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Abstract

Recent developments in Li-CO 2 batteries have demonstrated the viability of using amines to

electrochemically activate CO 2 before reduction and yield kinetic benefits, but little research has

been done to optimize this new system. This thesis investigates the reduction of amine-activated

C02 and the properties of nonaqueous amine-containing electrolytes. The equilibrium voltage of

the discharge reaction was found to be greater than 3.1 V versus Li/Lie, which is significantly

higher than the thermodynamic potential of direct CO2 reduction (2.8 V versus Li/Lie). The

equilibrium voltage can be used in future research to determine cell overpotentials, which are key

indicators of cell performance. The research also found that varying the electrolyte salt and the

type of amine can greatly increase the ionic conductivity of the electrolyte. Specifically, solutions
containing salts with larger cations and larger anions were generally found to have larger ionic

conductivities. These findings indicate that there is room to improve on and optimize the recently
demonstrated amine-promoted Li-CO 2 battery through more research into electrolyte and amine

properties.

Thesis Supervisor: Betar M. Gallant
Tile: Assistant Professor of Mechanical Engineering

2



Acknowledgements

Thank you to Professor Betar Gallant for the guidance throughout the thesis and to Aliza Khurram

for always being willing to help in lab and answer my many questions about electrochemistry.



Table of Contents

Abstract 2

Acknowledgements 3

Table of Contents 4

List of Figures 6

List of Tables 7

List of Abbreviations 8

1. Introduction 9

1.1 Lithium-CO2 Batteries 9

1.2 Ionic Conductivity 10

1.2.1 Dependence on Concentration 11

1.2.2 Electrolyte Composition 11

1.3 CO2 Absorption 13

1.3.1 Amine Concentration 13

1.3.2 Temperature Dependence 13

1.4 Galvanostatic Intermittent Titration Technique 14

1.4.1 GITT Implementation 14

1.4.2 Cell Overpotential 14

2. Experimental Design 16

2.1 Preparing Solutions 16

2.2 Ionic Conductivity Measurements 16

2.3 CO 2 Absorption Measurements 17

2.4 GITT Measurements 18

2.5 Preparing LFP Electrodes 19

2.6 Discharging Versus LFP 20

3. Results and Discussion 21

3.1 Ionic Conductivity 21

3.1.1 Varying Amine Concentration and Composition 21

3.1.2 Varying Salt 24

3.1.3 Varying Solvent 25

3.2 CO 2 Absorption 26

4



3.3 GITT 28

3.4 Discharging Versus LFP 29

4. Conclusion 31

5. Appendices 33

Appendix A: Additional GITT Measurements 33

6. Bibliography 34

5



List of Figures

Figure 1.1:

Figure 2.1:

Figure 2.2:

Figure 3.1:

Figure 3.2:

Figure 3.3:

Figure 3.4:

Figure 3.5:

Figure 3.6:

Figure 3.7:

Figure 3.8:

Figure 3.9:

Figure 3.10:

Figure 3.11:

Figure 3.12:

Ionic conductivities with varying salts and temperatures

Schematic for pressure measurements

Diagram of cell assembly

Ionic conductivities with varying amine and amine concentration

Precipitate in EEA electrolytes

Precipitate in DIPA electrolytes

Lack of precipitate in PP electrolytes

Orange tint in PP electrolytes

Ionic conductivities with varying cations and anions

Anion Lewis structures

Ionic conductivities with varying solvents

Representative pressure measurement

Equilibrium voltages from GITT

Charging curves for LFP preparation

Discharging curves versus LFP

6

12

17

19

21

22

23

23

24

24

25

25

27

28

29

30



List of Tables

TABLE 3.1: Dielectric constants of solvents 26

7



Dimethyl Sulfoxide

Tetraethylene Glycol Dimethyl Ether

Dimethoxyethane

Propylene Carbonate

Ethoxyethylamine

Diisopropylamine

Piperidine

Monoethanolamine

Trifluoromethanesulfonic Acid

Trifluoromethanesulfonylimide

8

List of Abbreviations

DMSO

TEGDME

DME

PC

EEA

DIPA

PP

MEA

TFSA

TFSI



Chapter 1

Introduction

As the world becomes more focused on mitigating the harmful effects of climate change, existing

technologies are being refined and new technologies are being developed in an effort to reduce

carbon dioxide emissions. One potential strategy to reduce emissions is the capture of CO 2

immediately after the combustion of fossil fuels, after which the C02 can be sequestered

underground or utilized in an end-use product. While CO 2 capture has been implemented at

numerous sites around the world, the current technology is both energy intensive and expensive.

For CO 2 capture to play a major role in reducing emissions, innovations to reduce costs, improve

efficiencies, and develop viable end-use products will be required.

1.1 Li-C02 Batteries

One potential end-use for captured C02 is the Li-CO 2 battery, which was first developed in 2013
and is a promising technology primarily due to a high theoretical specific energy compared to other

batteries [1]. Li-ion batteries have a theoretical energy density of 460 W h kg', but existing

batteries have only achieved energy densities less than 265 W h kg-1, primarily due to the

packaging of the battery [2]. The theoretical energy density of Li-C02 batteries is 1,879 W h kg',
which demonstrates the technology's potential value for use in applications such as transportation

[3]. Li-CO 2 batteries have been demonstrated as both primary and rechargeable batteries and

typically rely on the direct reduction of C02 into CO2 in nonaqueous electrolytes [1], [4], [5]. The

discharge reaction for these batteries takes place at the cathode, has a thermodynamic potential of

2.80 V versus Li/Li+, and is shown in Equation 1.1. The reaction at the anode is shown in Equation

1.2 and the full reaction in Equation 1.3 [5].

Cathode: 4Li+ + 3C02 + 4e- -> 2Li2 CO3 + C (1.1)

Anode: 4Li -* 4Li+ + 4e- (1.2)

Overall: 4Li + 3C0 2 -> 2Li 2 CO 3 + C (1.3)

The kinetics of the initial Li-CO 2 batteries were limited by the direct reduction of C02 into CO2-,
which shows little activity in most solvents. To address this issue, recent research by Khurram et

al. investigated a new approach for Li-CO 2 batteries where the C02 is reacted with an amine and

dissolved into the electrolyte before reduction at a carbon cathode. Ethoxyethylamine (EEA) was

diluted in 0.3 M lithium perchlorate (LiClO4) in dimethyl sulfoxide (DMSO) and purged with CO2

before being used as the electrolyte in Swagelok-type cells pressurized with C02. The cells

discharged at voltages of approximately 2.9 V versus Li/Li+, which is higher than the
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thermodynamic potential of the discharge reaction relying on direct reduction of C02, shown in
Equation 1.1. This higher-than-thermodynamic potential suggests a modified reaction must be
occurring than in conventional Li-CO 2 cells. The proposed reduction and oxidation reactions for
the process utilizing EEA are shown in Equations 1.4 and 1.5, respectively, while the full reaction
is shown in Equation 1.6. The thermodynamic potential for the discharge reaction is currently
unknown because it cannot be calculated from existing thermodynamic data [3].

Cathode: RNHCOO~ + RNH+ + 2C0 2 + 4Li+ + 4e- - 2Li2 CO 3 + C + 2RNH2  (1-4)

Anode: 4Li -+ 4Li+ + 4e- (1.5)

Overall: RNHCOO- + RNH+ + 2CO 2 + 4Li -+ 2Li2CO3 + C + 2RNH2  (1.6)

The goal of this thesis is to build on the work done by Khurram and improve the understanding of
the physiochemical properties of electrolytes that could be used in Li-C02 batteries. The Li-CO 2

battery demonstrated in Khurram's study was not optimized to take advantage of various physical
and chemical properties, yet still resulted in relatively high discharge voltages of 2.9 V versus
Li/Lie. An improved understanding of the properties of the amine-containing electrolytes could
result in improved battery performance. As a result, the key areas of interest for this thesis are how
varying amines and electrolytes affects ionic conductivity, C02 solubility, and cell performance.

1.2 Ionic Conductivity

In electrochemical batteries, electrolytes act as both an ionic conductor and an electronic insulator.
Desirable characteristics of electrolytes include high ionic conductivity and thermal and chemical
stability [6]. This research specifically aims to better understand how the ionic conductivity
changes for different electrolytes with varying exposures to C02.

Ionic conductivity arises due to the motion of ionic charge, in a liquid solution or solid. It is the
inverse of electrical resistivity, and is measured in units of Siemens per centimeter (S cm'), where
a Siemen is an ampere per volt (A V-) [7]. It is defined according to Equation 1.7 where q is the
carrier charge, n is the concentration of ions (number of particles per unit volume), and b is the ion
mobility (the average velocity of a charge carrier due to an applied electric field of unit strength).
The ionic conductivity is the sum of the product of these three values across all the charge carriers,
or ions, in the electrolyte sample, which includes both the cation and anion [8].

Z q * ni * bi (1.7)

The ion mobility is defined more specifically in Equation 1.8, where e is the elementary charge
(1.602*10-19 Coulombs), z is total charge of the ions, pt is the fluid viscosity, and RH is the
hydrodynamic radius, which is defined as the total radius of a solvated ion and the surrounding
solvent molecules that diffuse with the ion [9]. For alkali metals, the ion mobility tends to increase
as the cation increases in size. This happens because the desolvation energy is higher for smaller
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ions such as Li' than for larger ions like K'. A larger desolvation energy means that the ion is more
strongly solvated and has a larger hydrodynamic radius. As the hydrodynamic radius increases,
the ion mobility tends to decrease. For this reason, K' has a larger ion mobility than Na' and Na
has a larger ion mobility than Li' [9] [a].

eZ
b =6yR H (1.8)

1.2.1 Dependence on Concentration

The ionic conductivity of an electrolyte typically reaches a maximum at an intermediate salt
concentration. At low concentrations, increases in the salt concentration result in more free ions
[11]. As shown in Equation 1.7, the ionic conductivity is a sum across each ion, so increasing the
number of free ions will increase the ionic conductivity. However, once the salt concentration
becomes too large, the viscosity of the electrolyte increases, which decreases the mobility of the
ions [13]. The lower ion mobility results in decreasing ionic conductivity. Additionally, associated
ionic species, which can appear as ion pairs, triplets, or more highly associated species, begin to
form as the concentration increases. The associated ions are not charge carriers and are not
available for conduction. As the number of associated ionic species increases, the number of charge
carriers decreases, even as the salt concentration increases [13]. This results in the ionic
conductivity being summed across fewer ions, which decreases the total ionic conductivity.

Schantz et al. showed that at high salt concentrations, the ionic conductivity of electrolytes
decreased at a much faster rate than the decrease in free ions, indicating that the decrease in ion
mobility accounts for most of the decrease in conductivity [13]. Seki et al. ran experiments using
salts with a trifluoromethanesulfonic acid (TFSA-) anion and varying cation (Li', Na , Mg', Ca+)
dissolved in propylene carbonate (PC) and found that for each solution, the ionic conductivity
peaked between 0.6 M and 1.2 M. As the salt concentration further increased from 1.2 M to 2.4
M, the ionic conductivity decreased from approximately 5 mS cm' to 2.5 mS cm'. [12]. Research
on additional cations, anions, and electrolytes has supported the finding that ionic conductivity
peaks at an intermediate conductivity, typically between 0.5 M and 1.5 M [6], [14].

1.2.2 Electrolyte Composition

Both the cation and anion of the salt can have a significant impact on the ionic conductivity of an
electrolyte. In most electrolytes, the ionic conductivity increases as the size of the cation increases,
as shown in Figure 1.1, which is reproduced from Bandara et al. In this gel polymer electrolyte,
the conductivity approximately doubled as the cation changed from Li' to Na' to K' before
remaining relatively constant as the cation changed to Rb' and Cs' [15]. The positive relationship
between conductivity and cation size is primarily due to the charge density of the cation decreasing
as the size increases [16], [17]. Li', Na, K', Rb', and Cs' all have a charge of +1, so the charge
density decreases as the cation becomes larger. As the charge density decreases, the cation
becomes less tightly bound to the anion and the electrolyte becomes less viscous, which increases
the ion mobility and the ionic conductivity [15]. Much of the previous research has focused on
solid or gel electrolytes, so more research is required to understand exactly how the cation affects
ionic conductivity in liquid electrolytes for use in batteries.
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Figure 1.1: Ionic conductivity is plotted against the salt used in the electrolyte, with each
line representing measurements taken at a different temperature. As the cation of the salt
becomes larger, the conductivity increases until before leveling off at K'. The ionic
conductivity also increases as the temperature of the electrolyte increases. Figure reference:
Bandara et al. [15]

Ionic conductivity also tends to increase as the anion size increases, because large anions usually
have a less localized charge and lower lattice energy [11]. These desirable properties allow for
higher dissociation from the cation and increase ion mobility. However, there is a wide range of
anions that are used in electrolytes, many of which have very different chemical structures,
meaning that the variation in ionic conductivity as the anion changes often does not follow the
relationship described above. For example, tests with THF as a solvent found that the ionic
conductivity was larger when the anion was CF3SO3- than when the anion was C04-, supporting
the positive relationship between anion size and conductivity [18]. Another study investigated
salts composed of dimethylethylenediamine (DMEDAH') as the cation and TFSA~ and
trifluoromethanesulfonylimide (TFSI-) as the anions. The tests showed that a solution using
[DMEDAH][TFSA] had a larger ionic conductivity than a solution with [DMEDAH][TFSI]. TFSI-
is a significantly larger anion than TFSA-, which shows that the positive relationship between
anion size and conductivity does not always hold. [19]. The ionic conductivity must be
experimentally determined to fully compare the effects of different anions.

The choice of electrolyte solvent can also substantially impact ionic conductivity. One key
characteristic of good electrolyte solvents is a large dielectric constant. A study that dissociated
acetic acid (CH3COOH) in different solvents found that the natural log of ionic conductivity
increased linearly with increasing dielectric constant of the solvent [20]. A larger dielectric
constant indicates that a solvent can better dissolve salts, which increases the dissociation of ions.
As the dissociation of ions increases, so does the number of charge carriers in the solution, leading
to a higher ionic conductivity [21].

The addition of amines combined with C02 loading is also likely to affect the ionic conductivity.
There have been few experimental studies conducted to directly understand how amines and CO 2
loading affect conductivity, but we can predict the effects based on existing knowledge of the
chemical reactions. The chemical reaction between a relevant amine and CO 2 is shown in Equation
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1.9 [3]. When the amine reacts with C02, an RNHCOO~ anion and an RNH' cation are formed.
These ions can then interact with the cations and anions from the electrolyte salt and form ion
pairs, which would reduce the ionic conductivity. For example, RNHCOO~ and Li' could react to
form RNHCOOLi, which has no charge and would not contribute to ionic conductivity. Based on
this, we expect the ionic conductivity to decrease as the amine concentration increases and the
solution is loaded with CO 2 .

2RNH2 + CO2 -- RNHCOO-+ RNH+ (1.9)

1.3 C02 Absorption

For a Li-CO 2 battery, the electrolyte should be able to act as both a battery electrolyte and as a
C02-rich medium to support electrochemical reactions. In our system specifically, we use
molecular additives, amines, that can chemisorb C02 in addition to the typical physisorption.
Today, the most common technique for post-combustion CO 2 capture is amine scrubbing, which
has historically employed Monoethanolamine (MEA) as the amine in an aqueous solution [22]. In
recent years, there has been more research into post-combustion CO 2 capture with amine scrubbing
in non-aqueous solutions [4]. As a part of this research, more amine and solvent combinations are
being explored. One metric to understand if an electrolyte is a viable option for CO 2 capture is the
amount of CO 2 absorbed by the solution.

1.3.1 Amine Concentration

CO 2 absorption generally increases as the amine concentration of a solution increases, regardless
of whether the solution is aqueous or non-aqueous. For both aqueous and nonaqueous solutions
using EEA, Kortunov found that C02 loading increased linearly as the EEA concentration
increased. As the EEA concentration increased from 0.1 M to I M, the CO 2 loading increased by
a factor of about 6 in each solution [23]. A separate study by Singh showed that for aqueous
solutions of MEA, diethanolamine (DEA), and diisopropylamine (DIPA), CO 2 absorption also
increased with increasing amine concentration [24]. The positive relationship between amine
concentration and C02 absorption happens because, when there are more amine molecules in the
solution, there are more molecules for the CO 2 to react with, leading to more CO 2 molecules
dissolving into the solution.

1.3.2 Temperature Dependence

For this thesis, we are interested in two distinct mechanisms for the absorption of C0 2 : the physical
dissolution of CO 2 into the electrolyte and the chemisorption of C02 as it reacts with the amine.
Both forms of absorption are affected by temperature. As the temperature of a nonaqueous solvent
increases, the solubility of CO 2 generally decreases. Measurements compiled by Fogg show that
the solubility of C02 in ethanol, propanol, methanol, butanol, and other alcohols decreased as the
temperature increased according to an equation of the form shown in Equation 1.10. A, B, and C
are constants that are properties of the specific alcohol, T is the temperature in units Kelvin, and
XCo2 is the solubility of CO 2 measured in units of moles of CO 2 dissolved per mole of the alcohol
[25]. This negative relationship between temperature and solubility is due to the increase in kinetic
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energy as the temperature increases. As the kinetic energy increases, there is more motion in the
dissolved gas molecules, causing them to break intermolecular bonds and escape the solution [26].

ln(XCo2) = A + -+ C * ln(T)
T

The chemical loading of CO 2 also generally decreases as temperature increases. An experiment
using MEA as the amine found that the chemical absorption of C02 was inversely proportional to
the temperature [27]. Experiments on aqueous solutions containing varying amines, including
EEA, MEA, and diethylethanolamine (DEEA), showed that the solubility decreased by a factor of

approximately 3 as the temperature increased from 40 "C to 80 'C for each solution [28]. This
relationship has also been shown in non-aqueous solutions. Kortunov tested EEA and piperidine
(PP) in a DMSO electrolyte and found that the CO 2 absorption decreased as the temperature
increased in each solution. This trend happens because the binding of the amine to C02, through
the formation of the N-C bond, is an exothermic reaction. An increase in temperature destabilizes
the N-C bond and favors the reverse reaction, resulting in lower chemisorption of CO2 [23].

1.4 Galvanostatic Intermittent Titration Technique

Galvanostatic Intermittent Titration Technique (GITT) is a procedure that can be used to determine
a number of thermodynamic characteristics of electrochemical cells. The technique is most
commonly used to find the chemical diffusion coefficient, but can also be used to determine the
equilibrium voltage of a cell, which is the property of interest for this study. We are interested in
determining the equilibrium voltage because it will provide better understanding of how the
addition of different amines affects the thermodynamics of an electrochemical cell.

1.4.1 GITT Implementation

GITT consists of applying small (e.g. 10 gA g-) galvanostatic (constant current) charge pulses
followed by a rest period where no charge is applied. GITT can be conducted using either charging
or discharging of the cell. For charging, a positive current pulse is applied and the cell voltage
increases. After the current pulse ends, the cell voltage relaxes during the rest period until reaching
the equilibrium voltage. For discharging, the cell voltage decreases as a negative current pulse is
applied. During the rest period, the voltage increases until reaching the equilibrium voltage. The
voltage at the end of each rest period varies slightly with each cycle, so the cycle is repeated
multiple times to find the correct equilibrium voltage. For a reversible reaction, the equilibrium
voltage should be the same regardless of whether charging or discharging is used [29], [30].

1.4.2 Cell Overpotential

The equilibrium voltage can be used to calculate the overpotential of a cell, which is key to
understanding the cell's performance. Overpotential can be calculated according to Equations
1.11 and 1.12 below, where r1charge is the overpotential during charging of the cell, fldischarge is the
overpotential during discharging, Vcharge is the measured voltage during charging, Vdischarge is the
measured voltage during discharging, and Veq is the equilibrium voltage [29].

14
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77discharge - discharge ~ eq (1-12)

The overpotential is significant because it is related to a cell's efficiency. As the charging or
discharging overpotential increases, the electrical efficiency of the cell decreases, which makes
the cell less desirable for use as an energy storage device [29]. Overpotential typically increases
as the current density increases, meaning that large currents reduce the efficiency of a cell [31].

15



Chapter 2

Experimental Design

2.1 Preparing Solutions

All solutions were prepared in an argon-filled glovebox, with no exposure to air or water. The first
step of all the tests was to prepare the electrolyte. The mass of salt required for each given molarity
was calculated and then weighed using a scale accurate to 10-4 grams. The measured salt, along
with the required volume of electrolyte solvent, were added to an amber vial. Amber vials were
used to prevent damage to the electrolyte from light. The electrolyte solution was then rested for a
minimum of 24 hours to allow the salt to dissolve into the solvent.

After the electrolyte was prepared, the next steps varied depending on the measurement to be taken.
If no amine or CO 2 purge was required, properties of the electrolyte could be measured as
described in Sections 2.2 and 2.3. For solutions requiring the addition of amine and a CO 2 purge,
the required volume of amine for each amine molarity was calculated for a solution with 6 mL of
electrolyte. The 6 mL of electrolyte and calculated volume of amine were combined together in a
10 mL Erlenmeyer flask. The solution was then purged with CO 2 for approximately 30 seconds.
After the CO 2 purge, the solution could be measured, as described in Sections 2.2 and 2.3, or be
used in an electrochemical cell, as described in Section 2.4.

2.2 Ionic Conductivity Measurements

Ionic conductivity measurements were taken using an Oakton Con 700 Conductivity Bench Meter.
The conductivity meter consists of 2 stainless steel electrodes placed 1 cm apart and has a range
of 0.01 pS cm 1 to 200 mS cm-1. Following the preparation of solutions, 6 mL of each solution was
poured into a test tube. 6 mL was chosen as the test volume because it ensured that both electrodes
on the conductivity probe were fully submerged in the liquid while minimizing excess electrolyte
volume. The probe was submerged into the liquid and held still for a few seconds until the
conductivity meter indicated that the measurement was complete. The probe was then removed
from the solution to allow the conductivity meter to reset before taking 2 more measurements, for
a total of 3 measurements of each solution. Before testing a different solution, the probe was rinsed
in DME and allowed to dry for a few minutes. DME was chosen as the rinse solution because it
evaporates quickly and allows for faster measurements.
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2.3 C02 Absorption Measurements

A schematic showing the setup for CO 2 loading measurements is shown in Figure 2.1. Pressure
measurements were taken using the OMEGA PXM409 Pressure Transducer, which can record
data continuously at a rate up to 1000 Hz and has and accuracy of 0.08%. A custom Buchi Glass
pressure vessel from was placed in an oil bath. The temperature of the oil bath was controlled by
a Briskheat 120 Volt Temperature Controller and Briskheat Silicone Rubber Heating Blanket and
confirmed with a mercury thermometer.

The pressure transducer continuously recorded pressure throughout the entire process described.
To prepare the pressure measurement, the solvent was added to the pressure vessel inside an argon-
filled glovebox and the vessel was sealed. The vessel was removed from the glovebox, the vacuum
valve was connected to a vacuum and the CO 2 inlet valve connected to a CO2 tank. The vacuum
valve was opened and the pressure vessel and tubing were evacuated to a pressure below 2 psi.
The vacuum inlet valve was then closed and the CO2 tank was opened to pressurize the vessel to
approximately 15 psi. The CO2 inlet valve was then closed, creating a vacuum seal on the pressure
vessel (state 1). The pressure was recorded, after which the pressure vessel was allowed to sit until
the pressure stabilized (state 2). The pressure in the vessel was then recorded again. This process
was repeated with varying solvents.

CO 2  
Burst Pressure

Inlet Disc Transducer
Vacuum and

Electrolyte Inlet

Hg Thermometer ----

Pressure
Vessel 

Computer

Temperature ControllerOi
Electrolyte Bath

Figure 2.1: The setup for pressure measurements is shown in this diagram.

For this thesis, the value of interest is the loading of CO2 in different solutions, which can be
calculated from the pressure measurements described above. We are interested in finding the
concentration of CO2 in the solution at the end of the measurement. Equations 2.1 through 2.5
were used to calculate the concentration of C02 in the solution at the end of the pressure
measurement. In these equations, T is the temperature of the mixture, R is the ideal gas constant
(8.314 J K-' mol-'), Pi is the pressure at state 1, P2 is the pressure at state 2, ni is the moles of CO2
as a gas at state 1, n2 is the moles of C02 as a gas at state 2, Vgas is the volume of gas in the vessel,
nliquid is the moles of C02 dissolved into the electrolyte solution at state 2, and Vliquid is the volume
of solution. Equation 2.1 is the ideal gas law.

PV = nRT (2.1)
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R, T, and Vgas are known values, so the ideal gas law can be rearranged to Equation 2.2 to calculate
ni.

njP-14'as (2.2)
1 =RT

Equation 2.3 is used to determine n2 and can be found by rearranging the ideal gas law and knowing
that R, T, and Vgas are constant throughout the measurement.

-P2n (2.3)

P1

The number moles of CO 2 in the pressure vessel is constant throughout the measurement period,
so all CO 2 that is no longer in the gas state must have dissolved into the solution. Equation 2.4
calculates the moles of C02 which have dissolved into the liquid solution.

nliquid = ni - n2 (2.4)

The C02 concentration in the electrolyte solution (in mol L-1) can then be calculated using
Equation 2.5

CO 2 Concentration = nliquid (2.5)
Vliquid

2.4 GITT Measurements

GITT measurements were conducted using Swagelok-type cells. Amine-electrolyte solutions were
prepared as described in Sections 2.1. Each solution consisted of 0.3 M LiClO 4 in DMSO with 0.1
M amine concentration. Amines used were EEA, DIPA, and PP. Cells were constructed according
to the diagram in Figure 2.2. The lithium foil anode was pre-stabilized in PC electrolyte and
separated from the other components by a porous Celgard separator. 100 pL of solution were
placed on top of the separator, followed by a porous Vulcan Carbon cathode. The cathode was
then covered by 50 gL of solution and a stainless steel mesh. A stainless steel spring and plunger
completed the cell and ensured electrical contact was maintained throughout the measurement.

18



---

Stainless Steel Plunger

Spring

Stainless Steel Mesh
50 plL solution - -

- - Cathode
100 pL solution - -

- - Porous Separator

- Anode

-- Stainless Steel Plunger

Figure 2.2: Cells for GITT measurements, LFP charging, and discharge versus LFP were
assembled in a stainless steel housing according to the diagram above.

After each cell was assembled, it was purged with CO 2 for approximately 30 seconds and then
sealed with C02 as the only gas inside. Before any measurements took place, cells were rested for
a minimum of 24 hours. After the rest period, each cell was discharged for 5 hours at a rate of 10
pA per gram of carbon in the cathode. The discharge was followed by a rest period with no applied
current for 6 hours. The discharge and rest cycle was repeated a minimum of 10 times for each
cell.

2.5 Preparing LFP Electrodes

The lithium iron phosphate (LiFePO4) electrode, abbreviated LFP, needed to be charged before
using it to investigate the discharging or charging of cells using an amine-electrolyte. To do this,
a cell was assembled according to Figure 2.2, using a lithium foil anode that had been pre-stabilized
in PC and a porous Celgard separator. The LFP electrode was used as the cathode and the solution
used was 1 M lithium hexafluorophosphate in dimethyl carbonate and ethylene carbonate (1:1
volume ratio). After the cell was assembled, it was rested for 2 hours. The next step varied
depending on whether the LFP electrode was going to be used to test the discharging or charging
of a cell. For electrodes designed for use in discharging, a current of 0.461 mA was applied for 15
minutes to charge the electrode. For electrodes designed to be used in charging, a current of 0.461
mA was applied for 120 minutes. The cell was then disassembled in an argon-filled glovebox and
the LFP electrode was rinsed in DME before being stored in a vial for future use. DME was used
because it evaporates quickly in argon.
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2.6 Discharging Versus LFP

Cells were prepared according to figure 2.2, using the previously charged LFP electrode as the

anode, a carbon electrode as the cathode, and a porous Celgard separator as the separator. The

solution consisted of 0.1 M amine in 0.3 M LiClO4 in DMSO. Following the assembly, cells were

rested for 8 hours. A current of 30 mA gc-U was then applied until the cell voltage reached -1.45

V versus LFP.

20



Chapter 3

Results and Discussion

3.1 Ionic Conductivity

3.1.1 Varying Amine Concentration and Composition

Ionic conductivities of solutions composed of 0.3 M LiCIO 4 in DMSO with varying amine and
amine concentration were tested at room temperature. EEA, DIPA, and PP were tested at
concentrations of 0 M, 0.1 M, 0.3 M, 0.7 M, and I M and the results of these tests are shown in
Figure 3.1. In general, the ionic conductivity decreased with increasing amine concentration.
However, the solutions with DIPA and PP had the largest ionic conductivities when the amine
concentration was 0.1 M. While the ionic conductivity of the DIPA electrolyte did go down with
increasing DIPA concentration, the decrease was relatively small compared to the other two
amines. The ionic conductivities of both the PP electrolyte and the EEA electrolyte decreased
rapidly as concentration increased.

7.0

6.5-

co 6.0

5.51-

5.01
0.0 0.2 0.4 0.6 0.8 1.0

Concentration (M)
Figure 3.1: Ionic conductivities are shown for solutions with varying amines and amine
concentrations in 0.3 M LiClO 4 in DMSO. Errors bars are shown, but are sometimes within
the point.

As discussed in Section 1.2.1, the ionic conductivity typically peaks at an intermediate salt
concentration. Here, we are concerned with amine concentration, so the relationship between
conductivity and salt concentration cannot be directly applied, but the same principles apply. The
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ionic conductivity increases as the number of charge carriers increases, as shown in Equation 1.7.
Equation 1.9 shows that when the amine reacts with C0 2, ions are formed. For EEA, these ions
are RNHCOO- and RNH 3'. There would be similar but different ions for DIPA and PP. As the
concentration of the amine increases, the number of these ions also increases, which can explain
the peak in conductivity at a 0.1 M amine concentration for DIPA and PP. The peak conductivity
for the EEA solution may be at an EEA concentration between 0 and 0.1 M, possibly explaining
why there was no intermediate peak. Additional measurements at amine concentrations between 0
M and 0.1 M would be required to fully understand this.

For concentrations above 0.1 M, the ionic conductivity decreased for all three amine-electrolytes
as the concentration increased. While the addition of ions into the solution can initially increase
the ionic conductivity, a large number of ions increases viscosity, which can lower ion mobility
and ionic conductivity, as shown in Equations 1.7 and 1.8. No viscosity measurements were taken
for this thesis, but future research could measure viscosity to confirm this reasoning. Additionally,
as more amine is added and loaded with C0 2, more RNHCOO- and RNH3' ions are formed and
coordinate with the Li' and C104- ions from the LiClO 4 salt. The Li' and C104- ions, which were
free ions before the addition of the amine, are now coordinated and no longer charge carriers,
reducing the total number of charge carriers in the electrolyte and the ionic conductivity.

High concentrations of amine and a CO2 purge also resulted in the production of precipitate in the
DIPA and EEA electrolytes, as shown in Figures 3.2 and 3.3. In the EEA electrolyte, the precipitate
first formed at EEA concentrations of 0.3 M and the amount increased as more EEA was added.
For these solutions, the precipitate spread throughout the liquid and created a milky-white color.
In the DIPA electrolyte, there was precipitate in the 0.7 M and 1 M solutions, with more precipitate
in the 1 M solution. Unlike the precipitate from EEA, which was diluted throughout the electrolyte,
the precipitate in the DIPA solution formed on the glass of the Erlenmeyer flask and stayed at the
top of the solution. Additionally, while the precipitate in the EEA solution did not disappear over
time, the precipitate in the 0.7 M DIPA solution had dissolved within 10 minutes. The formation
of precipitate likely increased the viscosity of these solutions further. As shown in Figure 3.4, no
precipitate formed in the PP electrolytes, but there was still a substantial drop in ionic conductivity
with increasing concentration.

EEA Concentration 0.3 M 0.7 M 1 M

C02-bound EEA in
0.3 M LiC104 /DMSO

Figure 3.2: Solutions with varying concentrations of EEA in 0.3 M LiCO 4 in DMSO are
shown after being purged with CO 2. There was precipitate in the 0.3 M, 0.7 M, and I M
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EEA solutions, and the amount
increased.

of precipitate increased as the EEA concentration

DIPA Concentration 0.7 M 1 M

C02-bound DIPA in x
0.3 M LiCIO4 / DMSO

Immediately after
CO 2 Purge

C02-bound DIPA in
0.3 M LiCIO4 / DMSO

10 minutes after
CO 2 purge

Figure 3.3: Solutions with varying concentrations of DIPA in 0.3 M LiClO 4 in DMSO are
shown after being purged with CO 2. Precipitate formed in the 0.7 M and 1 M DIPA
solutions immediately after the CO 2 purge. After resting for 10 minutes, the precipitate had
dissolved into the 0.7 M solution, but remained in the 1 M solution.

PP Concentration 0.1 M 0.3 M 0.7 M 1 M

C02-bound EEA in
0.3 M LiCIO4 / DMSO

Figure 3.4: Solutions with varying concentrations of PP in 0.3 M LiClO 4 in DMSO are
shown after being purged with CO 2. There is no precipitate formation in any of the
solutions.

Figure 3.5 shows the solutions with PP after the ionic conductivity measurement. During these
measurements, the conductivity probe guard was beginning to crack and had to be taped to the
probe with orange tape. The tape did not make contact with any of these solutions, but did come
into contact with the DME during the rinse between each solution, which caused orange coloring
to seep onto the probe guard. The solutions were measured from left to right and you can see the
orange tint become more apparent with each subsequent solution. The tape could have
contaminated these solutions and slightly affected the ionic conductivity measurements for the PP
electrolyte. In order to prevent this from happening again, we only used 7 mL of DME in the rinse
test tube during later measurements, which prevented the DME from contacting the tape and
eliminated the issue. Measurements were later redone using a new probe guard and produced
similar results.
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Figure 3.5: PP electrolytes are shown after the ionic conductivity measurement.

3.1.2 Varying Salt

To understand the effect of cation on ionic conductivity, electrolytes composed of 0.3 M LiC104,
NaClO4, and KC104 in DMSO were tested. For both the neat electrolyte and the electrolyte that

contained 0.1 M EEA and had undergone a C02 purge, the ionic conductivity was lowest for the

Li' cation, higher for the Na' cation, and highest for the K' cation, as shown in Figure 3.6(A).
With larger cation size, the ionic conductivity increased. This supports previous research by
Bandara and Stygar, which also found that ionic conductivity increased as the size of alkali metal

cations increased. [15], [16]. Additionally, the ionic conductivity was lower after the addition of

EEA and the C02 purge, in accordance with the findings in Section 3.2.1, although this could be

different if a different amine had been used.

(A) (B)
6.8 --- r- --- i~

O Neat Electrolyte
O Electrolyte with EEA-C0 2  3.0

6.6 2.5

U2 mE
E 6.4

e1.5

6.2
1.0

1 M LiX/TEGDME
6.0 0.51

Li* Na* K+ CFsSO3  TFSI- PFs- CIO4

Figure 3.6: (A) shows the ionic conductivity of 0.3 M XClO 4 in DMSO solutions, both as
a neat electrolyte and with 0.1 M EEA and CO 2. (B) shows the ionic conductivity of 1 M
solutions in TEGDME with varying anion.

There was also significant variation in the ionic conductivity as the anion changed. To determine

the effect of changing the anion, electrolytes were prepared with I M LiCF3SO3, 1 M LiTFSI, 1

M LiPF6, and 1 M LiClO4 in TEGDMIE. As shown in Figure 3.6(B), the anions listed in increasing

order of ionic conductivity were, CF3SO3-, C104-, PF6-, and TFSI~. This data shows that while larger

anions tend to have larger ionic conductivities, this relationship does not always hold. Figure 3.7

shows the Lewis structure of each anion, which is useful for understanding the size of each ion.

The positive correlation between anion size and ionic conductivity holds when comparing C104-,

PF6-, and TFSl~, as the ionic conductivity increased when the anion became larger. However,
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CF3SO3~ is a larger ion than both C104 and PF6-, but was found to have the lowest ionic
conductivity, indicating that other chemical properties are affecting the conductivity.

Anion CF3SO 3- TFS1- PF6- C104

Structure 11 F3C N CF F
S F
0 0 F0

Figure 3.7: The Lewis structure of each anion is shown [32].

3.1.3 Varying Solvent

Ionic conductivity measurements were conducted on solutions of 1 M LiCF3SO3 in varying
solvents. The electrolyte with DMSO had an average ionic conductivity of 9.55 mS cm', which
was significantly higher than any of the other electrolytes, as shown in Figure 3.8. Based on the
-dielectric constants shown in Table 3.1, we would expect DMSO and PC electrolytes to have the
highest ionic conductivities. The DMSO electrolyte does have a large ionic conductivity, but the
PC electrolyte has one of the lowest measured, indicating that factors other than the dielectric
constant are driving the ionic conductivity down for PC. DME, diglyme, triglyme, and TEGDME
are all glycol ethers and have similarly low dielectric constants. For these solvents, the ionic
conductivity decreased as the chain length increased.

0 10
C,,

8

6
0

4
E

CO2

0

I.
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Increasing chain a
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U U

- -

C)
0

Figure 3.8: Ionic Conductivities for 1 M LiCF 3SO3 in varying solvents.
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Solvent Dielectric Constant
DME 7.3
Diglyme 7.23
Triglyme 7.62
TEGDME 7.9
DMSO 46.7
PC 66.6

Table 3.1: Dielectric constants for the solvents of interest [33], [34].

3.2 C02 Absorption

Before measuring the loading of C02 in amine-electrolyte solutions, initial measurements were
taken to refine the experimental design and confirm the accuracy of measurements. The first
measurements used pure DMSO as the solution because the solubility of CO 2 in DMSO at different
temperatures and pressures has previously been determined empirically. At atmospheric pressure
and a temperature of 25 'C, the solubility of CO 2 is about 100 mmol per liter of DMSO [35]. 6
tests were run with CO 2 and DMSO at room temperature and a representative measurement is
shown in Figure 3.9(A). In this figure, the vessel is pressurized to approximately atmospheric
pressure, after which the pressure rapidly decreases before slowly approaching an asymptote as
more C02 dissolves into the DMSO. For the first measurement, the DMSO was added to the vessel
outside the glovebox and no temperature controller was used. The solubility for this measurement
was 54.5 mmol L-. For the second measurement, the DMSO was not removed and the headspace
in the vessel was evacuated and refilled with C0 2 , resulting in a solubility of 49.9 mmol L-. During
both of these measurements, the room temperature fluctuated between 21 and 25 'C, likely
resulting in pressure spikes similar to those in Figure 3.9(B). In an effort to minimize these
fluctuations, the Briskheat temperature controller was used for the rest of the measurements and
set at 26 "C. This did not completely eliminate changes in temperatures, but did reduce the
magnitude of the fluctuations. DMSO was added to the pressure vessel outside the glovebox for
the third measurement, producing a solubility of 82.1 mmol L-1. This was significantly closer to
the expected solubility of 100 mmol L-, indicating that adding the temperature controller may
have made the measurement more accurate. The fourth measurement was conducted by evacuating
the headspace and refilling with C02. The solubility for this measurement was 32.05 5 mmol L-1.
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Figure 3.9: (A) shows a representative pressure measurement for CO 2 absorption in pure
DMSO. (B) is a zoomed in image of the same measurement, which shows the pressure
fluctuating between 9.85 and 10.00 psi, likely due to variations in the temperature.

The first four solubility measurements were all lower than the expected value of 100 mmol L-.

This indicated to us that water content in the air may have been affecting the solubility. Although

the air was evacuated from the vessel before adding the C02, less than 100% was removed, as

shown by the pressure in Figure 3.9(A) never reaching 0 psi. To address this, the fifth measurement

was prepared by adding the solution to the pressure vessel inside an argon-filled glovebox and

sealing the vessel. The vessel was removed from the glovebox, the argon was evacuated, and the

headspace was filled with C02. These steps ensured that no air or water was in the pressure vessel

and resulted in a solubility measurement of 92.8 mmol L', which is close to the accepted value of

100 mmol L 1 . The last measurement with DMSO was conducted by evacuating the headspace and

refilling it with C0 2, producing a solubility of 35.8 mmol L'. After taking these 6 measurements,

it became clear that reusing a solution for a second measurement resulted in a significantly lower

value for solubility. We initially expected the evacuation of the headspace to cause all of the

dissolved CO2 to leave the solution. Our results show that this was not a good assumption and that

a significant portion of the CO 2 actually remained in the solution, resulting in a lower solubility

value on the subsequent measurement. Additionally, the evacuation step may have resulted in the

evaporation of some of the DMSO, which would decrease the volume of liquid in the vessel and

cause our calculations to produce a lower solubility value than the actual solubility. Minimizing
the number of evacuation steps can mitigate this issue.

These initial tests using DMSO as the solvent guided the design of measurements for all future
solvents. In all following tests, the solvent was added to the pressure vessel inside the argon-filled

glovebox and sealed. The argon was then evacuated and the vessel was filled with C02.
Additionally, the temperature of the pressure vessel throughout each measurement was controlled

using a temperature controller and an oil bath. Each solution was only used for one measurement.

Following these initial measurements with DMSO as the solvent, measurements were conducted

for solutions with varying concentrations of LiCF 3SO3 in TEGDME. The C02 loading was found
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to be 68.4 mmol L-1 for I M LiCF3SO3 and 86.6 mmol L-1 for 0.7 M LiCF3SO3. These results
appear to show that CO2 absorption increases as the concentration of LiCF3SO3 decreases, but

more tests using different concentrations of LiCF 3SO3 and using pure TEGDME will need to be

conducted to fully understand this relationship. Also, each solution was only tested once to

determine the solubility of CO2 in the solution. Additional measurements should be taken with

each solution to confirm these solubility values and determine the error of the measurements.

3.3 GITT

GITT measurements were taken for cells using electrolytes made of 0.1 M amine and 0.3 M LiClO 4

in DMSO and purged with CO 2. EEA, DIPA, and PP were tested. Measurements were repeated on

a second cell for each amine to confirm the values for equilibrium voltage and the equilibrium

voltage was found by averaging the two GITT measurements. The equilibrium voltage was 3.15
V versus Li/Lie for the EEA solution, 3.18 V versus Li/Lie for the DIPA solution, and 3.10 V
versus Li/Lie for the solution with PP. As shown in Figure 3.10, the equilibrium voltages were

calculated by finding the voltage that the cell returned to during the rest period. The cell using PP

as the amine had the lowest equilibrium voltage, while the DIPA cell had the highest.

(A) (B) (C)
3.3 3.33

0.1 M EEA-CO, 0.1 M DIPA 0.1 M PP-CO

3.2 10 mAIgr 3.2- 10 ng 3.2. 10nM7A
E=314V

:3 -- ---- -- E=3.11 V
2 3,1 3.1 3.1 ------ ~~---- T-

f3E. DI () a 3.0fr
2.9 2.9 29: _ ____

2.8 2.8 2.8 . . . . .
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Figure 3.10: One GITT measurement for each amine is shown for solutions of 0. 1 M amine
diluted in 0.3 M LiClO 4 in DMISO. In these measurements, the equilibrium voltage was
found to be 3.14 for the EBA solution (A), 3.15 for DIPA (B), and 3.11 for PP (C).

All three cells have equilibrium voltages significantly higher than the thermodynamic potential of

2.8 V versus Li/Lie of direct CO 2 reduction, indicating that the addition of a C0 2-loaded amine to

the electrolyte changed the reduction reaction. Additionally, the equilibrium voltages for these

cells are larger than the discharge voltage of 2.9 V versus Li/Li' in the similar cell developed by
Khurram. This makes sense because the equilibrium voltage approaches an ideal case, while the

discharge voltage is lower due to irreversibilities.
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3.4 Discharging Versus LFP

The LFP electrodes were first charged according to the steps in Section 2.5. Representative

charging curves for LFP electrodes to be used as cathodes in both charging and discharging

processes are shown in Figure 3.11(B) and Figure 3.11(A), respectively. The electrode to be used

in charging was charged for a longer period of time, demonstrated by the higher capacity in Figure

3.11(B) than Figure 3.11 (A). The longer charging time did not have a significant impact on the

final voltage of the cell.

(A) (B)

3.5 - - - - - - -- 3.5 - -

r3A LFP Charging for Discharge LFP Charging for Charge

3A -3.4

>3.3 > 3.3

3.2 - 3.2

3.11 3.1
0.00 0.02 0.04 0.06 0.08 0.10 0.12 0.0 0.2 0.4 0.6 0.8 1.0

Q (mAh) Q (mAh)

Figure 3.11: (A) shows the charging of the LFP electrode for use in discharge of a cell and

(B) shows the charging of the LFP electrode for use in charging of a cell.

Cells were then prepared using the charged LFP electrodes as the anode, as described in Section

2.6. Cells were assembled using solutions of lean 0.1 M DIPA and 0.3 M LiClO4 in DMSO, and

lean 0.1 M PP and 0.3 M LiClO4 in DMSO. The cells were then discharged to a voltage of -1.45

V versus LFP at a rate of 30 mA per gram of carbon. The results for the cell using DIPA are shown

in Figure 3.12(A) and the results for the cell with PP are shown in Figure 3.12(B). A significantly

higher capacity (in units of mAh gc-') was able to be applied to the DIPA cell than the PP cell

before reaching the cutoff voltage. The DIPA cell reached -1.45 V at approximately 70 mAh gc-1,

while the PP cell reached -1.45 V at 25 mAh gc-'. These results indicate that, for cell discharge

versus LFP, using DIPA as the amine in a C02-lean solution is likely advantageous to using PP.

29



(A)

0.1 M DIPA-Lean
30 rmAgc

20 40 60

Q (mAhtg)

(B)
0.0

.0..
CL

LL.

-0.5

-1.0

-1.5

0 5 10 15 20 25

Q (mAh/grj

Figure 3.12: (A) shows the discharge of a cell using 0.1 M DIPA as the amine in 0.3 M
LiClO 4 in DMSO. (B) shows the discharge of a cell using 0.1 M PP as the amine in 0.3 M
LiClO 4 in DMSO. The discharge was ended when the cell reached -1.45 V versus LFP.
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Chapter 4

Conclusions

The goal of this thesis was to gain a better understanding of the properties of nonaqueous amine-
containing electrolytes, with the intention that the information could be used to further optimize
Li-CO 2 batteries. The research showed that the equilibrium voltage of the discharge of
electrochemically activated C02 was greater than 3.1 V versus Li/Lie, which is higher than the
thermodynamic potential of direct C02 reduction (2.8 V versus Li/Lie). This was true for each
amine that was tested. While the exact thermodynamic potential of the reduction of C0 2-loaded
amine is still unknown, these findings indicate an advantage for C02 loaded, amine-containing
electrolytes over traditional Li-C02 battery electrolytes. The measured equilibrium voltages can
now be used to calculate cell overpotentials during charging and discharging, which are important
metrics to understand cell performance. Future research could also use a modified GITT technique
to find the diffusion coefficient of different reactions, which could better inform the selection of
battery electrolytes.

The highest equilibrium voltage of 3.18 V versus Li/Lie was found in the cells containing the
electrolyte using DIPA as the amine. The equilibrium voltage was slightly lower (3.15 V versus
Li/Lie) in cells using EEA as the amine, showing that either amine could be viable for use in an
Li-CO 2 battery. Additionally, for solutions that had been purged with C02, the ionic conductivity
of DIPA electrolytes was higher than that of EEA electrolytes, regardless of the concentration of
amine. More precipitate was formed in solutions containing EEA than in solutions containing
DIPA when they were purged with C02. The additional precipitate could negatively impact the
performance of a battery. These data points all signal that DIPA could be a viable substitute for
EEA in an amine-promoted Li-CO 2 battery.

We found that ionic conductivity increases as the cation becomes larger, which means that a salt
composed ofNa, K, or a larger metal could be an improvement over salts containing Li. However,
this would require redesigning the anode and could create other difficulties in the design of a
battery. The research also showed that the conductivity generally increases as the anion becomes
larger. Specifically, the electrolyte using TFSI- as the anion had a significantly higher conductivity
than the electrolyte with C104-, which was used as the anion in Khurram's proof-of-concept
battery. This shows that using LiTFSI as the electrolyte salt could improve battery performance.
However, in this research, only 0.3 M LiClO4 in DMSO was tested after the addition of an amine
and C02 loading. To fully understand the viability of different electrolyte compositions, amine-
electrolytes composed of the salts and solvents of interest and purged with C02 will need to be
tested for their physical and electrochemical properties. Additionally, tests should be conducted to
better understand the effect of temperature on ionic conductivity and CO 2 solubility. This
information could inform the determination of the ideal operating temperature for an amine-
promoted Li-C02 battery.
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In conclusion, the findings from this thesis indicate that there is room to improve the amine-
promoted Li-CO 2 battery demonstrated by Khurram through optimization of the amine, the
solvent, and the electrolyte salt's cation and anion. Future developments could lead to Li-C02
batteries becoming a viable end-use product for C02 captured after fossil fuel combustion, which
would result in long-lasting and significant implications for climate change mitigation efforts.
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Appendix A: Additional GITT Measurements

Additional GITT measurements are shown below. (A) shows the EEA cell, (B) shows the DIPA

cell, and (C) shows the PP cell. Equilibrium voltages are approximately the same as those shown

in Figure 3.10.
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