THESIS FOR THE DEGREE OF DOCTOR OF PHILOSOPHY

Electrochemical Studies of Quinonoid Compounds for
Aqueous Organic Redox Flow Batteries

CEDRIK WIBERG

Department of Chemistry and Chemical Engineering
CHALMERS UNIVERSITY OF TECHNOLOGY

Gothenburg, Sweden 2020



Electrochemical Studies of Quinonoid Compounds for Aqueous Organic Redox Flow Batteries
CEDRIK WIBERG
ISBN 978-91-7905-338-3

© CEDRIK WIBERG, 2020.

Doktorsavhandlingar vid Chalmers tekniska hogskola
Ny serie nr 4805
ISSN 0346-718X

Department of Chemistry and Chemical Engineering
Chalmers University of Technology

SE-412 96 Goteborg

Sweden

Telephone + 46 (0)31-772 1000

Cover: A battery with a symbolic environmental synergy.
Artist: Mariza Mone

Chalmers Digitaltryck
Goteborg, Sweden 2020



Electrochemical Studies of Quinonoid Compounds for Aqueous Organic Redox Flow Batteries

CEDRIK WIBERG
Department of Chemistry and Chemical Engineering
Chalmers University of Technology

Abstract

In the current times of uncertainty in face of climate change, sustainable energy-related
technologies are developed with urgency. A candidate of special interest is Aqueous Organic
Redox Flow Batteries (AORFB), whose utility depends heavily on the organic molecules used.
In this work, the archetypical AORFB molecule, 9,10-anthraquinone-2,7-disulfonic acid
(AQDS) was investigated in aqueous solution using a combination of electrochemistry and
diffusion NMR in order to show that its battery performance is hampered by self-association.
The self-associative species are not reduced in aqueous solution, and consequently, only a
fraction of the capacity is redox-accessible in the oxidized state. The self-association was
shown to be strong enough that only 27% of the molecules in a typical 1 M AQDS, pH 0
sulfuric acid electrolyte occur in a redox-accessible monomeric form. Furthermore, a class of
molecules called naphthalene diimides (NDIs) were for the first time investigated
electrochemically in aqueous solution and found to have appealing properties for application
in AORFBs. One of the simplest naphthalene diimides, in this work called 2H-NDI, was
examined by combining rotating disk electrode voltammetry, 'H-NMR spectroscopy, and
diffusion NMR, to show that 2H-NDI also self-associates, and has an equilibrium constant for
dimer formation of approximately 150 M. The 2H-NDI dimer was shown to have a decreased
electrochemical activity, but in contrast to AQDS, the dimerization did not negatively affect
bulk electrolytic behavior, likely due to a larger dimer dissociation rate constant. Apart from
2H-NDI, eight other naphthalene diimides, differentiated by the substituent on the naphthalene
core, were studied using density functional theory (DFT). The NDIs were disubstituted with
Br, F, NH>, NO», N(CH3)> (called DMA), OH, and CN, for which reduction potentials and pKa
values as well as oxidative and reductive pathways were predicted. These findings were used
to give mechanistic insight on experimental work on 2H-NDI, 2Br-NDI and 2DMA-NDI, the
last of which has a complex reduction mechanism due to the possibility of being protonated at
the amine substituents. Five pH neutral aqueous redox flow batteries using equimolar solutions
of 2H-NDI or 2DMA-NDI coupled with 1,1'-bis[3-(trimethylammonio)propyl]ferrocene
(BTMAP-Fc) were assembled and studied. In 1 M potassium chloride and 0.5 M potassium
phosphate, two batteries with 50 mM 2H-NDI/BTMAP-Fc or 2DMA-NDI/BTMAP-Fc showed
appreciable capacity losses while cycling. However, when instead using 1 M ammonium
chloride and 0.5 M ammonium phosphate as the supporting electrolyte, a battery with 50 mM
2H-NDI/BTMAP-Fc displayed a coulombic efficiency of 99.92(2)%, an energy efficiency of
83% at 10 mA cm™, and extraordinarily, no significant decrease in capacity over 320 cycles.
At the same current density, 50 mM 2DMA-NDI/BTMAP-Fc showed a coulombic efficiency
of 100.00(5)%, an energy efficiency of 90%, and similar to 2H-NDI/BTMAP-Fc, no capacity
decrease was detected over 320 cycles, demonstrating two of the most stable redox flow battery
chemistries to date.
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1 Scope and Outline

This doctoral thesis focuses on the development and electrochemical behavior of organic
molecules for aqueous organic redox flow batteries. 9,10-Anthraquinone-2,7-disulfonic acid
and naphthalene diimides (NDIs) were chosen as molecules of interest, with special focus
directed on the latter. Establishing a good understanding of the fundamental chemistry and
electrochemistry of a molecule was considered a highly necessary step prior to studying it in
the applied setting of redox flow batteries. Electrochemical experiments were carried out both
at low concentrations, supported by density functional theory, to understand the
electrochemical mechanisms under ideal conditions, and at high concentrations, supported by
nuclear magnetic resonance spectroscopy, in order to gain knowledge about the self-associative
effects on the analyte molecules.

In the final part of the project, the understanding of the fundamental chemical and
electrochemical behavior of NDIs is used to optimize the performance of different NDI species
in a redox flow battery setup.



2 Introduction

In the end of the 19th century, Svante Arrhenius published an in-depth research article in which
through many experiments, handwritten graphs and manually printed data tables, he
painstakingly showed that carbon dioxide has a strong tendency to absorb sunlight.? This was
arguably the first notion of the greenhouse effect and of global warming.

2.1 Carbon Dioxide and Global Warming

Seen in Figure 2-1a are the atmospheric carbon dioxide levels over the last two thousand
years.> * The data from the latter part of the figure is correlated with the measured global
temperature anomaly, which is normalized against the years 1951 to 1980, see Figure 2-1b.

The question arises whether the recent development is anthropologic or simply part of Earth’s
natural climate cycling, as the global temperature is known to have fluctuated significantly
during the last few hundreds of millions of years.> ¢ Arrhenius discoursed this as well, and
showed that an increase of the atmospheric carbon dioxide concentration caused by the
“combustion and decay of organic bodies” of between 2.5 and 3 times will lead to the arctic
regions seeing a temperature increase of about 8-9 °C. He concludes his warning about the
correlation between carbon dioxide and global warming with “I should certainly not have
undertaken these tedious calculations if an extraordinary interest had not been connected with
them”. Sadly, the carbon dioxide levels have increased by more than 60% since 1958, and the
current levels have reached 414.4 ppm as of July 2020 — a number by far surpassing anything
seen in the last 800 000 years.”®
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Figure 2-1: a) Plot of carbon dioxide levels with data from year 0-1958 acquired from drilled
ice cores,> * and 1958-2019 is measured at the Mauna Loa observatory.8 b) Correlation
between CO: and temperatures measured by NASA.’



The current global temperature anomaly is approximately 1 °C, and 19 of the 20 warmest years
since 1880 all have occurred since 2001, with 1998 being the exception.” Unfortunately, the
impact of global warming is not limited to lines on a graph or an abstract sense of foreboding.
Between September 2019 and January 2020, which is only a portion of the Australian fire
season, 5.8 million hectares, or 21% of the Australian forested area burned.!® Not only did the
fires release vast amounts of carbon dioxide into the atmosphere, experts at the University of
Sydney'! and the World Wildlife Foundation (WWF) estimated a death toll of over a billion
animals.'?

Most of our planet’s stored terrestrial carbon is found in the upper parts of the northern
hemisphere, where record-high temperatures have recently been reported.'® Siberia is one
geographic area particularly prone to forest fires due to its increasing aridity, large areas of
forest, and very limited firefighting capability.!* 1* Soot released from boreal fires is deposited
on arctic glaciers and in turn decreases the albedo of the substrate snow and ice, thus
snowballing the thawing of the arctic permafrost.!> The decrease of the permafrost’s surface
area further decreases Earth’s albedo while also releasing carbon into the atmosphere.
Permafrost zones are estimated to contain 1.500'% tons of carbon, roughly twice the amount
which is currently present in the atmosphere.'*

The above examples are a few of many climate warming feedback mechanisms which are
continuously uncovered,'® and the need to assuage climate change by reducing greenhouse gas
(GHG) emissions is unarguable. In the United States, the transportation sector stands for the
largest portion of GHG emissions by 28% of the total, which narrowly exceeds the electricity
sector’s 27%.'7 In order to decrease GHG emissions, a central strategy is to electrify the
transportation sector, which correspondingly will expand the electricity sector, making
electricity generation from renewable energy sources (RES) vital.

2.2 Renewable Energy Sources and Energy Storage

In 2019, 27% of the global consumed electricity was produced from RES, where 16%
comprised hydropower, 6% wind power and 3% solar.'® Although hydropower has the most
widespread use, its total installed capacity has only increased by about 30% in the last decade,
while solar and wind capacities have expanded exponentially since the 1990°s.!2! In 2013, an
equal amount of power capacity of hydro, wind and solar electricity generation was added -
between 35 and 38 GW. Conversely, in 2019, added hydropower capacity decreased to well
below 20 GW, while capacities for wind and solar increased by 60 GW and 115 GW
respectively.'®

One of the main obstacles to the continued growth of renewably sourced electricity is the
intermittency of the sun and the wind. Thus, in countries where hydropower is not ecologically
feasible, reaching a large portion of electricity generation from RES is only possible if coupled
with energy storage.’> %

In 2019, the installed stationary energy storage capacity amounted to 30 GWh on a global basis
and was projected by the International Renewable Energy Agency (IRENA) to increase to 370
GWh by 2030, and 3400 GWh by 2050.%* In these projections, the global temperature would
rise by 2.5 °C, which is significantly above the desired values. In contrast, a so-called
transformative energy scenario was also given, where the temperature increase is limited to
well below 2 °C, and in this scenario, 3400 GWh would be required by 2030, and 9000 GWh
by 2050. If the stationary energy storage capacity is to increase by between 20 and 300 times
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by 2050, the choice of storage technology is crucial. In 2017, almost all of the added stationary
chemical energy storage capacity was in the form of lithium-ion batteries (LIBs). When
combined with the electric vehicle sector, which is the main sector for LIBs, the combined
scale for the technology will be enormous.?* LIBs have several drawbacks that motivate the
development of other, more environmentally friendly energy storage technologies. More
information on this topic is found in Section 2.5.

As an alternative to LIBs for large-scale stationary energy storage, redox flow batteries (RFBs)
are often mentioned as an interesting candidate. RFBs show promise to hold many advantages
over LIBs including increased safety of operation, cycle longevity and lower cost.?

2.3 Redox Flow Batteries

RFBs, which are sometimes referred to as regenerative fuel cells, consist of two separate tanks
containing electrolyte solutions that are pumped through fuel cell-like reactors upon
operation.”® The electrolyte solutions are typically aqueous and contain the redox-active
molecules (RMs) as well as a supporting electrolyte, often sulfuric acid.?”?® The solutions in
the tanks contain different RMs, alternatively the same RM but at differing oxidation states.
The difference in reduction potential between the RMs in the determines the voltage of the
battery. The solution containing the molecule with the more negative redox potential is called
negative electrolyte, negolyte or catholyte, and the solution containing the molecule with the
more positive redox potential is called positive electrolyte, posolyte or anolyte. The supporting
electrolyte serves to make the solution ionically conductive and to provide the system with
mobile charge carriers.

OH (e} (o] OH
R —» Ri2H42€ R ioH 126 —» R
OH o o OH
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Agueous

Electrolyte Electiolyte

Pump

Figure 2-2: A schematic of an AORFB.

Figure 2-2 shows the components of an aqueous organic redox flow battery (AORFB). During
discharging, the electrolyte solutions are pumped through an electrochemical cell consisting of
two porous electrodes, which are typically separated by an ion-selective membrane. The
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electrodes are generally graphite-based, and designed to have a large specific surface area, high
mechanical stability and high conductivity.?” The choice of membrane will vary strongly
depending on the electrolyte,>**? but Nafion ion-exchange membranes are the most commonly
used ones.>? Upon operation, the molecule in the anolyte - once it reaches the surface of the
porous electrode - gets oxidized and gives off an electron which is conducted through an
external circuit and used as electricity. At the same time, the catholyte receives an electron
from the porous electrode on the cathodic side, and thus gets reduced. Since an electron has
effectively been transported from one side of the cell to the other, a charge imbalance has
arisen. To negate this, an ion migrates through the membrane from the one electrolyte side of
the electrochemical cell to the other. Which ion migrates will depend on the electrolyte solution
and the membrane.

The power capacity of a redox flow battery is determined by the amount of material dissolved
in the solution, the amount of solution and the voltage. As such, capacity fade in redox flow
batteries usually originates either from chemical degradation of the RMs (especially in the case
of organic redox flow batteries) or from crossover of the RMs through the membrane.?® ¥

Having a setup with the RM stored in tanks and the redox reaction occurring in cells that are
separated from the tanks means that the power and capacity of the system can be scaled
independently. If more storage capacity (kWh) is desired, the tanks can be expanded and filled
with more electrolyte solution, while if a higher power output (kW) is required, the size or
number of the electrochemical cells can be increased, allowing for faster charging and
discharging. This characteristic makes flow batteries well-suited for large-scale grid-connected
energy storage applications, as the system can be tailored for the specific demands of each
deployment. The modular design of the system allows for easy maintenance or replacement of
each component, which enables more efficient use of resources. This can be considered a
significant advantage over the currently used lithium ion batteries, which typically contain
large amounts of aluminum, cobalt, lead and lithium that are seldom recycled.** *°

Finally, the use of aqueous electrolytes makes the system inherently nonflammable and less
toxic, compared to LIBs that have organic solvents. As a consequence, they are known to suffer
from exothermic chain reactions due to the decomposition of the lithium oxide in a reaction
that releases oxygen which can lead to severe fire and explosion hazards.*%38

Current commercial redox flow systems include all-vanadium,?’ zinc-bromide,*® and iron-

chromium technologies,*® with the vanadium-based setup having reached by far the highest
level of market maturity among the three.?’-3% ** The all-vanadium redox flow battery (VRFB)
was first successfully demonstrated in 1988 by Rychcik and Skyllas-Kazacos,?” and routinely
offers lifetimes in the range of 20 000 cycles due to the possibility of remixing the two
vanadium species in order to counteract the effect of crossover of redox-active molecules. As
there is little chemical degradation of the vanadium species, the VRFBs suffer only a very small
capacity fade over time. The biggest hurdle to their market penetration is the limited and
volatile supply of vanadium.*!

2.4 Organic Redox Flow Batteries
Organic redox flow batteries can be categorized by the solvent used: aqueous or non-aqueous.



2.4.1 Aqueous Organic Redox Flow Batteries

One of the most promising energy storage candidates to clear the aforementioned challenges
of performance, cost and environmental sustainability are aqueous organic redox flow
batteries.>* “>*® Due to the possibility to tune the electronic properties of a molecule by
chemical functionalization, much work is being done on designing conjugated organic RMs.
By adding groups that increase polarity or charge to the molecule, the aqueous solubility can
be improved, and by adding electron-donating or electron-withdrawing groups to the
conjugated system, the reduction potential can be shifted to more negative or positive values
respectively.*®: 3 Organic molecules also have the advantage that they benefit from large scale
production,’! thus avoiding the material scarcity issues that both VRFBs and LIBs suffer from.
In 2014, a seminal article reported a redox flow battery employing 9,10-anthraquinone-2,7-
disulfonic acid (AQDS) on the negative side, and HBr on the positive side, displaying excellent
performance in terms of cycling stability and energy efficiency.?® However, AQDS suffers
from a low capacity utilization®* >* and a relatively positive reduction potential, leading to a
low battery voltage. AQDS shows close to ideal electrochemistry at a low concentration but
deviates from ideality at increasing concentrations, underlining the need to investigate the
concentration-dependent behavior of candidate organic molecules.

1.5 ]

Potential (V vs. SHE)

pH

Figure 2-3: Pourbaix diagram of the electrolysis of water. The solid lines show the
thermodynamic reduction potentials of the HER and ORR, and the dashed lines show that the
range can be extended slightly for graphite electrodes due to sluggish kinetics.

Since then, numerous organic molecules, often quinones, have been considered for use in
AORFBs, with varying performance.?>47-4%50-54-58 The design challenge is to find molecules
that have reversible reductions with potentials close to either extremes of the electrochemical
stability window of water. If the molecule has one or more reduction potentials that are too
negative or positive, the hydrogen evolution reaction (HER) or the oxygen reduction reaction
(ORR) will take place instead of the reduction of the RM, see Figure 2-3. Both the HER and
ORR contribute to changing the pH of the solution as well as decreasing the efficiency of the
battery. Since the kinetics of the parasitic reactions are quite slow on graphite electrode
surfaces, however, the range of the potentials can be extended slightly, indicated by the dashed
lines in Figure 2-3.



Apart from having a suitable reduction potential, the molecule needs to have a water solubility
in the range of 1 M if it contributes with two electrons per molecule.*** Furthermore, it needs
to have excellent chemical stability at all states of charge,® be cheap, non-toxic and
environmentally friendly to produce.

One type of molecule that has received little consideration but has the potential to fulfil the
above requirements is naphthalene diimides (NDI). NDIs consist of an aromatic naphthalene
core, through which the electronic and chemical properties of the molecule can be tuned by
chemical functionalization.®® ®! The imide part of the molecule, which comprises two double-
bonded oxygen atoms on either side of a nitrogen atom gives the molecule quinonoid
functionality. In other words, upon reduction, the imide oxygen atoms are converted to
hydroxyls or alkoxides depending on the pH, analogously to quinones. Different substituents
can be chosen on the imide nitrogen, conferring properties mainly relating to solubility and
self-association.> %2 The electronic tunability of NDIs, combined with their relatively
uncomplicated synthetic routes make them an interesting candidate for AORFBs.%% 64

2.4.2 Non-aqueous Organic Redox Flow Batteries

Non-aqueous organic redox flow batteries often employ acetonitrile, dimethyl carbonate,
diethyl carbonate, propylene carbonate or a mixture of them as solvent. The use of organic
solvents opens up the possibility to choose RMs with a wider range of reduction potentials, due
to the wider electrochemical stability windows for organic solvents, and cell voltages upwards
of 4 V are possible.®® However, the advantage of a significantly higher cell voltage is balanced
by the decreased electrical conductivity of the electrolyte, the use of expensive and often
fluorinated supporting salts, decreased RM solubility in the solvent, flammability, solvent cost,
and RM stability issues.** 66

2.5 Metals Versus Organic Molecules in Energy Storage
In order to meet the ambitious energy storage growth targets, thought must be placed on the
supply safety of the component materials.

Already at present, conventional metal-based battery technologies generally have material
supply dependencies that complicate widespread environmentally friendly energy storage. In
LIBs, a number of different chemistries are used, based on the application. Generally, the anode
consists of graphite into which the lithium ions are intercalated, whereas the cathode is a lithium
oxide. Among the most commonly used cathodes are:®’

¢ LCO - Lithium Cobalt Oxide, LiCoO;

e NMC - Lithium Nickel Manganese Cobalt Oxide, Li(NixCoyMn,)O2
e LFP - Lithium Iron Phosphate, LiFePO4

e LMO - Lithium Manganese Oxide, LiMnO4

Lithium is associated with some supply risk due to the rapidly increasing demand, but is
generally considered a smaller viability than the other metals.®” Cobalt, for instance, is
considered problematic due to its toxicity, scarcity and concentrated localization around central
Africa. Roughly half of the World’s cobalt supply is used for battery production’! and the
Democratic Republic of Congo (DRC) is behind 60% of the total cobalt mining — a number
forecasted to exceed 70% by 2026.7! Sadly, 15-20% of the mining production in the DRC is
so-called artisanal mining,”! which is associated both with child labor and great health risks for
the workers.”?



In 2015, it was estimated that 43% of the global cobalt production was a byproduct of copper
mining, and 44% from nickel mining, although it should be noted that these numbers may have
decreased the last half-decade due to the fact that the use of cobalt grows faster than the use of
copper and nickel. Consequently, boycotting cobalt from the DRC will likely only have a small
impact on the artisanal mining activities, and possibly exacerbate the political situation in the
country. The concentration of the cobalt production in an area of such political instability has
historically led to considerable price volatility for the metal. Apart from the 1970s cobalt crisis,
recent years saw the price of cobalt increase by three times between 2015 and 2018.7° The
popular LCO and NMC chemistries are among the technologies with the highest cobalt content,
but efforts to replace cobalt with nickel have been undertaken.*® This is perhaps mainly due to
safety concerns regarding the lithium-cobalt-oxides, which have a relatively low thermal
stability and which are prone to thermal runaway reactions compared to other typically used
lithium oxides.*® 3 In the regards of supply safety, the replacement of cobalt with nickel seems
to be replacing one problem with another, as there is considerable supply risk associated with
nickel as well.®

A similar case can be found for vanadium flow batteries, in which both the positive and the
negative electrolyte comprise vanadium. For a typical energy-to-power (E/P) ratio of 4, the
vanadium comprises 40-50% of the total system cost.”* This is, of course, heavily dependent
on the price of vanadium at the time of assessment, but simultaneously points at the
technology’s sensitivity to raw material price fluctuations. At the same time, 91% of the global
vanadium production is used in steel applications and it is thus relatively insensitive to
increases in demand due to increased VRFB deployment.”

Summarily, the price — and thus the extent of deployment — of metal-based batteries are all
heavily dependent on a number of resources that are persistently volatile in supply.

In contrast, organic molecules consist of hydrogen, carbon, nitrogen, sulfur and oxygen which
are all highly abundant elements.’® Every organic molecule has a unique synthesis route, and
therefore a different set of material dependencies. However, most ORFBs use aromatic
compounds as active materials with a core consisting of either benzene, naphthalene or
anthracene,”’ all of which are fossil components such as coal tar. Looking at naphthalene, it is
produced by fractional distillation of coal tar which initially contains about 10-11%
naphthalene and has a cost of around 0.77 €/kg (0.84 $/kg).>! Anthracene occurs in oil tar as
well, but in a lower concentration, and is thus more expensive, and a price of 1.84 €/kg (2 $/kg)
has been estimated.®! It has been estimated that the cost of the organic molecules for aqueous
organic flow batteries should preferably be less than 4.60 €/kg (5 $/kg).** In this regard, there
is a principal difference between metals and organic molecules - the economy of scale. Heavily
increasing the production volume of metals leads to political, geological, environmental and
moral issues, whereas increasing the production volume of organic materials unfailingly leads
to a price closer to the raw material price®' and to benefits in environmental benignity.



3 Theory

The content in the present chapter serves to give the reader an introduction to the techniques
used in the thesis. While by no means exhaustive, the chapter is meant to give the reader the
necessary background knowledge to follow the results and discussion presented in Chapter 4.

3.1 Cyclic Voltammetry and Rotating Disk Electrode Voltammetry

Cyclic voltammetry (CV) is arguably the electrochemist’s most commonly used analytical tool
to electrochemically characterize a molecule or system. It is a comparably simple method to
set up, and a wealth of information can be obtained if performed and interpreted properly.”” In
some cases, CV can be complemented with rotating disk electrode (RDE) voltammetry in order
to acquire additional information about the system, often related to diffusion and kinetics.”® "
For both methods, as well as for most other electrochemical systems, the setup comprises a
working electrode, a counter electrode and a reference electrode.®’ Very little current is passed
through the reference electrode, which serves to give the system a constant potential to which
the potential of the redox reaction can be related. Most of the time, the redox reaction of interest
takes place at the surface of the working electrode. However, any electron moving into or out
of the working electrode means that another electrode must do the opposite operation at the
counter electrode. In RDE, the working electrode is rotated at a set of different rates, which
provides the electrode surface with a steady stream of new material, the amount of which
depends on the rotation rate.

Figure 3-1a shows a CV and RDE sweep for | mM AQDS in a slightly alkaline sodium
carbonate buffer solution. In these conditions, the system behaves ideally and serves as a good
model system. Beginning at a more positive potential than what is required to reduce the
molecule, the potential is swept linearly with a set rate (called sweep rate or scan rate).
Eventually, when reaching a sufficiently negative potential, the material at the electrode surface
starts to be reduced, and a negative current is generated. Consequently, a concentration
difference is established against the bulk concentration and unreduced material will start
diffusing from the bulk solution towards the electrode surface according to Fick’s law of
diffusion.®! Continuing the potential sweep in the negative direction, the reductive current
increases until reaching a maximum, signifying that the rate of reduction has surpassed the rate
of diffusion, and that the concentration of redox-active material at the electrode surface at this
point is zero.
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Figure 3-1: a) CVs and RDE of 1 mM AQDS in pH 9.76 sodium carbonate buffer, b) BE and
CVof 50 mM AQDS in I M H2S04.

For the CV case, if a faster sweep rate is used, the active material at the surface is depleted
more quickly, resulting in the formation of a larger concentration gradient, which in turn yields
higher peak maxima. The peak height is thus a measure of the concentration and diffusivity of
the active species, which is seen in the Randles-Sevcik equation for a reversible electron
transfer reaction:®!83

1
nF vD)f
RT ]’

1

i,=0.4463nFAC (

where ip is the peak current, n the number of electrons, F' the Faraday constant, A the electrode
area, C the concentration, v the sweep rate, D the diffusion coefficient, R the gas constant and
T the temperature.

Continuing past the maximum, the current decays as the concentration gradient between the
surface and the bulk solution gradually decreases and the diffusion rate of unreduced material
is lowered. After the last reduction reaction of interest has run its course, the direction of the
sweep is reversed, and the reduced species are oxidized back, unless they have taken part in
some external electrochemical or chemical reaction during the time that has passed since they
were reduced. The peak to peak potential separation between the reduction peak and the
returning oxidation peak can give information regarding the number of electrons and the
electron transfer rate constant.

In the RDE case, the rotation rate determines the rate at which new material is transported to
the surface, and typically, a large enough solution volume is used that the bulk concentration
is unaffected by the redox reactions. In contrast to CV, upon changing the potential to a value
negative enough to reduce all the material at the electrode surface, a current plateau is reached.
At this point, this constant current is only determined by the rate at which new material can
reach the electrode surface and is termed the diffusion-limited or mass transfer-limited current.
From this the diffusivity of the molecule, D, as well as the number of electrons, n,
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concentration, C, angular rotation rate, ®w and kinematic viscosity, v, can be related, according

to the Levich Equation:®!- %

2 1 1
i1=0.62nFARDECD§a)5v'€, 2
The returning sweep in the RDE case should overlap with the forward sweep, since it is a

steady-state technique. In practice, however, a small hysteresis is often seen, due to, amongst
others, slow electron transfer rates, material depletion and/or capacitance.

3.2 Bulk Electrolysis

A bulk electrolysis (BE) cell consists of a three-electrode setup as do CV and RDE, but with
the difference that the solution is stirred, the working electrode has a much larger surface area,
and the counter electrode is separated from the bulk solution by a membrane. BE is run either
potentiostatically, where the potential is fixed and the current response is measured, or
galvanostatically, where the current is fixed, and the potential is instead allowed to vary. Both
methods are based on the same chemistry; the bulk of the material in solution gets reduced or
oxidized. From the charge passed, the number of electrons involved in the redox process can
be calculated, making BE a valuable tool for elucidating the impact of self-association on redox
behavior. A typical galvanostatic BE curve is shown in Figure 3-1b, where 80 ml of 50 mM
AQDS in 1 M H,S0O4 is reduced and then oxidized. As material is consumed in the process, a
gradually higher overpotential is needed to maintain the current, due to the shifting of the ratio
between the oxidized and reduced species, which relates to the reduction potential through the

Nernst equation:3!- 83
RT, [Ox]
=F'+ =
Ecell EO oF In [Red] 3

where [Ox] and [Red] are the concentrations of the oxidized and reduced species respectively.

The perhaps most important piece of information obtained from BE measurements relates to
the stability of the material. If the material can be reduced and oxidized through multiple cycles
while yielding the same amount of charge every cycle, it can be considered stable, depending
on the number of cycles and cycle time.

3.3 Redox Flow Battery Operation

In contrast to the previously presented electrochemical analyses, the redox flow battery is most
commonly run in a two-electrode setup. Any potential recorded will therefore be the difference
in potential between the oxidation on one half of the cell, and the reduction on the other. In
conventional battery characterization, a metric called “C” is commonly used, and 1 C
corresponds to charging or discharging the battery in one hour. A charging rate of 2 C then
corresponds to 30 minutes before full charge is acquired, and 0.5 C requires two hours. This
metric holds little meaning for a redox flow battery as the capacity and power are decoupled.
Any given charging rate with the “C” metric could easily be doubled simply by removing half
of the reservoir in the tank, while still keeping the current constant.

Instead, the current density in mA cm™ is commonly used, where the area corresponds to the
geometric area of the electrodes. The possible amount of current density possible to pull from
aredox flow battery is highly dependent on the type and concentration of redox-active material
and supporting salt in the electrolytes, the flow rate, and to a lesser degree the thickness and
type of the electrodes and membrane. This complicates comparison of the performance
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between different reported redox-active molecules, but nonetheless, some metrics are
commonly used:3*

Coulombic Efficiency: The ratio between the discharge capacity and the charge capacity. This
is a measurement of how many electrons are “wasted” in unwanted side reactions and numbers
exceeding 99.9% are commonly reported.

Q ischarge
CE:&

Qcharge

Voltage Efficiency: The ratio between the voltage during discharge and the voltage during
charge. From this number, information on the overpotential required to drive the redox
reactions is acquired. The overpotential has three components: the mass transfer resistance, the
charge transfer resistance, and ohmic losses. These components play differently large roles in
different systems and are more accurately investigated using Electrochemical Impedance
Spectroscopy (EIS).®> The voltage efficiency will decrease sharply when increasing the current
density and should be compared at as similar conditions as possible.

_ Vdischarge

VE=
Vcharge

Energy Efficiency: The fraction of the energy spent on charging the battery that can be
retained during discharge. In a scientific context, the energy efficiency is simply the product of
the voltage efficiency and the coulombic efficiency, in other words:

EE=CE-VE

This will of course neglect energy losses suffered by potential heating/cooling, pumping and
various other parts of electronic equipment included in the complete redox flow battery system.
These losses, however, are included in the metric called the system energy efficiency, but this
is mostly used either in works of highly applied science or in the industrial domain.

Capacity Utilization: The fraction of the theoretical capacity accessed in each cycle. It can
either relate to the charge capacity, discharge capacity or the average between them.
Q
CU= —n
cheoretical

Capacity Retention and Calendar Aging: The difference in accessed capacity between one
cycle and another. Providing a high coulombic efficiency, either the charge or discharge
capacity can be used, and the average value over the relevant cycles is usually reported. This
gives a valuable indication on the electrochemical/chemical stability of the system including
the redox-active molecule, electrodes and membrane.

Q,

CR=
Qn-l
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However, a flow battery system with either a relatively large membrane and electrode
assembly, or relatively small electrolyte reservoirs can cycle a battery many times in a short
period of time. Therefore, the capacity retention metric is preferably complemented with a
report on the calendar aging:

QO-Qn

CA=—
time

3.4 Coupled Electron Transfers and Scheme of Squares

The following section covers some of the theory on electron transfers in a mathematically
simple manner. The reader is encouraged to consult Bard and Faulkner®' or Compton and
Banks®? for the mathematical treatment of these concepts.

In the most general redox reaction scheme,
Ox +e =Red, El

a reactant Ox acquires an electron and is reversibly reduced to a product Red. Depending on
the relative energy levels — or potentials — of Ox, €, and Red, there will exist one point in this
equilibrium that is the most thermodynamically favorable one.®* Any deviation from this point
(which is characterized by the relative concentrations of Ox and Red) will incur a difference in
potential between the populations of the reactants and the products, according to Le Chatelier’s
principle.®* 8¢ In response to this, a redox reaction will occur, where electrons flow from the
side that has the higher energy to the one with lower energy. In summary, the advance or retreat
of El1 is governed by the relative abundances of Ox and Red. This necessitates the
electrochemist to take several different scenarios into account, where the concentrations of the
reactants and products of a reaction are affected by external processes. The processes acting on
the system can be categorized into being either an electron transfer reaction, denoted by the
letter E, or a chemical reaction, C. Only a selection of all the possible situations are covered in
this section. Simulated CVs of electron transfer reactions of the type “E” and “CE” are shown
in Figure 3-2. The CVs have been normalized by the square root of the sweep rate, which in
the case of uncoupled electron transfer reactions (type “E”) yield identical curves according to
Equation 1.
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Figure 3-2: Simulated sweep rate-normalized CVs of E (green line) and CE type reactions at
two different sweep rates (red and brown dashed lines).

If prior to the above reaction, Ox is generated by a separate chemical reaction:
Y = Ox Cl1
Ox+e =Red El

then the coupled reactions are termed to be of a CE type.3! The amount of redox-accessible
material, and thus the current, will depend on the equilibrium constant of the preceding
reaction. In a CV, the current response will depend on the sweep rate, as seen by the red and
brown lines in Figure 3-2. As material is reduced, the Ox species on the right side of C1 are
consumed, and the concentrations of Y and Ox are shifted away from equilibrium.
Consequently, more Y is converted to Ox, and at lower sweep rates the reaction is given more
time to equilibrate, leading to a higher sweep rate-normalized current.

Similar to the reaction in which Ox is generated, there can exist reactions that instead consume
Red, leading to the following scheme, which is termed “EC”:

Ox+e =Red El
Red=X C2

Figure 3-3 shows sweep rate-normalized CVs of an EC reaction at sweep rates of 10, 100 and
500 mV s!. The current of the oxidative sweep heavily depends on the rate at which Red is
consumed in C2, and the sweep rate. The higher the sweep rate, the less time Red is given to
convert, and the larger the oxidative current on the returning sweep. If the time of the sweep is
very short on the timescale of the chemical reaction, the EC reaction will eventually resemble
a simple E reaction.
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Figure 3-3: Simulated sweep rate-normalized CVs of an EC reaction at three different sweep
rates as well as an E reaction for comparison.

Any combination of E and C is possible, and the character convention of E and C gives very
compact abbreviations to possibly quite complex reactions. Depending on the pH, the reduction
of a quinone can either involve two electrons, two electrons and one proton, or two electrons
and two protons, largely determined by the pKa values of each formed species.®! %7 As such,
taking the order of the electron transfers and chemical reactions into account, nine different
combinations are possible, which can be depicted in a model called the Scheme of Squares,
see Figure 3-4.

Q =— Q®°—k QZe

e 1

QH® — QH =—> QH@

Lo

20 Do
QH2 ‘——‘QHz - QHZ

Figure 3-4: A general scheme of squares model for a system of two electron transfers (E) and
two chemical reactions (C).

The pathway taken will be decided by the relative rates of the competing reactions between
each position, and thus, often not only one path is taken. Furthermore, the path from the starting
material to the product is not necessarily the same as the return route.®’
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Although the scheme of squares can be used for any combination of electron transfers and
chemical reactions, it is most commonly applied to systems of coupled electron and proton
transfers.37 8%-90

The potential for a coupled electron and proton transfer can be calculated using a modified
variant of Equation 3. The equilibrium

RedH' = Red + H', C3
is recognized, with an equilibrium constant of

_ [Red] [H']
3 [RedH']"

Substitution into Equation 3 yields

_ nloxl _po, RT [Ox][H']
Eea=E+ o [Red] Rea] LTI [RedH' K, 4

By separating [H'] and K. from the logarithmic term, making a conversion from the natural

logarithm to the decadal logarithm, and evaluating R, T and F in those terms, a form of Equation

4 is acquired:

230387, 2303RT, RT,  [Ox]
Eeq=E"+ log(H") - log(K,) + 7 1n [RedH' | >
0 0059 0059 RT,  [Ox]
cell EO e H+ — pK +— F In _[RedH+]' 6

3.5 Characterization of NDI Self-Association with 'H-NMR Spectroscopy

If not explicitly referenced otherwise, all of the following theory regarding Nuclear Magnetic
Resonance (NMR) spectroscopy, and diffusion NMR is referenced to the comprehensive
review article by Price.”!

NMR is one of the most commonly used tools for chemical characterization, with hydrogen
being the atom most commonly utilized. When introducing the most abundant isotope of
hydrogen, 'H into an externally applied magnetic field, the nuclear spin can be seen to attain a
precessing motion about the axis of the magnetic field likewise to the movement created by
any spinning mass exposed to a gravitational force, for instance a spinning top. The frequency
of the precession is proportional to the strength of the magnetic field. The reason why 'H,
together with many other isotopes, precess in a magnetic field is due to their non-zero magnetic
spin moments. For example, in a magnetic field of 9.6 Tesla, a 'H nucleus will precess with a
frequency of approximately 500.13 MHz, which is usually the figure of performance for a
given magnet in an NMR system, and not the actual field strength. This frequency is known as
the Larmor frequency, vo, given by the Larmor equation:

Vo= - yf: 7

where y is the gyromagnetic ratio and By the magnetic field strength. 'H has a very high
gyromagnetic ratio compared to other isotopes, making it sensitive to changes in the magnetic
field, and thus popular for use in NMR analysis. When recording a standard liquid-state 'H-
NMR spectrum, a sample of molecules containing hydrogen atoms dissolved in a deuterated
solvent is inserted into the magnet. The magnetic field, which is generated by a superconductor
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kept cool by a jacket of liquid helium, induces precession of the hydrogen nuclei forming an
equilibrium state. A short-pulsed current is then passed through a coil surrounding the sample
which creates an electromotive force on the nuclei, which in turn will align their magnetic
dipole moments away from the NMR magnet’s main field. The frequencies at which the nuclei
after the pulse relax back to their initial spin alignments can be recorded by the current induced
in the sample coil and contains information on the chemical environment of the nuclei.

a b

0 02 04 06 08 1.0 1.2 1.4 1.6 1.8 2.0 2.2 24 2.6 2.8 8.5 7.5 6.5 5.5 4.5 3.5 2.5 1.5 0.5 -0.5
Time (s) Frequency (ppm)

Figure 3-5: "H-NMR spectra of 2H-NDI in D20 in the a) time domain (FID) and b) Fourier-
transformed into the frequency domain.

The recorded signal, known as the free induction decay (FID), is an oscillating time-dependent
data array and provides limited accessibility to information on the system. The FID is therefore
processed with a Fourier transform and each chemically inequivalent nucleus is instead
resolved on a frequency-dependent spectrum and characterized by its chemical shift in ppm,
see Figure 3-5.

In the case of molecular self-association, the chemical environments surrounding the
information-carrying protons will vary between a self-associated form, perhaps a dimer, and
its chemically isolated, or monomeric, counterpart. If these states do not change faster than the
time corresponding to the difference between their relaxation frequencies, two separate peaks
will be resolved. However, if the chemical exchange, which is the rate at which the dimer
associates and dissociates, is faster than this time, a concentration-dependent displacement of
the chemical shift will be observed,”” °* and the measured shift will be the average of the
separate shifts of the monomer and the dimer,’* exemplified in Figure 3-6.

I Fast exchange

Moderate exchange

Slow exchange

Figure 3-6: A depiction of the influence of chemical exchange on chemical shift and peak
shape.
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The merged peak, that has a concentration-averaged shift of the individual constituents, can be

modelled through the following equations:>*

Assuming only dimer formation — the dimer model:

1+8KCy-1
5measured:§m+(5d'§m) m) 8
Allowing higher order aggregates — the isodesmic model:
4KC
4(5d-5m)Kc0<2-—02)
_ (1+,/1+4KCy)
5measured_5m+ . 9

(1+,/1+41<c0)2

Where ¢ is the chemical shift for the respective index, d stands for dimer and m for monomer,
K the equilibrium constant, and Co the total concentration. Although the three unknowns, dm,
04 and K make an accurate curve fitting problematic, a good approximation of the monomer
shift can sometimes be gained by measuring at a sufficiently low concentration.

3.6 Diffusion NMR

In diffusion NMR, the sensitivity of the nucleus to changes in the magnetic field is taken
advantage of by the application of a magnetic field gradient. When a gradient is applied, the
nuclei located in the stronger part of the field will precess with a higher frequency than those
subject to a weaker field. In other words, this allows for spatial labelling of the nuclei based on
their precession frequencies.

90~° 180° A
Iy
RF pulse J I - 'l‘\“\l““'\"ﬂ“v,‘" >

(s] ()

g A g
Gradient

pulse

Figure 3-7: A typical pulse field gradient spin echo (PFGSE) pulse sequence.”’

The basic pulse sequence for measuring the diffusion of molecules in a sample is shown in
Figure 3-7, although in practice, the commonly used sequences are more advanced.’! A
radiofrequency pulse (RF) is applied perpendicular to the magnetic field, so that the angle of
the precession is shifted 90° away from the z-axis resulting in a xy-component of the
precession. A magnetic gradient pulse of a certain strength (g) and duration (J) is then applied,
which allows the nuclei in the sample to be spatially encoded. Due to the difference in location
of the nuclei, some will precess slightly more slowly than others and vice versa. This is allowed
for a time (A), during which the molecules self-diffuse. A 180° RF pulse is applied after half
of A, flipping the spin of the nuclei, putting the more slowly precessing nuclei ahead of those
precessing more quickly. In the absence of diffusion, this would lead to all the nuclei
regathering after the second gradient pulse, resulting in what is called a spin-echo with a peak
intensity of So. However, due to the change in location during 4, due to molecular self-
diffusion, the regathering will be incomplete, and the spin-echo will be attenuated. This
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attenuated peak height or integral, S, correlates to the diffusion coefficient of the analyte
through the following equation:”!

i :e'VZ(szgzD(A'g)' 10

So

3.7 Density Functional Theory

This section serves to give a general introduction to DFT as well as a limited display of its uses
in applied chemistry.

3.7.1 Quantum Mechanics

The early 1920s was a period of quite rapid development in the field of physics and in
particular, quantum mechanics. Based on Einstein’s findings on the photoelectric effect,’®*’
prominent mathematicians and physicists such as Max Planck, Erwin Schrédinger, Werner
Heisenberg, and Louis de Broglie amongst many others set out to define a number of quantum
mechanical postulates. The first postulate says that the relationship between time and location
for any set of particles can be described by a wave function denoted by the letter ¥. The wave
function for a particle holds no information in itself, but its squared value, |$”]2, gives the
probability of finding the particle as a function of distance from the center. 20 years following
Einstein’s notion that light could behave as a particle of energy as well as a wave, the famous
Schrédinger equation was published.”® * The Schrédinger equation in its time-independent
general form,

HY=EY, 11

is used to extract (observe) information about the system described by the wave function. In
the above case, H is an operator known as the Hamiltonian operator and yields the energy, E,
of the system if applied to the wave function. The Schrédinger equation is connected to another
quantum mechanical postulate that says that every wave function has observables that are
associated with operators.

The Schrodinger equation can only be solved exactly for very simple systems, and the art of
applying quantum mechanics to practical applications is to know which approximations are
appropriate for a certain application.

3.7.2  Quantum Chemistry

In quantum chemistry, fundamental quantum mechanical principals are used to obtain
information about chemical systems. In the case of investigating the energy of a molecule, the
wave function for the molecule is typically approximated by a linear combination (addition) of
anumber N of atomic orbitals ¢, also known as basis functions which together make up a basis
set:

=31 cip; 12

The principle behind this method is that the energy acquired from observing the system with
the Hamiltonian operator will always be higher than the actual energy of the system. In this
way, the weighing factors, c;, are varied to minimize the observed energy of the system and
thereby improving the approximation. The method is called the variational method or self-
consistent field theory and saw much development in the years 1928-1930 by Douglas
Hartree,' John Clark Slater,'”" and Vladimir Fock'® amongst others. This method, however,
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did not see much use until the advent of the computer, which was technologically mature
enough to handle quantum chemical calculations only decades later.

3.7.3 Density Functional Theory

The atomic orbitals used in the approximation can in turn be approximated in many different
ways, such as by Slater-type orbitals, Gaussian-type orbitals or combinations of the both.
However, instead of approximating the atomic orbitals explicitly which is quite
computationally demanding, expressions of electron density p can be used instead. In this
approach, the energy for the system is given by the Kohn-Sham equations presented by Walter
Kohn and Lu Jeu Sham in 1965:!%3

E(p)=Te (p)+vne(p)+vee(p)+AT(p)+AVee (p)’ 13

Each component of this function of p is also a function of p which makes it a functional, or a
function of a function. 7 is the kinetic energy of the electrons that do not interact with each
other. V. is the potential energy that arises from interactions between nuclei and electrons and
V.. due to the repulsion between electrons. The two final terms are corrections to the kinetic
and potential energies of the electrons. The energy contribution of these terms is called the
exchange-correlation (XC) energy and the choice of XC functional used to describe this is of
major importance to the accuracy of the method. The XC functional is not an exact formulation,
and as a consequence, DFT cannot use the variational method in the same way as is done in
other quantum chemical analysis methods.

Most DFT-calculations are run using commercial software such as Gaussian, VASP or
Schrodinger's Jaguar where a molecular structure is input as a list of atoms with coordinates. An XC
functional is chosen together with a basis set, and a commando to optimize the geometry of the
input structure is given. The software iteratively minimizes the energy of the system and an
optimized structure is acquired with an accompanying energy value. The energy value can then
be used to calculate various thermodynamic properties such as reduction potentials, pKa values
and reaction heats, of which the former two applications will be used in this thesis.
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4 Results and Discussion

In the present work, the electrochemistry of the five organic molecules listed below was
investigated experimentally, out of which BTMAP-Fc was only used in the positive electrolyte
for redox flow battery testing, and was not studied on a fundamental level.

/
O
oo N i
4 5 N NaO,S O ‘ O SOzNa
2H-NDI

/ Br
—N o) o) AQDS

LLN O N
o O O‘\_\

2DMA-NDI
Figure 4-1: Experimentally investigated organic molecules.

4.1 Electrochemical Evaluation of NDIs at Low Concentration

The mechanistic electrochemistry of the NDIs at a low concentration was investigated using
CV, 'H-NMR and DFT.

4.1.1 Experimental Cyclic Voltammetry

CVs of 2H-NDI, 2Br-NDI, and 2DMA-NDI at a concentration of 1 mM were recorded in
aqueous solution at varying pHs. In Figure 4-2a, CVs of 2H-NDI are shown at pH values
ranging between O and 7. The system was not examined in alkaline solutions, as the
dimethylamine sidechain is deprotonated at higher pH values, turning the molecule insoluble
in water. Furthermore, the imide of 2H-NDI has been shown to be reversibly hydrolyzed by
hydroxide nucleophilic attack at pH above 8.!%

Starting at low pH, the first and the second electron transfers have almost the same reduction
potential, see Figure 4-2. As the pH increases, the potential for the first electron transfer stays
at -0.28 V vs Ag/AgCl, while the second moves toward more negative potentials, see Figure
4-2b. At pH values exceeding 4, the second redox couple has reached its terminal potential
of -0.63 V vs Ag/AgCl. The dashed line shows the thermodynamic potential for the unwanted
HER (see Section 2.4.1). HER is kinetically slow, however, and can usually be exceeded by a
few hundred millivolts before the negative effects become too big.! At pH 0, both the first
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and the second electron transfers are at most 100 mV more negative than the HER, which
should be within acceptable limits for successful flow battery application.
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Figure 4-2: Results from pH-dependent cyclic voltammetry of 2H-NDI. a) CVs at pH 0-7 and
b) potential-pH dependence. The blue and red markers depict the anodic and cathodic peak
potentials for the first and the second electron transfer respectively. The diagonal dashed line
shows the thermodynamic potential for the HER. (Paper I1I)

When increasing the pH, the potential for the second electron transfer travels toward more
negative values faster than the potential for the HER, which has a potential-pH slope of -0.059
V per pH unit. The value of the slope for 2H-NDI corresponds to the number of protons and
electrons involved in the coupled electron transfer. Figure 4-2b shows a higher slope
than -0.059 V per pH at low pH, and this indicates that one electron is coupled to more than
one proton, as can be deduced from Equation 6. Therefore, at pH approximately between 1 and
4, the potential for the second electron transfer is 200 to 250 mV more negative than that of the
HER, which may be problematic. At neutral pH, which is often preferred AORFBs as it allows
the use of cheaper materials for the tanks and other components, the potential for the HER has
caught up to that of the second electron transfer, and the parasitic reaction should not occur
during cycling.
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Figure 4-3: Sweep rate-normalized CVs for 2H-NDI at a) pH 0 and b) pH 7. (Paper 1)
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Figure 4-3 shows sweep-rate normalized CVs for 2H-NDI at pH 0 and pH 7. The shapes and
the peak currents align well, indicating chemical stability on the CV timescale as well as
electrochemical reversibility. The broadness of the first redox couple at neutral pH may be the
juxtaposition of two or multiple redox processes at similar potentials to the nominal reduction.
If 2H-NDI forms dimers or other complexes that have reduction potentials slightly different
from that of the monomer, such a peak-broadening could be expected.
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Figure 4-4: Results from pH-dependent cyclic voltammetry of 2Br-NDI. a) CVs at pH 0-7 and
b) potential-pH dependence. The blue and red markers depict the anodic and cathodic peak
potentials for the first and the second electron transfer respectively. The diagonal dashed line
shows the thermodynamic potential for the HER. (Paper I11)

Figure 4-4 shows the corresponding results for 2Br-NDI, which is seen to behave similarly to
2H-NDI with only subtle differences in potential. The first redox couple has a potential of
approximately -0.1 V vs Ag/AgCl — slightly more positive than that of 2H-NDI — while the
potential of the second redox couple matches that of 2H-NDI. However, looking at the sweep
rate-normalized CVs in Figure 4-5, the electrochemical behavior of 2Br-NDI departs from that
of 2H-NDI. At pH 0, the oxidative peak of the first redox couple decreases slightly with
increasing sweep rate, while at pH 7, larger currents at higher sweep rates are seen throughout.
These deviations imply chemical reactions coupled with the electron transfers, see Section 3.4.
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Figure 4-5: Sweep rate-normalized CVs for 2Br-NDI at a) pH 0 and b) pH 7.
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Any molecule that degrades on the CV timescale will show a more ideal-looking CV at higher
sweep rates, simply because it is given less time to decompose before in this case being
oxidized back to the relatively stable starting material. Therefore, it would be instructive to
look at the relative size of the anodic and cathodic peak currents, but since the current following
the first electron transfer does not clearly decrease but rather reaches a plateau, accurate
determination of the peak current for the second reduction is complicated, if not impossible.
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Figure 4-6: Results from pH-dependent cyclic voltammetry of 2DMA-NDI. a) CVs at pH 0-12
and b) potential-pH dependence. The blue markers depict the anodic and cathodic peak
potentials, and the diagonal dashed line shows the thermodynamic potential for the HER.
(Paper I1I)

For 2DMA-NDI, the electrochemical behavior differs significantly from those of 2H-NDI and
2Br-NDI, see Figure 4-6. Only one peak can be seen throughout the larger investigated pH
range of 0 to 12,' which lacks the shapelessness shared by both of the redox couples of 2H-
NDI and 2Br-NDI. At low pH, the potential does not change drastically when increasing the
pH, and this behavior remains until approximately pH 4, after which the potential-pH
dependence increases, to seemingly drop off again at pH values exceeding 11. The increasing
pH dependence at increasing pH might make little sense at first sight. Intuitively, if there are
fewer protons in the solution, there should be fewer protons involved in the electron transfer.

One clue to the reason behind this reversed relation was given by the color of the solution. At
pH 0, the 1 mM electrolyte was bright reddish pink, turned purple at pH 3 and blue at pH 4 and
above. While the two dimethylamine groups on the core could be protonated, their pK, values
still needed to be determined, and this was investigated further using "H-NMR spectroscopy at
varying pH values. About 40 NMR samples at solutions between pH 0 and 12 were prepared
containing 0.5 mM 2DMA-NDI in 90%/10% H20/D:0 together with a 0.2 mM of an NMR
reference (3-(Trimethylsilyl)propionic-2,2,3,3-d4 acid) and 2 mM each of tris, imidazole and
formic acid in some, and piperazine in others. The last four substances were added as pH
indicators in order to get more accurate values on the pH than could be given by the pH meter.

! The reason why 2DMA-NDI could be investigated at higher pH values was twofold. Firstly, it retained sufficient
solubility even when deprotonated to record CVs at 1 mM, and secondly it did not as easily hydrolyze due to
nucleophilic attack by hydroxide molecules as 2H-NDI (and likely 2Br-NDI), supposedly due to the increased
electron density on the aromatic core induced by the dimethylamine groups.
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Figure 4-7a shows the chemical shifts for the protons on the aromatic core and the
dimethylamine and Figure 4-7b on the dimethylamine sidechain. For 2DMA-NDI, the
chemical shifts increased upon protonation and the data could be fitted to the Henderson
Hasselbalch equation to yield pK, values for the two protonation equilibria.'® The
dimethylamine on the core was seen to have a pK. of 3.95 and the one on the sidechain a pKa
of 9.15. Only one of the core dimethylamine groups could be protonated, likely because the
decreased electron density in the aromatic core from protonating the first makes the second one

too acidic to protonate in aqueous solution.
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Figure 4-7: 'H-NMR shifts and Henderson Hasselbalch fits of protons on the a) aromatic core
and core dimethylamine groups and b) sidechain dimethylamine groups of 2DMA-NDI. (Paper
1)

The trend of having a stronger potential-pH dependence at higher pH is thus attributed to the
core-protonated version of 2DMA-NDI occurring at lower pH values, and the non-core-
protonated version at higher pH values. This will be examined more closely in the following
two sections.
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Figure 4-8: Sweep rate-normalized CVs for 2DMA-NDI at a) pH 0 and b) pH 7.

Looking at the sweep rate dependence of 2DMA at pH 0 in Figure 4-8, an indication of good
chemical and electrochemical reversibility is given. However, at pH 7, the potential of the
cathodic peak moves toward more negative values at higher sweep rates, which might be due
to a decreased apparent rate constant at neutral compared to acidic pH.
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4.1.2  Scheme of Squares and Computational Electrochemistry

As discussed in Section 3.4, the scheme of squares model can be used to understand the
mechanism of coupled electron transfer reactions at different pH values and potentials. In the
present section, the nine 2X-NDI species presented in the beginning of the thesis are studied
with DFT and CV simulations.

For 2X-NDI, the scheme of squares is shown in Figure 4-9 where E; corresponds to an electron
transfer and C; corresponds to a protonation step.
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Figure 4-9: Scheme of squares system for 2X-NDI. (Paper I11)

The following parameters for the scheme of squares were acquired using DFT calculations:
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Table 4-1: Reduction potentials and pK, values for the scheme of squares system for 2X-NDI.
(Paper I1I)

Substituent X E1 E2 Es Eq Es Es pKa1 pKaz pKa3 pKaa pKas pKas

H -0.20 -058 039 -0.09 0.87 048 -1548 -5.44 290 -17.28 -9.21 0.45
Br -0.04 -048 054 002 1.09 055 -16.16 -6.47 198 -19.62 -1030 -1.28
F -0.05 -049 053 001 098 056 -16.60 -6.73 1.78 -18.01 -1048 -1.25
CN 031 -0.15 0.77  0.38 1.27 083 -17.24 -9.62 -0.55 -19.86 -11.31 -3.84
OH -0.19 -059 036 -0.09 0.75 041 -1595 -6.72 1.85 -17.16 -10.50 -2.14
NH: -0.60 -090 -0.23 -038 048 -0.10 -7.27 -0.93 7.0 -13.71  -1.77 3.07
NH2-H* -0.12  -054 034 -0.08 091 029 -1372 -593 1.92  -17.64 -8.07 -1.87
NH2-2H* 035 -008 091 046 140 1.01 -19.78 -1038 -1.28 -2348 -15.12 -5.79
DMA -0.55 -074 0.02 -029 045 023 -1348 -3.89 3.68 -1473 -7.44 1.50
DMA-H* -0.13  -047 027 -0.03 081 038 -12.82 -6.05 .51 -19.19 -10.12  -3.22
DMA-2H* 035 -011 095 038 139 0.88 -2060 -1036 -2.07 -21.98 -14.68 -6.14
NO2 034 -004 090 051 132 1.13  -19.60 -1050 -1.90 -20.38 -1329 -2.88
OMe -0.15 -0.60 039 -026 0.70 034 -11.95 -2.73 3.00 -1574 -1042 -0.35

With the system in Figure 4-9 and the parameters in Table 4-1, some insight on the
electrochemistry of the 2X-NDI molecules is provided. As the core-aminated molecules
present a more complicated case due to the possibility to protonate the core amines, they are
handled separately.

For the remaining species, due to the highly negative values of pKa; and pKa4, all molecules in
their oxidized states are unprotonated on their imide oxygen atoms and any reduction must
therefore start with a potential of Ei. After the first reduction, the molecule can either be
protonated according to Cz with a pKa= pKaz or reduced at a potential of E>. Table 4-1 shows
that pKa» is quite negative for all the investigated species, meaning that the protonated radical,
2X-NDIH’, is likely never observed and that the E> reduction is chosen, provided that the
applied potential is negative enough. After the second reduction, the formed dianion, 2X-NDI*,
can be protonated either once, if pH is below pKa3, or twice if it is below pKas. If a protonation
following the reduction is energetically favorable, then it might proceed concerted together
with, or simply very shortly after the electron transfer, and the observed potential can in this
case be calculated using Equation 6.

To complement the above qualitative reasoning, CVs and surface concentration profiles (at the
electrode surface) were simulated using the DigiElch software suite. The simulated CVs and
surface concentrations are presented in the Supplementary Information of Paper III, and were
used to produce Table 4-2 in which the scheme of squares pathways for the non-aminated 2X-
NDI at various pH values are presented.
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Table 4-2: The reductive and oxidative pathways for the non-core-aminated 2X-NDI species
at various pH. (Paper III)

Substituent pHO pH3 pH>7

H E1E2C3Ce/CsC3E2E1 EiE2C3/C3ERE EiE2/E2Er
Br EiExC3/C3E2E E1E2/EzE Ei1E2/ExEq
F EE2C3/C3ExE EiEo2/E2E; EiEo/E2E)
CN EiE2/EzEq E1E2/EzE E{E2/EzEq
OH EE2C3/C3EzE E1Ex/EzE, EiEx/ExEq
NO; Ei1E2/ExEq E1E2/EzE E1E2/ExEq
OMe EE>C3/C3EzE EExC3/C3ExE; E{Eo2/EE4

The experimental results for 2H-NDI and 2Br-NDI could be better understood after this
computational electrochemical analysis. The steeper pH-dependence for the second electron of
2H-NDI at low pH than at intermediate pH was seen to be a result of it coupling with two
protons at pH 0, which is lower than pKas, but only one at pH 3 and eventually none for both
2Br-NDI and 2H-NDI when pH exceeds pKas.
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Figure 4-10: Scheme of squares for 2NH>-NDI. (Paper III)

In the case of the core-aminated molecules, an extra dimension to the scheme of squares is
added for each core-protonation step, adding to the complexity of the system. However, many
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structures in this 3x3x3 component matrix are energetically unfavorable and can be
disregarded. Thus, abridged square schemes were used for simulating the CVs of 2NH>-NDI
and 2DMA-NDI, see Figure 4-10 and Figure 4-11. In the schemes, any structure generated by
a protonation with a pKa-value below -2 was considered too unfavorable to be included in the
simulations. Apart from this, some additional reactions were removed based on similar
reasoning, as well as simply on the empirical observation that they had no impact on the
simulated results.
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Figure 4-11: Scheme of squares for 2DMA-NDI. (Paper I1I)

The simulated CVs in the pH ranges that were deemed relevant are shown in Figure 4-12 and
the potential-pH dependencies in Figure 4-13.
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Figure 4-12: CVs of a) 2NH>-NDI and b) 2DMA-NDI at pH 0-9 and 0-12 respectively. (Paper
)

Atlow pH, 2NH>-NDI only has one redox couple with a potential that decreases with increasing
pH. The pH-dependence is a result of the pK, of the core-amines increasing between 5 and 8
units when an electron is added to the aromatic system, and as a consequence, one of the core-
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amines is immediately protonated following the first reduction. This also explains why the
simulated potential for the reduction is more positive than E;. Further, the reduction potential
for the core-protonated radical anion is more positive than that of the starting material, and
therefore, this trend is seen at pH values significantly beyond the pK, of Ca in Figure 4-10a.
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Figure 4-13: Potential — pH dependence on simulated CVs for a) 2NH>-NDI and b) 2DMA-
NDI. The blue and red markers depict the anodic and cathodic peak potentials for the first and

the second electron transfer respectively, and the dashed lines show the thermodynamic
potential for the HER. (Paper I1I)

The surface concentration profile in Figure 4-14a shows that roughly 70% of the reduced
2NH»>-NDI molecules exist in a di-protonated form with the protons on the core amines, and
30% with the protons on the oxygen atoms, corresponding to the EiC2E4Cs and
Ei1Ca2E2Cn3CasCs pathways respectively. At about pH 3, the potential of first electron levels
out at E; which is -0.6 V vs NHE, and the population of doubly reduced molecules starts
containing some mono-protonated species. At pH 7, the E{E>C3 pathway dominates, and at pH
9, E1E> dominates.
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Figure 4-14: Surface concentrations for 2NH>-NDI in a) pH 0, b) pH 3 and c) pH 7 and d) pH
9. (Paper I111)

2DMA-NDI has, in contrast to 2NH»>-NDI, two redox couples at low pH and one only at higher
pH values. Similar to what was seen experimentally, the starting material at pH O is the mono-
core-protonated species whose first reduction is coupled with a proton according to E,1Caa2 and
the second reduction simply takes the Ea.> path. At pH 3 and above, the potential for the EajCaa
path becomes more negative than E..» and only one peak is seen for the two electrons. Upon
increasing the pH, the protonated starting material is replaced for its unprotonated analogue,
and the di-protonated radical anion is only seen at a decreased concentration at pH 3, and is too
short-lived to be seen above pH 7, as shown in Figure 4-15. The concerted E{Cy path has a
much more positive reduction potential at pH 0 of -0.03 V than both E; at -0.55 V and E.; of -
0.13 V and even the concerted E.1Cai reaction which has a potential of -0.05 V. Therefore,
when pH increases sufficiently far above the pKa of Cu that the Ea1Caxz will not occur, the
EiCa path will be preferred for the first electron. The second electron will be transferred
coupled with a proton either along Caa2Fax2 or Ex2Caaz which both will occur at a potential of
0.24-0.059[pH V vs NHE.
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Figure 4-15: Surface concentrations of 2DMA at a) pH 0, b) pH 3, c) pH 7 and d) pH 12.

(Paper I1I)

Eventually, at high pH, the E; will proceed uncoupled with protons and two peaks will be
emerge from the single one. This behavior, however, will likely be of little practical
consequence as, experimentally, 2DMA-NDI is only stable for minutes at pH 12 before turning
first green and then yellow in solution.

A collection of the calculated reduction potentials for the studied 2X-NDI species at pH 0 and
pH 7 are given in Table 3. The reduction potential of a redox flow battery candidate needs to
be as negative as possible, in order to provide a high voltage in a battery, but still not so negative
that the HER comes into play. The thermodynamic reduction potential for the HER is by
definition 0 V vs SHE, but can be surpassed slightly, as shown in Figure 2-3.
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Table 3: Calculated reduction potentials at pH 0 and pH 7 for 2X-NDI. (Paper III)

E vs SHE (V) -pHO E vs SHE (V) -pH 7
X Ite 20 e Average Iste 2nd e Average
H -0.20 -0.38 -0.29 -0.20 -0.58 -0.39
Br -0.04 -0.36 -0.20 -0.04 -0.48 -0.26
F -0.05 -0.38 -0.22 -0.05 -0.49 -0.27
CN 0.31 -0.15 0.08 0.31 -0.15 0.08
OH -0.19 -0.48 -0.33 -0.19 -0.59 -0.39
NO; 0.36 0.01 0.18 0.34 -0.04 0.15
OMe -0.16 -0.41 -0.28 -0.15 -0.60 -0.38
2NH,-NDI -0.40 -0.40 -0.40 -0.60 -0.84 -0.72
2DMA-NDI 0.22 -0.11 0.05 -0.31 -0.31 -0.31

The calculated reduction potentials for 2H-NDI and 2Br-NDI were underestimated by between
120-200 mV compared to the experimental values, while the reduction for 2DMA-NDI was
underestimated only by between 27-90 mV, depending on the pH. The non-core-aminated
species all have two redox couples, and the average is therefore used as a metric for
comparison. Taking all of this into account, at pH 0, 2H-NDI, 20H-NDI, 20Me-NDI and
2NH>-NDI are identified as interesting candidates for redox flow battery application. At
increasing the pH to 7, the potential of 2DMA-NDI decreases relative to the HER, showing
promise as well.

4.2 Self-association of Organic Molecules in Aqueous Solution

The self-association of 2H-NDI and AQDS was studied with a combination of conventional
chemical analysis, using NMR spectroscopy and diffusion NMR, and electrochemistry, using
cyclic voltammetry and rotating disk electrode voltammetry. Organic molecules can form
complexes bound by non-covalent interactions either into dimers or higher order complexes
according to an isodesmic model.”?

4.2.1 Concentration-dependent '"H-NMR Spectroscopy

The treatment in Section 3.5 to gauge the self-association of an organic molecule was done on
AQDS in a groundbreaking article that simultaneously showed that this self-association
severely hampered redox flow battery performance.’® This method was used on 2H-NDI in
neutral buffered aqueous solution, and the proton on the aromatic naphthalene core was seen
to shift in position and increase in broadness upon increasing the concentration, see Figure
4-16. The chemical shifts were fitted to the dimer and isodesmic models in Equations 8 and 9
to yield equilibrium constants of 146 M™! for the dimer model and 104 M™! for the isodesmic
model.
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Figure 4-16: Chemical shift of the aromatic proton of 2H-NDI in pH 7 0.5 M sodium phosphate
buffer in D20. The fittings of the chemical shifts to a dimer and isodesmic model are shown in

the inset. (Paper II)

These values of 2H-NDI are significantly higher than those reported for AQDS,>? which were

in the order of 8 M.

A distinction between the various complexes was considered out of the scope of this thesis,
and for simplicity, dimer formation is assumed in the following discussion although higher
order aggregation is possible. The equilibrium constants can be used to calculate the fraction

of monomer occurring in solution.
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Figure 4-17: Monomer fractions for different equilibrium constants.

As can be seen in Figure 4-17, for a relatively low equilibrium constant of 5 M"!, most of the
species in solution exist as dimers at a concentration of 0.5 M, and only 27% are monomeric
at 1 M. A tenfold increase to 50 M expectedly decreases the monomer fraction in solution,
and at 1 M, the monomer fraction is decreased to about 10%. Further increasing the equilibrium
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constant to 146 M!, which was measured for 2H-NDI using 'H-NMR, or 300 M! has a
relatively small effect on the monomer fraction and at 1 M, 6% and 4% of the species exist in
monomeric forms. In contrast, at a concentration of 1 mM, the large majority of the species
still occur as monomers, and even when K = 300 M™!, 88% of the population is unassociated.
To do an electrochemical evaluation of an organic molecule only at a concentration of 1 mM
thus risks overlooking self-associative effects which can be of great importance to the
electrochemical behavior at higher concentrations.

4.2.2 Cyclic Voltammetry

For an ideal system, the peak current of a CV should increase linearly with the concentration
according to the Randles-Sevcik equation (Equation 1). In the case of AQDS, CVs at varying
concentrations, where the currents are normalized by the concentration, show decreasing
currents at increasing concentrations, see Figure 4-18.
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Figure 4-18: Concentration-normalized CVs of AQDS at varying concentrations in a) acid and
b) pH 9.7 sodium carbonate buffer. Scan rate = 20 mV s. (Paper I)

This indication of self-association is seen clearly in both acidic and alkaline solutions, but in
acid, a peak-broadening accompanies the decrease, which complicates quantitative analysis by
CV, and RDE was used instead, see Section 4.2.3. For the alkaline solution, however, the peak
currents have a clear relation to the redox-accessible concentration in the solution, and when
compared to monomer concentration for a self-association according to an equilibrium constant
of 8 ML, excellent correlation was seen, as shown in Figure 4-19.

From these results, it was concluded that the dimer formed by AQDS is redox-inactive and has
an equilibrium constant of 8 M! in the slightly alkaline 0.5 M sodium carbonate solution. If
2H-NDI, which has a much higher dimer equilibrium constant of 146 M, behaves similarly,
then a significant decrease in redox-accessible concentration would be seen on a cyclic
voltammogram at increasing concentrations.

In Figure 4-20, CVs at concentrations between and 1 and 100 mM of 2H-NDI in 0.5 M
phosphate buffer at pH 7 are shown. A quite steep decrease in the concentration-normalized
peak currents is seen when going from the lowest concentration to 25 mM, but a further
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concentration increase has a smaller impact on the redox-active concentration, and between 50
mM and 100 mM, the effect is minute.
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Figure 4-19: Redox-accessible concentration of AQDS in pH 9.7 sodium carbonate solution
as a function of nominal concentration. The blue dashed line corresponds to the monomer
concentration according to an equilibrium constant of 8 M. (Paper I)

Furthermore, the potential for the first redox couple moves in a more positive direction at higher
concentrations, while the potential for the second redox couple moves to more negative values.
Similarly, this effect lessens at sufficiently high concentration, indicating that 2H-NDI seems
to have a different manner of redox-hindering self-association than AQDS. However, the non-
trivial shapes of the CVs for 2H-NDI hinders quantitative analysis using CV to this end, and
rotating disk electrode voltammetry is used to gain further understanding of this phenomenon.
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Figure 4-20: Concentration-dependent CVs of 2H-NDI in 0.5 M pH 7 sodium phosphate buffer.
(Paper 1)
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4.2.3 Rotating Disk Electrode Voltammetry
To fortify the conclusion that AQDS forms redox-inactive dimers, RDE voltammetry was used.
The limiting currents acquired in a RDE potential sweep correspond to the redox-accessible

concentration and diffusion coefficient of the molecule through the Levich equation (Equation
2).

Current (mA)
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Figure 4-21: RDE voltammetry for I mM AQDS in a) 1 M sulfuric acid b) 0.5 M pH 9.7 sodium
carbonate buffer. c) and d) show the corresponding voltammograms at 50 mM. (Paper I)

Due to the low equilibrium constant for the AQDS dimerization, it was assumed that at a
concentration of 1 mM, a negligible amount of dimer is present. Therefore, the diffusion
coefficient of 3.8(10° cm? s!, which was measured using RDE voltammetry at 1 mM, was
assumed to accurately represent that of the monomer. Knowing the diffusion coefficient of the
monomer enabled determination of the redox-accessible concentration at higher concentrations,
and RDE experiments were carried out at concentrations of 2.5, 10, 25 mM and 50 mM in both
acidic and neutral solutions. The redox-accessible concentrations were found to correspond well
to the calculated monomer concentrations, see Figure 4-22, and the conclusion that AQDS
forms redox-inactive dimers in solution was maintained.
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Figure 4-22: Redox-accessible concentrations and calculated monomer concentrations of
AQDS in acid and alkaline buffered solution. (Paper I)

However, it needs to be noted that the dimer equilibrium established for a molecule in its fully
oxidized state is disturbed upon bulk reduction and is gradually driven in the direction of dimer
dissociation as monomeric AQDS is consumed. Furthermore, AQDS in its reduced state forms
a dimer together with the oxidized species into what is called a quinhydrone, which complicates
the self-association dynamics further.!?” Therefore, the impact of dimer formation on the redox-
accessible concentration in a battery application needs further investigation.

In order to quantify how the electrochemistry of 2H-NDI is affected by self-association, RDE
voltammograms for 2H-NDI were recorded at concentrations of 1, 25 and 50 mM, see Figure
4-23 for the lowest and highest concentration.

Two plateaus are seen on the voltammograms corresponding to the first and the second redox
couples. At 1 mM, the Levich slope for the first electron is steeper than for the second one, and
the reverse is seen at 50 mM. At 25 mM, the slopes are about equal, which is shown in the

Supplementary Information of Paper II. The slopes correspond to 0.62nFARDECD§v%, which
for AQDS, could be used to give the diffusion coefficient at 1 mM, since the redox-accessible
concentration, C, could be approximated to 1 mM at a nominal concentration of 1 mM.
However, as 2H-NDI significantly dimerizes already at a concentration as low as 1 mM,
another analysis method was required in order to acquire the diffusion coefficient for the
monomer, and diffusion NMR was chosen for this task.

38



Current (A)

Current (A)

0.0

-1.5x10°°

-3.0x10°°

-4.5x10°°

-6.0x10* |

-1.2x10° -

-1.8x10°% -

Potential (V vs Ag/AgCl)

0.0

3ox10° | D Fao o m
M\
oe° NS
— Q\‘c} Q‘b*’/ g
< -
5 2.0x10°® . .(\
L 2.0x10™ )
8 // ,,,/. e\e’o\ A
Pt SN
o o ce® ,bjb(*
= P -
€ " .
5 1.0x10° o -
S
0.0 T T T T
0 10 20 30 40 50 60
1.2x10°° -
=
d \QO 5 a
(%) ,\Q o
RS -
—_ %600 A\'b -
< Pt
< z P
= 8.0x10% - A s
g S
5 4 - g \&0“ 5
g) P . \960 "
£ e ¢, oD
'E 4.0x10* s w*
3 PAlw
// =
/'/ o
A
0.0 - T T T T T T
0 10 20 30 40 50 60

Rotation Rate®® (rpm®%)

Figure 4-23: RDE voltammograms for a) 1 mM and c) 50 mM 2H-NDI in 0.5 M pH 7 sodium
phosphate solution with Levich plots for the respective concentrations in b) and d). (Paper 11)

424 Diffusion NMR
Self-diffusion coefficients for 2H-NDI in 0.5 M pH 7 sodium phosphate buffer in D>O were
recorded at concentrations between 1 mM and 400 mM. At the higher concentrations, the
viscosity increased, which is linearly proportional to the diffusion coefficient in the absence of
obstruction effects, and was therefore measured using Ubbelohde capillaries, to yield viscosity-
normalized diffusion coefficients, which are presented in Figure 4-24.
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Figure 4-24: Viscosity-normalized diffusion coefficients of 2H-NDI. (Paper II)
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The set of diffusion coefficients could then be used to obtain diffusion coefficients for the
monomer and dimer separately according to

Dmeasured:XDmonomer +( 1 'X)Ddimer’ 14
where X is the fraction of monomer present in solution.

Since the diffusion coefficients were measured in deuterated water which is approximately
20% more viscous than normal water, viscosities were measured for the corresponding
solutions in normal water and corrected using the Stokes-Einstein equation:

p=1sT 15

6y’
and lastly used to acquire the redox-accessible concentrations using a modified version of
Equation 2:

2 2 1

1 = =
ilw'5=0.62FARDE(nm CmDin+nd CdD?i)v_g’ 16
which handles the current contributions from the monomer and dimer separately.

Inserting different numbers of electrons for the dimer, nq, into Equation 16 showed that during
the first reduction, the dimer is only reduced with one electron instead of the expected two,
which would have corresponded to double the amount of the monomer. However, since the
dimer equilibrium is disturbed once the radical anion, 2H-NDI'® has been formed, only the
dynamics of the first electron could be handled in this manner.
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Figure 4-25: Levich slopes for the first reduction of 2H-NDI to 2H-NDI'® in 0.5 M pH 7 sodium
phosphate solution. Experimental values are shown by the black markers, and the colored
intervals show calculated values acquired from Equation 16 using different number of
electrons for the dimer. (Paper 1)

To summarize Section 4.2, AQDS dimerizes to a smaller degree than 2H-NDI, but has a
completely redox-inactive dimer, whereas 2H-NDI has a much stronger self-association than
AQDS, but its dimer retains limited redox-activity.

4.3 Cyclic Voltammetry and Bulk Electrolysis at High Concentration
The AQDS dimerization is known to hinder its redox activity in bulk electrolysis conditions so
that only a fraction of the theoretical capacity can be accessed.’> 3 For example, in Figure
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4-26, 50 mM AQDS in 1 M sulfuric acid was reduced and oxidized galvanostatically, and only
60% of the theoretical capacity was accessed.

0.6

0.4

0.2

0.0

Theoretical Capacity

-0.2 4

Potential (V vs Ag/AgCl)

-0.4 -

-0.6

0 200 400 600 800
Charge (C)
Figure 4-26: Bulk electrolysis of 50 mM AQDS in 1 M sulfuric acid. Current: 31.1 mA.

Conversely, in the galvanostatic cycling experiments shown in Figure 4-27 and Figure 4-28,
2H-NDI was cycled with high capacity utilizations.

At 25 mM, the majority of the 2H-NDI molecules are present as dimers, but close to the full
amount of the theoretical capacity was reached regardless, indicating that the dimers decreasing
the redox-activity dissociate quickly enough not to significantly affect bulk electrolysis
behavior.
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Figure 4-27: Bulk electrolytic cycling of 25 mM 2H-NDI in pH 7 sodium phosphate buffer.
Current: 15 mA. (Paper II)

A slightly higher amount of charge on the reduction than on the oxidation was passed. While
2H-NDI is reduced on the working electrode, water is oxidized on the counter electrode, which
is separated from the bulk solution by a glass frit, and oxygen is generated. The generated
oxygen can in turn diffuse to the bulk solution, oxidize the reduced 2H-NDI back to the starting
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material and incur a decrease in coulombic efficiency. A second explanation is that some water
was reduced, and the parasitic HER occurred. Interestingly, the charge of the first potential
plateau during reduction, which corresponding to the reduction of 2H-NDI to 2H-NDI®, is
lower than the charge for 2H-NDI"® to 2H-NDI*. The opposite behavior is then seen on the
oxidation, where the plateau for 2H-NDI* to 2H-NDI® reaches a lower charge than that for
2H-NDI* to 2H-NDL

Following this, a bulk electrolysis experiment of 15 mM 2H-NDI was carried out in 1 M H2SOs,
see Figure 4-28. A higher charge than calculated for 15 mM 2H-NDI in 80 ml of solution was
passed, likely due to the HER. But more interestingly, the plateau of the following oxidative
sweep was at a potential significantly more positive than expected. The computational results
in Section 4.1.2 were useful in explaining this behavior. After accommodating two electrons,
the pKa values of 2H-NDI** were calculated to be 2.90 and 0.45 to form 2H-NDIH" and 2H-
NDIH: respectively. At pH 0, most of the reduced 2H-NDI species would thus be doubly
protonated, and since the calculated pK. values tended to be slightly underestimated (more
information about this is found in Paper III), this equilibrium is likely shifted even further in
the direction of protonation. The computationally acquired reduction potential of 2H-NDIH>
was 0.48 V vs NHE, which would correspond reasonably well to an oxidation plateau at about
0.75 V vs RHE, when taking the overpotential into consideration. Summarily, at pH 0, the
reductive pathway of 2H-NDI seems to be E1E2C3Cg, but the oxidative pathway E¢CsC2E;.

2Br-NDI could not be dissolved in any other electrolyte than 1 M sulfuric acid, and therefore,
15 mM 2Br-NDI was cycled in a bulk electrolysis cell at pH 0 in 1 M sulfuric acid, as shown
in Figure 4-28.
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Figure 4-28: Bulk electrolysis cycling of a) 2H-NDI and b) 2Br-NDI in 1 M sulfuric acid.
Current: 25 mA. The green lines corresponding to the second cycle are hidden behind those of
the third cycle.

First a small reduction plateau is seen, followed by a much longer second plateau at a more
negative potential. The second plateau progresses significantly beyond the charge expected for
two electrons before turning down towards more negative potentials and presumably beginning
a third plateau corresponding to the HER. The following oxidation shows the same behavior
as 2H-NDI and occurs at a much more positive potential than does the reduction. After this
point, the system cycles reversibly with as close to theoretical capacities as is expected from a
bulk electrolysis cell. It is thus likely that 2Br-NDI is electrolytically converted into 2H-NDI
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upon reduction. This would also explain the smaller oxidative peak currents on the CV in
Figure 4-5a.

A part of the electrolyte was removed from the cell, neutralized and shaken together with
dichloromethane. The 2Br-NDI species, or any electrolysis products with a propyl-
dimethylamino sidechain were thus extracted into the organic solvent. The organic phase was
dried, and the remains were dissolved in deuterated chloroform and examined by '"H-NMR
spectroscopy. The spectrum was compared to both pure 2H-NDI and 2Br-NDI which is shown
in Figure 4-29. From this experiment, it was concluded that 2Br-NDI is converted to 2H-NDI
upon reduction and unsuitable for redox flow battery application.

It should be noted that after failing to dissolve 2Br-NDI in 1 M hydrochloric acid, the solution
was neutralized and extracted into chloroform, and the 2Br-NDI was quantitatively recovered
using this treatment. Consequently, if any 2Br-NDI had remained in the bulk electrolysis cell
after cycling, it would have been visible in the middle spectrum of Figure 4-29.
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Figure 4-29: Assigned 'H-NMR spectra of 2H-NDI (bottom), extracted 2Br-NDI after bulk
electrolysis (middle) and 2Br-NDI (top) in chloroform.

In the case of 2DMA-NDI, it was hypothesized that the dimethylamine substituents on the
naphthalene core would sterically hinder self-association, and more ideal concentration-
dependent electrochemistry would be observed. However, in the concentration-normalized
CVs in Figure 4-30, a decrease is concentration-normalized peak currents is clearly seen,
although for 1 mM, one must extrapolate the value from the baseline.
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Figure 4-30: Concentration-normalized CVs for 1, 25 and 50 mM of 2DMA-NDI in 0.5 M
sodium phosphate neutral buffer. Sweep rate: 100 mV s

Figure 4-31 shows that 2DMA-NDI has a different sweep rate-dependence at 1 and 50 mM in
neutral 0.5 M sodium phosphate solution. At 1 mM, the reductive peak current increases
somewhat, at increasing sweep rate, and also moves in the negative direction. For the oxidative
peak, the normalized current increases marginally, but is not significantly shifted in potential.
At increasing the concentration to 50 mM, a significant peak-broadening for both the reductive
and oxidative peaks can be seen along with an increase in peak separation.
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Figure 4-31: Sweep rate-normalized CVs for a) I mM 2DMA-NDI (same as Figure 4-8b) and
b) 50 mM 2DMA-NDI in 0.5 M pH 7 sodium phosphate buffer. (Paper Il and Paper IV)

To better understand the reason behind the sweep rate-dependence of the CV in Figure 4-31b,
two additional CVs of 50 mM 2DMA-NDI were recorded, one in pH 7 0.5 M potassium
phosphate (KPh) and 1 M potassium chloride (KCl), and one in pH 7 0.5 M ammonium
phosphate (AmPh) and 1 M ammonium chloride (AmCl), see Figure 4-32. Interestingly, all
three CVs at 50 mM behave quite differently depending on the electrolyte. The combined
results shown in Figure 4-30, Figure 4-31 and Figure 4-32 give a strong indication that self-
associative effects play a role in the electrochemistry of 2DMA-NDI.
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Figure 4-32: Sweep rate-normalized CVs of 50 mM 2DMA-NDI in pH 7 a) 0.5 M KPh and 1
M KCland b) 0.5 M AmPh and 1 M AmCI.

Galvanostatic cycling of 15 mM 2DMA-NDI in 80 ml pH 7 sodium phosphate solution in a
bulk electrolysis cell is shown in Figure 4-33. About 80% of the theoretical capacity is accessed
on the reductive hold, and about 70% on the oxidation. These inefficiencies, however, are not
as telling in a bulk electrolysis cell as in an actual redox flow battery, due to the possibility of
oxidation, either by oxygen generated on the counter electrode, or by atmospheric oxygen
leaking into the solution. Therefore, a judgement on the coulombic efficiency of 2DMA-NDI
is reserved for the following section. Relatively small differences are seen between the cycles,
signifying good chemical stability of the molecule. Thus, 2DMA-NDI is shown to be an
interesting candidate for a redox flow battery test, despite its idiosyncratic behavior on the CV
timescale.
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Figure 4-33: Bulk electrolytic cycling of 15 mM 2DMA-NDI in 80 ml 0.5 M sodium phosphate
solution at pH 7. Current: 50 mA.
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4.4 Redox Flow Battery Cycling
Five redox flow battery chemistries were tested and are presented in Table 4-4.

Table 4-4: Studied NDI-based redox flow battery chemistries. (Paper IV)

# | Conc. Negolyte Electrolyte Voltage® | Ohmic resistance | Cycling time
1|50mM | 2H-NDI/Fc? 1 MKCI + 0.5 M KPh? 0.65V | 0.63 Ohm 192 hours

2 |1 50mM | 2H-NDI/Fc 1 M AmCI® + 0.5 M AmPh | 0.67 V 1.07 Ohm 156 hours

3 | 500 mM | 2H-NDI / Fc I1MAmMCI+0.5M AmPh | 0.65V | 0.66 Ohm 212 hours

4 | 50mM | 2DMA-NDI/Fc | 1 M KCIl + 0.5 M KPh 0.62V | 0.57 Ohm 88 hours
5150mM | 2DMA-NDI/Fc | IM AmCl+0.5M AmPh | 0.65V | 0.67 Ohm 173 hours

¢ Calculated from the average charge and discharge voltages.
b Fe=BTMAP-Fc, Am = Ammonium, Ph = Phosphate.

Each battery was assembled, charged and discharged three times at varying current densities,
and then cycled at a given current density for a longer period of time. To balance the capacities
of each side, the negative reservoir contained 10 ml of NDI electrolyte, while the positive
reservoir contained 20 ml of the ferrocene. Charging, in the present context, corresponds to the
reduction of NDI, the oxidation of BTMAP-Fc, and an increasing cell potential, and vice versa
for discharging.

4.4.1 Battery Performance of 2H-NDI

Two pH-neutral redox flow batteries using equimolar solutions of 50 mM 2H-NDI and
BTMAP-Fc were assembled. One had a supporting electrolyte consisting of 1 M potassium
chloride (KCl) and 0.5 M potassium phosphate (KPh), and the other had one of 1 M ammonium
chloride (AmCl) and 0.5 M ammonium phosphate (AmPh).
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Figure 4-34: Charge and discharge curves of 50 mM 2H-NDI/BTMAP-Fc in a) 1 M KCI and
0.5 M KPh and b) 1 M AmCl and 0.5 M AmPh. (Paper IV)

Charge and discharge curves for the two batteries are shown Figure 4-34. For the potassium-
based battery, the capacity of the first charging plateau is significantly smaller than that of the
second plateau, similar to what was seen on the bulk electrolysis curves in Figure 4-27. By
taking the steepest point of the curve (around 0.7 V) as the transition between the first and the
second plateau, the trend could be quantified, see Figure 4-35b, where the capacities are
normalized against the theoretical value for one electron. During cycling, the capacity
corresponding to the first redox couple, in other words, the reaction 2ZH-NDI + ¢"= 2H-NDI™®,
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decreases quite rapidly relative to the capacity corresponding to the second redox couple, or
2H-NDI'* + e = 2H-NDI*. Furthermore, the difference in capacity between each plateau when
charging and discharging decreases slightly, perhaps accompanied by a subtle increase in
energy efficiency, see Figure 4-35a. The cause of this selective capacity loss is thought to be
binding of potassium ions to 2H-NDI*, as has been previously reported for a similar
phenomenon.®* After 143 cycles at 10 mA cm?, the current density was decreased to 5 mA
cm2, but no amelioration of the capacity loss in Figure 4-35a was seen.
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Figure 4-35: Redox flow battery performance of 50 mM 2H-NDI/BTMAP-Fc in 1 M KCIl and
0.5 M KPh (upper) and 1 M AmClI and 0.5 M AmPh (lower). a) and c) Efficiencies. b) and d)
capacity utilizations of the voltage plateaus for the first and second electrons during charge
and discharge. (Paper IV)

Interestingly, the opposite trend is seen for the battery with the ammonium-based supporting
electrolyte, perhaps due to a different binding interaction between 2H-NDI? and the
ammonium ions compared to potassium. Furthermore, the loss of capacity that was seen for
the potassium-based battery in Figure 4-35a was replaced by a small increase in capacity over
100 cycles at 10 mA cm™, see Figure 4-35c. The increase in capacity is possibly due to the
electrochemical activation of the unpretreated carbon electrodes.!®® After 100 cycles, the
current density increased to 30 mA cm for 220 cycles, and a very high level of stability is
observed. Interestingly, the capacity utilization corresponding to all redox couple was
decreased upon increasing the current density with the exception of the second redox couple
during charging, which accessed the same capacity. The second redox couple during charging
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corresponds to the forward reaction of 2H-NDI"® + ¢ = 2H-NDI?, which thus seemed to be
favored at higher current densities.

To see if the 2H-NDI performs well even at higher concentrations, a 500 mM 2H-
NDI/BTMAP-Fc battery with 1 M AmCI and 0.5 M AmPh was assembled. The selective
capacity loss seen in the first battery was again observed, and 15% capacity was lost over 58
cycles. More information on this can be found in Paper I'V.

4.4.2 Battery Performance of 2DMA-NDI

Batteries with 50 mM 2DMA-NDI/BTMAP-Fc using the same background electrolytes as in
Section 4.4.1 were assembled, to study the applicability of 2DMA-NDI for use in redox flow
batteries.
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Figure 4-36: Charge and discharge curves of 50 mM 2DMA-NDI/BTMAP-Fc in a) I M KCI
and 0.5 M KPh and b) 1 M AmCl and 0.5 M AmPh. (Paper IV)

Figure 4-36 shows charge and discharge curves for the two batteries. As 2DMA-NDI only has
one two-electron redox couple, only one plateau is seen on the curves. For the potassium-based
battery, a flow disturbance caused erratic data, but once the disturbance was amended, the
results stabilized. For the last 40 cycles, the capacity utilization decreases by 5%, but a high
energy efficiency of 92% was seen, see Figure 4-37a.
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Figure 4-37: Redox flow battery performance of 50 mM 2DMA-NDI/BTMAP-Fcina) I M KCI
and 0.5 M KPh and b) 1 M AmCl and 0.5 M AmPh. (Paper IV)
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Similar to 2H-NDI, the ammonium-based electrolyte brought a large increase in cycling
stability for the 2DMA-NDI/BTMAP-Fc battery, compared to the potassium-based one. Over
the first 100 cycles at a current density of 10 mA c¢cm, the capacity increased, and following
this, over 220 cycles at 30 mA cm™, no capacity loss was detected, see Figure 4-37b.
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5 Conclusions and Outlook

While aqueous organic redox flow batteries hold great promise to provide environmentally
friendly energy storage, long-term cycling stability and low energy densities remain challenges
to overcome. Batteries using AQDS suffer from low capacity utilizations due to self-
association, a phenomenon that is easy to overlook when doing electrochemical studies only at
low concentrations. 2H-NDI showed a larger affinity to self-associate than did AQDS, but its
redox activity was less affected by the self-association. By combining diffusion NMR and
rotating disk electrode voltammetry, it was seen that 2H-NDI forms a dimer that has a limited
redox-activity on the CV timescale. Unlike AQDS, however, most of its theoretical capacity
could be accessed in bulk electrolysis.

Nine core-substituted NDI species were examined computationally using DFT, and three of
them we examined experimentally using cyclic voltammetry. From this, mechanistic
information could be gained for the different species, bringing understanding of the
fundamental electrochemistry of 2X-NDI. Five of the nine species were identified as of special
interest, two of which were studied in redox flow batteries with varying background
electrolytes.

The two batteries using 50 mM 2H-NDI or 2DMA-NDI coupled with BTMAP-Fc performed
excellently in 1 M AmCl and 0.5 M AmPh, demonstrating astonishing cycling stability.
Conversely, the same molecules in 1 M KCl and 0.5 KPh suffered from a significant capacity
loss while cycling, which in the case of 2H-NDI was attributed to the binding of potassium
ions to the doubly reduced state, 2H-NDI*".

Information regarding stability on the scale of months or years is still lacking and would be
necessary for the technology to progress. Moreover, further work is needed on establishing a
high level of cycling stability at high concentrations of active material.
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