oxygen batteries, we selected 

DMSO and TEGDME as the base-electrolyte solvents because they are known to be 

the most stable for lithium–oxygen chemistry among reported electrolytes and have 

thus been widely used.14, 31-33 TEGDME was selected for the anode side, as it was 

previously demonstrated to be stable with lithium-metal anodes in lithium–oxygen 

cells.33-35 DMSO was selected for the cathode side because of its relative stability for 

the oxygen electrochemistry14, 31, 32 Making these two solvents immiscible and 

dissolving lithium salts in each solvent were prerequisites for the Janus liquid 

electrolyte. However, the conventional TEGDME-based electrolyte containing 1 M 

LiTFSI is completely miscible with DMSO of the same salt concentration, as shown 

in figure 4.23 (left). Thus, we attempted to make them immiscible by maximizing 

the difference in the solubility parameters between the two base electrolytes, which 

governs the miscibility; this was achieved by systematically altering the ion–dipole 

interaction between the lithium ions and solvent molecules in the TEGDME 

electrolyte by adjusting the salt concentrations.34, 36 From this systematic search, we 

determined that the conventional 1 M LiTFSI DMSO (hereinafter, DMSO-EL) was 

mutually immiscible with 2.3 M LiTFSI TEGDME (hereinafter, TEGDME-EL). 

figure 4.23 (right) clearly illustrates the immiscibility of DMSO-EL and TEGDME-

EL, with the two electrolytes (1:1 volume ratio) coexisting in a vial with a sharp 

interface. The immiscibility of the Janus liquid electrolyte was more clearly verified 
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by analyzing the chemical structures of the top and bottom phases in the vial. The 

1H nuclear magnetic resonance (NMR) spectra in figure 4.24.a display the 

characteristic peaks of DMSO37 exclusively for the top phase, whereas those of 

TEGDME38 appear only for the bottom phase. Raman spectra in figure 4.24.b also 

confirmed the phase separation of DMSO and TEGDME in the Janus liquid 

electrolyte. The C–S stretching modes (671 and 701 cm−1), which are characteristics 

of DMSO,39, 40 were exclusively observed for the top phase, whereas CH2 rocking/C–

O–C stretching modes at 870 cm−1 corresponding to TEGDME were only observed 

for the bottom phase.41, 42  

Because one of the goals in using the Janus liquid electrolyte was to inhibit the 

shuttle effect of RM+ in the redox-mediated lithium–oxygen cell, the exclusive 

dissolution/confinement of RM+ on one side of the electrolyte, i.e., the cathode-side 

electrolyte, was also required. We speculated that this arrangement could be 

potentially achieved by maximizing the solvation preference of RM+ in the cathode-

side electrolyte in the Janus system. The dissolution property of RM+ in a media can 

be determined by its solvation free energy, which is related to the dielectric constant 

(ε) of a solvent by the Born equation:43  

∆𝐺 = −
𝑁𝐴𝑧2𝑒2

8𝜋𝜀0𝑟0
(1 −

1

𝜀𝑟
)     Born equation 

where ∆𝐺  is the Gibbs free energy of solvation of the ion, 𝑁𝐴  is Avogadro’s 

constant, 𝑧  is the charge of the ion, 𝑒  is the elementary charge, 𝜀0  is the 

permittivity of free space, 𝑟0  is the effective radius of the ion, and 𝜀𝑟  is the 

dielectric constant of the solvent. This equation indicates that the preference for RM+ 
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dissolution in a Janus electrolyte can be primarily regulated by modifying the 

difference in the dielectric constants of the two media, with a solvent with higher 𝜀𝑟 

resulting in stronger solvation of RM+ owing to its more negative solvation free 

energy. The equation also implies that de-solvation of RM+ in a more solvating 

medium and re-solvation in a less solvating medium are likely to be energetically 

unfavorable. Because DMSO is expected to be a more solvating medium with a 

higher ε (46.7) than TEGDME (ε=7.8), the potential cross-over of RM+ from DMSO 

to TEGDME in the Janus electrolyte would be subsequently suppressed, restricting 

the shuttle effect. As a proof of concept, we employed LiI as an RM44-47, dissolved it 

selectively in the cathode-side electrolyte, i.e., DMSO-EL, and monitored its 

diffusion over time. Figure 4.25 (left image) shows that the DMSO-EL/TEGDME-

EL Janus electrolyte successfully confined the oxidized RM (16.7 mM I3
−) within 

the DMSO-EL phase without any apparent cross-diffusion toward the TEGDME-EL 

phase. In contrast, a control electrolyte system of 1 M LiTFSI in TEGDME and 

DMSO resulted in homogeneous dissolution of I3
− (figure 4.25 (right image)), thus 

failing to confine the RM.  

The capability of the Janus liquid electrolyte to confine the RM/RM+ was further 

confirmed by in-situ observation of the electrochemical cell. A three-electrode 

transparent-beaker cell was constructed to enable visualization of the cross-over 

behavior of I3
−, as shown in figure 4.26.a. Gold and nickel foam were used as the 

working and counter electrodes, respectively. The working electrode was positioned 

at the cathode side of the Janus liquid electrolyte to mimic the I− oxidation (50 mM) 
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occurring at the air electrode in a lithium–oxygen cell. For comparison, a similar 

beaker cell was also constructed with a single-phase electrolyte (1 M LiTFSI in 

DMSO) with 50 mM LiI dissolved. The generation of the oxidized species and its 

diffusion behavior were monitored while continuously oxidizing I− at the working 

electrode under constant-voltage condition. Figure 4.26.b shows the time-dependent 

diffusion behavior of the oxidized I− (brown color). For the single-phase electrolyte, 

the oxidized I− began to diffuse from the start of oxidation because of the 

concentration gradient. After 120 min, it diffused to all the areas of the electrolyte in 

the beaker cell, which turned yellow. In contrast, the migration of the oxidized I− 

was successfully regulated in the Janus liquid electrolyte. Figure 4.26.b shows that 

the brown I3− ions were continuously produced upon electrochemical oxidation, 

diffusing out of the working electrode. However, they were remarkably confined to 

the cathode-side electrolyte, not diffusing toward the anode-side electrolyte. The 

magnified image in figure 4.26 clearly demonstrates that the brown RM+ ions did 

not cross the sharp interface between the two media in the Janus electrolyte system, 

with the anode-side electrolyte remaining completely transparent. This in-situ 

experiment confirms that the Janus liquid electrolyte effectively suppressed the 

cross-over of the oxidized I− to the reactive anode side and was thereby capable of 

preventing the detrimental shuttle effect. 
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Figure 4.23. Photographs showing the immiscibility behavior of the control 

electrolyte (1 M LiTFSI DMSO/1 M LiTFSI TEGDMEL) (left) and Janus liquid 

electrolyte (1 M LiTFSI DMSO/2.3 M TEGDME) (right). 
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Figure 4.24. (a) NMR and (b) Raman spectra of the top and bottom phases of the 

Janus liquid electrolyte (shown in figure 4.23, left) 
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Figure 4.25. Photographs showing the dissolution of 16.7 mM I3
− (oxidized RM) in 

the control electrolyte (left) and Janus liquid electrolyte (right). 
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Figure 4.26. In-situ observation of I3
− diffusion behavior using transparent beaker 

cell. (a) The beaker-cell construction with the single-phase electrolyte (left) and 

Janus liquid electrolyte (right). Gold and nickel foam were used as the working and 

counter electrode, respectively. A Ag/Ag+ electrode was used as the reference 

electrode. (b) Time-dependent I3
− diffusion behavior in single-phase and Janus liquid 

electrolyte. In the single-phase electrolyte, the yellow I3
− diffused to all areas of the 

electrolyte after 120 min of oxidation. In contrast, for the Janus liquid electrolyte, I3
− 

did not diffuse to the anode side and instead remained at the cathode side. 
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4.2.3.2 Electrochemical properties of lithium–oxygen cell employing 

Janus liquid electrolyte 

To assess whether controlled diffusion of the RM+ by the Janus liquid electrolyte 

leads to the actual suppression of the shuttle effect in a cell environment, a coin-type 

lithium–oxygen cell was prepared and its electrochemical properties were 

investigated. Note that the anode-side electrolyte was assembled in a coin-type cell 

structure in a gel state for mechanical stability, as depicted in figure 4.27 (details of 

the cell fabrication are provided in the experimental method). For comparison, 

lithium–oxygen cells with the DMSO-EL single-phase electrolyte were similarly 

fabricated and examined. As the shuttle effect has been reported to promote 

substantial degradation of lithium-metal anodes,18, 44, 48, 49 the anode of each cell was 

inspected to immediately verify the effect of the Janus liquid electrolyte (DMSO-EL 

with 50 mM LiI/TEGDME-EL). Figure 4.28 presents photographs of the lithium-

metal anode retrieved from the lithium–oxygen cells, which were cycled at a current 

density of 1000 mA g−1 with a capacity cut-off of 500 mAh g−1. The lithium metal 

cycled with the single-phase electrolyte (DMSO-EL with 50 mM LiI) was 

significantly degraded by the repeated cycling, as shown in figure 4.28.b, compared 

with the pristine state of lithium metal (figure 4.28.a). Even after 20 cycles, the 

surface of the lithium-metal anode turned black, indicating that extensive side 

reactions occurred at the surface. This degradation is attributed to the diffusion of 

the oxidized RM toward the anode and the corresponding side reactions with the 

lithium metal. It is notable that degradation of the lithium-metal anode was not 
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observed in a lithium-metal symmetric cell employing DMSO electrolyte, as shown 

in figure 4.29, confirming that the degradation was not caused by any intrinsic issue 

between lithium metal and the DMSO solvent50, 51. In sharp contrast, the lithium-

metal anode cycled with the Janus liquid electrolyte remained stable without any 

significant deterioration after 20 cycles, as depicted in figure 4.28.c. This finding 

suggests that the Janus liquid electrolyte successfully confined the redox reaction 

related to the RM to the cathode-side electrolyte and prevented potential side 

reactions with lithium metal, thus improving the stability of the anode. The surfaces 

of the lithium-metal anodes were further examined using scanning electron 

microscopy, as shown in figure 4.30. The clean pristine lithium-metal surface (figure 

4.30.a) was well retained in the Janus electrolyte after the electrochemical cycling 

(figure 4.30.c), whereas that in the single-phase electrolyte degraded substantially, 

with the formation of non-regular-shaped byproducts (figure 4.30.b). 

It was also verified that the electrochemical reversibility of the lithium-metal anode 

could be subsequently improved in the Janus electrolyte system. In a separate 

experiment, we investigated the amount of active lithium remaining in the anode as 

a function of cycle number using a thin lithium foil with a thickness of 20 μm. The 

thin lithium-metal anode was retrieved after cycling and reassembled to construct a 

Li/Cu cell to quantify the remaining active lithium (see experimental details in 

Experimental section). Figure 4.31 compares the capacities obtainable from the 

Li/Cu cells employing the lithium-metal anodes retrieved from the cells of the single-

phase and Janus liquid electrolytes. Whereas the pristine 20-μm lithium anode 
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delivered a capacity of 3.96 mAh in a fresh cell, the lithium anode retrieved from the 

single-phase-electrolyte cell only delivered a capacity of 0.80 mAh, implying that a 

major portion of the active lithium, corresponding to as much as 3.16 mAh of the 

capacity, was lost during the prior cycling, which was attributed to the significant 

side reactions and passivation. However, the lithium-metal anode retrieved from the 

cell using the Janus liquid electrolyte maintained a high discharge capacity 

corresponding to 3.27 mAh, with lithium loss of 0.69 mAh. This loss is more than 

four times less than that for the single-phase-electrolyte cell, indicating the improved 

reversibility of the lithium anode in the Janus electrolyte. This series of qualitative 

and quantitative analyses clearly demonstrate that the use of the Janus liquid 

electrolyte enhances the lithium-metal stability by preventing side reactions between 

lithium and RM+ through the suppression of cross-over and shuttle effects. It is 

noteworthy that the improved lithium-metal stability is not associated with the 

presence of the gel-state electrolyte on lithium metal. We constructed a single-phase 

bi-layer electrolyte using DMSO-EL gel-state, as illustrated in figure 4.32, and 

significant degradation of the lithium metal was consistently observed due to the 

cross-over and shuttle effect of RM (figure 4.33); thus, the enhanced lithium anode 

stability can be solely attributed to the liquid phase separation in the Janus liquid 

electrolyte. 

The cross-over and shuttling of RM+ is also known to affect the Li2O2 decomposition 

efficiency in extended cycles, as RMs+ are progressively consumed at the lithium 

anode side.18 To study the consequence of this effect on the performance of the air 
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electrodes, we examined the air electrodes in the two systems after cycling and 

quantitatively measured the amount of remaining Li2O2 that could not be 

decomposed. In figure 4.34, the amounts of residual Li2O2 in the air electrodes are 

plotted as a function of cycle number comparatively for the two cases. The results 

indicate that after 10 and 20 cycles, the air electrode retrieved from the single-phase 

electrolyte contained undecomposed Li2O2 corresponding to as much as ~30% and 

~48% of that of the targeted state of charge (SoC), respectively. This finding implies 

that all the RMs+ that were charged could not be used to decompose Li2O2 but were 

instead substantially consumed, resulting in the continuous accumulation of Li2O2 in 

the air electrodes. However, when the cells were cycled with the Janus liquid 

electrolyte, the amount of residual undecomposed Li2O2 in the air electrode was 

significantly lower than that in the conventional one-electrolyte system, with less 

than 10%–20% of the discharge products remaining undecomposed after 20 and 40 

cycles. This result confirms that the use of the Janus liquid electrolyte successfully 

suppressed the consumption of RM+ by preventing the shuttle effect, leading to the 

sustained high Li2O2 decomposition efficiency. 

Inspired by the enhanced anode stability and cathode reversibility, the performance 

of the RM-containing lithium–oxygen cell was further scrutinized by conducting a 

galvanostatic cycling experiment employing the Janus liquid electrolyte. Figure 4.35 

present galvanostatic profiles of the lithium–oxygen cell cycled with the single-

phase and Janus liquid electrolytes, respectively, using the capacity cutoff mode. The 

cell with the Janus liquid electrolyte clearly exhibited a more stable electrochemical 
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profile at a current density of 1000 mA g−1 compared with that of the cell with the 

single-phase electrolyte. It is notable that a voltage plateau at ~3.3 V (vs. Li/Li+) 

emerged during discharging for the cell cycled with the Janus liquid electrolyte. We 

assign this plateau to the reduction of the remaining RM+ (oxidized I−) during the 

previous charging.49, 52 Considering the limited Li2O2 yield during discharge of the 

lithium–oxygen cell,35, 53-55 it is expected that unused RM+ remains after the end of 

charge unless it is consumed at the lithium-metal anode. Accordingly, we attribute 

the evolution of the plateau at ~3.3 V (vs. Li/Li+) to the absence of the shuttle 

effect/loss of RM+ enabled by the Janus liquid electrolyte, as reported elsewhere.49, 

52 Figure 4.36 show the capacity retention over the cycles for the cells with the single-

phase and Janus electrolyte at high (1000 mA g−1) and low (200 mA g−1) current 

densities, respectively. These results indicate that substantially improved cycle 

stability was achieved using the Janus electrolyte. Schematics in figure 4.37 

illustrates the synergetic effect of the enhanced anode stability and cathode 

reversibility from the suppressed RM cross-over and confinement in the cathode side 

can aid in improving the electrochemical stability of lithium–oxygen batteries. 
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Figure 4.27. Schematic illustration of the fabrication of the gel-state electrolyte 

using UV-curing-assisted printing process. Details of the procedure are elaborated in 

the experimental section. 
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Figure 4.28. Photographs of lithium metal anode: (a) pristine, (b) cycled with single-

phase electrolyte, and (c) cycled with Janus liquid electrolyte. 
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Figure 4.29. Photographs of lithium metal after cycling 20 times in a lithium/1 M 

LiTFSI DMSO/lithium symmetric cell under oxygen atmosphere. 
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Figure 4.30. SEM images of lithium metal surface: (a) pristine, (b) cycled 20 times 

with single-phase electrolyte, and (c) cycled 20 times with Janus liquid electrolyte. 
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Figure 4.31. Galvanostatic profiles showing remaining active lithium metal after 

cycling with single-phase and Janus liquid electrolyte. Thin lithium metal foil with 

a thickness of 20 μm was used. 
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Figure 4.32. Structure of lithium–oxygen cell with single-phase bi-layer electrolyte. 

For the bottom layer, DMSO-EL was fabricated as a gel-state electrolyte. For the 

upper layer, a glass fiber separator was soaked in the same DMSO-EL as that used 

in the bottom layer. 
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Figure 4.33. (a) Digital and (b) SEM images of lithium metal cycled 20 times in the 

cell with single-phase bi-layer electrolyte, showing that the presence of the gel-state 

electrolyte does not improve the stability of lithium metal. 
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Figure 4.34. Quantitative analysis of the remaining Li2O2 in the air electrode after 

cycling with the single-phase and Janus liquid electrolytes. 

  



２４１ 

 

 

Figure 4.35. Galvanostatic cycling profile of cell with (a) single-phase electrolyte 

and (b) Janus liquid electrolyte under current rate of 1000 mA g−1. 

  



２４２ 

 

 

Figure 4.36. Cycling performance of cells under current rate of (c) 1000 mA g−1 and 

(d) 200 mA g−1. 
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Figure 4.37. Schematic illustrations of RM diffusion behavior in cell with (left) 

single-phase and (right) Janus liquid electrolyte. (left) The oxidized RM freely 

diffuses toward the reactive lithium-metal anode, which causes lithium-metal 

degradation and the consumption of oxidized RM. (right) The oxidized RM does not 

diffuse through the phase interface and thus remains at the cathode side without the 

shuttle effect. 
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4.2.4 Concluding remarks 

In summary, we demonstrated the efficacy of exploiting a novel Janus liquid 

electrolyte in lithium–oxygen batteries. The Janus liquid electrolyte was designed by 

considering its compatibility with the lithium–oxygen cell system, the RM-solvating 

property, and the mutual immiscibility of the two liquid phases. The selected Janus 

liquid electrolyte system, DMSO-EL/TEGDME-EL, enabled the confinement of the 

oxidized RM+ species to the cathode-side electrolyte, as demonstrated by a phase-

separation experiment and in-situ observation of the diffusion behavior. The 

controlled diffusion resulted in improved lithium metal stability and reversibility of 

the air electrode, suggesting the successful prevention of the detrimental shuttle 

effect. Consequently, a lithium–oxygen cell exploiting the Janus liquid electrolyte 

exhibited much more sustainable cycling performance. We believe that the concept 

of Janus liquid electrolytes will spur renewed efforts to address the challenging 

issues to identify stable electrolytes for both lithium-metal and air cathodes in 

lithium–oxygen batteries. 
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Chapter 5. Conclusion 

Nowadays, the development of next-generation energy storage system is 

indispensable to fulfill the increasing demand on high energy battery system. Li-O2 

battery is most promising candidate to replace a commercial Li-ion battery due to its 

extremely high theorecial energy density. However, the current state of Li-O2 battery 

technology does not guarantee satisfactory performance for practical use of the 

system. Exploiting catalysts, especially redox mediators, is considered powerful 

approach to remarkably improve the performance of Li-O2 battery, which promotes 

worldwide research effort to discover suitable catalysts to enhance cell performance. 

To develop highyl performing redox mediator, multidisciplinary research is requried. 

From exploring new catalysts, to fundamental study and dealing with practical issue, 

multifaceted approach can facilitate optimized utilization of redox mediators. 

Exploring new materials is a first and essential step in development process. 

When searching materials, requirements that candidates must statisfy needs to be 

defined and based on such desgin rule appropriate screening can be conducted. Once 

appropriate requirements was set, turning eyes to another system sometimes inspire 

new finding. For example, redox mediator for oxygen reduction reaction in Li-O2 

battery should ensure its appropriate redox potential and redox reversibility. 

Interestingly, there exists catalyst working similarly in biological respiration system 

and it was found that it satifies the requirements to be adopted in Li-O2 cell. Inspired 

by the similarily between two system, biological catalyst, vitamin K2 was 

successfully introduced into Li-O2 battery as a redox mediator improving the 

performance of the cell. 
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Not only search for new materials, but also understanding fundamental 

aspects is crucial in designing catalyst. For example, reaction mechanism and 

intrinsic property of catlayst play a important role in determining the performance of 

heterogeneous electrocatalyst. To better understand fundamentals of redox mediator, 

comparative study employing various materials was conducted. On discharge, it was 

found that kinetics of redox mediator is controlled by steric hindrance around redox 

center, which further implies inner-sphere electron transfer occurs with the formation 

of intermediate state. The implication of kinetics on catalytic peformance was 

investigated and it was demonstrate that mediators with intermediate kinetics 

induces best cell performance. Similar compratative study regarding charge process 

revealed that kinetics of redox mediator is governed by Marcus theory and it directly 

determines the power capability of the cell. 

Although the property of redox mediator is optimally designed, its actual 

performance in cell enviornment can be deteriorated by practical issues. For example, 

shuttle effect is one of the most halmful phenomena when utilizing soluble speces 

such as redox mediator. Desolved in liquid electrolyte, redox mediator freely diffuses 

even toward reactive anode side, causing degradation of anode and mediator itself. 

Accordingly, preventing shuttle effect is neccesary step for sustainable use of 

mediator. To this end, the strategy to anchor redox mediator in polymer chain was 

employed. Limited solubility of polymer suppresses the diffusion of redox mediator 

and at the same time, in-chain electron transfer mechanism in polymer maintains the 

hole-carrying property. As the next approach, Janus electrolyte consisting of two 

different immiscible liquid electrolytes was employed to ensure free diffusion of 

redox mediator in liquid phase and suppress shuttle effect, simultaneously. Those 
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approaches successfully prevented detrimental shuttle effect and led to sustainable 

redox mediation. 

In conclusion, multifaceted research strategy, 1) exploring new materials, 

2) studying fundamental aspect, and 3) addressing practical issues with the aim of 

developing and designing high performance redox mediator was introduced in this 

dissertation. This study will found a solid basis for developing catalysts for Li-O2 

battery and contributes to realizing practically feasible Li-O2 battery. Furthermore, 

it will provide stong research insight in developing various next-generation energy 

storage systems that necessitates the development of optimal catalysts. 
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국   문   초   록 

  환경과 에너지 문제는 인류에게 있어서 깨끗하고 지속 가능한 

미래 실현을 위해 마주해야만 하는 쟁점이다. 이러한 흐름에서, 신재생 

에너지의 사용을 용이하게 해주는 에너지 저장 장치의 개발은 아주 

중요한 문제이다. 수 십년의 개발을 거쳐 현재 리튬 이온 전지가 

최첨단의 상용 전지로서 널리 사용되고 있다. 하지만, 무거운 전이 

금속을 필수 요소로 사용한다는 점으로 인해 리튬 이온 전지는 에너지 

밀도 증가 관점에서 확실한 한계점을 지니고 있다. 이를 대체하기 

위하여 과학자들은 금속-공기 전지, 금속-황 전지, 유기물 전지 등과 

같은 차세대 전지 시스템에 대하여 꾸준히 연구를 진행해오고 있다. 그 

중에서 리튬-공기 전지는 3500 Wh kg-1 에 달하는 높은 이론 에너지 

밀도로 인해 많은 관심을 받고 있다. 하지만 높은 잠재성에도 불구하고 

시스템의 내재적 문제에서 기인하는 많은 한계점들로 인해 리튬-공기 

전지의 상용화는 실현되지 못하고 있다. 

 이 학위 논문에서는, 산화 환원 매개체를 이용하여 고성능 리튬-

공기 전지를 개발하는 것을 주요 주제로 다루고 있다. 반응 경로를 

제어할 수 있는 산화 환원 매개체를 이용하여 문제점이 많은 리튬-공기 

전지의 기존 충/방전 반응 경로를 우회할 수 있으며 이를 통해 많은 

문제들을 해결 할 수 있다. 우수한 성능의 산화 환원 매개체를 개발하기 

위하여, 새로운 촉매의 개발에서부터 촉매 성능에 대한 기초적인 연구에 

이르는 다방면의 연구가 진행되었다. 또한, 촉매 사용 과정에서 발생하는 

셔틀 현상과 같은 실제적인 문제들에 대한 해결법 또한 연구되었다. 

 제 2장에서는, 생체 시스템으로부터 새로운 촉매를 개발하는 

과정을 소개한다. 세포 호흡과정에서의 전자 전달 과정과 리튬-공기 

전지 내에서 산화 환원 매개체를 이용한 산소 환원과정간의 유사성에서 
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영감을 받아 생체 촉매인 비타민 K2가 리튬-공기 전지용 방전 촉매로 

도입되었으며, 이것이 촉매로서 성공적으로 작용하고 전지 성능을 

월등히 향상시킨 다는 것이 밝혀졌다. 이를 통해 두 시스템간의 

유사성이 어떻게 새로운 발견을 이끌어 낼 수 있는지 보여주고 있다. 

 제 3장에서는, 산화 환원 매개체의 반응 속도, 반응 메커니즘 

등과 같은 기초적인 사항들에 대해 이해하기 위한 연구 방법들을 

소개한다. 다양한 매개체를 활용한 비교 연구를 통해 매개체의 반응 

속도에 영향을 주는 인자들과 반응 속도와 전지 성능 간의 상관 관계를 

규명하였다. 방전 과정 중의 매개체의 반응 속도는 산화 환원 중심부 

주변의 입체 구조적 간섭 크기에 영향을 받는다는 것이 밝혀졌으며, 

이를 통해 중간체 형성이 동반되는 내부권 전자 전달이 산화 환원 

매개체를 이용한 방전 중에 일어난다는 것을 규명하였다. 추가적인 

연구를 통해 산화 환원 매개체의 반응 속도와 실제 전지 성능 간에 

볼케이노 상관 관계가 있는 것이 관찰되었다. 유사한 속도론 관점에서의 

연구가 충전 과정에 대해서도 진행되었으며, 산화 환원 매개체의 충전 

중 반응 속도는 마커스 이론을 따라 매개체의 이론 전압에 의해 

결정된다는 것을 확인하였다. 추가적으로, 매개체의 반응 속도가 전지의 

충전 출력 특성과 직접적으로 영향이 있는 것을 확인하였다. 이 

장에서는, 우수한 성능의 촉매를 개발하기 위하여 촉매의 기초적인 

특성을 파악하는 것의 중요성에 대해 다루고 있다. 

 마지막으로 제 4장에서는, 산화 환원 매개체의 문제점인 셔틀 

현상을 해결하는 연구 전략들을 다루고 있다. 자유롭게 움직이는 

특징으로 인해 산화 환원 매개체는 반응성이 높은 음극 쪽으로 쉽게 

확산하게 되고 이는 음극 열화, 매개체 분해 등과 같은 많은 문제들을 

야기한다. 이를 해결하기 위해 산화 환원 매개체를 고분자에 고정한 

고정형 촉매를 도입하여 셔틀 현상을 억제할 수 있었으며, 고분자 내에 
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존재하는 전자 확산 기구로 인해 매개체의 전하 전달 특성도 유지할 수 

있었다. 두 번째 접근법으로서, 산화 환원 매개체의 이동성을 완전히 

유지하면서 셔틀 현상을 억제하기 위하여 새로운 형태의 야누스 액체 

전해질이 도입되었다. 상이한 용해 특성을 가진 두 액체 전해질을 각각 

음극 및 양극 측에 동시에 사용함으로써, 산화 환원 매개체의 확산 및 

셔틀 현상을 완벽히 억제할 수 있었다. 이 장에서는, 전지 구성요소들의 

적절한 변형을 통해 셔틀 현상이 억제될 수 있으며 이는 산화 환원 

매개체의 장시간 사용을 가능케한다는 것을 확인하였다. 

 이 학위 논문에서 진행 된 산화 환원 매개체에 대한 1) 새로운 

촉매의 개발, 2) 촉매에 대한 기초 연구, 3) 실제적인 문제의 해결과 같은 

다방면의 연구는 리튬-공기 전지용 고성능 산화 환원 매개체를 개발하는 

것에 대해 기초적인 토대가 될 것이다. 더 나아가, 금속-공기 전지 및 그 

외 차세대 전지를 위한 우수한 촉매를 개발함에 있어서 연구적인 

통찰력을 제공해 줄 것이다. 

 

주요어: 전기화학, 이차 전지, 리튬-공기 전지, 산화 환원 매개체, 반응 

속도론, 셔틀 현상 
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