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Abstract

Batteries employing water based electrolytes enable extremely low manufacturing costs and are inherently safer than Li-ion
batteries. Batteries based on zinc, manganese dioxide, iron, and air have high energy relevancy, are not resource restricted,
and can contribute to large scale energy storage solutions. Zinc has a rich history as electrode material for primary alkaline
Zn–MnO2 batteries. Historically, its use in secondary batteries has been limited because of morphological uncertainties and
passivation effects that may lead to cell failure. Manganese dioxide electrodes are ineffective as rechargeable electrodes
because of failure mechanisms associated with phase transformations during cycling. The irreversibility of manganese
dioxide is strongly correlated to the formation of the electrochemically inactive spinel, Mn3O4/ZnMn2O4. The development
of the iron electrode for Fe–air batteries was initiated in late the 1960s and these batteries still suffer from charging
inefficiency, due to the unwanted hydrogen evolution reaction. Meanwhile, the air electrode is limited in long-term
operation because of the sluggish oxygen evolution and reduction kinetics. These limitations of the Fe–air battery yield
poor overall efficiencies, which bring vast energy losses upon cycling.
Herein, the limitations described above were countered for rechargeable Zn–MnO2 and Fe–air batteries by synthesizing
electrode materials and modifying electrolyte compositions. The electrolyte mixture of 1 M KOH + 3 M LiOH for
rechargeable alkaline Zn–MnO2 batteries limited the formation of the inactive spinels and improved their cycle life
significantly. Further, the formation of the inactive spinels was overcome in mildly acidic electrolytes containing 2 M
ZnSO4, enabling the cells to cycle reversibly at lower pH via a distinctive reaction mechanism. The iron electrodes were
improved with the addition of stannate, which suppressed hydrogen evolution. Furthermore, optimal charge protocols of
the iron electrodes were identified to minimize the hydrogen evolution rate. On the air electrode, the synthesized NiCo2O4
showed excellent bifunctional catalytic activity for oxygen evolution and reduction, and was incorporated to a flow assisted
rechargeable Fe–air battery, in order to prove the practicability of this technology. Studies of the electrode materials on
the micro, macro, nano, and atomic scales were carried out to increase the understanding of the nature of and interactions
between of these materials. This included both in operando and ex situ characterization. X-ray and neutron radiation, and
analytical- and electrochemical methods provided insight to improve the performance and cycle life of the batteries.
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1. Introduction
1.1.

Large-scale energy storage systems

We are now shifting our electrical power systems from using fossil fuels to renewable energy
sources. The incentive is to replace large traditional power plants with smaller non-dispatchable
renewable energy sources. The paradigm shift to renewable energy needs, however, to cope with
the increasing global energy demand, estimated to double by 2050, and without increasing carbon
dioxide emission levels or reliance on restricted fossil fuel resources1.
Shifting the entire electrical power system to renewable energy sources such as wind, solar, and
hydro is a complex task. Their inherently intermittent character is dependent on time and weather
and results in unpredictable generation profiles, which may not match with the energy-consumption
profile. Imbalance between power generation and demand already exists in current power systems.
With increasing renewable energy sources installed, the uncertainty in predicting power generation
adequacy will increase2. Thus, technologies that improve the resiliency of the power system are
necessary. To make the best use of a power system with renewable energy installed, we need
efficient energy-storage systems (ESS) to handle load fluctuations and ensure reliable power delivery
whenever needed. In spite of the advantages with energy storage, only 1% of the global energy
presently used had been stored, mostly through pumped hydroelectric storage, which accounts for
98% of the total installed storage systems1.
ESS that are available on a large scale can be divided into four groups: 1) mechanical, 2) electrical, 3)
electrochemical and 4) chemical. These consist of technologies such as 1) pumped hydroelectric
storage (PHS), compressed-air energy storage (CAES) and flywheels, 2) superconducting magnetic
energy storage (SMES) and electrical supercapacitors, 3) batteries and electrochemical
supercapacitors, and 4) power-to-hydrogen or synthetic natural-gas production3,4. In Table 1.1, the
characteristics of these ESS are compared with regard to power output and discharge time.
Depending on the time scale of service, these technologies can support electrical power systems by
facilitating frequency regulation and load balancing, enhancing power quality, and providing an
uninterruptible power supply. These assets will improve power systems quality, stability and
reliability2,5.
Table 1.1. Characteristics of different energy storage technologies 6.
Technology

Power output (MW)

Discharge time

Efficiency (%)

Start time

PHS
CAES
Flywheels
SMES
Supercapacitors
Lead-acid batteries
Lithium-ion batteries
Vanadium redox flow batteries
Sodium sulfur batteries
Power to H2 gas
Power to CH4 gas

< 5000
Depending on storage size
0.002 – 20
0.001 – 10
0.01 – 1
0.001 – 50
0.001 – 2
0.03 – 20
0.5 – 50
kW – GW
kW – GW

1 – 24 h
1 – 24 h
s – min
s
ms – s
s–3h
min – h
s – 10 h
s–h
s – months
s – months

65 – 85
42 – 70
95
90
95
60 – 95
85 – 99
85
85 – 90
62 – 82
49 – 56

s – min
min
s – min
ms
ms
< ms
< ms
ms
< ms
s – min
min – h

1

1.2.

Electrochemical energy storage

Electrochemical energy-storage technologies include batteries, redox flow batteries, electrochemical
supercapacitors, and fuel cells. The technologies are distinguished by their energy storage
mechanisms. Batteries store energy through electron transfer reactions, wherein the oxidation
states of reactants change. Redox flow batteries follow the same mechanism except that the redox
species circulate. By comparison, supercapacitors undergo capacitive charging from the electric
double layer at the interface between the electrode and the electrolyte. The technologies all
function as closed systems except for fuel cells, which store energy from external reactants fed to
the cells7.
Batteries are of high interest and contain electrochemical cells with two electrodes where the redox
reactions ensue. An electrolyte separates the electrodes and contains dissolved ions that can be
transferred freely from one electrode to the other. The electrodes are connected externally and, as
the redox reactions proceed, electrons transferred via the outer circuit create a current. These cells
can then be connected in series and/or in parallel to provide the desired voltage and/or capacity,
respectively8. Important characteristics of batteries are their energy density (Wh L–1), specific energy
(Wh kg–1) and specific power (W kg–1), i.e. how much energy they can store per unit mass or volume,
and how quickly they can deliver this energy. There is a trade-off in batteries between short-term
(power density) and long-term storage (energy density), as described by Ragone9, and these can be
customized to the application. Table 1.2 lists energy and power characteristics of mature battery
technologies for large-scale applications. In large-scale energy storage the primary factors are not
energy and power density, but rather low installation cost, long cycle life, high energy efficiency and
the ease of scaling up the storage capacity10.
Table 1.2. Energy and power characteristics of mature battery technologies for large-scale applications5.
Battery

Energy density
(Wh L–1)

Specific energy
(Wh kg–1)

Specific power
(W kg–1)

Cycle life

Lead-acid
Nickel-Cadmium
Nickel-Metal hydride
Lithium-ion - Li(Ni,Co,Mn)O2 – C
Lithium-ion - LiFePO4 – C
Sodium-Sulfur
Vanadium Redox Flow

60 – 75
130 – 150
250 – 330
200 – 250
120 – 150
70 – 150
10 – 20

30 – 40
40 – 60
70 – 100
120 – 160
80 – 90
60 – 120
10 – 20

60 – 110
40 – 100
70 – 200
200 – 300
200 – 300
15 – 70
1–4

100 – 500
2000
1000
300 –1000
1500 – 2000
4000
5000

1.3.

Rechargeable aqueous batteries based on available
resources

The most important aspect of manufacturing batteries for large-scale energy storage is the price set
by the market. The availability of the materials and the processes used to manufacture the devices
drive the cost. These two factors must coincide with a sustainable life cycle for large-volume
markets. Thus, scrutinizing feasible materials to develop sustainable and efficient batteries is critical
and not an easy task. Forecasts of the availability of materials are inaccurate and vary depending on
the state of the art in industrial sectors1. Among the various types of batteries available today, nonaqueous lithium-ion batteries are the most prominent choice because of their high energy density
and versatile design capabilities that allow them to meet energy and power demands11. However,
2

cost12, safety13 and lifetime will limit their full-scale implementation in electrical power systems, for
which low-cost and long service life are the main concerns. For instance, the use of cobalt in the
layered LiCoO2 electrode material has been the benchmark in lithium-ion batteries despite that the
availability of cobalt is low14. The European Commission identified cobalt as a critical raw material in
2017 because of its significant supply risk15. The supply risk originates from geopolitical issues with
the Democratic Republic of Congo, which is the dominant global producer of cobalt (64%). The
unsustainable cobalt supply has encouraged research into other battery chemistries16–20.
Batteries using aqueous electrolytes are inherently safer and less expensive than their non-aqueous
counterparts. Aqueous electrolytes have significantly higher ionic conductivities (up to 1 S cm–1),
than non-aqueous ones (typically around 1 – 10 mS cm–1 21). This favors aqueous electrolytes for
high-rate operations e.g. when sudden energy deliveries are needed, in particular in quick-response
balancing systems in the electrical grid2. At present, lead-acid batteries dominate the aqueous
battery market because of their high rate capability and low system-installation price. Lead-acid
batteries find its use as start battery or backup battery with low demand for cycle life10.
Proposed potential electrode materials for large-scale energy storage are zinc, manganese dioxide,
iron, and non-precious-metal-based catalysts for the air electrode. These electrode materials are
adopted in rechargeable aqueous Zn–MnO222,23 and Fe–air24 batteries, both having high energy
relevancy and unrestricted availability25. Their challenges concerning irreversibility and inefficiency
are in this thesis investigated and alleviated in order to make viable systems. The studied electrode
materials are not exclusively applicable for rechargeable aqueous batteries and the work is intended
to shed light on the importance of using available materials in the development of future electrical
power system. The batteries designed in this thesis are relevant for large scale energy storage with
assured safe operation and low total cost.

1.4.

Investigated electrode
aqueous batteries
1.4.1.

materials

for

rechargeable

Zinc

Zinc has a rich history in alkaline26–28, mildly acidic29 and redox-flow rechargeable batteries30–32. It
possesses attractive attributes for an electrode material, such as abundancy, low toxicity and a high
specific theoretical capacity of 820 mAh g–1. Furthermore, it is the most electropositive metal that
does not have noteworthy corrosion issues in aqueous electrolytes between pH 4 and 1433, making it
an outstanding electrode material34. The alkaline battery has been the working horse in the primary
battery market for over 60 years. This battery contains zinc and manganese dioxide and delivers a
specific energy density of 150 Wh kg–1, comparable to some lithium-ion chemistries35. In recent
years, zinc has been coupled with several electrolyte and electrode combinations for highperformance rechargeable batteries. Electrodes used in alkaline electrolytes include Ni–Zn36,37, Zn–
air38–40 and Zn–MnO223,41,42. For mildly acidic electrolytes, electrode materials with open crystal
structures that are capable of hosting zinc ions20,43–46 are used, and in redox-flow cells, Zn–Br247,48,
Zn–I249 and Zn–Fe50,51 have been used as electrodes. In static cells, zinc is found as composites,
pastes, or powders, whereas flow cells use dissolved zinc ions sourced from various salts.
In alkaline electrolytes operating above pH 14, zinc exists in equilibrium with zincate ions, Zn(OH)42–,
and zinc oxide, ZnO, precipitates when zincate exceeds its supersaturated concentration limit34:

3

𝑍𝑛(𝑂𝐻)4 2− + 2𝑒 − ⇌ 𝑍𝑛 + 4𝑂𝐻 − E° = –1.12 V vs. Standard hydrogen electrode (SHE) (1.1)
𝑍𝑛(𝑂𝐻)4 2− ⇌ 𝑍𝑛𝑂 + 𝐻2 𝑂 + 2𝑂𝐻 −

(1.2)

where E° is the standard potential relative to the SHE at 25 °C.
In mildly acidic electrolytes, at pH 4–6, zinc dissolves to Zn2+ during discharge and is electrodeposited
as zinc metal during charge22:
𝑍𝑛2+ + 2𝑒 − ⇌ 𝑍𝑛 E° = -0.76 V vs. SHE

(1.3)

In Figure 1.1, the Pourbiax diagram shows that the redox potential of zinc is below that at which the
hydrogen evolution reaction (HER) occurs. Pourbaix diagrams depict possible stable phases of an
electrochemical system at equilibrium and do not consider kinetic effects. Based on
thermodynamics, the HER should dominate at zinc redox potentials, but luckily that reaction is
sluggish, which enables zinc to be used as electrode material.

mildly acidic
alkaline

Figure 1.1. Pourbaix diagram of 10–5 M Zn2+(aq) at 25 °C, created by the software Medusa®. Highlighted arrows
in red and blue depict the mildly acidic and alkaline pH regions, respectively, and the dashed green lines
correspond to the oxygen evolution and hydrogen evolution reactions.

1.4.2.

Electrochemical challenges of zinc

Zinc faces several challenges when adopted in aqueous rechargeable alkaline batteries. Shape
changes and morphological uncertainties affect the deposition of the metal during charge. Zinc
tends to plate anisotropically and this induces localized mass-transport-limited regions52. The
anisotropic growth ramifies, and dendrite formation increases as the mass-transport limitation
increase. These dendrites eventually cause short-circuiting if they penetrate the separator53. Figure
1.2 illustrates the uneven deposition of zinc and the formation of dendrites that may short-circuit
the Zn–MnO2 cell.
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e

-

Zn

MnO2

Electrolyte

Short-circuit

Figure 1.2. Illustration of uneven zinc deposition and the formation of dendrites that short-circuit the cell.

Engineering zinc structures can extend the cycle life but shape changes upon cycling are not easily
avoided. Reported fine three-dimensional structures of zinc have provided longer cycle life while
sacrificing energy density54–56. Nevertheless, these three-dimensional structures have limited
utilization due to rapid dissolution of the metal57. Low zinc utilization during dissolution is mainly
associated with corrosion and passivation effects33. Hence, utilization is limited to 60% or less58.
Limiting passivation and corrosion effects is a major challenge related to the particle size of zinc and
the solubility of zincate. The smaller the zinc particles are (or the higher their surface area is), the
more aggravated is the corrosion. The corrosion reaction is caused by the HER and is parasitic
because it consumes water without contributing any useful charge capacity to the battery:
2𝐻2 𝑂 + 2𝑒 − → 𝐻2 + 2𝑂𝐻 − E°= –0.83 V vs. SHE

(1.4)

Using zinc particles with low surface area limits corrosion at the expense of passivation35. Passivation
is dependent on the solubility of zincate and is caused by precipitation of ZnO when the solution
becomes saturated. Initially, porous ZnO forms, but this densifies overtime and eventually passivates
the zinc59.
Mildly acidic electrolytes are more forgiving than alkaline electrolytes. Passivation from ZnO is
prevented because the pH is lower. Instead, zinc dissolves to Zn2+ during discharge and electroplates
back during charge (1.3). The reversibility has been extensively studied and is good60–64. Concerns of
the HER lowering the Coulombic efficiency and potential dendrite formation remain. Other work has
focused on substituting sulfate with other anions, adding surfactants or adjusting the concentration
of the salts used43. The pH of the electrolyte must be maintained at 4–6 during battery operation to
avoid severe corrosion and passivation33.

1.4.3.

Manganese dioxide

Manganese dioxide is used in primary alkaline batteries for a wide range of power electronics65, as
well as in secondary batteries such as lithium-66, sodium-67, magnesium-68, and zinc-ion batteries43.

5

Inexpensive production, high theoretical energy capacity, high redox potential, and low
environmental impact make manganese dioxide an excellent electrode material69.
Manganese dioxide comes in a variety of polymorphs depending on the synthesis conditions:
tetragonal pyrolusite β-MnO2, orthorhombic ramsdellite, tetragonal hollandite ɑ-MnO2, hexagonal
birnessite δ-MnO2, monoclinic romanèchite and cubic λ-MnO2. These structures can be described by
different distributions of Mn4+ cations over octahedral sites in the oxygen atom arrangement. MnO6
octahedra sharing opposite octahedral edges form MnO6 chains parallel to the c-axis. The chains
further connect to each other in different ways and tunnels form along the c-axis. The tunnels can be
classified by the number of MnO6 units and chains between two basal planes70. The stable form of
manganese dioxide β-MnO2 is built by MnO6 units forming a 1  1 tunnel structure. Among the
polymorphs, β-MnO2 is the least electrochemically active. Electrolytic manganese dioxide (EMD),
also known as γ-MnO2, is composed of intergrown β-MnO2 and ramsdellite. In modern alkaline,
lithium or other types of batteries, EMD is used because of its high electrochemical activity, high
manganese content, and purity. EMD is produced via electrochemical deposition from acidic sulfate
baths containing Mn2+ ions and undergoes a two-electron oxidation65:
𝑀𝑛2+ + 2𝐻2 𝑂 → 𝑀𝑛𝑂2 + 4𝐻 + + 2𝑒 −

(1.5)

The redox reactions of manganese dioxide vary with pH. Two pH regions are of interest: one above
pH 14 (alkaline electrolytes) and the other at pH 4–6 (mildly acidic electrolytes). Figure 1.3 shows the
Pourbaix diagram of these two pH regions and corresponding redox reactions.

mildly acidic

alkaline

Figure 1.3. Pourbaix diagram of 10–5 M Mn2+(aq) at 25 °C, created by the software Medusa®. Highlighted
arrows in red and blue depict mildly acidic and alkaline pH regions, respectively, and the dashed green lines
correspond to the oxygen evolution and hydrogen evolution reactions.

The discharge reaction of EMD in alkaline electrolytes includes a homogeneous one-electron
reduction via proton insertion to form MnOOH:
𝑀𝑛𝑂2 + 𝐻2 𝑂 + 𝑒 − → 𝑀𝑛𝑂𝑂𝐻 + 𝑂𝐻 − E° = +0.36 V vs. SHE

(1.6)
6

Further one-electron reduction proceeds through heterogeneous dissolution to a give soluble
hydroxymanganese complex, which then precipitates as Mn(OH)271:
𝑀𝑛𝑂𝑂𝐻 + 𝐻2 𝑂 + 𝑒 − → 𝑀𝑛(𝑂𝐻)2 + 𝑂𝐻 − E° = –0.28 V vs. SHE

(1.7)

In mildly acidic electrolytes, EMD initially dissolves to trivalent manganese (𝑀𝑛4+ + 𝑒 − → 𝑀𝑛3+ ).
This Jahn–Teller Mn3+ cation is unstable because of its high-spin electronic configuration and
disproportionates to Mn4+ and Mn2+ ions (2𝑀𝑛3+ → 𝑀𝑛4+ + 𝑀𝑛2+ )61. The total discharge reaction
mechanism may be simplified to72:
𝑀𝑛𝑂2 + 4𝐻 + + 2𝑒 − → 𝑀𝑛2+ + 2𝐻2 𝑂 E° = +1.23 V vs. SHE

(1.8)

The two-electron transfer in both electrolytes corresponds to a theoretical capacity of 617 mAh g–1.

1.4.4.

Electrochemical challenges of manganese dioxide

Manganese dioxide in alkaline electrolytes can evolve several failure mechanisms upon battery
cycling. These mechanisms are strongly correlated to the irreversible formation of inactive phases
over time. Figure 1.4 shows the reactions during charge-discharge cycling of EMD. The figure
highlights the significant phase transformations leading to irreversibility.

Figure 1.4. Reaction mechanism of EMD (γ-MnO2) upon charge-discharge cycling in alkaline electrolyte. Figure
reproduced from Paper I69 with permission from American Chemical Society.

The first discharge involves a phase transformation of γ-MnO2 into ɑ-MnOOH (2  1 tunnel structure)
and γ-MnOOH (1  1 tunnel structure) via proton insertion, with a change of the manganese valence
state from 4+ to 3+73. The reduction proceeds through the partial formation of the spinel phase
Mn3O4, or ZnMn2O4 if zinc is present. The reduction continues from Mn3O4 to the final discharge
product Mn(OH)2, with the manganese valence state of 2+73,74. The partial formation of
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Mn3O4/ZnMn2O4 does not involve the exchange of electrons but is based on whichever complex ion
is available to fill the tetrahedral lattice73:
2𝑀𝑛𝑂𝑂𝐻 + 𝑀𝑛(𝑂𝐻)4 2− /𝑍𝑛(𝑂𝐻)4 2− → 𝑀𝑛3 𝑂4 /𝑍𝑛𝑀𝑛2 𝑂4 + 2𝐻2 𝑂 + 2𝑂𝐻 −

(1.9)

The following charge step includes the oxidation of Mn(OH)2 to β-MnOOH (layered structure), γMnOOH and γ-Mn2O3 (spinel structure) during the first electron transfer. Charging continues with
the formation of δ-MnO2 upon the second electron transfer. The layered δ-MnO2, with large
interlayer spacing, hosts cations and structural water to stabilize its crystal structure75. The
electrochemically inactive Mn3O4/ZnMn2O4 can only be partially reduced to Mn(OH)2 and the rest
remains inert in the electrode, resulting in a significant loss of capacity. This does progress over
multiple cycles, generating more of the inactive spinel phase and eventually leading to failure. The
presence of zinc accelerates this process, as ZnMn2O4 is less electrochemically active than Mn3O4. A
similar reaction mechanism has been reported elsewhere74,76,77. The formation of Mn3O4/ZnMn2O4
limits the rechargeability of alkaline manganese dioxide based batteries78.
In mildly acidic electrolytes, a different reaction mechanism takes place. The electrochemically
inactive spinel phase is suppressed because the pH is buffered below 6 by basic salts precipitating.
These electrolytes containing zinc sulfate have been reported to deliver long cycle life and excellent
battery performance60,64,79. The proposed discharge reaction mechanism of EMD in zinc sulfate
electrolytes can be described as the co-insertion of protons and zinc ions72,79,80. Upon the first stage
of discharge, protons are inserted into the EMD structure, leading to an increased local pH at the
electrode surface. With continuous pH increase, the second discharge regime proceeds where zinc is
being inserted, precipitating zinc hydroxide sulfate pentahydrate, Zn4SO4(OH)6·5H2O:
4𝑍𝑛2+ + 𝑆𝑂4 2− + 6𝑂𝐻 − + 5𝐻2 𝑂 → 𝑍𝑛4 𝑆𝑂4 (𝑂𝐻)6 ⋅ 5𝐻2 𝑂

(1.10)

This does not involve any electron exchange and occurs at pH 561. The formation of the precipitate
buffers the pH and thus prevents the formation of Mn3O4/ZnMn2O4, which would be formed at
higher pH. However, it is electrochemically inactive and forms large crystalline flakes on active
particles. These flakes block active sites, plug pores, and impede mass transport. Thus, preventing
the precipitate from insulating the surface is critical for maintaining reversibility. Another challenge
is manganese dissolution, which generates manganese vacancies where zinc ions can be inserted.
Excessive zinc-ion insertion into EMD leads to structural collapse and to cell failure72.

1.4.5.

Iron

Iron is the second most abundant metal on Earth25 and is the electrode material for large-scale
aqueous rechargeable batteries. Iron is cheap and energy dense—both enviable properties for
batteries. Thomas Edison first developed the iron electrode in the early 20th century for the Ni–Fe
battery27. Later, significant interest in developing Fe–air batteries for fossil-free traction arose in the
late 1960s at NASA81. Fe–air batteries gained serious interest because of their remarkably high
theoretical energy densities, up to 9700 Wh L–1, and specific energies of more than 1200 Wh kg–1 24.
Later pioneering work by the Swedish National Development Company in the 1970s demonstrated
the feasibility of this battery, with a lifetime over 1000 cycles and an energy density of 80 Wh kg –1
82,83
. Renewed interest in the iron electrode has led to recent advances in nanostructured materials
and has improved their performance further, resulting in higher energy densities84,85.
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Iron electrodes use aqueous alkaline electrolytes because of their high ionic conductivity and the
availability of reversible redox reactions24. The main discharge product, iron (II) hydroxide Fe(OH)2, is
insoluble. This favors the iron electrode because a solid-state reaction ensues and prevents the
diffusion of dissolved species86. Conventional iron-based batteries limit deep discharging and
operate upon the first two-electron reduction of iron to iron (II) hydroxide. This reaction offers a
theoretical specific capacity of 960 mAh g–1. The deep discharge regime involves further reduction to
the less electrochemically active magnetite, Fe3O4, with a theoretical specific capacity of 199 mAh g–
1
. When recharged, the iron (II) hydroxide or magnetite transforms back to metallic iron. The charge
and discharge reactions can be described as87,88:
𝐹𝑒(𝑂𝐻)2 + 2𝑒 − ⇌ 𝐹𝑒 + 2𝑂𝐻 − E° = –0.88 V vs. SHE

(1.11)

𝐹𝑒3 𝑂4 + 4𝐻2 𝑂 + 2𝑒 − ⇌ 3𝐹𝑒(𝑂𝐻)2 + 2𝑂𝐻 − E° = –0.76 V vs. SHE

(1.12)

1.4.6.

Electrochemical challenges of iron

Even though iron electrodes are robust and have been used for over a century27,82, long-term
inefficiency and unwanted side reactions have limited their large-scale use. The primary limitation is,
as for the zinc electrode, the HER (1.4)89. Unfortunately, iron is a good hydrogen evolution catalyst
leading to inadequate charging efficiencies in the range of 55–70%27. As such, significant amount of
water is lost, and superfluous hydrogen gas is evolved. Sulfide compounds are added to suppress the
HER and uphold efficient operation. Adsorbed sulfide on iron poisons the HER and is incorporated
into the electrode as FeS with Bi2O3, or Bi2S3 by itself, or in the electrolyte as Na2S or K2S89–91.
Moreover, it is critical not to operate at deep discharge regimes and encourage formation of the less
active phases Fe3O4 and Fe2O3. Utter attention is required to limit the depth-of-discharge (DOD) and
avoid passivation.

1.4.7.

Oxygen electrocatalysts

Rechargeable aqueous metal–air batteries such as Zn–air92 and Fe–air24 attract research interest
because of their exceptionally high energy density. The air electrode uses bifunctional catalysts, i.e.
substances that can catalyze both the oxygen-evolution reaction (OER) and the oxygen-reduction
reaction (ORR). Metal–air batteries need an open cell design to deliver oxygen to the catalytic sites.
Oxygen is fed from an external source of air from the outer atmosphere, hence the name “air
electrode”. The air is not stored in the cell, which therefore exhibits notably high theoretical specific
energy density93.
Air electrodes require a three-phase boundary between the solid electrode in contact with the ion
conducting electrolyte and gas phase. To satisfy the three-phase interface, air electrodes are
designed with an open structure to facilitate gas diffusion while combining hydrophilic and
hydrophobic properties in separate layers. The hydrophilic layer ensures proper wetting and contact
with the aqueous electrolyte. The hydrophobic counterpart, commonly with a wet-proofing agent
such as polytetrafluoroethylene (PTFE), prevents electrolyte penetration and facilitates oxygen
diffusion to the catalytic sites92. Air electrodes can be adopted in different electrolytes, but alkaline
ones are favored because of rapid kinetics94. Alkaline electrolytes render possible the use of nonprecious-metal-based catalysts, most of which dissolve in acid. In these electrolytes, oxygen is
reduced to solvated hydroxide ions during discharge, and is regenerated upon charge. The ORR
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mechanism is complex because it involves a multistep electron transfer and follows either a four
electron- or a two electron pathway95,96. The reaction pathway varies with the catalytic material and
electronic structure97. For the direct four-electron pathway on metals, the reaction follows:
𝑂2 + 2𝐻2 𝑂 + 2𝑒 − → 2𝑂𝐻𝑎𝑑𝑠 + 2𝑂𝐻 −

(1.13)

2𝑂𝐻𝑎𝑑𝑠 + 2𝑒 − → 2𝑂𝐻 −

(1.14)

Giving the overall reaction:
𝑂2 + 2𝐻2 𝑂 + 4𝑒 − → 4𝑂𝐻 − E° = +0.40 V vs. SHE

(1.15)

The alternate two-electron pathway proceeds through intermediate peroxide formation:
𝑂2 + 𝐻2 𝑂 + 2𝑒 − → 𝐻𝑂2 − + 𝑂𝐻 −

(1.16)

𝐻𝑂2 − + 𝐻2 𝑂 + 2𝑒 − → 3𝑂𝐻 −

(1.17)

Metal oxides follow the same pathways but with a different surface charge distribution. The metal
oxide cations on the surface are not completely coordinated with oxygen atoms but instead with the
oxygen of a water molecule98. The four-electron pathway is favored on precious metals, silver and
particular metal-oxide structures such as spinels and perovskites95. The two-electron peroxide
pathway dominates on carbon-based catalysts, gold and other metal-oxide structures98. The OER
mechanism is also complex. To simplify, oxygen is generally evolved from the oxide phase instead of
the metal and is followed by a release of two coordinated oxygen atoms to a metal ion on the
catalyst surface99. Transition metal oxides based on Ni, Co and Mn spinels100–103 and
perovskites97,104,105 have proven to be active bifunctional catalysts with good corrosion resistance in
alkaline electrolytes.

1.4.8.

Electrochemical challenges of oxygen electrocatalysts

Bifunctional oxygen electrocatalysts are the main bottleneck of batteries that use air electrodes
because of slow kinetics and corrosion issues93. The sluggish kinetics are due to the ORR step. In
alkaline electrolyte, the competing displacement of O22–/OH– as well as hydroxide-ion conversion are
reported as the rate-limiting steps in the ORR97. The redox reaction upon operation yields large
polarization losses from high overpotentials. Overpotential is the magnitude of deviation from the
equilibrium potential and is constituted of activation, concentration, and resistance losses106:
𝜂𝑡𝑜𝑡𝑎𝑙 = 𝐸𝑐𝑒𝑙𝑙 − 𝐸𝑒𝑞 = 𝜂𝑎𝑐𝑡 + 𝜂𝑐𝑜𝑛𝑐 + 𝑖𝑅

(1.18)

where 𝐸𝑐𝑒𝑙𝑙 is the measured cell potential, 𝐸𝑒𝑞 is the equilibrium potential, 𝜂𝑎𝑐𝑡 is the activation
overpotential and defined as the required activation energy to proceed with the redox reaction,
𝜂𝑐𝑜𝑛𝑐 is the concentration overpotential and describes mass transport limitation by depletion of
charge carriers in the electrolyte at the electrode surface, and 𝑖𝑅 is the ohmic drop losses caused by
resistance in the hardware and electrolyte.
Figure 1.5 shows the total OER and ORR overpotential of an air electrode in alkaline electrolyte using
NiCo2O4 as bifunctional catalyst. Upon a full charge-discharge cycle, the total overpotential achieved
was 693 mV at a moderate current density rate of ±10 mA cm–2 and under a flow of air. This
overpotential is significant and prompts low voltaic and energy efficiencies. For instance, the energy
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efficiency of an alkaline Fe–air battery is 50% and the remaining part is unmitigated losses24. Active
oxygen electrocatalysts based on Pt, Pd, Ru and Ir encounter high total overpotentials as well; these
are typically above 500 mV92,93,107–109.

ƞOER-ORR = 693 mV

Figure 1.5. A full charge-discharge cycle at ±10 mA cm–2 of an air electrode using the bifunctional catalyst
NiCo2O4 in 6 mol dm–3 KOH. The figure highlights the total overpotential of OER and ORR. Air was used as the
oxygen feed to the air electrode. Figure reproduced from Paper V.

Polarization losses are a major challenge with oxygen electrocatalysts. The catalyst must sustain
oxidizing environments under high overpotentials. Furthermore, competition between the four- and
two-electron pathways of the ORR deteriorates the electrode, if the reaction mechanism favors the
latter. The two-electron pathway generates corrosive peroxide species, harming the electrode upon
battery operation110. Another concern with air electrodes in alkaline electrolyte is carbonate
formation when carbon dioxide reacts with hydroxide ions92:
𝐶𝑂2 + 2𝑂𝐻 − → 𝐶𝑂3 2− + 𝐻2 𝑂

(1.19)

The poorly soluble carbonates clog electrode pores and block the electrolyte channels, retarding the
electrochemical activity. To circumvent carbonate formation, it is important to purify the airflow or
use pure oxygen. Another option is to circulate the electrolyte in order to prevent the carbonate
from reaching supersaturation93.

1.5.

The aim of the thesis

This thesis describes the investigation and development of rechargeable aqueous Zn–MnO2 and Fe–
air batteries to overcome hurdles in their performance. Mixed cation electrolytes containing KOH
and LiOH enhanced the cycle life and proved its potential as a drop-in electrolyte replacement for
traditional alkaline Zn–MnO2 batteries. The structural evolution and failure mechanisms were
investigated using electron microscopy and operando energy-dispersive X-ray diffraction (EDXRD)
techniques. In the analogous battery with mildly acidic electrolytes, the complex reaction
mechanism was explained to answer why perpetual access of Mn2+ ions at the electrode/electrolyte
interface enhanced the rechargeability. Differentiation of the phase evolution of cycled MnO2
electrodes used both ex situ and operando X-ray radiation analytical techniques.
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The examined hurdles for rechargeable Fe–air batteries were countered by suppressing the
evolution of hydrogen gas on the iron electrode and optimizing bifunctional catalysts for the air
electrode, in order to improve performance and cycle life. The evolution of hydrogen gas was
minimized using potassium stannate as an additive. The rationale behind the additive was that tin
metal would deposit as the iron electrode charged and serve as a barrier to hydrogen gas. Operando
neutron diffraction measurements described the phase evolution of the iron electrode with stannate
during charge-discharge cycling. Hydrogen evolution on iron, evaluated as a function of charge
current density, was studied by coupled electrochemistry and mass spectrometry. New bifunctional
catalysts for the air electrode were characterized structurally and electrochemically. The findings
presented an excellent catalyst candidate with superb activity for oxygen evolution and reduction
with excellent long-term stability. The catalyst was used in a rechargeable alkaline Fe–air battery as
a demonstration of this technology, and its effect on performance and cycle life is presented later.
This thesis aims to investigate the aforementioned battery systems and develop them as viable
technologies for large-scale energy storage. The motivation of this study emphasized rechargeable
batteries based on available resources to actualize the transition from fossil fuels to renewable
energy sources.
This thesis presents the background and motivation of the work, explains how experiments were
carried out and how analysis methods were applied, discusses the relevant results from Papers I–V,
and finally summarizes these results.
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2. Experimental
2.1.

Synthesis
2.1.1.

Bismuth-doped β-MnO2

The bismuth-doped β-MnO2 (MBDB) material was synthesized via the thermolysis of manganese and
bismuth nitrates. Two solutions were prepared separately before heat treatment: 1) 50 g of
Mn(NO3)2·4H2O (Sigma-Aldrich, >97%) in 80 mL deionized water and 2) 4.27 g of Bi(NO3)3·5H2O
(Sigma–Aldrich, >98%) in 18.6 mL deionized water and 6.4 mL nitric acid (HNO3, Sigma–Aldrich, 70%).
The solutions were mixed together and heated to 125 °C. Observable color changes of the solution
upon heating indicated the oxidation of manganese from 2+ to 4+, and the final solution was black.
The black solution was heated under vacuum at 125 °C for 12 h and the solid residue then baked at
325 °C for 5 h in air. Lastly, the solid material was ground into a fine powder.

2.1.2.

Oxygen electrocatalysts

Three materials were synthesized as of oxygen electrocatalysts: 1) La1–xCaxMnO3 (LCMO), 2) Ni–Fe
layered double hydroxide (LDH) and NiCo2O4. For the LCMO catalyst, a solution of La, Ca and Mn
nitrates (VWR Chemicals, >99%), in the molar ratio 0.1:0.9:1, was first prepared. The solution was
then added dropwise to a heated solution of 0.2 M Na2CO3 (Sigma-Aldrich, >99.5%) at 50 °C,
resulting in a precipitate. The precipitate was washed with deionized water, filtered, and dried
before being calcined at 700 °C for 6 h in air. After calcination, the solid was quickly quenched in a
water-cooled zone of the furnace. Lastly, the solid material was washed with 10% aqueous acetic
acid, rinsed with deionized water, dried overnight at 150 °C and then ground.
Synthesis of the Ni–Fe LDH catalyst consisted of adding a reducing agent to a mother solution
containing nickel and iron nitrates. The mother solution consisted of 8 mL of 0.5 M Ni(NO 3)2·6H2O
(Merck, >97%), 2 mL of 0.5 M Fe(NO3)3·9H2O (Pro Analysi, >98%) and 0.50 g of polyvinylpyrrolidone
(PVP, Fluka, K30, Mw = 40 000). This solution was mixed to ensure full dissolution of the compounds
and then transferred to a beaker with 50 mL deionized water. The reducing agent solution contained
1 g NaBH4 (Sigma-Aldrich, >98%) in 20 mL deionized water, and was added dropwise to the mother
solution. Mixing of the total solution continued overnight, resulting in a precipitate. The precipitate
was collected, filtered, and washed with both deionized water and ethanol before drying at 60 °C for
12 h.
Preparation of the NiCo2O4 catalyst comprised thermal decomposition of 3.62 g Ni(NO3)2·6H2O
(Merck, >97%) and 7.26 g Co(NO3)2·6H2O (Sigma-Aldrich, >98%) in 200 mL deionized water at 375 °C
for 2 h. After heating, the solid material was cooled to room temperature and then ground to a
powder.

2.2.

Cell preparation and electrochemical characterization
2.2.1.

Alkaline Zn–MnO2

After synthesis of the MBDB active material, electrodes were prepared by mixing 45 wt% MBDB, 45
wt% graphite (Timcal, KS6) and 10 wt% PTFE (Sigma-Aldrich, 60 wt% dispersion in H2O). The
electrodes were worked into pastes, dried in a vacuum oven at 125 °C for 1 h, and then pressed onto
a perforated nickel wire screen at 98 MPa. The pressed MBDB electrodes were assembled into
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planar cells against zinc foil as counter electrode and separated with one layer of polyvinyl chloride
(PVC) and two layers of non-woven cellulose (Freudenberg LLC, FV-4304). Acrylic plates with screws
held the cell under compression. After assembly, the cells were immersed in a beaker of 5 mL
electrolyte. The cycling protocol used constant current rates of 205, 31 or 147 mA g–1, with cells
connected to a battery analyzer instrument (MTI, BST8-3). The voltage range was kept between 0.4
and 1.8 V vs. Hg/HgO (+0.098 V vs. SHE) with a constant voltage step of 1.8 V during charge until the
current dropped below 10% of the input value.

2.2.2.

Aqueous sulfate Zn–MnO2

Characterization of aqueous sulfate Zn–MnO2 cells used two electrolytes, 2 M ZnSO4 (Mn2+-free
electrolyte) and 2 M ZnSO4 + 0.1 M MnSO4 (added-Mn2+ electrolyte). Preparation of MnO2 electrodes
consisted of mixing 0.80 g EMD (Tronox, Ultrafine), 0.02 g graphite (Timcal, BNB90), 0.09 g carbon
black (Imerys, Super C65), and 0.09 g polyvinylidene fluoride (PVDF, Arkema, KynarFlex 2801) with 2
mL N-Methyl-2-pyrrolidone (NMP, VWR) solvent. This mixture was ball-milled (SPEX, 8000 Mill) for
20 min to form a slurry and then cast as a thin film on carbon paper (Freudenberg, H23) to a
thickness of 0.18 mm. Afterwards, the electrodes were dried in two steps, first at 60 °C for 3 h and
then at 120 °C for 12 h under vacuum. For the counter electrode, a slurry prepared in similar fashion
was casted on zinc foil (Alfa Aesar, 0.25 mm thickness) before drying at 60 °C overnight. The zinc
slurry composition consisted of 0.80 g zinc powder (Sigma–Aldrich, <10 µm, >98%), 0.10 g activated
carbon (Merck, Activated charcoal for analysis), 0.05 g graphite (Timcal, BNB90), 0.05 g PVDF
(Arkema, KynarFlex 2801) and 1.2 mL NMP. One layer of glass fiber paper (Whatman Grade GF/F)
separated the electrodes and the cell was contained between two acrylic pieces before it was
immersed in a container with 5 mL electrolyte. Cyclic voltammetry (CV) measurements were
performed on a potentiostat (BioLogic, SP-50) at potentials between 1 and 1.8 V vs. Zn/Zn2+ using a
sweep rate of 0.2 mV s–1. Charge-discharge cycling was done by connecting the cell to a current
source (Wuhan LAND Electronics, CT2001A) at a constant current rate of 60 mA g–1. Voltage cut-offs
were set at 1 and 1.8 V with a constant voltage step at 1.8 V during charge and ended when the
current dropped below 20% of the input value.

2.2.3.

Iron electrode

The iron electrodes used in the stannate-additive study consisted of 80 wt% iron (Höganäs AB,
Nutrafine RS), 5 wt% Bi2S3 (Sigma–Aldrich, 99%), 8 wt% graphite (Imerys, KS6L), 2 wt% carbon black
(Imerys, Super C65) and 5 wt% PTFE (Sigma–Aldrich, 60 wt% dispersion in H2O). After mixing, the
formed paste was rolled to a thickness of 0.1 mm, dried at 110 °C for 1 h and then pressed into a
nickel wire screen (Dexmet, 100 mesh) at 30 MPa. The cell consisted of a commercial sintered nickel
electrode (Gates Energy) as counter electrode and Ag/Ag2O as reference electrode (+0.242 V vs.
Hg/HgO or +0.098 V vs. SHE)111. The measured half-cell potentials were converted to be relative to
that of Hg/HgO. One layer of non-woven cellulose (Freudenberg, 700/18F) separated the electrodes
and the cell was contained between acrylic plates before being submerged in 30 mL 6 M KOH + 1 M
LiOH electrolyte, with or without 0.1 M K2SnO3 included. The electrodes were cycled using a current
source (Wuhan LAND Electronics, CT2001A) operated at a constant current rate of 192 mA g–1.
Voltage cut offs were set to –0.458 and –1.158 V vs. Hg/HgO.
Nanostructured copper- and/or tin-doped iron materials, denominated as CuSn and Sn, were
provided by Höganäs AB. Paper IV details the structural and elemental composition analysis of these
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powders. The two iron-electrode materials were combined with single-walled carbon nanotubes
(SWCNT, OCSiAl, TUBALL™ BATT). Another sample investigated the effect of 0.65 M LiOH added to
the 6 M KOH electrolyte. In total, four samples were evaluated: 1) CuSn, 2) CuSnCNT, 3) CuSnCNTLi
and 4) SnCNT. Preparation of the electrodes involved mixing 80 wt% of the nanostructured iron
materials with 5 wt% carbon black (AkzoNobel, Ketjenblack EC-300J), 5 wt% Bi2S3 (Sigma–Aldrich,
99%) and 10 wt% PTFE (Sigma–Aldrich, 60 wt% dispersion in H2O). The mixture was homogenized in
laboratory blender (Waring, LB20ES) at 6000 RPM for 15 min in an aliphatic solvent (Shell Chemicals,
ShellSol D70). Afterwards, the filtered wet mass was rolled on a nickel wire screen (100 mesh) to a
thickness of 0.7 mm, pressed at 375 kg cm–2 and then sintered at 325 °C for 30 min. Paper IV shows
the active mass loading of iron in each sample. The nanostructured metal-doped iron material
containing copper and with SWCNT was adapted to the Fe–air prototype in Section 2.2.5.

2.2.4.

Air electrode

Preparation of the air electrodes covered three parts: a catalyst layer, a current collector, and a gas
diffusion layer (GDL). Preparation of the catalyst layers were done for three sets of samples: 1) 65
wt% LCMO + 10 wt% Ni–Fe LDH, 2) 65 wt% LCMO + 10 wt% NiCo2O4 and 3) 75 wt% NiCo2O4, with 10
wt% carbon black (Imerys, Super C65) and 15 wt% PTFE (Sigma–Aldrich, 60 wt% dispersion in H2O),
constituting the rest for all three samples. The mixtures were homogenized in 20 mL ethanol per 1 g
of solids using an ultrasonic probe (Hielscher, UP200St) at 30% amplitude for 10 min. After mixing
and filtration, ethanol was added to the collected cakes to form pastes that were rolled to a
thickness of 0.4 mm. The rolled pastes were then pressed at 375 kg cm –2 onto a nickel wire screen
(Dexmet, 100 mesh) that served as current collector. Lastly, the electrodes were sintered at 340 °C
for 25 min before being cold-pressed onto the GDL, a porous PTFE foil (Guarniflon, TPF020), at 375
kg cm–2. Paper V provides the active mass loadings of the catalysts used in the prepared electrodes.
Electrochemical characterization of the OER and ORR in 6 M KOH used a specially designed cell
connected to a potentiostat (Bio-Logic, SP-50). Nickel mesh served as the counter electrode and
Ag/Ag2O as the reference electrode while the recorded half-cell potentials were converted to the
Hg/HgO reference. The cells were submerged in 50 mL of electrolyte and wetted the catalyst layer,
while the GDL layer was preserved dry with air flowing at a rate of 20 mL min–1. The active geometric
surface area was 4 cm2 and reported current densities were based on this value. Air electrodes were
preconditioned by CV over 20 cycles between –0.108 and 0.592 V at 5 mV s–1. Then, the cycle life of
these electrodes was assessed by charging and discharging for 2 h in steps at ±10 mA cm–2.

2.2.5.

Fe–air prototype

Paper V details the requirements that must be considered when fabricating the Fe–air prototype to
enable stable cell operation. In short, resistant cell materials must withstand corrosive
environments, facilitate both electrolyte and gas flow, and secure the mechanical integrity and
sealing of the cell. Figure 2.1 shows the cell breakdown of the Fe–air prototype. Both stainless steel
(SS) and PVC end plates tighten the cell body, which has total dimensions of 12  10  3 cm. Inlets
and outlets for gas and electrolyte were fitted on the front. Within the cell, one iron and one air
electrode were aligned in parallel and separated by two polyethylene mesh spacers (PE, 1.35 mm
thickness, 3.4  3.2 mm mesh size). Another PE mesh spacer was placed on the GDL side of the air
electrode, facilitating gas transport to the catalytic sites. Ethylene propylene diene monomer rubber
gaskets (EPDM, Kuntze, ESO2 425-010, 0.5 mm thick) sealed the cell, and contained holes to ensure
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gas and electrolyte flows to the electrodes. The cell contained 10 mL electrolyte and had an active
geometric surface area of 49.2 cm2. Spot-welded nickel-foil tabs served as external connections.

Figure 2.1. Cell breakdown of the Fe–air prototype components. Figure reproduced from Paper V.

The flow-assisted Fe–air prototype cell was operated using copper-doped iron for the iron electrode
and NiCo2O4 as the bifunctional catalyst for the air electrode. The 6 M KOH electrolyte was circulated
through a closed system at 1 mL min–1 by a peristaltic pump (LKB Bromma, 2132 MicroPerpex).
Oxygen feed to the cell flowed at the rate of 35 mL min–1. Upon operation with electrolyte and gas
flows, the cell was connected to a current source (Wuhan LAND Electronics, CT2001B) and the
potential was recorded from the full cell. The cell operation protocol included three steps: 1) a
formation step to activate both electrodes at ±4 mA cm–2, 2) a rate-capability step at current
densities between ±5 and ±25 mA cm–2, and 3) a cycle-life-assessment step at ±10 mA cm–2. For the
first two steps, the cell was charged to the theoretical specific capacity of iron, 960 mAh g–1, whereas
in the last step, the charge capacity was optimized to maximize efficiency.

2.2.6.

Coulombic efficiency

Detection of gaseous products with a specially designed electrochemical cell coupled to a mass
spectrometer (MS), as described in previous work112, enabled the quantification of hydrogen gas
evolved at iron and zinc electrodes. The measurements assumed that the HER was the only cause of
deviation from 100% Coulombic efficiency. Coulombic efficiency is defined as the ratio of total
discharge capacity output from the cell to the total charge capacity input into the cell over a full
cycle. The cell consisted of two separated chambers filled with electrolyte and with volumes of 48
cm3 each. Both chambers were purged continuously with argon to exhaust accumulated gas. From
each chamber, the exhaust was collected into a sampling point for the MS (Pfeiffer, Thermostar
GSD320-QMG220) to detect the gaseous products. Evaluated iron electrodes in alkaline electrolyte
were cycled against an oversized commercial nickel electrode (Gates Energy). The iron electrodes
were activated prior to the efficiency analysis, and then fitted into the setup to quantify the amount
of hydrogen gas. The electrodes were cycled using a potentiostat (BioLogic, SP-50) at charge current
densities of 5–15 mA cm–2 while the discharge was kept constant at 5 mA cm–2. In the case of zinc
electrodes, symmetric cells were used in mildly acidic electrolytes at current densities of 1–100 mA
cm–2. The geometric surface areas of the zinc working and counter electrodes were 1 and 9 cm2,
respectively.
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2.3.

Operando techniques
2.3.1.

Energy-dispersive X-ray diffraction (EDXRD)

Operando EDXRD enabled the MnO2 phase transformations that occurred during cell operation in
alkaline electrolytes to be distinguished. A 3D printed cell holder (Formlabs, Form 1 3D printer) was
prepared and from a resin that was stable in concentrated alkaline solution and highly transparent
to X-rays. The cell had an open design with no compression. It was filled with 1 M KOH + 3 M LiOH as
electrolyte and cycled against a zinc foil as the counter electrode. The cell was cycled at 147 mA g–1
for both charge and discharge, using a battery cycler (MTI, BST8-3). Data collection was conducted at
the National Synchrotron Light Source on the beamline X17B1 at Brookhaven National Laboratory.
Prior to running the cell, the incident X-ray beam and detection at a fixed angle of 2θ = 3° were
aligned. The incident beam consisted of white-beam radiation in the energy range of <20 to 200 keV
and diffracted X-rays were collected with a cryostat-cooled Ge detector (Canberra). The collected Xray signals were digitally processed using an 8192-channel analyzer. Data collection points occurred
every 1 min as the cell cycled. Calibration of the X-ray energy used LaB6 and CeO2 as standards.
Paper I further details the positioning of the incident beam and detector as well as the complete
scan procedure.

2.3.2.

Neutron diffraction

Operando neutron diffraction measurements were carried out to distinguish the phase evolution of
an iron electrode with stannate, which used a cell design described elsewhere113. A 6 M KOD + 0.1 M
K2SnO3 electrolyte was used to minimize the incoherent scattering from H nuclei. Therefore, on the
nickel-mesh counter electrode, O2 and D2 gas evolved upon cycling. The iron electrode was prepared
in similar procedure as described in Section 2.2.3 but on a larger scale (1.25 g of iron) to achieve
satisfactory intensities of diffracted neutrons. Before data collection, the iron electrode was
activated by charge-discharge cycling until it reached a stable discharge capacity. Time-of-flight
neutron diffraction data collection was performed at the ISIS pulsed spallation neutron source using
the Polaris diffractometer114. Collection time per data point was set to 60 min to ensure good
statistical quality. The cell discharged at 96 mA g–1 for 5 h and charged at 192 mA g–1 for 4 h, with a
30-min rest step in between. Rietveld analysis of the collected data used the GSAS software and data
from the low-angle detector bank (40° < 2θ < 67°, dmax = 7 Å, Δd/d = 0.86%). The Bragg peak profiles
were described by a pseudo-Voigt function although only the Gaussian width of the function was
refined115.

2.3.3.

X-ray diffraction (XRD)

Modified pouch cells, based on cells used in other reported work116, were constructed for operando
XRD measurements to identify the phase evolution of MnO2 in aqueous sulfate Zn–MnO2 cells. The
pouch cell had 13-mm holes punched on both sides to avoid contribution of the polymer-coated
aluminum foil to the XRD patterns, and these were sealed with Kapton tape. The zinc counter
electrode also contained a 5-mm hole to allow the incident X-ray beam window to be focused on the
MnO2 electrode. The incident beam passed through the following components: Kapton tape,
electrolyte, glass fiber paper and the MnO2 electrode. Figure 2.2 shows a schematic of the pouch
cell.
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Figure 2.2. Schematic of the operando XRD pouch cell components with incident X-ray beam direction
illustrated. Figure reproduced from the supplementary information for Paper III 72 with permission from
Elsevier.

Data collection upon phase transformations in the MnO2 electrode used an in-house single crystal
diffractometer (Bruker AXS) with Mo source and a CCD detector (2D Apex II). XRD patterns were
collected in transmission mode every 10 min using a 0.5 or 0.8-mm beam collimator. The cell was
charged and discharged at 30 mA g–1, including a constant-voltage step at 1.8 V during charge, until
the current dropped below 10% of the input value.

2.4.

Scanning electron microscopy (SEM) and energydispersive X-ray spectroscopy (EDS)

SEM micrographs were captured from secondary electrons for visualizing the sample morphology
and particle size, while EDS provided information on the sample surface composition. SEM and EDS
investigations were performed for the MBDB, oxygen electrocatalysts, MnO2 electrodes after cycling
in aqueous sulfate electrolytes and iron electrodes after cycling in the stannate-additive study. SEM
micrographs of the synthesized MBDB were captured using an environmental scanning electron
microscope (ESEM, Philips XL 30) operated at 20 kV. SEM images of the oxygen electrocatalyst and
cycled MnO2 and iron electrodes were recorded using a field emission microscope (JEOL, JSM7001F), operated at 15 kV, and integrated with EDS capabilities to analyze the elemental
composition of the materials. Paper IV includes SEM images of the nanostructured copper- and/or
tin-doped iron materials.

2.5.

XRD

XRD patterns were mainly used for phase identification and structural analysis. Ex situ XRD patterns
were collected on MBDB and the oxygen electrocatalyst materials. The XRD pattern of MBDB was
acquired using a Bruker D8 Advance diffractometer operated in Bragg–Brentano θ-2θ geometry and
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using a Cu Kɑ1 source, λ = 1.54056 Å. The XRD patterns of the oxygen electrocatalysts were acquired
using a PANalytical X´Pert Pro diffractometer, in Bragg–Brentano θ-θ geometry, and a Cu Kɑ source,
λ = 1.54056 Å. Papers II, III and IV include XRD patterns of the iron electrodes used in the stannate
additive study, MnO2 electrodes used in aqueous sulfate electrolyte, and nanostructured copperand/or tin-doped iron materials, respectively.

2.6.

Electron energy loss spectroscopy (EELS)

EELS provided structural information of cycled MnO2 electrodes in aqueous sulfate electrolytes. EELS
data collection used a Schottky field emission electron microscope (JEOL, JEM-2100F) operated at
200 kV, with a probe size of 0.7 nm and a camera length of 2 cm. The microscope had an integrated
CCD camera (Gatan, Ultrascan 1000), post-column energy filter (Gatan Imaging Filter, Tridiem 863),
and a Gatan annular dark field detector. MnO2 electrode samples cycled in aqueous sulfate
electrolyte were washed, dried, and then scratched off the carbon paper with a diamond scriber and
collected on a holey carbon support film (SPI, 300 mesh Cu). Acquired EELS spectra covered the Mn
L2,3 edges (651 and 640 eV, respectively), the O K edge (530 eV) and the Zn L 2,3 edges (1043 and 1020
eV, respectively). These spectra were recorded in the scanning transmission electron microscopy
mode with applied spatial drift correction and subpixel scanning modality. All EELS spectra were
acquired at inelastic mean free path regions between 0.3 and 0.8. Full width at half maximum of the
zero-loss peak was 1.20 eV. Multiple scattering effects in the EELS spectra were removed by Fourier
ratio deconvolution of low-loss features and the background fitted by a power-law model.
Estimation of the Mn oxidation states was based on integrated L3/L2 intensity ratios using a double
arctan continuum model117,118 as detailed in other work119,120.

2.7.

X-ray photoelectron spectroscopy (XPS)

Surface sensitive XPS analysis was used to quantify tin in the cycled iron electrode with stannate. XPS
analysis used a ULVAC-PHI Versaprobe 5000 spectrometer with monochromatic Al Kɑ line (1486.6
eV) as the X-ray source. The XPS operated at a nominal power of 25 W with a beam size of 100 µm
and at a 45° angle while the sample was charge-neutralized of both low-energy electrons and Ar+
ions. Calibration used two reference points for the spectrometer energy scale: Au 4f7 (84 eV) and Cu
2p3 (932.7 eV). Detection of tin was performed on iron electrodes that had been cycled with
stannate by measuring the Sn 3d spectrum (484–498 eV) to a depth of 5 nm with an energy pass of
23.5 eV and step size of 0.1 eV. Paper II includes the deconvolution of the Bi, F, C, and O XPS spectra.
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3. Results and discussion
The results and discussion in this thesis are a synopsis of those given in Papers I–V. Paper I covers
the detailed synthesis, composition, structure characterization and electrochemical properties of
bismuth doped β-MnO2 in electrolyte mixtures containing multiple cations for rechargeable Zn–
MnO2 alkaline batteries. Paper III elucidates the reaction mechanism of rechargeable aqueous
sulfate Zn–MnO2 batteries by structural and electrochemical characterization. Paper II deals with the
effect of stannate on rechargeable alkaline iron electrodes by electrochemical, morphological and
phase evolution characterizations. Paper IV explores nanostructured doped iron materials for highperformance rechargeable iron electrodes and gives insight into optimal cell operation. Lastly, Paper
V investigates proper bifunctional oxygen electrocatalysts for air electrodes and adapts one of them
to an Fe–air battery in order to prove the feasibility of this technology.

3.1.

Cation electrolyte mixtures for rechargeable Zn–MnO2
alkaline batteries (Paper I)
3.1.1.

Structural characterization of bismuth-doped β-MnO2
(MBDB)

Figure 3.1 shows the XRD pattern and SEM image of the synthesized bismuth doped β-MnO2 (MBDB)
material. The reflections at 2θ = 31–34° were from Bi2O3 (ICSD 417638). This 2θ region was excluded
in the Rietveld refinement to improve the precision of the fit. The remaining reflections matched
well with those from β-MnO2 (ICSD 73716). The stoichiometric ratio of Bi:Mn corresponding to 3.5%
of the manganese atoms in the (0,0,0) position replaced with bismuth was used in the refinement,
while oxygen atoms were located in the (0.3046,0.3046,0) position, with full occupancy, yielding Rp =
9.8% and Rwp = 15.4%. The synthesized MBDB material was produced as fine interconnected
particles in the size range of 50–100 nm, as shown in Figure 3.1b.

Figure 3.1. a) Ex situ XRD pattern of MBDB including observed data (black), calculated pattern (red), ICSD peak
positions for β-MnO2 (green), and the difference between raw data and fitted model (blue). b) SEM image of
synthesized MBDB. Figure reproduced from Paper I69 with permission from American Chemical Society.
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3.1.2.

Electrochemical performance of KOH:LiOH electrolytes

Electrochemical performance of the alkaline Zn–MnO2 cells was analyzed for mixed-cation
electrolytes with varied KOH and LiOH concentrations. Figure 3.2a shows discharge capacity results
for a wide composition range of electrolyte mixtures measured at 205 mA g–1 to identify optimal
mixture concentrations. The cells containing 4:0, 3:1 and 2:2 mixtures of KOH:LiOH (total
concentration 4 M) had similar cycle trends. These cells attained high discharge capacities of 230–
370 mAh g–1 in the first cycle but these values quickly declined to 50–100 mAh g–1 in subsequent
cycles. Meanwhile the 1:3 and 0:4 KOH:LiOH mixtures sustained higher capacities over 10 cycles. The
4 M LiOH cell failed after 10 cycles, however, because of passivation of the zinc electrode as ZnO is
less soluble in the weakly basic pure LiOH electrolyte121. The 1 M KOH + 3 M LiOH cell cycled over 50
times and showed less capacity fading during these cycles. Figure 3.2b shows results obtained in
electrolyte mixtures with concentration ratios close to 1:3 and tested at slower rates, with the first
cycle at 31 mA g–1 and subsequent cycles at 147 mA g–1. Superior cell performance was achieved
within the approximate range of 1:3 to 3:7 KOH:LiOH ratios. At the higher ratio of 1:2 or the lower
ratio of 1:4, the capacity dropped significantly after the first cycle, to 110–80 mAh g–1. This quick
decay in performance can be explained by a disfavored proton insertion mechanism when the
KOH:LiOH ratio was too low and the favored formation of ZnMn2O4 when the ratio was too high.
These results indicate that an optimized KOH:LiOH ratio can improve the overall cycle life of Zn–
MnO2 cells. Paper I elucidates the electrochemical effect of bismuth doping in β-MnO2 of cells cycled
in 1 M KOH + 3 M LiOH electrolyte. In short, bismuth affected the second-electron discharge region
by complexing with dissolved manganese species of Mn(OH)23– or Mn(OH)24– and inhibited the
formation of Mn3O4/ZnMn2O4122. This improved the cyclability of Zn–MnO2 cells in 1 M KOH + 3 M
LiOH, where discharging occurred by simultaneous proton and lithium insertion into the MnO2
structure.

Figure 3.2. MBDB cells cycled against zinc metal in different KOH:LiOH electrolyte mixtures, at rates of a) 205
mA g–1 and b) 31 mA g–1 for the first cycle and 147 mA g–1 for subsequent ones. Figure reproduced from Paper
I69 with permission from American Chemical Society.

3.1.3.

Phase evolution investigation of MBDB electrodes

The details of phase evolution in MBDB electrodes upon cycling in 1 M KOH + 3 M LiOH were studied
using both ex situ and operando techniques. Figure 3.3 shows ex situ XRD patterns of MBDB
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electrodes cycled once and stopped at the discharged (Figure 3.3c) and charged (Figure 3.3d) states.
The structural transformation that occurred upon the first full discharge reduced β-MnO2 into a
mixture of LiMn2O4 and Mn(OH)2. Observed shifts in the (111), (113) and (222) peaks of LiMn2O4 at
19.1, 33.9 and 44.9° evidenced lithium insertion. Concurrent proton insertion formed the other
product, Mn(OH)2. These reduced products demonstrated the plausible simultaneous lithium and
proton insertion into the β-MnO2 structure over the first full discharge. During the reoxidation step,
the original MBDB structure was not recovered. Instead, a new set of peaks emerged, especially the
noteworthy peak at 12°. The strongest emerging peaks can be assigned to the layered birnessite
structure (δ-MnO2)123. Bi2O3 peaks appearing at 31–34° for the pristine electrode disappeared during
discharge due to reduction of Bi2O3 to amorphous bismuth metal. The other components, PTFE,
carbon black and nickel, remained unchanged throughout cycling.

Figure 3.3. Ex situ XRD patterns of MBDB electrodes in various states of charge and discharge in 1 M KOH + 3
M LiOH: a) MBDB powder, b) pristine MBDB electrode, c) after the first full discharge and d) after the first full
recharge. Figure reproduced from Paper I69 with permission from American Chemical Society.

Figure 3.4 shows the operando EDXRD phase evolution investigation of MBDB, which revealed the
same reaction mechanism seen from the ex situ XRD measurements. MBDB was fully reduced to
Mn(OH)2 and LiMn2O4, and never recovered upon recharge. The Mn(OH)2 peaks appeared at 81.42,
95.2, 128.5 and 141.4 keV during discharge, while an increased intensity at 77.8 keV, close to the
graphite peak, corresponded to LiMn2O4. Interestingly, peaks stemming from metallic bismuth
developed during discharge and then faded away when bismuth dissolved into the electrolyte during
charge. The birnessite phase was not detected after the first cycle because of the limited energy
range of the EDXRD scan. The absence of the intermediate trivalent MnOOH phase, usually formed
during normal proton insertion71,73, may be explained by the favored lithium insertion that formed
LiMn2O4 instead. This may also be the key to the improved cyclability, as the irreversible
Mn3O4/ZnMn2O4 phases form through the trivalent intermediate. These irreversible phases cannot
be oxidized back to birnessite, but Mn(OH)2 can.
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discharged
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discharged
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Figure 3.4. Operando EDXRD measurements of a MBDB cell cycled against zinc metal in 1 M KOH + 3 M LiOH.
The colored vertical arrows indicate peaks associated with particular phases and the black horizontal arrows
indicate the end of charge and discharge of the MBDB electrode. Figure reproduced from Paper I69 with
permission from American Chemical Society.

Ultimately, mixed cation electrolytes containing KOH and LiOH enabled a competing proton- and
lithium-insertion mechanism in rechargeable alkaline Zn–MnO2 batteries. This improved the use of
MnO2 and upheld reversibility, while suppressing the inactive ZnMn2O4 phase from proton insertion
in favor for LiMn2O4.

3.2.

Reversible aqueous sulfate Zn–MnO2 batteries with Mn2+
(Paper III)
3.2.1.

Electrochemical characterization of MnO2 electrodes

Figure 3.5 depicts the electrochemical impact of Mn2+ in aqueous sulfate Zn–MnO2 cells by
comparing results for cells with 2 M ZnSO4 (Mn2+-free) and 2 M ZnSO4 + 0.1 M MnSO4 (added-Mn2+)
electrolytes. The cells used overdimensioned zinc metal counter electrodes to allow full investigation
of the MnO2 electrodes. The CV curves in a) and b) show the redox reactions that occur and the
distinction between cells. In both cases, the first reduction entailed a one-electron transfer at 1.21 V
while the subsequent ones had two peaks, at 1.25–1.28 and at 1.37–1.39 V. This shifting
electrochemistry from the first cycle to following ones was caused by the conversion of ɣ-MnO2 to a
layered hydrated MnO2 structure containing zinc. The two electron-transfer peaks after the first
cycle correlated to the insertion mechanisms of protons and zinc. The electron transfer
characteristics of both samples were analogous except that the added Mn2+ cell upheld reversibility
over 50 cycles. Figure 3.5c validates the reversibility of charge-discharge cycling in the cell that had
Mn2+ added to the electrolyte. Both samples showed increasing capacity over the first 15 cycles,
which can be explained by poor wettability of the electrode. Eventually, maximum capacities were
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reached and the added-Mn2+ cell maintained a stable capacity of 220 mAh g–1 over 100 cycles while
the Mn2+-free cell deteriorated. The Coulombic efficiencies were unaffected by the declining capacity
and remained over 98%. Figure 3.5d and e shows the charge and discharge profiles from these
measurements. The figures depict a significant capacity fade when no Mn2+ is added to the
electrolyte. The discharge over the last cycles in d) showed a declining capacity for the second
plateau; this was related to zinc insertion and altered the reversibility. The added-Mn2+ cell however
showed a stable performance that implied that Mn2+ restrained zinc insertion. The rate capability of
the added-Mn2+ cell shown in Figure 3.5f achieved discharge capacities of 233, 216, 188, 141, 97 and
76 mAh g–1 at 30, 60, 120, 300, 750 and 1500 mA g–1, respectively. Overall, the Zn–MnO2 cell offered
satisfactory rate capability.

Figure 3.5. Electrochemical performance of aqueous sulfate Zn–MnO2 cells in 2 M ZnSO4 (Mn2+ free) and 2 M
ZnSO4 + 0.1 M MnSO4 (added Mn2+). Cyclic voltammetry over 50 cycles at 0.2 mV s–1 of a) Mn2+-free and b)
added-Mn2+ electrolytes. c) Charge-discharge cycle summary of the two samples over 100 cycles at 60 mA g –1,
where the left y-axis corresponds to specific discharge capacity (blue markers) and the right y-axis to the
Coulombic efficiency (red markers). Charge and discharge profiles of the MnO 2 electrodes in d) Mn2+-free and
e) added-Mn2+ electrolytes at 60 mA g–1. f) Rate capability analysis of the MnO2 electrode in the added Mn2+
electrolyte. All cells were cycled against zinc metal and the current and capacity were normalized based on the
active mass of MnO2. Figure reproduced from Paper III72 with permission from Elsevier.

3.2.2.

Characterization of cycled MnO2 electrodes

SEM images and elemental analysis of the surface in Figure 3.6 show structural changes to the MnO2
electrodes after cycling. The pristine electrode in Figure 3.6a consisted of EMD, carbon black,
graphite and PVDF. After cycling in Mn2+-free electrolyte, and at a fully charged state, the MnO2
electrode shown in Figure 3.6b had a densified surface and contained a significant amount of zinc.
This indicated that zinc insertion occurred during cycling, and in a weight amount close to that of
manganese. Moreover, the dense surface decreased the porosity of the electrode structure and
inhibited electrolyte contact with active sites. The electrode cycled in an electrolyte with added Mn2+
had a fibrous morphology and contained less zinc than manganese at its surface. As will be explained
in a later section, zinc insertion into the MnO2 structure formed Zn1–xMnO2·nH2O. The availability of
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Mn2+ in the electrolyte affected the amount of zinc inserted. In Figure 3.6c and d, the detected B and
Si on the surface originate from the borosilicate glass paper. The glass paper tended to stick to the
surface because of the precipitate, Zn4SO4(OH)6·5H2O, which formed during discharge. The
precipitate adsorbed large amount of H2O and dehydrated the surface. Figure 3.6d shows the
precipitate as large hexagonal layered flakes 10–30 µm in size. The precipitate completely covered
the electrode surface and has low electrical conductivity. It was indeed surprising that the cell even
managed to cycle with such coverage, indicating facile dissolution of the precipitate during charge
via decreasing pH61.

Figure 3.6. SEM images and elemental analysis results (inset) for MnO 2 electrodes in aqueous sulfate
electrolytes. a) Pristine MnO2 electrode composed of EMD, carbon black, graphite and PVDF. The MnO 2
electrodes were cycled 100 times and stopped at a charge state in b) Mn 2+-free and c) added-Mn2+
electrolytes. d) MnO2 electrode cycled 100 times and stopped at a discharged state in added-Mn2+ electrolyte.
In c), the highlighted blue color area corresponds to glass fiber paper and the red color area to carbon paper.
Figure reproduced from Paper III72 with permission from Elsevier.

EELS provided further structural analysis of cycled MnO2 electrodes at fully charged states. The
intensities in EELS spectra reflect the density of states and enabled a determination of the oxidation
state of manganese. Figure 3.7a shows representative EELS spectra of the O K edge, Mn L 2,3 edges
and Zn L2,3 edges from the pristine MnO2 electrode and electrodes cycled in electrolytes with and
without Mn2+. All samples showed strong white line features at Mn L edges from the non-filled 3d
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conduction band117,118,124. The energy position and characteristics of Mn L2,3 edges were similar for
the uncycled electrode and the electrode cycled in electrolyte with added Mn2+; the former had an
L3/L2 intensity ratio of 2.31 ± 0.15 and the latter 2.42 ± 0.19. The intensity ratio of the pristine MnO2
deviated from the theoretical value 2 ± 0.1117,125 but it has been reported elsewhere that high values
are obtained for nanosized MnO2126. The slight increase in intensity ratio for the added Mn2+ sample
indicates a lower oxidation state of Mn, which correlates with the addition of zinc to the structure,
as detected in the EELS spectra shown in Figure 3.7b. By comparison, the sample that was cycled in
Mn2+-free electrolyte sample showed a small shift of the Mn L2,3 edges to lower energies. The
intensity ratio of the Mn L2,3 edges increased here to 3.05 ± 0.56, indicating an even lower oxidation
state of Mn than in the added Mn2+ sample. The O K edge characteristics of the samples were more
distinct. The “a” and “b” peaks for the uncycled electrode and the one cycled in added Mn2+ had
similar features. The “a” peak was located at 531.40 eV for both samples and the “b” peak was
found at 556.60 and 543.8 eV for the respective samples. However, another peak appeared between
these features after cycling in added Mn2+ electrolyte and is attributed to an additional state given by
zinc in the structure127. In the sample cycled Mn2+-free electrolyte, the features are in contrast with
those of the other samples and are labeled as “a*” and “c*”. These two peaks were located at 538.4
and 555.8 eV, respectively, and did not match with typical fine-structure features of manganese
oxides. Instead, the broad energy width and range covered by the “a*” peak suggested that it may
originate from mixed manganese oxides with different valence states. This sample contained a
significant amount of zinc, consistent with the EDS results shown above.
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Figure 3.7. a) EELS spectra covering the Mn L2,3 and O K-edges of the pristine and cycled MnO2 electrodes at
charge states in both electrolytes. The intensity of Mn L2,3 and O K-edges are normalized to the maximum
intensity of Mn L3. b) EELS spectra covering the Zn L2,3 spectra for the cycled MnO2 electrodes at charge states
in both electrolytes. The intensity of Zn L2,3 edge from the sample cycled in added-Mn2+ electrolyte is amplified
for visualization and not relative to the Mn 2+-free sample. Figure reproduced from Paper III72 with permission
from Elsevier.

3.2.3.

Progression of the MnO2 charge and discharge mechanism

Operando measurements of the phase evolution of MnO2 electrodes used a suitable designed beam
window in the modified pouch cell to collect XRD patterns in transmission mode every 10 min.
Reference patterns were measured for the individual cell components, EMD, carbon paper, glass
fiber paper and electrolyte, before running the cell. Figure 3.8 shows the reference patterns of these
components. The electrolyte had the highest background contribution and shifted during cycling
because of varying H2O volumes. The background was set to be the same when evaluating different
state-of-charge (SOC) patterns upon cycling.
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Figure 3.8. Reference XRD patterns of the electrolyte, MnO 2 electrode, carbon paper, and glass fiber paper
from operando XRD data collection. The background was set to be the same throughout different SOC patterns
upon cycling. The patterns of the three given SOC at 0, 50 and 100% show the significant background shift.
Figure reproduced from the supplementary information for Paper III 72 with permission from Elsevier.

Figure 3.9 shows the XRD patterns and charge and discharge profiles of MnO2 cells in the Mn2+-free
and added-Mn2+ electrolytes. The significant peak arising at 2θ below 10° during charge can be
assigned to the (001) reflection of the hydrated phyllomanganate, Zn-buserite. Zn-buserite, a layered
structure similar to that of birnessite (δ-MnO2), but with an interlayer spacing of 10 Å containing two
H2O molecules instead of one and Zn2+ balancing the negative charge in the octahedral layers128. The
intensities of the (001)b and (002)b reflections belonging to the Zn-buserite phase and their peak
positions differed in the cells containing electrolyte without and with Mn2+. The former had 2θ
values of 8.65 and 18.16° (d = 10.22 and 4.88 Å, respectively) while the latter had values of 9.61 and
18.43° (d = 9.20 and 4.81 Å, respectively). The larger d-spacing values can be explained by the
increased quantity of Zn2+ inserted into the interlayer region, which expands the unit cell22. The
remaining reflections highlighted correspond to Zn1–xMnO2·nH2O, which is present in two intergrown
phases: hexagonal pyrolusite (β-MnO2) and orthorhombic ramsdellite. In both cells, the evolved
phases during charge represented Zn1–xMnO2·nH2O and Zn-buserite, whereas ZnMnO2·nH2O and
Zn4SO4(OH)6·5H2O formed during discharge. In Figure 3.9a, the unit cell of Zn1–xMnO2·nH2O expanded
and contracted during cycling, as evidenced from the peak shifts to lower and higher 2θ,
respectively. The peak shifts suggested Zn2+ insertion to form ZnMnO2·nH2O and extraction back to
Zn1–xMnO2·nH2O. Similar operando phase evolution of zinc insertion into MnO2 has been reported
elsewhere45. In contrast, the cell containing added Mn2+ had smaller peak shifts, which indicated that
the crystal structure was more stable to minor unit cell volume changes than the cell without Mn2+.
For comparison, the (102)h and (110)h peak positions of Zn1–xMnO2·nH2O from fully discharged to
charged states of the Mn2+-free cell increased by 1.8 and 2.7%, respectively, whereas for the addedMn2+ cell they increased by 0.4 and 1.1%, respectively. The Zn-buserite peaks faded upon discharge,
suggesting dissolution of the compound. From these observations, the impact of added Mn2+ is
correlated to the quantity of Zn2+ insertion. The accessible Mn2+ suppressed dissolution and inhibited
Mn vacancies for Zn2+ insertion. Higher Zn2+ insertion may destabilize the crystal structure and
inevitably result in deteriorating capacity.
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The peaks that arose during discharge included those of the crystalline Zn4SO4(OH)6·5H2O. This
compound precipitated due to increased pH (lowered concentration of H+ during proton insertion) at
pH around 5.561,62 without any exchange of electrons. The initial pH values of the Mn2+-free and
added-Mn2+ electrolytes were 4.2 and 3.9, respectively. The precipitate directly influenced the cell
reversibility by buffering the pH around 5.5 and inhibited formation of inactive ZnMn2O4 at pH > 7129.
However, the precipitate has low electrical conductivity and could impede diffusion of ions to active
sites by blocking the surface and plugging the pores. Limiting the amount of this precipitate is
important to maintain the rechargeability of the aqueous sulfate Zn–MnO2 cell.

Figure 3.9. Operando phase evolution analysis by XRD of MnO 2 electrodes upon charge and discharge.
Acquired XRD patterns in samples a) Mn2+-free and c) added-Mn2+ electrolyte at 30 mA g–1 with their
corresponding charge and discharge profiles in b) and d), respectively. Assigned diffraction indices with
subscripts correspond to the following phases: b = Zn-buserite, o = orthorhombic and h = hexagonal part of
Zn1–xMnO2·nH2O. In the XRD patterns, the blue line represents the fully charged state and red the fully
discharged state. Straight dashed orange lines display peak position shifts of the hexagonal reflections. Figure
reproduced from Paper III72 with permission from Elsevier.

To summarize, the MnO2 reaction mechanism in aqueous sulfate Zn–MnO2 cells can be described as:
𝑀𝑛𝑂2 + 4𝐻 + + 2𝑒 − ⇌ 𝑀𝑛2+ + 2𝐻2 𝑂

(3.1)

𝑍𝑛1−𝑥 𝑀𝑛𝑂2 ⋅ 𝑛𝐻2 𝑂 + 𝑥𝑍𝑛2+ + 2𝑥𝑒 − ⇌ 𝑍𝑛𝑀𝑛𝑂2 ⋅ 𝑛𝐻2 𝑂

(3.2)
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4𝑍𝑛2+ + 𝑆𝑂4 2− + 6𝑂𝐻 − + 5𝐻2 𝑂 ⇌ 𝑍𝑛4 𝑆𝑂4 (𝑂𝐻)6 ⋅ 5𝐻2 𝑂

(3.3)

The reaction during the first discharge proceeded via proton insertion into EMD and dissolution to
Mn2+ (3.1). In subsequent cycles, the same mechanism took place, but with Zn-buserite dissolving
instead. From these reactions, the concentration of H+ decreased upon proton insertion and lead to
the precipitation of Zn4SO4(OH)6·5H2O (3.3). Simultaneously, Zn2+ insertion occurred where x denotes
the number of reversibly inserted cations (0 < x < 1) and formed ZnMnO2·nH2O (3.2). Paper III
describes a hypothesis for the intermediate Mn3+ reaction that is excluded here.

3.3.

Effect of stannate on rechargeable iron electrodes (Paper
II)
3.3.1.

Electrochemical and structural characterization of iron
electrodes

Charge and discharge profiles of iron electrodes cycled in alkaline electrolytes, shown in Figure 3.10,
illustrate the impact of stannate in the electrolyte. The cells were cycled over Fe0/Fe2.67+ and
included deep discharge regimes and the formation of Fe3O4. This regime is avoided in commercial
alkaline iron electrodes, where the discharge reaction is limited to Fe(OH)2 with an Fe oxidation state
of 2+. Both electrodes contained Bi2S3 as an additive to suppress the HER; this compound reduced
during charging130:
𝐵𝑖2 𝑆3 + 6𝑒 − ⇌ 2𝐵𝑖 + 3𝑆 2− E° = –0.92 V vs. Hg/HgO

(3.4)

Metallic bismuth is deposited on the electrode surface while sulfide is adsorbed on iron and poisons
its activity towards hydrogen90. The discharge profile of the iron electrode in an electrolyte without
stannate (Figure 3.10a) had two plateaus. The first involved a two-electron oxidation to Fe(OH)2 at –
0.85 V and the second further oxidation to Fe3O4 at –0.70 V. The capacity increased successively over
30 cycles and stabilized thereafter around 400 mAh g–1. This increase in discharge capacity is a
known formation step that occurs as the electrolyte gradually penetrates to the core of the iron
particles89. During charge, metallic iron recovered and overcharged to 500 mAh g–1; the remaining
capacity was attributed to the HER. In the cell with stannate added, different charge and discharge
trends evolved as shown in Figure 3.10b. K2SnO3 dissolved to give stannate ions, Sn(OH)62–, that were
reduced to tin metal, which increased the HER overpotential during charge131:
𝑆𝑛(𝑂𝐻)6 2− + 4𝑒 − ⇌ 𝑆𝑛 + 6𝑂𝐻 − E° = –1.02 V vs. Hg/HgO

(3.5)

The redox potentials with stannate shifted, and after formation, the discharge profile had one main
plateau at –0.84 V that stabilized around 250 mAh g–1. This shift in redox potentials is attributable to
the formation of an alloy of iron and tin. The voltage cut-off during charge was set to –1.158 V to
avoid the excessive reduction of stannate ions in the electrolyte to metallic tin. Interestingly, the
HER overpotential shifted to more negative potentials, which allowed the Coulombic efficiency to be
determined. The efficiency obtained after formation was 85 ± 5%. If the two cells were compared
over the first discharge plateau, where commercial iron electrodes typically operate, the cell with
stannate (250 mAh g–1) outperformed the one without (150 mAh g–1).

30

A

B

Figure 3.10. Charge and discharge profiles of iron electrodes cycled against nickel electrodes over 150 cycles at
192 mA g–1 in a) 6 M KOH + 1 M LiOH and b) + 0.1 M K2SnO3. Figure reproduced from Paper II 111 with
permission from Journal of the Electrochemical Society.

Figure 3.11 shows SEM images of charged iron electrodes after cycling in alkaline electrolytes, as
well as of a pristine electrode. The pristine electrode in Figure 3.11a consisted of large graphite
flakes, together with smaller carbon black particles in the size range 40–60 nm, and iron powder
with an average particle size of 10 µm. After cycling the electrode, the particle size of iron dropped
to 0.2–1 µm, as shown in Figure 3.11b. This decrease in particle size occurred as iron dissolving and
was redeposited during cycling. In the electrode that was used in an electrolyte with stannate
added, octahedron-like particles 0.6–1 µm in size were deposited on the surface, as shown in Figure
3.11c. Spot elemental analysis with EDS showed an accumulation of tin in these particles. The
surface in Figure 3.11b consisted of 45wt% Fe and 4 wt% Bi, whereas that in Figure 3.11c was 22
wt% Fe, 2 wt% Bi, and 3 wt% Sn.
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Figure 3.11. SEM images of a) pristine iron electrode, b) charged iron electrode cycled in 6 M KOH + 1 M LiOH
and c) charged iron electrode cycled in 6 M KOH + 1 M LiOH + 0.1 M K2SnO3. Figure reproduced from Paper II111
with permission from Journal of the Electrochemical Society.

XPS analysis confirmed the presence of tin in the iron electrode cycled in the presence of stannate.
Figure 3.12 depicts the Sn 3d spectrum of the electrode to a depth of 5 nm. The fitted data matched
that of SnO2 formed from tin oxidized under exposure to air. Detection of tin here agrees with the
EDS results described earlier. Other elements detected on the surface included C, O, Bi, F and Fe.
However, the signal of Fe was weak and indicated only a minor amount on the surface. Paper II
includes the XPS spectra of the other elements.
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Figure 3.12. Deconvolution of the Sn 3d XPS spectrum measured to a depth of 5 nm depth on the iron
electrode that was cycled 150 times in 6 M KOH + 1 M LiOH + 0.1 M K2SnO3, at charge state. Figure reproduced
from Paper II111 with permission from Journal of the Electrochemical Society.

3.3.2.

Phase evolution characterization and structure refinement

Operando neutron diffraction measurements used a cell design reported in other work for the
Polaris instrument at ISIS113,132. Prior to the measurement, the iron electrode was activated by
cycling in deuterated 6 M KOD + 1 M K2SnO3 electrolyte. After activation, the discharge capacity
reached 420 mAh g–1. Figure 3.13 depicts a representative neutron diffraction pattern and Rietveld
refinement of the activated iron electrode in the cell, which also contained nickel (current collector
and counter electrode). The background from the amorphous and liquid components was fitted by a
shifted Chebyschev function with 12 coefficients. Initially, the refinement included the following
phases: Ni(s) (PDF 00-004-0850), Fe(s) (PDF 00-006-0696), Fe3O4(s) (both nuclear and magnetic
structures, PDF 00-019-0629), graphite (“C”, PDF 00-056-0159), and Bi(s) (PDF 00-044-1246). Ni
dominated the pattern and Bi was found to have a very small contribution to the refinement and
was hence excluded.
A set of unidentified peaks whose intensity changed during cycling indicated a new phase taking part
in the electrochemical reaction. The peaks of this new phase did not shift in position and were
therefore not the result of any intercalation reaction, which would induce changes in the volume of
the unit cell. The peaks could be indexed to a tetragonal unit cell with the dimensions a = 3.4049(7)
and c = 3.255(2) Å. This unit cell was reminiscent of a high-pressure body-centered Sn modification
with a = 3.70(1) and c = 3.37(1) Å133. Fe, Bi and C have also been reported to form isostructural solid
solutions with Sn134–136. The observations that Sn metal was not detected in Figure 3.13, but that the
presence of Sn was confirmed ex situ by EDS and XPS, suggest the presence of a new solid solution
phase, composed of Sn in combination with other available elements in the electrode. Indeed, Fe, Bi
and C have been found to form related structures. A good fit to the neutron diffraction data was
accomplished using the space group P4/mmm with Fe, Sn, Bi and C located at (0,0,0) and (½,½,½)
and D atoms located in (½,½,0). Thus, this structure model contains an octahedral interstitial site in
the metal atom framework, similar to ones found for metal hydride structures. The presence of D
obstructs a determination of the element ratios in the solid solution, in particular considering the
correlation between site occupancies and thermal parameters, and the similar neutron scattering
cross-sections of the elements present. D and C have almost equal scattering lengths, but the 1.63 Å
distance between the interstitial sites and the metal atoms is in better agreement with D being the
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interstitial atom. Thus, the new phase is identified as an intermediate hydride phase (IHP). A good
agreement between observed and calculated data was achieved, shown in Figure 3.13, with the
refinement converging with a goodness of fit value χ2 = 2.56. The corresponding weight fractions of
phases were: Ni (59.2 wt% and RF = 1.1%), C (1.1 wt% and RF = 4.2%), (Fe,Sn,Bi,C)2D (15.3 wt% and RF
= 7.3%), Fe (14.4 wt% and RF = 4.7%), Fe3O4 (9.0 wt% and RF = 4.5%), and Bi (1.0 wt% and RF = 8.8%).

Figure 3.13. Fitted neutron diffraction pattern at a charge state of the iron electrode in 6 M KOD + 0.1 M
K2SnO3. All observed diffraction peaks could be assigned with their respective phase and diffraction indices.
Figure reproduced from Paper II111 with permission from Journal of the Electrochemical Society.

Figure 3.14a shows a series of neutron diffraction patterns collected over a full charge-discharge
cycle. Specific reflections of the Fe, Fe3O4, and IHP phases underwent the most noteworthy changes
during cycling. Figure 3.14b compares the relative weight fractions of these phases over time.
Refinement of each neutron diffraction pattern included all phases. Prior to the operando analysis,
the cell was fully charged in fresh 6 M KOD + 0.1 M K2SnO3 electrolyte, to ensure a full reduction of
the iron electrode. This explained the high initial weight fraction of IHP as Sn(OD)62– is expected to
undergo reduction upon D2 evolution. The discharge capacity achieved from this cell corresponded
to 380 mAh g–1, consistent with the performance of half-cells. The weight fraction trends of Fe and
Fe3O4 followed the expected phase evolution during charge and discharge. The amount of IHP,
however, correlated inversely with that of Fe. When Fe formed, IHP was depleted and vice versa.
Neither Fe(OH)2 nor Sn metal were detected operando. XRD analysis of the fully charged iron
electrode recovered after these measurements showed the presence of Sn (see supplementary
information of Paper II). This corroborated that Sn was part of the solid solution in the IHP and
reacted during cycling. The IHP phase was metastable and decomposed to Sn among other species.
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Figure 3.14. a) Operando neutron diffraction patterns depicting the phase evolution of Fe, Fe 3O4 and the
intermediate hydride phase (IHP) in the iron electrode during charge and discharge cycling in 6 M KOD + 0.1 M
K2SnO3. Each neutron diffraction pattern was collected over 1 h. b) Weight fraction evolution of representative
phases (markers with error bars) and cell potential vs. O 2/D2 (dashed green line) as a function of time. Figure
reproduced from Paper II111 with permission from Journal of the Electrochemical Society.

In summary, the evolution of hydrogen gas was minimized using potassium stannate as an additive.
Tin prolonged the discharge profile of iron electrodes and increased the overpotential required for
hydrogen evolution, both desirable attributes for batteries. Operando neutron diffraction
measurements showed a correlation of these attributes to the formation of a novel intermediate
hydride phase during charge-discharge cycling.

3.4.

Hydrogen evolution on iron and zinc electrodes (Papers III
and IV)

The HER (1.4) contributes to deviation from 100% Coulombic efficiency in rechargeable alkaline iron
electrodes and zinc electrodes in aqueous sulfate electrolytes. Hydrogen evolution on both
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electrodes was quantified using electrochemistry coupled with mass spectrometry. The design of a
special electrochemical cell connected to the MS allowed the detection of hydrogen gas
accumulated in the system. The measurements assumed that the HER was the sole contributor to
the deviation from 100% efficiency and were based on Faraday’s law:
𝐼𝑡

𝑛 = 𝑧𝐹

(3.6)

Where n = number of moles (mol), I = current (A), t = time (s), z = electrons transferred per ion (z = 2
for H2) and F = 96485 C mol–1. Calibration used SS as a standard to quantify hydrogen gas. This
included linear sweep voltammetry over 0.3–0.55 V vs. Ag/AgCl at 0.2 mV s–1 upon accumulating
hydrogen gas. The charge passed (Coulombs) was correlated to the recorded counts of H2 on the MS.
From calibration, quantification factors were determined:
𝑞𝑢𝑎𝑛𝑡. 𝑓𝑎𝑐𝑡𝑜𝑟 =

∫ 𝐼𝐸𝐶 𝑡
∫ 𝐼𝑀𝑆 𝑡

(3.7)

Where IEC = current recorded from the potentiostat (A) and IMS = extracted ion signal from the MS
(A). Calculated quantification factors corresponded to (12.1 ± 1)  106. The number of moles of H2
detected per second based on (3.6) and (3.7) was:
𝑛𝐻2
𝑡

= 𝑞𝑢𝑎𝑛𝑡. 𝑓𝑎𝑐𝑡𝑜𝑟 ⋅

𝐼𝑀𝑆
𝑧𝐹

(3.8)

This was further derived to give the cumulative capacity of H2:
𝑄𝐻2 = 𝑞𝑢𝑎𝑛𝑡. 𝑓𝑎𝑐𝑡𝑜𝑟 ⋅ 𝐼𝑀𝑆 𝑡

(3.9)

Where QH2 = charge passed of H2 (As). The charge passed values of H2 were converted to mAh for
comparison with the charge capacity of the iron electrode. Finally, the charge efficiency was defined
as:
𝜂𝑐ℎ𝑎𝑟𝑔𝑒 =

𝑄𝑡𝑜𝑡 −𝑄𝐻2
𝑄𝑡𝑜𝑡

(3.10)

Where Qtot = total capacity obtained upon charging the iron electrode.
Figure 3.15 shows the evolution of charge efficiency for the four iron electrodes: a) CuSn, b)
CuSnCNT, c) CuSnCNTLi, and d) SnCNT. For each figure, the top plot shows the cell potential and
moles of H2 formed per second (3.8) as a function of time, while the bottom plot shows the charging
efficiency (3.10) and the cumulative H2 capacity (3.9) as a function of time. The extended H2
detection window from the MS accounted for all accumulated hydrogen gas. As such, the cumulative
H2 capacity and charge efficiency remained relatively constant close to the end of charge. The
highest efficiencies were obtained for the CuSnCNT sample, followed by the CuSn sample. Charging
did not improve with LiOH added to the electrolyte, as this decreased the efficiency. This can be
explained by the increased dissolution of iron, which facilitates electrolyte access to active sites and
stimulates hydrogen evolution137. The sample containing Sn as the sole dopant performed more
poorly because of its lower electrical conductivity and had a lower charge acceptance of iron. The
efficiency evolution showed three distinct regions during charge. In the first region, below 1.5 V,
nucleation of iron occurred, and the hydrogen gas evolution was lowest. In the second region,
between 1.5 and 1.6 V, iron reduction proceeded as hydrogen gas evolved at a constant rate. In the
36

last region, above 1.6 V, the iron became fully reduced, and the hydrogen evolution rate increased
dramatically and overcharged the cell. From these results, the general trend showed that iron
electrodes achieved higher charge efficiencies at current densities above 10 mA cm–2 (C/5 or 192 mA
g–1 charge rates). The efficiency values were validated by comparing the calculated charge
efficiencies (3.10) acquired from the MS with Coulombic efficiencies from the potentiostat, and only
small deviations, ±3%, were observed.

Figure 3.15. Charge efficiency analysis at 5, 10 and 15 mA cm–2 of nanostructured copper and/or tin doped iron
electrode materials: a) CuSn, b) CuSnCNT, c) CuSnCNTLi and d) SnCNT. In each figure, the top plot shows the
cell potential (left y-axis) and number of H2 moles evolved per second (right y-axis) vs. time. The bottom plot
shows the charge efficiency (left y-axis) and cumulative H2 capacity (right y-axis) vs. time. The total charge
capacity of the iron electrode is annotated in the bottom plot in each sample. Figure reproduced from Paper
IV138 with permission from MDPI.

Figure 3.16 shows hydrogen gas detected upon plating and stripping zinc in aqueous sulfate
electrolytes. The setup used symmetric Zn vs. Zn cells coupled to the MS and operated at current
density rates of 1–100 mA cm–2. Results showed no noteworthy overpotential difference between
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the two cells, and neither evolved significant quantities of hydrogen gas; the detection of hydrogen
remained close to zero. This was consistent with the Coulombic efficiency values obtained from the
potentiostat, which were 99% and higher at all current densities in both cells. The zinc electrodes
cycled performed particularly efficient and had excellent electrochemical reversibility.

Figure 3.16. Zinc electrodeposition and dissolution in Zn vs. Zn cells in a) Mn 2+ free and b) added Mn2+
electrolytes at 1, 10, 25 and 100 mA cm–2. The blue line corresponds to the voltage profile and red to the ion
current of H2 from the mass spectrometer. Figure reproduced from the supplementary information for Paper
III72 with permission from Elsevier.

Conclusively, hydrogen evolution on iron and zinc, evaluated as a function of charge current density,
was studied by coupled electrochemistry and mass spectrometry. From this, it was concluded that
the iron electrode benefited from high-rate operation, which lowered the rate of hydrogen
evolution, whereas hydrogen gas was not detected on zinc electrodes in aqueous sulfate
electrolytes.

3.5.

Flow-assisted rechargeable Fe–air batteries (Paper V)
3.5.1.

Structural characterization of oxygen electrocatalysts

New bifunctional catalysts for the air electrode were characterized structurally and
electrochemically. The structures of the synthesized oxygen electrocatalysts were determined prior
to the electrochemical performance analysis. Figure 3.17 shows the XRD patterns of the LCMO, Ni–
Fe LDH and NiCo2O4 catalysts. LCMO consisted of two phases with different La:Ca ratios: 1)
La0.1Ca0.9MnO3 and 2) La0.5Ca0.5MnO3. The peaks of the first phase can be indexed to an
orthorhombic unit cell with a = 5.3063(3) Å, b = 7.4923(5) Å and c = 5.2988(3) Å in the space group
Pnma139. The second phase, also orthorhombic, can be indexed with unit cell parameters a =
5.4164(5) Å, b = 5.4454(7) Å and c = 7.7099(8) Å in the space group Pbnm140. The structure of the Ni–
Fe LDH material is related to that of β-Ni(OH)2, but with larger interlayer spacing, and incorporated
Fe3+ replacing of Ni2+ 141. The pattern for of this material showed poor crystallinity and matched with
the reported LDH with an 8:2 ratio of Ni:Fe142. The NiCo2O4 XRD pattern is ascribed to a facecentered cubic structure with the unit cell parameter a = 8.1164(5) Å, space group Fd-3m143.
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Figure 3.17. XRD patterns and assigned diffraction indices for synthesized oxygen electrocatalyst materials:
LCMO, Ni–Fe LDH and NiCo2O4. For the LCMO catalyst, the subscripts belong to the compounds: 1)
La0.1Ca0.9MnO3 and 2) La0.5Ca0.5MnO3. Figure reproduced from Paper V.

Figure 3.18 shows SEM micrographs of the a) LCMO, b) Ni–Fe LDH, and c) NiCo2O4 catalysts. The
synthesis of LCMO included a quenching step to break up agglomerates and produced fine
interconnected particles 100–300 nm in size. The Ni–Fe LDH material was composed of large
amorphous nanosheets, with a needle-like structure, and showed poor crystallinity as seen in the
XRD pattern in Figure 3.17. The single-phase NiCo2O4 catalyst consisted of varied crystallite
morphologies, with irregularly shaped spheres and rod-like structures. This material exhibited a
broad particle size distribution ranging from 50 to 500 nm.
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Figure 3.18. SEM images of synthesized oxygen electrocatalysts: A) LCMO, B) Ni–Fe LDH and C) NiCo2O4. Figure
reproduced from Paper V.

3.5.2.

Electrochemical performance of air electrodes

The electrochemical performance of air electrodes was analyzed first by CV, then by chargedischarge cycling until cell failure. The prepared air electrodes were highly hydrophobic and
therefore activated with CV before cycling. This established a three-phase boundary between
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electrolyte, oxygen, and catalyst. In each measurement, nickel served as the counter electrode to
produce oxygen or hydrogen gas during operation, and an airflow supplied as oxygen to the
electrode. Three air electrode combinations were examined: 1) LCMO + Ni–Fe LDH, 2) LCMO +
NiCo2O4 and 3) NiCo2O4. The rationale for the two first air electrodes was to use combinations of
materials to merge active OER and ORR catalysts40,144. LCMO has excellent ORR performance but
lacks OER activity, hence it was mixed with superior OER catalysts such as Ni–Fe LDH and
NiCo2O497,105. On the contrary, Ni–Fe LDH catalysts perform poorly in reduction but are highly active
for oxidation40. NiCo2O4 has been investigated both as an OER enhancer but also as a bifunctional
catalyst39,145,146. Figure 3.19a shows the first CV cycle of the examined air electrodes during OER and
ORR. The maximum current densities of OER/ORR for the three samples were: 1) +4/–8, 2) +4/–11
and 3) +9/–16 mA cm–2. The air electrode with NiCo2O4 as single catalyst attained the highest current
densities in both directions and also had earlier onset potentials for OER (+5 mA cm –2 and +479 mV)
and ORR (–4.8 mA cm–2 and +80 mV).
Figure 3.19b shows the assessed cycle life of the air electrodes subjected to 2 h charge and discharge
steps until they failed. Mixtures of LCMO with Ni-Fe LDH or NiCo2O4, proved less activity and less
stable than the single NiCo2O4 catalyst. The first sample had significant overpotentials in ORR and
failed after 110 h of operation. This is ascribed to the limited ORR activity of the Ni–Fe LDH, which
caused rapid cell failure147. In the second sample, a large current spike in ORR occurred after 205 h
because of an unintended stop of airflow. The airflow was recovered shortly thereafter but the cell
deteriorated in subsequent cycles. Nevertheless, the air electrode containing only NiCo2O4 exhibited
lower total overpotentials of OER and ORR and sustained 440 h of operation. This electrode had a
total overpotential of 693 mV after 175 h operation at ±10 mA cm–2 (shown in Figure 1.5). Based on
these results, the NiCo2O4 air electrode was as the best candidate for an Fe–air prototype.
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Figure 3.19. A) Cyclic voltammetry analysis (1st cycle) at 5 mV s–1 for the three sample catalysts: 1) LCMO + Ni–
Fe LDH, 2) LCMO + NiCo2O4 and 3) NiCo2O4. The maximum current densities for the OER and ORR are
highlighted. B) Charge and discharge cycle life performance of the three samples at ±10 mA cm –2 with 2 h per
step. Figure reproduced from Paper V.

3.5.3.

Electrochemical performance of the Fe–air prototype

Electrochemical cell testing of the Fe–air prototype operated with assisted flow of both electrolyte
and oxygen. The electrolyte flow dissipated heat and removed trapped bubbles, while oxygen gas
inhibited carbonate formation from carbon dioxide in air. The cell-adapted electrodes were aligned
in parallel with identical geometric surface areas of 49.2 cm2. The active mass of iron in the
electrode was 1.41 g while the air electrode used 1.04 g NiCo2O4. Charge and discharge were based
on the capacity of the iron electrode and the total cell had a theoretical capacity of 1355 mAhFe. For
example, ±10 mA cm–2 corresponded to a current rate of 349 mA g–1Fe or C/2.75 based on iron. The
reactions taking place in the cell during charge involved Fe(OH)2 reduction to iron and hydroxide ions
oxidized to oxygen and water (OER). Upon discharge, the opposite reactions followed. Running the
cell incorporated a preconditioning step of both electrodes at ±4 mA cm–2 until the discharge
capacity stabilized. Paper V includes the preconditioning data. During this step, the cell was
overcharged to the theoretical capacity of iron. After 300 h the discharge capacity stabilized and
output 450 mAh g–1Fe with an energy efficiency of 51%. The low energy efficiency achieved is
attributed to the sluggish OER and ORR kinetics.
After preconditioning, the Fe–air rate capability testing, shown in Figure 3.20, used charge and
discharge rates between ±5 to ±25 mA cm–2. In a), the discharge profiles show that specific capacities
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of 510 to 333 mAh g–1 were obtained, depending on the varying rate used. Discharge potentials
decreased with increased current densities, induced by a significant increase of ohmic and
polarization losses. The limited kinetics of the cell reaction resulted in impractical cell potentials at
current densities above ±15 mA cm–2 (below 0.6 V). Figure 3.20b summarizes the discharge
capacities and calculates the energy densities. The highest energy density of 377 Wh kg–1Fe, achieved
at 10 mA cm–2, represented a deviation from the expected trend of decreasing with increasing
current densities. The charge efficiency evolution of iron electrodes, seen in Figure 3.15, showed the
highest charge acceptance at this point (10 mA cm–2) and might explain the trend here. When
accounting for the total mass of the electrodes (4.22 g for the iron electrode and 3.78 g for the air
electrode), the energy density corresponded to 90 Wh kg–1electrodes. Figure 3.20c depicts the power
density curves based on the geometric surface area and mass of iron. The highest power output
reached 11.3 mW cm–2 / 555 mW g–1Fe.
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Figure 3.20. A) Discharge performance of the Fe–air prototype at 5–25 mA cm–2. B) Discharge capacities and
calculated energy densities based on the nominal voltages of respective current densities. C) Power density
curve of the prototype cell. Figure reproduced from Paper V.
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The investigated durability of the Fe–air cell upon cycling at ±10 mA cm–2, limited the charge capacity
to 440 mAh g–1Fe and set the discharge cutoff at 0.58 V. Figure 3.21a shows the charge and discharge
curves over 76 cycles with an average discharge potential of 0.73 V, discharge capacity of 355 mAh
g–1Fe, and energy efficiency of 47%. The charge and discharge characteristics of the cell followed the
electron-exchange character of the iron electrode, with the OER/ORR plateaus remaining flat as
shown in Figure 1.5. The cell cycled over 200 h and exhibited stable performance until failure. In the
last charge cycles, another plateau evolved at 1.8 V, corresponding to the HER. The increased
hydrogen evolution rate indicated poor charge acceptance of iron caused by passivation. Figure
3.21b summarizes the measured nominal cell discharge voltages, specific discharge capacities, and
calculated energy densities. The cell averaged an energy density of 259 Wh kg–1Fe and Coulombic
efficiency of 79%. This compares to other reported work on Fe–air cells, which have achieved 290
Wh kg–1Fe85. Figure 3.21c shows the ohmic resistance (IR) over all cycles, with stable values around
0.37 Ω. This corresponds to a resistivity of 0.68 Ω m from a geometric surface area of 49.2 cm 2 and
interlayer spacing between the electrodes of 0.27 cm.
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Figure 3.21. A) Charge and discharge profiles of Fe–air prototype cell over 76 cycles at ±10 mA cm–2 and with
oxygen flow. B) Measured and calculated cell discharge potentials, specific discharge capacities, and energy
densities over 76 cycles. C) Measured Coulombic efficiency and IR drop over 76 cycles. Figure reproduced from
Paper V.
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In summary, new bifunctional catalysts for the air electrode were characterized structurally and
electrochemically. The findings presented an excellent catalyst candidate in the non-precious-metal
phase NiCo2O4. This catalyst showed superb activity for oxygen evolution and reduction with
excellent long-term stability. The catalyst was used in a rechargeable alkaline Fe–air battery as a
demonstration of this technology, and its effect on performance and cycle life was presented. The
results proved a robust bifunctional performance of the Fe–air cell and demonstrated the obstacles
and opportunities of Fe–air batteries. The main limitations of poor rate capability and low energy
and Coulombic efficiencies are hard to overcome. The outstanding advantage of this battery is the
low cost of the materials it uses. Further development of this prototype should use lightweight
materials, shorten the interlayering spacing between the electrodes, and eliminate the pump to flow
electrolyte. Upon these improvements, the cell needs to show minimal unwanted side reactions
such as the HER, which hurts the cell efficiency.
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4. Conclusions
This thesis undertook to outline the limitations of rechargeable aqueous Zn–MnO2 and Fe–air
batteries and address these issues using new and modified electrode and electrolyte materials. The
impact of LiOH addition to alkaline electrolytes for Zn–MnO2 cells depend on the concentration of
the KOH:LiOH mixtures due to the competing reaction mechanisms of proton and lithium insertion.
When lithium insertion or lithium–proton insertion dominated, the reaction mechanism inhibited
zinc poisoning i.e. by forming ZnMn2O4. This allowed the cell to cycle up to 60 cycles with minimal
capacity fade, and average around 250 mAh g–1. The optimal electrolyte composition consisted of 1
M KOH and 3 M LiOH and enabled both lithium and proton insertion. This electrolyte composition,
demonstrated to be optimal using operando EDXRD and ex situ XRD, suppressed the intermediate
Mn3+ phases from proton insertion in favor of lithiated Mn spinel phases, and upheld reversibility.
Aqueous sulfate Zn–MnO2 cells offered better reversibility and performance than their alkaline
equivalents. Cells with Mn2+ added to the zinc sulfate electrolyte cycled over 100 times and had
stable capacities of 220 mAh g–1 at 1.35 V. The findings showed that accessible Mn2+ in the
electrolyte limited Mn dissolution. This limited Mn vacancies for Zn2+ insertion, as demonstrated by
EDS, which showed a lower Zn/Mn ratio than the cell cycled without Mn2+ in the electrolyte.
Furthermore, operando XRD showed smaller unit cell volume expansion upon zinc insertion when
Mn2+ was available. These observations correlated to the enhanced cell rechargeability. Operando
phase evolution analysis revealed that layered Zn-buserite was formed during the first recharge. This
explained the transition in electrochemical redox reaction characteristics from the first cycle to
subsequent cycles. Zinc sulfate hydroxide precipitated during discharge due to increased pH upon
proton insertion but did not involve the exchange of electrons. This precipitate showed significant
coverage on the electrode surface after 100 cycles but still managed to dissolve easily during charge.
Rechargeable iron electrodes with stannate added to the electrolyte presented stable performance
over 150 cycles with 85 ± 5% in Coulombic efficiencies. The additive prolonged the first reduction
plateau and increased this capacity by 100 mAh g–1. Post-mortem SEM and XPS analysis confirmed
that tin was deposited on the surface of the iron electrode, while operando neutron diffraction
analysis did not. Instead, operando phase analysis unveiled a suggested intermediate hydride phase
composed of a solid solution of the participating elements. The joint effect of iron and the new
phase both increased the hydrogen evolution overpotential and prolonged the discharge state for
practical batteries.
Quantification of hydrogen evolution on rechargeable iron electrodes showed three distinct rate
domains for hydrogen evolution during charge. Low hydrogen rates developed during charge until
the cell overcharged, which significantly increased the hydrogen evolution rate. The higher rates of
hydrogen evolution deteriorated the electrodes and capacity declined over cycles. The highest
charge acceptance of iron occurred at charge rates higher than 192 mA g–1. This finding should
promote suitable cycling protocols for commercial iron electrodes. On zinc electrodes in aqueous
sulfate electrolytes, hydrogen gas was not detected, Coulombic efficiencies above 99% were
achieved for rates of 1–100 mA cm–2.
The optimized charge protocol for iron electrodes was used to demonstrate a proof-of-concept flowassisted Fe–air cell. The cell performed with long cycle life and output an energy density of 377 Wh
kg–1Fe. The cell operated over 588 h with oxygen flow while preventing the HER and Fe3O4 passivation
on the iron electrode. The findings presented NiCo2O4 as a highly active bifunctional catalyst with
total overpotential (OER/ORR) of 693 mV at ±10 mA cm–2. This performance is encouraging, and if
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the weight of the cell can be lowered in future, it may increase the energy density while refining the
cumbersome limitations of low efficiencies. This system shows potential for large-scale energy
storage solutions because of the materials used.
These results are a stepping-stone toward the use of rechargeable Zn–MnO2 and Fe–air batteries for
large-scale energy storage as they motivate low-cost and safe operation. These batteries show
compelling potential for sustainable solutions in the electric grid.
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5. Future perspectives
Rising concerns on the dependence of Li-ion batteries limited cobalt supply encourage research on
alternative batteries using available materials. Current studies focused on improving the
performance and cycle life of rechargeable aqueous Zn–MnO2 and Fe–air batteries, both of which
are environmentally friendly and not resource restricted.
Improvements in the cyclability of alkaline Zn–MnO2 batteries were made by promoting the lithium
insertion mechanism on the manganese dioxide electrode. This formed lithiated Mn spinels instead
of the known irreversible phase, ZnMn2O4. Investigations to further prolong the cycle life of these
batteries are necessary. One possibility is to limit the DOD of the Zn–MnO2 battery. Limiting the DOD
to the one-electron exchange of manganese dioxide (Mn4+/Mn3+) may inhibit further reduction to
the inactive spinels. In addition to validating the electrochemical reversibility, this would need
accurate structural analysis to confirm that the desired redox reaction of the manganese dioxide
electrode occurs. The downside with limiting the DOD is clearly that the battery would not fully
utilize the capacity potential of the manganese dioxide electrodes. Thus, replacing alkaline
electrolytes with aqueous sulfate ones is exceptionally promising for reversible and highperformance Zn–MnO2 batteries. These electrolytes, in which the redox reactions occur at lower pH,
overcome the main obstacles of alkaline ones. However, actualizing aqueous sulfate Zn–MnO2
batteries for commercial use will require a transitioning to practical battery conditions, in order to
scale up. This entails not using flooded cells, using low active mass loadings of the manganese
dioxide and carbon paper as current collector. Focus on the manganese dioxide electrode, which is
significantly less energy-dense than the zinc electrode, is essential to reach high energy densities in
this battery. Moreover, morphological investigations of zinc plating are recommended to minimize
dendrite formation.
Overcoming the hurdles associated with Fe–air batteries is challenging considering the cumbersome
nature of the redox reactions involved. The HER on the iron electrode and the large overpotentials
of the air electrode impair the cell efficiency. Further development to suppress the HER on the iron
electrode is required to reach higher Coulombic efficiencies. Reported efficiencies around 90% are
not enough for practical batteries; research must aim for efficiencies above 99%. This may be
possible with more efficient hydrogen-evolution suppressors than tin or sulfide. Another possibility
is to deposit a few monolayers of tin or sulfide compounds on each individual iron particle to
efficiently increase the hydrogen overpotential. Advanced engineering of active bifunctional
catalysts that lower the OER/ORR overpotentials of the air electrode is vital to enhance efficient
operation of the Fe–air battery. An interesting approach is to directly synthesize active catalysts on
conductive metal backbones without carbon additives. This would minimize degradation of the air
electrode performance due to carbon corrosion. Further opportunities should incorporate
lightweight cell materials, optimize the cell design, and eliminate the use of a pump for electrolyte
flow, in order to enhance the energy density of the cell.
Conclusively, the suggested studies would be of interest for rechargeable Fe–air and Zn–MnO2
batteries.
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6. Sammanfattning
Globala energisystem övergår alltmer ifrån fossila bränslen till förnybara energikällor för att
upprätthålla en hållbar lösning för människans framtida energibehov. Incitamentet är att ersätta
stora traditionella kraftverk med mindre förnybara energikällor. Paradigmskiftet till förnybar energi
behöver emellertid hantera den ökande globala energikonsumtionen som uppskattas att fördubblas
år 2050. Att fullända övergången till förnybara energikällor som vindkraft, solkraft, vattenkraft och
geotermisk energi är en komplex uppgift. Deras fluktuerande karaktär är beroende av årstid och tid
på dygnet, som i sig resulterar i oförutsägbara energigenerationsprofiler. Därför behövs effektiva
energilagringssystem för att hantera dessa fluktuationer och säkerställa tillförlitlig energiförsörjning
vid behov. Inom energilagringteknologier är batterier den snabbast växande teknologin på grund av
dess mångsidighet av att möta uppsatta energi- och effektkrav samt dess enkla förmåga att skala
upp energilagringskapacitet från kWh till MWh. Dessutom är batterier inte beroende av tid, väder
eller geografiska förutsättningar vilket möjliggör snabb installation och expansion. För storskalig
implementering av batterier krävs energieffektiva teknologier som är miljövänliga, baserade på
lättillgängliga råvarumaterial, har låga installationskostnader samt lång livslängd. Dagens
dominerade batteriteknologier, exempelvis litiumjon och blysyra, uppfyller inte alla dessa krav och
därför motiveras forskning av alternativa batterilösningar.
Batterier består av elektrokemiska celler som innehåller två elektroder där de
elektrokemiskareaktionerna sker. En elektrolyt separerar elektroderna och innehåller joner som
vandrar fritt från en elektrod till den andra. Elektroderna ansluts externt för att påbörja sina
reaktioner medan elektroner överförs i en yttre krets som genererar ström. Dessa elektrokemiska
celler kan sedan kopplas i serie eller parallellt för att uppnå den önskade spänningen respektive
energikapaciteten. Viktiga egenskaper hos batterier är energitäthet (Wh L–1), specifik energi (Wh kg–
1
) och specifik effekt (W kg–1), dvs mängden energi de kan lagra per massa eller volym samt
tidslängden av energitillförseln. I storskalig energilagring är de primära faktorerna inte energitäthet
eller effekt, utan istället låga installationskostnader, lång livslängd, hög energieffektivitet och
enkelheten med att skala upp lagringskapaciteten.
Batterier som använder vattenbaserade elektrolyter möjliggör låga tillverkningskostnader och är i sig
säkrare än litiumjonbatterier. Zink-, mangandioxid-, järn- och luftbaseradebatterier har hög
energirelevans, de är inte resursbegränsade och kan bidra till storskaliga energilagringslösningar.
Zink har länge använts som elektrodmaterial för primära alkaliska zink-mangandioxidbatterier.
Historiskt har zinkelektroder begränsats för uppladdningsbara batterier på grund av morfologiska
osäkerheter och passiveringseffekter. Mangandioxidelektroder är ineffektiva som uppladdningsbara
elektroder på grund av felmekanismer associerade med fastransformationer under battericykling.
Irreversibiliteten av mangandioxid är starkt korrelerad med bildningen av de elektrokemiskt inaktiva
spinellfaserna, Mn3O4/ZnMn2O4. Utvecklingen av järnelektroden för järnluftbatterier initierades
redan i slutet på 1960-talet men begränsas än idag av undermålig laddningseffektivitet. Dessutom är
luftelektrodens livslängd begränsad vid långvarig drift på grund av den långsamma syrgasutvecklingsoch reduktionskinetiken. Dessa begränsningar av järnluftbatterier medför stora energiförluster vid
battericykling.
I detta avhandlingsarbete motverkades begränsningarna för uppladdningsbara zink-mangandioxidoch järnluftbatterier genom att syntetisera elektrodmaterial och modifiera elektrolytkompositioner.
Olika katjonelektrolytblandningar av kaliumhydroxid och litiumhydroxid för uppladdningsbara
alkaliska
zink-mangandioxidbatterier
medförde
konkurrerande
protonoch
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litiuminsättningsmekanismer. Med den optimala elektrolytkompositionen av 1 molar kaliumhydroxid
och 3 molar litiumhydroxid, visade elektromikroskopologiska och röntgenkristallografiska resultaten
att den inaktiva fasen ZnMn2O4 undertrycktes till förmån för litiuminnehållande
manganspinellfaser, som i sig förbättrade livslängden av uppladdningsbara mangandioxidelektroder.
I det analoga batteriet med samma elektrodmaterial men istället med ett milt surt zinksulfat
elektrolytlösning undersöktes. Med hjälp av operando röntgendiffraktionsmätningar klargjordes
både den komplexa reaktionsmekanismen och varför tillsättningen av Mn2+ joner i elektrolyten
förbättrade uppladdningsförmågan. Den föreslagna reaktionsmekanismmodellen föreslog insättning
av både protoner och zinkjoner i mangandioxiden. Vid urladdning detekterades en
zinksulfathydroxid fällning, utlöst av en lokal pH-ökning. Denna fällning involverade inga
elektronöverföringar och visade sig ha en signifikant påverkan på den elektrokemiska prestandan.
Vidare visade studien att tillgängliga Mn2+ joner vid elektrod-elektrolytskiktet begränsade
mangandioxidupplösningen. Detta i sig begränsande zinkinsättning och förbättrade
uppladdningsbarheten av mangandioxidelektroden.
De undersökta hindren för uppladdningsbara järnluftbatterier motverkades genom att undertrycka
vätegasutveckling på järnelektroden och optimering av bifunktionella syrgaskatalysatorer för
luftelektroden. Minimering av vätgasutveckling utnyttjade kaliumstannat som tillsatsmedel.
Bakgrunden till tillsatsen var att tennmetall elektropläterades under uppladdning av järnelektroden
och agerade som en vätgasutvecklingsbarriär. Tillsatsen av kaliumstannat förlängde
urladdningsprofilen av järnelektroderna och ökade överpotentialen av vätgasutvecklingen, båda
önskvärda attribut för batterier. Operando neutrondiffraktionsmätningar visade en korrelation av
dessa attribut till en bildad intermediär fas vid uppladdning. Vidare utvärderades vätgasutvecklingen
av nanostrukturerade järnmaterial dopade med koppar och tenn, genom kopplad elektrokemi och
masspektrometri. Studien visade att järnelektroden gynnades av höga uppladdningsströmmar
eftersom vätgasutvecklingen reducerades. För luftelektroden syntetiserades bifunktionella
katalysatorer som karakteriserades strukturellt och elektrokemiskt. Resultaten visade en utmärkt
katalysatorkandidat i NiCo2O4 med hög katalysatoraktivet för både syrgasutveckling och
syrgasreduktion. Katalysatorn anpassades till ett uppladdningsbart alkaliskt järnluftbatteri koncept.
Konceptet omfattade assisterande flöden av både elektrolyt och syrgas. Batteriets prestanda och
livslängd påvisades samt diskuterades möjligheterna och begränsningarna av järnluftsbatterier.
Mikro-, makro-, nano- och atomskala studier av elektrodmaterialen genomfördes för att öka
förståelsen för dessa materials växelverkan och natur. Detta inkluderade både operando och ex situ
karaktärisering. Röntgen- och neutronstrålning, analytiska och elektrokemiska metoder gav insikt på
förbättringar av batteriernas prestanda och livslängd. Resultaten rapporterade i detta
avhandlingsarbete är en språngbräda för att realisera uppladdningsbara zink-mangandioxid- och
järnluftbatterier för storskalig energilagring. Dessa batterier motiverar låg kostnad och säker drift
samt visar potential för hållbara lösningar i framtidens energisystem.
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