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ii. Abstract 

The comprehensive usage of clean energy is the biggest challenge of society in the 21st century. 

Advanced energy storage and conversion systems play a critical role in this vision, and 

electrochemical energy storage and conversion are the most promising candidates. However, 

their premature ageing limits their wider application. One of the biggest issues is the active 

material dissolution under electrochemical conditions, but the limited availability of 

characterization methods hinders an in-depth understanding of the process as well as mitigation 

strategies.  

 

In this thesis, we develop real-time/in-situ/operando electrochemical techniques to study the 

degradation processes and mechanisms happening at the electrode-electrolyte interfaces within 

the Li-ion battery and water electrolyzer. We first establish online inductively coupled plasma-

optical emission spectrometry (online ICP-OES) for real-time electrolyte analysis, enabling the 

direct detection of transition metal dissolution from Li-ion cathodes, taking LiMn2O4 (LMO) as 

an example.  

 

Then, we apply the rotating ring-disc electrode (RRDE) technique for real-time speciation of 

the dissolving transition metal ions, which is the basis of a comprehensive understanding of the 

dissolution mechanism, and supplements findings from online ICP-OES, which could provide 

extraordinary detection limits for multiple elements but is blind to the oxidation states of the 

dissolving species. We focus on Mn, and combine voltammetry on stationary and rotating 

electrodes with electrochemical impedance spectroscopy and Raman spectroscopy. With the 

understanding of Mn behaviour on the ring and disc electrodes, respectively, we then investigate 

LMO dissolution and speciation on the ring electrode in real-time.   

 

One of the widely reported Mn dissolution mitigation strategies is to replace one-fourth of the 

Mn in LMO with Ni, which then forms LiNi0.5Mn1.5O4 (LNMO). We compared the chemical 
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composition, morphology, crystal structure, and electrochemical properties including cycling 

capacity, stability, and rate capability of 2 commercial and 3 lab-synthesized LNMO samples. 

Their dynamic phase transformation during (dis)charging was observed by operando Raman 

spectroscopy, aimed at studying the dynamic cathode-electrolyte interphase (CEI) changes 

under different electrochemical conditions and their impact on cycling and rate performances.  

 

Water electrolysis is considered to be the most promising way to generate green hydrogen as 

the next-generation energy carrier. Such a process includes the hydrogen evolution reaction 

(HER) on the cathode and the oxygen evolution reaction (OER) on the anode. The complexity 

and sluggish kinetics of OER make it often the limit of the whole process and thus usually 

requires advanced electrocatalysts. Ideal OER electrocatalysts should have both excellent 

activity and stability. While the former can be directly observed electrochemically, the latter is 

usually hard to characterize due to the lack of available techniques. We here employed online 

ICP-OES for direct detection of active material dissolution of several promising candidates of 

OER electrocatalysis, which provide direct evidence of the stability of the electrocatalysts.  

 

To summarize, we established several real-time/in-situ/operando electrochemical techniques 

for studying the electrode-electrolyte interface in electrochemical energy storage and 

conversion systems. These results will help to better understand and mitigate the premature 

ageing of those systems.  
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Chapter 1. Introduction 

1-1  Renewable energy 

The shift from fossil fuel to renewable energy is one of the most significant challenges in the 

21st century, which is motivated by several key factors. Using fossil fuels has been proven to 

result in not only serious greenhouse gas emissions but also air pollution. The former is a major 

driving force of global climate change and the latter can cause many human diseases.1–3 Besides, 

fossil fuels can become scarcer, which will increase the cost in the meantime, and eventually 

run out.4 In addition, the survival and activities of humans, animals, plants, etc. are often 

interdependent and mutually beneficial, and thus such a shift can help to achieve a better 

ecosystem.5 

 

Advanced energy storage and conversion systems are indispensable for the utilization of 

renewable and clean energy that is required for the further development of human society due 

to the following reasons: 1) energy storage and conversion systems enable many portable 

devices, such as smartphones, electric vehicles, etc., making our lives more convenient and 

intelligent; 2) clean energy, such as wind and solar energy, is often intermittent, while the 

demand from human society for energy often does not change with the availability of these 

energy sources. Therefore, proper energy storage and conversion systems can support a stable 

energy supply; 3) in emergencies such as natural disasters or similar situations that render 

traditional power generation equipment unavailable, novel energy storage and conversion 

systems can serve as a backup energy source.6–8 

 

Among energy storage and conversion systems, electrochemical energy storage systems, such 

as Li-ion battery (LIB) and its derivative,9–12 and electrochemical energy conversion systems, 

such as fuel cell13,14 and water electrolyzer,15,16 are attracting increasing attention thanks to their 

improved performances in the past decades. However, due to their premature ageing, further 

research is still required to enable complete replacement of fossil fuels with clean energies.17–19 
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1-2  Li-ion battery and its degradation 

A Li-ion battery (LIB) cell consists of cathode, anode, separator, and electrolyte, Figure 1-1. In 

practice, a battery is mostly formed by many cells, which are connected in parallel, while only 

one cell is considered as the research object in electrochemical laboratory. Therefore, all the 

words ‘cell’ and ‘battery’ refer to one cell in this thesis.  

 

Typical cathode and anode active materials are usually synthesized as powders. The cathode or 

anode materials are mixed with the conductive agent (e.g. super P carbon) and binder (e.g. 

polyvinylidene fluoride, PVDF) in a proper solvent (e.g. N-methyl-2-pyrrolidone, NMP) to 

form an electrode slurry, which is then coated on the current collector and dried. After that, the 

dried electrode is cut into the desired shape to form a cell. Commonly used separators include 

porous polypropylene (PP) or polyethylene (PE) membranes. The commercial electrolytes 

include LiPF6 or similar salts in a mixture of linear and cyclic carbonates (e.g. ethylene 

carbonate, EC, and dimethyl carbonate, DMC) solvent. 

 

 

Figure 1-1. Schematic diagram of a LIB. 

 

During (dis)charging, Li ions are extracted from the cathode or anode before being transported 

to and inserted into the other through the electrolyte. Simultaneously, the same number of 
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electrons go through the external circuit to maintain the charge balance and form current. Taking 

the commercially available transition metal (M=Mn, Co, Ni, etc.) oxide cathode and graphite 

anode as an example, the reactions during charging can be described by Equation 1-1 and 

Equation 1-2.  

 

Cathode:  
LiMO2 − xe

−
charging
→      Li1−xMO2 + xLi

+ 
Equation 1-1 

Anode: 
C + xLi+ + xe−

charging
→      CLix 

Equation 1-2 

 

The processes are reversed during discharging. The process of charge transfer between one 

electrode and the electrolyte is defined as a half-cell reaction, and the overall cell voltage is 

dependent on the potential difference between the two half-cell reactions. The separator is 

usually placed between the cathode and anode, and it allows Li ions to pass through while 

preventing direct contact between the two electrodes. 

 

Although LIB is designed to have only fully reversible reactions as described by Equation 1-1 

and Equation 1-2, in practice, both cathode and anode experience significant volume changes 

when inserting and extracting Li+, which is likely to cause collapse and failure from the crystal 

structure to the electrode scale. Subsequently, such volume change is likely to result in or 

exacerbate the loss of contact, growth of electrode-electrolyte interphase, etc., which draws 

lifespan and safety concerns of LIB.20–22 

 

Not only the properties of the components themselves are essential but also the interfaces 

between them play decisive roles in the overall performance of a LIB, as the electrochemical Li 

insertion and extraction always happen at the electrode-electrolyte interfaces. An ideal LIB is 

designed to only have the chemically fully reversible Li insertion and extraction reactions 

happening, but in reality, electrochemical and chemical side reactions occur that limit the 

performance of LIBs.23,24 
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1-2.1  Degradation of cathode 

1-2.1.1  Overview 

The cathode usually has a lower theoretical capacity than the anode and suffers from more 

serious degradation, making it the limiting factor of the overall capacity and life span of a LIB. 

Thus, a clear understanding of the degradation process and mechanism that take place on the 

cathode-electrolyte interface is beneficial for the further development of LIBs.17,25,26 During 

cycling of a LIB, the cathode-electrolyte interphase (CEI) is formed by the decomposition 

products, such as LiF, Li2CO3, MnFx, ROLi (R: alkyl group), etc., from both the cathode and 

the electrolyte.27–30 CEI is widely believed to affect kinetics of the Li+ interfacial charge transfer 

and usually undergoes dynamic changes during (dis)charging. Thus, it is essential to understand 

its formation process and mechanism. 27–30 

 

 

Figure 1-2. Schematic diagram of the cathode degradation processes in a LIB. 

 

Multiple side reactions can happen on the cathode and its surface, which will affect the 

performance of the battery, Figure 1-2. These side reactions can be divided into four categories: 

1) loss and/or ageing of the cathode active material; 2) degradation of the cathode electrode 

components (i.e. conductive agent, binder, or current collector); 3) decomposition of the 
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electrolyte; 4) further reaction between the ageing products and other components (i.e. anode, 

electrolyte, or separator) in the LIB. The driving forces behind these side reactions may be 

electrochemical, chemical, or mechanical (e.g. in cracking of solid material).17,23 

 

1-2.1.2  Transition metal dissolution 

Among the rest, transition metal dissolution is an important but poorly understood side reaction. 

On the one hand, dissolution can result in serious irreversible loss of active redox sites, 

subsequently, the surface and structure of the cathode itself as well as the CEI can also be 

affected. On the other hand, the dissolved transition metal ions tend to migrate to the anode side 

during charging because of the potential gradient, which may then exacerbate the formation of 

solid-electrolyte interphase (SEI) or the decomposition of the electrolyte.31–34  

 

There is no doubt that a clear understanding of the transition metal dissolution mechanism is a 

critical prerequisite for mitigation strategies. Furthermore, materials with better performances 

and longevities can be effectively screened and designed.  

 

Hunter proposed a Mn2+ dissolution mechanism during chemical de-intercalation of Li+ from 

spinel LiMn2O4 (LMO) in an acidic aqueous solution, Equation 1-3.35  

 

2LiMn2O4 + 4H
+ → 3λ-MnO2 +Mn

2+ + 2Li+ + 2H2O Equation 1-3 

 

The mechanism proposed that with the Li+ extracted from the spinel, the Mn3+ on the surface 

will disproportionate to Mn2+ and Mn4+, while the former is soluble and the latter is not. Such 

conversion from LMO to λ-MnO2 can keep the tetrahedral structure of LMO, although the unit 

cell will slightly shrink. As more Li+ is extracted from the structure, more Mn4+ will accumulate 

on the surface of the spinel. 

 

This mechanism was then adapted into the LIB research field for explaining the Mn dissolution 
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from Mn-containing cathodes during Li+ (de-)intercalation, where Mn2+ was believed to be the 

only dissolving species. Subsequently, similar processes have been suggested to occur in other 

transition metals-containing cathodes (i.e. Ni, Co, etc.).32,36–39 

 

Attempts have been made for understanding the dissolution processes from Mn-containing Li-

ion cathodes. Jang et al. analyzed the dissolution from spinel LixMn2O4 by intermittently 

sampling the electrolyte with differential pulse polarography analysis, where the accuracy of 

the responses is strongly dependent on the surface state of the electrode used for detection.40 

Hanf et al. combined electrophoresis with ultraviolet-visible (UV-Vis) absorption spectroscopy 

for ex-situ Mn dissolution detection and speciation.41 Although they successfully detected, 

quantified, and distinguished the dissolving Mn2+ and Mn3+, their method is hard to use in other 

transition metals (Ni, Co, etc.) dissolution study due to the instability of the complexing agent 

needed. Zhao et al. developed a novel UV-Vis probe, which allows them to in-situ monitor the 

Mn2+ dissolution.42 Wang et al. detected the Mn dissolution from LiMn2O4 (LMO) by adding a 

sensing electrode in a Swagelok cell,43 by which they found current contributed by non-Mn2+ 

species.43 Wang et al. applied rotating ring-disc electrode collection experiments to detect the 

dissolving Mn2+. However, their chosen potential for detection was too negative and thus all 

Mn species could be reduced and detected.44–46 The Aurbach group combined electron 

paramagnetic resonance (EPR) spectroscopy, inductively coupled plasma-atomic absorption 

spectroscopy (ICP-AAS), and X-ray absorption near-edge spectroscopy (XANES) for ex-situ 

analysis and claimed that Mn3+ is the main dissolving species from LiMn2O4 (LMO) while Mn2+ 

is predominant for LiNi0.5Mn1.5O4 (LNMO).47,48 However, the basis of their interpretation, that 

Mn(II) is EPR-silent, is under debate.49 Allen & Grey used solution nuclear magnetic resonance 

(NMR) and ICP-optical emission spectroscopy (ICP-OES) for ex-situ detection and their results 

suggested that the dissolving species from LMO, LiNiO2 (LNO), and LNMO are exclusively 

divalent.50 Rynearson et al. extracted the electrolyte from cells with different Mn-containing 

cathodes after cycling and analyzed them through the X-ray absorption spectroscopy (XAS) 

and XANES, their results suggested both Mn2+ and Mn3+ are dissolving, and their ratio is 

dependent on the cathode and unrelated to the cycling potential.51 Terada et al. combined total 

reflection X-ray fluorescence analysis with XANES for ex-situ analysis.52  
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Besides, the dissolution as well as its impact on the anode can be inferred through surface 

analysis of the anode by laser ablation-inductively coupled plasma-mass spectrometry (LA-

ICP-MS),53 secondary ion mass spectrometry (SIMS),54 combination of X-ray photoelectron 

spectroscopy (XPS) and electron microscopy,55 etc. 

 

However, advanced in-situ/operando methods are still desired because: 1) considering the cells 

that are commonly used in the lab usually have only up to milli litre level electrolyte and the 

dissolved transition metals are usually present in trace amounts, thus the detection techniques 

need to have excellent limits of detection; 2) the oxidation states of the dissolving species are 

hard to distinguish by ex-situ methods since some of them could already transform to other form 

or oxidation stated due to their instability; 3) the dependence of the dissolution on key 

parameters such as time, potential, state of charge (SoC), (dis)charge history, etc. are essential 

for dissolution mitigation strategies and better battery operation practices. 

 

1-3  Water electrolyzer and the degradation of its electrocatalysts 

Electrolysis for water splitting is one of the most important ways to generate hydrogen as a 

clean energy carrier, as its combustion only generates water. Such a process involves converting 

the electricity to chemical energy by splitting the water into molecular hydrogen (i.e. hydrogen 

evolution reaction, HER) and molecular oxygen (i.e. oxygen evolution reaction, OER), and is 

considered the most sustainable way for hydrogen generation, especially if renewable electricity 

can be used.  

 

Water electrolysis can happen in both acidic and alkaline conditions, though the sluggish 

kinetics of anodic OER always limit the efficiency of the whole process. OER is a complicated 

reaction as it requires the transfer of 4 electrons and 4 protons (or OH- ions). Besides being the 

anodic half-reaction in water electrolysis, OER also occurs in many other electrochemical 

systems, such as CO2 reduction and ammonia synthesis.56 Therefore, the development of OER 

electrocatalysts is essential for many industries. 
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Ideal electrocatalysts are expected to be excellent in both activity and stability while having 

reasonable costs. Although efforts have been made to develop suitable electrocatalysts for OER, 

the commercially available ones are still a series of noble-metal-based catalysts represented by 

IrO2 and RuO2.57–59 However, the high cost and scarce reserves of these precious metal oxides 

make it challenging to work in sustainable industries. Simultaneously, these commercial 

catalysts typically require operating voltages of more than 1.8 V, which is considerably high. 

Several other electrocatalysts have been proposed, but they can rarely have both improved 

reactivity and stability.  

 

Acidic electrolytes have the advantage of a more facile kinetic barrier of HER, higher 

conductivity, and require less overpotential to reach the same current densities.60,61 However, 

most transition metal compounds that have OER activity are thermodynamically unstable in 

acidic conditions, which can result in serious dissolution.62 Though some non-precious metal 

oxides prefer to work in alkaline electrolytes, their reactivity needs to be improved.56,63,64 In 

both cases, the stability of the electrocatalysts under OER conditions is one of the biggest issues 

that require further development for commercialization.  

 

 

Figure 1-3. Schematic diagram of the degraded OER electrocatalyst surface caused by 

dissolution and re-deposition.  

 

The main reasons causing degradation of the OER electrocatalysts include surface 

reconstruction, structure instability, dissolution and redeposition. Compared with the first two, 
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dissolution and subsequent re-deposition are usually the main reasons causing decreased 

reactivity, Figure 1-3, but they only started drawing attention in recent years. The dissolution 

process and mechanism are affected by many factors such as the surface, support, operation 

potential, etc. of the electrocatalyst. Therefore, advanced in-situ/operando characterization 

techniques are an indispensable part of studying this process. Moreover, subsequent 

redeposition can also have a significant impact on the surface structure and activity of the 

electrocatalyst in long-term.65  

 

Cherevko et al. developed a scanning flow cell/ICP-MS system and quantified six noble metal 

anodes dissolution under transient and steady-state potential control. They showed that the 

dissolution of the six noble metals shows similar trends but orders of magnitude differences in 

the kinetics.66 Kasian et al. combined isotope labelling with atom probe tomography (APT), and 

online electrochemical mass spectrometry to quantify the relationship between the degree of 

lattice oxygen participation in OER and the dissolution of Ir.67 Frydendal et al. evaluated the 

degradation of RuO2 and MnOx by combining the rotating disc electrode (RDE) test with 

electrochemical quartz crystal microbalance (EQCM) and ICP–MS.68 

 

It is clear that estimating the stability of electrocatalysts by only short-term electrochemical 

analysis is not sufficient. Combining an electrochemical flow cell with a suitable elemental 

detection technique, such as ICP-MS or ICP-OES, can provide clues for the degradation process 

of the electrocatalysts. However, effort is still required to study the relationship between these 

degradation processes and long-term stability further, as well as between the three main reasons 

for the decreased performance of the electrocatalyst mentioned above. 

 

1-4  Research objectives and thesis scope 

The aim of this thesis is to provide some insights into the current challenges in the 

electrochemical energy storage and conversion systems mentioned above, that is, the transition 

metal dissolution process and mechanism in Li-ion battery cathodes, and the dissolution and its 
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relationship with the stability of OER electrocatalysts under different electrolytes and potential 

controls.  

 

In Chapter 2, the advanced characterization techniques established and used in this thesis are 

introduced, including the electrochemical flow cell-coupled online inductively coupled plasma-

optical emission spectrometry (ICP-OES), rotating ring-disc electrode (RRDE) setup, and 

operando Raman spectroscopy. Their working principles, setup optimization, and system 

validation are discussed in detail.  

 

In Chapter 3, the application of online ICP-OES system in the transition metal dissolution from 

a Li-ion cathode is revealed. The detection of dissolution from LiMn2O4(LMO) electrodes in 

real time is shown to reveal the role of surface versus bulk structure effects, electrode potential 

and degree of lithiation on Mn dissolution. The results indicate that fully lithiated LMO, with 

an average Mn redox state of 3.5, readily dissolves when brought in contact with 0.2 M Li2SO4, 

but that on initial charging a dissolution–passivation event preceding delithiation abruptly stops 

further detectable dissolution, until well past fully delithiated λ-MnO2. The results suggest that 

by selecting a proper potential window, the dissolution can be mitigated as an alternative to the 

surface coating, which usually sacrifices the energy density. 

 

In Chapter 4, the RRDE setup is used for real-time speciation of the dissolved transition metal 

ions from a Li-ion cathode, which is another indispensable information for understanding the 

dissolution mechanism. The results suggest that Mn3+ is the dissolving species when LMO 

approaches the end of charging, while Mn2+ dissolves when LMO is overdischarged in the first 

cycle. In the following scans, another dissolution period that contains both Mn2+ and Mn3+ is 

found during the Li+ extraction from LMO. The data refine the use of Hunter’s mechanism in 

Mn dissolution from Li-ion cathodes and prove the capability of RRDE for quantitative real-

time study for transition metals dissolution in Li-ion batteries and beyond.  

 

In Chapter 5, the dynamic interfacial change of spinel LiNi0.5Mn1.5O4 (LNMO) as a Li-ion 

cathode is revealed by operando Raman spectroscopy. With the addition of Ni content, the 
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stability of the spinel is assumed to be largely improved. However, interfacial degradation 

including the dissolution and subsequent phase change is still the limiting factor of its 

performance. The chemical composition, morphology, crystal structure, electrochemical 

property, as well as dynamic phase transformation of a few LNMO samples are compared, 

aiming for insights into the interfacial degradation.  

 

In Chapter 6, the degradation of several OER electrocatalysts resulting from their dissolution 

is measured by online ICP-OES, which was then used to infer the long-term stability of the 

electrocatalysts. In addition, the dynamic active sites are analyzed with the help of the 

dissolution data as well as other characterization techniques.  

 

The conclusion and outlook of the project are stated in Chapter 7. This chapter aims to give 

ideas regarding deepening the understanding of the interfacial degradation process of Li-ion 

battery and electrocatalysis systems and provides insights into their further development. 
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Chapter 2. Experimental techniques 

2-1  Electrochemistry basics 

Electrochemistry is the chemical reaction that happens at the interface between an ionic 

conductor (i.e. the electrolyte) and an electronic conductor (i.e. the electrode). When an external 

potential is applied, the potential gradient will drive the electrons to go across the interface from 

the electrode to its adjacent electrolyte or vice versa. In the meantime, the same amount of 

current will be passed through the external circuit. Figure 2-1 shows the conversion process of 

oxidised species O (Obulk) from the electrolyte to the reduced species R (Rbulk) as an example, 

which includes the mass transport of Obulk to Osurface, electron transfer, and mass transport of 

Rsurface to Rbulk. The rate of the overall conversion process from Obulk to Rbulk is always limited 

by the slowest step among the three. 

 

 
Figure 2-1. Schematic diagram of the electrochemical process happens at the electrochemical 

interface, taking the reduction reaction from O to R as an example. 

 

At least two of the electrodes shown in Figure 2-1 are required for a working electrochemical 

cell. To maintain the electrical neutrality of the whole cell, if the species close to one electrode 

gains electrons, the species close to the other electrode must donate electrons. The former 

electrode is usually called cathode while the latter is called anode. The anions and cations in the 

electrolyte move toward the anode and cathode, respectively, due to the electric field in the 

electrolyte, and the electrons pass through the external circuit from the anode to the cathode.  
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In theory, the electrons transferred through the external circuit must match with the electrons 

transferred through the electrode-electrolyte interface. Therefore, the number of electrons 

passing through the external circuit per unit time is equivalent to the number of electrons 

transferred by the redox reaction at the electrode surface, directly yielding the current of the 

electrode reaction.  

 

Considering the electrolysis of water as an example, the smallest potential to drive the reaction 

can be inferred by the Gibbs free energy changes ∆𝐺 through Equation 2-1, 

 

∆𝐺 = −𝑛𝐹𝐸𝑐𝑒𝑙𝑙
𝑒  Equation 2-1 

 

where 𝐸𝑐𝑒𝑙𝑙
𝑒  is the equilibrium potential of the electrolysis cell; 𝑛 is the number of electrons 

transferred in the reaction; 𝐹 (96485 C mol-1) is the Faraday constant. The cell equilibrium 

potential can be calculated from the standard reduction potential of the cathode and anode half 

reaction by Equation 2-2. 

 

𝐸𝑐𝑒𝑙𝑙
𝑒 = 𝐸𝑐𝑎𝑡ℎ𝑜𝑑𝑒

𝑒 − 𝐸𝑎𝑛𝑜𝑑𝑒
𝑒  Equation 2-2 

 

To make the electrolytic cell work, the overall potential 𝐸𝑐𝑒𝑙𝑙 needed is described by Equation 

2-3, 

 

𝐸𝑐𝑒𝑙𝑙 = 𝐸𝑐𝑒𝑙𝑙
𝑒 − |𝜂| − |𝐼𝑅𝑠| Equation 2-3 

 

where 𝜂 is the overpotential, which has its origin in kinetic barriers that exist; 𝐼𝑅𝑠 reflects 

resistive losses in solution, also called IR drop.  

 

Figure 2-2 shows the schematic of a typical experimental electrochemical setup, which contains 

three electrodes, that are, a working electrode (WE), a reference electrode (RE), and a counter 

electrode (CE). The potential of WE is measured and controlled through its potential difference 

with RE, and the current only flows between WE and CE.  
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Figure 2-2. Schematic diagram of a typical the three-electrode electrochemical setup. 

 

When no electrons are transferred externally, thus no conversion between O and R in the 

electrolyte could happen and the equilibrium potential 𝐸𝑒 is reached. Taking the conversion 

from O to R as an example, the 𝐸𝑒 can be described by the Nernst equation, Equation 2-4. 

 

𝐸𝑒 = 𝐸𝑓 +
𝑅𝑇

𝑛𝐹
𝑙𝑛
𝐶𝑂
𝐶𝑅

 Equation 2-4 

 

where 𝐸𝑓  represents the formal potential; 𝑅  (8.314 J K-1 mol-1) is the universal ideal gas 

constant; and 𝐶𝑂  and 𝐶𝑅  represent the bulk concentration of O and R species (mol L-1), 

respectively. 

 

Theoretically, the Nernst equation should be expressed in terms of the activities of O and R 

rather than their concentrations. However, in practical applications, concentration is more 

accessible, but this is usually based on the premise that the O and R are dilute solutions and 

there is a large excess of inert supporting electrolyte. 

 

During an electrochemical measurement, the potentiostat drives current from CE to WE until 

the potential difference between WE and RE reaches the desired value. The solution resistance 

is the origin of the IR drop, which will cause deviation of the applied potential to the desired 

potential and is usually unavoidable in practice. To accurately study the electrochemical process 

that happens on the WE, the system requires a stable RE, small solution resistance, and a 
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negligible current (compared with the current caused by the electrochemical process of interest 

on WE) flowing between WE and RE. 

 

Besides the Faradaic process discussed above, non-Faradaic processes also play an important 

role in electrochemistry. The non-Faradaic processes include all other phenomena where 

(typically capacitive) current flows but no redox change occurs, such as adsorption, double-

layer charging, etc. 

 

2-1.1  Electrochemical techniques 

2-1.1.1  Chronoamperometry (CA) 

Chronoamperometry (CA) measures the transient current changes caused by single potential 

step, and can also be called potential step experiments. In practice, the detected current response 

is affected by the double-layer charging in a very short period of time, and by the unavoidable 

convection caused by the environment in the long term. Thus, CA measurement is usually taken 

within 1 ms to 10 s. 

 

 

Figure 2-3. A CA measurement stepped from E1 to E2: (a) potential vs time; (b) concentration 

vs distance from the electrode surface at different times of the potential step measurement; (c) 

current response vs time.69 

 

Figure 2-3 shows the process of a CA measurement when the potential is stepped from 𝐸1, 

where no current is flowing, to 𝐸2, which is a high potential that the conversion from the analyte 
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to its product is only limited by diffusion. As soon as the potential is held at 𝐸2, the analyte 

close to the electrode surface is all consumed and thus a large current is generated. Then, with 

the development of the diffusion layer, the current density decreases over time and can be 

described by the Cottrell equation, Equation 2-5, 

 

𝑗 =
𝑛𝐹𝐷1/2𝐶

𝜋1/2𝑡1/2
 

Equation 2-5 

 

where 𝑗 is the current density and 𝐷 is the diffusion coefficient. 

 

2-1.1.2  Cyclic voltammetry (CV) and linear sweep voltammetry (LSV) 

 

Figure 2-4. Potential applied during cyclic voltammetry (left) and typical current response 

(right). 

 

Linear sweep voltammetry (LSV) and cyclic voltammetry (CV) are widely used 

electrochemical techniques for studying electrode processes. While LSV applies only the 

potential from 𝐸1 to 𝐸2, CV also includes the reverse scan, Figure 2-4. The current response 

is then detected and plotted as a function of the applied potential. 𝐸1  is often chosen at a 

potential where no redox reaction of interest is happening. Ideally, with the potential scanned 

toward 𝐸2, the oxidation/reduction current of the analytes grows exponentially until its peak 

value (𝐼𝑝 at 𝐸𝑝). After that, the diffusion becomes the rate-limiting factor and thus the current 
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decreases. 

 

In a system where electron transfer is much faster than mass transport of the analyte (i.e. mass 

transport is the rate-limiting factor), the reaction is called reversible. At room temperature, the 

peak current 𝐼𝑝 (A) can be described by the Randles-Sevcik equation, Equation 2-6, 

 

𝐼𝑝 = 2.69 × 10
5𝑛3/2𝐴𝐷1/2𝐶𝑣1/2 Equation 2-6 

 

where the numeric factor 2.69 × 105 has the unit of C mol-1 V-1/2; 𝐴 is the electrode area 

(cm2); 𝐷 is the diffusion coefficient (cm2 s-1) and 𝐶 is the concentration (mol cm-3) of the 

analyte; 𝑣 is the scan rate (V s-1). The relationship between the potential and concentration of 

the analyte and its product can be predicted by the Nernst equation. 

 

When the electron transfer is the rate-limiting factor, the reaction is quasi-reversible or 

irreversible, the peak shape and position in a CV measurement will then be distorted. 

 

2-1.1.3  Electrochemical impedance spectroscopy (EIS) 

Electrochemical impedance spectroscopy (EIS) is an alternative current (AC) technique.70 By 

applying a sinusoidal wave of potential or current at given frequencies, different processes at 

the electrochemical interface will perturb the input signal (the magnitude, phase angle, etc.) 

differently. Two types of EIS techniques are commonly used, these are, potentiostatic EIS and 

galvanostatic EIS. The former applies a potential, Equation 2-7, and detects the current response, 

Equation 2-8, while the latter is reversed,  

 

𝐸(𝑡) = 𝐸0𝑐𝑜𝑠⁡(𝜔𝑡) Equation 2-7 

 

𝐼(𝑡) = 𝐼0𝑐𝑜𝑠⁡(𝜔𝑡 − ∅) Equation 2-8 
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where 𝐸0 and 𝐼0 are the sinusoidal wave amplitude; 𝜔 is the angular frequency; ∅ is the 

phase shift (or phase angle). An EIS measurement usually consists of inputting a series of 

sinusoidal waves that are centred around the given value with constant amplitude but different 

frequencies. 

 

Once the EIS data is collected, it is essential to fit the data into an equivalent circuit that has 

real physical meanings. Then, the parameters for the electrochemical reactions can be extracted. 

The circuit elements used in this thesis and their meaning are summarized in Table 2-1. 

 

Table 2-1. Summary of commonly used circuit elements in electrochemical impedance 

spectroscopy.  

Element Description Impedance 

Resistor (R) Faradic processes through the interface 𝑍𝑅 = 𝑅 

Capacitor (C) 

Usually represents the non-Faradic 

processes, such as electrochemical double 

layer charging, etc. 

𝑍𝐶 =
1

𝑗𝜔𝐶
 

Constant phase element 

(CPE or Q) 
Non-ideal capacitor 𝑍𝐶𝑃𝐸 =

1

(𝑗𝜔)𝛼𝑄
 

Warburg element 

(W) 

Usually associate with the movement of 

electrons or ions in the solid or liquid 

phase 

𝑍𝐶𝑃𝐸 =
𝑊

(𝑗𝜔)0.5
 

 

2-1.2  Mass transport in electrochemistry 

In electrochemistry, the movement of analytes is controlled by three types of mass transport: 1) 

diffusion, which is driven by the concentration gradient; 2) convection, from mechanical forces 

such as the vibration of the solution; 3) migration, caused by the potential gradient. In typical 

analytical electrochemistry, migration is negligible because a large excess of an inert supporting 

electrolyte is present (1-2 orders of magnitude more concentrated than the analytes), so that the 

supporting electrolytes' ions will carry the charge through the solution. Therefore, either 

diffusion-only or convection-dominated mass transport is considered in analytical 

electrochemistry.71 
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In stationary electrochemical analytical techniques, diffusion is the only way of mass transport. 

Linear diffusion on a planar electrode is the most common model for such experiments, where 

the electrode is assumed to be completely flat and of infinite size on an atomic scale, so that the 

concentration gradient only occurs in the direction perpendicular to the electrode surface. Fick's 

first law is used to quantitatively describe linear diffusion, Equation 2-9.  

 

𝐹𝑙𝑢𝑥 = −𝐷
𝑑𝐶

𝑑𝑥
 

Equation 2-9 

 

where flux refers to the rate of diffusion (mol cm-2 s-1); 𝐷 is the diffusion coefficient (cm2 s-1) 

and the minus sign indicates the analyte diffuses from concentrated to diluted region; C is the 

concentration (mol L-1); and x is the distance from the electrode surface. The 𝐷  value in 

aqueous solution is usually around 10-5 cm2 s-1. 

 

In electrochemical processes, the flux of oxidative species (O) into the surface must be 

accompanied by an equal amount of reductive species (R) flux leaving the surface and n 

electrons transfer, or vice versa. Thus, the fluxes of electrons, O, and R at the electrode can be 

described by Equation 2-10, 

 

𝑗

𝑛𝐹
= 𝐷𝑅(

𝜕𝐶𝑅
𝜕𝑥
)𝑥=0 = −𝐷𝑂(

𝜕𝐶𝑂
𝜕𝑥
)𝑥=0 

Equation 2-10 

 

where 𝑗 is the current density (A cm-2).  

 

2-1.3  Rotating disc and rotating ring-disc electrode (RDE/RRDE) 

2-1.3.1  Working principle 

For long-term steady-state measurements, the effect of convection on the electrochemical signal 

cannot be ignored, because even unstirred solutions can be affected by slight changes in the 

environment, such as thermal gradients or vibrations. Therefore, forced convection to achieve 
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well-defined mass transport is preferred.  

 

One of the most classical electrochemical techniques with forced convection is the rotating 

(ring-)disc electrode (RDE or RRDE),71–73 Figure 2-5. During measurements, the electrode is 

rotating, so that a flux perpendicularly toward the disc electrode is derived. The species A from 

the bulk electrolyte is then oxidised/reduced to species B on the disc electrode. After that, the 

flux is thrown off and moves past the ring electrode (in the case of RRDE) that is surrounding 

the disc but separated by an insulator, and species B is oxidised/reduced to species C (note that 

in the simplest systems, species A and C are identical). Finally, species B (for RDE) or C (for 

RRDE) is circulated into the bulk electrolyte. At a stationary electrode, the thickness of the 

diffusion layer changes all the time, while at RDE/RRDE, the electrode generates a Nernst 

diffusion layer of constant thickness, so that diffusion through it is time-independent, thus 

yielding a steady state. 

 

 

Figure 2-5. Schematic diagram of the working principle of a RDE or RRDE. Similar to other 

electrochemical techniques, RRDE experiments are usually performed under the protection of 

an inert atmosphere (such as Ar), or can be performed in other desired atmospheres as well. 

 

Compared with RDE, RRDE adds a ring electrode concentric with the disc electrode to surround 

the disc. Such design enables the detection of the products from the disc electrode processes. 
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The time for the disc reaction products to travel from the disc to the ring is determined by the 

rotation rate of the electrode. Assuming the products are stable enough, the ratio of the products 

from the disc reaction that can be detected by the ring electrode (i.e. collection efficiency 

𝑁𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 ) is determined only by the geometrical parameters of the disc and the ring. 

Therefore, 𝑁𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 can be predicted by the geometry of the RRDE.74 While the 𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 

can be observed from the disc and ring current, Equation 2-11. 

 

𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 = −
𝐼𝑟𝑖𝑛𝑔

𝐼𝑑𝑖𝑠𝑐
 Equation 2-11 

 

Typically, the disc electrode can be subjected to voltammetry techniques, while the ring is 

usually held at a potential desired for oxidising or reducing certain species.  

 

Nernst diffusion layer model is usually used to describe the mass transport in RDE/RRDE. 

Figure 2-6 shows the concentration distribution of O for the example of the reducing process 

from O to R, where the bulk solution contains only O. 

  

 
Figure 2-6. The Nernst diffusion later model in a RDE or RRDE system, taking the reducing 

process from O to R as the example.  

 

When getting closer to the electrode, there is a hydrodynamic boundary layer with a thickness 

of 𝛿𝐻, Equation 2-12, where the solution is stagnant relative to the electrode, so diffusion is the 

only way of mass transport.  
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𝛿𝐻 = 3.6(
𝑣

𝜔
)1/2 Equation 2-12 

 

where 𝑣  is the kinematic viscosity (i.e. viscosity/density) of the electrolyte and 𝜔  is the 

angular rotation speed (rad s-1) that can be converted from 𝑓 (i.e. the rotation rate in revolutions 

per minute (RPM)) by Equation 2-13. 

 

𝜔 =
2𝜋𝑓

60
 

Equation 2-13 

 

The 𝛿𝐻 value for aquous electrolytes with moderate rotation speeds is usually around 300-400 

μ m. Within this stagnant layer, diffusion dominates the mass transfer of the analytes to the 

electrode and the thickness of this diffusion layer 𝛿 can be described by Equation 2-14.  

 

𝛿 =
1.61𝑣1/6𝐷1/3

𝜔1/2
 

Equation 2-14 

 

For ions or molecules with a typical 𝐷 value (~10-5 cm s-1), the diffusion layer in aqueous 

solutions is usually about 5% of the thickness of the hydrodynamic boundary layer.  

 

Notably, the electrochemical response is dependent on the rotating rate of the electrode since 

the 𝛿  can be thinned by increasing 𝜔 . Thus, with increasing 𝜔 , more flux of analytes is 

transported to the electrode, which will then result in a larger current density.  

 

When a sufficient overpotential is applied to the electrode surface, all the analytes near the 

electrode will be reacted, and the current density at this time is independent of the potential but 

related to the mass transfer rate, reaching the steady state. This also leads to the sigmoidal shape 

current response when applying voltammetry to the rotating electrode.  

 

At steady-state (i.e. after the current reaching the plateau), the limiting current density 𝐼𝑙𝑖𝑚,𝑑𝑖𝑠𝑐 

on the disc electrode can be described by Levich equation,73,75 Equation 2-15, taking the process 

of reducing O to R and only O exists in the electrolyte as an example, 
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𝐼𝑙𝑖𝑚,𝑑𝑖𝑠𝑐 = 0.62𝑛𝐹𝐴𝐷𝑂
2/3
𝜈−1/6𝜔1/2⁡𝑐𝑂 Equation 2-15 

 

where 𝐴 is the surface area of the disc electrode. The mass transport parameters, such as 𝐷, 

can be elucidated by the Levich equation.  

 

Furthermore, the Koutechy-Levich equation76, 158 can be employed to describe the current before 

reaching the plateau, which is limited by not only mass transport but also kinetics of the reaction, 

Equation 2-16, 

 

1

𝐼
=
1

𝐼𝑘
+

1

𝐼𝑙𝑖𝑚,𝑑𝑖𝑠𝑐
 Equation 2-16 

 

where 𝐼𝑘  is the kinetic current. Notably, the Koutechy-Levich equation is only valid for 

sluggish reactions, which have an electron transfer rate constant 𝑘0  up to 10-2 cm s-1. 

Otherwise, the electron transfer number n will no longer be independent of the potential. 

 

2-1.3.2  Setup validation by hexacyanoferrate (II)/(III) redox couple 

The RRDE used in this thesis is an E6R1 ChangeDisk RRDE from Pine Research 

Instrumentation, which is fitted with an interchangeable glassy carbon (GC) disc electrode 

(OD=5.0 mm), a Pt ring electrode (ID=6.5 mm, OD=7.5 mm), and a PTFE shroud. The 

𝑁𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 of this electrode based on its geometry is 25%, and its 𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 is validated by 

the hexacyanoferrate (II)/(III) redox pair, Figure 2-7.   

 

As shown in Figure 2-7(a), sigmoidal curves are found for the disc current at all rotation rates, 

and the limiting current grows linearly with the square root of the rotation rate, Figure 2-7(c), 

meaning that the process is only controlled by mass transportation at high enough potential. The 

𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 is approximately 28.3±0.4% for this RRDE, Figure 2-7(b). The slight decrease of 

𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 when rotating faster may result from the sequence of the measurements, as Pt is 

easily poisoned over time. Uneven wear of the electrode during mechanical polishing is likely 
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the reason causing 𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 to be slightly higher than the 𝑁𝑡ℎ𝑒𝑜𝑟𝑒𝑡𝑖𝑐𝑎𝑙 of this electrode. 

 

 

Figure 2-7. (a) Rotating Pt ring-GC disc voltammograms in 5 mM [Fe(CN)6]4- + 0.1 M Na2SO4. 

Scan rate: 50 mV s-1. (b) 𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 of the RRDE. (c) Limiting current on disc vs square root 

of the rotation rate.  

 

2-1.3.3  Experimental details 

The RE used for the hexacyanoferrate couple experiments was a conventional Ag/AgCl/3 M 

NaCl electrode. The CE was a Pt coil electrode. All the glassware was cleaned using boiling 

nitric acid 20% (diluted from >65% reagent grade, Sigma-Aldrich), which was then rinsed 

thoroughly with ultrapure water. A BioLogic BP-300 potentiostat was used for the 

electrochemical measurements. The electrolyte was prepared dissolving proper amount of 

Na2SO4 powder into ultrapure water (MilliQ, Millipore, 18.2 MOhm cm, total organic carbon 

< 2 ppb).  
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For all the measurements in this thesis, before each measurement, the RRDE was polished by 

1.0 and 0.05 μm homogenized alumina suspension (Buehler), followed by a thorough rinse 

with ultrapure water and drying by N2. To ensure the surface state is identical for each 

measurement (i.e. all the products from the previous measurements and/or any residues from 

the polishing agent were successfully removed), a CV was applied in the blank supporting 

electrolyte solution for both the GC disc and Pt ring once polished, Figure 2-8. 

 

 

Figure 2-8. CV curves for checking the surface state of the disc and ring electrode of the RRDE: 

(a) for the GC disc electrode and (b) for the Pt ring electrode.77 Electrolyte: 0.2 M Li2SO4. RE: 

Ag/AgCl/3.4 M KCl. CE: Pt.  

 

No electrochemical reaction is expected on the GC disc electrode in the potential range of 

interest in this study except for the onset of the oxygen evolution reaction when the potential is 

scanned to above ~1.2 V. As shown in Figure 2-8(a), the lightest trace shows the CV for a clean 

GC surface. Thus, any current peak or shoulder on the CV curve suggests residue from the 

previous measurements (i.e. for the study in this thesis, Mn oxides) and requires further 

polishing (from the darker curve to the lighter curve in Figure 2-8(a)). In the case that polishing 

cannot help, acidifying the electrolyte could help to remove those residues. 

 

As for the Pt ring, the onset potential of Pt oxidation and the peak potential for the subsequent 

reduction is different in the 1st cycle and the following cycles, Figure 2-8(b), which probably 

results from a different ratio of facets exposed on the polycrystalline Pt. Besides, the freshly 

polished Pt surface is less sensitive for Mn detection and speciation study in Chapter 4. 
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Therefore, a CV can not only check if the Pt surface is properly cleaned but also ensure identical 

sensitivity to elements in different measurements.  

 

2-2  Online inductively coupled plasma-optical emission spectroscopy (ICP-OES) 

2-2.1  Working principle  

Inductively coupled plasma-optical emission spectrometry (ICP-OES) is a powerful technique 

for elemental detection. In recent decades, it has been widely used and developed for 

environmental, pharmaceutical, plant, etc. industries thanks to its excellent efficiency and 

sensitivity. It can reach the sub-parts per million (sub-ppm) level detection limit for most 

elements from the periodic table that can be dissolved in a liquid. Compared with other element 

analysis techniques, ICP-OES has advantages in its wide linear dynamic range, free of chemical 

interferences, enhanced efficiency of analysis, and multi-elemental capability.78 

 

After the targeted solution is induced into the instrument, it is heated up by the ICP part of the 

instrument to 10,000 kelvin. Then, the molecules in the sample are broken down into individual 

atoms and/or ions, followed by excitation. Subsequently, when the excited electrons of the 

atoms and/or ions return to their ground states, they emit light with characteristic wavelengths, 

which is then detected and analyzed by the OES of the instrument. The intensity of the signals 

corresponds to the concentration of the elements.79 

 

2-2.2  ICP-OES Components  

An ICP-OES consists of the following parts:78–81 

 

2-2.2.1  Nebulizer 

The sample solution is introduced by the peristatic pump and reaches the nebulizer, where it is 



 

27 

 

converted to an aerosol mist. This step enables the sample to be desolvated, vaporized, atomized, 

and ionized later in a homogenous manner. It is essential since the size and the size distribution 

of the droplets in the aerosol play a critical role in a stable measurement. 81 

 

One of the most widely used nebulizers is the concentric nebulizer. This type of nebulizer has 

an outer tube, where the gas can flow through, and an inner tube with a fine nozzle tip, where 

the liquid is carried, and is usually designed based on Bernoulli’s principle, Figure 2-9. The gas 

from the outer tube creates a low-pressure area at the tip of the inner tube, resulting in turbulence 

generation when the liquid is mixed with the gas, which is then dispersed into the aerosol. 

Therefore, the tube size, the flow rate of the carrier gas and the liquid sample, and the physical 

properties of the liquid are all important for the formation of the aerosol. Besides, small 

precipitation may be formed and accumulated at the nozzle tip of the inner tube, which may 

block the tube and terminate the measurement. Thus, the total dissolved solids (TDS) are usually 

limited by the tube size. When measuring samples with high TDS values, a strategy to mitigate 

the blockage caused by the precipitations is to humidify the carrier gas by passing it through 

ultrapure water prior to flowing it to the nebulizer. 

 

 
Figure 2-9. Schematic diagram of the concentric nebulizer. 

 

Compared with the concentric nebulizer, the cross flow nebulizer is easier to make but creates 

a larger mist. Other types of nebulizers include V-Groove, Thin Film, Hildebrand Grid and 

Parallel Path designs, where a pump or gravity feed is usually needed for sample delivery since 

they have neither suction nor back pressure. Another commercially available alternative is the 
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flow blurring nebulizer, which creates smaller droplets by introducing the liquid into the gas 

stream by pressure, and is capable of high TDS samples.80,82 

 

2-2.2.2  Spray chamber 

The resulting aerosol is then sent to the spray chamber. The Spray chamber can not only connect 

the nebulizer with the torch but also filter the large droplets. Commonly used spray chamber 

types include cyclonic chamber and Scott double pass chamber, where the former can deliver 

approximately twice as much sample as the latter and thus tends to be twice as sensitive, while 

the latter tends to give sample flows with lower relative standard deviation.81 

 

 

Figure 2-10. The cyclonic spray chamber. (a) A photograph of part of the sample introduction 

system fitted for the ICP-OES used in this thesis, the red rectangle highlighted the spray 

chamber; (b) Schematic diagram of the working principle of the cyclonic spray chamber.  

 

Figure 2-10 shows the photograph of the cyclonic spray chamber fitted with the ICP-OES used 

in this thesis and a schematic diagram of its working principle. Once the aerosol reaches the 

spray chamber, it is forced into a vortex pathway and sent to the torch on the top of the chamber, 

while the excess sample with deviated droplet size is collected by the waste, so that the stability 

of the plasma can be increased. In general, up to 70% of the sample solution is sent to the waste, 

thus, it has to be removed effectively or excess liquid entering the torch may cause the plasma 
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to extinguish. 

 

Most spray chambers are made from borosilicate glass to limit the cost, which works fine for 

most mild aqueous solutions. Some corrosive acids such as HF may corrode the spray chambers 

and introduce impurities from the chamber to the sample. Chamber made from other materials, 

such as polypropylene (PP), polytetrafluoroethylene (PTFE), etc., are also available for harsh 

samples, such as Si-containing, HF-containing, organic, etc. samples.81,83,84 

 

2-2.2.3  Torch 

The torch has a similar structure and working principle to the concentric nebulizer, but has one 

more layer of tube. The Ar gas in the outer tube, which is usually 7-18 L min-1, is mainly for 

cooling down the torch to prevent it from melting by the plasma while enabling the emission of 

the sample elements. The Ar gas flow in the intermediate tube (0-2 L min-1, also called auxiliary 

flow) helps position the plasma. The Ar gas flow in the inner capillary tube is usually 0.5-1.5 L 

min-1. 78,79 The pressure differences on the top of the torch create a constant and homogenous 

driving force that draws up the aerosol from the spray chamber, allowing smooth signals.  

 

Ar ICP has always been used as the main source of OES because it is mono-atomic, so it has 

low spectral interference as its own spectrum is simple. Moreover, Ar has high ionization energy 

(15.76 eV), thus it can atomize, excite, and ionize most elements in the periodic table while 

chemically inert with them. It is also cheaper compared with other noble gases.85–87 The sizes 

of both tubes and the Ar flow rate are designed to provide a constant and smooth driving force 

for the aerosol. These two factors, together with the physical properties of the aerosol, determine 

the amount of sample aspirated.79 

 

2-2.2.4  Plasma generation  

After the mixture of the Ar gas and aerosol reaches the top of the torch, it is ionized by a brief 
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ignition spark. The top of the torch is surrounded by the radio frequency (RF) coil, where a 

high-frequency alternating current is supplied to generate an electromagnetic field that can 

maintain the ignition of the plasma at a constant temperature, Figure 2-11. The power of the RF 

coil should be optimized in consideration of the elements of interest based on their ionization 

energies. The Ar gas flow in the outer tube needs to be increased to effectively cool down the 

torch when the targeting elements have high ionization energies, where a high RF power is 

needed. While the RF power needs to be lowered to reduce the background signal when the 

targeting elements require low ionization energy. Besides, the RF power also requires 

adjustment according to the sample introducing rate. 88 

 

 

Figure 2-11. A photograph of the top half of the torch, the RF coil, and the optics. 

 

2-2.2.5  Optics 

The emission of the elements in the sample can usually be observed by axial or radial viewing, 

Figure 2-12, the former has a better detection limit and the latter provides better sensitivity. For 

the axial mode, all emission signals are collected from the top, while the radial mode requires 

careful positioning of where the spectrum is taken, because the temperature gradient in the 

plasma will cause different spectral intensity gradients for different elements. 
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Figure 2-12. Schematic diagram of the axial and radial viewing configuration. 

 

2-2.2.6  Spectrometer and detector 

Once the optic has collected the emissions, the spectrometer then disperses them into their 

component wavelengths, to distinguish each of the elements and/or the interferences, and 

focuses them on the detector for further analyses. After that, the emission is observed either by 

a monochromator, which is flexible to measure any single wavelength of interest but requires 

complex background correction, or a polychromator, which is able to measure a wide 

wavelength range at once but is limited by the number of available spectral lines. 78,85  

 

The Agilent ICP-OES 5100 ICP-OES used in this thesis is fitted with a charge-coupled device 

(CCD) detector, which consists of a large number of light-sensitive small sensors known as the 

pixel array. Each pixel can detect a single wavelength, which can then be assembled as an image 

of the interested area. Therefore, the CCD detector is essential for multielement detection and/or 

the observation of several wavelength for a single element for a more accurate measurement.  

 

2-2.2.7  Signal acquisition 

The signal acquisition in this thesis is completed by ICP Expert software (version 7.4.2). Similar 

to other spectroscopy techniques, the signal acquisition time as well as replication needs to be 
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optimized based on the signal-to-noise ratio and in consideration of a reasonable time resolution 

for online measurements. For routine offline measurement, a read time of around 30 seconds 

with 3-5 replicates is recommended. For online measurement, a read time of 1 second without 

any replicate is used in this thesis for giving the correlation of element dissolution while doing 

electrochemistry. 

 

2-2.2.8  Element concentration calibration and the detection limit 

 
Figure 2-13. Concentration calibration for Mn observation at 257.610 nm wavelength in a 0.2 

M Li2SO4 aqueous solution with a 1.5 mL min-1 flow rate. As the relative atomic mass of Mn is 

55.94 g mol-1, 1 ppm Mn = 17.88 μmol L-1 Mn. 

 

A correlation between the observed intensity and the concentration of the element is essential 

for quantitative analysis. Thus, a series of standard solutions of known concentrations covering 

the range of expected sample concentrations to be measured are prepared. The intensity of the 

elements in the standard solutions should be linearly dependent on the concentration, Figure 

2-13.  

 

For online measurements that are longer than 30 minutes, it is advisable to monitor the standard 
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solutions before and after the online measurement to adjust for changes in the sensitivity of the 

instrument. During the measurement, some elements that have low solubility in the required 

aqueous matrix may be deposited on the wall of the sample inlet components (i.e., tubing, 

nebulizer, and spray chamber). In offline measurements, the trace deposits are usually negligible. 

However, in online measurements, on the one hand, this will cause the sample concentration 

reaching the torch to be noticeably lower than its actual concentration. On the other hand, due 

to the accumulation of deposits, the sample introduction system may no longer be able to 

generate homogeneous and stable aerosol, which will further affect the accuracy of the 

measurement. 

 

Each STD is measured for at least 30 seconds and their average value is taken. By plotting the 

intensity versus concentration, a linear trendline can be yielded from the regression fitting, 

Equation 2-17, 

 

Intensity = slope × 𝐶 + y-intercept Equation 2-17 

 

where the Intensity is the raw signal read by the instrument in counts and 𝐶 is the concentration 

is in ppm.  

 

From the STD, the limit of detection (LoD) can also be estimated by Equation 2-18,89 

 

LoD = Standard deviation of the blank × 3 Equation 2-18 

 

2-2.3  Online ICP-OES configuration  

The online ICP-OES system setup consists of three parts: the electrolyte reservoir, the 

electrochemical flow cell, and the ICP-OES, Figure 2-14. The ICP-OES is discussed in the 

previous section, and the other two parts are discussed in the following sections.  
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Figure 2-14. Online ICP-OES setup. (a) The electrolyte reservoir, and (a’) schematic diagram; 

(b) The electrochemical flow cell; (c) The sample inlet of ICP-OES.   

 

2-2.3.1  Electrolyte reservoir  

The electrolyte reservoir stores the fresh electrolyte, where the electrolyte is sparged by high-

purity Ar (99.999%) to remove oxygen. The group previously developed a suspended reservoir 

for the droplet-type flow cell, where the inlet flow rate of the flow cell is controlled by 

hydrostatic pressure together with a needle valve located between the reservoir and the flow 

cell. While the flow cell outlet flow rate is adjusted by the peristaltic pump of ICP-OES. With 

such a configuration, the flow rate of the inlet and outlet need to be matched perfectly for a 

stable bubble-free electrolyte flow, which is essential for both electrochemistry and elemental 

detection. 

 

A closed-type flow cell, which will be discussed later, is designed to access the samples with 

smaller surface areas and/or samples that cannot be prepared by drop-casting. In addition, better 

control of the electrolyte flows is desirable. For this closed-typed flow cell, a reservoir as 

presented in Figure 2-14(a’) is used. The electrolyte is usually sparged by high-purity Ar from 

5-10 min before until the end of the measurements. Once the reservoir is connected to the flow 

cell and the ICP-OES, the negative pressure generated by the peristaltic pump from the ICP-

OES will draw the electrolyte, and thus no extra pump or overpressure is needed for feeding the 
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electrolyte to the flow cell, and the alignment of the inlet and outlet flow rate is no longer needed.  

 

2-2.3.2  Electrochemical flow cell design and optimization 

The droplet-type flow cell (Type 1 flow cell) that was previously developed by the group is 

described in detail by Nikman.90 A closed-type flow cell (Type 2 flow cell) was then designed 

based on a similar working principle but for the purpose of accessing more diverse samples, for 

better flow controls, and for better protection of the electrochemical reaction from the air once 

the electrolyte is sparged.  

 

 

Figure 2-15. Different views of the initial close-type flow cell design and assembly. (a) Front 

view; (b) Side view; (c) Top view of the flow compartment, and the blue arrow indicates the 

electrolyte flows 

 

The type 2 flow cell, as shown in Figure 2-15, consists of four parts: 1) the lid compartment, 

which can protect the electrolyte and electrodes in the counter compartment; 2) the counter 

compartment, where the reference electrode (RE) and counter electrode (CE) usually stay; 3) 

the flow compartment, where the fresh electrolyte can flow through to the sample (working 

electrode, WE) and to the ICP-OES after any electrochemistry; 4) the base compartment, which 

can sandwich the WE and the current collector with the flow compartment. Overall, the type 2 

flow cell is designed to be 3× 3× 4 cm3 (L× W× H). The separator is placed in between the 

counter and flow compartments with the help of a gasket, where a Viton rubber O-ring is usually 

used thanks to its excellent chemical resistivity. Between the flow and base compartment, a 
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square-shaped O-ring is made by parafilm to define a 0.3×0.3 cm2 surface area of WE. A copper 

foil is placed at the back of the WE to act as a current collector. The electrolyte is transported 

by 1/8” (outer diameter, OD) and 1/16” (inner diameter, ID) perfluoroalkoxy (PFA) tubings to 

and from the flow cell. The tubings are connected to the flow cell by polyether ether ketone 

(PEEK) male nut.  

 

 

Figure 2-16. Optimization process of the flow cell design. 

 

The assembled flow cell should be airtight so that the peristaltic pump from the ICP-OES can 
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generate a negative pressure throughout the cell and tubing to drive the electrolyte. In order to 

achieve good airtightness and avoid damage to parts caused by sharp edges and corners of the 

compartments, the next version was designed with curved counter and flow compartments, 

Figure 2-16(a). However, due to the limited precision of 3D printing, it is often difficult for the 

two compartments to fit together. In the next versions of design, the pyramid-like connection 

between the flow and counter compartments was used again. In order to improve the airtightness 

of the flow cell, different numbers of gaskets were tried, and the shape of the space reserved for 

the gaskets was continuously optimized, so that the cell would not be easily broken due to 

inappropriate angle or thickness design, and the gasket would not be easily moved during 

installation or use, Figure 2-16(b)-(d).  

 

2-2.3.3  3D printing and flow cell assembly  

The 3D printer used for this thesis is a stereolithography (SLA) 3D printer called Form 2 which 

was purchased from Formlabs. The printer uses a 405 nm violet laser (250 mW) to cure the 

liquid resin and the laser spot size is 140 microns. Clear V4 resin that also bought from Formlabs 

was used for all the flow cells and the z-layer thickness during printing is 25 microns.  

 

After printing is finished, all the cell parts are immersed in a reusable and a fresh isopropyl 

alcohol bath for 10 min each to clean the excessive resin. Then, use a N2 gun to dry the cell 

parts and check all the channels. Before assembling, all the surfaces of the cell are carefully 

polished with sandpaper (grits 1000-8000) to remove any uneven bits. 

 

The Viton (fluorocarbon rubber polymers, FKM) O-ring that was purchased from Polymax UK 

is used when assembling the cell. The separator was a microporous polypropylene membrane 

(Celgard 3401). The reference electrode (RE) was Leak-Free Ag/AgCl/3.4 M KCl electrodes 

(Innovative Instruments) and the counter electrode (CE) was either Pt or Au coil depending on 

the electrochemical systems. The Cu current collector is a Li-ion battery grade Cu foil bought 

from TOB New Energy. The tubing and nuts are purchased from Cole-Parmer.  
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2-2.3.4  Time alignment of the potentiostat and ICP-OES and the design validation 

Once the flow cell is assembled and connected with ICP-OES, a Zn pulse protocol with one-

minute intervals, where a Zn foil is held at different potentials for several one-minute lengths 

to generate Zn2+ dissolution, Equation 2-19,91 is used to align the timestamp of the potentiostat 

and ICP-OES: 

 

 Zn → Zn2+(aq) + 2e− Equation 2-19 

 

The Zn2+ concentration in the flowing electrolyte should have the same shape as that of the 

potential or current if the flow is ideal. By aligning the starting point of each step of the current 

signal and the dissolution signal, the delay caused by the tubing and the internal clock difference 

of the two instruments can be corrected, Figure 2-17. 

 

 

Figure 2-17. Time alignment of the potentiostat and the ICP-OES signals. 

 

Besides, the Zn pulse protocol can also be used for the validation of the cell designs. Figure 

2-18 shows representative results from the initial type 2 flow cell design, where the same Zn 

pulse protocol was used to generate soluble Zn, and the dissolutions were recorded at different 

flow rates. Ideally, the flow cell setup should allow detection of the square-wave concentration 
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profile of Zn2+ in solution without any peak broadening or rounding of features. For the initial 

design, the squared shape signal of Zn concentration is only observable when the peristaltic 

pump speed is increased to 30 RPM and above, meaning that transport characteristics were far 

from ideal. 

 

  
Figure 2-18. Signals of Zn dissolution detected at different flow rates, generated by the same 

Zn pulse protocol. 

 

2-3  Operando Raman spectroscopy  

2-3.1  Raman spectroscopy 

When a substance is illuminated by a light, two types of scattering light can be generated, 

namely elastic scattering and inelastic scattering. The elastic scattering is also known as 

Rayleigh scattering, which means that the scattered light has the same frequency and 

wavelength as the incident light. Inelastic scattering, which is also known as Raman scattering, 

results in scattered light with different frequency and wavelength from the incident light. The 
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latter occurs very rarely (once every 106-108 photons). Raman spectroscopy is non-destructively 

analyzing the Raman scattering of the substance to provide vibrational information on chemical 

bonds, structure, etc.92   

 

The molecules can be excited by absorbing the light that has the same frequency as their 

vibration. If that happens, the light scattered off the molecule will have different energies from 

the incident light because of the absorbance, thus causing Raman scattering. Based on the 

original state of the bonds, two types of Raman scattering can happen. When the molecule is 

exited and comes back to a higher energy state, photons with lower energy than their original 

state are released, that is the Stokes scattering. Whereas when the photons have higher energy 

since the electron of the molecule relaxes to a lower vibrational level, an anti-Stokes scatter 

happens, Figure 2-19.  

 

 
Figure 2-19. Schematic diagram of Rayleigh, Stokes Raman, and anti-Stokes Raman scattering. 

 

The relative intensity of the Stokes and anti-Stokes scattering is determined by the Boltzmann 

distribution and symmetry selection rules. In general, Stokes scattering is more intense at room 

temperature, though anti-Stokes scatter is used to avoid interferences such as fluorescence. 

 

In Raman spectroscopy, a monochromatic laser is usually used for generating the incident light 

beam, by detecting the frequency change (i.e. Raman shift) of the scattered light, the vibrational 

mode of the chemical bond can then be determined.  
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The Raman spectroscopy used in this thesis is a Renishaw inVia confocal Raman microscope 

that features 532 nm and 785 nm lasers, with 15 mW and 20 mW maximum power, respectively. 

The spectra are recorded by WiRE software and processed by SpectraGryph (version 1.2) 

software.  

 

2-3.2  Operando setup 

For the operando Raman spectroscopy measurements, an electrochemical optical cell (ECC-

Opto-Std) from EL-CELL was used, Figure 2-20. The cell consists of (from top to bottom): 1) 

a stainless-steel lid, which can help close the cell and secure all components; 2) the sapphire 

optical window; 3) the Li metal (99.95%, China Energy Lithium Co., Ltd) with a hole that 

allows the laser to go through; 4) a glass fibre separator (Whatman) with a hole for the laser; 5) 

the cathode (WE) that coated on the Al foil (battery grade, TOB New Energy); 6) the PEEK cell 

body; 7) a Ni pin for the electrochemical control of the RE/CE; 8) the stainless-steel cell parts 

for the electrochemical signal of the WE. The cell was assembled in an Ar-filled glove box (O2 

and H2O<0.1 ppm). 

 

Figure 2-20. Electrochemical optical cell set up for operando Raman spectroscopy 

measurements. 
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Chapter 3. Real-time manganese dissolution detection in a lithium-

ion cathode 

Parts of the results in this chapter are published as: 

Nikman, S., Zhao, D., Gonzalez-Perez, V., Hoster, H. E., & Mertens, S. F. L., Surface or 

bulk? Real-time manganese dissolution detection in a lithium-ion cathode. Electrochimica 

Acta, 2021, 386, 138373. DOI: 10.1016/j.electacta.2021.138373. 

 

In this chapter, we established online ICP-OES for real-time transition metal dissolution 

detection from a Li-ion battery cathode under various conditions. The longevity of lithium-ion 

batteries is determined by the rate of chemical and electrochemical side reactions that limit their 

charge storage capacity. In particular, dissolution of transition metals from the cathode 

accelerates the blockage of LixC6 anodes, but few direct dissolution studies have been made to 

date. Although LiMn2O4 (LMO) has been frequently used as a model electrode for dissolution 

studies, the cause and nature of dissolution and dissolution-free states are still unclear. By online 

ICP analysis, we detect dissolution from LMO electrodes in real time to reveal the role of 

surface versus bulk structure effects, electrode potential and degree of lithiation on Mn 

dissolution. We find that fully lithiated LMO, with an average Mn redox state of 3.5, readily 

dissolves when brought in contact with 0.2 M Li2SO4, but that on initial charging a dissolution–

passivation event preceding delithiation abruptly stops further detectable dissolution, until well 

past fully delithiated λ-MnO2. Dissolution reactivates on returning to the initial potential of 

pristine LMO, and increases exponentially in the overlithiation region. Our results provide 

access to much more detailed dissolution information than post-mortem battery analysis allows, 

enabling targeted materials screening and informing best practices in charging/discharging 

profiles. In particular, our data suggests that suitable potential conditioning of electrodes may 

mitigate dissolution, as an alternative or additional measure to the use of protective surface films 

or incorporation of dopants. 

 

I performed part of the experiments with the type 1 flow cell for initial Mn dissolution detection 
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from LMO during cyclic voltammetry with wide potential windows in the neutral electrolyte. 

In order to better eliminate the effect of O2 from air on the performance of LMO, I designed the 

type 2 flow cell. I also performed the pH dependence experiments to understand the dissolution 

mechanism further. 

 

3-1  Introduction 

Lithium-ion batteries have enabled a societal revolution since their entry to market in 1991.93 

Since then, incremental advances in capacity retention, power delivery capabilities and 

competitive pricing have permitted their implementation in consumer electronics, vehicles and 

intermittent grid storage.94  In 2018 the global energy output was 162,820 TWh,95 and is 

estimated to grow by 27% by 2040. However, the current deployed energy storage facilities 

amount to only 17 GWh, while the predicted demand for stationary and vehicle energy storage 

by 2040 is 4584 GWh.96 If this growth is to be sustainable, the lifespan of deployed batteries 

should be as long as possible to reduce cost of replacement,97 and environmental impact. The 

ultimate battery should only involve a single, fully reversible charge–discharge reaction, have 

minimal internal resistance and retain capacity indefinitely, i.e. not degrade chemically or 

electrochemically. Gains in battery longevity have been made by meticulous screening to find 

electrodes, electrolytes and solvents that decompose minimally.98 Yet, due to a 4.2 V potential 

span, electrolyte and solvent still decompose to form a solid-electrolyte interphase (SEI) on the 

anode and a cathode-electrolyte interphase (CEI) on the cathode.99–101  

 

While the SEI is an essential yet poorly understood part of a lithium-ion battery, dissolution of 

transition metal ions from the cathode leads to excessive SEI formation in what is known as the 

dissolution-migration-deposition (DMD) process, causing premature capacity fading and 

responsible for the majority of overall capacity loss.33,102 CEI however, is not typically found in 

aqueous rechargeable alkali batteries,103 which are greener and safer alternatives to flammable 

LiPF6-containing electrolyte.104 Although these aqueous batteries also store charge reversibly, 

and have recently gained significant research attention for affordable energy storage,105 they 
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also suffer from cathode dissolution mediated by acid formed by fluorine-containing 

electrolytes in non-aqueous systems.106,107 

 

Detailed and accurate real-time data on the dissolution of electrode materials, under all relevant 

operating conditions, are critical in delivering numerous scientific and technological targets: (i) 

to better understand the various degradation processes that occur in batteries, as a function of 

time, potential and charging/discharging rate; (ii) to deepen the insight in SEI and/or CEI 

formation, function, and degradation; (iii) to propose alternative battery chemistries informed 

by fundamental understanding and less relying on trial and error; (iv) to inform “best practices” 

of battery charging and discharging to maximise lifetime; (v) to open an additional window on 

a battery's “state of health”, diagnosing the effects of adverse events such as improper storage 

and charging/discharging; (vi) to quantify the impact of electrode modification, including the 

use of coatings, potential or other treatments, and artificial SEIs. 

 

To date, battery electrode dissolution data are inferred by post-mortem analysis, which easily 

introduces errors due to multiple handling steps. More detrimentally, however, any time 

resolution is also lost, making the interpretation of signs of dissolution and correlation to 

charging/discharging history highly contrived. Recent examples include anode surface 

deposition mapping by LA-ICP-MS53 and dissolved transition metal electrolyte characterization 

by total reflection X-ray fluorescence (TXRF),108 where only the total lost cathode material per 

cycle is available. Direct observation of lithium-ion cathode dissolution has been limited to a 

few studies, based on rotating-ring-disk electrode (RRDE),45 ultraviolet-visible (UV-vis) 

spectrometry,42 and electron paramagnetic resonance (EPR) measurements,47 but these methods 

suffer from limited selectivity and/or detection range. In an elegant recent paper, capillary 

electrophoresis showed remarkable ability to distinguish both element and oxidation state, and 

may therefore make a significant impact in upcoming battery degradation research.41  

 

In this chapter, we present the first real-time dissolution study of the model cathode material 

LiMn2O4 (LMO) using an online flow cell- ICP-OES setup under potentiostatic and 

galvanostatic control. LMO dissolution has been studied previously using post-mortem 
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approaches, leaving many important questions unanswered, including time resolution and 

potential dependence.109 Online flow cell-ICP techniques, by contrast, make real-time 

dissolution observation possible and offer superior detection limits,110,111 but they typically use 

aqueous solutions unless the sample introductory system is heavily modified. Our 

measurements are performed with aqueous 0.2 M lithium sulfate as electrolyte, mostly for 

compatibility reasons with the ICP torch. However, studying the dissolution of cathode 

materials not compounded by CEI formation-as is generally the case in organic electrolytes-

may also lead to a clearer understanding of the intrinsic manganese dissolution processes. 

 

3-2  Materials and methods  

3-2.1  Materials  

Titanium foil (99.995%) was obtained from Advent. As electrolyte, 2.0 M Li2SO4 (BioUltra, 

Merck) was diluted with ultrapure water (MilliQ, Millipore, 18.2 MOhm cm, total organic 

carbon < 2 ppb) to 0.2 M; this concentration is lower than in typical lab batteries (2 M), but its 

impact on achievable capacity and IR drop in aqueous solutions has been reported as minimal.112 

LiMn2O4 (LMO) powder (Mesh-325), dimethylsulfoxide (DMSO, ACS grade), Super-P carbon 

and polyvinylidene difluoride (PVDF) powder were obtained from Alfa Aesar. The ultrapure 

96% H2SO4 from Supelco and 5 M aqueous NaOH from Sigma Aldrich were used for adjusting 

the pH of the electrolyte. 

 

3-2.2  LiMn2O4 electrode preparation 

LMO powder, Super-P carbon and PVDF were added to DMSO (2 mL) in a 20:6:1 mass ratio 

for a total solids mass of 27 mg. For the pH dependence experiments, a ratio of LMO: Super P 

carbon: PVDF = 25:6:4 for a total solids mass of 35 mg in 2 mL DMSO was used, as this ratio 

is found to provide a better chance of yielding a smooth film on the substrate while not 

sacrificing the electrochemical behaviour of LMO DMSO is much safer than N-methyl-2-
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pyrrolidone and has been recently shown to be a promising green alternative with comparable 

slurry properties.113 To disperse the solids, the mixture was magnetically stirred for 24 h, 

sonicated for 30 min, and shaken vigorously. A cut-out piece of titanium foil was polished 

successively with 1.0, 0.3 and 0.05 μm homogenised alumina suspension (Buehler) and 

thoroughly rinsed with Milli-Q water, before drying by N2 blasting. To achieve a loading of 

100 μg cm-2, for a geometric electrode area of 0.636 cm2, 6 μL of the suspension was deposited 

onto the titanium foil using an air displacement pipette. For the pH dependence experiments, 3 

μL of the suspension was used due to a smaller exposed electrode area (0.16 cm-2). The titanium 

current collector was chosen due to its low activity towards the oxygen evolution reaction (OER) 

which may take place on stainless steel at high states of charge and cause electrochemical 

interference.114 Unlike stainless-steel alloys, Ti also does not contain manganese which may 

interfere with ICP-OES analysis by introducing artefacts. In view of the high boiling point of 

DMSO, the deposited ink was heated by an infrared lamp to accelerate the evaporation of the 

solvent. Higher ink loadings were avoided as these frequently led to mechanical cracking and 

detachment of the dried ink from the current collector. 

 

3-2.3  Online electrochemical flow cell-ICP-OES 

Two lab-built flow cells were designed and used in this study, namely type 1 flow cell and type 

2 flow cell. The type 1 flow cell is a two-compartment droplet flow cell, Figure 3-1 and Figure 

3-2(1). Similar to the flow through scanning droplet cell described by Schuppert et al.115 the 

droplet through which the electrolyte solution flows is exposed at the bottom so that a solid 

sample can be raised up and closes the electrochemical circuit upon wetting. An ethylene 

propylene diene monomer (EPDM) rubber O-ring was glued to the edge of the opening using 

two-component epoxy glue (RS-components), defining a 0.636 cm2 working electrode area. A 

flow rate of 1.5 mL min-1 was used to transport dissolution products away from the working 

electrode, using the onboard ICP-OES peristaltic pump downstream of the cell. As with the 

atomic emission spectroelectrochemical cell described by Ogle et al.,116 the stagnant electrolyte 

compartment contained a 15 cm2 carbon cloth counter electrode (Panex PW06, Zoltech) and 



 

47 

 

was separated from the flow compartment by a microporous polypropylene separator membrane 

(Celgard 3401). The reference electrode (RE) was a Leak-Free (LF-1) Ag/AgCl/3.4 M KCl 

electrode (Innovative Instruments) positioned upstream of the working electrode compartment; 

all potential values in this paper are with reference to this RE. 

 

The type 2 flow cell, Figure 3-2(2), was designed to better protect the electrodes and electrolyte 

against the effect of air, which could introduce more side reactions. Besides, the droplet in the 

type 1 flow cell usually requires perfect matching of the inlet and outlet flows, while the type 2 

flow cell is gas-tight, making the cell built more accessible while not changing the working 

principle of the system. The type 2 flow cell was used in the pH dependence experiments. It has 

a slightly different WE area as defined by the cell geometry, which is a 0.4 × 0.4 cm2 square. 

The same RE was used and a Pt coil electrode (~6 mm diameter, ~10 mm height, and ~0.5 mm 

thick) was used as the CE. 

 

The ICP-OES was an Agilent 5100 dual-view instrument fitted with a Seaspray nebuliser, 

double-pass cyclonic spray chamber and 2.8 mm wide bore torch for high total dissolved solids 

applications. Due to a manufacturer recommended upper limit of 20 g L-1 total dissolved solids, 

the concentration of Li2SO4 was limited to 0.2 M. Data was acquired through the ICP Expert 

software LiveView feature, and the timestamps of the ICP-OES and the BioLogic SP-200 

potentiostat/galvanostat were synchronised by comparing 12 one-minute long dissolution pulse 

intervals of zinc anodisation steps while monitoring the zinc emission signal at 213.856 nm. 

Manganese was monitored at 257.610 nm emission wavelength. Standard solutions between 

zero (blank) and 1 ppm were prepared by diluting 5, 10, 20, 30, 40 and 50 μL of 1000 ppm 

manganese ICP standard (Sigma-Aldrich) to 50 mL using 0.2 M Li2SO4; taking into account the 

cell footprint and electrolyte flow rate, these standard solutions cover an instantaneous Mn 

dissolution range between zero and 39 ng s-1 cm-2. A limit of detection (LOD) between 0.015 ng 

s-1 cm-2 and 0.016 ng s-1 cm-2 was estimated for Mn by multiplying the standard deviation of a 

blank solution across 10 measurements by 3.89 Assuming a standard normal distribution, the 

probability of a false positive signal 0.015 ng s-1 cm-2 from the mean blank signal is (1-

0.9987) × 100 = 0.13%. We subtract the mean blank signal from the spectroscopic data instead 
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of adding it to the calculated detection limit. 

 

 

Figure 3-1. (A) Cross-section diagram of the online flow cell ICP-OES setup. (B) Photograph 

of the lab-built two-compartment droplet flow cell. (C) The flow cell in contact mode with a 

compressed exposure O-ring. 

 

 

Figure 3-2. (1) cross-section scheme of the type 1 flow cell. (A) electrolyte inlet (B) flow 

compartment (C) electrolyte outlet (D) separator (E) reference electrode port (F) stagnant 

counter electrode compartment (G) working electrode sealing O-ring (H) nitrogen inlet port (I) 

nitrogen shield channels. (2) type 2 flow cell with an identical operation principle to type 1 but 

a slightly different exposed electrode geometry and area (0.16 cm2). 

 

The manganese standards yielded a linear relationship in the trace concentration range 0.1-

1.0 ppm for the 257.610 nm wavelength. Spectroscopic intensity was converted to dissolution 

rate using Equation 3-1: 

 

𝑚𝑀𝑛 =
𝑚𝑓 × 𝑓 × 10

6⁡𝑛𝑔⁡𝑚𝑔−1

𝐴
 Equation 3-1 
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where 𝑚𝑀𝑛 is the dissolution rate in ng s-1 cm-2, mf the instantaneous dissolution concentration 

in mg kg-1, f the flow rate in kg s-1 and A the electrode area in cm2. The geometric area was that 

of the area defined by the flow cell O-ring, as the LMO particle size uncertainty (mesh-325) 

was large. 

 

3-3  Results  

 

Figure 3-3. Cyclic voltammograms (blue traces, left axis) and simultaneous Mn dissolution rates 

(red traces, right axis) of drop-cast LMO in 0.2 M Li2SO4 with increasingly positive vertex 

potential (panels A-E). The starting potential is indicated with an asterisk. Scan rate 2 mV s-1, 

flow rate 1.5 mL min-1. The dashed line represents the 3σ detection limit of manganese.  

 

Figure 3-3 shows cyclic voltammograms of a freshly prepared LMO electrode and the 

concurrent manganese dissolution rate, starting at the open circuit potential (OCP) after 

stabilisation for 30 min. Already during the first anodic scan, from OCP to 0.45 V, manganese 

dissolution is detected and increases to a maximum at 0.20 V, before falling below the detection 
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limit, even as the potential scan direction is reversed. 

 

During subsequent scans, with gradually increasing positive vertex potential (Figure 3-3, panels 

B-E), no further Mn dissolution is detected as long as the potential remains below +1.2 V. The 

anodic lithium extraction and cathodic insertion peaks agree well with published 

voltammograms in the same electrolyte.117 In the range from 0.3 to 1.1 V, no dissolution features 

were observed above the detection limit that correlate to the order/disorder transition peaks of 

LMO, contrary to RRDE studies conducted in aprotic LiPF6 electrolyte,44 where Mn dissolution 

was found to increase rapidly at 90-100% state of charge (SoC). On our potential scale, this 

would correspond to 0.75-1.0 V, and no Mn is detected; only in the fifth scan (panel E), Mn 

dissolution is again detected for potentials above 1.2 V, well beyond 100% SoC and seemingly 

in the oxygen evolution region. In aprotic, LiPF6/carbonate systems dissolution of manganese 

at 90-100% SoC may be promoted by carbonate oxidation and subsequent HF formation which 

may attack the LMO surface.99 

 

 

Figure 3-4. Potential (top), current (middle), and Mn dissolution rate (bottom panel) as a 

function of time after contacting a drop-cast LMO electrode with 0.2 M Li2SO4 at time zero. 

OCP and CV (4 cycles, scan rate 2 mV s-1) regions as indicated. Flow rate, 1.5 mL min-1. The 

dashed line represents the 3σ detection limit of Mn. 
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To investigate this behaviour in more detail, Figure 3-4 shows four consecutive cyclic 

voltammograms, preceded by a 30-minute OCP period following initial contact with the LMO 

electrode. Immediately after wetting of the LMO by the electrolyte, which itself may depend 

on the microscopic details of the electrode surface,118 the manganese dissolution rate reaches 

0.35 ng s-1 cm-2, before decreasing exponentially to 0.1 ng s-1 cm-2 after 30 min. Over the same 

period, the electrode OCP value rises from -0.30 V to -0.20 V. Based on the Pourbaix diagram of 

manganese, this potential value suggests that Mn(II) is present.119 The presence of sulfate anions 

increases the solubility of Mn(OH)2 precipitates,120 which may explain that any lower 

valence manganese oxide or hydroxide on the surface of the LMO particles is dissolved by the 

initial contact of Li2SO4 solution on electrode wetting. 

 

During the first anodic scan, starting at 1800 s, the manganese dissolution rate passes through 

a maximum of 0.2 ng s-1 cm-2, before falling below the detection limit for the rest of the 

experiment. After the four cycles, the OCP approaches 0.4 V, 0.6 V more positive than before 

cycling and indicating that the LMO electrode was not returned to its initial state. In the entire 

experiment, no Mn was detected in the electrolyte after the initial anodic scan, starting at t = 

1800 s. The maximum in dissolution rate, at t = 2000 s, is accompanied by a slight shoulder in 

the current trace, in the potential region between 0 and 0.3 V. In sulfate electrolyte, oxidation 

features in this region have been linked to conversion of Mn3O4 to Mn2O3,121 which would 

correspond to a change in the average Mn oxidation state from 2.67 to 3. 

 

The dissolution-passivation feature at 2000 s appears to be of particular significance, as it 

separates regions of active Mn dissolution before the maximum from undetectable Mn levels in 

the electrolyte after. In order to analyse this feature (highlighted by a dashed box in Figure 3-4) 

in more detail, we show a magnification in Figure 3-5. By fitting an exponentially increasing 

baseline to the initial and final segments of the current trace, we can integrate the charge 

corresponding to the shoulder in the voltammogram, yielding 1.41 mC cm-2. 

 

For the sake of comparison, we also convert the Mn dissolution signal into an equivalent current 

using Equation 3-2, assuming a 1-electron Faraday process and considering that 
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𝑗Mn =
𝑚Mn𝑧𝐹

𝑀Mn
 Equation 3-2 

 

where 𝑀Mn = 54.94 × 109 ng mol-1 is the relative atomic mass of manganese, 𝐹 = 96,485 C 

mol-1 Faraday’s constant and 𝑧  = 1 the assumed charge transfer number for the dissolution 

process. The conversion thus assumes that each manganese ion detected by ICP-OES 

contributes one electron to the equivalent manganese dissolution current jMn, which is plotted 

in Figure 3-5. Integrating the peak in 𝑗Mn yields 59.0 μC cm-2 (equivalent to Mn dissolution of 

33 ng cm-2), which is less than 5% of the electrochemical charge producing the shoulder in the 

voltammogram. Clearly, therefore, the current shoulder cannot be explained by a 1-

electron anodic dissolution process, but may instead be related to electrochemical oxidation of 

the surface itself, mostly without forming soluble Mn products, Equation 3-3:122 

 

𝑗𝑒𝑥𝑡 = 𝑗𝑑𝑖𝑠𝑠 + 𝑗𝑓𝑖𝑙𝑚 +⋯ Equation 3-3 

 

where the total externally measured current (𝑗𝑒𝑥𝑡) consists of direct anodic dissolution (𝑗𝑑𝑖𝑠𝑠) 

and other contributions (e.g. film formation, 𝑗𝑓𝑖𝑙𝑚). 

 

 

Figure 3-5. Magnified initial anodic scan (from Figure 3-4), revealing a shoulder in the current 

trace. The concurrent Mn dissolution signal has been converted to an equivalent current, 

assuming a 1-electron Faraday process. 
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So far, we have established that Mn dissolution occurs when a pristine LMO electrode is 

exposed to sulfate electrolyte under open circuit conditions, but that this dissolution ceases as 

soon as a single anodic scan over 0.5 V has occurred. 

 

 

Figure 3-6. Cyclic voltammograms (blue traces, left axis) and instantaneous Mn dissolution 

rates (red traces, right axis) of drop-cast LMO in 0.2 M Li2SO4, exploring the negative potential 

region where overlithiation takes place (panel B), after brief anodic potential excursion to 

passivate the surface (panel A). The starting potential is indicated with an asterisk. Scan rate 

2 mV s-1, 1.5 mL min-1 flow rate.  

 

To investigate the behaviour under conditions of overlithiation or, in battery science terminology, 

overdischarge, a fresh LMO electrode was first passivated by brief anodic polarisation, Figure 

3-6A, before going to more negative potentials, Figure 3-6B. As the potential passes -0.1 V, a 

nonzero cathodic current is accompanied by reactivation of manganese dissolution, increasing 

exponentially before tailing off at -0.7 V. During the return scan, the instantaneous Mn 

dissolution remains significant, with peaks at -0.2 V and +0.2 V, and only falls below the 

detection limit when the potential is increased above 0.5 V, similar as in Figure 3-3 and Figure 
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3-4; this behaviour was consistent during subsequent cycles. We note that the Mn dissolution in 

the overlithiation region is an order of magnitude more intense than in the delithiation region 

discussed earlier. This is most striking in Figure 3-6A, where the dissolution-passivation feature 

is almost invisible on the vertical scale that is relevant for Figure 3-6B, and may be a further 

indication that the anodic behaviour is limited to the surface, while the cathodic behaviour 

involves the bulk of the electrode. The dissolution peaks correspond to 1.8 μA cm-2 at -0.18 V 

and 1.6 μA cm-2 at 0.15 V, almost an order of magnitude lower than electrochemical features at 

7.4 μA cm-2 and 14 μA cm-2 respectively. 

 

 

Figure 3-7. Galvanostatic charging-discharging of drop-cast LMO electrode (top) and 

instantaneous Mn dissolution rate (bottom) in 0.2 M Li2SO4. OCP, constant current (CC) and 

constant potential (CP) regions as indicated. 

 

The Mn dissolution patterns discussed above were also confirmed using a galvanostatic 

charging-discharging protocol, Figure 3-7. Measuring in the same potential range by 

galvanostatic programming reveals the same dissolution pattern as observed in cyclic 

voltammetry, including manganese dissolution after initial delithiation. When the LMO 

electrode is switched from OCP to galvanostatic charging after 1600 s, a sharp dissolution peak 

accompanies the electrode potential rising from -0.1 V to 0.4 V, before decaying below the 

detection limit. Integration of the peak yields a total mass loss of manganese during this event 

of 21.6 ng cm-2. 
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After the two phase transition potential plateaus from delithiation,123 a third plateau at 1.1 V 

appears at 3000 s, which may correspond to oxygen evolution on the LMO electrode,124 

however without detectable Mn dissolution. At this point, galvanostatic discharging was started 

using the same but opposite current density, until a potential of 0.1 V was reached at 4900 s; 

this end-of-discharge potential was held for 300 s to allow the electrode to homogenise at the 

knee-point. To investigate under which conditions Mn dissolution rekindles, the potential was 

stepped down at 5200 s to -0.1 V, the OCP value just before initial charging. Immediately, the 

Mn dissolution resumes, and over time again approaches 0.1 ng s-1 cm-2 while the cathodic 

current density for lithium insertion approaches zero. The dissolution rate at 0% SoC is 

therefore consistent, and not dependent on whether the corresponding potential is assumed 

spontaneously (as true OCP) or is imposed. 

 

A second charging cycle starts at 5600 s, again with an initial spike in manganese dissolution 

rate to above 1 ng s-1 cm-2, shortly followed by passivation. The total manganese mass loss 

during the spike at 5600 s is 27.8 ng cm-2, close to the mass loss determined from the first 

dissolution peak at 1600 s and from the cyclic voltammogram in Figure 3-2. A potentiostatic 

segment (6500-7000 s, at 100% charge) does not cause dissolution. Only a return to -0.1 V, at 

the end of discharge at 7800 s, restarts manganese dissolution. When potential control is 

released at 8100 s, the OCP increases towards 0 V while Mn dissolution tails off, suggesting 

that the LMO electrode was not fully lithiated before being relaxed, and therefore immune to 

dissolution. 

 

To further investigate the pH dependence of Mn dissolution, two fresh LMO electrodes were 

prepared and their dissolution was compared in the acidified (pH = 3) and alkalized (pH = 9.5) 

electrolytes, Figure 3-8. In both electrolytes, the characteristic Li (de)intercalation peaks of 

LMO remained observable.  

 

At pH = 3, the Mn dissolution was kept significant and fluctuated between 10-30 ng s-1 cm-2 

during the whole 30 min OCP, Figure 3-8(A), suggesting that the chemical dissolution is 

promoted by the low pH value. It only dropped down below the detection limit after LMO 
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reached its first oxidation peak, Figure 3-8(C) No Mn dissolution above the detection limit was 

found during the rest of the Li extraction even when the potential was scanned to 1.4 V. The 

dissolution was reactivated after the potential was scanned back below 0.97 V and grew 

immediately to ~12 ng s-1 cm-2, followed by fluctuations between 6-14 ng s-1 cm-2 until the first 

oxidation peak of LMO in the flowing cycle. The Mn dissolution in the second cycle showed 

an identical trend but slightly lower values.  

 

 

Figure 3-8. Mn dissolution rate of drop-cast LMO in (A) 0.2 M Li2SO4 pH = 3 (adjusted by 

concentrated H2SO4) and (B) 0.2 M Li2SO4 pH = 9.5 (adjusted by concentrated NaOH) during 

a 30 min-OCP period. The dissolution during CV: potential (top), current density (middle), and 

Mn dissolution rate (bottom) as a function of time in (C) 0.2 M Li2SO4 pH = 3 and (D) 0.2 M 

Li2SO4 pH = 9.5. The insets in (D) are the zoom-in of the highlighted area. Scan rate: 2 mV s-1, 

flow rate: 1.5 mL min-1.  
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At pH = 9.5, though a dissolution peak up to 1 ng s-1 cm-2 was observed upon wetting, it 

decreased below the detection limit after 280 s, Figure 3-8(B) No detectable Mn dissolution 

was found during the charging and overcharging except for a tiny growth that was found when 

LMO was scanned to its second Li extraction peak, as shown in the insets of Figure 3-8(D) 

bottom panel. In the overdischarging region, noticeable Mn dissolution was detected as long as 

the potential was scanned below -0.22 V, and the dissolution peak values in both cycles were 

found slight after the negative vertex potential.   

 

3-4  Discussion  

Central in the understanding of Mn dissolution from its oxides is its oxidation state, and our 

data in delithiated and overlithiated regimes show this effect immediately. In LMO 

(LiMnIIIMnIVO4) at full lithiation, the average Mn oxidation state is 3.5, and Mn dissolution 

from this material is typically explained by invoking Hunter's mechanism of acid-mediated 

disproportiation, Equation 3-4:35 

 

2LiMn2O4 + 4H
+ → 3λ-MnO2 +Mn

2+ + 2Li+ + 2H2O Equation 3-4 

 

where Mn(III) forms highly soluble Mn(II) and insoluble Mn(IV) species. As the electrode 

potential increases and delithiation starts, the equation predicts a decreasing rate of dissolution, 

proportional with the increasingly sparse Mn(III) sites at the surface.  

 

Our data, however, both potentiostatic and galvanostatic measurements in the pure 0.2 M 

Li2SO4, show a marked increase in dissolution rate upon initial charging, immediately followed 

by Mn dissolution becoming undetectable, very much like a classic anodic dissolution-

passivation transition during metal passivation. This observation alone indicates that Hunter’s 

mechanism in isolation cannot explain the observed behaviour.  

 

Furthermore, Hunter’s mechanism is acid-driven, and DFT calculations have shown that this 
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pathway becomes energetically unfavourable above pH 4-5, such as in the pure 0.2 M Li2SO4 

and pH = 9.5 0.2 M Li2SO4 electrolytes used in this study.125 The dramatic increase in Mn 

dissolution during initial delithiation of LMO, followed by an even more abrupt end to the 

dissolution as the potential is made more positive, may indicate a dissolution-precipitation 

mechanism, or a compositional or phase change of the electrode surface layer, the nature of 

which is as yet unclear. A detailed understanding of these surface changes will require in-

depth surface analyses. 

 

Our data in the electrolytes with different pH showed two main dissolution areas, that are, when 

LMO approached the end of charging and when LMO is overdischarged. When the LMO 

approaches the end of charging, dissolution was only detected in neutral and pH = 9.5 electrolyte, 

suggesting the following process happened, Equation 3-5: 

 

LiaMn2O4 → aLi
+ +MnO2 +Mn

x+ + (x + a)e− 

⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡(a < 1) 
Equation 3-5 

 

The dissolution during the end of discharge and overdischarge region was found to be strongly 

promoted when using pH = 3 electrolyte compared with the other two electrolytes, suggesting 

the process is likely to be dependent on pH, Equation 3-6:  

 

 

In studies on LiPF6-containing LMO batteries, post-mortem elemental analysis of the lithium 

anode suggested that the greatest Mn dissolution took place for batteries stored below 30% SoC 

and above 90% SoC, with a middle region (30% to 80% SoC) where manganese dissolution 

was low but not zero, and that smaller LMO particle sizes yielded more dissolution.126 Some of 

the discrepancy between manganese dissolution in aqueous and non-aqueous electrolytes may 

be explained by Mn(II) and Mn(III) stability in aqueous Li2SO4, especially at medium to low 

pH, and non-aqueous LiPF6 electrolyte, as Mn(III)-containing dissolution products have been 

identified in non-aqueous electrolyte by EPR,48 and Mn(III) dissociation pathways in presence 

3LiMn2O4 + Li
+ + (9 − 2x)e− + 8H+ → 2Li2Mn2O4 + 2Mn

x+ + 4H2O Equation 3-6 
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of F- may be possible.49 

 

In the present study, we did not observe Mn dissolution within the (de)intercalation window 

itself, or even 0.4 V beyond the second phase transition peak of lithium deintercalation, as 

opposed to Wang et al. and Zhao et al.42,44 However, in most dissolution experiments,42,44–46 or 

indeed in standard lithium-ion coin cells, stainless steel is used as a current collector, where 

manganese can constitute up to 10% of the mass depending on the alloy. Some manganese 

detected in the electrolyte may therefore be a current-collector-induced artefact and not 

originate from the active electrode material. 

 

Mn dissolution was again detected at very positive potentials, past full deintercalation of 

Li+ from the λ-MnO2 host structure. In LiPF6-carbonate electrolytes, the delithiated λ-

MnO2 surface is found to be unstable and breaks down to Mn3O4 (MnIIMnIII
2O4) which contains 

a higher proportion of Mn(III) and also free Mn(II), both of which could lead to more 

dissolution.34,127 This degradation, however, was found at a less positive potential (4.3 V vs 

Li+/Li) compared to our findings and may not explain our observation. Another phase transition 

to O3-layered MnOx structure or O2- redox at 5.1 V vs Li+/Li which corresponds to significant 

overcharging has also been identified.128 This potential range corresponds better to the 

dissolution rates observed in Figure 3-3, about 1 V positive of the first phase transition peak in 

the voltammograms, suggesting that we reached the onset of this phase transition at 1.2 V vs 

Ag/AgCl, with concurrent oxygen evolution from the electrode. In both cases, these surface 

species disappear after discharge, possibly due to dissolution. Although Mn dissolution from 

the degradation process at 4.3 V vs Li+/Li was not observed here, this could be due to an 

insufficient detection limit of the ICP-OES setup. Moving forward, it may be possible to isolate 

and study in more detail individual Mn dissolution processes by tuning electrolyte and solvent. 

 

Overlithiation (at potentials negative from the initial OCP) produces very different while active 

Mn dissolution behaviour, in line with RRDE collection experiments44 and increased capacity 

fade and dissolution due to the lower average Mn oxidation state in Li2MnIII
2O4,129 promoting 

Mn(III) disproportiation. For these overlithiated structures, DFT calculations found Hunter’s 
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mechanism to remain energetically favourable up to pH 8,125 which may explain the increased 

dissolution rate upon cathodic polarisation we observe. In non-aqueous electrolytes, spiking the 

electrolyte with Mn2+ causes a decrease in reductive peak intensity, another argument in support 

of this interpretation.130 Tetragonal Li2Mn2O4 therefore appears consistently more unstable 

compared to LiMn2O4. 

 

While our measurements confirm the instability of fully lithiated and especially overlithiated 

LMO electrodes, the large discrepancies between reported Mn dissolution in aprotic electrolytes 

and the current work also show that electrolyte nature and composition have a major impact on 

battery electrode stability. Furthermore, careful design of charging/discharging profiles to avoid 

the electrode from entering potential regions characterized by intense Mn dissolution, may be a 

viable alternative to the use of surface coatings or artificial CEIs in optimising battery life.106 

 

Our data reveal very detailed dissolution information, and also suggest whether dissolution 

events or regions are related to a surface state or process, such as superficial oxidation, or to 

bulk properties of the electrode under study, such as structural strain from Li+ intercalation, 

which constitutes most of the measured current. In the battery field, the vast majority of efforts 

are aimed at increasing performance through careful optimisation of bulk synthesis, with 

extensive characterization of crystallography, etc. Every electrode material, however, interacts 

with its environment through its surface, so that the details and properties of the latter are of 

overwhelming importance, including those of the double layer after the electrode-electrolyte 

interface has been established, and possible additional phases have formed (SEI, CEI). For 

fundamental energy-minimising reasons, the structure of a solid surface necessarily differs from 

that of the bulk, sometimes leading to striking surface reconstructions, affecting its reactivity, 

even in the absence of dangling bonds. For this reason, the importance of experimental and 

theoretical surface science investigations of battery electrode materials can hardly be 

overestimated. 
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3-5  Conclusion  

By coupling a flow-through electrochemical cell to an ICP-OES, we have obtained detailed Mn 

dissolution data from a drop-cast LiMn2O4 (LMO) electrode in aqueous 0.2 M Li2SO4, as a 

function of both time and potential/state of charge. Fully lithiated LMO, with an average 

Mn redox state of 3.5, readily dissolves when contacted by 0.2 M Li2SO4, but initial charging 

that precedes delithiation abruptly stops further detectable dissolution, until well past fully 

delithiated λ-MnO2. In marked contrast with aprotic electrolytes, we found no correlation 

between dissolution and the lithium insertion-extraction process. Dissolution resumes on 

returning to the initial potential of pristine LMO, and increases exponentially in the 

overlithiation region. Besides, dissolution was clearly detected not only in the acidic condition, 

but also in neutral and alkaline electrolytes, though increasing the pH decreased the overall 

amount of Mn dissolved Our results provide access to much more detailed dissolution 

information than post-mortem battery analysis allows, enabling targeted materials screening 

and informing best practices in charging/discharging profiles. In particular, our data suggests 

that suitable potential conditioning of electrodes may mitigate dissolution, as an alternative or 

additional measure to the use of protective surface films or incorporation of dopants. 

 

As an outlook, the very detailed, real-time dissolution information to which our method gives 

access allows us to investigate in a straightforward manner the effect of many variables: 

electrode material particle size, presence of dopants, film thickness (differentiating between 

“thin film” or “thick film” regimes, depending on whether the entire film participates in the 

behaviour or only superficially131). Demonstrated here for a drop-cast electrode, the in-situ 

flow-through droplet cell allows investigation of commercial electrodes and materials with 

minimal modifications, but also single crystals and thin films produced using pulsed laser 

deposition methods,132 which make in-depth surface characterization easier. 
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Chapter 4. Revisiting the role of Mn3+ disproportionation for Mn 

dissolution from spinel LiMn2O4 as a Li-ion battery cathode 

As stated in previous chapters, Mn dissolution is one of the biggest factors that limit the wider 

application of Mn-containing Li-ion cathodes. With an increasing number of degradation 

phenomena that the widely accepted Mn3+ disproportionation mechanism cannot explain, we 

here investigated more the Mn dissolution mechanism of LiMn2O4 (LMO). Online ICP-OES is 

a powerful technique for real-time dissolution detection with extraordinary detection limit but 

cannot give information regarding the dissolving species. Thus, RRDE was employed together 

with online ICP-OES for quantitative real-time electrolyte analysis of Mn dissolution detection 

and speciation, which is essential for understanding the dissolution mechanism. Our results 

suggest that Mn3+ is the dissolving species when LMO approaches the end of charging, while 

Mn2+ dissolves when LMO is overdischarged in the first cycle. In the following scans, another 

dissolution period that contains both Mn2+ and Mn3+ is found during the Li+ extraction from 

LMO. Our results refine the use of Hunter’s mechanism in explaining Mn dissolution from Li-

ion cathodes and demonstrate the capability of RRDE for quantitative real-time study of 

transition metals dissolution in Li-ion batteries and beyond.  

 

4-1  Introduction 

The dissolution of Mn2+ during chemical delithiation of LMO in an acidic aqueous solution was 

first proposed by Hunter,35 Equation 4-1, and effectively involves disproportionation of Mn(III) 

into +II and +IV forms:  

 

2LiMn2O4 + 4H
+ → 3λ-MnO2 +Mn

2+ + 2Li+ + 2H2O Equation 4-1 

 

This mechanism was then introduced into battery research and used for explaining the Mn 

dissolution behaviour in various Mn-containing cathodes,36,39 but encountered an increasing 
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number of questions in recent years.  

 

Hanf et al. observed Mn3+ as the main dissolving species from LiNi0.5Mn1.5O4 (LNMO) in 

aqueous buffer solutions with the presence of a TM-ion-scavenging agent, and solely Mn2+ in 

the organic carbonates-based electrolyte by soaking the sample powder and then using capillary 

electrophoresis with ultraviolet-visible (UV-vis) detection. Their results showed that Mn 

dissolution was accelerated at elevated temperature. Although this method can quantify both 

Mn2+ and Mn3+ in a single run, it is hard to use for other TMs like Co or Ni due to their instability 

with the complexing agent. Besides, such ex-situ detection cannot reveal the dependence of 

dissolution on potential, state of charge, etc.133  

 

Zhao et al. used 4-(2-pyridylazo) resorcinol (PAR) as a UV-vis probe for in-situ monitoring of 

Mn2+ dissolution in the typical Li-ion carbonate electrolyte during cyclic voltammetry. They 

observed changing Mn2+ signal during cycling. The excellent selectivity of the PAR probe 

enabled them to observe Mn2+ dissolution but its capability with other Mn species and other TM 

elements remains undiscovered.134  

 

Wang et al. modified a Swagelok cell and detected LMO dissolution responses, in a 1 M LiPF6 

EC/DMC 1/1 (v/v) electrolyte, from non-Mn2+ species, which they believed was caused by Mn3+. 

Their results showed a peak dissolution signal feature around 3.8 V (started upon charging) 

during the first charging, which then decreased to the background value together with the 

characteristic LMO oxidation peaks appearing. In the following discharging, they saw weak 

dissolution signals again when LMO was discharged to 3.9 V below. In the second and third 

cycles, they only detected background level signals, which they attributed to the surface state 

changes of LMO during the first cycle.43 However, as they attribute the oxidation current on 

their Pt sensing electrode to Mn3+ oxidation, their sensing electrode was very likely poisoned in 

the following cycles, as MnO2 was very likely the product or one of the products. 

 

Wang et al. used RRDE collection in the study of Mn2+ dissolution from LMO and LNMO, 

where they saw dissolution throughout the entire (dis)charging of the materials though with 
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varying intensity. Their setup is similar to our study in this chapter, but their applied ring 

potential was so negative that not only Mn2+ but also other Mn species could be reduced (and 

thus detected).45,46,135  

 

The Halalay group combined electron paramagnetic resonance (EPR), ICP-AAS, and X-ray 

absorption near-edge spectroscopy (XANES) ex-situ analysis and claimed that Mn3+ is the main 

dissolving species from LMO and Mn2+ from LNMO.136,137 However, their assumption that all 

Mn2+ is EPR-visible and Mn3+ is EPR-silent is under debate.138  

 

Allen et al. analyzed ex-situ TMs dissolution from LMO, LNMO, and LiNiO2 (LNO) by 

solution nuclear magnetic resonance (NMR) and ICP-optical emission spectroscopy (ICP-OES). 

Their results show that all TMs dissolve as +2 oxidation states.50  

 

Rynearson et al. performed ex-situ qualitative TMs dissolution analysis and speciation from 

LMO, LNMO, NMC811, and LMRNMC by X-ray absorption spectroscopy (XAS) and XANES. 

Their results showed that the average Mn oxidation state from the electrolyte of a cycled (for 

100 cycles) LMO||graphite cell is 2.62± 0.04, and they suggested that Mn3+ is the main 

dissolving species directly from LMO, and the Mn2+ was generated by the subsequent 

disproportionation or reduction of Mn3+ in the electrolyte in a longer time scale.51  

 

In this chapter, we first studied the redox properties and kinetics of Mn2+ and Mn3+, which are 

the two main dissolving species, by using RRDE, Koutecky-Levich (KL) analysis, Cottrell 

analysis, electrochemical impedance spectroscopy (EIS) and Raman spectroscopy. Then, we 

combined RRDE and online ICP-OES for real-time detection and speciation of Mn dissolution 

from LMO. Aqueous 0.2 M Li2SO4 electrolyte was used for the capability of the ICP-OES torch, 

where LMO can maintain similar cyclability to that in carbonates electrolytes and is not affected 

by cathode-electrolyte interphase (CEI) formation.103 Our results suggest different dissolution 

mechanisms during charging and discharging, that is, surface Mn3+ dissolves during delithiation 

and the dissolution of Mn2+ upon lithiation probably involves the bulk of LMO. Our results 

prove the ability of RRDE for real-time quantitative analysis of TMs dissolution in battery 
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studies.  

 

4-2  Experimental details 

4-2.1  Chemicals preparation 

All the aqueous solutions prepared were using ultrapure water (MilliQ, Millipore, 18.2 MOhm 

cm, total organic carbon < 2 ppb). 

 

The 0.2 M Li2SO4 solution was prepared by dissolving lithium sulfate monohydrate (ACS 

reagent, ≥99.0%, Sigma-Aldrich) into ultrapure water. Ultrapure 96% H2SO4 from Supelco 

was used to adjust the pH of the 0.2 M Li2SO4 solution. 

 

For the Mn dissolution detection, LiMn2O4 (LMO) powder, Super-P carbon, and PVDF were 

added to DMSO (2 mL) in a 25:6:4 mass ratio for a total solids mass of 35 mg. The mixture 

was sonicated for 30 min and shaken in a vortex mixer (Vortex Genie 2, Scientific Industries) 

for 5 min for better dispersion, followed by drop-casting 6 μL of the mixture onto the GC disc 

electrode of the RRDE, which was then dried under low vacuum overnight.  

 

4-2.2  Electrochemical measurements 

A RRDE from Pine Research Instrumentation was used in this chapter and it has a glassy carbon 

(GC) disc electrode with an outer diameter of 5.0 mm, and a Pt ring electrode with an inner 

diameter of 6.5 mm and an outer diameter of 7.5 mm. The theoretical collection efficiency N of 

RRDE with this geometry is 25%. The redox reaction of hexacyanoferrate (II)/(III) redox couple 

was used to validate the 𝑁𝑎𝑝𝑝𝑎𝑟𝑒𝑛𝑡 of the RRDE used in this chapter, which is 28.3±0.4%. 

 

Before each measurement, the RRDE was polished by 1.0 and 0.05 μm homogenized alumina 

suspension (Buehler), followed by a thorough rinse with ultrapure water and drying by N2. To 
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ensure the surface state is identical for each measurement, a wide potential range, which covers 

the potential range of interests, cyclic voltammogram (CV) was applied in the blank supporting 

electrolyte solution for both the GC disc and Pt ring once polished. 

 

The RE used for the measurements in this chapter was a Leak-Free Ag/AgCl/3.4 M KCl 

electrode (Innovative Instruments) and the CE was a Pt coil. The electrolyte was purged by Ar 

to remove the effect of air for at least 5 min before each measurement. All the glassware was 

cleaned using boiling nitric acid 20% (diluted from >65% reagent grade, Sigma-Aldrich), 

followed by copious rinsing. A BioLogic BP-300 potentiostat was used for the electrochemical 

measurements.  

 

4-2.3  Raman spectroscopy 

The Raman spectrometer used in this thesis is a Renishaw inVia confocal Raman microscope 

that features 532 nm and 785 nm lasers, with 15 mW and 20 mW maximum power, respectively. 

The spectra were recorded by WiRE software and processed by SpectraGryph (version 1.2) 

software.  

 

4-2.4  Online ICP-OES measurements 

The ICP-OES was an Agilent 5100 dual-view instrument fitted with a Seaspray nebuliser and 

double-pass cyclonic spray chamber. The type 2 flow cell, discussed in chapter 2 and 3, was 

used for all the measurements in this chapter. 

 

4-3  Results & Discussion 

4-3.1  Electrochemistry of possible dissolved Mn species 

For the Mn dissolution from the LMO cathode, the main debates are focused on whether Mn2+ 
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or Mn3+ is the main dissolving species. Thus, it is essential to study the redox properties of both 

to explore whether reactions at the Pt ring can be used for speciation. 

 

 

Figure 4-1. CV of 5 mM Mn2+ at the Pt ring electrode in 0.2 M Li2SO4, 10 mV s-1, without 

rotation. The red trace is the first cycle and the blue trace is the second cycle. The 

voltammogram starts at OCP (~0.4 V) in the negative direction.  

 

Figure 4-1 shows the cyclic voltammogram of Mn2+ on the stationary Pt ring electrode. No 

significant reduction current was found during the first cathodic scan as Mn2+ requires far more 

negative potential (i.e. at least -1.655 V vs Ag/AgCl) to be reduced to metallic Mn.139 At -0.9 V, 

we see the onset of hydrogen evolution. In the following anodic scan, only one oxidation peak 

is observed at 0.9 V, before oxygen evolution is observed at 1.3 V. The electrode visibly turned 

brown after the first oxidation peak, suggesting the formation of MnO2.140–144 Three cathodic 

waves are observed during the second cathodic scan, at ca. 0.78 V, 0 V, -0.15V, which we ascribe 

to the reduction of Mn(IV) formed during the anodic scan.145 This voltammogram indicates that 

aqueous Mn2+ has no redox activity within the potential range from -0.7 V to 0.6 V vs Ag/AgCl 

on bare Pt , providing suitable potentials for the detection of other soluble Mn species at the 

ring.  
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Figure 4-2. Pourbaix diagram of Mn. Potential-pH thermodynamic equilibrium of Mn-water 

system at 25℃, with soluble Mn species of concentration 10-3 M.146 

 

The Pourbaix diagram for manganese, Figure 4-2, shows that possible soluble Mn species can 

exist in neutral to acidic solutions includes MnO4
-, Mn3+, and Mn2+.146 However, when the LMO 

is positively scanned, the MnO2 is expected to form as Li is extracted from the structure, and 

the formation of MnO4
- from MnO2 requires at least 0.2 V more positive potential than oxygen 

evolution reaction in pH≤7 aqueous electrolyte, which is beyond the potential range of interest 

in this study, thus the formation of permanganate can therefore be excluded.  

 

Mn3+ is another candidate as a dissolving species from Mn-containing LIB cathodes. It is 

thermodynamically unstable and can chemically disproportionate in aqueous electrolytes very 

quickly in the absence of any stabilizing ligand, which brings great difficulty in preparing and 

studying its electrochemical performance.147–150 Although lowering the pH of the electrolyte 

may slightly prolong the lifetime of Mn3+,144 the redox path between Mn2+, Mn3+, and Mn4+ may 

be altered.151 Adding proper ligands can effectively stabilize Mn3+,152 but can again shift its 

redox potential. Besides, different charge-discharge mechanisms of the LMO as a LIB cathode 

may also be caused by changing the pH or adding ligands. Thus, locally generating Mn3+ 

through oxidising Mn2+ on the disc electrode of an RRDE and studying its properties on the ring 
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electrode is preferred. 

 

 
Figure 4-3. Summary of possible Mn2+ oxidation pathways from literatures.140,142–144,151 

 

Possible Mn2+ oxidation pathways in neutral to acidic electrolytes suggested by literature are 

summarized in Figure 4-3.140,142–144,151 Studies in both strongly acidic and alkaline electrolytes 

all identified dissolved Mn3+ on the ring electrode, implying that Mn3+ generated on the disc 

during the oxidation of Mn2+ is very likely to be detected on the ring in our neutral to acidified 

electrolytes.143,153 We therefore conducted a series of RRDE experiments to generate the Mn3+ 

locally and investigate its redox activity.  

 

As shown in Figure 4-4, in the pure 0.2 M Li2SO4 electrolyte, the Mn2+ oxidation current has 

an onset potential of 0.59 V and reaches the first plateau at 0.9 V. The plateau lasts until 1.1 V 

and then the current rises again and reaches the second plateau at 1.4 V. The corresponding ring 

current has the same onset potential as the disc but reaches the first peak value at 0.85 V. Then, 

it slightly drops until 1.2 V and increases again until 1.43 V. As Mn4+ can barely survive in the 

liquid electrolytes and Mn2+ does not have redox activity at the chosen ring potential, all the 

ring current detected is ascribed to reduction of Mn3+. As two current plateaus are found, it is 

very unlikely that Route 4 in Figure 4-3 is followed for the first plateau.  

 

With decreasing pH of the electrolyte, achieved by adding increasing amounts of sulfuric acid, 

the onset potentials of Mn2+ oxidation shift positively. The plateau currents maintain almost the 

same value until the pH of the electrolyte goes down to 2.04 (10 mM H2SO4) and gradually 
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decreases when the pH gets below 2. Moreover, in low pH conditions (pH below 2), the current 

plateaus become peaks, which drop with the pH, suggesting the oxidation current is no longer 

limited by diffusion but kinetics. 

 

 

Figure 4-4. (a) Rotating Pt ring-GC disc voltammograms in 0.2 M Li2SO4 + 1 mM Mn2+ at 

different pH values. Rotation rate: 400 RPM. Potential scan rate: 10 mV s-1. All positive currents 

are disc currents; all negative currents are ring currents. Ering was held at 0.3 V vs Ag/AgCl. (b) 

The corresponding absolute value of Iring/Idisc shown in (a), the dashed line represents the Napparent 

of this RRDE. (c) Comparison of Idisc and the absolute value of Iring/Napparent. 

 

When the pH of the electrolyte is decreased, the ring currents during the first current plateau on 

the disc first decrease (from 0 mM H2SO4 to 10 mM H2SO4) and then become more pronounced 

(from 10 mM H2SO4 and more acidic conditions), meaning that either the survival time of Mn3+ 

first decreases then increases with decreasing pH value or the kinetics of the following reaction 

that consumes Mn3+ is changed by pH or these two combined. As shown in Figure 4-4(b) and 

(c), though the |Iring/Idisc| value in the electrolyte with 100 mM H2SO4 is higher than the one in 

0.2 M Li2SO4, the data points in between them did not show a clear trend, indicating that both 
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the lifetime of Mn3+ and the kinetics of the following reaction are altered by the pH value. 

Moreover, when disc potential was higher than 1.6 V, the |Iring/Idisc| value in all electrolytes 

decreased noticeably, suggesting that increasingly Mn became Mn4+ (and thus MnO2), which 

built the film on the disc instead of reaching the disc. Besides, only in the two most acidic 

solutions, more than half of the disc product is detected around the onset of the first current 

plateau, which dropped down very soon as the disc potential increased, Figure 4-4(b) and (c). 

In all the investigated electrolytes, the ring currents always have the same onset potential as the 

disc current, though no plateau but two peaks are observed.  

 

Raman spectroscopy on the disc electrode was then investigated to compare the difference of 

the deposited product on the electrode after the first and second plateau of the LSV curve of 

Mn2+ oxidation in pure 0.2 M Li2SO4 in Figure 4-4.  

 

 

Figure 4-5. Raman spectra of the deposited film on the GC electrode after LSV of 1 mM Mn2+ 

from 0.3 V to 1.0 V (orange curve) or 1.5 V (purple curve) in 0.2 M Li2SO4, 10 mV s-1. A fast 

rotation rate (2500 RPM) was applied to maximize the flux and the subsequent deposits for 

better Raman signals. Spectra from a bare GC electrode surface was added for comparison. All 

spectra were measured by 785 nm laser and taken under the same laser settings. 

 

All three spectra show only two peaks at 1313 cm-1 and 1606 cm-1 beyond 900 cm-1 Raman shift, 
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which result from the D-band and G-band from glassy carbon, respectively.154 Thus, only 

spectra from 100 to 900 cm-1 are shown here, Figure 4-8(b). Films deposited at 1.0 V and 1.5 V 

showed peaks at the identical Raman shifts, though all peaks in the latter had higher intensities. 

Before taking the Raman spectra, a denser film was observed visually through the optical 

microscope after scanning the GC to 1.5 V. The most intense peak in both spectra is located at 

651 cm-1, which could possibly come from: 1) the Mn2+O4 tetrahedra ν1  mode stretching 

vibration from α-Mn3O4; 2) the Mn-O ν1 stretching vibration of Mn4+O6 octahedra from γ-

MnO2; 3) the combination of the two. The second intense peak at 574 cm-1 is assigned to the 

Mn-O ν1 stretching vibration of Mn3+O6 octahedra from γ-MnO2. Other weak peaks at 500 cm-

1 and 292 cm-1 are attributed to ν4 and ν5 mode vibration of MnO6 octahedra, respectively.155–

157 Overall, the Raman results suggest that the chemical composition of the films deposited after 

the first and second current plateaus are identical, which mainly contain γ-MnO2 and may be 

mixed with some α-Mn3O4. No peak observed is assigned to MnOOH, thus, the oxidation of 

Mn2+ in pure 0.2 M Li2SO4 is very unlikely through Route 1 in Figure 4-3. 

 

To understand the dominating process that contributed to the two plateaus, Koutecky-Levich 

analysis was conducted for the first plateaus in pure 0.2 M Li2SO4 and in 0.2 M Li2SO4 with 10 

mM H2SO4 electrolytes, Figure 4-6. Each measurement was done after polishing the RRDE and 

both electrodes' state was checked by a quick CV scan in blank 0.2 M Li2SO4 without any Mn2+.  

 

In pure 0.2 M Li2SO4, Figure 4-6(a), the current grows proportionally with 𝜔1/2 and maintains 

a classic sigmoidal shape up to 1600 RPM. When the electrode rotates faster than 2500 RPM, 

the current slightly decreases after passing by 0.9 V, and the spaces between the current traces 

get smaller with increasing rotation speed. In 0.2 M Li2SO4 with 10 mM H2SO4, Figure 4-6(e), 

the current shows a plateau-like shape only with the slowest rotation. With increasing rotation, 

a current peak at Edisc = 1.1 V becomes more obvious. Possibilities include the current being 

limited by a very sluggish reaction kinetics, or two reactions happening simultaneously between 

1.0 to 1.2 V and their currents overlapping each other, or a combination of the two situations 

together. In both cases, it is possible that the scan rate used (10 mV s-1) is too high to allow the 

current to reach the steady-state. However, slower scan rates may result in the Mn3+ becoming 
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undetectable, as the ring current caused by Mn3+ shown in Figure 4-4 is already quite low. 

 

As shown in Figure 4-6(b) and (f), the maximum current was taken to be considered as the 

limiting current for the reaction that dominated the first current plateau. For the reaction in 0.2 

M Li2SO4 the limiting current at five rotation rates show a good linear relationship. However, 

in 0.2 M Li2SO4 with 10 mM H2SO4, only limiting current from the three slower rotation rates 

can be fitted linearly, meaning that up until 1600 RPM the reaction was still controlled only by 

diffusion, while when rotating faster, the reaction was limited by the kinetics.  

 

When a single-step redox reaction with slow kinetics happens on a rotating disc electrode, if its 

plateau current is only limited by mass transport, then the relationship between the limiting 

current 𝐼𝑙𝑖𝑚 and several characteristics of the system can be described by Levich equation, 

Equation 2-15. The current 𝐼 that is mixed controlled by kinetics and mass transport (i.e. the 

current before reaching the plateau) should follow the Koutecky-Levich equation, Equation 

2-16, 

 

By substituting the Equation 2-15 into Equation 2-16, Equation 4-2 can be obtained, 

 

1

𝐼
=
1

𝐼𝑘
+ (

1

0.201𝑛𝐹𝐴𝐷2/3𝜐−1/6𝐶
)𝜔−1/2 Equation 4-2 

 

Through plotting 𝐼𝑙𝑖𝑚 vs 𝜔1/2 and 1/𝐼 vs ω−1/2, Levich and Koutecky-Levich equations 

are widely used for getting diffusion coefficient 𝐷  and others including kinetic current 𝐼𝑘 , 

electron transfer rate constant 𝑘, etc. if 𝑛 is known and constant. Therefore, on the contrary, 

𝑛 could be calculated if the value of 𝐷 is known.76 

 

In pure 0.2 M Li2SO4, the current at Edisc = 0.9 V is assumed to be the plateau current since the 

current will maintain its steady-state value in ideal cases. In 0.2 M Li2SO4 with 10 mM H2SO4, 

the current at Edisc = 1.1 V is assumed to be the plateau current if there was only a very sluggish 

reaction, and the current at Edisc = 1.19 V is used in the case that more than one reaction 
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happened simultaneously but only one reaction reached the steady state. The 𝐷  values 

calculated from the Levich equation are summarized in Table 4-1. Besides, the self-diffusion 

coefficient of Mn2+ from aqueous MnSO4 solutions measured by Patil et al.159 and the calculated 

𝑛 by using this value is also shown in Table 4-1. 

 

In pure 0.2 M Li2SO4, the calculated value of 𝐷 is closer to the literature value when assuming 

𝑛 = 2. Whereas in 0.2 M Li2SO4 with 10 mM H2SO4, the estimated 𝑛 is closer to 1. 

 

The Koutecky-Levich plot for the Mn2+ oxidation in pure 0.2 M Li2SO4 and 0.2 M Li2SO4 with 

10 mM H2SO4 are plotted in Figure 4-6(c) and (g). For the former, only the data points from 

400 to 2500 RPM were used since the data from 3600 RPM is clearly not linearly related to the 

other four points. The slope of the fitted line decreases dramatically with more positive potential.  

 

For the latter, all 5 different rotation speeds are included, though they do not show clear linear 

trends and the slope for the fitted lines fluctuates with the rising potential.  

 

The calculated 𝑛 (by using the literature 𝐷) in both electrolytes from the Koutecky-Levich 

equation is plotted in Figure 4-6(d) and (h), and the calculated electron transfer rate constant 𝑘 

based on assuming a known 𝑛 is listed in Table 4-2.  

 

As shown in Table 4-2, in both electrolytes, the electron transfer rate constants 𝑘  are 

considered to be medium to fast no matter the assumed electron transfer number 𝑛. This results 

in the fact that the shapes of the current in Figure 4-6(a) and (e) are partly not independent of 

rotation rate 𝜔, and the slopes of the fitted line in the Koutecky-Levich plots as well as the 

subsequently calculated number of electrons transferred, are dependent of the electrode 

potential. The electron transfer number 𝑛 is scattered between 0 to 2. Besides, in the case of 

Mn3+ is yielded, the instability of Mn3+ may cause the reverse reaction of Mn2+→Mn3+ to become 

not negligible, which further results in inaccuracy when applying Koutecky-Levich analysis. 

Thus, it is hard to conclude the electron transfer number from this method on its own.  
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Figure 4-6. Rotating disc voltammograms of 1 mM Mn2+ on GC disc electrode in (a) 0.2 M 

Li2SO4 and (e) 0.2 M Li2SO4 with 10 mM H2SO4, anodic scan, 10 mV s-1, rotation rates indicated 

in the graph. The Corresponding Levich plot for disc limit current in (a) and (e): (b) in 0.2 M 

Li2SO4 and (f) 0.2 M Li2SO4 with 10 mM H2SO4. Koutecky-Levich plot for Mn2+ oxidation 

curves: (c) in 0.2 M Li2SO4 at disc potential Edisc = 0.55 V, 0.60 V, 0.65 V, 0.70 V, 0.75 V, 0.80 

V, 0.85 V, 0.90 V, and for (g) in 0.2 M Li2SO4 with 10 mM H2SO4 at disc potential Edisc = 0.90 

V, 0.95 V, 1.00 V, 1.02 V, 1.04 V, 1.06 V, 1.08 V, 1.10 V, 1.12 V. Number of electrons transferred 

vs disc potential calculated from Koutecky-Levich analysis (d) in 0.2 M Li2SO4 and (h) in 0.2 

M Li2SO4 with 10 mM H2SO4. 
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Table 4-1. Comparison of the diffusion coefficient 𝐷  calculated from Levich equation by 

assuming a known electrons transfer number 𝑛. 

 Pure 0.2 M Li2SO4 0.2 M Li2SO4 with 10 mM H2SO4 

Eplateau (V) 0.90 1.1 1.19 

 𝐷 (m2 s-1) 

Assuming 𝑛 = 1 1.34×10-9 8.14×10-10 5.38×10-10 

Assuming 𝑛 = 2 4.75×10-10 2.88×10-10 1.90×10-10 

Literature Value 6.80×10-10 ([Mn2+] ≈1 mM)159 

 Estimated 𝑛 by using the literature 𝐷 

 1.57 1.13 0.86 

 

Table 4-2. Calculated electron transfer rate constant 𝑘 by assuming 𝑛 is known and constant.  

Pure 0.2 M Li2SO4 

Edisc (V) 0.65 0.70 0.75 0.80 0.85 0.90 

𝑘 (cm s-1) 

Assuming 

𝑛 = 1 

3.72×10-3 1.16×10-2 1.95×10-2 3.21×10-2 7.28×10-2 1.95×10-1 

𝑘 (cm s-1) 

Assuming 

𝑛 = 2 

1.86×10-3 5.81×10-3 9.76×10-3 1.61×10-2 3.64×10-2 9.76×10-2 

0.2 M Li2SO4 with 10 mM H2SO4 

Edisc (V) 1.02 1.04 1.06 1.08 1.10 1.12 

𝑘 (cm s-1) 

Assuming 

𝑛 = 1 

1.31×10-3 6.67×10-3 2.37×10-2 4.40×10-2 4.79×10-2 3.75×10-2 

𝑘 (cm s-1) 

Assuming 

𝑛 = 2 

6.56×10-4 

 
3.34×10-3 1.19×10-2 2.20×10-2 2.39×10-2 1.88×10-2 

 

Figure 4-7(a) and (d) show the potential step experiment to the potential where Mn2+ oxidation 

reaches their first plateau current (in Figure 4-4) in both 0.2 M Li2SO4 and 0.2 M Li2SO4 with 

10 mM H2SO4 electrolytes after holding the potential at OCP in each condition for 10 s. If the 

process is limited by mass transport only, the current 𝐼 (A) and time 𝑡 (s) should follow the 

Cottrell Equation, Equation 4-3:  
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Figure 4-7. Potential step experiment of 1 mM Mn2+ on stationary GC disc electrode in 0.2 M 

Li2SO4: (a) potential and current vs time; (b) current and its linear fit vs t-1/2 after stepping to the 

1st plateau potential in Figure 4-4; (c) the comparison of simulated current by Cottrell Equation, 

the measured current, and their difference. Potential step experiment of 1 mM Mn2+ on 

stationary GC disc electrode in 0.2 M Li2SO4 with 10 mM H2SO4: (d) potential and current vs 

time; (e) current and its linear fit vs t-1/2 after stepping to the 1st plateau potential in Figure 4-4; 

(f) the comparison of simulated current by Cottrell Equation, the measured current, and their 

difference. 

 

By plotting the 𝐼  vs 𝑡−1/2 , Figure 4-7(b) and (e), the diffusion coefficient 𝐷  can be 

𝐼 = 𝑛𝐹𝐴𝐷1/2𝐶𝜋−1/2𝑡−1/2 Equation 4-3 
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calculated through the slope, which are 8.09×10-9 m2 s-1 and 7.32×10-9 m2 s-1 in 0.2 M Li2SO4 

and 0.2 M Li2SO4 with 10 mM H2SO4 electrolytes, respectively. In both electrolytes, the 

diffusion coefficient 𝐷  values calculated from Levich analysis when assuming electron 

transfer number 𝑛 = 1 are closer to the value obtained from Cottrell analysis, suggesting that 

a 1-electron transfer process (i.e. Mn2+→Mn3+) is very likely dominating the first current plateau 

in Figure 4-4. However, as suggested by Figure 4-4(c), the processes during the first current 

plateau in both electrolytes are not only limited by mass transport, which makes the Cottrell 

analysis alone inconclusive.  

 

 

Figure 4-8. (a) Schematic experimental protocols for the EIS measurements. Rotation rates: 

2500 RPM.   

 

As such, considering the slope of the disc current before reaching the first plateau in Figure 4-4, 

the Mn2+→Mn3+ electron transfer rate first increased (from 0 mM to 10 mM H2SO4, i.e., pH 

decreases from neutral to 2) and then decreased (from 10 mM to more H2SO4, i.e., pH below 2). 

Moreover, in both electrolytes shown in Figure 4-6, a current peak appears with fast rotation 

rates instead of a plateau, suggesting a film began to grow and block the electrode, which then 

decreased the electron transfer rate of Mn2+→Mn3+. With the rotation rate increasing, the film 

deposited faster and more current decreases were observed. Additionally, as shown in Figure 

4-7(c) and (f), in both electrolytes, the measured current is higher than the Cottrell Equation 
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predicted current, suggesting that either the Mn2+ can be oxidised on this film at such potential, 

or generated Mn3+ oxidation is also contributing to the current detected in this experiment.  

 

 

Figure 4-9. Comparison of EIS data at different Edisc before and after applying LSV on the disc 

from 0.3 V to 1.0 V: (a) Nyquist and (b) Bode plots of 1.0V-EIS-1 (Edisc = 0.3 V); (c) Nyquist 

and (d) Bode plots of 1.0V-EIS-2 (Edisc = 1.0 V); (e) Nyquist and (f) Bode plots of 1.0V-EIS-3 

(Edisc = 0.3 V). The insets show the equivalent circuit used for data analysis. Rotation rates: 

2500 RPM. 

 

To further study the process that dominates the current plateau at 1.0 V and 1.5 V in pure 0.2 M 

Li2SO4 in Figure 4-4, EIS measurements were then performed in the frequency range from 0.1 

Hz to 10 kHz to compare the two processes, Figure 4-8. All data can be fitted by a Randles 

equivalent circuit in addition to an infinite Warburg element W except for the data from 1.0V-
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EIS-3, where a finite Warburg element Wf was used instead, Figure 4-9 and Figure 4-10. The 

element Rsol in the circuit represents the uncompensated solution resistance. Rct is the resistance 

for the charge transfer process and Q is the constant phase element (CPE) that associates with 

the capacitance associated with the faradic process of the electrode surface under AC 

conditions.160,161 

 

 
Figure 4-10. Comparison of EIS data at different Edisc before and after applying LSV on the disc 

from 0.3 V to 1.5 V: (a) Nyquist and (b) Bode plots of 1.5V-EIS-1 (Edisc = 0.3 V); (c) Nyquist 

and (d) Bode plots of 1.5V-EIS-2 (Edisc = 1.5 V); (e) Nyquist and (f) Bode plots of 1.5V-EIS-3 

(Edisc = 0.3 V). The insets show the equivalent circuit used for data analysis. Rotation rates: 

2500 RPM. 

 

Compared with the initial state 1.0V-EIS-1, the Q increased more than an order of magnitude, 
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and Rct decreased around 4 orders of magnitude in 1.0V-EIS-3, suggesting the surface is 

changed after Edisc were scanned to 1.0 V. Whereas, for 1.5V-EIS-1 and 1.5V-EIS-3, the changes 

in Q and Rct were less obvious, indicating that the electrode surface was either recovered slightly 

toward its initial state after went to 1.5 V. Compare 1.0V-EIS-2 with 1.5V-EIS-2, the Rct of the 

latter is around 3 times smaller and Q is almost 10 times bigger, which confirmed that the 

dominating processes happening at disc potential of 1.0 V and 1.5 V are different. Overall, in 

the spectrum from scanning the disc potential to 1.0 V, the Rct value keeps decreasing, meaning 

that there is still a redox process ongoing even when the Edisc is scanned back to 0.3 V (i.e. OCP). 

For the three from scanning Edisc to 1.5 V, the Rct was first decreased two orders of magnitude, 

then grew up again, suggesting the redox process was no longer obvious when Edisc was back to 

0.3 V.  

 

Table 4-3. Parameters extracted from the EIS data through fitting with the equivalent circuits.  

Element 

(unit) 

1.0V-1 

 

1.0V-2 

 

1.0V-3 

 

1.5V-1 

 

1.5V-2 

 

1.5V-3 

 

Q 

(μsᵅ(Ω·cm2)-1) 
74.92 686.00 1914.21 70.43 74.89 107.58 

α 

(Ω·cm2) 
0.92 0.70 0.57 0.93 0.93 0.93 

Rsol 

(Ω·cm2) 
14.70 14.54 14.70 15.65 16.08 15.41 

Rct 

(Ω·cm2) 
18177.53 61.44 3.52 19043.03 194.66 9248.24 

W / Wf 

(kΩ·cm2 (√s)-1) 
22.97 11.04 0.03 26.74 0.12 5.08 

Bo 

(δ (√D)-1) 
  0.35    

𝜒2 0.03 0.12 0.05 0.02 0.03 0.12 

C 

(μF cm-2) 
167.81 312.65 97.39 83.00 63.04 122.70 

d 

(nm) 
 0.19 0.62  0.95 0.49 

 

Assuming that the deposited film is evenly distributed on the electrode surface, the film 
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thickness d can be calculated through Equation 4-4,162 

 

𝐶𝑐𝑡 = 𝜀0𝜀𝑟
𝐴

𝑑
 Equation 4-4 

 

where 𝜀0 = 8.85 × 10
12  (F m-1) is the vacuum electric permittivity; 𝜀𝑟  is the relative 

permittivity for the film, which is 68.1±1.6 for MnO2;163 𝐴 is the surface area of the electrode 

(m2); 𝐶𝑐𝑡 (F m-2) is the equivalent capacitance converted from CPE.  

 

As summarized in Table 4-3, for the data sets obtained from scanning the Edisc to 1.0 V, the film 

begins to be deposited when the potential reaches 1.0 V, and the thickness of the film continues 

to increase even when the potential is scanned back to 0.3 V. For the data set obtained from 

scanning the Edisc to 1.5 V, 𝑑 reaches the peak value at 1.5 V, then decreases when going back 

to 0.3 V, indicating that either the film dissolves or there might be crystal structure changes that 

happened, thus the film becomes more condensed. In both cases, the extremely small thickness 

of the film suggests that the electrode was only partially covered by the film. 

 

Combining the results from these techniques, it is reasonable to conclude that the first plateau 

(1.0 V) of the LSV curve of Mn2+ oxidation in pure 0.2 M Li2SO4 in Figure 4-4 can be attributed 

to Route 2 in Figure 4-3. Whereas, the second plateau (1.5 V) is caused by Route 3. Therefore, 

Mn3+ can be generated through oxidising Mn2+ on the GC disc electrode and can survive a short 

time in the electrolyte in order to be detected by the Pt ring electrode. Moreover, any potential 

that is not positive than 0.3 V vs Ag/AgCl on the platinum ring electrode should be able to 

reduce Mn3+. 

 

4-3.2  Detection of Mn dissolution from LMO 

To study the Mn dissolution from LMO, RRDE collection experiments were performed. Freshly 

prepared LMO was cycled between -0.8 V to 1.5 V, and showed identical voltammograms each 

time. Before and after applying CV on LMO, it is stabilized in a 10-minute’ OCP period, while 
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a constant potential is applied to the Pt ring electrode throughout the whole process. The LMO 

shows two pairs of Li+ insertion/extraction peaks at 0.73/0.88 V and 0.59/0.72 V, which agrees 

well with literature value in the same electrolyte but different cell geometries, suggesting the 

current is mainly limited by the Li+ diffusion in the LMO. 164,165 

 

 

Figure 4-11. (a) RRDE collection experiments for detecting the Mn dissolution rate by applying 

CV on the LMO and chronoamperometry on the ring: (panel 1 and 2) Disc potential and current 

versus time, 2 mV s-1; (panel 3 and 4) ring current, the corresponding ring potential are indicated 

in each panel. The electrode was kept rotating at 400 RPM. (b) Potential, current, and Mn 

dissolution of LMO detected by online ICP-OES. 
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The Mn dissolution rate mMn can be converted from the detected current via Equation 4-5, 

 

𝑚Mn =
𝐼𝑀Mn
𝑧𝐹𝐴

 Equation 4-5 

 

where 𝐼 is the instant current (A); 𝑀Mn is the atomic molar mass of Mn (54.94 g mol-1); 𝑧 is 

the number of electrons transferred when detecting the dissolved Mn on the ring; and all other 

variables have the same meaning as stated before. 

 

During the initial lithiation, no matter the held ring potential, no obvious ring current is detected 

that corresponds to the redox peaks of LMO, indicating no Mn dissolution. When the LMO is 

scanned positive than 1.1 V, Mn3+ is detected through the reduction current by holding the Ering 

= -0.05 V. The dissolution rate of Mn3+ reaches the maximum value of 4.44 ng s-1 when Edisc = 

1.45 V. Taking into account the collection efficiency of the electrode at this rotation rate, the 

true maximum value for dissolved Mn3+ should be 15.70 ng s-1. 

 

During the first cathodic scan, no obvious Mn dissolution was found until Edisc passed 0 V, 

where Mn2+ was found by the ring oxidation current when holding the Ering = 0.8 V, and then 

the dissolved Mn2+ increased to its maximum of 1.37 ng s-1 when Edisc = -0.61 V. Considering 

the collection efficiency of the RRDE used, the true maximum amount of the dissolved Mn2+ 

should be 4.84 ng s-1. The dissolution rate after that shows a decreasing trend until the Edisc 

scanned back to -0.2 V in the following anodic scan and reaches another peak of 2.51 ng s-1 

when Edisc = 0.41 V. After that, the Li+ insertion current starts growing, and the dissolution rate 

drops back to around zero when the current of LMO reaches its first peak.  

 

In the following cycles, the two pairs of Li+ insertion/extraction peaks for LMO decrease 

gradually and shift toward each other until becoming not distinguishable in the 4th cycle. The 

O2 evolution current at above 1.3 V becomes more obvious. As for the ring current, in the second 

cycle, the amount of dissolved Mn3+ in the overcharged region is reduced to about half of that 

in the first cycle, and becomes almost undetectable from the third cycle onwards. 
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Simultaneously, in the second and third cycles, a slight current shoulder caused by Mn3+ 

dissolution is detected together with the Li+ extraction peaks of LMO. The Mn2+ dissolution 

peak that appears during the cathodic scan gradually decreases and splits into two peaks in the 

following cycles, one of which peaked at Edisc = -0.16 V, and the other one shifted towards the 

negative vertex potential. While the Mn2+ dissolution peak at Edisc = 0.41 V keeps rising and 

shifts positively together with the first anodic peak of LMO.  

 

The same amount of LMO was drop-cast on a GC wafer electrode and the Mn dissolution was 

detected by the online ICP-OES system described in our previous work.165 The Mn dissolution 

detected by the two methods shows identical trends, though the amounts are different.  

 

The CV of LMO in the flow cell that coupled with ICP-OES shows identical redox peaks to 

that demonstrated in RRDE measurements, Figure 4-11.  

 

The dissolved Mn detected by online ICP-OES upon the end of charging should correspond to 

the reduction current in the RRDE measurement when Ering was held at -0.05 V, which is caused 

by Mn3+. The amount of Mn detected by online ICP-OES is less than that detected by RRDE, 

which may be due to the following reasons: 1) A longer pre-OCP (30 min) was applied in the 

online ICP-OES measurement than in the RRDE measurement (10 min), which may allow more 

Mn3+ on LMO surface to dissolve or disproportionate already during OCP; 2) Since the main 

dissolving species Mn3+ can disproportionate rapidly once getting into the electrolyte as 

described by Figure 4-3 route 2, it may not able to survive to be detected by ICP-OES. Therefore, 

it is reasonable to estimate that only half of the dissolving Mn is detected in this region; 3) Mn 

oxides are good catalysts for water splitting,166,167 it is possible that the generated O2 can be 

reduced under such Ering. The small oxidation waves are probably generated by the by-products 

of water splitting.  

 

The first dissolution peak that initiated during the cathodic scan detected by online ICP-OES 

should correspond to the Mn2+ detected by RRDE, whereas the second peak corresponds the the 

mixture of Mn2+ and Mn3+. The amount of Mn detected by online ICP-OES has the maximum 
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value of 5.26 ng s-1 when ELMO = -0.57 V in the first cycle, followed by another peak value of 

0.95 ng s-1 when ELMO = 0.36 V. Overall, the Mn dissolution during (over)discharging and the 

following initial charging detected by the two methods show the same characteristics including 

one peak close to the negative vertex potential and another peak just before the redox peak of 

LMO, though the total amount of Mn detected by online ICP-OES is slightly less than that 

detected by RRDE, which is probably resulted by the instability of Mn3+. 

 

LiaMn2O4 → aLi
+ +MnO2 +Mn

3+ + (3 + a)e−  

⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡⁡(a < 1) Equation 4-6 

 

3LiMn2O4 + Li
+ + 5e− + 8H+ → 2Li2Mn2O4 + 2Mn

2+ + 4H2O  

 Equation 4-7 

 

2LibMn2O4 + 8H
+ + (4 − 2b + c)e− → (2b − c)Li+ + 2Mn2+ + LicMnO2 + 4H2O  

(2 > b > 1 > c) Equation 4-8 

 

2LibMn2O4 → (2b − c)Li
+ + 2Mn2+ + LicMn2O4 + 2O2 + (2b − c + 4)e

−  

⁡⁡⁡⁡⁡⁡⁡(2 > b > 1 > c) Equation 4-9 

 

2LicMn2O4 → (2c − d)Li
+ +Mn2+ +Mn3+ + LidMnO2 + (2c − d + 5)e

−  

⁡⁡⁡⁡⁡⁡⁡⁡⁡(1 > c > d > 0) Equation 4-10 

 

Our results suggest that during the first cycle, Mn3+ only dissolves when LMO approaches the 

end of charging, Equation 4-6, and Mn2+ starts to dissolve when LMO is overdischarged, 

Equation 4-7. In the subsequent anodic scans (from Li2Mn2O4 to MnO2), Mn2+ is kept released 

until LMO reaches its first oxidation peak again, Equation 4-8 or Equation 4-9. While the 

dissolved amount of Mn3+ starts to grow together with the first LMO oxidation peak, Equation 

4-10.   

 

Our results agree with some studies in LiPF6-based carbonates eletrolytes, where their samples 
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were taken from LMO-graphite cells cycled between 3.0-4.2 V (in our potential range, this 

should be 0.0-1.2 V vs Ag/AgCl), they believe that the ratio of dissolved Mn2+ to Mn3+ is close 

to 1:1.51,136 While the NMR study shows that only Mn2+ dissolves, this is probably because their 

powder was only soaked in the electrolyte without any cycling.50 

 

4-4  Conclusions 

By using RRDE, KL analysis, EIS, and Raman, we studied the electrochemical behaviour of 

Mn2+ and Mn3+ in aqueous 0.2 M Li2SO4 electrolyte on GC and Pt electrodes. We confirmed the 

oxidation process of Mn2+ on a GC electrode is that Mn2+→Mn3+→Mn2++MnO2, followed by 

Mn2+→Mn3+→Mn4+→MnO2. Thus, Mn3+ was locally generated in a RRDE setup and studied. 

Then, the mechanism of Mn dissolution from LMO was analyzed by RRDE and online ICP-

OES. Our results suggest that, in the first delithiation process, Mn3+ dissolves only when LMO 

approaches the end of charging (above 1.1 V vs Ag/AgCl, i.e. 4.1 V vs Li+/Li). Mn2+ dissolution 

is initiated from the end of discharge, and can last until the LiMn2O4 is recovered from Li2Mn2O4 

and starts to delithiate again. While the Mn3+ dissolution launches again together with the first 

LMO oxidation peak.  
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Chapter 5. Dynamic phase transformation of LiNi0.5Mn1.5O4 as Li-

ion cathode observed by operando Raman spectroscopy 

Spinel LiNi0.5Mn1.5O4 (LNMO) is a promising alternative to LiMn2O4 (LMO) thanks to its high 

operation voltage and energy density. Meanwhile, with the addition of earth abundant Ni, the 

life span of the spinel is expected to be prolonged. However, the large-scale commercialization 

of LNMO is still limited by its premature ageing, including the decomposition of electrolyte, 

the dissolution of transition metal, and their subsequent influences on the electrode-electrolyte 

interfaces for both cathode and anode. A detailed understanding of the degradation process that 

happens on the cathode-electrolyte interphase (CEI) is the prerequisite for further material 

optimization. In this chapter, the chemical composition, morphology, crystal structure, and 

electrochemical properties of 2 commercial and 3 lab-synthesized LNMO are compared. 

Furthermore, their dynamic phase transformation during the initial cycle was investigated by 

operando Raman spectroscopy, aiming for insights into the CEI and its impact on the 

electrochemistry of LNMO. The experiments were initially designed to compare the 

electrochemical behaviour of LNMO and LMO in an aqueous electrolyte, as well as LNMO in 

both aqueous and organic electrolytes. However, LNMO exhibited very poor cyclability in the 

aqueous electrolyte, and further improvements could not be conducted due to time constraints. 

 

I performed slurry mixing, coating, electrode preparation, coin cell assembly, electrochemical 

tests, X-ray diffraction analysis (XRD) of the powders, Raman spectroscopy for powders, and 

operando Raman cell assembly as well as the experiment conduction. The 3 lab-synthesized 

LNMO samples were gifts from Dr Li Zhang, who works in Dr Nuria Tapia-Ruiz’s group at 

Imperial College London (UK). The scanning electron microscopy images were carried by Dr 

Bing Han from Dr Alexander Eggeman’s group at The University of Manchester (UK). The X-

ray diffraction was measured and analyzed with the help of Dr Zhenjiang Yu and Dr Hekang 

Zhu from Dr Xiao Hua’s group at the Chemistry Department at Lancaster University. The 

operando Raman spectroscopy was set up with the help of Prof Yue Chen from Fujian Normal 

University (China).   
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5-1  Introduction 

Spinel, represented by LiMn2O4 (LMO), is attractive thanks to its three-dimensional ion 

diffusion channels, which are expected to enable better lithium diffusion coefficient and 

structural stability.168,169 However, resulting from the dissolution of transition metals together 

with other side reactions, LMO shows poor capacity retention, as discussed in the previous 

chapters. Replacing part of the Mn with other transition metals is assumed to be an effective 

way to enhance its performance.170 Among the rest, spinel LiNi0.5Mn1.5O4 (LNMO) is drawing 

increasing attention from researchers due to its high operation voltage (~4.7 V vs Li+/Li), high 

theoretical energy density (650 W h kg-1), low cost, good thermal stability, and environmental 

friendliness.168,171 However, cycling and rate performances that are limited by premature ageing 

still require improvement for further commercialization 

 

A better understanding of the degradation process and mechanism that occurs at the cathode-

electrolyte interphase (CEI) is the key to improving batteries with LNMO cathodes.172 Due to 

the high operating voltage, the electrolyte in cells with LNMO as the cathode is more likely to 

decompose than the electrolyte in that with other cathodes. Subsequently, both the CEI and the 

solid-electrolyte interphase (SEI) on the anode could be affected.168,171,172 

 

Aurbach et al. confirmed the rise of the surface impedance of LNMO, which undertook 

prolonged cycling at 40-60 ℃, resulting from the formation of LiF, C-F, P-Fx, and organic 

compounds-containing surface film by X-ray photoelectron spectroscopy (XPS). With the help 

of micro-Raman spectroscopy, they believed that the surface change of LNMO that 

cycled/stored at 60-70 ℃ was due to the dissolution of Mn and Ni and subsequent formation of 

λ-MnO2.173,174  

 

Kim et al. studied the Mn dissolution by storing the LNMO in the electrolyte (1 M LiPF6 in 

ethylene carbonate (EC)/ ethyl methyl carbonate (EMC) with a 1:1 volume ratio) at 60 ℃, and 

the electrolyte was then analyzed by ICP-MS. By using transmission electron microscopy (TEM) 

and time-of-flight secondary ion mass spectrometry (TOF-SIMS), they believed that the low 
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concentration of NiO and MnO fragmentation ions and the presence of metal fluorides on the 

HF-etched (1% aqueous solution) LNMO surface is due to the Ni and Mn dissolution.175 

 

Yang et al investigated the side reactions between LNMO and the electrolyte (1 M LiPF6 in 

ethylene carbonate (EC)/ dimethyl carbonate (DMC)/ diethyl carbonate (DEC) in a volume ratio 

of 1:1:1) at different potentials between 4.0 V-5.3 V vs Li+/Li. Their ex-situ X-ray photoelectron 

spectroscopy (XPS) and Fourier transform infrared spectroscopy with attenuated total 

reflectance (FTIR-ATR) results suggested that at potentials higher than 4.5 V, the EC could be 

oxidised to form poly(ethylenecarbonate) (PEC) on the CEI.176 

 

Kim et al. compared the electrochemical behaviour of LNMO in half cell (with Li as the anode) 

and in full cell (with meso-carbon microbeads (MCMB) graphite as the anode) and suggested 

that the capacity fade in the full cell is led by both the dissolution of Mn, which is the dominating 

reason of the formation of SEI and subsequent Li+ loss.177 

 

Pieczonka et al. investigated the dependence of transition metal dissolution on the state of 

charge (SOC), temperature, storage time, and crystal structure of LNMO. By using the XPS 

depth profile, they found the deficiency of Ni and Mn on the cycled LNMO surface compared 

with the bulk, while Li showed a reversed trend. Their ex-situ X-ray fluorescence (XRF) 

spectrometry and gas chromatography (GC) results for the electrolyte suggested that both the 

Mn and Ni dissolution and the decomposition products of DEC grew with the increase of SOC, 

temperature, and storage time. In addition, the charged LNMO could be a catalyst for the 

electrolyte decomposition, while the products can in turn affect the Mn and Ni dissolution.178 

 

Fehse et al. compared the bulk redox behaviour of ordered and disordered LNMO by operando 

dual-edge X-ray absorption spectroscopy and suggested that although the continuous oxidation 

of Ni2+/3+/4+ and Mn3+/4+ were observed in both, a better homogeneous of the reaction 

propagation was observed in the ordered LNMO. The transient formation of Ni3+ species 

showed positive dependence on the degree of local structural disorder in ordered LNMO 

compared with disordered LNMO.179 
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Overall, the degradation processes that happen at LNMO CEI play an essential role in the 

deterioration of the whole cell, and operando characterizations give important information for 

understanding these processes and the corresponding mechanism. Raman spectroscopy is an 

easy-access technique, which could provide extensive insights into the lattice symmetry, 

oxidation state, phase and grain information, defect, strains, etc. of the LNMO.180,181  

 

Here, the chemical composition, morphology, crystal structure, and electrochemical properties 

of a series of LNMO were investigated by ICP-OES, scanning electron microscopy (SEM), X-

ray diffraction (XRD), Raman spectroscopy, and galvanostatic (dis)charging. Two commercial 

LNMO (LNMO-S and LNMO-T) that were purchased from different suppliers were compared 

with three lab-synthesized samples, one of which was aimed for a disordered structure (LNMO-

D) and the other two were doped by approximately 0.05 mol% of Fe (LNMO-Fe) and Mg 

(LNMO-Mg), respectively. Fe and Mg were chosen as the dopants to reduce the cost and 

enhance the structural stability.238,239 The operando Raman spectroscopy was carried out during 

the initial charging and discharging of all 5 samples, and found that a fully delithiated phase 

could be formed reversibly to varying degrees on the surface of surfaces except for LNMO-Fe. 

No significant effect of the formation of this phase on the electrochemical performance of 

LNMOs was observed. 

 

5-2  Experimental details 

The 2 commercial LNMO powders were purchased from Sigman Aldrich (labeled as LNMO-

S) and TOB New Energy (labeled as LNMO-T), respectively.  

 

The powder XRD of all 5 samples was measured by a Rigaku SmartLab diffractometer equipped 

with a 9 kW Cu Kα source and a high-resolution vertical θ/θ 4-Circle goniometer plus D/teX-

ULTRA 250 high-speed position-sensitive detector system. The powders were scanned from 5° 

to 90° for 30 min. 
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The SEM used in this chapter is a ZEISS GeminiSEM 2 field emission scanning electron 

microscope (FE-SEM), which features an energy dispersive X-ray spectrometry (EDS). 

 

The electrode was prepared by mixing the LNMO powder: super P carbon (TOB New Energy): 

polyvinylidene fluoride (PVDF, TOB New Energy) in an 8:1:1 weight ratio in N-

methylpyrrolidone (NMP, Sigma-Aldrich) using a Thinky mixer. The slurry was then coated on 

the Al foil by the doctor blade, followed by drying in an oven at 80℃ for 12 h and in a vacuum 

oven at 120℃ for another 12 h. The electrode was then cut into the desired size for the coin cell 

and the operando optical Raman cell. The 2032-coin cell parts were purchased from TOB New 

Energy. The Raman cell was an ECC-Opto-Std cell from EL-Cell, which is described in Chapter 

2 in detail. The electrolyte used in all cells was a battery-grade lithium hexafluorophosphate 

solution (1.0 M LiPF6 in EC/DMC=1/1 v/v) that was purchased from Sigma-Aldrich. The 

separator used in all cells were Whatman glass fiber.  

 

A Neware battery testing system was used for all the electrochemistry tests in coin cell, and the 

electrochemical data during the operando Raman measurements were recorded by a BioLogic 

SP300 potentiostat. The Raman spectrometer used was a Renishaw inVia confocal Raman 

microscope that features 532 nm and 785 nm lasers, with 15 mW and 20 mW maximum power, 

respectively. The spectra were recorded by WiRE software and processed by SpectraGryph 

(version 1.2) software.  

 

5-3  Results and discussion 

5-3.1  Chemical composition and structure 

Based on the distribution of Ni and Mn in the crystal structure, LNMO can usually be divided 

into ordered and disordered structures, though the two often coexist.182 The former has a P4332 

space group, where Ni exists as Ni2+ and takes the 4a octahedra site, and Mn exists as Mn4+ and 

occupies the 12d site in the structure, Figure 5-1a. The latter has a space group of Fd3̄m, where 

the Ni and Mn atoms randomly occupy the 16d site of the octahedra, Figure 5-1b.183,184 
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The molar ratio of the elements in each powder is determined by ICP-OES, Table 5-1. All the 

results are calculated by assuming the Mn content in each unit cell is 1.5. All samples show only 

small variations around the theoretical ratio of the material. The 3 LNMO samples without any 

dopants have similar Ni/Mn ratios, and the Li content negatively correlates to that of Ni. The 

addition of Fe and Mg reduces the concentration of Ni. Besides, the Mg concentration is slightly 

higher than that of Fe, though they were aimed for the same ratio.  

 

 

Figure 5-1. Schematic diagram of the crystal structure of (a) ordered (P4332)185 and (b) 

disordered (Fd3m̄)186 LNMO.  

 

Table 5-1. Element ratio of the commercial and as-prepared LNMO powders detected by ICP-

OES (assuming Mn = 1.5).  

  Li Ni Mn Fe Mg 

Commercial 

samples 

LNMO-S 1.14 0.56 1.5   

LNMO-T 1.25 0.54 1.5   

Lab-

synthesized 

samples 

LNMO-D 1.15 0.55 1.5   

LNMO-Fe 1.14 0.48 1.5 0.051  

LNMO-Mg 1.10 0.48 1.5  0.056 

 

Figure 5-2 shows the SEM images of the 5 LNMO powders with different magnifications. The 

lab-synthesized LNMOs show different morphology from that of the commercial samples. 

LNMO-S demonstrates a spherical shape and relatively larger particle size compared with 

others and the surface of each sphere is very rough. The grain of LNMO-T was a mixture of 

octahedron, prism, and dodecahedron analogues and some flakes could be observed on its 

surface. The grains of the 3 lab-synthesized LNMOs are similar and all have irregular shapes. 
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Figure 5-2. SEM images of the LNMO powders: (a-b) LNMO-S; (c-d) LNMO-T; (e-f) LNMO-

D; (g-h) LNMO-Fe; (i-j) LNMO-Mg.  

 

Powder XRD of the LNMO powders is shown in Figure 5-3. All 5 powders have sharp Bragg 
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peaks and are in good agreement with the typical ordered or disordered spinel LNMO phases, 

suggesting good crystallinity.187 

 

 

Figure 5-3. XRD data of the LNMO powders. Zoomed-in peaks are shown in the bottom panels.  

 

Among all the powders, LNMO-T gives the most intense signal in all peaks, whereas LNMO-

S shows the lowest and broader peaks. Compared with the commercial powders, the diffraction 

peaks of the lab-synthesized samples shifted to smaller angles, indicating larger lattice 

parameters, Table 5-2. This could be an indication that more Mn3+ (0.643Å) exists in the 

structures since it has a larger radius than Mn4+ (0.530 Å).183 

 

Based on the Rietveld refinement of the XRD results, the main peaks of all the 5 LNMO 

powders can be indexed into the Fd3̄m space group, meaning that all samples are mainly 

dominated by the disordered structure in long-range. Except for the LNMO-Mg, the other 

LNMOs showed minor peaks at around 37.5°, 43.5°, 63°, which were caused by the undesired 

LixNi1-xO2 or NiO impurities.188,189 
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Table 5-2. Unit cell parameter of the LNMOs calculated from the Rietveld refinement of the 

XRD results.  

 Unit cell parameter (a=b=c, Å) Error (Å) 

LNMO-S 8.16466 0.00018 

LNMO-T 8.16369 0.00004 

LNMO-D 8.17951 0.00005 

LNMO-Fe 8.18677 0.00004 

LNMO-Mg 8.18209 0.00004 

 

Due to the similarity of Ni and Mn diffraction coefficients, it is hard to distinguish the ordered 

and disordered phases by XRD. Thus, Raman spectroscopy is employed to study the symmetry 

of the crystals, Figure 5-4. 

 

 

Figure 5-4. Raman spectra of the LNMO powders. 

 

The most intense peak located at 634 cm-1 corresponds to the MnO6 octahedra A1g mode 

stretching vibration. The weak shoulder at 664 cm-1 beside this peak can be assigned to 16d site 

Ni/Mn-O bending vibration with F2g(3) symmetry, which could therefore indicate the disordered 

phase.181 The peaks at 589 cm-1 and 606 cm-1 are the characteristics of the ordered LNMO phase 

and can be assigned to E symmetry and A1 symmetry, respectively.190,191 The peak at 402 cm-1 

is caused by Ni2+-O stretching vibration with Eg symmetry.181 The peak at 494 cm-1 together 
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with its tiny shoulder at 523 cm-1 can be assigned to F2g(2) mode pure Ni-O stretching vibration, 

and their position and intensity are suggested to be dependent on the oxidation state of Ni.181,192 

The bands at 162 cm-1 and 220 cm-1 can be assigned to F2g(1) mode translational lattice vibration, 

which could indicate the ordered LNMO phase.181,190,193  

 

All 5 powders have peaks with similar bands but different intensities. In general, LNMO-T has 

the most intense peaks, meaning the highest crystallinity among others. The peaks at 162 cm-1, 

220 cm-1, 589 cm-1, and 606 cm-1 suggest that the LNMO-T has more ordered structures 

compared with others. The band at 664 cm-1 is only observable from the spectra of the 3 lab-

synthesized samples, indicating the formation of disordered phases. The peaks around 634 cm-

1 of the five samples are arranged in the order of LNMO-Mg < LNMO-S < LNMO-T < LNMO-

D < LNMO-Fe from small to large shift, suggesting the lengths of the Mn-O bond also follow 

this order from long to short.192 It is hard to distinguish the dopants from the spectra, meaning 

that they are not likely aggregated in the surface but spread in the bulk.     

 

5-3.2  Electrochemistry 

5-3.2.1  LNMO-S 

LNMO-S shows three plateaus during the initial (dis)charging, one at around 4.0 V and others 

at around 4.7 V vs Li+/Li, Figure 5-5(a). Though it reached 146.15 mAh g-1 during the initial 

charging, which is almost the theoretical capacity, its first discharge capacity was only 108.07 

mAh g-1. The plateau near 4.0 V could be attributed to Mn3+/Mn4+ redox reaction, whereas the 

others around 4.7 V are usually contributed by Ni2+/3+/4+.183,194 The amount of Mn3+ in the 

structure can be inferred by the capacity contribution from 3.80 V to 4.25 V, which was 10.65% 

during charging and 6.34% during discharging in this sample, indicating that more than half of 

Mn3+ oxidation is not reversible in the 1st cycle.182,183  

 

The differential capacity curve (dQ/dV vs. E) can demonstrate clearer trends of the galvanostatic 

(dis)charge curve and is usually comparable with the cyclic voltammetry, Figure 5-5(b).  
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Figure 5-5. Cycling performance of LNMO-S. (a) Selected galvanostatic (dis)charging curves 

of LNMO-S at 0.5C and (b) its corresponding differential capacity curve for the 1st cycle. (c) 

Specific capacity and coulombic efficiency (CE) of LNMO-S cycled between 3.5 V to 4.9 V at 

0.5C. Rate performance of LNMO-S, (dis)charge the cell at 0.1C, 0.2C, 0.5C, 1C, 2C, 5C, and 

10C for 5 cycles each, then 0.1C for another 65 cycles. (d) Selected (dis)charge curves and (e) 

specific capacity and CE of each cycle.  

 

The 4.0 V plateau shows two peaks during charging and one during discharging. The 4.7 V 

plateau split into three pairs of peaks, located at 4.69 V/4.67 V, 4.72 V/4.70 V, 4.75 V/4.72 V. 

The first two are attributed to Ni2+/Ni3+ and the last is from Ni3+/Ni4+.190 The separation of the 

two oxidation (or reduction) peaks in the dQ/dV curve caused by the two Ni redox couples 

around the 4.7 V region could reveal the ratio between the ordered and disordered phases, since 
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the Li-ion insertion energies are different for the two. Shin et al. suggested that the smaller the 

separation, the higher the degree of the ordered structure.195 LNMO-S demonstrates a 60 mV 

separation between the two Ni redox pairs, suggesting the disordered phase is dominating the 

structure.181,183 This separation remained unchanged even after 100 cycles of (dis)charging at 

0.5C, indicating good structural stability. 

 

In the following cycles, Figure 5-5(a) and (c), the length of the 4.0 V plateau during charging 

decreases noticeably in the first four cycles and becomes stable after that. The overall charging 

capacity dropped slowly until 104.03 mAh g-1 in the 100th cycle. The discharge capacity 

increased from the 1st to the 8th cycle to 113.09 mAh g-1 and then decreased slowly to 101.81 

mAh g-1 in the 100th cycle, which still retained 94.21% capacity of that in the initial cycle. The 

coulombic efficiency (CE) grows rapidly in the first eight cycles from 73.94% to 96.16%, 

followed by slight fluctuations between 96-98%.  

 

As for the rate performance, Figure 5-5(d) and (e), the potential of the cell dropped slightly after 

it was first charged beyond 3.5 V at 0.1C, followed by a plateau around 3.5 V. After that, the 

4.0 V and 4.7 V plateaus were observed. In the following cycles, with increased C-rate, the 4.0 

V plateau stayed almost identical up to 2C and only decreased when charged faster than 5C. 

However, the length of the 4.7 V plateau kept reducing clearly, leading to reduced overall 

(dis)charging capacity. Though the (dis)charge capacity decreases with the growing C-rate, the 

coulombic efficiency increases. Returning to 0.1C after 10C, the charge and discharge capacities 

recovered to 123.89 mAh g-1 and 115.20 mAh g-1, respectively, and maintained less than 18% 

capacity decay in subsequent cycles. 

 

5-3.2.2  LNMO-T 

LNMO-T demonstrates three plateaus during initial charging, Figure 5-6(a). The capacity 

caused by Mn3+/4+ shows a plateau at around 4.0 V and accounts for 9.33% of the initial charging 

capacity, while that from Ni2+/3+/4+ redox pairs show two plateaus around 4.7 V vs. Li+/Li. During 
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initial discharging, the capacity contributed by the Mn redox pair accounts for only 2.28% of 

the overall capacity, making the 4.0 V plateau almost unobservable, and it remains similar 

contributions in the following cycles. 

 

 

Figure 5-6. Cycling performance of LNMO-T. (a) Selected galvanostatic (dis)charging curves 

of LNMO-D at 0.5C and (b) the differential capacity curve for the 1st and part of the 2nd cycle. 

(c) Long-term cycling performance of LNMO-T cycled between 3.5 V to 4.9 V, 0.5C. Rate 

performance of LNMO-S, (dis)charge the cell at 0.1C, 0.2C, 0.5C, 1C, 2C, 5C, and 10C for 5 

cycles each, then 0.1C for another 65 cycles. (d) Selected (dis)charge curves and (e) specific 

capacity and coulombic efficiency of each cycle.  

 



 

101 

 

In the dQ/dV curve, Figure 5-6(b), the 4.0 V plateau shows one peak at 4.11 V/3.99 V. The 4.7 

V plateau was split into two oxidation peaks and three reduction peaks, all of which are very 

sharp. The separation between the two oxidation peaks is 30 mV, suggesting a high ratio of the 

ordered structure. In the 2nd cycle, the oxidation and reduction peaks near 4.7 V shifted toward 

each other, indicating an enhanced bulk electronic and ionic conductivity.195 

 

In the long-term, Figure 5-6(a) and (c), the charging capacity dropped from 150.67 mAh g-1 in 

the 1st cycle to 132.64 mAh g-1 in the 2nd cycle, then slightly increased to 133.58 mAh g-1 until 

the 10th cycle and remained stable around that value. The discharging capacity grew slowly 

from 125.45 mAh g-1 in the 1st cycle to 132.09 mAh g-1 in the 10th cycle and showed very little 

variation after that. Therefore, the coulombic efficiency after the 10th cycle stayed within 

99.0±0.2%. 

 

When (dis)charging with different C-rates, LNMO-T shows a potential drop, followed by a 

plateau near 3.5 V after it was first charged above 3.8 V at 0.1C. Then, the 4.0 V and 4.7 V 

plateaus became observable again. With increasing C-rate, the length of the 4.7 V plateau 

gradually decreased, leading to reduced overall capacity. The capacity was restored after 

returning to 0.1C from fast (dis)charging. 

 

5-3.2.3  LNMO-D 

When cycled at 0.5C, Figure 5-7(a), three plateaus can be observed from the (dis)charging 

curves of LNMO-D. The Mn3+/4+ plateau around 4.0 V is more pronounced than in the previous 

2 samples and contributed to 12.33% and 10.82% of the initial charging and discharging 

capacity, respectively. This plateau results in the redox peaks at 4.06 V/3.94 V during the 1st 

cycle in the dQ/dV plot, Figure 5-7(b), and in the following cycles, the potential difference 

between them became smaller. The Ni2+/3+/4+ contribution demonstrates plateaus near 4.7 V and 

leads to the redox peaks at 4.71 V/4.68 V and 4.77 V/ 4.72 V in the dQ/dV plot. The Ni redox 

peak position remained unchanged in the long term. The separation between the two Ni 
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oxidation peaks is 60 mV, indicating a more pronounced disordered structure.  

 

 

Figure 5-7. Cycling performance of LNMO-D: (a) Selected galvanostatic (dis)charging curves 

at 0.5C and (b) the differential capacity curve for the first cycle. (c) Long-term cycling 

performance of LNMO-D cycled between 3.5 V to 4.9 V, 0.5C. Rate performance of LNMO-D, 

(dis)charge the cell at 0.1C, 0.2C, 0.5C, 1C, 2C, 5C, and 10C for 5 cycles each, then 0.1C for 

another 65 cycles. (d) Selected (dis)charge curves and (e) specific capacity and coulombic 

efficiency of each cycle.  

 

In the long-term, the charging capacity dropped from 128.59 mAh g-1 in the 1st cycle to a 

minimum value of 118.66 mAh g-1 in the 3rd cycle, then increased to 121.79 mAh g-1 in the 
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13th cycle and fluctuated close to this value afterwards. Meanwhile, the discharging capacity 

increased from 115.16 mAh g-1 in the 1st cycle to 120.45 mAh g-1 in the 13th cycle and then 

stayed around that value. The CE was kept within 99.0±0.2% from the 4th cycle.  

 

The rate performance of LNMO-D is shown in Figure 5-7(c) and (d). A plateau around 3.5 V 

was observed after LNMO-D was first charged above 3.8 V at 0.1C, followed by the plateaus 

around 4.0 V and 4.7 V. The length of the 4.0 V plateau began to decrease when charged faster 

than 0.5C. Meanwhile, the 4.7 V plateau gradually decreased with a growing C-rate. The 

(dis)charge capacity was recovered after returning back to 0.1C from 10C and remained stable.  

 

5-3.2.4  LNMO-Fe 

When (dis)charged at 0.5 C, Figure 5-8(a), LNMO-Fe demonstrates one plateau at 4.0 V, 

contributed by Mn3+/4+ redox couple, and two consecutive plateaus close to 4.7 V, contributed 

by Ni2+/3+/4+ redox couples. The capacity attributed to Mn3+/4+ reactions accounts for 16.27% of 

the initial charging capacity and 17.22% of the initial discharging capacity, and it shows a pair 

of peaks at 4.06 V/4.00 V in the dQ/dV plot, Figure 5-8(b). The redox reaction of Ni2+/3+ and 

Ni3+/4+ caused the peaks at 4.72 V/4.66 V and 4.77 V/4.73 V, respectively. The separation 

between the two Ni oxidation peaks is 50 mV, suggesting that the dominating phase is 

disordered. Both pairs of Ni peaks shifted toward each other in the 2nd cycle and remained in 

almost the same position after that, suggesting better bulk electronic and ionic conductivity 

from the 2nd cycle onward.  

 

In the long-term, the charging capacity shows a similar trend to that of LNMO-D, dropping 

from 134.79 mAh g-1 in the 1st cycle to 126.74 mAh g-1 in the 4th cycle, then growing to 128.32 

mAh g-1 in the 17th cycle, and then decreasing to 124.51 mAh g-1 with slight fluctuations. The 

discharge capacity increased by 4.38% from 121.89 mAh g-1 in the 1st cycle to the 17th cycle, 

and then followed a trend identical to that of the charging capacity. The CE shows a growing 

trend from 90.42% in the 1st cycle to the 7th cycle, then stayed within 99.1±0.1%. 
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Figure 5-8. Cycling performance of LNMO-Fe. (a) Selected galvanostatic (dis)charging curves 

at 0.5C and (b) the differential capacity curve for the first cycle. (c) Long-term cycling 

performance of LNMO-Fe cycled between 3.5 V to 4.9 V, 0.5C. Rate performance of LNMO-

Fe, (dis)charge the cell at 0.1C, 0.2C, 0.5C, 1C, 2C, 5C, and 10C for 5 cycles each, then 0.1C 

for another 65 cycles. (d) Selected (dis)charge curves and (e) specific capacity and coulombic 

efficiency. 

 

When (dis)charged with changing C-rate, Figure 5-8(c), the potential of the sample dropped 

sharply after it was first charged above 3.7 V. After that, the plateaus near 3.5 V, 4.0 V, and 4.7 

V are observed. The 4.0 V plateau remained unchanged when (dis)charged at 0.1C and 0.2C, 

but started to decrease when (dis)charged at 0.5C and faster. The 4.7 V plateau was gradually 
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shortened by the increased C-rate. Both the discharge capacity and the CE returned to their 

initial levels when the rate was returned to 0.1C from 10C. 

 

5-3.2.5  LNMO-Mg 

 
Figure 5-9. Cycling performance of LNMO-Mg. (a) Selected galvanostatic (dis)charging curves 

at 0.5C and (b) the dQ/dV curve for the 1st cycle. (c) Long-term cycling performance of LNMO-

Mg cycled between 3.5 V to 4.9 V at 0.5C. Rate performance, (dis)charge the cell at 0.1C, 0.2C, 

0.5C, 1C, 2C, 5C, and 10C for 5 cycles each, then 0.1C for another 65 cycles. (d) Selected 

(dis)charge curves and (e) specific capacity and CE. 
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LNMO-Mg behaves similarly with LNMO-D and LNMO-Fe when (dis)charged at 0.5C, Figure 

5-9(a). The redox reaction of Mn3+/4+ accounted for 15.11% and 15.84% of the initial charging 

and discharging capacity, respectively, and resulted in the 4.05 V/3.93 V peaks in the dQ/dV 

plot, Figure 5-9(b). This pair of peaks showed a smaller potential difference from the 2nd cycle 

onward. The 4.7 V plateau was from Ni2+/3+/4+ redox species and contributed to the peaks at 4.71 

V/4.67 V and 4.78 V/4.73 V in the dQ/dV curve. The dominating phase in LNMO-Mg is 

disordered as the separation of the two Ni oxidation peaks is 60 mV. 

 

In the long-term, the charging capacity shows an overall decreased tendency, whereas the 

discharging capacity grew slightly from 122.27 mAh g-1 in the 1st cycle to 124.66 mAh g-1 in 

the 10th cycle, and then reduced with slight oscillation. Meanwhile, the CE increased from the 

1st to the 20th cycle and remained at 99.4±0.1% after that.  

 

As for the rate performance, Figure 5-9(d) and (e), the LNMO-Mg did not show the 3.5 V 

plateau but only the 4.0 V and 4.7 V plateaus. The Mn3+/4+ redox couple contributed more than 

25% of the initial charging capacity but only up to 12.7% in the following cycles. The length of 

the 4.0 V plateau decreased only when (dis)charging faster than 0.5C, but that for the 4.7 V 

plateau was sensitive to the increasing C-rate. When returning back to 0.1C from 10C, both the 

discharge capacity and CE were recovered.  

 

5-3.2.6  Comparison of the 5 samples 

When cycled at 0.5C, all 5 samples show 4.0 V and 4.7 V plateaus that are attributed to Mn3+/4+ 

and Ni2+/3+/4+ redox reactions but with different ratios. The contribution of the former in the 

initial cycle decreases in the order of LNMO-Fe > LNMO-Mg > LNMO-D > LNMO-S > 

LNMO-T, meaning that the content of the Mn3+ also decreases in such order, which agrees with 

the XRD results. This suggests that the doping increased the content of Mn3+.  

 

From the dQ/dV plots, all 5 samples demonstrate one pair of redox peaks around 4.0 V, though 
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the oxidation peak of LNMO-S split into two. Two pairs of redox peaks near 4.7 V were 

observed, though both the Ni2+/3+ oxidation and reduction peaks of LNMO-S split into two and 

the reduction of Ni3+ in LNMO-T split. The peak separation of the two Ni oxidation reactions 

infers that the 5 samples have a decreasing degree of ordered structure in the order of LNMO-

T > LNMO-Fe > LNMO-S = LNMO-D = LNMO-Mg.  

 

After 100 cycles at 0.5C, the discharging capacity of the 5 samples shows retention above 94% 

in the order of LNMO-T > LNMO-D > LNMO-Fe > LNMO-Mg > LNMO-S from high to low.  

 

When cycled at changing C-rate, except for LNMO-Mg, the other 4 samples demonstrate a 

potential drop after the initial charging and an extra plateau close to 3.5 V. All 5 samples show 

good structural stability since the capacity and CE can be restored when returning to 0.1C from 

10C. 

 

Overall, regardless of the C-rate, the initial charging and discharging always show noticeable 

irreversible capacity due to the formation of the CEI, which plays a critical role in the overall 

performance of the battery. 196 Therefore, operando Raman spectroscopy was employed to study 

the dynamic chemical environment change in the initial cycle.  

 

5-3.3  Operando Raman spectroscopy  

The Raman spectra were recorded throughout the initial (dis)charging cycle at 0.5C of all the 5 

LNMO samples. The open circuit potential (OCP) was recorded for 4 minutes before and after 

the initial cycle of each sample. Each spectrum was accumulated 20 times of 5-second sampling 

and followed by a rest. Overall, the change of the interface was recorded every 118±1 s. 

 

The Raman bands of the LNMOs before cycling as well as their assignments are discussed in 

session 3.1 and summarized in Table 5-3.  
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Table 5-3. Raman bands and their assignments of the LNMOs before cycling. 

Raman shift (cm-1) Assignment 

162 Translation mode of lattice vibration 

220 (200-235 wave) Translation mode of lattice vibration 

402 (360-430 wave) Ni2+-O (Eg) 

494 Ni-O (F2g) 

523 Ni-O (F2g) 

591 (580-600 wave) Mn4+-O 

609 (600-620 wave) Ni2+-O 

634 Mn-O octahedra (A1g) 

664 Ni/Mn-O (F2g) 

 

5-3.3.1  LNMO-S 

 

Figure 5-10. Operando Raman spectra of the first cycle of LNMO-S (dis)charged at 0.5C. 

(Dis)charge curve (left) and Raman spectra (right) are displayed.  

 

As shown in Figure 5-10, during the OCP before charging, LNMO-S demonstrates peaks at 162, 

220, 402, 494, 634 cm-1, and their assignments are listed in Table 5-3. The 580-620 cm-1 wave 

was vaguely observed. Additionally, bands at 517, 716, and 742 cm-1 were detected, which we 

assigned to δ(O-C-O) in DMC solvent, δ(C=O) of the EC ring, and PF6
-, respectively,190 and 

they remained constant throughout the measurements.  
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The (dis)charging curve in the optical cell demonstrates identical features with that in coin cells, 

including the 4.0 V and 4.7 V plateaus, suggesting that the LNMO-S behaves identically in the 

two cell configurations.  

 

During charging, all peaks first showed a growing trend until 4.629 V, at which time the peaks 

at 220, 402, 494, and 634 cm-1 reached their maximum values and the band around 664 cm-1 

could be vaguely observed. This suggests that the LNMO-S has the highest crystallinity upon 

the end of Mn3+/4+ oxidation and before Ni species oxidation. The 664 cm-1 band suggests the 

increase of the 16d sites Ni/Mn-O bonds from the disordered phase. Then, all peaks slightly 

decreased until 4.757 V, where LNMO-S just passed its Ni3+/4+ oxidation peak in the dQ/dV plot, 

Figure 5-5(b). After that, all peaks remained similar in shape and intensity until 4.776 V, 

followed by all peaks continued to decline until 4.803 V and slightly rebounded until 4.816 V. 

Then, all peak intensities declined until 4.883 V with slight fluctuations.  

 

As soon as the cell was charged above 4.846 V, a new peak at 538 cm-1 was detected and grew 

rapidly. It disappeared after the LNMO-S was scanned back to 4.754 V. In the meantime, the 

peaks at 162, 402, 494, and 634 cm-1 show an opposite changing trend to the 538 cm-1 peak, 

which is decreasing first followed by growth. This new peak can be assigned to the symmetric 

vibration of Ni4+-O bonds from the fully delithiated Ni0.5Mn1.5O4 phase. 190,197 No obvious peak 

was observed between the two at 497 cm-1 and 538 cm-1 that corresponds to Ni3+-O stretching 

vibration,181 indicating that the Ni in the spinel were mainly Ni2+ and Ni4+.  

 

When the cell was charged above 4.800 V, a peak at 619 cm-1 was developed from the 580-620 

cm-1 wave and only went back to its initial state after the cell was discharged to below 4.754 V. 

Soon after this 619 cm-1 peak was detected, the 494 cm-1 peak became broader and was later 

recovered together with the 619 cm-1 band. Right after that, the 162 cm-1 band reached its 

maximum value again and the 590 cm-1 band evolved from the 580-620 cm-1 wave. As suggested 

by Zhu et al.,198 we attribute the peaks at 619 cm-1 and 590 cm-1 to Ni2+-O and Mn4+-O, 

respectively, and their separation is only observable in the ordered phase. The more intense 162 

cm-1 peak also suggests an increased F2g vibration of the ordered phase. The broadening of the 
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494 cm-1 peak suggests the inhomogeneity of the Ni-O bond length, which could be caused by 

either the offset of Ni from the octahedra caused by Li extraction, or the increased structural 

strain. Its recovery indicates a better uniformity of the Ni-O bond length after slight lithiation. 

 

All peaks were then showing a decreasing trend until the end of discharge. After the initial 

(dis)charge, only the peaks at 162, 494, and 634 cm-1 were still observable, and their intensities 

were reduced by 63%, 81% and 83%, respectively, suggesting the largely reduced overall 

crystallinity after the initial cycle.  

 

5-3.3.2  LNMO-T 

 

Figure 5-11. Operando Raman spectroscopy of the initial charging and discharging for LNMO-

T at 0.5C. (Dis)charge curve (left) and Raman spectra (right). The purple rectangular highlights 

the peak from the newly formed bond. 

 

The (dis)charging curve of LNMO-T in the optical cell has identical features to that in coin cells, 

Figure 5-11. During initial (dis)charging, the bands from LNMO-T at 162, 220, 402, 494, 523, 

589, 606, and 634 cm-1 show only changes in their intensity, while the electrolyte peaks 

remained unchanged. All peaks demonstrate a slight increase trend once the charging began 

until 4.758 V, where the LNMO-T has just passed its Ni2+/3+ oxidation peak in the dQ/dV curve, 
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and show high intensities afterwards. When charged above 4.879 V, a new peak at 538 cm-1 is 

detected with 2-4% decreases of the peaks at 162, 494, and 634 cm-1. This new peak can be 

assigned to the symmetric vibration of Ni4+-O bonds from the fully delithiated Ni0.5Mn1.5O4 

phase. At such potential, most of the Ni in the structure has been oxidised to Ni4+ based on the 

dQ/dV curve, Figure 5-6(b), and this phase only lasts until LNMO-T was discharged below 

4.712 V, which is the potential just before the Ni3+/2+ reduction peak in the dQ/dV graph. After 

that, the original bands recovered to a slightly lower intensity compared to their initial stats and 

remained with small variations. Overall, the structure of the LNMO-T is very stable during its 

initial (dis)charge.  

 

5-3.3.3  LNMO-D 

 

Figure 5-12. Operando Raman spectroscopy of the initial galvanostatic charging and 

discharging for LNMO-D at 0.5C. (Dis)charge curve (left) and Raman spectra (right). 

 

During initial (dis)charging, LNMO-D showed peaks at 162, 220, 402, 494, 634, and 664 cm-1 

from the spinel and peaks at 517, 716, and 742 cm-1 caused by the electrolyte, Figure 5-12. The 

signals from the spinel demonstrated a growing trend upon charging until 4.711 V, where the 

LNMO-D just passed its Ni2+/3+ oxidation peak in the dQ/dV plot. Then, the intensity of all 
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peaks slightly dropped, which is very likely due to a temporary instability of the laser. After 

that, the 664 cm-1 shoulder became more pronounced, and all other peaks quickly recovered and 

continued to grow to their highest values, followed by slight fluctuation since then. From 

charged above 4.732 V until the end of discharge, only changes in intensity of the peaks at 162, 

494, and 634 cm-1 were found to have fluctuation in their intensity of no more than 15%, which 

suggests slight variations in the crystallinity of the spinel. No detectable changes were observed 

from other peaks. Overall, LNMO-D showed an increasing crystallinity during the oxidation of 

Mn3+/4+ and increased concentration of the disordered phase during the oxidation of Ni2+/3+, 

followed by good structural stability for the rest of the first cycle. 

 

5-3.3.4  LNMO-Fe 

 

Figure 5-13. Operando Raman spectroscopy of the first galvanostatic (dis)charging and cycle 

for LNMO-Fe at 0.5C. (Dis)charge curve (left) and Raman spectra (right). The purple 

rectangular highlights the signal 531-550 cm-1 from the newly formed bond.  

 

During OCP before charging, peaks at 162, 402, 494, 634, and 664 cm-1 were detected from the 

LNMO-Fe and the peaks at 517, 716, and 742 cm-1 were caused by the electrolyte, Figure 5-13.  

 

The peaks from LNMO-Fe first showed a decreasing trend after charging started until 4.347 V, 
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well past the Mn3+/4+ oxidation peak in the dQ/dV curve, Figure 5-8(b). Then, the peaks 

experienced an increase in intensity until 4.699 V and maintained small fluctuations until 4.769 

V. In the dQ/dV plot, this corresponds to the onset potential of Ni2+/3+ oxidation until the peak 

potential of Ni3+/4+ oxidation. Before growing again, all peaks dropped slightly and reached a 

local minimum at 4.792 V, where LNMO-Fe passed the Ni3+/4+ oxidation peak in the dQ/dV 

curve. Between charged above 4.855 V and discharged until 4.782 V, a slight shoulder around 

531-550 cm-1 was observed without noticeable sacrifice of the other peaks, which is very likely 

due to the Ni4+-O bond formed due to the delithiation. After this shoulder recovered, all peaks 

dropped until discharged to 4.715 V, at which the Ni4+/3+ reduction was completed. No obvious 

change in peak intensity was observed after that. 

 

5-3.3.5  LNMO-Mg 

 

Figure 5-14. Operando Raman spectroscopy of the first galvanostatic (dis)charging and cycle 

for LNMO-Mg at 0.5C. (Dis)charge curve (left) and Raman spectra (right).  

 

Before charging, LNMO-Mg shows peaks at 162, 402, 494, and 634 cm-1 and waves around 

600 and 664 cm-1, Figure 5-14. The electrolyte peaks at 517, 716, and 741 cm-1 were also 

detected.  
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Upon charging, the intensity of the peaks/waves at 162, 494, 600, 634, and 664 cm-1 grew 

smoothly and reached the maximum value when the cell was charged to between 4.226 and 

4.598 V, at which point their intensities increased by 18%, 33%, 80%, 15%, and 54%, 

respectively. Then, all peaks from LNMO-Mg along with the 517cm-1 peak decreased gradually 

until 4.722 V, followed by a sharp drop until 4.730 V, suggesting reductions of crystallinity of 

the electrode and concentration of DMC close to the interface. According to the dQ/dV plot, 

Figure 5-9(b), most Ni2+ in the structure was oxidised to Ni3+ during this period. After that, 

while other peaks remained stable, the peak at 162 cm-1 became almost unobservable and the 

494 and 634 cm-1 peaks kept decreasing until their intensity got down to 10% of their original 

intensity. In the meantime, the wave around 600 cm-1 evolved to a peak at 589 cm-1.  

 

Table 5-4. Summary of the Raman peaks from LNMO formed at high voltage.181,190 

Raman shift (cm-1) Assignment 

164 Translation mode of lattice vibration (T2g) 

459 Mn-O (Eg) 

489 Mn-O (T2g) 

538 Ni4+-O (F2g) 

583 Mn-O (A1g) 

633 Mn-O (T2g) 

 

From 4.777 V, a new peak at 538 cm-1 began to grow, followed by the evolution of peaks at 164, 

459, 489, 538, 583, and 633 cm-1, and their assignment is summarized in Table 5-4. These peaks 

showed maximum intensity between charged above 4.885 V and discharged back to 4.780 V, at 

which the 517 cm-1 peak also decreased by 13% compared with its intensity before the new 

electrode peaks formed, and recovered rapidly after discharge below 4.746 V. 

 

As the discharge continued, the peaks/waves at 162, 220, 402, 494, 600, 634, and 664 cm-1 first 

underwent a reverse trend as observed during charging, and recovered to 74%, 47%, 40%, 63%, 

46%, 66% of their original intensity when discharged to 4.177 V. Then, the 497 cm-1 peak and 

600 cm-1 wave slightly decreased until the end of discharge. 
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5-4  Conclusion  

The chemical composition, morphology, and crystal structure of the 5 LNMO samples were 

compared. The 3 pure LNMO samples demonstrated similar compositions, and the Fe and Mg 

dopants mainly replaced the Ni. The morphology of the 2 commercial samples was more regular, 

while the particle size of the 3 lab-synthesized samples was distributed widely. Though the XRD 

results were not able to suggest the structural differences between the 5 samples, their Raman 

spectra can suggest the relative ordered/disordered phase ratios. 

 

Though the 5 samples showed different electrochemical behaviour because of their different 

Mn3+ concentration and ordered/disordered ratios, their long-term stability was good.   

 

By using operando Raman spectroscopy, the dynamic chemical environment of the cathode-

electrolyte interface of the 5 LNMO samples was revealed. All samples showed identical 

(dis)charging features with their behaviour in the coin cells, suggesting that the optical cell 

configuration and the Raman laser do not have noticeable impacts on the electrochemical 

performances of the LNMOs. 

 

Compared with other samples, LNMO-D showed the least changes, that is, its Raman peaks 

demonstrated only intensity growth upon the charging until it slightly passed the Ni2+/3+ 

oxidation and remained stable after that. No new band formation was observed during the entire 

initial charge and discharge. During the oxidation of Mn3+, the crystallinity of all samples except 

for LNMO-Fe demonstrated growing trends. After that, when approaching the end of charging, 

signals around 538 cm-1 with different intensities were detected in addition to the original peaks 

for sample LNMO-S, LNMO-T, and LNMO-Fe, suggesting that part of the Ni on the surface 

exists as Ni4+. It is worth noting that, all the original peaks of LNMO-Mg disappeared with the 

formation of a series of new bands when charged to above 4.777 V, meaning that its surface was 

completely converted into a fully delithiated Ni0.5Mn1.5O4 phase, which was restored to the 

initial phase during the subsequent discharge process.  
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Overall, no obvious Ni2+/3+/4+ conversion was observed during the corresponding current 

plateaus. The Ni4+-O signal became observable only after the LNMOs were charged to above 

4.77 V, that is, after most of the Ni in the crystals were oxidised. This may be because the lithium 

ions in the bulk continuously migrated to the surface, causing the Ni on the surface to be 

oxidised at last. During the subsequent discharge process, all samples were restored to their 

original peaks with different extents. No additional phase (i.e. CEI) was observed after the initial 

charging and discharging for all samples. Operando Raman spectroscopy experiments were 

successfully conducted to compare the phase transformation of the cathode and the electrolyte 

of 5 LNMOs during their initial cycle, where most CEI is believed to form in the literature. 

However, the assistance of other techniques (such as X-ray techniques) are required to link the 

relationship of the surface and the bulk behaviour.  
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Chapter 6. Dynamic stability of oxygen evolution reaction (OER) 

electrocatalysts 

Parts of the results in this Chapter are published as: 

Kutlusoy, T., Divanis, S., Pittkowski, R., Marina, R., Frandsen, A. M., Minhova-Macounova, 

K., Nebel, R., Zhao, D., Mertens, S. F. L., Hoster, H., Krtil, P., & Rossmeisl, J. (2022). 

Synergistic effect of p-type and n-type dopants in semiconductors for efficient 

electrocatalytic water splitting. Chemical Science, 13(46), 13879–13892. DOI: 

10.1039/D2SC04585K. 

Reproduced from the above reference with permission from the Royal Society of Chemistry. 

 

In this Chapter, the stability of several OER electrocatalysts during different electrochemical 

conditions was studied. We investigated both the substituted TiO2 semiconductors for OER 

electrocatalysis in acidic media and La-based perovskites as OER electrocatalysts in alkaline 

electrolytes.  

 

For the substituted TiO2 sample, I conducted, processed, and analyzed the online ICP-OES 

measurements together with Dr Rebecca Pittkowski (University of Copenhagen, Denmark) for 

studying the dynamic stability of the electrocatalysts under different electrochemical (EC) 

conditions. The synthesis, computational work, as well as initial electrochemical 

characterization, were done by our collaborators at the University of Copenhagen, Denmark.  

 

For the La-based perovskites samples, I performed, processed, and analyzed the online ICP-

OES experiments to study the dynamic stability of the electrocatalysts under different EC 

conditions together with Dr Da Xing and Mr Leander Kucklick (University of Duisburg-Essen, 

Germany). The synthesis and initial electrochemical studies were done by our collaborators at 

the University of Duisburg-Essen, Germany.  
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6-1  Introduction  

Large-scale development of renewable energy is crucial for the sustainability of various 

industries.4 Replacing fossil energy with green energy represented by wind and solar energy can 

effectively reduce carbon emissions and the global climate problems it brings.1–3 However, since 

these renewable energy forms can only be produced intermittently, it is difficult to meet the 

needs of human society, so other forms of energy and corresponding conversion or storage 

systems need to be developed. 

 

Molecular hydrogen is one of the most promising candidates for green energy because its 

combustion products do not contain any carbon. So far, the main production method for 

molecular hydrogen is by steam reformation of natural gas or other fossil fuel, such as propane, 

diesel, etc., which can only generate low-purity hydrogen and such a process cannot help with 

the dependence on fossil fuel.199–201 In such a context, electrocatalytic water splitting for 

hydrogen generation attracts attention.13,16 

 

Electrocatalytic water splitting involves converting electricity into chemical energy by splitting 

the water into molecular hydrogen and molecular oxygen. This process can happen in both 

acidic and alkaline conditions but both are limited by the sluggish kinetics of the oxygen 

evolution reaction (OER).202 Though efforts have been made to develop the electrocatalysts for 

OER, their reactivity and stability still require further improvement to be commercialized.  

 

The conductivity of the electrolyte strongly affects the Ohmic losses caused by charge 

transportation in the electrolysis. Therefore, water electrolysis is often carried out under strong 

acid or strong alkaline conditions thanks to their excellent conductivity. The anodic OER 

process in acidic electrolytes can be described by Equation 6-1,  

 

2H2O → 4H
+ + O2 + 4e

− Equation 6-1 

 

and the process in alkaline electrolyte by Equation 6-2. 
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4OH− → O2 + 2H2O+ 4e
− Equation 6-2 

 

No matter the working environment, ideal electrocatalysts should perform not only excellent 

activity but also good stability so that the whole electrolysis system can work long enough to 

meet the requirements of applications. In the meantime, the cost, or in other words the reserve 

on earth, is expected to be as low as possible.  

 

6-1.1  In acidic electrolytes 

In acidic conditions, the cathodic hydrogen generation tends to have a more facile kinetic barrier, 

together with higher current densities and voltage efficiencies.61 However, further research is 

still needed to develop affordable electrocatalysts with good activity and stability.60  

 

To date, only Ir and Ru-based oxides show good balances between activity and stability in acidic 

electrolytes,58,203,204 while others tend to degrade rapidly. But the scarce reserves of Ir and Ru 

lead to high costs, which makes their scale-up unrealistic. Therefore, developing novel 

electrocatalysts with better stability at a reasonable cost that works in acidic media remains 

urgent. 

 

Under acidic conditions, OER consists four coupled electron-proton transfer reactions, Equation 

6-3 to Equation 6-6,  

 

H2O+∗→ HO ∗ +e
− + H+ Equation 6-3 

 

HO ∗→ O ∗ +e− + H+ Equation 6-4 

 

O ∗ +H2O → HOO ∗ +e
− + H+ Equation 6-5 

 

HOO ∗→∗ +O2 + e
− + H+ Equation 6-6 
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where the asterisk (*) represents the active site at the surface of the electrocatalyst. In other 

words, the HO ∗, O ∗, and HOO ∗ are the intermediates absorbed on the active sites of the 

electrocatalysts.  

 

Ideally, the free energy of adsorption of all these intermediates to the electrocatalyst surface 

should be that all the above processes happen at the equilibrium potential of 1.23 V in the 

described sequence and thus each step is driven by 1.23 eV. Therefore, the difference in the 

adsorption energy of the intermediate species HO* and HOO* should be 2.46 eV. However, one 

of the biggest challenges for most electrocatalysts is that these two species seem to have a 

similar binding way with the electrocatalyst surface, resulting in a constant adsorption energy 

difference of 3.2 eV and an unpreferred scaling relation between the two intermediates.205–207 

So far, to the best of our knowledge, very rare electrocatalysts can overcome this challenge to 

properly reduce the required overpotential while showing good stability and reasonable cost.   

 

To eliminate the dependence of OER electrocatalysts on Ir- and Ru-based oxides, here, we 

propose to activate semiconducting materials, such as TiO2, aiming for a better balance of 

activity and stability to be candidates for OER electrocatalysts. Semiconductors usually have 

inherent good stability due to their wide bandgap, which in turn results in low electrocatalytic 

activity as it requires high energy to be excited.208,209 Our strategy relies on doping 

semiconductors to increase their OER activity and TiO2 is chosen to be a model material,209–214 

section 6-3.1 , and our work was initiated through a series of computational works by our 

collaborator.  

 

TiO2 was doped by n-, p-type, and their combination dopants for their activation toward better 

OER electrocatalytic activity and is the first work to apply this strategy to electrocatalysis to 

the best of our knowledge.215–217  

 

For semiconducting oxides, any computational approach needs to avoid finite-size effects 

leading to computational artefacts.205 With the elimination of the artefacts caused by finite-size 

effects, the evaluation of the heavily doped semiconductor (i.e. TiO2 in this chapter) 
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electrocatalyst’s activity and the determination of their position on the theoretical OER activity 

volcano diagram becomes possible through computational methods.205,230,231  

 

The poor conductivity of semiconductors can be improved by n-type dopants, while the p-type 

dopants increase the possibility of the semiconductor to form a hole in the valence band. Figure 

6-1 demonstrates the schematic diagram of the doped rutile TiO2‘s structure, which was doped 

by n-type dopant (V), p-type dopants (Rh), and co-substituted (V&Rh), as well as their projected 

density of states (pDOS).  

 

 

Figure 6-1. Left: schematic diagram of the atomic structures of the substituted TiO2: the orange 

spheres represent V and the blue ones represent Rh. Right: the projected density of states 

(pDOS), from top to bottom: pristine TiO2, V- substituted TiO2, Rh- substituted TiO2, and co-

substituted TiO2. The dashed line represents the Fermi level.  

 

Both single-type dopants-substituted and co-substituted TiO2 show new states in the bandgap, 

which may interact with water molecules thanks to their occupancy. In the case of the co-

substituted TiO2, a new narrow electronic band may be formed across the Fermi level, which 

enables their electronic structure similar to a conductor. In such a way, both the conductivity 

and the activity toward electrocatalysis of the semiconductor can be effectively improved.  
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The effect of the dopants and their position on the theoretical OER activity volcano diagram 

was assessed by density functional theory (DFT) calculation, Figure 6-2(a) and (b). Our results 

suggest that only co-substitution is beneficial for OER activity because n-type dopants cause 

accumulation of the strongly absorbed species, and blockage of the surface, while p-type 

dopants did not alter the reactivity in an obvious manner. 

 

 

Figure 6-2. (a) Free energy diagram of pristine TiO2, V-doped TiO2 (n-type), Rh-doped TiO2 (p-

type), and co-doped TiO2. (b) The OER activity volcano of the pure and doped TiO2 shown in 

(a). (c) Co-substituted TiO2 with different n- and p-type dopant pairs. The dashed line represents 

the energy interdependency of the HO* and HOO* intermediates. 

 

Through a series of computational works, we broadened the concept of co-substitution to 
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several elements, including V, Nb, Ta, Mo, and W as n-type dopants, and Rh, Mn, Pd, and Ru 

as p-type dopants. All the combinations showed increased OER activity compared with pristine 

TiO2 as all the required overpotential of co-substituted TiO2 is lower than that of the pristine 

TiO2, Figure 6-2(b) and (c).  

 

To validate the theoretical calculation results, experiments were then conducted. Single-

substituted and co-substituted TiO2 were synthesized by spray-freeze freeze-dry approach, and 

the substitution degree of all samples was 20% of cationic positions in either one dopant or two 

dopants in identical ratio.  

 

The structure, which was analysed by XRD, of the as-synthesized samples conforms to that of 

the anatase TiO2 polymorph, while their absorption in the visible region showed notable 

differences. The as-synthesized co-substituted samples demonstrated continuous absorption 

over relatively broad interval of energies in their UV-Vis spectrum, spanning from circa 2.0 to 

2.25 eV, which is consistent with DFT calculations.   

 

 

Figure 6-3. (a) Linear sweep voltammograms of pristine TiO2 and substituted TiO2 measured 

on an FTO current collector. Supporting electrolyte: 0.1 M HClO4. Scan rate: 5 mV s-1. (b) 

Comparison of the overpotential required to reach a current density of 50 𝜇A cm-2 for single- 

and co-substituted TiO2. The shown values are the mean of three individual measurements. 

 

Through electrochemical characterizations in an acidic electrolyte, the OER activity of the 

samples was compared by their overpotential required to reach a current density of 50 𝜇A cm-

2, Figure 6-3. The single-substituted samples showed almost no improvement in the OER 
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activity compared with pristine TiO2, while the activity of co-substituted samples was enhanced, 

as the overpotential decreased by up to 180 mV for Mn/Co doping. Among all samples, the 

Mn/Co co-substituted sample required the least overpotential. 

 

6-1.2  In alkaline electrolytes 

In alkaline electrolytes, the OER processes are shown in Equation 6-7 to Equation 6-10. 

 

OH− +∗→ HO ∗ +e− Equation 6-7 

 

HO ∗ +OH− → O ∗ +H2O+ e
− Equation 6-8 

 

O ∗ +OH− → HOO ∗ +e− Equation 6-9 

 

HOO ∗ +OH− →∗ +O2 + H2O + e
− Equation 6-10 

 

Under alkaline conditions, several non-precious metals oxides, such as Ni-, Co-, Mn-, etc. 

containing oxides, show comparable stability, but their activity requires further 

development.218,219  

 

Perovskite, which has advantages including diversified redox behaviour, good conductivity for 

both ions and electrons, excellent chemical stability, etc., is assumed to be a promising OER 

electrocatalyst as an alternative to those precious metal-based oxides.222,223  

 

Perovskite has the general stoichiometry of ABO3, Figure 6-4, where A-site cation represents 

larger cations such as alkaline-, alkaline earth-metal ions, etc., and B-site cation represents 

smaller cations such as transition metal ions. The larger A cation is usually the centre of the 

polyhedron consisting of twelve O anions, whereas the smaller B cation is located in the centre 

of the octahedron.221,224,225 Since there are two types of cations in the structure, the 
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electrocatalytic activity of perovskite is expected to be tuned easily by substitution, defect 

engineering, etc.226,227 Lanthanum-based perovskite, which has the stoichiometry of LaBO3, is 

particularly attractive due to its global abundance.221,224,228 However, novel structural designs of 

those La-based perovskites for improved OER activity are still needed. In addition, their 

electrochemistry as well as dynamic stability under OER conditions requires in-depth study. 

 

 
Figure 6-4. Schematic diagram of the perovskite structure.220,221 

 

6-2  Materials and methods 

The ICP-OES was an Agilent 5100 instrument, and the potentiostat was a BioLogic SP-300. All 

the water used in this Chapter was ultrapure water (MilliQ, Millipore, 18.2 MOhm cm, 

total organic carbon < 2 ppb). All the glassware was cleaned using boiling nitric acid 20% 

(diluted from >65% reagent grade, Sigma-Aldrich), which was then rinsed thoroughly with 

ultrapure water. 

 

6-2.1  Substituted TiO2 semiconductors for OER in acidic media 

All samples were synthesized using a spray-freeze freeze-dry method by our collaborator from 

the University of Copenhagen, Denmark. The inks were made by adding 10 mg of the sample 

powder in a solution of 1 mL H2O, 4 mL iPrOH, and 20 μL 5% Nafion 117 solution (Sigma 

Aldrich). The ink was shaken thoroughly and sonicated for better dispersion before drop-casting 
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on the Ti foil. A 0.5×0.5 cm2 Ti foil (0.25 mm thick, annealed, 99.5%, Alfa Aesar) was cut, 

followed by polishing with 1.0, 0.3 and 0.05 μm homogenised alumina suspension (Buehler) 

and a thorough rinse with MilliQ water before drying by N2 blasting. The Ti was chosen thanks 

to its excellent stability within the potential window of interest in this study.114 The ink was 

drop-cast by an air displacement pipette on the central 0.4×0.4 cm2 area that was exposed in 

the flow cell, followed by drying by an infrared lamp. As the exposed Ti area is too small to 

take the desired amount of ink at once, the deposited layer was dried before the next increment 

and the final loading of the electrocatalyst was 100 𝜇g cm-2.  

 

The ICP flow rate was 1.5 mL min-1. Mn was monitored at 257.610 nm emission wavelength, 

V was 292.401 nm, Ti was 334.941 nm, and Co was 228.615 nm. Standard solutions for Mn, 

Ti, Co between 0 ppm (blank) and 1 ppm were prepared by diluting the 1000 ppm manganese 

ICP standard (Sigma-Aldrich) to 0.1, 0.2, 0.4, 0.6, 0.8, 1 ppm using 0.05 M H2SO4; While for 

V, the 1 ppm standard was diluted to 0.01, 0.02, 0.04, 0.06, 0.08, 0.1 ppm. The limit of detection 

(LoD) was estimated by multiplying the standard deviation of a blank solution across 10 

measurements by 3.89,165 

 

The 0.05 M H2SO4 solution prepared by dilution of concentrated sulfuric acid (Supelco, 96%) 

was used throughout the experiments in this section. A leak-free Ag/AgCl/3.4 M KCl electrode 

(Innovative Instruments) as RE and Pt coil as CE together with the samples coated on Ti to form 

a three electrodes setup in the flow cell. A polypropylene separator membrane (Celgard 3401) 

was used to enable the flow cell. The type 2 flow cell was used in this Chapter and its 

configurations and working principles are introduced in Chapter 2 and Chapter 3. 

 

6-2.2  La-based perovskite for OER in alkaline electrolytes  

La0.8Sr0.2CoO3 (LSCO) and CoO inks were made by adding the sample powder in a solution of 

H2O:EtOH=1:1 (w:w) with 5 wt% Nafion (Sigma Aldrich). After being mixed by a Vortex-

Genie 2 mixer, the ink was then drop-cast onto the central 0.3×0.3 cm2 area of a 0.5×0.5 cm2 



 

127 

 

glassy carbon (GC), which was polished by 1.0, 0.3 and 0.05 μm homogenised alumina 

suspension, rinsed by ultrapure water, and dried by N2 before. An infrared lamp was used to dry 

the drop-cast sample after each increment. In addition, both LSCO and CoO samples were also 

prepared by spray-coating by our collaborators from the University of Duisburg-Essen, 

Germany. The final loading of active material made from both methods was 1 mg cm-2. 

 

The electrolyte used throughout this section’s experiments was a 1 M KOH solution prepared 

by diluting concentrated KOH (38%, VWR) with ultrapure water. The electrolyte was then 

purified through a column containing cation exchanger resin Chelex 100 (Sigma Aldrich) to 

remove Fe2+ ions, which has been observed in many studies to affect the OER activity even in 

trace amounts.229 

 

The ICP flow rate was either 1.5 mL min-1 or 4 mL min-1. La was monitored at 379.477 nm 

emission wavelength, Sr at 407.771 nm, Co at 228.615 nm, and Fe at 238.204 nm. Standard 

solutions for La, Sr, Co, and Fe between 0 ppm (blank) and 1 ppm were prepared by diluting 

the ICP standard (Sigma-Aldrich) to 0.1, 0.2, 0.4, 0.6, 0.8, 1 ppm using 1 M KOH. A leak-free 

Ag/AgCl/3.4 M KCl electrode (Innovative Instruments) or a reversible hydrogen electrode 

(RHE) was used as the RE and all the potential in the results were converted to RHE. An Au 

coil was used as the CE. The flow cell used was again the type 2 flow cell, and a polypropylene 

separator membrane (Celgard 3401) was used. 

 

6-3  Results and discussion  

6-3.1  Semiconductors with p-type and n-type dopants for efficient 

electrocatalytic water splitting in acidic electrolytes 

The current in the electrochemical data usually involves not only OER but also the oxidation 

current of the containing elements and other side reactions. Thus, inferring the stability from 

only the electrochemical data is not reliable. By contrast, online ICP techniques can reveal the 

dissolution of the elements under different electrochemical conditions in real time, and can infer 
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the stability of the electrocatalysts in a direct manner.66,68,165,232–234 

 

Figure 6-5 shows the dissolution from Ti-Co-Mn oxide (TMCo) and Ti-Mn-V (TMV) during 

the open circuit potential (OCP), cyclic voltammetry (CV), and chronoamperometry (CA). The 

most intense dissolution for both TMCo and TMV appeared immediately after wetting by the 

electrolyte, Figure 6-5(a) and (d), which enriched the electrolyte close to the electrocatalyst 

surface with all the composition elements. After that, the dissolution of both decreases 

exponentially though TMV stabilized quicker, that is, the dissolution rate of TMV almost drops 

to around the detection limit after 200 s, whereas that of TMCo is still notable even after the 

whole 10-min OCP period. Notably, the Ti, which is generally considered stable in acidic media, 

dissolves from both. 

 

Throughout the CV and CA measurements, Figure 6-5(b-c) and (e-f), Co from TMCo showed 

the highest dissolution rate. In TMV, Mn dissolution was the highest. For TMCo, Figure 6-5(b), 

the dissolution of Mn grew to a peak value when the potential was scanned to ca. 1.0 V, followed 

by dropping down to ca. 1 ng s-1 cm-2 for the rest of the first cycle. The peak dissolution rate for 

Co and Ti appeared just after the scan direction was revered from the positive vertex potential. 

In the 2nd cycle, all three elements showed a peak dissolution during the negative scan at around 

1.8 V, and maintained stable for the rest of the cycle. In the 3rd cycle, the dissolution was 

reactivated during the negative scan at around 1.0 V and reached its maximum value when 

scanned back to 0.5 V. For TMV, Figure 6-5(e), no V dissolution was detected above the 

detection limit. The dissolution of Ti began at 0.8 V and grew to a plateau-like rate from 1.4 V 

to 2.0 V. While the dissolution of Mn started from 0.9 V and reached its maximum value at 2.0 

V. In the following scans, the Mn dissolution showed an identical trend to that in its 1st cycle 

but a less intense signal, and Ti demonstrated a proportional signal with that of Mn. 

 

In both samples, the dissolution peaks of different elements appear at different potentials during 

the 1st cycle, which may be an indication of the active sites of the electrocatalyst during OER, 

and the peaks appear at the same potential in the following cycles suggesting the transformed 

surface became more homogeneous. In addition, the dissolution of both samples under OER 
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conditions is significantly less than their initial dissolution upon the contact with electrolyte. 

 

 

Figure 6-5. Real-time dissolution of the elements from (a-c) Ti-Co-Mn oxide (TMCo) and (d-f) 

Ti-Mn-V oxide (TMV) during a 10-min open circuit potential (OCP) followed by cyclic 

voltammetry (CV) and chronoamperometry (CA) (OCP was also measured in between CV and 

CA). Electrolyte: 0.05 M H2SO4. Scan rate for CV: 10 mV s-1.  

 

In the following CA measurements, Figure 6-5(c) and (f), the Mn dissolution rate decreased to 

lower than Ti in TMCo, though both showed decreasing trends even with increased potential. 

In TMV, only the dissolution Mn was kept slightly above the detection limit.  

 

Though Ti oxides are known to have excellent chemical stability in acidic media, the dissolution 

of Ti was observed in our results.235 The observed behaviour in the dissolution data, when the 

same dissolution rate for the transition metals (i.e. Co and Mn) as for the Ti, suggests that the 
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conditions of the OER process is very likely promote the dissolute of Ti from the substituted 

TiO2. If that is the case, the destabilization of Ti indicates that the co-substitution approach 

indeed activated Ti as a binding site for the intermediates during the OER process. One of the 

possible origins of Ti dissolution is the phase transformation of TiO2 under different potentials 

as the stability of different phases of TiO2 is found to be dependent on both pH and surface 

charge.236 However, further study is required to distinguish the source and mechanism of the 

dissolved Ti species as Ti as substrate is also possible to dissolve.237 

 

 

Figure 6-6. Real-time dissolution data of TMCo and TMV sample that are ca. 5 times thicker. 

 

To further understand the stability of TMCo and TMV, a sample with ca. 5 times loading (thus 

thicker) for each was prepared and measured under identical conditions, Figure 6-6. Similar to 

what was observed in Figure 6-5, the potential of both fluctuated upon contact with the 

electrolyte, though TMV stabilized much quicker. The maximum dissolution rate of TMCo 

shifted to a minute after wetting, followed by another dissolution peak, Figure 6-6(a). For TMV, 

the maximum dissolution rate appeared at the initial wetting again, Figure 6-6(c). As shown in 

Figure 6-6(b) and (d), the dissolution rate of the samples with higher loading generally showed 
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a similar trend to that in smaller loading samples, including the staggered peak during the initial 

cycle, and the amounts of elements dissolved were about 5 times, suggesting that the thicker 

film deposited was still within the ‘thin film’ regime and thus all the particles are contributed to 

the electrochemistry (and thus OER).131  

 

6-3.2  La0.8Sr0.2CoO (LSCO) and CoO as oxygen evolution electrocatalysts in 

alkaline solutions 

 

Figure 6-7. Schematic diagram of the dynamic surface change of LSCO. 

 

Previously, our collaborator, the Hoster group from the University of Duisburg Essen 

(Germany), has studied the electrochemical properties of La0.8Sr0.2CoO (LSCO) and CoO 

extensively. They investigated the OER activity of LSCO and CoO by rotating disc electrode 

(RDE) measurements at different scan rates (0.1-50 mV s-1) and their results showed that LSCO 

has higher OER activity at slower scan rates (0.1-1 mV s-1), while at faster scan rates (80-500 

mV s-1) the activity of CoO is better. In addition, LSCO showed increased activity during both 

chronoamperometry (CA) and chronopotentiometry (CP) measurements, suggesting a ‘self-

activated’ property. However, the detailed process and mechanism of this 'self-activation' 

remain unclear. Therefore, the online ICP-OES measurements were employed to understand 

this phenomenon, Figure 6-7.  
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The dissolution of elements from LSCO under OER condition was measured during CV, Figure 

6-8. In order to reach a current density of 10 mA cm-2, 1.60 V vs RHE was needed. The 

overpotential needed during the online ICP-OES measurement agreed with that measured in 

other electrochemical measurements. Co was stable throughout the CV. La showed a ca. 30 ng 

s-1 cm-2 dissolution peak at the positive vertex potential. Non-zero Sr dissolution was detected 

throughout the CV, which increased from 1.68 V, reached its maximum value at the positive 

vertex potential, and only dropped back to around the detection limit when scanned back to 

below 1.5 V. The total Sr dissolved during the 1s cycle correspond to 0.6% of the total Sr from 

the sample.  

 

 

Figure 6-8. Real-time dissolution of the drop-cast LSCO on GC substrate during CV. Supporting 

electrolyte: purified 1 M KOH. Scan rate: 5 mV s-1. 

 

During the CA measurement, Figure 6-9, no Co dissolution was found to grow above the 

detection limit. La maintained stable as long as the potential was not higher than 1.4 V and only 

showed a slight increase when the potential was held at 1.5 V, which dropped back below the 

detection limit soon. For Sr, the dissolution increased immediately after the potential was held 

at 0.9 V, followed by a decreasing trend even when the potential was higher.  

 

Figure 6-10(a) and (b) compares the stability of drop-cast and spray-coated LSCO. The drop-

cast LSCO demonstrated lower overpotential but its potential took longer to stabilize, indicating 

a more homogeneous surface from the spray-coated sample. Co and La dissolution were not 
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detected for both samples. Sr from the drop-cast sample dissolved at a much higher rate than 

that from the spray-coated sample.  

 

 
Figure 6-9. Real-time dissolution of the drop-cast LSCO during chronoamperometry 

measurements.  

 

 
Figure 6-10. Real-time dissolution of (a) drop-cast LSCO, (b) spray-coated LSCO, and (c) 

spray-coated CoO during galvanostatic measurements. A constant current of 1 mA cm-2 was 

held for the three measurements. 
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As shown in Figure 6-10(b) and (c), CoO has a lower overpotential compared with LSCO, 

which agrees well with other electrochemical characterization. In addition, throughout the CP 

measurement, no Co dissolution above the detection limit was found except at the beginning, 

indicating that CoO can stabilize itself rapidly after wetting. 

 

6-4  Conclusion  

The co-substitution of wide bandgap semiconductors with both n- and p-type dopants affects 

both the electronic structure as well as the catalytic behaviour of semiconducting oxides. The 

OER electrocatalytic activity of the TiO2 is increased by such a strategy. The experimental data 

of the co-substituted TiO2 agreed well with the theoretical results. Good stability of the co-

substituted TiO2 samples under OER conditions were proved by online ICP-OES measurements. 

 

The metal dissolution and stability of LSCO and CoO under OER conditions in an alkaline 

electrolyte were revealed and compared by online ICP-OES measurements. While Sr leached 

to the electrolyte in the most serious manner, La was only found to dissolve at high potential 

and Co showed relatively good stabilities.  
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Chapter 7. Conclusion and outlook 

In this thesis, we studied extensively the interfacial degradation processes in electrochemical 

energy storage and conversion with a specific focus on LIB and water electrolysis.  

 

We first established the online ICP-OES system starting from flow cell design and optimization, 

coupling the flow cell with ICP-OES, signals alignment, and system validation. We then used 

this technique for real-time electrolyte analysis of Mn dissolution from spinel LMO. Spinel, 

represented by LMO is a promising type of LIB cathode due to its structural stability and 3D 

Li+ channels, low cost, and environmental friendliness, but its wider application is limited by 

premature ageing. One of the side reactions causing serious ageing is the transition metal 

dissolution (in this material, that is, Mn dissolution), which is well-known but poorly 

understood. We investigated the Mn dissolution from LMO during potentiostatic and 

galvanostatic cycling in electrolytes with varying pH values, and found that the widely accepted 

dissolution mechanism, Hunter’s mechanism, is not able to explain the dissolution behaviour 

on its own. Besides, our data shows that the dissolution can be mitigated without coating, 

additives, etc. but by only potential conditioning.   

 

Then, we used RRDE for real-time speciation of the dissolved Mn from LMO. ICP-OES can 

provide excellent detection limits for multiple elements but does not have access to the 

oxidation state of the dissolving species, which is essential for understanding the dissolution 

mechanism and subsequent mitigation strategy. There are increasing numbers of debates 

focusing on whether Mn2+ or Mn3+ is the dissolving species from Mn-containing cathode in 

recent years. Thus, we investigated the redox behaviour of the two species in depth. While Mn2+ 

can be easily prepared directly, Mn3+ is thermodynamically unstable and can be chemically 

transformed into other Mn species quickly. We therefore locally generated Mn3+ by oxidising 

Mn2+ on the disc of a RRDE and investigated its redox behaviour on the ring. We combined 

voltammetry, Levich and Koutechy-Levich analysis, Cottrell analysis, EIS, and Raman 

spectroscopy to understand the oxidation pathway of Mn2+. Then, based on our understanding 
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of the redox property of different Mn species on the Pt ring electrode, we quantitatively detect 

and speciate the dissolved Mn from LMO by combining RRDE and online ICP-OES. We found 

that both Mn2+ and Mn3+ are dissolving but at different potential/state of charge regions. 

Moreover, we also proposed a detailed mechanism of Mn dissolution.  

 

One of the strategies to mitigate Mn dissolution suggested by many literatures is to replace 1/4 

of Mn in the spinel with Ni, which then forms LNMO. However, the wider application of 

LNMO is still limited by its premature ageing, including the decomposition of electrolytes, the 

dissolution of transition metals, and their subsequent influences on the electrode-electrolyte 

interfaces for both cathode and anode. We investigated the chemical composition, morphology, 

crystal structure, and electrochemical properties of 2 commercial and 3 lab-synthesized LNMO. 

Moreover, the dynamic phase transformation of the CEI was observed by operando Raman 

spectroscopy. We found that some samples can be fully delithiated and form a new phase and 

some cannot. Our results suggested that operando Raman spectroscopy is an effective technique 

for interface study during electrochemical measurements.   

 

Water electrolysis is one of the most promising methods of green hydrogen generation but is 

limited by the lack of efficient OER electrocatalysts. Ideal electrocatalysts are expected to show 

excellent activity and stability while having reasonable costs. We investigated the active 

material dissolution of several OER electrocatalysts during varying electrochemical conditions, 

which then provided clues for inferring their dynamic active sites and long-term. 

 

Overall, we established and optimized several techniques for studying the interfaces of LIB and 

OER electrocatalysts. Our methodologies also have good capabilities with similar materials and 

systems. Our results contribute to a more comprehensive understanding of the degradation 

process and mechanism in the electrochemical energy storage and conversion systems, and hint 

at strategies for prolonging their lifetimes.   

 

As an outlook, for the LMO study, combining our results with other real-time/in situ/operando 

techniques to study the bulk behaviour is expected to provide a deeper understanding of spinel 



 

137 

 

LMO, which is essential for further enhancing the performance of this type of material in LIB. 

Our techniques for dissolution detection and speciation are promising to be applied to other 

transition metals (Ni, Co, etc.), and for screening materials under environments with different 

key parameters including potential window, temperature, etc. In addition, the dissolved 

transition metal ions are widely believed to affect anode stability, and it would be interesting to 

investigate the anode surface under electrochemical conditions. For the LNMO study, we were 

limited to focus on the cathode surface transformation because of the technique chosen and time 

constraints, other surface- and bulk-sensitive techniques (such as synchrotron) and longer-term 

experiments are expected to help with a more comprehensive understanding. For the water 

electrolysis systems, larger-scale experiments would be valuable under conditions closer to 

industrial reality. 
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