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Manganese oxides are considered as promising cathodes for rechargeable 

batteries due to their low cost and low toxicity as well as the abundant natural 

resources. In this dissertation, manganese oxides have been investigated as cathodes 

for both rechargeable lithium and alkaline batteries. Nanostructured lithium 

manganese oxides designed for rechargeable lithium cells have been synthesized by 

reducing lithium permanganate with methanol or hydrogen in various solvents 

followed by firing at moderate temperatures. The samples have been characterized by 

wet-chemical analyses, thermal methods, spectroscopic methods, and electron 

microscopy. It has been found that chemical residues in the oxides such as 

carboxylates and hydroxyl groups, which could be controlled by varying the reaction 

medium, reducing agents, and additives, make a significant influence on the 

electrochemical properties. The Li/Mn ratio in the material has also been found to be 

a critical factor in determining the rechargeability of the cathodes. The optimized 
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samples exhibit a high capacity of close to 300 mAh/g with good cyclability and 

charge efficiency. The high capacity with a lower discharge voltage may make these 

nanostructured oxides particularly attractive for lithium polymer batteries. 

The research on the manganese oxide cathodes for alkaline batteries is focused 

on an analysis of the reaction products generated during the charge/discharge 

processes or by some designed chemical reactions mimicking the electrochemical 

processes. The factors influencing the formation of Mn3O4 in the two-electron redox 

process of δ-MnO2 have been studied with linear sweep voltammetry combined with 

X-ray diffraction. The presence of bismuth, the discharge rate, and the microstructure 

of the electrodes are found to affect the formation of Mn3O4, which is known to be 

electrochemically inactive. A faster voltage sweep and a more intimate mixing of the 

manganese oxide and carbon in the cathode are found to suppress the formation of 

Mn3O4. Bismuth has also been found to be beneficial in the one-electron process of γ-

MnO2 when incorporated into the cathode. The results of a series of chemical 

reactions reveal that bismuth is blocking some reaction paths leading to the unwanted 

birnessite or Mn3O4. Barium is also found to play a similar role, but it is less effective 

than bismuth for the same amount of additive. Optimization of the additives has the 

potential to make the rechargeable alkaline cells based on manganese oxides to 

successfully compete with other rechargeable systems due to their low cost, 

environmental friendliness, and excellent safety features. 
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CHAPTER 1 

INTRODUCTION 

1.1 MANGANESE OXIDES FOR RECHARGEABLE BATTERIES  

Since the first discovery of a galvanic cell by Volta in 1800, the use of batteries 

has been steadily increasing. Now it is one of the indispensable items in our modern 

life. Recent development of portable devices and innovation in digital technology 

have expanded the battery market remarkably. It can be easily recognized that people 

are using laptop computers, cellular phones, and digital camcorders everywhere. 

Batteries are used not only for the consumer electronics, but also for the infrastructure 

supporting advanced telecommunications and information technologies. For example, 

it is necessary for every large building to maintain an uninterrupted power supply 

(UPS) system that requires a large volume of batteries to prevent loss of data or 

network connection that are critical in managing a business in modern days. 

Batteries can be classified as primary or secondary ones depending on the 

rechargeability; primary batteries are discarded after a full discharge whereas 

secondary batteries can be recharged and used repeatedly. Secondary batteries are 

also called rechargeable batteries. Leclanche or alkaline batteries used for toys or 

portable CD/cassette players, and lithium primary batteries for camera flashes or 

watches are in the category of primary batteries. On the other hand, lead-acid, Ni/Cd 
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or Ni/MH, and lithium-ion batteries are examples of secondary batteries. Primary 

batteries are still dominant in the market in terms of production volume. (Table 1.1) 

However, the recent development of Ni/MH and lithium-ion batteries offering high 

energy density and their cost effectiveness compared to primary batteries are 

expected to expand the rechargeable battery market in the near future. 

Cathode materials for commercial rechargeable batteries are almost invariably 

oxides of transition metals or metals with multiple valences. Since redox reactions are 

involved during the charge/discharge process, multiple oxidation states are required 

for the metal ions to be used as battery electrodes. Transition metal oxides are 

suitable for this purpose as variable number of electrons is allowed in d-orbitals. 

Metals with zero oxidation state can be used only for anodes due to their relatively 

low operational voltage. Some organic materials also show redox behavior in useful 

voltage ranges,2-4 but they have not yet been adopted for commercial cells. 

Table 1.1 Primary and secondary battery market (unit: billion cells)1 

Battery type 1995 1997 2001 

Primary 

Secondary 

Total 

27 

2 

29 

35 

3 

38 

46 

5 

51 
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Among the transition metal oxides, currently nickel and cobalt oxides are more 

popular. Nickel hydroxide/nickel oxyhydroxide couple in alkaline electrolytes 

(equation 1.1) is used for Ni/Cd and Ni/MH systems. A lithium cobalt oxide with a 

layered structure (LiCoO2) is the dominant cathode material for lithium-ion system 

(equation 1.2). These materials are proven to have excellent cyclability and high 

reliability. However, they are rather expensive and the resources are limited 

compared to the other first-row transition metal elements (Table 1.2). Furthermore, 

cobalt is known as a toxic metal that is harmful to the environment when discarded 

Table 1.2 Prices and worldwide resources of the first-row transition metals5 

Elements Price ($/ton) Identified World Resources 
(billion tons) 

Ti 

V 

Cr 

Mn 

Fe 

Co 

Ni 

Cu 

Zn 

7910 
  3110a 

    145a 

    116a 
      25a 

238000 

5980 

1640 

  930 

   1 

           0.063 

  11 

     9b 

800 

           0.013 

           0.130 

       2.3 

       1.9 

a Price of its oxide or ore 
b Land only 
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improperly. 

   NiOOH + H2O + e  ←→  Ni(OH)2 + OH-    0.52 V vs. NHE        (1.1) 

   Li1-xCoO2 + x Li+ + x e  ←→  LiCoO2        4.0 V vs. Li          (1.2) 

Manganese could be an excellent alternative replacing cobalt or nickel. It is 

inexpensive and the resources are plentiful as shown in Table 1.2. If large and high-

power applications such as the electric vehicles are spread widely in the future, cost 

and abundance of electrode materials will be an important issue. In this regard, 

manganese oxides will become more attractive. Moreover, manganese oxides are 

environmentally benign; they are less harmful compared to most other heavy metal 

compounds when spilled or discarded. For example, chromium is not useful due to its 

high toxicity though it is also inexpensive and abundant. 

In fact, manganese dioxide has long been used in primary alkaline and lithium 

batteries. Both of them utilize electrolytic manganese dioxide (EMD) as cathode 

material. During the discharge, it accommodates lithium ions or protons into its 

crystal structure at a fairly high redox potential. Some of the attractive features 

discussed above have made people focus on utilizing manganese oxides for secondary 

batteries as well. However, nearly all manganese oxides including EMD that have 

been tested so far have not successfully demonstrated acceptable rechargeability. This 

dissertation is devoted to the use of manganese oxides in rechargeable batteries. Use 

of manganese oxide cathodes for both lithium-ion and alkaline systems is focused. 
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1.2 MANGANESE OXIDE CATHODES FOR LITHIUM-ION BATTERIES  

Several manganese oxides have been synthesized and assessed as cathodes for 

lithium-ion cells to replace LiCoO2 as Co is expensive and toxic. Reversible insertion 

or extraction of lithium ions into/from the structure should be possible for the 

material to qualify as an electrode for lithium-ion cells. Therefore, typically tunnel or 

layered structures have been investigated. It appears that most of the well-known 

phases in this category have already been examined.6 However, only three types have 

been found to show reasonable performance so far: (1) spinel lithium manganese 

oxide (LiMn2O4), (2) layered lithium manganese oxide (LiMnO2), and (3) disordered 

or nanostructured manganese oxides. 

1.2.1 Spinel lithium manganese oxides 

Spinel lithium manganese oxides can be represented as Li1+xMn2-xO4. Per 

formula, one lithium ion occupies the tetrahedral site (8a), and x lithium and 2-x 

manganese ions occupy the octahedral sites (16d). With the variation of x, 

compositions between LiMn2O4 (x = 0) and Li1.33Mn1.67O4 (or Li4Mn5O12) can be 

prepared. As x increases, the average oxidation state of manganese also increases 

from +3.5 to +4.0. LiMn2O4 is the most extensively investigated phase among the 

spinel manganese oxides.7 Its crystal structure is shown in Figure 1.1. Lithium ions 

can move through the tunnels that are actually built up of alternating octahedral and 

tetrahedral sites. In addition to the extraction of lithium already present in the 
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tetrahedral site, an additional lithium per formula unit could be inserted into the 

empty 16c sites to give the rock salt phase, [Li2]16c[Mn2]16dO4. The insertion of 

additional lithium occurs at ~ 3 V vs. Li and causes a migration of the preexisting 

lithium ions from the tetrahedral to octahedral sites to minimize the electrostatic 

repulsion. The increase in Mn3+ concentration caused by the insertion of additional 

lithium causes a severe lattice distortion called Jahn-Teller distortion due to the high 

spin Mn3+: t2g
3eg

1. Accordingly, Li2Mn2O4 has a tetragonal symmetry and the c/a ratio 

of the unit cell becomes 1.163.8,9 Such a large anisotropic volume expansion is known 

to lead to fracture of particles and thus to cause a severe capacity fading.10  

The electrochemical extraction of the already existing lithium ions from 

LiMn2O4 occurs at ~ 4 V vs. Li. Complete extraction of lithium without losing the 

spinel framework generates λ-MnO2, which could be achieved only chemically.11 

Since the oxidation state of manganese increases up to +4 with the extraction of 

lithium, lattice distortion does not occur during this process. Nevertheless, a 

significant capacity fading is still observed particularly at elevated temperatures. 

Several mechanisms have been proposed. Thackeray et al.12,13 argued that Jahn-Teller 

distortion could still occur at the end of discharge under dynamic equilibrium 

conditions. They showed the presence of Li2Mn2O4 phase on the particle surface 

using an electron diffraction technique. Manganese dissolution into the electrolyte is 

seen as anothe r major fading mechanism.14-16 In addition, cation mixing between 

lithium and manganese,17 formation of oxygen vacancies,18 loss of crystallinity during 
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cycling,19 and development of microstrain during cubic-to-cubic phase transition20 

have been suggested as reasons for the capacity fading occurring in the 4 V region. 

Substitution of some manganese in the octahedral sites by lithium (Li1+xMn2-xO4 

with x > 0) appears to help to suppress the capacity fading. In this case, the average 

oxidation state is above +3.5 even at the end of discharge so that Jahn-Teller 

distortion would not be initiated. However, the discharge capacity in the 4 V region 

decreases during these substitutions due to an increase in the manganese oxidation 

state.  

 

Figure 1.1 Schematic representation of the crystal structure of spinel LiMn2O4. 
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In the case of Li1.33Mn1.67O4 (or Li4Mn5O12), with maximum lithium 

substitution, no 4 V capacity is observed. Extraction of lithium from this composition 

is not possible since the oxidation state of manganese is already +4, but  insertion of 

an additional lithium is allowed while the oxidation state decreases to +3.5 

(discharge). An excellent cyclability in the 3 V region has been reported for this 

compound.21 Although Jahn-Teller distortion still occurs at the end of discharge, the 

c/a ratio after distortion is only 1.106, which is less than that in the case of LiMn2O4 

(1.163). 

1.2.2 Layered lithium manganese oxides 

The poor cyclability of spinel manganese oxide particularly at elevated 

temperatures has turned interest into another manganese oxide having layered 

structure. Figure 1.2 is an illustration of an ideal layered structure. Both the lithium 

and transition metal ions are located in the octahedral sites. Li-centered octahedra 

form a layer by sharing edges with each other and the Mn-centered octahedra form 

another layer by sharing edges. The Li layer and the metal layer are stacked 

alternatively. Lithium ions can be reversibly extracted/inserted from/into the lithium 

layer.  

Monoclinic LiMnO2 can be prepared by an ion exchange of Na+ by Li+ in the 

layered α-NaMnO2,22-24 which is isostructural with LiCoO2 excepting some distortion 

(monoclinic) caused by Mn3+. However, small amount of manganese has been found 
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in the lithium layers, causing a deviation from the ideal layered structure shown in 

Figure 2.2. Also, a recent electron diffraction study has suggested the presence of 

Li2Mn2O4 phase as an impurity.24 While a significant amount of lithium could be 

extracted during the first charge to give a high capacity (~ 200 mAh/g), the capacity 

fades rapidly in the subsequent charge/discharge cycles due to the structural 

instability. It has been observed that the layered structure transforms to spinel- like 

phases upon cycling due to a migration of manganese ions and the displacement of 

lithium ions.24,25 One approach to improve the electrochemical performance is the 

substitution of Mn by other metal ions such as Co26 and Ni.27 While the conversion to 

spinel phases still occurs, its rate becomes slower with substitut ion. As an alternative, 

orthorhombic LiMnO2 has also been studied.28-30 While conversion to spinel is still 

observed, Cr doping in orthorhombic LiMnO2 appears to be effective in suppressing 

it. In addition to these two materials, nonstoichiometric layered compounds 

(LixMnyO2) are also under investigation.31  

To summarize the findings about layered lithium manganese oxides, the 

layered-to-spinel transformation commonly occurs upon cycling. Some materials 

showing fair cyclability have been reported, but it has been suggested that the spinel 

phases formed are nanostructured in those cases and thus do not affect the 

electrochemical performance too much.24,31  
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Figure 1.2 Schematic representation of the crystal structure of layered LiMnO2. 

 
 

1.2.3 Disordered or nanostructured lithium manganese oxides 

In an attempt to circumvent some of the difficulties encountered with spinel and 

layered phases, disordered (amorphous) and nanostructured manganese oxides have 

been pursued recently.32-42 The disordered and nanostructured oxides generally show 

better cyclability compared to the crystalline manganese oxides. X-ray absorption 
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spectroscopy and micro-Raman studies have indicated that the lattice distortions 

could be accommodated smoothly35 and the formation of spinel phase during cycling 

could be suppressed41 with the disordered materials. Moreover, high capacities of 

over 300 mAh/g have been observed with some of the disordered and nanostructured 

manganese oxides.33,37,42 One of the main drawbacks with these materials is the  

sloping voltage profile, but still an energy density higher than that of the spinel 

LiMn2O4 could be achieved readily with these materials in a narrow voltage range. 

However, the amorphous or nanocrystalline oxides are generally prepared by 

soft chemistry procedures and three important issues need to be considered in dealing 

with them: (1) the high surface area, (2) the presence of residues that might not have 

been completely removed by washing, and (3) the presence of lattice water 

originating from the aqueous synthesis media. The high surface area can increase the 

rate of unwanted reactions such as the electrolyte decomposition. The presence of 

residues in manganese oxides prepared by soft chemistry procedures has been noticed 

by several groups in the literature. For example, during the reduction of permanganate 

with glucose, Ching et al.43 proposed the formation of reaction intermediates in which 

MnO4 tetrahedral units are cross- linked with organic molecules. Leroux and Nazar36 

reported an increase in polarization with the increasing amount of the reducing agent, 

oxalic acid, used. Passerini et al.38 reported the detection of carbon by elemental 

analysis in the product obtained by the reduction of lithium permanganate with 

lithium fumarate. Furthermore, a series of organometallic compounds reported 
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recently show that a chemical bond between a transition metal ion and an organic 

molecule can be intact up to 345 oC.16 Since most of the amorphous or poorly 

crystalline oxides for batteries are prepared under 300 oC, they can be prone to the 

presence of organic residues. 

Reduction of permanganates is a popular soft chemistry route to obtain 

manganese oxides.17 Various organic and inorganic reducing agents such as oxalic 

acid or its lithium salt,36,40 lithium iodide,32-35 fumaric acid or its lithium salt,37-39,46,47 

glucose,43,48 ethanol,49 and borohydrides50 have been investigated in this regard. Most 

of these reducing agents excepting lithium iodide have been invariably pursued in 

aqueous medium, which can lead to products consisting of water. The presence of 

water could degrade the cathode performance during long-term cycling. To overcome 

this difficulty, our group recently pursued the reduction of sodium permanganate with 

lithium iodide in acetonitrile medium.32-34 Although the product obtained by such a 

process exhibited excellent electrochemical performance, it was found to contain 

small amount of NaIO3 as a byproduct.34  

1.2.4 Objective of this work 

One part of this dissertation deals with the development of nanostructured 

lithium manganese oxide cathodes for lithium-ion batteries. The primary objective 

here is to obtain cleaner products with the minimum amount of chemical residue. The 

conventional soft chemistry synthesis scheme starting from permanganate has not 
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been changed. However, lithium permanganate (LiMnO4) instead of potassium or 

sodium permanganate was selected as the starting material to avoid the incorporation 

of other alkali metal ions such as Na+ and K+ into the products; the other cations 

could interfere with the extraction/insertion of lithium during the electrochemical 

charge/discharge process. Methanol and gaseous hydrogen have been selected as 

reducing agents since their molecular weights are lowest among the possible reducing 

agents. 

Another objective is to investigate the effect of chemical composition of the 

material, including the amount of chemical residues on electrochemical performance. 

By varying the kind of reducing agent, solvent, and other additives in the synthesis 

stage, the type and the amount of chemical residues in the products could be 

controlled. Materials have been extensively characterized both chemically and 

electrochemically to obtain the relationship between composition and cell 

performance. In addition, based on these analyses, attempts to enhance 

electrochemical performances such as high capacity retention and high charge 

efficiency have been pursued. 

1.3 MANGANESE OXIDE CATHODES FOR RECHARGEABLE ALKALINE BATTERIES  

Alkaline battery employing the electrolytic manganese dioxide (EMD) as the 

cathode material is one of the most popular commercial battery systems although it is 

typically not rechargeable. EMD is a kind of γ-MnO2, which is composed of an 



 14

intergrowth of pyrolusite (β-MnO2) and ramsdellite domains,51 which have 1 x 1 and 

1 x 2 tunnels respectively. 

According to McBreen, γ-MnO2 (EMD) is discharged to Mn(OH)2, which is 

then recharged to δ-MnO2 (layered birnessite structure).52,53 The reduction of 

birnessite during the subsequent cycles results in the formation of Mn3O4 (spinel 

structure), which has been regarded as a reason for the poor rechargeability. 

Two methods have been proposed to achieve a better rechargeability with 

manganese oxide cathodes in alkaline electrolytes. One is called two-electron 

process, in which the cathodes materials are cycled between birnessite (layered, δ-

MnO2) and Mn(OH)2 with the assistance of additives such as bismuth oxide. The 

other is called one-electron process, in which γ-MnO2 is employed as cathode like in 

the primary batteries. γ-MnO2 becomes δ-MnOOH after discharge by the intercalation 

of protons into the tunnels. 

1.3.1 Birnessite and the two-electron process 

Rechargeable alkaline cells involving two electrons per manganese between 

Mn4+ and Mn2+ are appealing as they can provide high energy densities exceeding 

that of currently available lithium-ion cells. In search of good rechargeable systems, 

an important breakthrough was made by Wroblowa et al.54-56 in the mid 80s by 

adding Bi3+ either chemically or physically to manganese oxide cathodes. They 
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demonstrated that the cells made with bismuth-modified manganese dioxides (BMD) 

could be cycled several hundred times with approximately 1.7 electrons per Mn, 

regardless of the method of bismuth incorporation, but with low active material 

loading. 

Although some problems such as the formation of ZnMn2O4 on coupling with 

Zn anode remained to be solved, the success of Wroblowa et al.54-56 provoked a burst 

of research activity to understand the role of bismuth. Initially, Wroblowa et al.54-56 

suggested that the Bi3+ ions play a critical role in maintaining the open layered 

structures of manganese oxides during the discharge-charge process. They explained 

that the Bi3+ ions help to maintain the layered structures of both the charge product, 

birnessite MnO2, and the discharge product, Mn(OH)2, consisting of edge-shared 

MnO6 octahedra. Later, Conway et al.57-59 detected dissolved Mn3+ species from 

spectroscopic and rotating ring disc electrode (RRDE) experiments during the 

discharge-charge process. They suggested that the solid phases, Mn(OH)2 and/or 

birnessite, are formed from the dissolved Mn3+ intermediates and Bi3+ might promote 

the nucleation and growth of those crystal phases. This result supports the idea of 

solution process, which was originally suggested by Ruetschi60 with an optical 

microscopy observation and recently validated by Patrice et al.61 with scanning 

electron microscopic (SEM) studies. They showed that the particles are reshaped after 

the charge and discharge processes, indicating that the redox reaction is not simply an 

all solid-state process. 
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While the above groups discussed the promotional or catalytic role of bismuth 

in rendering rechargeability, some other groups considered a preventive role played 

by bismuth in the formation of the unwanted phase Mn3O4. For example, Donne et 

al.62 found from X-ray diffraction studies the formation of Mn3O4 instead of 

Mn(OH)2 as the final reduction product with bismuth-free birnessite cathodes and 

Mn(OH)2 as the major product with bismuth-containing cathodes. Yu et al.63,64 

believed that the reaction between dissolved Mn2+ and Mn3+ complexes lead to the 

formation of Mn3O4, and the formation of bismuth-manganese complexes in the case 

of bismuth-containing cathodes as intermediate compounds prevents such a reaction. 

Abou-El-Sherbini et al.65 investigated the electrodes by elemental analysis in SEM 

and concluded that bismuth complexes adsorbed on the sides of the layers of 

manganese oxides protect them from being attacked by Mn2+ complexes such as 

[Mn(OH)6]4-. 

Recently, Dr. Manthiram’s group66 investigated systematically the phases 

formed at various depths of discharge and charge and showed that the two-electron 

discharge/charge process in bismuth-modified manganese oxides involves a 

reversible dissolution/insertion of K+ ions from/into the cathode lattice. The insertion 

of K+ ions was found to assist the formation of a well-crystallized birnessite phase 

during charge. 
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1.3.2 γ-MnO2 and the one-electron process 

Though high energy density and excellent cyclability can be accomplished in 

the two-electron process and it is expected to be useful for high-power applications in 

the future,66 its low discharge voltage (less than 1.0 V vs. Zn) makes it difficult to 

replace the current alkaline primary cells in the market.61 The one-electron process 

has been devised by Kordesch et al.67-72 as a practical approach. The starting cathode 

material (γ-MnO2) and voltage profile in the one-electron process is the same as in the 

commercial primary cells. 

While the two-electron process involves two-phase reactions, the one-electron 

process is sort of a homogeneous reaction with a linear voltage profile.73-76 The one-

electron process involves an insertion/extraction of protons into/from the cathode 

lattice during the discharge/charge process. Although the overall crystal structure of 

γ-MnO2 is maintained during the discharge, the lattice expands due to proton insertion 

and a decrease in the oxidation state of manganese. The end product of discharge, δ-

MnOOH, also has an intergrowth structure composed of α-MnOOH and γ-MnOOH, 

which are isostructural with ramsdellite and pyrolusite respectively. 

The insertion/extraction of protons into/from γ-MnO2 is reversible to some 

degree. It has been reported that the lattice parameters of γ-MnO2 are fully recovered 

after charge if the degree of reduc tion does not exceed 0.5 e/Mn.75 Commercial cells 

have been developed based on this idea of limited depth of discharge, which could be 
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achieved by having a controlled amount of Zn at the anode.68,70 In contrast, deep 

discharge (> 0.5 e/Mn) has been found to cause some irreversibility. For example, a 

capacity loss of 10 to 20 % is observed in the first discharge/charge cycle when the 

electrode is discharged to 0.9 V vs. Zn, which corresponds to ~ 0.8 e/Mn. Also, the 

lattice parameters do not revert back fully to the initial state of fresh γ-MnO2 after a 

discharge of 0.8 e/Mn. A large overpotential occurring during the charge process,77 

and Jahn-Teller distortion78 and amorphization75 occurring at deep discharge have 

been suggested to be the causes of the irreversible capacity loss encountered during 

the first cycle. Although no method has been proposed to fully eliminate this capacity 

loss, partial reduction of γ-MnO2 with chemical reducing agents has been found to 

alleviate it, but with a sacrifice in the overall capacity. 

Although such a large capacity loss is not observed in the subsequent cycles, a 

slow but steady fade is found to continue. This secondary fading process limits the 

practical life of the cells. According to Mondolini et al.,75 the discharge capacity 

drops below 50 % of the initial value within 50 to 100 cycles. Cyclability data from 

other groups72 indicate even worse performance than this, and several reasons have 

been proposed. Kordesch et al.70 pointed out that electrode thickness is important and 

a thinner cathode would provide better cycle life. They suggested the use of additives 

such as BaSO4 could improve the mobility of ions within the electrode and reduce the 

polarization. However, the same group reported later that the failure of Zn anode is a 

dominant factor.72  
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1.3.3 Objective of this work 

The second part of this dissertation is about the investigation of manganese 

oxides for rechargeable alkaline batteries. The research was more focused on the 

chemical and electrochemical reactions occurring in the charge/discharge process 

rather than on the synthesis of electrode material. 

In the research of the two-electron process, the factors influencing the formation 

of hausmannite (Mn3O4) phase is studied with X-ray diffraction combined with linear 

sweep voltammetry. The kinetic and microstructural effects are discussed. As for the 

one-electron process, the influence of additives such as bismuth- or barium-

containing compounds on the reversibility of charge/discharge process is investigated 

along with the related chemistry of Mn(III) in alkaline medium. 
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CHAPTER 2 

EXPERIMENTAL (GENERAL) 

2.1 MATERIALS 

Nanostructured lithium manganese oxides for the cathode of lithium-ion cells 

were synthesized starting from commercially available chemicals such as lithium 

permanganate (LiMnO4). Various reducing agents and reaction media (solvents) were 

used. Detailed synthesis conditions and procedures will be given in the respective 

chapters later. 

For the study of alkaline batteries, commercial oxide samples were used. A 

layered manganese oxide sample supplied from Carus Chemical Co. was used as 

cathode material in the study of the two-electron process, and an electrolytic 

manganese dioxide (EMD) sample from Chemetal, Inc. was used in the study of the 

one-electron process.  

All other chemicals used in this research were purchased from commercial 

sources and used without further purification. Water was triply deionized before use. 

2.2 CHARACTERIZATION 

The following techniques were employed to characterize the materials, mostly 

manganese oxides, synthesized or obtained as a product of chemical or 
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electrochemical reactions. Specific details will be given in the respective chapters. 

2.2.1 X-ray power diffraction 

The structural information of the materials was obtained by X-ray powder 

diffraction with a Philips diffractometer with Cu Kα radiation. Diffraction patterns 

were recorded in the 2θ range of 10° to 70° with a stepwise scan method (5 seconds 

at each 0.02 o step). 

2.2.2 Atomic absorption spectroscopy (AAS) 

The lithium and manganese contents were determined with a Perkin-Elmer 1100 

Atomic Absorption Spectrometer. Sample solutions were prepared by dissolving 

approximately 30 mg of sample in a hydrochloric acid solution and then diluting it 

with deionized water. Standard solutions were prepared according to the instructions 

of Perkin-Elmer excepting that high purity MnO2 (99.999 %) was used as the 

manganese source. 

2.2.3 Redox titration 

A redox titration employing oxalate79 was used to determine the average 

oxidation state of manganese in combination with the AAS results. A known amount 

of the manganese oxide sample was reacted with sodium oxalate in a 2.5 N sulfuric 

acid solution at about 60 oC and all manganese ions were reduced to Mn2+ during this 
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process. The remaining oxalate was titrated with a standard potassium permanganate 

solution so tha t the reacted amount of oxalate could be calculated. The average 

oxidation state of manganese was determined according to equation 2.1. 

   x C2O4
2-  +  2 Mn(2+x)+  →  2 Mn2+  +  2x CO2             (2.1) 

2.2.4 Fourier transform infrared (FTIR) spectroscopy 

The organic functional groups and hydroxyl groups within the synthesized 

manganese oxides were examined with Fourier transform infrared spectroscopy. The 

FTIR spectra were recorded with pellets made with KBr and the sample using a 

Nocolet AVATAR 360 FTIR spectrometer. 

2.2.5 Thermogravimetric analysis (TGA) 

Thermogravimetric analysis was carried out with a Perkin-Elmer Seriers 7 

thermogravimetric analyzer with a heating rate of 2 oC/min in flowing air (50 

mL/min). The products obtained after TGA experiments were also analyzed by AAS 

and titration. 

2.2.6 Electron microscopy 

Morphology and microstructure of the materials were characterized using a 

JEOL JSM-5610 scanning electron microscope (SEM) and a JEOL 2010 transmission 

electron microscope (TEM). 
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2.2.7 Surface area and density measurements 

Brunauer-Emmett-Teller (BET) surface areas were measured with a 

Quantachrome Autosorb-1 BET analyzer using nitrogen as adsobate after removing 

the preadsorbed gases by heating the sample in vacuum at 150 oC. Density 

measurement was conducted with a Micromeritics AccuPyc 1330 pycnometer with 

helium as filling gas. 

2.3 ELECTROCHEMICAL CHARACTERIZATION 

Coin-type cells were fabricated to characterize the cathode materials for 

lithium-ion batteries, and prismatic or AA cells were used for alkaline batteries. 

Where necessary, three-electrode systems were also constructed. The fabrication 

details of each type of cell will be described in the respective chapters. 

Constant current or constant voltage charge/discharge experiments were carried 

out with an Arbin Model BT2000 battery cycler. Linear sweep voltammetry was 

controlled with a VoltaLab® PGZ402 potentiostat (Radiometer Analytical S.A.). 
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Part I 
 
NANOSTRUCTURED LITHIUM MANGANESE OXIDE 

CATHODES FOR RECHARGEABLE LITHIUM BATTERIES 
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CHAPTER 3 

NANOSTRUCTURED LITHIUM MANGANESE OXIDE CATHODES 
OBTAINED BY REDUCING LITHIUM PERMANGANATE WITH METHANOL 

3.1 INTRODUCTION 

A series of nanostructured lithium manganese oxides have been synthesized, 

characterized, and evaluated electrochemically as cathodes for lithium-ion cells. The 

starting material was lithium permanganate (LiMnO4) instead of sodium or potassium 

permanganate since products containing sodium or potassium may interfere with the 

lithium insertion/extraction process. 

Owing to the high oxidizing power of permanganates, a variety of organic and 

inorganic compounds could be employed as reducing agents. In most cases, however, 

some part of the reagent may remain in the product without being washed out 

completely. These residues would not only increase the electrode weight and reduce 

the capacity, but might also cause unwanted side-reactions during the 

charge/discharge process. With this in mind, reducing agents that are as small in size 

as possible were chosen. Specifically, methanol was selected here since it is one of 

the smallest organic molecules.  

Selection of solvent for synthesis was also based on similar considerations 

(Table 3.1). Among the solvents having high dielectric constant ε and thereby 

showing good solubility for permanganate salts, acetonitrile and water were used 
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because of the following reasons. Acetonitrile has good chemical and electrochemical 

stabilities and is known to be a labile ligand that can be easily removed even in the 

case of species having metal-acetonitrile bonds. Water does not have good 

electrochemical stability, but free water is not expected to remain in the material after 

firing at moderate temperatures. Preliminary tests showed that highly polar solvents 

such as dimethylformamide (DMF), dimetylsulfoxide (DMSO), and methyl 

formamide reacted with permanganate instantaneously. Propylene carbonate was 

much better in chemical stability, but it led to some organic residue in the product as 

indicated by IR spectroscopy. Ethylene carbonate could be an excellent solvent, but it 

is in the solid form at room temperature. 

3.2 EXPERIMENTAL 

Lithium permanganate (LiMnO4) was supplied by Carus Chemical Company. 

Since LiMnO4 is a strong oxidizer and is highly reactive, care was taken in storing 

and handling; it was stored in a vacuum desiccator in small quantities. All other 

chemicals were reagent grade and were used without further purification. The lithium 

manganese oxides were synthesized by adding a predetermined quantity of methanol 

to a solution of lithium permanganate in either acetonitrile or a mixture of acetonitrile 

and water (Table 3.2), stirring the mixture for 20 h, filtering the product, and washing 

it thoroughly with the solvent used for the synthesis unless otherwise specified.  In 

some cases, lithium hydroxide was added to the lithium permanganate solution before 

adding methanol with an aim to increase the lithium content in the reaction product. 
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Table 3.1 Physical and chemical properties of various organic solvents considered for the synthesis of nanostructured 
manganese oxides. 

Stability 
Solvent Dielectric 

Constant 
Solubility of 

Permanganate 
Boiling Point 

(°C) 
MnO4

- * Electro-
chemical 

Water 80.1 Excellent 100 Excellent Poor 

Acetonitrile 36.6 Good 81.6 Good Good 

DMF 38.3 Excellent 153 Poor Poor 

DMSO 47.2 Excellent 189 Poor Poor 

Methyl formamide 189 Excellent 199 Poor Poor 

EC 89.8 Good 244 N/A Excellent 

PC 66.1 Good 240 Good Good 

DME 7.30 Poor 85 N/A Excellent 

`DEE 3.90 Poor 121 N/A Excellent 

DMC 3.09 Poor 90 N/A Excellent 

DEC 2.82 Poor 127 N/A Excellent 

 * refers to stability without reacting with permanganate 

 
 



 28

The lithium manganese oxides thus obtained were fired at 250 oC in vacuum for 1 day 

or at 400 oC in air for 10 min. All samples were stored in a vacuum desiccator before 

further chemical and electrochemical characterization. 

Electrochemical evaluation of the samples after firing was carried out with coin 

type cells. About 120 mg of the oxide sample (70 wt%) was ball-milled with 

conductive carbon black (25 wt%) for 10 minutes and then mixed with 

polytetrafluoroethylene (PTFE) binder (5 wt%) in a mortar and pestle. The mixture 

was then rolled and cut into circular cathodes of 2 cm2 area. The weight of each 

cathode was typically around 20 mg. Coin cells were fabricated with the cathodes 

thus obtained, metallic lithium foil anode, and 1 M LiClO 4 in ethylene carbonate / 

dimethyl carbonate (1:1 v/v) as electrolyte. Cells were cycled between 1.5 and 4.0 V 

with a current density of 0.1 mA/cm2 unless otherwise specified. At the end of 

charge, a constant voltage (4.0 V) step was added to compensate for the loss by 

polarization and it continued until the current dropped to 20 % of its original value. 

3.3 RESULTS AND DISCUSSION 

3.3.1 Synthesis and characterization 

Oxidation of alcohols with permanganates is one of the classical organic 

chemistry reactions. While the oxidation products of various sorts of alcohol are well 

characterized,80 the reduction products of permanganate have rarely been studied 



 29

before.49 Notwithstanding the high reactivity of permanganate, it was found that the 

actual reaction rate with methanol was so slow that it took more than 10 h for the 

deep purple color of permanganate to disappear regardless of the kind of solvent used. 

However, the reaction was found to proceed faster in the presence of lithium 

hydroxide and reach completion within 10 min. The color of the as-prepared 

reduction product was reddish or light brown in the absence of lithium hydroxide and 

dark brown in the presence of lithium hydroxide. 

The synthetic conditions and characterization data are summarized in Table 3.2. 

The compositional analysis, surface area, and density data given in Table 3.2 were 

obtained after firing the reduction products in vacuum at 250 oC. Samples A1 and A2 

that were obtained without any water in the reaction medium has an Li/Mn ratio of 1 

as in the precursor, lithium permanganate, indicating that no lithium is lost into the 

filtrate or during washing; any lithium compound that might be formed as an 

intermediate appear to be insoluble in acetonitrile. On the other hand, the samples (B1 

and B2) obtained in a mixture of acetonitrile and water in the absence of lithium 

hydroxide have an Li/Mn ratio of < 1 indicating that some lithium is lost into the 

filtrate. However, the samples (C1-C4 and D) obtained in a mixture of acetonitrile 

and water in the presence of lithium hydroxide have an Li/Mn ratio of > 1 indicating 

that lithium hydroxide also acts as a lithium source during synthesis. 
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Table 3.2 Synthesis conditions and characterization dataa of lithium manganese oxides. 

Sample 
ID Synthesis conditions  Chemical composition 

BET 
surface 

areaf 
(m2/g) 

Densityg 
(Kg/L) 

 Reactants  Solvents  Weight fractions (%) 
Oxidation 

state of 
Mn 

Dry 
compositione   

 
LiMnO4 
(mmol) 

CH3OH 
(mL) 

LiOH 
(mmol)  

CH3CN 
(mL) 

H2O 
(mL)  Li Mn Oc 

Uncharacte-
rized massd     

A1 

A2 

B1 

B2 

C1 

C2 

C3 

C4 

D 

10 

10 

10 

10 

10 

10 

10 

10 

10 

40 
a40b 

40 

40 

40 

40 

40 

40 

40 

0 

0 

0 

0 

25 

50 

75 

100 

50 

 

360 

360 

320 

200 

200 

200 

200 

200 

200 

0 

0 

40 

160 

160 

160 

160 

160 

160 

 

6.2 

3.9 

5.2 

2.4 

6.6 

8.3 

8.2 

8.0 

11.00 

48.6 

31.2 

52.8 

61.9 

50.9 

47.4 

47.9 

47.5 

43.3 

26.9 

18.7 

31.2 

31.4 

34.7 

33.8 

36.4 

36.6 

37.2 

18.3 

N/A 

10.7 

04.3 

07.9 

10.5 

07.5 

07.8 

08.5 

2.80 

3.13 

3.27 

3.19 

3.66 

3.52 

3.91 

3.86 

3.97 

Li1.01MnO1.90 

Li0.99MnO2.06 

Li0.79MnO2.03 

Li0.30MnO1.74 

Li1.03MnO2.34 

Li1.38MnO2.45 

Li1.36MnO2.61 

Li1.33MnO2.65 

Li2.00MnO2.96 

18.2 

N/A 

99.0 

121 

110 

197 

190 

219 

174 

3.32 

N/A 

4.53 

4.40 

4.20 

3.58 

3.75 

3.51 

3.53 

a Characterization data were obtained after firing at 250 oC in vacuum for a day. 
b 1-Hexanol was used for this sample instead of methanol. 
c Oxygen fraction was calculated using charge neutrality principle based on the manganese content and the oxidation state of manganese. 
d Uncharacterized mass was calculated as (weight loss observed in TGA) - (weight loss corresponding to oxygen). 
e Dry composition refers to the composition without uncharacterized mass. 
f Before BET measurement, each sample was reheated at 150 oC in vacuum to remove adsorbed gases. 
g Density was measured at room temperature by pycnometry with helium as filling gas.
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Figure 3.1 TGA plots of samples A1, B1, and B2 in Table 3.2 after firing at 250 
oC in vacuum. 
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oxidation state of manganese before and after the TGA experiment, and the weight 

loss during the TGA experiment.36,50  In order to have a better understanding of the 

uncharacterized mass, the residues obtained after the TGA experiments were 

analyzed by FTIR spectroscopy.  
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Figure 3.2 FTIR spectra of samples A1, A2, B1, and B2 in Table 3.2 after firing 
at 250 oC in vacuum. For the residues obtained from TGA, the final 
heating temperature is indicated. 
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3.3.2 Reduction in acetonitrile medium 

Figures 3.1 and 3.2 show, respectively, the TGA plots and FTIR spectra of 

some of the samples. The absorbance value in each IR spectrum has been normalized 

according to a procedure described by Potter and Rossman.81 Sample A1, for 

example, shows no weight loss up to 300 oC as it has been previously fired at 250 oC 

in vacuum, but it exhibits a sharp weight loss at 300 - 470 oC followed by a gradual 

loss above 470 oC.  The FTIR spectra of sample A1 (fired at T < 500 oC) show a 

doublet around 1500 cm-1, which could be assigned to C-O stretching modes as 

accounted for by Barboux et al.82 in an FTIR spectrum of an acetate precursor for 

lithium manganese oxides. Generally, the absorption band for the stretching of C-O 

single bond is found around 1200 cm-1 and that for C=O double bond is found around 

1700 cm-1.84 Therefore, one can conclude that the doublet found in between these two 

values around 1500 cm-1 could correspond to an average C-O bond order of about 1.5. 

It is possible that some carboxylate groups that are coordinated to manganese like a 

chelate could be present. This assertion is supported by the fact that the oxidation 

product of methanol by permanganates in aqueous solution is formic acid (HCOOH). 

Since sample A1 was prepared in an aprotic solvent, manganese or lithium formate 

could be formed instead of its acid form. A sharp absorption band found near 860 cm-1 

could not be assigned clearly, but it appears to be related to an organic molecule 

containing carboxyl group since its intensity varies according to that of the doublet at 

1500 cm-1. In order to understand the reaction mechanism further, a similar reaction 
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was carried out with 1-hexanol instead of methanol to give sample A2. Additional 

absorption bands near 1600 and 2900 cm-1 could be recognized in the spectrum of 

A2. The additional absorption bands indicate the presence of aliphatic hydrocarbons. 

Considering hexanoic acid is the oxidation product of 1-hexanol in aqueous medium, 

it becomes clear that the reaction mechanism in acetonitrile is similar to that in water 

excepting that a salt of carboxylic acid is formed in the former case instead of a free 

acid. 

Thermal stability of the organic residue in sample A1 was assessed by recording 

the FTIR spectra of the residues obtained at various stages of the TGA experiment. 

The sampling points are 380, 500, and 740 oC as marked by asterisks in the TGA plot 

of sample A1 (Fig. 3.1) and as denoted in Figure 3.2. Comparison of the TGA and 

FTIR data confirms that the sharp weight loss starting at around 300 oC is due to the 

decomposition of the organic species. The doublet at ~1500 cm-1 and the singlet at 

~860 cm-1 were found to weaken gradually with increasing temperature and vanish 

completely at around 740 oC. Surprisingly, weak absorption bands can still be seen in 

the sample heated up to 500 oC, indicating that the carboxylates can still be present at 

those high temperatures. This observation suggests that even the crystalline 

manganese oxides prepared from acetate or similar precursors at T < 500 oC could 

contain some organic residue. 
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Figure 3.3 X-ray powder diffraction patterns of the various samples listed in 
Table 3.2. 
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Figure 3.4 TEM images of (a) sample A1 and (b) sample C2. 
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Figure 3.5 (a) First discharge profiles, (b) cyclability data, and (c) charge 

efficiency of samples A1, B1, and B2 in Table 3.2 after firing at 250 oC 

in vacuum. 
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Figure 3.3 shows the X-ray powder diffraction pattern of sample A1 after firing 

at 250 oC in vacuum. The reflections are quite weak and broad, but the presence of 

crystalline phases is apparent. In addition to the obvious identification of hausmannite 

(Mn3O4), a cubic close packed spinel- like phase (Li1+xMn2-xO4) or Li2MnO3 phase is 

present in the X-ray pattern of sample A1. Additionally, the weak reflection present 

around 21 o could be due to organic residue (see later). Figure 3.4a shows the TEM 

photographs of sample A1. The presence of well-developed fringe patterns confirms 

the nanocrystalline nature of the sample. The crystallite size was found to range from 

5 to 50 nm. 

The discharge voltage profile of sample A1 during its first cycle is shown in 

Fig. 3.5a. A continuous decrease in voltage from 4.0 to 1.5 V excepting a small 

plateau around 2.8 V suggests that the sample is predominantly composed of 

nanocrystalline/disordered material. Additionally, the change in slope at a few points 

suggests that the phase uniformity may not be good. The plateau found near 2.8 V, 

though representing a very small fraction of the whole capacity, is another indication 

of the presence of a small amount of the spinel phase. The initial capacity of about 

150 mAh/g is quite low compared to that found for other amorphous manganese 

oxides prepared by solution-based procedures.32-35,37 The lower capacity could be due 

to the presence of a significant amount of organic residue and the presence of 

electrochemically inactive phases such as hausmannite. Nevertheless, the sample A1 

exhibits excellent capacity retention as evident from Fig. 3.5b. The capacity fade in 
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40 cycles is < 1%. The charge efficiency, which is a ratio of the discharge capacity to 

charge capacity at each given cycle, is shown in Fig. 3.5c. The charge efficiency 

generally reflects the degree of side reactions and/or overcharge, and therefore it 

could represent the effect of organic residue, water, and surface area in the present set 

of materials. Although the charge efficiency of sample A1 is initially around 96 %, it 

improves continuously with cycling and reaches 99 % after about 30 cycles. 

3.3.3 Reduction in acetonitrile-water medium 

Although sample A1 exhibits good cycling features, it has limited capacity and 

energy density due to the sloping voltage profile. With an objective to improve the 

capacity and energy density and to decrease the amount of residue, we turned to 

pursue the synthesis in a mixed acetonitrile-water medium consisting of 10 - 40 % 

water to obtain samples B1 and B2 given in Table 3.2. The introduction of water 

causes significant changes in the composition of the product as seen in Table 3.2. 

Both the fraction of uncharacterized mass and the lithium content (or Li/Mn ratio) 

decrease with increasing amount of water in the reaction medium. A decrease in both 

the lithium content and uncharacterized mass on going from sample A1 to samples 

B1 and B2 suggests that part of the lithium in the reduction product could be present 

as an organolithium compound, which is soluble in water but not in acetonitrile. 

Additionally, the samples B1 and B2 prepared in the acetonitrile-water medium have 

higher surface area and density compared to the sample A1 prepared in acetonitrile, 
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possibly due to the removal of the organic residues. The densities of the samples B1 

and B2 are lower than that of some of the binary manganese oxides such as β-MnO2, 

but higher than that of several crystalline lithium manganese oxides as seen in Table 

3.3. 

The weight loss observed below 100 oC in the TGA plot (Fig. 3.1) as well as the 

presence of a broad absorption band (O-H stretching vibration83) between 3000 and 

3500 cm-1 in the FTIR spectra (Fig. 3.2) indicates the presence of some adsorbed 

water or hydroxyl groups in samples B1 and B2. Since the samples were already fired 

in vacuum at 250 oC prior to the TGA experiment, the weight loss below 100 oC 

indicates that these samples synthesized in acetonitrile-water medium are slightly 

hygroscopic. Both the samples B1 and B2 exhibit a slight weight gain around 300 oC 

due to the incorporation of oxygen into the lattice and a weight loss above 300 oC due 

to the decomposition of the organic residue as found in the case of sample A1. 

However, the weight loss occurring above 300 oC decreases with increasing amount 

of water in the reaction medium indicating a decrease in the amount of organic 

residue. The decrease in the amount of organic residue is also supported by a decrease 

in the intensities of the absorption bands observed around 1500 cm-1 (doublet) and 

860 cm-1 (Fig. 3.2). On the other hand, the intensity of the O-H stretching absorption 

observed around 3300 cm-1 increases with increasing amount of water in the reaction 

medium indicating an increase in the amount of water or hydroxide in the reaction 

product.
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Table 3.3 Theoretical density of selected crystalline manganese oxides. 

Formula Mineral Name 
 or Structure 

Space Group Theoretical Density 
(kg/L)a 

MnO2 

MnO2 

Mn2O3 

Mn3O4 

LiMn2O4 

Li4Mn5O12 

LiMnO2 

Li2MnO3 

Pyrolusite 

Ramsdellite 

Bixbyite 

Hausmannite 

Spinel 

Spinel 

Layered 

Rock salt like 

P42/mnm 

Pnma 

Ia3 

I41/amd 

Fd3m 

Fd3m 

Pm2m 

C2/c 

5.189 

4.826 

5.035 

4.840 

4.281 

4.056 

4.220 

3.890 
 

a Theoretical density of each sample was calculated according to the crystallographic parameters given in JCPDS cards. 
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The X-ray diffraction patterns of samples B1 and B2 (Fig. 3.3) indicate the 

presence of hausmannite and a spinel- like phase as in the case of sample A1. But the 

amount of hausmannite appears to be greater in the case of sample B2 possibly due to 

the lower Li/Mn ratio. Additionally, the weak reflection observed around 21o 

vanishes with increasing amount of water in the reaction medium confirming that this 

reflection is due to the organic residue as suggested earlier. 

Figure 3.5a gives the first discharge profiles of samples B1 and B2. The 

discharge profiles are smoother than that of sample A1 suggesting more phase 

uniformity.  Also, the initial discharge capacities are higher than that found for sample 

A1 due to the lower amount of organic residue. However, the capacity retention is 

inferior compared to that of sample A1 (Fig. 3.5b). While sample B2 exhibits poor 

charge efficiency, sample B1 exhibits good charge efficiency as sample A1 after a 

few cycles (Fig. 3.5c). The poor charge efficiency of sample B2 could be due to the 

presence of a higher amount of water or hydroxyl groups as they can undergo redox 

reactions during the charge/discharge process. 

The relatively inferior cyclability of samples B1 and B2 compared to that of 

sample A1 could be due to the presence of water or OH groups in them. However, the 

capacity of sample B1 continues to fade even after the charge efficiency recovers. 

This observation drew the attention to another important difference between samples 

A1 and B1 or B2, viz. the difference in lithium content or Li/Mn ratio. Previous 
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investigation of the reduction product obtained with lithium iodide has indicated an 

optimum Li/Mn ratio of 2 to achieve good cyclability.33 Accordingly, we decided to 

focus next on increasing the Li/Mn ratio in the reduction products obtained with 

methanol. 
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Figure 3.6 TGA plots of samples C1, C2, C3, C4, and D in Table 3.2 after firing 

at 250 oC in vacuum. 
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Figure 3.7 FTIR spectra of samples C1, C2, C3, C4, and D in Table 3.2. 
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Figure 3.8 (a) First discharge profiles, (b) cyclability data, and (c) charge 

efficiency of samples C1, C2, C3, and C4 in Table 3.2 after firing at 
250 oC in vacuum. 
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3.3.4 Reduction in acetonitrile-water medium in the presence of LiOH 

With an objective to increase the lithium content in the product, lithium 

hydroxide was incorporated into the synthesis medium (acetonitrile-water) as 

described in the experimental section. The analytical data given in Table 3.2 in fact 

illustrate the effectiveness of this strategy in increasing the Li/Mn ratio. The Li/Mn 

ratio increases initially with increasing amount of lithium hydroxide, but becomes 

almost constant around 1.35 at higher amounts of lithium hydroxide. Additionally, the 

surface area and the uncharacterized mass increase while the density decreases with 

increasing amount of lithium hydroxide. 

Figure 3.6 shows the TGA plots of the samples synthesized in presence of 

lithium hydroxide. The continuous weight loss from ambient temperature suggests the 

presence of adsorbed water or hydroxyl groups. Although the samples were already 

fired in vacuum at 250 oC prior to the TGA experiments, the weight loss occurring 

below 250 oC suggests that these samples synthesized in a mixture of acetonitrile and 

water are hygroscopic unlike sample A1 (Fig. 3.1). Additionally, the FTIR spectra 

shown in Fig. 3.7 reveal the presence of water or hydroxyl groups as indicated by the 

absorption bands in the region 3000 to 3500 cm-1 and carboxylate groups as indicated 

by the doublet around 1500 cm-1. 

The X-ray diffraction patterns given in Fig. 3.3 suggest that the samples 

prepared in presence of lithium hydroxide consist of both Li2MnO3 and Li1+xMn2-xO4 
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where x is close to 0.33. The amount of Li2MnO3 appears to increase with increasing 

amount of lithium in the product. Figure 3.4b shows the TEM photograph of sample 

C2. It shows fringe patterns like sample A1 (Fig. 3.4a) indicating the nanocrystalline 

nature of the sample. However, the crystallite size was found to be much smaller 

(around 1 nm) than that of sample A1 (5 to 50 nm), which is consistent with the 

higher BET surface area of sample C2 compared to that of sample A1.  

Figure 3.8a shows the discharge curves of the samples synthesized in the 

presence of lithium hydroxide. The samples show a sloping voltage profile excepting 

a small plateau around 2.8 V, which becomes less pronounced with increasing lithium 

content in the product due to the increasing amount of Li2MnO3 and a consequent 

decrease in the amount of the spinel phase. The initial capacities of these samples are 

higher than those of samples B1 and B2. These samples also exhibit good cyclability 

as seen in Fig. 3.8b, in which the % capacity retention after 40 cycles for each sample 

is given in parenthesis. The capacity retention improves with increasing amount of 

lithium as anticipated in analogy with that found before for the samples obtained with 

lithium iodide.32-34  

Moreover, the samples exhibit good charge efficiency (Fig. 3.8c) excepting 

sample C4, which was synthesized with the largest amount of lithium hydroxide. 

Interestingly, charge efficiency reaches its maximum value within a few cycles unlike 

in the case of previous samples. The higher initial capacity, higher surface area, and 



 48

faster approach to maximum in charge efficiency suggest that the materials may have 

more porous structure with smaller particle size compared to the other samples as 

suggested by the TEM data (Fig. 3.4). The lower charge efficiency of sample C4 

could be understood to be due to the presence of the largest amount of water or 

hydroxyl groups as indicated by the significantly intense O-H stretching bands (3000 

– 3500 cm –1) of sample C4 in Fig. 3.7. This explanation is consistent with the low 

charge efficiency of sample B2 that also has a higher amount of water or hydroxyl 

group. 

3.3.5 Capacity retention and Li/Mn ratio 

Encouraged by the improved performance of the samples with higher Li/Mn 

ratio, we pursued another strategy to increase the Li/Mn ratio further. Accordingly, 

sample D was prepared similar to sample C2, but washed with only acetonitrile 

instead of a mixed acetonitrile-water solvent. As intended, the compositional analysis 

shows an increased Li/Mn ratio of 2.00 in sample D (Table 3.2). Accordingly, the X-

ray diffraction pattern in Fig. 3.3 indicates the presence of mostly Li2MnO3. Also, the 

TGA plot is intermediate between those observed for sample A1 and the C series of 

samples. The discharge profile with a continuous sloping voltage (Fig. 3.9a) without 

the plateau around 2.8 V is consistent with the absence of spinel- like phase in the X-

ray diffraction pattern. Although the capacity is slightly lower than that of sample C2, 

the sample D exhibits excellent cyclability with good charge efficiency. 
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Figure 3.9 (a) First discharge profile, (b) cyclability data, and (c) charge 

efficiency of samples D in Table 3.2 after firing at 250 oC in vacuum. 
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Figure 3.10 Relationship between capacity retention and Li/Mn ratio in the samples.  

 
 

An analysis of the characterization and electrochemical data obtained for the 

various samples in Table 3.2 suggests that the Li/Mn ratio is an important parameter 

to achieve good cyclability. Figure 3.10 illustrates that the capacity retention 

increases with increasing Li/Mn ratio in the product. This observation is consistent 

with that found for samples obtained by a reduction of sodium permanganate with 

lithium iodide.32-34  It appears that the Li/Mn ratio plays a critical role in controlling 

the microstructure and thereby the electrochemical performance. 
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3.3.6 Effect of ball milling: Nanocomposite 

Nanostructured lithium manganese oxides synthesized by the reduction of 

lithium permanganate with methanol have demonstrated excellent electrochemical 

performance. While they are prone to low electronic conductivity, the discharge 

curves in Figs. 3.5, 3.8, and 3.9 suggest that the polarization is not so high. One of the 

reasons could be the improvement in electrical conductivity caused by the ball milling 

of the cathode and conductive carbon. It has already been shown that ball milling of 

nanostructured oxides together with conductive carbon significantly enhances both 

capacity and cyclability.33 With an objective to fully understand the role of ball 

milling, a more systematic investigation of the electrochemical properties of ball-

milled manganese oxide – conductive carbon nanocomposites was carried out. 

Additionally, the current density was raised to 0.5 mA/cm2 in order to investigate the 

rate capability of this kind of material. 

Table 3.4 Electrochemical, density, and surface area data of the lithium manganese 
oxide – conductive carbon composites. 

Discharge 
capacity 
(mAh/g) Sample Mixing method 

1st 
cycle 

100th 
cycle 

Charge 
efficiency* 

(%) 

Density 
(g/cm3) 

Surface 
area 

(m2/g) 

Mix-BM Ball milling 214 202 98.9 2.92   73 

Mix-MP Mortar and 
pestle 

150 72 93.6 2.74 146 

* Average value of 100 cycles 
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Figure 3.11 Comparison of the (a) first discharge profiles, (b) cyclability, and (c) 

charge efficiency of the lithium manganese oxide – conductive carbon 
composites obtained by ball milling (Mix-BM) and by mixing in a 
mortar and pestle (Mix-MP). Cells were cycled between 1.5 and 4.0 V 
at a current density of 0.5 mA/cm2 (C/2 rate). 
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A lithium manganese oxide sample was prepared by the same experimental 

procedure as in the case of sample C2 (acetonitrile-water medium with LiOH as an 

additive). The sample was found to have an Li/Mn ratio of 1.41 and an oxidation state 

of +3.86 for manganese, which are close to the values for sample C2. The sample 

after firing at 250 oC was mixed with 25 wt % conductive carbon in two ways. One 

composite was obtained by ball-milling the manganese oxide and conductive carbon 

for 10 min with a SPEX CertiPrep Model 8000M Mixer/Mill®, which is designated as 

Mix-BM. The other composite was obtained by simply mixing in a mortar and pestle 

for 10 min, which is designated as Mix-MP. The composites were then mixed with 5 

wt% polytetrafluoroethylene (PTFE) binder, rolled into thin sheets, and cut into 

circular cathodes of 2 cm2 area and around 15 mg mass. The procedure for the coin-

cell fabrication and the electrochemical evaluation method are the same as described 

in previous sections excepting that a current density of 0.5 mA/cm2 was used for both 

charge and discharge instead of 0.1 mA/cm2. The value of 0.5 mA/cm2 corresponds to 

approximately C/2 rate. The manganese oxide – conductive carbon composites were 

further characterized with various techniques such as BET surface area measurement, 

pycnometry, XRD, SEM, and TEM. 

The electrochemical characterization data of the two composite cathodes, Mix-

BM and Mix-MP, are compared in Fig. 3.11. The discharge capacity and charge 

efficiency values are compared in Table 3.4 along with the density and BET surface 

area values for the two cathodes. The discharge profiles given in Fig. 3.11a indicate 
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that Mix-MP exhibits a larger polarization with a sharp initial drop in voltage than 

Mix-BM. With the same cutoff voltage of 1.5 V, the larger polarization leads to about 

30 % less capacity for Mix-MP. Mix-BM and Mix-MP exhibit first discharge 

capacities of 214 and 150 mAh/g (Table 3.4). Furthermore, the two cathodes differ 

significantly in their capacity retention as seen in Fig. 3.11b. While Mix-BM exhibits 

only around 5 % capacity loss in 100 cycles, Mix-MP loses 50 %. The two cathodes 

also differ in their charge efficiencies (Fig. 3.11c). While the charge efficiency of 

Mix-BM fluctuates around 99 % at least to about 80 cycles that of Mix-MP fluctuates 

around 90 – 95 %. Mix-BM and Mix-MP have average charge efficiencies of 98.9 

and 93.6 % respectively (Table 3.4). It is clear that the ball-milled composite (Mix-

BM) shows much higher capacity and better cyclability and charge efficiency than the 

composite prepared by mixing in a mortar and pestle (Mix-MP).  

With an aim to understand the origin of the differences in electrochemical 

performances between the two composite cathodes, we have focused on their physical 

characterization and the data are compared in Table 3.4. The Mix-BM shows slightly 

higher density and significantly lower surface area than Mix-MP. The surface area of 

Mix-BM is only 50 % of that of Mix-MP.  

Figure 3.12 compares the X-ray diffraction patterns of the two cathodes. 

Excepting a reflection at ~ 26o that corresponds to carbon, all other reflections could 

be assigned to the spinel (Li1+xMn2-xO4) or the rock salt- like (LiMn2O3) structures. 
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The broad diffraction peaks are characteristic of the nanocrystalline nature of the 

oxides. Although one might expect ball milling to reduce the degree of crystallinity, 

the diffraction patterns in Fig. 3.12 are nearly identical suggesting that the original 

crystallite size is small enough not to be crushed by ball milling. The data indicate 

that the differences in the electrochemical performances between the two cathodes are 

not due to any change in crystal structure.  
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Figure 3.12 X-ray powder diffraction patterns of the lithium manganese oxide – 

conductive carbon composites obtained by (a) ball milling (Mix-BM) 
and (b) mixing in a mortar and pestle (Mix-MP). 
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Figure 3.13 SEM photographs of the lithium manganese oxide – conductive carbon 
composites obtained by (a) ball milling (Mix-BM) and (b) mixing in a 
mortar and pestle (Mix-MP). 

 

(a) 

(b) 
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Figure 3.14 TEM photographs recorded at various magnifications of the lithium 
manganese oxide – conductive carbon composites obtained by ball 
milling (Mix-BM): (a) 50,000x, (b) 250,000x (cont’d in next page). 
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Figure 3.14 (cont’d) TEM photographs recorded at various magnifications of the 
lithium manganese oxide – conductive carbon composites obtained by 
ball milling (Mix-BM): (c) 400,000x, and (d) 250,000x. The 
photographs in (b) and (d) were recorded at different spots of the 
sample. 

10 nm 
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The SEM images of the two cathodes are compared in Fig. 3.13. In Fig. 3.13b 

for the Mix-MP, the relatively bright regions correspond to lithium manganese oxide 

particles as indicated by the energy dispersive spectroscopic (EDS) analysis. A wide 

size distribution ranging from a few to 20 µm for the oxide particles could be 

recognized in Fig. 3.13b. The shape of the carbon particles is not clearly observable at 

this low magnification of 500x, but the elemental mapping with EDS at higher 

magnifications indicates that the small and rather dark regions mostly correspond to 

carbon. It is clear that mixing in a mortar and pestle generates a simple mixture, in 

which the components could be identified separately on a micrometer scale.  

In contrast, the microstructure of Mix-BM (Fig. 3.13a) is distinctly different 

from that of Mix-MP (Fig. 3.13b). There is no significant variation in brightness 

throughout the whole image, indicating that each particle or agglomerate has similar 

electronic conductivity. Moreover, some unusually large particles with length as high 

as 100 µm could be noticed in addition to the smaller particles, which is consistent 

with the smaller surface area (Table 3.3) found for the Mix-BM. Elemental analysis 

with EDS indicates a homogeneous distribution of both manganese and carbon, 

suggesting that the composite actually consists of agglomerates composed of the 

manganese oxide and carbon.  

Since the SEM data suggested the possibility of nanocomposites for the ball-

milled sample, the Mix-BM was further examined with TEM. Four TEM images 



 60

recorded at different magnifications and spots are given in Fig. 3.14. Despite severe 

overlapping of particles, Fig. 3.14a reveals that the size of the smallest unit as marked 

by a circle is about 100 nm. A closer look at the particle inside the circle reveals that 

it is actually an agglomerate composed of a large number of nano-particles. At a 

slightly higher magnification (Fig. 3.14b), at least two circular domains that are 

reminiscent of the cross-section of wood could be recognized at the top-right and 

bottom-right corners, which are believed to be the carbon phase. The darker part at 

the top- left corner in Fig. 3.14b corresponds to lithium manganese oxide, which could 

be confirmed by a further magnification in Fig. 3.14c, indicating randomly grown 

nanocrystallites. The manganese oxide and the carbon phases could be distinguished 

more clearly in Fig. 3.14d. Circular carbon domains are seen at the center and the 

bottom of the image in Fig. 3.14d while part of a domain corresponding to 

nanostructured lithium manganese oxide is located at the top. 

It is clear that ball milling leads to an intimate mixing of the lithium manganese 

oxide and the conductive carbon on a nanometer scale to give a nanocomposite. Such 

a nanoscale mixing of carbon provides better electronic conductivity, resulting in a 

lower polarization during the electrochemical discharge-charge and higher capacity. 

Also, the larger particles/agglomerates produced by ball milling appear to minimize 

unwanted surface reactions with the electrolyte, offering better charge efficiency.  It is 

possible that the ball-milled nanocomposites may also provide better pathways for 

lithium ion diffusion and lower ionic resistance during the charge-discharge process.  
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3.4 CONCLUSIONS 

Nanocrystalline lithium manganese oxides have been synthesized by reducing 

lithium permanganate with methanol in acetonitrile and acetonitrile-water media. The 

samples synthesized in acetonitrile medium have larger amount of organic residue 

than those synthesized in acetonitrile-water medium as indicated by TGA, FTIR, and 

wet-chemical analysis data. The presence of organic residue leads to a lowering of 

capacity. The amount of residue and the sample compositions could be controlled by 

altering the synthesis conditions – synthesis medium (solvent), washing solutions, and 

incorporation of lithium hydroxide into the synthesis medium. With optimum 

compositions, capacities of 200-250 mAh/g with good cyclability and charge 

efficiency could be achieved. The Li/Mn ratios in the samples are found to play a 

critical role on the electrochemical performance of the samples as has been found 

before with samples obtained with lithium iodide. 

Ball milling of a nanostructured lithium manganese oxide with conductive 

carbon is found to produce a nanocomposite in which the components are mixed 

intimately on a nanometer scale. The excellent electrochemical performances 

obtained with the oxide – carbon nanocomposite are attributed to increased electronic 

conductivity and decreased surface area. Although nanostructured oxides may be 

intrinsically prone to poor electronic conductivity arising from high grain boundary 

area and unwanted surface reactions arising from high surface area, ball milling with 

carbon appears to be an effective and simple way to overcome these difficulties. The 
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occurrence of the discharge capacity below 4 V with excellent electrochemical 

characteristics may make the manganese oxide – carbon nanocomposites presented 

here particularly attractive for lithium polymer cells. 
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CHAPTER 4 

NANOSTRUCTURED LITHIUM MANGANESE OXIDE CATHODES 
OBTAINED BY REDUCING LITHIUM PERMANGANATE WITH HYDROGEN 

4.1 INTRODUCTION 

Unlike crystalline oxides, disordered and nanostructured oxides obtained by 

solution-based soft chemistry procedures are prone to contain organic or inorganic 

residues depending on the reactants and synthesis media. For example, residual iodate 

(IO3
-) was identified in lithium manganese oxides obtained by a reduction of 

permanganate with alkali metal iodide.34 Additionally, water or proton has usually 

been found in the oxides synthesized in aqueous media and it is hard to remove them 

completely even after firing at moderate temperatures of around 250 oC. The presence 

of residues could affect the cell performances significantly. 

The reduction of permanganate with methanol provided excellent cathode 

materials for lithium-ion batteries. However, we found in the previous chapter that the 

nanostructured lithium manganese oxides obtained with methanol consist of organic 

residues having carboxylate group. These residues do not appear to worsen the cell 

cyclability, but the presence of them significantly reduces the specific capacity since 

the weight fraction of manganese decreases consequently. 

Charge efficiency is an important property that needs to be addressed with 
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capacity and cyclability when dealing with nanostructured manganese oxides. In fact, 

charge efficiency has only recently begun to be addressed.42  It is not straightforward 

to understand the origin of charge inefficiencies. Poor charge efficiency could 

originate from high surface area and residual impurities as suggested in the previous 

chapter. 

With an objective to develop a better understanding of the influence of residues, 

we focus here on lithium manganese oxides obtained by a reduction of lithium 

permanganate with gaseous hydrogen that could contain only water or proton as 

residues. The oxides obtained are characterized both chemically and 

electrochemically and the factors that influence cell performances such as cyclability 

and charge efficiency are discussed. 

4.2 EXPERIMENTAL 

Lithium manganese oxides were synthesized by reducing aqueous lithium 

permanganate solution with gaseous hydrogen. Typically 15 mmol (1.26 g) of lithium 

permanganate was dissolved in 200 mL of deionized water. In some cases, a 

predetermined amount of lithium hydroxide was incorporated into the solution. 

Hydrogen gas was bubbled through a glass tube for 1 day into the permanganate 

solution that was kept under constant stirring on a magnetic stirrer at 60 oC. During 

the reaction, the flask was kept closed excepting the gas inlet and outlet. The solid 

product formed after 1 day of reaction was filtered, washed several times with 
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deionized water, and dried under vacuum at room temperature. The lithium 

manganese oxides thus prepared were then fired at 250 oC in vacuum for 1 day and 

stored in a vacuum desiccator prior to characterization. 

Cathodes for electrochemical evaluation were fabricated as describe in the 

experimental section of chapter 3. The electrochemical performances of coin cells 

were evaluated with a current density of 0.1 or 0.5 mA/cm2. 



 66

Table 4.1. Synthetic conditions and characterization data for lithium manganese oxides obtained by the reduction of lithium 
permanganate with gaseous hydrogen and subsequent firing in vacuum at 250 oC. 

Reagents for synthesis  Chemical composition 

Weight fraction (%) 
Sample 

ID  
LiMnO4 
(mmol) 

LiOH 
(mmol) 

H2O 
(mL)  

Li Mn Oa H2O 

Oxidation 
state of 

Mn 

Empirical 
formulab 

 

BET 
surface 

area 
(m2/g) 

 
Density 
(g/cm3) 

E 

F 

G 

H 

 

15 

15 

15 

15 

0 

50 

200 

400 

200 

200 

200 

200 

 

3.42 

4.32 

5.07 

6.95 

55.7 

56.9 

55.7 

51.2 

33.6 

36.0 

37.2 

37.3 

7.28 

2.79 

2.00 

4.51 

3.66 

3.74 

3.87 

3.94 

H0.80Li0.47MnO2.47 

H0.30Li0.60MnO2.32 

H0.22Li0.71MnO2.40 

H0.54Li1.09MnO2.77 

 

100 

30 

67 

161 

 

2.65 

2.76 

3.46 

3.38 

a Oxygen fraction in dry composition only; it does not contain the oxygen from water or hydroxyl groups. 
b H2zLixMnOy+z could also be expressed as LixMnOy

.zH2O
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4.3 RESULTS AND DISCUSSION 

4.3.1 Synthesis and characterization 

Hydrogen is a well-known reducing agent and it is commonly used at elevated 

temperatures (> 200 oC) to obtain lower valent transition metal oxides or metals from 

higher valent oxides.84,85 However, its use near ambient temperatures, especially in 

solutions, is not common. Aqueous medium was chosen to perform the reduction 

reaction since some preliminary experiments in non-aqueous media such as 

acetonitrile led to products with low Mn content (~ 30 %) and poor electrochemical 

performance. Although permanganate is a strong oxidizing agent, its reduction with 

gaseous hydrogen was found to be slow. It took more than 5 h at 60 oC before the 

formation of any solid could be observed. The rate was even slower when lithium 

hydroxide was present in the medium as suggested by the pale green color of the 

filtrate even after 24 h, indicating the presence of some Mn(V) or Mn(VI) species.86 

While the reaction mechanism is not transpicuous, it is thought to be initiated with the 

formation of a radical ion HMn(VII)O4
.- as proposed in a study on the reaction of 

permanganate with alkane compounds.87 The unstable radical ion could dissociate 

nearby water molecules or take another hydrogen to form Mn(IV) or Mn(III) oxides 

having a lot of –OH groups at the end of the process. 
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Figure 4.1 TGA plots of samples E, F, G, and H in Table 4.1. The plots were 

recorded in air with a heating rate of 2 oC/min. 

 
The synthesis conditions and characterization data collected after firing the 

samples in vacuum at 250 oC for 1 day are summarized in Table 4.1. Since the 

fraction of adsorbed water, hydroxyl groups, or proton could not be analyzed 

individually, the compositions in Table 4.1 are expressed as empirical formulas. All 

the samples contain some water, even though they have already been fired at 250 oC, 

which could be due to adsorbed water or hydroxyl group as suggested by the TGA 

data in Fig. 4.1. While sample E that was prepared in the absence of LiOH loses 

about 5.5 wt % below 250 oC, both samples F and G that were prepared in the 
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presence of LiOH lose around 1 wt % below 250 oC. However, sample H that was 

prepared with large excess of LiOH shows a behavior intermediate between those of 

sample E and samples F and G. All the four samples exhibit nearly similar weight 

loss behavior at T > 300 oC and the weight loss at higher temperatures could be due to 

the loss of both the remaining water or hydroxyl groups and oxygen. 
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ba

nc
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Figure 4.2 FTIR spectra of samples E, F, G, and H in Table 4.1. 

 



 70

From the TGA data and the chemical composition data in Table 4.1, it appears 

that the manganese oxides synthesized in aqueous medium are more prone to water 

adsorption on exposure to the ambient air. We found in the previous chapter that 

oxides synthesized in acetonitrile medium and fired at 250 oC show hardly any weight 

loss below 250 oC in TGA while those synthesized in acetonitrile-water medium 

show significant weight loss below 250 oC even though they had been fired already at 

250 oC and stored in vacuum. It is possible that small amounts of pre-existing water 

or protons in the samples synthesized in aqueous-based media may make the samples 

hygroscopic and more prone to water absorption from air even in a short exposure 

time. 

Sample E has an Li/Mn ratio of 0.47, which is nearly half of that present in the 

starting material LiMnO4, indicating that significant amount of lithium is lost into the 

filtrate during the synthesis process. However, the Li/Mn ratio in the product could be 

increased up to 1.09 by incorporating LiOH into the synthesis medium. The BET 

surface area decreases initially from 100 m2/g to 30 m2 /g on incorporating small 

amount of LiOH into the synthesis medium, but then increases to around 160 m2/g on 

incorporating large amounts of LiOH. The pycnometric density, on the other hand, 

increases slightly on introducing small amount of LiOH (sample F) and then increases 

considerably with large amounts of LiOH in the synthesis medium (samples G and H). 

Generally, the density values are lower than those found for the materials obtained by 

a reduction of permanganate with alcohol (see chapter 3). 
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Figure 4.3 X-ray power diffraction patterns of samples E, F, G and H in Table 

4.1. 

 
Figure 4.2 shows the FTIR spectra of the samples listed in Table 4.1 after firing 

at 250 oC in vacuum. The spectra in Fig. 4.2 were normalized using a method of 

Potter and Rossman.81 The broad absorption band around 3400 cm-1 and the peak near 

1650 cm-1 could be assigned, respectively, to O-H stretching and bending vibrations. 

The absorption intensities of these two modes are roughly proportional to the 

hydrogen content  in the samples (Table 4.1). Although no significant shift of 

absorption frequency is observed with compositional variations, additional peaks at 
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10 nm 

1100 cm-1 and 1450 cm-1 could be noticed for samples with higher Li/Mn ratio 

(sample G and H). The absorption peak at ~1100 cm-1 may correspond to lattice 

protons as has been suggested by Feng et al.88 in the case of 2 x 2 and 2 x 3 tunnel 

structures. 

 

 

 

Figure 4.4 TEM photograph of sample H. 
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Figure 4.3 compares the X-ray diffraction data of the samples listed in Table 4.1 

after firing at 250 oC in vacuum. The broad reflections are indicative of the 

nanocrystalline nature of the samples and they could be indexed on the basis of the 

spinel Li1+xMn2-xO4 or the rock salt- like (Li2MnO3) phases. Although it is difficult to 

distinguish these two phases due to the broad and overlapping reflections, the 

intensity of the reflection at ~37o, which is generally more intense in the case of 

spinel phases and less intense in the case Li2MnO3, suggests that while samples E, F, 

and G are spinel- like, sample H is Li2MnO3-like. This conclusion is also consistent 

with the lithium contents in Table 4.1 for the samples. Figure 4.4 shows the TEM 

photograph of sample H. Well-developed fringe patterns confirm the nanocrystalline 

nature of the samples suggested by X-ray diffraction. The crystallite sizes were found 

to be typically in the range of 1 to 5 nm. 

4.3.2 Electrochemical characterization 

The electrochemical data collected at two current densities (0.1 and 0.5 

mA/cm2) are given in Figs. 4.5 and 4.6 for all the four samples listed in Table 4.1. 

With 0.1 mA/cm2, all the samples show an initial capacity of around 250 – 300 

mAh/g (Fig. 4.5a). Comparison of the chemical analysis data in Table 4.1 reveals that 

sample F containing the highest wt % Mn exhibits the highest initial capacity of 290 

mAh/g. All the samples exhibit a sloping voltage profile, which is characteristic of 

disordered and nanostructured materials, with a plateau around 3 V, which is 
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characteristic of the Li1+xMn2-xO4 spinel phases. Sample H shows the lowest capacity 

in the 3 V plateau region, which is consistent with the X-ray data (Fig. 4.3) and 

Li/Mn ratio (Table 4.1) indicating the lowest fraction of the spinel phase for sample 

H. 

The cyclability data shown in Fig. 4.5b indicates that sample E with the lowest 

lithium content exhibits the largest capacity fade; it loses about 20 % of the capacity 

during the first 10 cycles. The capacity retention improves with increasing lithium 

content and sample H with the highest lithium content shows the best capacity 

retention. The capacity retention decreases in the order D > C > B > A. The observed 

improvement in capacity retention with increasing Li/Mn ratio is consistent with the 

earlier observations with samples obtained by a reduction of permanganate with 

lithium iodide and methanol. It appears that a higher Li/Mn ratio generally makes the 

microstructure more endurable against repeated lithium insertion/extraction.  

Figure 4.5c compares the charge efficiencies. While sample E with the lowest 

lithium content exhibits the poorest charge efficiency, sample H exhibits the best 

charge efficiency. The poor charge efficiency of sample E could also be due to the 

highest amount of water or proton in the sample (Table 4.1) as indicated by chemical 

analysis and TGA data. A significant amount of weakly bound or physisorbed water 

that is removed below 100 oC in TGA could be causing a poor charge efficiency for 

sample E. The presence of protons has, in fact, been reported to accelerate manganese  
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Figure 4.5 (a) First discharge profiles, (b) cyclability, and (c) charge efficiency 
data of samples E, F, G, and H in Table 4.1. Cells were cycled between 
1.5 and 4.0 V at a current density of 0.1 mA/cm2. 
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Figure 4.6 (a) cyclability and (b) charge efficiency data of samples E, F, G, and H 

in Table 4.1. Cells were cycled between 1.5 and 4.0 V at a current 
density of 0.5 mA/cm2. 

 

dissolution into the electrolyte.16,89 However, sample H with a higher proton or water 

content shows better charge efficiency than samples F and G having a lower proton 

content. The difference could be due to the presence of the protons as lattice protons 

in sample H as suggested by the prominent absorption peak at 1100 cm-1 in the FTIR 

spectrum. 
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Figure 4.7 Discharge profiles at selected cycles of (a) sample E and (b) sample H. 

Cells were cycled between 1.5 and 4.0 V at a current density of 0.1 
mA/cm2. 

 

The cyclability data given in Fig. 4.6a at a higher current density are similar to 

that in Fig. 4.5b with sample H exhibiting the best capacity retention. The charge 

efficiency data in Fig. 4.6b are also closely similar to that in Fig. 4.5c. However, the 

overall charge efficiency is slightly better at higher current densities possibly due to 

the lower charging time and the consequent lower chances of side reactions.  
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A closer examination of the cyclability data reveals that the fade is faster during 

the initial stages particularly in the case of sample E. With an aim to understand the 

origin of fading, the discharge profiles recorded at various cycles are compared in 

Fig. 4.7 for samples E and H. In the case of sample E, the polarization loss increases 

significantly and the plateau observed at 3 V during the initial cycles vanishes on 

cycling the sample. On the other hand, no significant changes are observed in the case 

of sample H. Thus the faster capacity fade could be due to the development of 

impedance and the presence of adsorbed water in the case of sample E. 

4.4 CONCLUSIONS 

Nanostructured lithium manganese oxides have been synthesized by reducing 

lithium permanganate with gaseous hydrogen in aqueous solutions. The samples 

exhibit high capacities of 250 - 300 mAh/g with good cyclability, rate capability, and 

charge efficiency. The electrochemical properties are found to be strongly influenced 

by the Li/Mn ratio and residual water or proton contents in the samples. Samples with 

an Li/Mn ratio of around 1 show the best performance. Although the samples exhibit 

a sloping voltage profile over a wide range of voltages (4 - 1.5 V), a moderate 

capacity of around 200 mAh/g could be readily utilized in a narrow voltage range. 

The high capacity with a lower discharge voltage may make these nanostructured 

oxides particularly attractive for lithium polymer batteries. However, care should be 

taken in storing and handling since these materials are prone to water adsorption. 
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Part II 
 
CHEMISTRY OF MANGANESE IN RECHARGEABLE 

ALKALINE BATTERIES 
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CHAPTER 5 

ROLE OF BISMUTH AND FACTORS INFLUENCING THE FORMATION OF 
Mn3O4 IN RECHARGEABLE ALKALINE BATTERIES BASED ON BISMUTH-
CONTAINING MANGANESE OXIDES 

5.1 INTRODUCTION 

High discharge capacity (~600 mAh/g) is an important advantage of the two-

electron process of manganese dioxide cathodes in alkaline electrolytes, in which δ-

MnO2 (birnessite, layered structure) and Mn(OH)2 are the end products of charge and 

discharge respectively. The energy density of this process is comparable to that of 

lithium batteries despite its low operating voltage (~ 0.9 V vs. Zn). 

It has been commonly pointed out that the formation of hausmannite (spinel 

Mn3O4) is one of the major failure mechanisms as Mn3O4 is believed to be 

electrochemically inactive.52,53,57-59,62-66,90 However, the origin of its formation in the 

cells is not clear yet. McBreen53 explained that the crystal structure of manganese 

dioxide is the determining factor, indicating that the electrochemical reduction of β-

MnO2 or δ-MnO2 led to Mn3O4, but that of γ-MnO2 gave Mn(OH)2 instead. It was 

found later that the incorporation of bismuth compounds suppresses the formation of 

Mn3O4.54-56 As described in chapter 1, the promotional and protective roles of 

bismuth have been discussed in the literature. However, most of them are based on 

thermodynamic considerations. For example, Bode et al.63 used the variation of a 
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cathodic peak potential upon the incorporation of bismuth in proposing their Bi-Mn 

complex theory. 

With an objective to determine the role of bismuth more clearly and the factors 

that influence the formation of unwanted Mn3O4, a systematic analysis of the 

products formed during both galvanostatic cycling and linear sweep voltammetry is 

presented here. Particula rly, kinetic and microstructural parameters are controlled and 

the products formed under various conditions are analyzed by slow scan X-ray 

diffraction. 

5.2 EXPERIMENTAL 

A layered manganese dioxide supplied by Carus Chemical Company was 

employed as active material. X-ray diffraction indicated the sample to have the 

layered birnessite structure with low crystallinity. Atomic absorption spectroscopic 

analysis showed the sample to consist of only 39.7 wt% manganese, suggesting the 

presence of plenty of interlayer water. The average oxidation state of manganese in 

the sample was determined to be +3.90 by a redox titration employing oxalate.79 

Bi2O3 was synthesized by dissolving Bi(NO3)3 in a weakly acidic solution (obtained 

by adding several drops of nitric acid to 100 mL of deionized water) and then adding 

ammonium hydroxide until the pH reached 12. The solid formed was filtered, washed 

with deionized water, and fired at 600 oC for 8 h. TIMREX® SFG-15 graphite was 

used as conductive agent in the fabrication of electrodes. 
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Bismuth-containing electrodes were made by mixing 45 wt% manganese 

dioxide, 5 wt% bismuth oxide, 45 wt% graphite, and 5 wt% polytetrafluoroethylene 

(PTFE). Bismuth-free electrodes were made with 50 wt% manganese dioxide, 45 

wt% graphite, and 5 wt% PTFE. The components were mixed in a mortar and pestle 

or in some cases by ball-milling for 15 min in a SPEX CertiPrep Model 8000M 

Mixer/Mill®, and formed into thin-film type electrodes consisting of approximately 5 

mg of active material. The electrochemical performances were evaluated with a 

typical three-electrode system constructed with a Hg/HgO (in 9 M KOH solution) 

reference electrode and a porous nickel counter electrode consisting of Ni(OH)2. A 

nickel mesh current collector was used for cathodes and 9 M KOH aqueous solution 

was used as electrolyte. Galvanostatic experiments and linear sweep voltammetry 

were carried out with an Arbin Model BT2000 battery cycler and a VoltaLab® 

PGZ402 potentiostat respectively. All voltages presented in this chapter are relative to 

the Hg/HgO reference electrode. 

Structural characterizations of the cathode materials before and after the 

electrochemical tests were carried out with X-ray diffraction. In the case of 

discharged/charged cathodes, the electrodes were removed from the cell, washed with 

water, and dried in vacuum at room temperature. The diffractograms were collected 

in the 2θ range of 10 to 70o with a step scan rate of 5 s at each 0.02o step. 
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Figure 5.1 Galvanostatic discharge (C/2) and charge (C/4) profiles of (a) bismuth 
-containing and (b) bismuth-free electrodes. 
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5.3 RESULTS AND DISCUSSION 

5.3.1 Galvanostatic discharge/charge experiments 

The galvanostatic discharge/charge experiments were carried out by discharging 

the cells at a C/2 rate to -1.1 V and charging at a C/4 rate to 0.35 V. The first cycle 

discharge-charge voltage profiles of the bismuth-containing and bismuth-free 

electrodes are compared in Fig. 5.1. The X-ray diffraction patterns of the electrodes 

before and after the discharge-charge processes are given in Figs. 5.2 and 5.3. The 

bismuth-containing sample (Fig. 5.1a) shows slightly higher discharge capacity than 

the bismuth-free sample (Fig. 5.1b), but the difference is not significant. The 

observed difference could be due to the reduction of bismuth oxide to metallic 

bismuth in the former. The differences seen in the discharge profile below -0.6 V are 

also due to the reduction of bismuth oxide. The degree of active material utilization is 

quite high for both the electrodes. Even the Bi- free electrode shows capacity 

corresponding to more than 1.5 electrons per Mn. 

Despite the close similarities in the discharge profiles, the two samples show 

significant differences in the charge profiles. The bismuth-containing sample shows a 

three-step charging behavior (-0.4, -0.2, and +0.2 V). The first one at -0.4 V appears 

to be due to the oxidation of bismuth, while the other two correspond to the oxidation 

of manganese oxide.63 The recharge capacity of the bismuth-containing sample is 

slightly higher than the discharge capacity, which could be due to (i) the initial 
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manganese oxidation state of less than +4 as mentioned in the experimental section 

and (ii) some possible overcharge resulting from the oxidation of water. In contrast, 

the recharge capacity of the bismuth-free sample is much lower than the discharge 

capacity. The charge capacity corresponds to only 0.75 electrons per Mn and there is 

no clear evidence of a two-phase reaction. 

The X-ray diffraction data shown in Figs. 5.2 and 5.3 are consistent with the 

voltage profiles in Fig. 5.1. For the fully discharged electrodes (Figs. 5.2b and 5.3b), 

Mn(OH)2 appears to be the major product regardless of the presence of bismuth as 

one would expect from the high discharge capacity observed for both the electrodes. 

Also, weak reflections corresponding to Mn3O4 can be noticed in the case of both the 

electrodes, but the amount of Mn3O4 is slightly less in the case of bismuth-containing 

electrode suggesting that the presence of bismuth helps to suppress the formation of 

Mn3O4. The formation of Mn3O4 is in agreement with the previous results of our 

group,66 but is in contrast to the single phase Mn(OH)2 reported by Donne et al.62 in 

the presence of bismuth. The difference could be due to the differences in mixing 

with graphite (see later). 

It has been suggested in the literature that Mn3O4 could be formed by an 

oxidation of the discharge product Mn(OH)2 on exposure to air rather than during the 

discharge process.60,61 In order to clarify this issue, we investigated by X-ray 

diffraction the oxidation product of Mn(OH)2 in air. We found that the oxidation 
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product is β-MnOOH and not Mn3O4 even after exposing Mn(OH)2 to air for an 

extended period of time (2 months) either at room temperature or at elevated 

temperatures (60 oC). These experiments demonstrate that the formation of Mn3O4 

occurs during the discharge-charge process rather than due to air-oxidation. 

As expected from the differences in the voltage profiles of bismuth-containing 

and bismuth-free electrodes, the phases formed after recharge are completely 

different for the two electrodes (Figs. 5.2c and 5.3c). While well-developed 

crystalline birnessite MnO2 is formed in the case of bismuth-containing electrode 

(Fig. 5.2c), only very weak broad reflections corresponding to birnessite MnO2, β-

MnOOH, and Mn3O4 are observed in the case of bismuth-free electrode (Fig. 5.3c), 

suggesting the presence of some amorphous or poorly crystalline phases in the latter 

case. The results clearly demonstrate that the presence of bismuth helps the formation 

of birnessite with an incorporation of K+ ions from the electrolyte into the manganese 

oxide lattice,66 and the realization of a large reversible capacity. Additionally, the 

vanishing of Mn3O4 on going from Fig. 5.2b to 5.2c indicates that the presence of 

bismuth renders rechargeability to any Mn3O4 that was formed during the discharge 

process, which is in accordance with the previously reported data from our group on a 

physical mixture consisting of Mn3O4 and Bi2O3.66 
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Figure 5.2 X-ray diffraction patterns of bismuth-containing electrodes before 

and after galvanostatic experiments: (a) fresh electrode, (b) 
discharged electrode (-1.1 V), (c) subsequently charged electrode (0.35 
V), and (d) charged electrode (0.35 V) without prior discharge. 
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Figure 5.3 X-ray diffraction patterns of bismuth-free electrodes before and after 

galvanostatic experiments: (a) fresh electrode, (b) discharged 
electrode (-1.1 V), (c) subsequently charged electrode (0.35 V), and (d) 
charged electrode (0.35 V) without prior discharge. 
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Another interesting observation is found on charging the electrodes without 

prior discharge (Figs. 5.2d and 5.3d). Since the average oxidation state of manganese 

in the original material is +3.90 (close to +4), only a very small amount of charging 

was possible. Nevertheless, a small, but sharp reflection corresponding to birnessite 

can be noticed in the case of bismuth-containing electrode (Fig. 5.2d), while no 

significant change is found in the case of bismuth-free electrode (Fig. 5.3d). The 

difference between Figs. 5.2d and 5.3d again demonstrates that the presence of 

bismuth helps the formation of a well-crystallized birnessite phase. 

Returning to the debate about the promotional versus preventive role of bismuth 

as discussed in the introduction section, a comparison of the data in Figs. 5.2d and 

5.3d clearly supports the former. In other words, bismuth promotes the birnessite 

formation reaction independent of the prevention of Mn3O4 formation. Nonetheless, 

we also noticed earlier that the presence of bismuth reduces the amount of Mn3O4 at 

lower voltages (Figs. 5.2b, 5.2c, 5.3b and 5.3d). From these results, we can consider 

two possibilities. The first possibility is that bismuth not only promotes birnessite 

formation, but also prevents the crystallization of Mn3O4. The second possibility is 

that bismuth does not prevent the formation of Mn3O4, but it appears to do so because 

it catalyzes the formation of birnessite or Mn(OH)2 and, thereby diminishes the 

chance of formation of Mn3O4. 
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Figure 5.4 A linear sweep voltammogram of a bimuth-containing electrode. 
Voltage was swept cathodically from open-circuit potential to -1.1 V 
at a scan rate of 0.2 mV/s. 

 

5.3.2 Linear sweep voltammetry combined with X-ray diffraction 

The linear voltage sweep method can provide more information about the 

kinetic effect compared to the galvanostatic method. In the galvanostatic mode, the 

system would spend more time in the voltage regions where electrochemical 

oxidation or reduction occurs. In contrast, the time spent by the system would be 

more evenly distributed through out the entire voltage region in the linear voltage 
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sweep method. For example, if an electrochemical process consists of two steps, the 

intermediate produced from the first step would undergo the reaction aft er the first 

step is finished in the case of galvanostatic mode. On the other hand, in the case of a 

linear voltage sweep method, the intermediate will not undergo  an electrochemical 

reaction while the voltage is being swept between the two potentials representing 

each step. We have investigated the reduction reaction of bismuth-containing 

manganese dioxide with linear sweep voltammetry with an aim to find out if a 

deliberate change in kinetics can affect the formation of Mn3O4. 

Figure 5.4 shows the voltammogram of the bismuth-containing electrode in 

which voltage was scanned from open-circuit potential (~ 0 V) to -1.1 V at a scan rate 

of 0.2 mV/s. A couple of broad peaks are observed above -0.6 V and a sharper 

cathodic peak is located between -0.6 and -0.8 V. The broadness of the peak suggests 

that the reduction processes are non-Nernstian. The exponential increase of current 

below -1.0 V could be due to the decomposition of water. 

To develop a better understanding of each process, a series of linear sweep 

experiments were carried out by terminating the sweep at various voltages (-0.6, -0.8, 

and -1.1 V) indicated by arrows in Fig. 5.4 and the product obtained at each voltage 

level was examined by X-ray diffraction after washing and drying the product in 

vacuum. The X-ray diffraction patterns of the products obtained at various voltages 

are shown in Fig. 5.5. When the potential reaches -0.6 V (Fig. 5.5b), the reflection 
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corresponding to birnessite at around 2θ ≈ 12o, though very weak initially in Fig. 

5.5a, vanishes completely and a sharp reflection corresponding to Mn(OH)2 appears. 

Also, bismuth oxide does not appear to be reduced yet. As the electrode goes through 

a sharp voltammetric peak and the voltage reaches -0.8 V, the reflections 

corresponding to Mn(OH)2 become more prominent and metallic bismuth instead of 

bismuth oxide could be seen (Fig. 5.5c). Also, the reflections corresponding to Mn3O4 

become more pronounced. Although the reflections corresponding to Mn3O4 are still 

weak, it can be recognized that they are slightly more intense compared to that 

observed in the case of the product obtained by a galvanostatic discharge of the 

bismuth-containing electrode (Fig. 5.2b). Further reduction down to -1.1 V does not 

cause much change excepting a slight increase in the intensity of the Mn(OH)2 

reflections (Fig. 5.5d). 

In order to see the influence of scan rate, further experiments were carried out 

with various sweep rates for the bismuth-containing electrodes. Since we found from 

the previous experiment in Fig. 5.5 that Mn3O4 has already formed at -0.8 V, the 

experiments with different sweep rates were carried out down to a fixed end potential 

of -0.8 V. Figure 5.6 shows the X-ray diffraction patterns of the products obtained at -

0.8 V for various sweep rates. While the reflections corresponding to Mn3O4 are 

negligible after a sweep rate of 0.5 mV/s, they are conspicuous for 0.01 mV/s. 
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Figure 5.5 X-ray diffraction patterns of bismuth-containing electrodes that were 

collected at various voltages (points marked with a, b, c, and d in Fig. 
5.4) during a linear sweep voltammetry with 0.2 mV/s: (a) fresh 
electrode (point a in Fig. 5.4), (b) at -0.6 V (point b in Fig. 5.4), (c) at -
0.8 V (point c in Fig. 5.4), and (d) at -1.1 V (point d in Fig. 5.4). 
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Figure 5.6 X-ray diffraction patterns of bismuth-containing electrodes that were 

cathodically scanned to -0.8 V at various sweep rates: (a) 0.5 mV/s, (b) 
0.2 mV/s, and (c) 0.01 mV/s. 
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The linear sweep voltammetry results indicate at least the following three 

points. First, bismuth is not completely able to prevent the formation of Mn3O4. 

However, this could be due to the poor mixing of bismuth oxide with the manganese 

oxide in the electrode, which will be discussed later. Second, the amount of Mn3O4 is 

governed by the residual time of Mn(III) intermediates since slower sweep rate 

(discharge rate) gives more Mn3O4. It suggests that Mn3O4 could be formed through a 

chemical reaction between intermediates rather than a direct reduction from 

manganese dioxide. Third, once Mn3O4 is formed, it is difficult to reduce it even after 

the potential reaches -1.1 V (Fig. 5.5d) although it is known that it can be reduced to 

Mn(OH)2.52,66 The difference could be due to the location of Mn3O4 away from the 

conduction path provided by the graphite network (see later). Thus it may be 

concluded that some intermediates diffuse from the place of their formation and meet 

other intermediates to form Mn3O4. This is in agreement with the proposal of Yu64 

that Mn3O4 is formed through a polymerization reaction between dissolved 

[Mn(OH)6]3- and [Mn(OH)6]4-. 

5.3.3 Role of electrode microstructure 

If Mn3O4 is formed by a chemical reaction between dissolved Mn(II) and 

Mn(III) complexes, we can anticipate that its formation can be suppressed by 

shortening the distance between the conductive paths. In other words, a denser 

network of conduction pathways could reduce the chance of Mn3O4 formation. Even 
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if Mn3O4 is formed, it could be reduced to Mn(OH)2 if it is in contact with the 

conduction path. With an aim to provide a better conduction network, we decided to 

utilize ball milling for the production of electrodes. 

Initially, only graphite was ball-milled and then mixed with other components 

including bismuth oxide in a mortar and pestle. This procedure does not affect the 

degree of mixing of bismuth oxide significantly, but it would shorten the average 

distance between the carbon particles. In addition, the surface area of carbon is 

expected to be increased to offer better kinetics for the formation of Mn(OH)2 or 

birnessite since both the charging and discharging involve dissolution-precipitation 

processes.57-61 In another experiment, graphite and a mixture of manganese oxide and 

bismuth oxide were ball-milled together before mixing with PTFE. This procedure is 

anticipated to breakdown the large agglomerates of the manganese oxide and provide 

an intimate mixing and better distribution of the conduction path (graphite) with the 

manganese oxide. In fact, a scanning electron microscopy photograph showed that 

ball milling has reduced the grain size of manganese oxide from ~10 µm to < 1 µm. 

The electrodes were then subjected to linear sweep voltammetry at a sweep rate of 

0.01 mV/s down to -0.8 V similar to that for the sample in Fig. 5.6c. The X-ray 

diffraction patterns of the products obtained after the sweep are shown in Figs. 5.7b 

and 5.7c along with the X-ray diffraction pattern for a product obtained from an 

electrode without any ball milling (Fig. 5.7a).  
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Figure 5.7 X-ray diffraction patterns of bismuth-containing electrodes that were 

cathodically scanned to -0.8 V at 0.01 mV/s. Electrodes were made by 
(a) simply mixing graphite, manganese oxide, bismuth oxide, and 
PTFE in a mortar and pestle without any ball milling, (b) ball milling 
graphite, followed by mixing the ball-milled graphite with manganese 
oxide, bismuth oxide, and PTFE in a mortar and pestle, and (c) ball 
milling graphite, manganese oxide, and bismuth oxide, followed by 
mixing the ball-milled composite with PTFE in a mortar and pestle. 
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Figure 5.8 X-ray diffraction patterns of bismuth-free electrodes that were 

cathodically scanned to -0.8 V at 0.01 mV/s. Electrodes were made by 
(a) simply mixing graphite, manganese oxide, and PTFE in a mortar 
and pestle without any ball milling, (b) ball milling graphite, followed 
by mixing the ball-milled graphite with manganese oxide, and PTFE 
in a mortar and pestle, and (c) ball milling graphite and manganese 
oxide, followed by mixing the ball-milled composite with PTFE in a 
mortar and pestle. 
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The data show that the amount of Mn3O4 decreases significantly on ball milling 

the graphite (Fig. 5.7b). More importantly, Mn3O4 is completely eliminated on ball 

milling both graphite and the manganese oxide together (Fig. 5.7c). The experiments 

clearly demonstrate that an intimate contact of the manganese oxide particles with the  

conduction path (graphite) is effective in suppressing the formation of Mn3O4. 

Furthermore, the data question the possibility of the preventive role of bismuth since 

Mn3O4 formation is retarded even without enhanced mixing (without ball milling) 

with bismuth oxide (Fig. 5.7b). It thus appears that the microstructure of carbon is 

more important than mixing with Bi2O3 with respect to the suppression of the 

formation of Mn3O4. 

Similar sweep voltammetry experiments with a scan rate of 0.01 mV/s were 

also conducted with bismuth-free electrodes with and without ball milling. The X-ray 

diffraction patterns of the products obtained after sweeping down to -0.8 V are shown 

in Fig. 5.8. A comparison of Fig. 5.8a and Fig. 5.7a indicates that the presence of 

bismuth suppresses the formation of Mn3O4 even without ball milling. Bismuth 

appears to be somewhat effective in preventing the formation of Mn3O4 as we have 

seen earlier in galvanostatic discharge experiments (Figs. 5.2b and 5.3b). However, as 

evident from Figs. 5.8b and 5.8c, which involved, respectively, the ball milling of 

graphite alone and graphite and manganese oxide together, a shortening of the 

average distance between the carbon particles and/or an intimate mixing and better 

distribution of the conduction path (graphite) with the manganese oxide are still very 
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effective in suppressing the Mn3O4 formation even in the absence of bismuth. It is 

interesting to see that no Mn3O4 phase could be detected on ball milling graphite and 

manganese oxide even in the absence of bismuth (Fig. 5.8c). 

Although bismuth undoubtedly helps to suppress the formation of Mn3O4, the 

electrode kinetics appears to be more influential than the presence of bismuth. If 

Mn(III) intermediates are present and a reduction potential is applied, the 

electrochemical reduction forming Mn(OH)2 and the chemical reaction forming 

Mn3O4 will compete with each other. As we pointed out earlier from the shape of the 

voltammogram, the electrochemical reactions here are very slow (non-Nernstian), and 

therefore some overpotential may exist. The observation that faster discharge results 

in less Mn3O4 can be understood as follows. An earlier escape from the overpotential 

region can accelerate the reduction reaction without allowing enough time for the 

other chemical reaction to give Mn3O4. In a similar way, if bismuth catalyzes the 

formation of Mn(OH)2, then it can also help to retard the formation of Mn3O4. 

According to the Bi-Mn complex theory,63 the complexation might have lowered the 

overpotential for Mn(III) to Mn(II) reaction. Although we do not have direct evidence 

to understand the exact role of bismuth, it appears that bismuth promotes the 

formation of Mn(OH)2 during reduction and facilitates the formation of birnessite 

during oxidation.  
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5.4 CONCLUSIONS 

The factors that influence the formation of Mn3O4 during the two-electron 

reduction-oxidation process of a layered birnessite MnO2 in the presence and absence 

of bismuth oxide have been investigated systematically. The formation of Mn3O4 is 

found to be controlled by both the reaction kinetics and the microstructure of the 

electrode. The amount of Mn3O4 decreases with increasing scan rate during linear 

sweep voltammetry (faster discharge/charge rate) and a better distribution of the 

conductive network (graphite) by ball milling. The results suggest that Mn3O4 is 

formed by a chemical reaction between dissolved Mn(II) and Mn(III) complexes in 

the electrolyte as proposed by Yu64 and not by a direct electrochemical reaction. 

The presence of bismuth is found to promote the formation of birnessite during 

re-charge and to suppress slightly the formation of Mn3O4 during discharge. 

However, the discharge/charge rate and the microstructure of the electrode are more 

important factors in controlling the formation of Mn3O4 than the presence of bismuth. 

Bismuth appears to catalyze the reduction of Mn(III) intermediates to Mn(OH)2 and 

thereby decreases the amount of Mn3O4 slightly rather than directly preventing the 

formation of Mn3O4. 
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CHAPTER 6 

MANGANESE(III) CHEMISTRY IN KOH SOLUTIONS IN THE PRESENCE 
OF Bi- OR Ba-CONTAINING COMPOUNDS AND ITS IMPLICATIONS ON 
THE RECHARGEABILITY OF γ-MnO2 IN ALKALINE CELLS 

6.1 INTRODUCTION 

As mentioned in the previous chapters, bismuth enhances the reversibility of the 

two-electron process. During the investigation of the role of bismuth on the 

discharge/charge process of γ-MnO2, bismuth was found to be also beneficial to the 

one-electron process. Especially, bismuth appears to suppress the secondary fading as 

BaSO4 does. Another finding is that the chemical stability of manganese oxides in the 

discharge state plays a critical role in rendering rechargeability. 

With an aim to develop a better understanding of the role of bismuth or barium, 

a number of designed chemical reactions have been carried out and the results are 

presented in this chapter. Chemical methods are often used to simulate the 

electrochemical reactions not only in the study of γ-MnO2,78,91-93 but also in cases 

involving nonaqueous systems.94,95 Although chemical reactions cannot be identical 

to their electrochemical counterparts, they usually allow easier and more detailed 

characterization of the materials. As a model system to investigate the chemistry of 

Mn(III) compounds in strong alkaline environment, a series of oxidation reactions of 

Mn(OH)2 with hydrogen peroxide (H2O2) are carried out in the presence and absence 
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of barium and bismuth compounds. After a certain amount of reaction time, the solid 

and liquid phases in the reaction mixture are separated and characterized. In order to 

supplement the results of oxidation reactions, we also carry out an additional series of 

non-redox type reactions involving the dissolution of manganese(III) acetate in KOH 

and an analysis of the chronic variation of solid phases and Mn concentration in 

solution. Based on the experimental results, the role of bismuth or barium on the 

rechargeability of γ-MnO2 in the one-electron process is discussed. 

6.2 EXPERIMENTAL 

Electrolytic manganese dioxide (EMD) was supplied from Chemetals, Inc. 

Manganese(II) acetate tetrahydrate (99 %, Acros Organic) and manganese(III) acetate 

dihydrate (Alfa Aesar) were used as received. Bi2O3 was synthesized as described in 

chapter 5. 

AA cells were fabricated and provided by Battery Technologies, Inc., Canada. 

The layout of the cell is similar to the description elsewhere68 and drawings therein. A 

cylindrical cathode was positioned in the outer part of a stainless steel container 

having a gelled Zn anode72,96 in the core. Typically 88 wt % EMD (γ-MnO2), 7.5 

wt % graphite, and 4.5 wt % KOH solution (9 M) were blended and pressed into a 

cathode pellet. The actual wt % of EMD in the dry cathode would be slightly higher 

after the removal of water. In case of cathodes having Bi- and Ba-containing additives, 

the amounts of EMD and graphite were decreased accordingly. For cycle life tests, 
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AA cells were discharged into a 3.9 Ω load until the voltage reached 0.9 V and 

recharged at 1.72 V for 12 h. Cycled cells were disassembled, the cathodes were 

thoroughly washed with deionized water, and dried overnight under vacuum at room 

temperature to prevent any possible aerial oxidation of the manganese oxides. The 

dried cathodes were then ground and analyzed by X-ray diffraction. 

Long-term storage stability of discharged cathodes was evaluated with cells 

fabricated with thin-film type electrodes. The thin-film type electrodes were prepared 

by mixing EMD (75 wt %), graphite (20 wt %), and polytetrafluoroethylene (PTFE) 

binder in a mortar and pestle, followed by rolling into thin sheets. In the case of Bi-  

and Ba-containing cathodes, 10 % of EMD (7.5 wt % of the overall cathode) was 

replaced with a bismuth-modified manganese dioxide (BMD),66 BaSO4 or Ba(OH)2; 

the BMD consisted of 28 wt% manganese oxide and 72 wt% Bi2O3. A three-electrode 

system was constructed with the cathode thus fabricated on a nickel-mesh current 

collector, a NiOOH/Ni(OH)2 counter electrode, a Hg/HgO reference electrode, and a 

9 M KOH electrolyte. After discharging to -0.4 V vs. Hg/HgO reference electrode at 

C/2 rate, the working electrodes were removed from the cell, but still being attached 

to a nonwoven paper separator, transferred without washing into a sealable bag, and 

stored for 7 days in contact with the electrolyte. The electrodes were then separated, 

washed with deionized water, dried in vacuum at room temperature, and analyzed by 

X-ray diffraction. 
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The oxidation reactions of Mn(OH)2 with H2O2 were carried out as described 

below. 1.225 g of manganese(II) acetate tetrahydrate was dissolved in 70 mL of 

deionized water. In the case of Bi- and Ba-containing additives, 0.060 g of BaSO4 or 

Bi2O3 was dispersed into the manganese acetate solution thus prepared. The Mn(OH)2 

suspens ion in 7 M KOH solution was generated in situ by adding appropriate amount 

of KOH pellets to the above solution. It took less than 15 s to achieve the complete 

dissolution of KOH. Finally, 0.283 g of a 30 wt % H2O2 solution was added and the 

whole mixture was agitated on a magnetic stirrer. While the same kind of reaction can 

be used to produce birnessite,97 the amount of H2O2 was set to make the final average 

oxidation state of Mn to be +3 in this case. After a specific length of time, the solid 

was filtered, washed thoroughly, dried, and analyzed by X-ray diffraction. The 

oxidation state and amount of Mn in the solid was analyzed with a redox titration 

employing oxalate and atomic absorption spectroscopy (AAS), respectively. The 

amount of Mn in the filtrate was also determined by AAS after appropriate dilutions 

and carrying out the measurement within 30 min of filtration to suppress any error 

arising from further precipitation. 

The experiments involving non-redox type reactions were carried out in a 

similar way. 0.200 g of manganese(III) acetate dihydrate and, where needed, 0.015 g 

of Bi2O3 or BaSO4 were dissolved/dispersed in 70 mL of water. KOH was then added 

to make the solution to have a net concentration of 7 M KOH. After a specific length 

of time, the solid and filtrate were separated and analyzed. 
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Figure 6.1 Cycle life data of AA cells containing type I, type II, and type III 

cathodes, whose compositions are described in the text. 

 

6.3 RESULTS AND DISCUSSION 

6.3.1 X-ray diffraction analysis of AA cell electrodes 

Three types of cathode were prepared for cycle life test with the AA cells. The 

first type consists of only EMD and other conventional constituents such as graphite, 

and is designated as type I cathodes. The second type consists of EMD and 5 wt % 
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BaSO4 in addition to the conventional additives, and is designated as type II cathodes. 

The third type consists of EMD, 5 wt % BaSO4, and 4.5 wt% bismuth-modified 

manganese dioxide (BMD)66 in addition to the conventional additives, and is 

designated as type III cathodes; as mentioned earlier, the BMD consists of 28 wt% 

manganese oxide and 72 wt% Bi2O3. 
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Figure 6.2 X-ray diffraction patterns of (a) type I, (b) type II, and (c) type III 

cathodes in discharged state after cycling as in Fig. 6.1. The reflections 
marked with ∗ , +, ∆ , #, Ο refer, respectively, to hausmannite, 
birnessite, graphite, BMD, and the discharged form of γ-MnO2. 
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Figure 6.1 shows the cyclability data of the AA cells containing the three 

different types of cathodes. In accordance with the literature,70,72 a sharp decrease in 

capacity is observed after the first discharge/charge cycle, and a gradual capacity fade 

continues after that. The incorporation of BaSO4 into the cathode (type II) leads to an 

improvement in rechargeability as pointed out by Kordesch et al.70 Surprisingly, even 

better rechargeability is achieved with the type III cathode containing both Bi2O3 and 

BaSO4.  

After the completion of the cycle life tests (Fig. 6.1), the cathode material of 

each cell was collected in discharged state and analyzed with X-ray diffraction. As 

seen in Fig. 6.2, birnessite (δ-MnO2) and spinel (Mn3O4 or ZnMn2O4) phases could be 

identified in type I cathode, which does not have Ba- and/or Bi-containing additives. 

Spinel phases are known to be electrochemically inactive in alkaline electrolyte52 

unless the electrode potential is lowered below the practical operating range of γ-

MnO2 electrode (< - 0.4 V vs. Hg/HgO).66 Birnessite phase is also inactive in that 

potential range although it is actually the active material of the two-electron process. 

Since the discharge voltage of birnessite is ~ 0.4 V vs. Hg/HgO, it cannot contribute 

to the capacity of one-electron process. In other words, the birnessite or spinel phase, 

once formed, would not participate in the one-electron discharge/charge process any 

more. Based on this, the data in Fig. 6.2a suggest that the formation of birnessite 

and/or spinel phases could be at least partly responsible for the capacity fade. 
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Figure 6.3 X-ray diffraction patterns of thin-film cathodes composed of (a) 

EMD, (b) EMD + BMD, (c) EMD + BaSO4, and (d) EMD + Ba(OH)2 
along with other conventional constituents after discharging to –0.4 V 
vs. Hg/HgO reference electrode and subsequently storing in contact 
with 9 M KOH in a sealed bag. The reflections marked with + , ∆ , #, Ο , 
and •  refer, respectively, to birnessite, graphite, BMD, γ-MnO2, and 
polytetrafluoroethylene. 

 

Interestingly, the amounts of both the birnessite and spinel phases have been 

suppressed with the incorporation of BaSO4 (type II cathode) as seen in Fig. 6.2b. In 

Fig. 6.2b, no spinel reflections are seen and those of birnessite are weaker than that in 
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type I cathode, indicating that BaSO4 inhibits the formation of such inactive phases. 

More importantly, no reflections of both spinel and birnessite could be seen in the 

type III cathode (Fig. 6.2c) that contains both BaSO4 and Bi2O3. The results suggest 

that the better cyclability found for the type II and III cathodes in Fig. 6.1 could be 

due to the suppression of the electrochemically inactive phases, achieved by the 

incorporation of Ba- and/or Bi-containing additives into the cathode. However, some 

capacity fade still exists in type III cathode even though no inactive phase formation 

is seen in Fig. 6.2c, suggesting that some additional factors could be contributing as 

well to the fade. 

6.3.2 Phase analysis of stored, discharged thin-film type electrodes 

Although it is clear that inactive phases tend to be formed during cycling, the 

mechanism of their formation is not fully understood. Two possible causes could be 

envisioned for their formation. First, the large polarization encountered with the 

relatively thick electrodes of the AA cells70 may lead to an inhomogeneity in 

discharge. Any over-discharge that occurs would result in the formation of some 

manganese(II) compounds, which could be reoxidized to birnessite during charge as 

in the two-electron process or could form hausmannite by a reaction with the 

available manganese(III) compounds.52,66 Second, the discharge product of EMD, δ-

MnOOH, itself could be unstable in strong alkaline solutions, causing a dissolution of 

Mn3+ ions. The dissolved Mn3+ or [Mn(OH)6]3+ can readily transform into Mn(II) and 
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Mn(IV) compounds through a disproportionation reaction.11,63,64 This mechanism is 

supported by some literature, proposing that the capacity retention is inversely 

proportional to Mn3+ solubility; the solubility of Mn3+ is higher in stronger alkaline 

solutions57-59,73 while the rechargeability of γ-MnO2 is better in more dilute 

electrolytes such as 1 M KOH.69 In order to identify which mechanism is dominant, 

we carried out long-term storage tests with the discharged thin-film cathodes. The use 

of thin-film cathode was intended to minimize inhomogeneity in discharge and 

provide a better phase uniformity throughout the whole electrode. 

The electrodes collected at the end of first discharge (-0.4 V vs. Hg/HgO) were 

stored for 7 days in contact with 9 M KOH electrolyte (section 6.2 for details). Since 

the average oxidation state of Mn in the EMD sample was determined to be +3.91 and 

the discharge capacity was equivalent to about 0.8 electrons per manganese regardless 

of the use of additives, the manganese valence at the end of discharge is expected to 

be about +3.1. Figure 6.3 compares the X-ray diffraction patterns of the various 

cathodes after first discharge and subsequent storage for 7 days. While no spinel 

reflections are found in any of the diffraction patterns, a reflection at ~ 12o 

corresponding to birnessite is recognized only when no Bi- or Ba-containing additive 

is present (Fig. 6.3a). The formation of birnessite in Fig. 6.3a implies the dissolution 

of Mn3+ ions since birnessite is believed to be formed through a solution path;57-59 

Mn3+ ions in solution can be reoxidized or disproportionated to form birnessite. This 

result is in consistent with a report by Holton et al.91 that the birnessite is generated 
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when γ-MnO2 is partially reduced with a chemical reducing agent and kept in a strong 

KOH solution for 2 days even if the average oxidation state of manganese is as high 

as +3.84. They also suggested that the Mn(III) species, which are in a dynamic 

equilibrium with γ-MnO2 solid solution, are intermediates en route to birnessite. 

Additionally, it was claimed that a decrease in the oxidation state of manganese 

results in an increase in the solubility of Mn3+ ions, facilitating the formation of 

birnessite. Consequently, it can be concluded that the formation of birnessite is 

initiated by the release of Mn3+ ions from the reduced form of γ-MnO2, which could 

be to a large extent due to its instability. 

However, no birnessite phase could be detected if Ba- or Bi-containing 

compounds are incorporated into the cathode, suggesting that they either prevent the 

dissolution of Mn3+ ions or block the subsequent reactions of Mn3+ ions. Furthermore, 

similar results are obtained when Ba(OH)2 instead of BaSO4 is used (Fig. 6.3d), 

suggesting that it is the Ba2+ ions that take part in the reaction mechanism. Also, the 

chemistry of dissolved species appears to be more important than the crystal structure 

or other solid-state properties of the additives. 

6.3.3 Chemical oxidation of Mn(OH)2 with H2O2 

It is clear from the results of the previous sections that the chemical stability of 

the reduced manganese oxides plays a critical role on the rechargeability. With an aim 
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to develop a better understanding of the degradation mechanism of reduced γ-MnO2 

and the role of barium and bismuth on the rechargeability, we decided to investigate 

the chemistry of trivalent manganese species in strong KOH solutions (7 M) with two 

kinds of chemical reactions. One is an oxidation reaction of Mn(OH)2 with H2O2 and 

the other is a non-redox reaction starting from manganese(III) acetate. The average 

manganese oxidation state was controlled to be +3 in either case. 

As soon as the H2O2 solution was added to a suspension of Mn(OH)2, the color 

of the reaction mixture changed from white to dark brown. In some cases, the color of 

the filtrate was also brown indicating the existence of Mn3+ ions.57-59 The solid 

products obtained after various durations of reaction in the presence and absence of 

various additives were analyzed by X-ray diffraction and the data are given in Figs. 

6.4-6.6. In the absence of additives, hausmannite and birnessite phases form nearly 

immediately (Fig. 6.4). No significant changes in the X-ray patterns could be 

observed up to 24 h excepting a gradual growth of the birnessite reflections indicating 

aging.49,97 Thermodynamically, hausmannite and birnessite appear to be the most 

stable phases in aqueous KOH media, and kinetically, their formation rate appears to 

be very fast. It is interesting to observe the conspicuous reflections of hausmannite 

here as the result of a controlled degree of oxidation since only birnessite is known to 

be produced when excess amount of H2O2 is added.49 It might have formed through a 

solution reaction between Mn(II) and Mn(III) complexes as suggested previously.63,64 
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Figure 6.4 X-ray diffraction patterns of the products obtained by oxidizing 
Mn(OH)2 with H2O2 in 7 M KOH solution without any additives for 
(a) 5 min, (b) 10 min, (c) 30 min, (d) 60 min, and (e) 24 h. The 
reflections marked with ∗  and +  refer, respectively, to hausmannite 
and birnessite. 
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Figure 6.5 X-ray diffraction patterns of the products obtained by oxidizing 
Mn(OH)2 with H2O2 in 7 M KOH solution in presence of 5 wt% Bi2O3 
for (a) 5 min, (b) 10 min, (c) 30 min, (d) 60 min, and (e) 24 h. The 
reflections marked with ♦, + , and # refer, respectively to Mn(OH)2 or 
β-MnOOH, birnessite, and Bi2O3. 
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Figure 6.6 X-ray diffraction patterns of the products obtained by oxidizing 
Mn(OH)2 with H2O2 in 7 M KOH solution in presence of 5 wt% 
BaSO4 for (a) 5 min, (b) 10 min, (c) 30 min, (d) 60 min, and (e) 24 h. 
The reflections marked with ♦, + , and ∗  refer, respectively to 
Mn(OH)2 or β -MnOOH, birnessite, and hausmannite. 
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Addition of a small amount of Bi2O3 to the manganese acetate solution prior to 

the oxidation reaction produces totally different X-ray patterns (Fig. 6.5). The broad 

reflection observed around 19o might be due to an overlap of the reflections of 

Mn(OH)2 and β-MnOOH. Since those two phases are isostructural, the oxidation 

reaction can be considered to progress via a solid-state route. This is similar to the 

electrochemical oxidation of Mn(OH)2 in the two-electron process, in which β-

MnOOH is a transitional oxidation product. No clear reflections corresponding to 

birnessite or hausmannite are observed up to 60 min (Figs. 6.5a-d). However, 

Mn(OH)2 or β-MnOOH is consumed to generate birnessite after 24 h as seen in Fig. 

6.5e. Although similar results are found with the addition of BaSO4 instead of Bi2O3, 

the birnessite phase appears earlier in the case of BaSO4 and also the formation of 

hausmannite is noticed at later stages of the reaction (Fig. 6.6). Based on these results, 

it can be concluded that bismuth or barium tends to block a solution reaction path 

generating hausmannite, and bismuth is more effective than barium for the same 

amount of additive. 

Figure 6.7 shows the variations of the average oxidation state of manganese in 

the solid products with reaction time. The oxidation state is above the target value of 

+3 in all cases. It is possible that there could be some interference of the acetate ions 

in the titration, but the value of above +3.4 obtained in presence of bismuth is too 

high to be due to only such experimental errors. It would be reasonable to regard the 
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valence of the dissolved manganese species to be less than +3 to compensate for the 

higher oxidation state in the solid products. In the absence of additives, the oxidation 

state in the solid remains almost constant independent of the reaction time. In contrast, 

the oxidation state increases with reaction time in the presence of bismuth or barium. 

The increase in oxidation state with time could be due to the aerial oxidation of 

Mn(OH)2 and β-MnOOH; it has been reported that birnessite can be formed by 

bubbling oxygen into an alkaline solution containing Mn(OH)2.98 The constancy of 

the oxidation state with time in the absence of barium or bismuth could be due to the 

formation of stable phases such as hausmannite and birnessite in the early stages of 

the reaction, leaving little or no material for oxidation by air. 

The higher oxidation state found with the use of BaSO4 or Bi2O3 also suggests 

that the solid products contain one or more forms of manganese(IV) oxide despite the 

absence of reflections corresponding to them in the X-ray patterns. Accordingly, 

barium or bismuth appears to hamper the formation of good crystalline Mn(IV) 

oxides rather than to completely block the reaction leading to Mn(IV) oxides. The  

formation of Bi-Mn complexes proposed in the literature could be a plausible 

explanation for this; the Bi-Mn complexes formed may delay the construction of a 

layered structure consisting of edge-shared MnO6 octahedra as they inhibit the 

formation of hausmannite.63,64 Although birnessite with better crystallinity is formed 

in the presence of bismuth in the case of two-electron process,66 which is a 

heterogeneous reaction occurring only on the graphite surface, poorly crystalline or 
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amorphous phases are formed in the case of one-electron process, which is a 

homogeneous reaction occurring everywhere in the solution. Therefore, the 

dissimilarity in the degree of crystallization may be attributed to the differences in the 

reaction mechanisms between the two processes. 
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Figure 6.7 Variations with reaction time of the average oxidation state of 
manganese in the solid obtained by oxidizing Mn(OH)2 with H2O2 in 7 
M KOH solution in the presence and absence of additives. 
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Figure 6.8 Variations with reaction time of the concentration of manganese in 
the filtrate obtained by oxidizing Mn(OH)2 with H2O2 in 7 M KOH 
solution in the presence and absence of additives. 

 

The variations of the concentration of manganese in the filtrate with reaction 

time are compared in Fig. 6.8. The concentration of manganese is lowest in the case 

of no additives, indicating a quick formation of solid phases as anticipated from the 

X-ray results (Fig. 6.4), in which the variations in the diffraction patterns with time 

are not considerable. A significant increase in the concentration of manganese is 
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found in presence of the additives BaSO4 and Bi2O3, and the magnitude of increase is 

higher for Bi2O3 compared to BaSO4. This result supports the hypothesis that bismuth 

or barium has an effect in preventing the dissolved Mn(II) or Mn(III) species from 

forming solid phases, which has also been suggested by the higher oxidation state (> 

+3) of manganese in the solid phases. The concentration of manganese decreases 

gradually with time in all cases, but it is still significant even after 24 h if bismuth is 

present. If Mn(II) compounds have a greater tendency to stay in solution, the higher 

concentration of manganese would mean that more Mn(II) species are in solution; if 

so, one would expect more Mn(IV) in the solid to account for the total charge, which 

is in accordance with the oxidation state data in Fig. 6.7. The gradual decrease in the 

manganese concentration with time could be partially due to the aerial oxidation to 

give Mn(IV) in the solid as indicated by the increase in manganese valence in the 

solid. 

6.3.4 Disproportionation of manganese(III) complexes 

A series of chemical reactions with controlled degree of oxidation have shown 

that dissolved manganese ions have a tendency to transform into solid phases and the 

rate of such reactions could be decreased by incorporating Bi- or Ba-containing 

compounds into the reaction medium. However, with the chemical oxidation method 

described in the previous section, only the total number of electrons can be 

controlled; some Mn(III) ions could be oxidized further to Mn(IV) by reaction with 
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H2O2 while some Mn(II) compounds could remain unchanged due to the depletion of 

oxidizing agent. Notwithstanding the average oxidation state of +3, we could observe 

both Mn(II) and Mn(IV) compounds statistically independent of the stability of 

Mn(III) species. With an aim to investigate the stability of Mn(III) species in the 

absence of oxidizing or reducing agents, we devised a non-redox type reaction. In this 

regard, Mn(III) acetate, which is one of the most popular Mn(III) salts,99 was 

employed as a starting material. Addition of KOH into a solution of Mn(III) acetate is 

supposed to generate [Mn(OH)6]3- complexes immediately. Therefore, any detection 

of Mn(II) or Mn(IV) compounds in a later stage would confirm the occurrence of 

disproportionation reactions. 

The evolution of the X-ray patterns of the solid formed by adding KOH into 

Mn(III) acetate in the absence of additives is shown in Fig. 6.9. Reflections 

corresponding to both birnessite and hausmannite appear almost immediately, 

indicating clearly a disproportionation of the initial Mn(III) into Mn(IV) and Mn(II). 

The birnessite reflections become sharper with increasing reaction time, but the 

reflections corresponding to hausmannite do not change significantly. In general, the 

X-ray patterns in Fig. 6.9 are nearly identical to those in Fig. 6.4 excepting that the 

reflections corresponding to hausmannite are less prominent in Fig. 6.9. Addition of 

small amounts of Bi2O3 or BaSO4 into the solution suppresses the reflections 

corresponding to birnessite and hausmannite (Figs. 6.10 and 6.11). The hausmannite 

reflections are hardly observed while the aging process of birnessite with an increase 
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in intensity with time could be noticed in both the cases. Bi2O3 appears to be more 

effective than BaSO4 in suppressing the formation of such solid phases, which is 

consistent with the results of oxidation reactions presented in the previous section. 
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Figure 6.9 X-ray diffraction patterns of the products obtained by the reaction of 

Mn(III) acetate in 7 M KOH solution in the absence of additives for 
(a) 5 min, (b) 10 min, (c) 60 min, and (d) 24 h. The reflections marked 
with ∗  and +  refer, respectively, to hausmannite and birnessite. 
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Figure 6.10 X-ray diffraction patterns of the products obtained by the reaction 

of Mn(III) acetate in 7 M KOH solution in presence of 5 wt% Bi2O3 
for (a) 5 min, (b) 10 min, (c) 60 min, and (d) 24 h. The reflections 
marked with ♦, +, and # refer, respectively, to Mn(OH)2 or β -
MnOOH, birnessite, and Bi2O3. 

The variations of the average oxidation state of manganese in the solid with 

reaction time are shown in Fig. 6.12. The trend in Fig. 6.12 is similar to that in Fig. 

6.7, but the aerial oxidation is less severe compared to that in the case of oxidation 

reactions. This could be due to the lack of readily oxidizable phases such as β-

MnOOH in the case of non-redox reactions as indicated by the X-ray data in Figs. 

6.10 and 6.11. The variations of the concentration of manganese in the filtrate (Fig. 
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6.13) also resemble those in Fig. 6.9. Although the specific values are different from 

those obtained with the oxidation reactions, the manganese concentration in the 

filtrate increases on going from no additives to BaSO4 additive to Bi2O3 additive. 

Thus the data in Fig. 6.13 also illustrate that BaSO4 is less effective than Bi2O3 in 

keeping the manganese ions in solution. 
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Figure 6.11 X-ray diffraction patterns of the products obtained by the reaction 

of Mn(III) acetate in 7 M KOH solution in presence of 5 wt% BaSO4 
for (a) 5 min, (b) 10 min, (c) 60 min, and (d) 24 h. The reflections 
marked with ∗ and + refer, respectively, to hausmannite and 
birnessite. 
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Figure 6.12 Variations with reaction time of the average oxidation state of 

manganese in the solid obtained by reacting Mn(III) acetate in 7 M 
KOH solution in the presence and absence of additives. 

 

6.3.5 Role of bismuth and barium on the rechargeability of γ-MnO2 

Based on the results presented in the previous sections and some other studies in 

the literature,57,63,64,75,91 the following reaction mechanisms could be suggested for the 

formation of hausmannite and birnessite. 
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Figure 6.13 Variations with reaction time of the concentration of manganese in 

the filtrate obtained by reacting Mn(III) acetate in 7 M KOH solution 
in the presence and absence of additives. 

 

Dissolution of Mn(III) from oxides or oxyhydroxides could occur as 

MnOOH  ←→  [Mn(OH)6]3-                (6.1) 

Disproportionation of Mn(III) into Mn(II) in solution and Mn(IV) in solid could occur 

as 

[Mn(OH)6]3-  ←→  [Mn(OH)6]4-  +  [MnO2]+              (6.2) 
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Formation of hausmannite (Mn3O4) could occur by a reaction between the Mn(III) 

and Mn(II) complexes in solution as 

2[Mn(OH)6]3- + [Mn(OH)6]4-  →  Mn3O4                 (6.3) 

which is an irreversible reaction. Formation of birnessite could occur from the 

Mn(IV) solid as   

[MnO2]+   →  birnessite (δ-MnO2)                  (6.4) 

which is also an irreversible reaction. 

It has been reported that Mn3+ ions are soluble to some extent in strong alkaline 

solutions by forming a complex as shown in reaction 6.1.57 Hence, a solid containing 

Mn(III) would be in equilibrium with the complex ions and the solubility is 

determined by an equilibrium constant, the solubility product (Ksp), for each situation. 

The solubility product is proportional to e-∆G, where ∆G is the difference in molar 

Gibbs free energies between the solid phase and the complex ion in solution.100 

Therefore, for a given KOH concentration, the solubility will be influenced by the 

free energy of each solid phase. Accordingly, energetically stable compounds such as 

Mn2O3 would hardly generate the dissolved ions. Although it is difficult to 

quantitatively assess the free energy of δ-MnOOH, which is a reduced form of γ-

MnO2, it would not be very stable considering the lattice expansion occurring with 

proton insertion and the lattice distortion caused by Mn3+. A study by Holton et al.91 

and our results with the thin-film electrodes have already shown that manganese ions 

could be dissolved out from the reduced γ-MnO2 in alkaline solutions. Bismuth or 
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barium does not seem to suppress reaction 6.1 since manganese ions are found in the 

filtrate irrespective of the presence of such additives. 

The characterization data of the products formed during the non-redox reactions 

confirmed the occurrence of a disproportionation reaction denoted by reaction 6.2. 

The Mn(IV) oxides produced immediately after the disproportionation are labeled as 

[MnO2]+ , which represents transitional oxides that are en route to birnessite. They 

could be oxides with only short-range order or with small crystallite size that are 

difficult to be detected with X-ray diffraction. The concept of formation of [MnO2]+  

is strongly supported by the results of the oxidation reactions in presence of Bi2O3. In 

those experiments, while no forms of Mn(IV) oxides could be detected with XRD, the 

average oxidation state of manganese was above +3, suggesting that Mn(IV) oxides 

are indeed formed. The immediate formation of birnessite phase in the absence of 

additives may seem to suggest that the transitional [MnO2]+  stage is skipped. 

However, the increase in the intensity of the birnessite reflection at ~ 12o with time 

(Fig. 6.4) without a significant increase in the oxidation state (Fig. 6.7) suggests that 

the transitional phases exist even in this case. A further assumption can be made that 

the free energy of [MnO2]+  is not too low for the equilibrium constant of reaction 6.2 

to be very high since it would drive rapidly reaction 6.1 in the forward direction due 

to a fast consumption of [Mn(OH)6]3-. Nonetheless, the storage stability tests of 

discharged electrodes show that δ-MnOOH is still the dominant phase even after 7 

days of storage, indicating the rate of reaction 6.1 is only moderate. 
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Blocking reaction 6.2 would suppress the formation of birnessite or 

hausmannite. In this regard, bismuth or barium could be considered to affect reaction 

6.2 by reducing the equilibrium constant or by decelerating the reaction rate. 

However, this hypothesis is in contradiction with the observation that the introduction 

of bismuth or barium increases the amount of Mn(IV) oxides (Figs. 6.7 and 6.12). 

Therefore, we believe that bismuth or barium is more likely to affect the subsequent 

reactions 6.3 and 6.4 rather than reaction 6.2 (see below). 

It is now well accepted that hausmannite is formed through a reaction involving 

solution species as in reaction 6.3.63 This reaction can be considered to be irreversible 

based on the high chemical stability of hausmannite, which is in accordance with its 

poor electrochemical activity.52,66 According to Bode et al.,63,64 the formation of Bi-

Mn complexes inhibits this reaction. Bismuth has a tendency to form a positively 

charged cluster, [Bi6(OH)12]6+, which could make a strong interaction with the 

[Mn(OH)6]3-/4- species.64,101 The complex formation would be an extreme case of such 

an interaction. While it is not obvious whether the mechanism involving barium 

would be similar, it should be noted that a positively charged barium complex, 

[Ba(H2O)8]2+, has also been reported in the literature.102 Reaction 6.4 is another end 

point of the reaction sequence generating birnessite. A lot of rearrangement or 

migration processes are necessary for reaction 6.4 to occur whether it is a solution 

reaction or a solid-state one. Therefore, some chemical interaction or complex 

formation between bismuth or barium and manganese complexes could keep reaction 
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6.4 from proceeding, for example, by reducing the rate of rearrangement of 

manganese ions. 

6.4 CONCLUSIONS 

An X-ray diffraction analysis of the cycled manganese oxide cathodes of the 

AA cells has shown that part of the capacity fade is due to the formation of 

electrochemically inactive phases such as birnessite (δ-MnO2) and hausmannite 

(Mn3O4) during the one-electron process. A further study with thin-film electrodes 

reveals that the formation of such electrochemically inactive phases is due to the 

instability of reduced (discharged) γ-MnO2 and the dissolution of Mn3+ ions. 

Incorporation of Bi- or Ba-containing compounds into the cathode is found to 

suppress the formation of such inactive phases and to improve cyclability, and for the 

same amount of additive, bismuth is more effective than barium.  

Results of some designed chemical reactions have provided information 

regarding the role of bismuth and barium on the chemistry of Mn(III) compounds in 

alkaline solutions. Incorporation of Bi- or Ba-containing compounds helps to keep the 

manganese ions in solution for a longer time without allowing them to form 

irreversibly stable phases such as birnessite or hausmannite. A Mn(IV) oxide 

intermediate – denoted as [MnO2]+  – that lacks long-range order and is in equilibrium 

with the solution species appears to transform to birnessite rapidly in the absence of 

additives. The presence of Bi- or Ba-containing compounds delays such a 
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transformation, with Bi being more effective than Ba, which is consistent with the 

electrochemical data. Thus the presence of Bi- or Ba-containing compounds helps to 

suppress some irreversible reactions leading to birnessite or hausmannite rather than 

blocking the dissolution or disproportionation of Mn(III) species. Optimization of the 

nature and amount of additives could improve further the rechargeability of 

manganese oxides and have an impact in the commercialization prospects of 

rechargeable alkaline cells based on manganese oxides. 
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CHAPTER 7 

SUMMARY 

7.1 MANGANESE OXIDE CATHODES FOR RECHARGEABLE LITHIUM BATTERIES  

Nanostructured lithium manganese oxides have been synthesized by reducing 

lithium permanganate with methanol or gaseous hydrogen in aqueous, semiaqueous 

(acetonitrile-water), or nonaqueous (acetonitrile) medium, followed by firing at a 

moderate temperature (250 oC) in vacuum. The products have been characterized by 

wet-chemical analysis, Fourier transform infrared (FTIR) spectroscopy, 

thermogravimetric analysis (TGA), X-ray diffraction, pycnometry, and BET surface 

area measurements, scanning electron microscopy (SEM), and transmission electron 

microscopy (TEM). Additionally, their electrochemical properties have been 

investigated with coin-type cells. 

With methanol as a reducing agent, the samples synthesized in acetonitrile 

medium contain a considerable amount of organic residue even after firing at 250 oC 

in vacuum. The amount of organic residue could be lowered by introducing water into 

the synthesis and washing media (acetonitrile-water mixture). Additionally, 

introduction of lithium hydroxide into the synthesis medium helps to increase the 

lithium content and the Li/Mn ratio in the product. The electrochemical performance 

is found to improve with increasing Li/Mn ratio. Optimum compositions synthesized 
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in acetonitrile-water medium exhibit capacities of close to 250 mAh/g with good 

cyclability and charge efficiency. 

Additionally, the effect of ball milling the nanostructured oxides with 

conductive carbon on their electrochemical performances has been investigated more 

systematically. A nanostructured lithium manganese oxide synthesized by reduc ing 

lithium permanganate with methanol in presence of lithium hydroxide has been 

mixed with conductive carbon in two different ways:  ball milling and mixing in a 

mortar and pestle. Then, the respective manganese oxide – conductive carbon 

composites instead of oxides have been characterized by various techniques (BET, 

XRD, SEM, TEM, and so forth). The ball-milled composites exhibit superior 

performance in terms of discharge capacity, rate capability, cyclability, and charge 

efficiency in lithium cells compared to the composites obtained by mixing in a mortar 

and pestle. The composites obtained by ball milling are found to have higher density 

and smaller surface area with an intimate mixing of the manganese oxide and carbon 

on a nanometer scale to give a nanocomposite. 

Another kind of nanostructured lithium manganese oxides has been synthesized 

by bubbling hydrogen gas through aqueous lithium permanganate solution at 60 oC in 

the presence and absence of lithium hydroxide followed by firing the product in 

vacuum at 250 oC. The Li/Mn ratio in the samples increases from 0.47 to 1.09 with 

increasing amount of lithium hydroxide in the synthesis medium. X-ray diffraction 
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indicates the sample to have spinel- like or Li2MnO3-like structures. The samples 

exhibit high capacities of 250 - 300 mAh/g at 4 - 1.5 V with good rate capability in 

lithium cells. The capacity retention and the charge efficiency of the cathodes 

improve with increasing lithium content as observed in the case of methanol. 

The high capacity with excellent cyclability and charge efficiency together with 

a lower discharge voltage of < 4 V make these nanostructured manganese oxides 

particularly attractive for lithium polymer batteries as the polymer electrolytes are 

known to experience electrochemical instability in presence of carbon above 3.8 V.103 

Although the nanostructured manganese oxides exhibit a sloping voltage, the high 

capacity makes it possible to utilize around 200 mAh/g in a narrow, acceptable 

voltage range. Furthermore, the sloping voltage profile may be beneficial to suppress 

problems associated with over-charge or over-discharge. The discharge voltage of < 4 

V also offers better safety characteristics for these manganese oxides. However, care 

should be exercised in handling the nanostructured oxides as they can readily absorb 

moisture from ambient. Also, processing procedures need to be developed and 

optimized to fabricate larger electrodes necessary for commercial cells. 

7.2 MANGANESE OXIDE CATHODES FOR RECHARGEABLE ALKALINE BATTERIES  

This dissertation also covers the research on both the one-electron process, in 

which γ-MnO2 is employed as cathodes, and the two-electron process, in which the 

discharged and charged phases are, respectively, Mn(OH)2 and δ-MnO2. This work 
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has focused on the chemistry of intermediate manganese compounds appearing 

during the discharge/charge process rather than on the synthesis of electrode materials. 

The two-electron process of manganese oxide in alkaline electrolytes have been 

investigated in the presence and absence of bismuth oxide by both galvanostatic 

discharge/charge and linear sweep voltammetry followed by examining the products 

with X-ray diffraction. Although the presence of bismuth helps the formation of 

birnessite (δ-MnO2), it could not completely prevent the formation of Mn3O4. 

However, the formation of Mn3O4 could be suppressed by controlling the scan rate 

during linear sweep voltammetry and/or the microstructure of the electrode. Mn3O4 

appears to be formed by a chemical reaction between dissolved Mn(II) and Mn(III) 

complexes (intermediates) that have diffused away from the conductive path 

(graphite). Both a faster scan rate (discharge/charge rate) and an intimate mixing of 

the manganese oxide with graphite achieved by ball milling suppress the formation of 

Mn3O4 independent of the presence of bismuth. 

The influence of Bi- or Ba-containing compounds on the rechargeability of γ-

MnO2 in alkaline electrolytes (the one-electron process) has also been investigated 

with AA cells containing cylindrical cathodes and flooded cells containing thin-film 

type cathodes. In addition to the electrochemical evaluation of the cells, the 

discharged cathodes have been analyzed by X-ray diffraction after washing and 

drying. The incorporation of bismuth or barium into the cathodes is found to improve 
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the cell cyclability, which is partly due to the suppression of electrochemically 

inactive phases such as birnessite (δ-MnO2) and hausmannite (Mn3O4). A series of 

chemical oxidation reactions of Mn(OH)2 with H2O2 in KOH medium and non-redox 

reactions of Mn(III) acetate with KOH followed by an analysis of the solid and 

filtrate indicate that the Mn3+ ions, which are in equilibrium with the solid phases 

containing Mn(III), disproportionate into Mn(II) compounds and Mn(IV) oxides. It is 

proposed that Bi- or Ba-containing compounds suppress some irreversible reactions 

leading to birnessite or hausmannite rather than blocking the dissolution or 

disproportionation of Mn(III) species, and bismuth is more effective than barium 

when same amount of additive is used. 

Optimization of the additives and discharge/charge rates has the potential to 

make the rechargeable alkaline cells based on manganese oxides to be successful. If 

so, their lower cost, environmental friendliness, and excellent safety may make them 

compete with other rechargeable systems. Although the rechargeable alkaline cells 

based on manganese oxide offer lower cell voltage than lithium ion cells, their higher 

capacity make their energy density comparable to lithium ion cells at least with the 

two-electron process. Further basic research work is needed to make such 

rechargeable alkaline cells commercially viable. 
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