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ABSTRACT OF THESIS
COz2 capture and concentration using alkoxides and photoacids
by
Amanda L. Kummeth
Master of Science in Chemistry
University of California, Irvine 2022

Professor Jenny Yang, Chair

With the increase of CO2 and other greenhouse gases emissions into the atmosphere,
research into methods to mitigate these emissions is gaining more attention. The use of various
capture agents to absorb CO2 from either waste gas streams or directly from air can lead to
completely carbon-neutral or carbon-negative technologies. This work studies two new methods
for COz2 capture: a direct capture method using alkoxides, and an indirect capture method using
photoacids for creating localized pH swings. CO2 capture using alkoxides was verified through
the formation of alkyl carbonates. The CO:2 absorption capacity was then measured for each
alkoxide synthesized or purchased, showing a general trend for higher CO:2 absorption capacity
correlating with higher pKa values. The effect of the counter cation for alkoxides in CO2 capture
was also investigated, showing that changing the counter cation does in fact alter CO2 absorption
capacity for hydroxide (0.39-0.85 mole CO2 absorbed per mole of hydroxide). The second
capture system investigated used photoexcitation of photoacids to release captured CO2 from
solution. The initial setup to test CO2 capture and release for this system shows effective CO2
capture into solution and release of COz2 after the photoacid is excited. However, this process’s

efficiency could be improved through use of a higher intensity photon source.



1. Introduction

The exponential increase of CO2 in the atmosphere will not abate while the use of fossil
fuels remains prevalent.! While research into utilizing CO: as a stock chemical through electro-
and photocatalytic reduction is important, obtaining pure CO: for these reactions remains a
challenge. To close the loop between CO2 emission and CO: utilization, development of efficient
CO2 capture and concentration technologies for industrial waste gas, vehicle emissions, or
directly from air is required.? Thus, it is imperative to create a system for CO2 capture to work
towards creating a carbon-neutral, or even carbon-negative, society.

Currently, the most developed method for CO2 capture is thermal amine scrubbing where
the waste gas stream from a post-combustion source (8-15% CO2)3# is sent through an absorber
containing amine solution that reacts and captures CO2 to form a carbamate salt (eqn 1).5 The
solution then flows to the desorber, where it is heated (110-130 °C)8, releasing gaseous CO2 and

regenerating the amine.

H H, (;02_
C02 <+ 2 3 N _ g
1

R/ R, == Rl/N.Rz+ Rl/N.Rz [1]

The amine most often used for thermal capture is monoethanolamine (MEA), a desirable capture
agent due to its low cost and high rate of reaction.> While MEA degrades from the heat used in
thermal amine scrubbing, its low cost makes it easy to replace. However, thermal regeneration is
Carnot limited in energy efficiency; amine scrubbing is reliant on the introduction of external
heat, resulting in high energetic costs that have prevented wide-spread application.”® Other

methods for CO2 capture and concentration that do not rely on temperature swings include

methods such as electrochemically mediated amine regeneration (EMAR),®°12 electrochemical



pH swings,*1 electrochemical redox swings,'®-18 carbonate precipitation,® and gas capture into
porous materials like metal organic frameworks.?

A process like electrochemical pH swings does not rely on heat and can be fully
reversible, meaning it is theoretically 100% efficient. In addition, the energy required can be
provided by solar power or other renewable energy sources, making these completely carbon-
negative.'*-16 Proton-coupled electron transfer (PCET) pH-swing systems make use of a redox
active molecule to adjust the concentration of protons in solution. For example, for a system
developed by Jin et al., COz2 is first captured into an alkaline (pH ~ 13.5) aqueous solution
through the formation of bicarbonate.'® Then their redox active compound is reduced, releasing
protons into the solution. The pH of the solution is further lowered, resulting in protonation of
bicarbonate to carbonic acid. The equilibria at lower pH conditions favor H20 and CO2 over
carbonic acid which allows the COz2 to be released. The redox active species is then oxidized,

which increases its basicity and alters the pH back to alkaline conditions.

2. CO2 Capture using Alkoxides

2.1 Background

The generally accepted mechanism for CO2 capture using amines requires that the amine
acts as a nucleophile for dissolved CO2.2%?2 As such, other nucleophiles could provide alternative
routes for CO2 capture, especially for direct air capture. While amines effectively capture CO2
from sources with higher concentration of feedstock CO2 (flue gas), there is less success of
capture at lower concentrations of CO2. Even so, some amines have been shown to capture CO2
directly from air, at a concentration of 0.04% CO3; however, the majority of these amines are

embedded in a molecular organic framework structure or other heterogenous surfaces.?*2°



Another challenge in amine capture is the stoichiometry for carbamate formation (eqn 1). The
2:1 (amine:CO2) capture stoichiometry for amines enforces a restricted efficiency upon the
system, since maximum carbamate formation is 50%. As such, using alkoxides as a capture

agent could offer superior CO:2 capture.

RO +CO, == RCOjy [2]

Alkoxides react with CO2 to form an alkyl carbonate with 1:1 stoichiometry (egn 2) since
the alkoxide is already in its active form. In addition, the range of pKas offered by alkoxides
could provide different reactivities due to a correlation of nucleophilicity and pKa.?52” The
bonding energetics of CO2 versus proton binding of amines, alkoxides, and phenoxides were
calculated using density functional theory (DFT) by the Alexandrova group at UCLA.% In
contrast to the previously suggested zwitterionic mechanistic pathway for CO2 absorption with
an amine, the DFT calculations suggest that a neutral amine does not create a covalent bond with
CO: based on the N-C bond length of 2.82 A in Figure 1. However, after deprotonation of the
amine, the amino group can covalently bind the CO2 with a binding energy of -53.1 kcal/mol and
N-C bond length of 1.43 A.28 Because neutral amines always being more basic than water, the
amines must go through an autoionization process before they can reach their active capture state
of the deprotonated amine.

2R;R,NH = R;R,NH,* + R|R,N"
R,R,N" + CO, =— R;R,NCOO"

These calculations illustrate that the pKaz of the amine, the pKa of deprotonation, holds more

influence over the binding of CO2 than that of pKax.

pK, pK
R,R,NH,* —= R;R,NH —= R,R,N- [3]



The calculated binding constants of the amine and CO2 to pKaz has little correlation. Previous
data comparing CO2 absorption capacity to pKai also indicates little trend between pKai and CO2
binding.?® However, when calculated binding constants for the amine and CO:2 are plotted against
pKaz, there is a remarkedly more linear trend, which supports that carbamate formation occurs
only with the deprotonated amine.

Since the pKaz range for

amines is 20-30 in water, amines d ( ' 9
g \v\?(& , Figure 1. Energetics of
can be water sensitive and prone \ o ¥ CO; binding on capture
W agents from Zhang et al.
to protonation. This is likely the a. Optimized
, geometries of CO,
. binding on MeNH,,
reason for the few successful ‘, 2, & \;,Js& MeNH- MeO-. and
o . v ¥ o PhO", with the d(X-C)
direct air capture amine-based . distances (X represent
) ) N for amine and O for
systems. However, alkoxides with | —26 " " alkoxide/phenoxide)
-281 7 v T labeled in Angstrom. b.
a pKa of their conjugate acid under _30] & N, Scatter plot of DFT-
) Y o s calculated pKcoz values
15.4 (the pKa of water) should 87 PR - versus the pKa and
S _34 a " % pKa for investigated
remain in their active form in _36| 4 ominepikn A primary and secondary
v amine-s pKay e o amine molecules.
- _38/ A am!ne—p pKaz o b &
water. Even so, DFT calculations v ominespla a . 3
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PKa

show that the tradeoff for this
water stability results in lower calculated CO:2 binding constants for alkoxides and phenoxides.
Since nitrogen is a more nucleophilic atom than oxygen, it is reasonable that the binding constant
of CO2 would be higher.

2.2 Results and discussion

2.2.1 Synthesis of alkoxides



Lithium phenoxide,® lithium catechoxide,®* lithium trifluoroethoxide (TFE), lithium
hexafluoropropoxide (HFP),%? and tetramethylammonium phenoxide3® were synthesized
according to literature procedures. 2-nitrophenoxide, 2,6-dimethylphenoxide, 2,6-
diisopropylphenoxide, and acetoate were synthesized using similar procedures as those above.
These compounds are shown in Chart 1 with the pKa of the relevant conjugate acid. Each isolated
product was stored and manipulated under an inert N2 atmosphere, as they degrade in the

presence of oxygen.

OS OO L.@
! O
.® (o)
Li Ll@ .y
Y Li® “oH Chart 1. Initial

alkoxides and

Li Dimethylphenoxide Li Diisoproylphenoxide Li Acetoate Li Hydroxide :
pK,=10.6 pK, = 11.1 pK, =13.7 pK, = 15.7 phenoxides tested
for CO;
O O absorption.
O 0::® o0 :®
- ©/o Li® @[ & @[ . Names and pK, of
:oTu oGii@ NO, the conjugate acid
Li Trifluoroethoxide Li Phenoxide Li Catechoxide Li Nitrophenoxide s listed below
pKa =125 pK, =10.0 PKa1 =9.5 PKa=7.2 each compound
pK.p = 12.8

2.2.2 Alkyl carbonate formation

First, alkoxides were tested for direct binding to CO2 forming an alkyl carbonate, and to
ensure they were not protonating in water. Infrared spectroscopy was used to detect the presence
and absence of carbonate stretches for the alkoxides. The new peaks seen for Li trifluoroethoxide
and Li catechoxide align with carbonate absorption after sparging with COz. Li phenoxide
showed minor growth of a carbonate stretch after being sparged with CO2 likely indicating
weaker binding to CO2 then the above alkoxides. Li HFP showed no evidence of alkyl carbonate

formation (see Table 1 below).



Expected Li TFE Li Catechoxide | Li Phenoxide Li HFP
Range (cm™)
O-C-C 1060-1000 1033 1172 - -
O-C-0 1280-1210 1201 1348 - -
C=0 1800-1640 1649 1683 - -
CO2 2300 2360-2323 2360-2329 2358-2274 2360-2336

Table 1. The expected range for IR carbonate peaks, and the peaks shown for each alkoxide after
being sparged with CO; are listed in wavenumbers cm™,

Mass spectrometry was used to detect formation of carbonate for Li TFE and Li HFP.
Once CO2 was introduced to a solution of Li TFE, a new peak at 144 m/z was observed in
negative mode, corresponding to the expected trifluoroethyl carbonate anion peak. Conversely,
Li HFP shows no indication of alkyl carbonate formation when exposed to CO..

'H NMR and 3C {*H} NMR spectroscopy were used to establish alkyl carbonate
formation from peaks shifting in the spectra. In 3C {*H} NMR, the carbonate peak in methanol-
d4 appears at & 159.98 for cesium carbonate and 6 169.36 for sodium carbonate, determined from
commercially purchased carbonates. NMR spectra of Li TFE sparged with 100% CO2 shows
only one peak in the carbonate region at 6 160.10. To determine whether this carbonate peak
relates to full conversion to the alkyl carbonate or to lithium carbonate, the precipitate from this
reaction was collected. After 24 hours under benchtop conditions, the white power turned to a
finer white solid. Analysis of this solid showed no Li TFE peaks present in the tH NMR
spectrum, and a single peak at § 167.92 visible by **C NMR. Thus, upon initial sparging of CO:
Li TFE reacts to form lithium trifluoroethyl carbonate but if left under atmospheric conditions, it

will degrade to lithium carbonate.

Figure 2. **C NMR of
Li TFE sparged with
CO; in CD3OD with a
T, of 25 sec. Peak at
160 ppm corresponds
to the alkyl carbonate
while 125 ppm
corresponds to
aqueous CO;. “*’ i
indicates peaks
corresponding to LI l
impurities. B0 200 170 140

160.10
6019
/59.91
59,64
59.36

o B2 g WG]

110 60 40 20 0
ppm

80



Out of four initial alkoxides selected to test alkyl carbonate formation, only Li
trifluoroethoxide and Li catechoxide were found to form carbonates and with Li
trifluoroethoxide forming the only mildly air stable complex. A potential explanation for the lack
of carbonate formation using Li phenoxide and Li hexafluoropropoxide relates to the pKa and
nucleophilicity of the alcohols. Phenol (pKa = 9.95) and hexafluoropropanol (pKa= 9.3) both
have a more basic pKa than the two alkoxides that formed alkyl carbonates (catechol, pKaz =
12.8; trifluoroethanol, pKa = 12.5).2* Since pKa often correlates to nucleophilicity, these two
conjugate bases are not nucleophilic enough to react and form an alkyl carbonate in significant
amounts. Another reason for why Li phenoxide and Li hexafluoropropoxide do not form
carbonates could be due to the binding strength between the alkoxide and lithium ion. The
lithium ion may interact with alkoxy groups and prevent efficient CO2 binding. By exchanging
the counter ion for a much larger one, such as tetramethylammonium (TMA), we might be able
to increase CO2 capture.

2.2.3 EMAR

Since Li TFE demonstrated alkyl carbonate formation and was more air stable, methods for
releasing the bound CO2 were investigated. Hatton and coworkers developed an amine based
electrochemical CO2 capture system called electrochemically mediated amine regeneration
(EMAR).248 The initial step for EMAR remains the same as in amine thermal swing systems:
amine capture of CO2 through carbamate formation. The amine used in EMAR systems is
ethylenediamine (EDA). The release step in EMAR makes use of preferential binding of EDA to
copper. Electrochemically oxidizing copper releases Cu?* into the system, EDA preferentially
binds to Cu?* (Kcu = 2.10 x 10%8) over CO2 (Kcoz = 4.90 x 10%), which thus releases pure CO: for

capture.® The copper is then plated out of the system by reduction at the cathode, regenerating



the EDA solution. Since alkoxides can also be used as ligands for metals, we predicted that a
system similar to EMAR might be usable for alkoxides.

The preferential binding of Li TFE for CO2 and various metals were tested using UV-
visible spectroscopy. Spectra were taken for the agueous metal solutions, aqueous metal
solutions with CO2 sparged through, aqueous metal solutions with Li TFE, Li TFE with COz2, and
aqueous metal solutions, Li TFE, and CO2. The following metal salts were tested: Copper (1)
acetate, copper (I1) sulfate pentahydrate, iron (11) acetate, cobalt (I1) acetylacetone, cobalt (1)
tetrafluoroborate hexahydrate, nickel (11) tetrafluoroborate hexahydrate, zinc (1)
tetrafluoroborate hexahydrate. While the spectra for Li TFE with the metal solutions showed
binding — visibly seen as precipitate formation and color change — as soon as CO2 was introduced
the precipitate dissolved and a color change occurred (Figure 3). As such, preferential binding of
alkoxide to metal was not observed for any metal as the alkoxide-metal bond is not seen through

UV-vis when COz is present.

Figure 3. UV-vis spectra of Li TFE
and copper (1) sulfate pentahydrate
and it’s reactivity with CO,. When

s L O solely copper (II) sulfate is in the
'Cu(SO04)(H20)s + CO, + Li TFE' H
08 [ TRe s et aon presence of CO there is no
— 'Li TFE + Cu(SO4)(H;0)s' reaction. The addition of Li TFE to
'Li TFE +Cu(SO4)(H20)s + CO,' ) . ) .
this mixture results in a light green
06 solution, from the original blue

(Amax = 796). However, if only Li
\ TFE and copper (I1) sulfate are
| combined, a dark blue precipitate
forms (Amax = 665). Even so, if this
mixture is then sparged with COz is
~— = also creates a the light green

‘\\ \\/ - solution (Amax = 736).

Wavelength (nm)

Alkoxides and alkyl carbonates are similar types of ligands. An alkoxide and an alkyl

Absorbance

0.2+

0.0

carbonate are both pi-donor ligands that bind to metal ions through an oxygen site. In addition,



their place on the spectrochemical series is quite similar. Comparing Li TFE with EDA as a
ligand, EDA is a sigma-donor ligand and has a higher place on the spectrochemical series,
meaning that it forms a stronger bond to metal ions than a carbamate would. In addition, EDA
behaves as a bidentate ligand, further increasing its stability as a ligand through the chelate
effect. All these factors contribute to allowing EDA to release CO:2 and preferentially bind to
Cu?*, while the differences in binding energies for alkoxides and alkyl carbonates are not distinct
enough to promote preferential binding.
2.2.4 CO2 absorption capacity of alkoxides

Even though using alkoxides in an EMAR-like system seems ineffective, alkoxides could
be utilized in various other types of CO: capture systems, such as in electrochemical pH swings.
To compare the binding efficiency of alkoxides and CO: to that of other capture agents like
amines, the CO2 absorption capacity for alkoxides was determined. CO2 absorption capacity
relates to how much direct inorganic carbon absorbs into solution, often expressed as moles of
DIC per mole of capture agent or as gram of DIC per gram of capture agent. CO2 absorption
capacity not only measures the CO2 absorbed through a reaction with alkoxides to form alkyl

carbonates, but also aqueous CO2, carbonate, and bicarbonate species.

H* Scheme 1.
HsC0 s HCO3 S CO5% equilibrium
equations for
alkoxide and CO-
aqueous
solutions.
CO, (aq)+H20 =~ CO, (aq) + OH
/. \
RCO;H <= RCO; = ‘
3 3 ROH = RO

CO:2 absorption capacity can be measured using various methods. The standard set up,

however, remains the same: a CO2 gas mixture of a known percentage (usually 10-15% COy) is



sparged through a system with a known amount of capture agent until the reaction is complete.
The amount of CO2 absorbed can be measured through a CO2 gas analyzer, titrations, or from the
change in mass of the solution. The most challenging part of all these systems is verifying when
the reaction has reached equilibrium.363” The method used was a modified version first presented
by Puxty et al. that takes advantage of the mass change from CO2 absorbing into solution.?” Each

alkoxide was tested a minimum of three times for accuracy.

Alkoxide (pKa of conjugate acid) gco2/ Galkoxide Ncoz / Nalkoxide

Li hydroxide (15.7) 0.72+0.13 0.39 £ 0.07
Li acetoate (13.7) 0.11+0.01 0.22 +0.03
Li catechoxide (12.8) 0.24 £ 0.05 0.66 +0.14
Li trifluoroethoxide (12.5) 0.18+£0.01 0.43+£0.03
Li 2,6-diisopropylphenoxide (11.1) 0.04 +0.02 0.16 £ 0.08
Li 2,6-dimethylphenoxide (10.6) 0.10£0.04 0.30+£0.12
Li phenoxide (10.0) 0.07+0.01 0.17 £ 0.03
Li 2-nitrophenoxide (7.2) 0.013 + 0.004 0.04+0.01

Table 2. Initial alkoxides and phenoxides tested for CO, absorption. Absorption capacity for each
alkoxide is given as grams of CO- captured per gram of alkoxide and moles of CO; captured per
mole of alkoxide.

In comparison, the standard amine used for CO2 capture and concentration, MEA, has an
absorption capacity of 0.56 mole CO2 per mole MEA.*8 This is greater than expected, as an
absorption capacity of 0.5 would be expected as the maximum for carbamate formation based on
stoichiometry from equation 1. As such, an absorption capacity greater than 0.5 suggests that
other pathways for CO2 capture are occurring. Similarly, the largest absorption capacity expected
for alkoxides would be 1, based on stoichiometry from equation 2. Even so, the highest
absorption capacity observed is for Li catechoxide at 0.66 mole CO2 per mole alkoxide (Table
2). The high absorption capacity could either be due to the presence of two sites for binding CO2
on Li catechoxide or from one active binding site with a stabilization effect from the other

alkoxy group. Comparing the data from the alkoxides to that of various amines, many amines

10



and alkoxides are all within the same range with each other. It should be noted that the molarity

of the alkoxides solutions is 0.5 M while amines are mostly used at 30 wt% in water (~5 M for

MEA).
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Figure 4. CO; absorption
capacity of capture agent
given as mole CO; absorbed
per mole of capture agent
used vs pK, of the conjugate
acid of the capture agent.

In addition, there is a mildly linear trend between pKa and CO2 absorption capacity, likely

due to higher pKa species corelating to greater nucleophilicity. If amines bind through the

unprotonated amine, and pKaz as the computational modeling predicts, amines have high binding

constants. However, this high binding efficiency is inhibited through protonation of the amine by

water, making it less effective for CO2 capture, especially for direct air capture. As such,

alkoxides offer a tradeoff of binding strength for water stability.

Phenoxides offer the potential for mild tunability to increase CO2 absorption capacity.

Examples of tunability are most evidently seen through comparing Li phenoxide, Li 2,6-

dimethylphenoxide, and Li 2,6-diisopropylphenoxide. Computational modeling provided by our

collaborators suggested that favorable CO2 binding could be increased through addition of alkyl

11



groups at the 2 and 6 positions. These alkyl groups sterically force CO:2 to bind in the most stable
conformation, thus increasing CO: binding. Li phenoxide has a CO2 absorption capacity of 0.17
mole CO2 per mole capture agent, where Li 2,6-dimethylphenoxide has an increased absorption
capacity of 0.30, which supports the computational model. However, 2,6-diisopropylphenoxide
shows decreased CO: absorption capacity of 0.16 mole CO2 per mole capture agent. The
decreased capture efficiency results from too much steric hindrance of CO2, which appears to

block the active site instead of forcing CO2 into a favorable configuration.

0.8 — Figure 5. CO; absorption

capacity vs pK, for lithium

phenoxide, lithium

hydroxide, tetramethyl

ammonium phenoxide, and

0.6 tetramethyl ammonium
hydroxide. The black
arrows denote the difference
in CO; absorption capacity
for each salt by changing

9oH Li® the counter cation from

o lithium to tetramethyl

Ao ammonium. As can be seen

| the change in absorption

0.2 - ? capacity is greater for

0.4 —

CO, Absorption Capacity (nco,/n,)

5 hydroxide than it is for
oi® phenoxide.

0.0 —

I I | I I |
10 1 12 13 14 15

PK,

Even with some tunable properties, alkoxides still do not reach their expected maximum
absorption capacity of 1 mole CO2 per mole capture agent. One reason for this could be that
alkoxides are not strong enough nucleophiles to achieve this. However, it could also be that the
lithium counter cation is affecting the capture efficiency from coordination to the active site. As

such, it is possible that changing the counter cation could increase CO:2 absorption capacity.

12



Tetramethyl ammonium (TMA) was chosen as the counter cation to initially test this
theory. TMA phenoxide was synthesized and tested for CO2 absorption capacity, TMA
hydroxide was purchased and tested as is. The absorption capacity for TMA phenoxide increased
to 0.20 mole CO2 per mole capture agent from 0.17, while TMA hydroxide increased to 0.65
mole CO2 per mole capture agent from 0.39. This data indicates that the counter cation has an
effect on the CO: binding affinity. However, the effect of the counter cation is not equivalent for
these two alkoxides. The lesser effect of counter cations on phenoxides CO2 capture efficiency
could be due to the lower nucleophilicity for CO2 that phenoxides inherently possess. Thus, if the
capture ability of phenoxides is low to begin with, the counter cation will not affect the CO2
absorption capacity drastically.

2.2.5 Cation effects on CO2 absorption capacity of hydroxides

Since counter cations affect CO2 absorption capacity, optimizing CO2 capture through
counter cation choice was studied. Because hydroxides with various counter cations are
commercially available, hydroxide was used as the standard capture agent for this investigation.
Hydroxides are a good model for CO2 absorption capacity since they limit the forms of COz in
water to aqueous carbon dioxide, carbonate, bicarbonate, or carbonic acid.

The data shows that cesium hydroxide has the highest CO2 absorption capacity. Studies
involving electrochemical reduction of CO2 have also shown cation sensitivity, often with 1-3
orders of magnitude difference in activity between Li* and Cs* containing electrolytes.**40 While
these systems postulate the electrolyte is able to aid in CO2 reduction through hydrolysis of the
cations onto the electrode surface or through electrostatic interactions with the electric dipole of
specific absorbates, they still offer insight into how cations interact with CO2 and carbonate

species. In particular, the hydrated cation models show that Cs* has a much smaller radius than

13



Li* which can lead to higher local concentrations of Cs*.%% In this manner, Cs* may be able to

stabilize bicarbonate more effectively in solution, thus leading to more CO:2 absorption.

Another method for predicting effectiveness of CO2 absorption offered by cations is

found by examining the activity of each hydroxide instead of the pKa. Activity can be inferred by

pH of the capture agent (higher pH indicating stronger activity).** Looking at Figure 6, a higher

starting pH for the 0.5 M hydroxide solutions tends to correlate with a higher CO2 absorption

capacity. Even so, cesium remains an outlier in this instance as well.

The size of the counter cations does not show a trend for CO2 capture preference.

Theoretically, a counter cation’s optimal size would be large enough to not coordinate too

extensively with the alkoxy group, but small enough to not sterically hinder access to the

bonding site. By comparing CO2 absorption capacity and the radii of the solid-state cation, we

had hoped to see a bell-shaped curve to match the above hypothesis. In such a way, the two

center cations, Cs* and TMA*, do show the highest absorption capacity. However, using the

calculated hydrated ionic radii for these counter cations indicated that in aqueous solution, the

radii are not that distinguishable. As such, this metric might not be the best for determining a

trend for the ideal counter cations for CO2 capture.

Counter gcoz/goH Nco2/NoH Crystal radii | Hydrated Initial pH
cation (A)? radii (A)?
Li* 0.72+0.13 0.39 £ 0.07 0.60 3.82 13.30
Na* 0.53+0.08 0.48 £ 0.07 0.95 3.58 13.33
K* 0.33+0.03 0.44 £ 0.07 1.33 3.31 13.58
Cs* 0.25+0.02 0.84 + 0.05 1.69 3.29 13.90
TMA* 0.320+0.006 | 0.65%0.01 3.47 3.67 14.50
TEA* 0.17+£0.01 0.58 £ 0.04 4.00 4.00 13.84
TPA* 0.10 £ 0.02 0.46 £ 0.07 4.52 4.52 13.25
TBA* 0.09+0.01 0.54 £0.06 4.94 4.94 14.31

2 radii taken from Nightingale

Tabel 3. The CO2 absorption capacity was tested for hydroxide with the various counter cations
given. The CO:2 absorption capacity is given as grams of CO2 captured per gram of hydroxide
and mole of CO2 captured per mole of hydroxide. Also given are both the crystalline and
hydrated ionic radii for each counter cation. Lastly, the starting pH for each 0.5 M aqueous
solution is listed.

14
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Figure 6. (left) CO; absorption capacity of hydroxide with different counter cations vs ionic radii. The
purple triangle denotes the radii based on crystalline cations and the brown reverse triangle is the radii
calculated hydrated radii. (right) CO; absorption capacity of hydroxide vs the initial pH of each 10 mL
0.5 M solution.

3. CO2 capture and concentration using photoacids

3.1 Background

Photoacids offer an intriguing alternative route for CO2 capture since they can be used to
generate localized pH swings. Photoacids are organic or inorganic Brgnsted acids which have a
ground state pKa, and upon photoexcitation, become stronger acids with an excited state pKa
(pKa*).#2-44 Due to this distinctive property, photoacids could be used in a system similar to
electrochemical pH swings. In addition, certain photoacids have already been found that
preferentially protonate bicarbonate over water, as shown in a study finding the pKa of carbonic
acid using 6-hydroxy-1-sulfonate pyrene.* Thus, a COz2 capture and concentration system based

on photoacids should be feasible.
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it A general scheme for CO2 capture

2 ; pKa : 0 - using photoacids can been seen in Figure
0 PA*- PA-H 2
DK,* \’ahv 7. CO2 is first absorbed into a high pH
H* solution, and then the photoacid in
H,CO, HCO;"

solution is activated by light, thereby

Figure 7. pH swing cycle of a photoacid molecule,

PA, mediating CO> capture via OH" and H". releasing a proton due to the lower pKa of
the excited state. This creates a localized pH drop, causing the release of CO2 due to the lower
solubility of CO2 in more acidic solutions. The photoacids chosen for this process require three
key characteristics: 1) a large difference between pKa and pKa* (change of 7 units), 2) high
solubility in water, and 3) an excitation period that is long enough to change the pH of the
solution, but short enough to release CO: in a timely manner (on the nanosecond scale). The
initial photoacid selected for testing was 1-naphthol-4-sulfonate (1N4S), which has a pKa of 8.27
and pKa* of -0.1, good solubility for a photoacid, and excitation lifetime of 2.2 x 1010 51,4246
3.2 Results and discussion

The first step towards designing a CO2 capture and concentration system using
photoacids as a proton source is optimizing absorption of CO: into solution. Since COz reacts
with hydroxide to form bicarbonate, the more hydroxide in solution (and thus the more alkaline
the solution) the more CO2 can be absorbed. Gas absorption was achieved by sparging a basic
solution (pH of 10-12) of 150 uM 1N4S with CO: for roughly one hour to ensure saturation and
relative equilibrium of dissolved CO2 and bicarbonate in solution. At the end of this process, the

pH of the solution was measured to be 7. The next step is excitation of the photoacid in solution.

The photoacid selected for excitation studies, 1N4S, has an electronic absorbance of Amax = 300
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nm (g = 6900 cm™ M-?). The pKa and pKa* of 1N4S was previously reported as pKa = 8.27 and
pKa* =-0.1.4

To investigate CO2 release during photoacid excitation, the first experiments were
completed in a closed system. During the 3-hour excitation of 1N4S using a UV-vis
spectrometer, the atmosphere of the system reached 100% COzq, thus showing that CO2 was
released. Control experiments in the absence of photoacid or photoexcitation indicate that the
excited photoacid is necessary for CO2 release (Figure 8). However, this system does not allow
for the quantification of COz2 released. Thus, an open system was created to test photoacid driven

COz2 release quantitatively.

1000000

Figure 8. Closed
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For the open system, N2 was circulated through the solution at a flow rate of ~5 mL/min
to monitor COz2 release after excitation. Due to the change in atmosphere from 10% CO:2 to 100%
N2, some CO:z is released for equilibrium at the beginning of each run before excitation begins.
In the absence of photoacid, the only COz2 release is due to the equilibrium shifting from the
change in atmosphere, showing that the presence of the photoacid is necessary for further CO2

release. However, when no photoexcitation is present there is still a large volume of CO:
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released (blue trace in Figure 9). This could be caused by the comparatively slow flow rate of Nz,

which varies dramatically over time and can make the output of CO2 seem larger than in

actuality.

—150 uM 1N4S no UVvis Figure 9. Open
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Blank with UVvis aqueous solution.
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Since the open system for photoacid CO:2 capture and release has a known flow rate and

30000
—150 pM 1N4S with UVvis
25000

20000

15000

% CO2 (ppm)

percentage of CO2 exiting the system, the total amount of CO2 absorbed and released can be
quantified. By integrating under the curve for percent CO2 during the absorbance and release
steps, an estimate of the amount of CO2 that is absorbed and released can be found. In one run,
11.1 mL of CO2 was absorbed into solution to create a concentration of 0.15M CO2. The amount
of CO2 emitted for this run was calculated to be 12.4 mL. Errors in this measurement are likely
due to the setup of the system as currently there is only a CO2 sensor at the outlet. If an
additional COz2 sensor were included at the inlet as well, the baseline for COz2 in the system

would be known and would not have to be estimated (as was done in the above calculations).
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4. Conclusions

This work sought to explore new methods for CO2 capture other than amine thermal
swing systems. Both direct and indirect capture were studied using alkoxides and the unique
pKas of photoacids.

Alkoxides were used as a mode of direct carbon capture. Alkoxides were found to
capture CO2 from simulated flue gas (10% COz, 90% N2) with CO2 absorption capacities
comparable to many amine capture agents. Even so, the CO2 absorption capacity was lower than
anticipated. This result may be due to cation effects which were studied in more depth using
hydroxides with various counter cations. We found that exchanging the cation led to significant
changes in CO2 absorption capacity, with a range of 0.39 to 0.84 mole CO: captured per mole of
hydroxide. Understanding the properties that lead to greater CO2 absorption capacity for
alkoxides will lead to more efficient CO2 capture and concentration systems. In cases like pH
swings, where CO:z is often first absorbed into solution through sodium hydroxide, using a
capture agent that can absorb greater amounts of CO2 from the waste stream would improve the
process.

Indirect carbon capture and concentration was probed using photoacids. Since photoacids
have two distinct pKas for the ground state and the excited state, creating localized pH swings
using photoexcitation offers a new CO:2 capture and concentration using photons. Preliminary
works suggests that the photoacid 1N4S can successfully release CO2 from solution upon
excitation. However, at this time, more work is needed of the system design. In particular,

increasing the intensity of the excitation source should greatly improve measurements.
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5. Experimental

Synthesis and manipulation of compounds were carried out in open air unless otherwise
mentioned. For air- and moisture-sensitive procedures, manipulations were carried out in a
glovebox or using standard Schlenk techniques under inert atmosphere of nitrogen. Pentane and
toluene used during inert atmosphere synthesis and/or manipulations was degassed by sparging
with argon and dried by passing through columns of neutral alumina or molecular sieves. Water
used during inert atmosphere synthesis and/or manipulations was degassed using active vacuum
for several hours. All deuterated solvents were purchased from Cambridge Isotope Laboratories,
Inc. Deuterated methanol, DMSO, benzene, and water were degassed and methanol and DMSO
stored over activated 3 A molecular sieves prior to use. All solvents and reagents were purchased
from commercial vendors and used without further purification unless otherwise noted. The
compounds in Figure 6a are synthesized using two routes:

Synthesis using LIOH: This synthetic route was used for deprotonation of trifluoroethanol,
hexafluoropropanol, 2-nitrophenol, and 2,6-dimethylphenol. Under an N2 atmosphere, 25 mmol
of alcohol was combined with 25 mmol of lithium hydroxide in 20 mL dry methanol. The
reaction was refluxed overnight then dried under vacuum to give solid.

Synthesis using n-butyl lithium: This synthetic route was used to deprotonate phenol, 2,6-
diisopropylphenol, and catechol. Alcohols were first stirred with toluene for an hour, then dried
under vacuum to remove excess water. Under an N2 atmosphere with 50 mL dried pentane from
the solvent system and 25 mmol of dried alcohol, 25 mmol (or 50 mmol for catechol) 1.6 M n-
butyl lithium in hexane was added dropwise at -78°C. The mixture was stirred at -78°C for one
hour, and then stirred for an additional 24 hours at room temperature. Solvent was removed

under reduced pressure to leave a colorless solid.
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NMR spectroscopy was used to confirm the identity and purity of the synthesized compounds.
'H NMR spectroscopy was performed on a 500MHz Bruker Avance GN500 with a BBO probe
or on a 500 MHz Bruker DRX 500 spectrometer with a TCI cryoprobe. **C{*H} NMR spectra
were recorded on a 500MHz Bruker DRX 500 fitted with a TCI cryoprobe. All NMR spectra
were acquired at room temperature and referenced to residual *H or *C resonances of the
deuterated solvent (*H: CD30D, § 3.31; D20, & 4.79; DMSO-Ds, 6 2.50; CsDs, 5 7.16) (*3C:
CDs30D, 6 49.00; D20, & -; DMSO-Des, 6 39.52).

Lithium phenoxide (C1)

IH NMR (500 MHz, DMSO) 5 6.82 (t, J = 7.0 Hz, 2H), 6.37 (s, 1H), 6.10 (s, 1H); *C{H} NMR
(126 MHz, DMSO) 6 170.16, 128.88, 120.03, 109.97.

Lithium 2,6-dimethylphenoxide (C2)

IH NMR (500 MHz, CeDs) & 7.04 (d, J = 6.9 Hz, 2H), 6.71 (t, J = 7.3 Hz, 1H), 2.15 (s, 6H);
BC{IH} NMR (126 MHz, D20) & 163.46, 128.21, 127.04, 113.61, 17.34.

Lithium 2,6-diisopropylphenoxide (C3)

IH NMR (500 MHz, D20) 6 7.03 (d, J = 7.4 Hz, 2H), 6.60 (t, J = 7.4 Hz, 1H), 3.37 (4, J = 6.9
Hz, 2H), 1.13 (d, J = 6.9 Hz, 12 H); 3C{*H} NMR (126 MHz, D20) 5 160.14, 138.31, 122.81,
114.19, 25.82, 23.00.

Lithium catechoxide (C4)

IH NMR (500 MHz, DMSO) 5 6.27 (s, 2H), 5.94 (s, 2H); 33C{*H} NMR (126 MHz, D20) §
161.56, 116.33, 112,74.

Lithium 2-nitrophenoxide (C5)
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IH NMR (500 MHz, D20) § 7.89 (d, J = 8.4 Hz, 1H), 7.36 (t, J = 7.7 Hz, 1H), 6.79 (d, J = 8.7
Hz, 1H), 6.51 (t, J = 7.6 Hz, 1H); *C{*H} NMR (126 MHz, D20) & 165.77, 137.50, 136.06,
126.42, 125.43, 113.06.

Lithium 2,2,2-trifluoroethoxide (C6)

IH NMR (500 MHz, CDsOD) § 3.86 (q, J = 9.2 Hz, 2H); 3C{*H} NMR (126 MHz, CDs0D) 5
129.35, 127.19, 124.93, 122.75, 61.83, 61.56, 61.30, 61.06; °F NMR (565 MHz, D20) & -76.44.
CO2 Absorption Capacity Methods: The CO2 absorption capacity measurements were made
following the procedure previously described by Puxty et al. 10 mL 0.5 M alkoxide solution was
placed in weighed 20 mL vial with septum screw top and stir bar (below). First, the mass change
due to evaporation was recorded by placing the vial in 40 °C bath and sparging with N2. The
inlet needle was never placed directly into solution, only the headspace. The change in mass was
measured 8 times over a period of 20 minutes. Next, the gas inlet was changed to 10% CO2. The
change in mass was measured every minute for the first 10 minutes, and then every 5 minutes for
an hour. The flow rate of the inlet gas does not matter much as long as it is consistent from the
evaporation to the absorption test. If the flow rate changes between these two experiments, the
trendline for the evaporation will no longer be accurate and thus the absorption capacity will not
be accurate. The change in flow rate is the most common cause of error for this data. To
determine the overall CO2 absorption, the mass change due to evaporation alone was subtracted
from mass change when 10% CO2 was used to give the total mass gained due to CO2 absorption.
The value for CO2 absorption capacity was determined from where the final absorption curve
plateaus. The value for total mass (in grams) at the plateau is then divided by the mass of the
alkoxide dissolved in solution, giving the value of grams of CO2 captured per grams of alkoxide.

To change this to moles of CO2 captured per mole of alkoxide, the value is divided by the molar
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Photoacid System Methods: From 5 mM stock solution of 1-naphthol-4-sulfonate (LN4S), a

basic solution of 150 uM 1N4S is made. The pH of the solution is then measured using a pH

probe (pH between 10-12). Next 3 mL of solution is transferred to cuvette with septum lid. The

solution is next sparged with 10% CO3 at a flow rate of ~5 mL/min for 1 hour while the CO2

sensor measures CO:z percentage at the outlet. Next the system is sparged with 100% N for 30

minutes to get a baseline for CO2. The photoacid is then excited using UV-vis light at 300 nm for

about 3 hours measuring any change of CO: at the outlet. By also measuring the percentage of

CO2 at the inlet, the total volume of CO2 captured and released in this process can be determined

from integrating the difference between the inlet and outlet CO2 percentage.
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Sample CO:2 absorption for the photoacid system. 10% CO:2 was sparged through the system and
monitored at the outlet with a CO2 sensor. The dip at the beginning of the graph shows that the
%CO: at the outlet is lower since COz is being absorbed into solution. This reaction usually
reaches equilibrium after 30-60 minutes.
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