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Abstract

The Proton coupled electron transfer (PCET) reaction of a quinone has been used to create a pH
gradient capable of the active pumping of CO> through a liquid membrane. The quinone redox
couples, hydroquinone / benzoguinone and 2,6-dimethylbenzoquinone / 2,6-
dimethylhydroquinone have been investigated in the proton transfer mechanisms associated with
electron transfer in sodium bicarbonate solutions. These same conditions have then been applied
to an active liquid membrane for proton pumping across a membrane electrode assembly under
potential bias, acting as an active membrane for CO, separation. Qualitative results are reported

towards the development of an active redox membrane for CO> separation from flue gas.



Introduction

Electrochemically mediated carbon dioxide capture represents a potentially important solution for
the high cost of carbon dioxide separation from flue gas. Current static membrane technology is
limited by the inherent concentration gradients of carbon dioxide, as well as the selectivity of
membranes for carbon dioxide. Electrochemical mediation opens the possibility for an active
pumping membrane, in which the capture of carbon dioxide may be performed with lower
concentration gradients, or even with a negative concentration gradient. In addition, the force of
an actively pumped gas membrane may be used to form a pressure gradient across the membrane,
leading to lower compression costs at the permeate side for this method. Electrochemical
membranes, which employ the chemical transmission of carbon dioxide via an electrochemical
reaction, are also able to target carbon dioxide over nitrogen and oxygen, allowing for far greater
intrinsic selectivity values over the more conventional size exclusion or solution-diffusion models

for membrane based gas separation.

Various methods have been suggested for the efficient capture of CO. from flue gas by
electrochemically mediated means; a brief summary of these methods is presented here. Several
groups have reported the use of quinones as binding agents for the acidic CO as a bound complex
which may be regenerated by oxidation.® However, this method is highly sensitive to water and
oxygen, both of which are prominent components of flue gases. Recently, a report by Hatton et al.
showed the use of an electrochemically switchable complexing agent, Cu / Cu?* as a low energy
method for removal of CO, from amine capture solutions.*® In the soluble Cu?* form, copper is
able to preferentially bind diamines, excluding CO2 from them. When the Cu?* is reduced to Cu©®
and plated as metal, the diamine is again available for CO> binding. Kitchin et al. have reported

the creation of an active membrane for CO> transport based on the redox properties of 02.5 In this



case, O is reduced to OH" which is used as a binding agent for CO, as HCO3™ which, upon
oxidation, reforms CO; and O allowing for separation of CO, from N2 and other inert gases but
not Oy itself. An alternative to CO. separation is CO> utilization, in which the CO; itself is
electrochemically reduced into alternative chemically useful forms. This method may, however,
not only require a more concentrated CO; stream than flue gas, but also require much larger cell

potentials than the previously discussed methods.®

In the field of electrochemistry, quinones are of great interest as potential ideal candidates for the
study of the proton coupled electron transfer (PCET) mechanism. This mechanism is characterized
by the transfer of protons as a result of a redox process, either as a concerted process or a step-
wise process and has been extensively studied in the literature.® Quan et al. have suggested that
the mechanism is not as simple as being a protonated or unprotonated mechanism, with solvent
coordination playing an important role in the redox mechanism as well.2° It is most commonly
thought that a key factor in favoring the formal transfer of protons in PCET over solvent
coordination and hydrogen bonding is in using a well buffered liquid medium.® However, upon
further study of the mechanism Wang et al. have suggested that PCET is operative in all agueous
conditions. The multiple peaks that are often considered to be different mechanisms, are suggested
to actually be the result of localized pH changes at the electrode.!**? This investigation is
corroborated by a study using confocal laser scanning microscopy which showed direct evidence
for a pH change near the electrode surface during a quinone reduction in unbuffered water.' There
has also been much research into the redox properties of quinones in various media, including

ionic liquids,** DMSO, and aprotic solvents.®

Since PCET involves the stimulated transfer of protons by the redox activity of a species, it can be

thought that the system may be used as a proton pump. This idea is inspired heavily by the Q-cycle



in nature, a crucial part of cell biology, in which the redox properties of a quinone, co-enzyme
Q10, may be used to move protons across a cell membrane.!” Indeed this idea has already been
employed in electrochemistry by Raeburn et al. to stimulate the acid catalyzed growth of gels®;
by Matsumura et al. to pump proton from one aqueous phase to another via a dichloroethane

organic phase®®; and by numerous others in the study of quinone liquid flow batteries, 20212223

This work uses the established ability of quinones in stimulating proton transfer reactions to pump
protons between two carbon electrodes, thereby generating and maintaining a pH gradient. This
pH gradient was then used as the basis for an active carbon dioxide capture membrane. In a similar
configuration to Matsumura,'® a two electrode arrangement was used in a membrane electrode
assembly (MEA), with a phase boundary between gas and liquid established within each porous
electrode. The liquid phase was a buffered aqueous system supporting the quinone and held in

between two porous carbon paper electrodes by a porous separating membrane (Figure 1).

In an aqueous medium the adsorption rate of CO: is greatly dependent on the pH of the solution.
Adsorption of CO; into bicarbonate solutions is kinetically slower than other examples such as
ethanolamines, however at increased pH this reaction is increased with OH™ acting as an effective
CO; capture reagent.?* In this study CO is captured by a transient OH" which is generated by a
localized pH swing at the cathode, an allowing a faster CO2 uptake than would be otherwise
expected. Future studies may be extended to assess a similar mechanism in a monoethanolamine

solution in increase the dissolution rate and CO2 capacity of the medium.?
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Figure 1. A schematic diagram for the proposed CO: transfer mechanism of an electrochemically
mediated quinone membrane, showing a pH gradient being established by the redox mediation of

quinones.

The reactions active for the CO transfer membrane pictured in Figure 1 are shown in Scheme 1,
in which an electrochemical oxidation causes the release of protons which in turn stimulates the
concurrent release of CO by a proton driven reaction. The ideal process is shown to be a one

proton per electron process which overall stimulates a one CO2 molecule release per electron.

Scheme 1, Anode Reactions:

1. QH2 = 2e+ Q + 2H"

2. H* + HCOs = CO2 + H20

Overall: 2HCOs + QHz & 2" + Q + 2CO; + 2H,0



Experimental Methods

Cyclic Voltammetry

Cyclic voltammetry was performed using a Solartron S11287 potentiostat (Solartron Analytical,
Hampshire, UK) controlled by Corr-Plot (Scribner Associates, Southern Pines, NC, USA), with a
three electrode arrangement and a 10 mL test solution in a 3 necked round bottom flask unless
otherwise stated. Testing was conducted at room temperature with each solution being subjected
to 10 minutes of gas sparging prior to measurements to ensure gas saturation with the chosen gas.
The 3 mm diameter glassy carbon electrode (BASI, Indiana, USA) was polished prior to each
measurement using 0.3 pm alumina suspension (Buehler) and a PSA microcloth polishing pad
(Buehler) before being rinsed with water and acetone to give a mirror finish. The counter electrode
was a platinum mesh, rinsed using acetone and water prior to use. The reference electrode was
Ag/AgCI (3 M NaCl) (BASI, Indiana, USA). For initial voltammetry the glassy carbon electrode

was used without further modification as a clean surface with no metal catalyst.

For liquid phase catalyst testing, catalyst solutions were prepared by dispersion of a 10 wt% metal
catalyst on carbon black (used as purchased from Acros Organics) in methanol at a loading of 10
mg/ml in methanol. 10 pL of this solution was then applied by drop casting to the electrode and
allowed to evaporate to give a conductive carbon black layer with the catalyst present for
voltammetry that remains intact upon immersion into the analyte solution. This preparation gives

a roughly 10 pg loading of metal catalyst onto the 3 mm glassy carbon electrode.



Membrane Testing

Membrane testing was done using a two electrode arrangement with a face-on configuration of
working and combined counter/reference electrode. Both electrodes were Sigracet 25 BC carbon
paper (Fuel Cells Etc., College Station, TX) and were roughly 200 pum thick with a 5% PTFE
wetproofing coating and a 30 um microporous layer to improve catalyst adhesion. The electrode
material was cut into a 25 cm? square and 2.5 mL of a catalyst solution in methanol was applied
(50 mg/mL of 10 wt% catalyst on carbon black) to the microporous layer side of each electrode
and allowed to dry to give a catalytic layer. A hydrophilic porous polypropylene membrane
(Celgard 3501, Celgard, Charlotte, NC) was used to separate the carbon electrodes by about 25
pum, holding the liquid phase between them without restricting the diffusion of solution species.
The polypropylene separator membrane was mounted into a gasket material to limit gas and liquid
loss, pre-saturated with the analyte solution and the carbon electrodes were applied to the separator
with the microporous layer and catalyst facing the liquid phase. The completed membrane
electrode assembly was applied to a commercial two 25cm? Poco graphite flow fields that fit
between a single stack. (Fuel Cell Technology, Albuguerque, NM) to hold the electrodes in place
without heat treatment and was sealed by tightening of the fuel cell stack screws. Test gases were
saturated with water and applied to the fuel cell stack on the feed side including pure CO>, pure
N2 and a custom mixed simulated flue gas (3 % Oz, 16 % CO. and 81 % N). Water saturated
argon was used on the permeate side as a carrier gas that would not interfere with the gas analyzer

detection of CO2, O2 and N2.

Prior to measurements the gas analyzer was calibrated with various concentrations of CO> (0 %,
16 % and 100 % CO,) after being allowed to equilibrate for 15 minutes between each calibration

step. For testing, the permeate side was initially measured to show the appearance of CO> under



the influence of a potential bias. The CO; signal appeared as a sharp peak followed by a steady
decay to an equilibrium level. This equilibrium was taken as the true CO2 concentration at each
potential. The gas analyzer may be switched to analyze the feed stream to show a decrease in CO>
concentration instead. The gas analyzer required upwards of 10 minutes to be able to reliably

switch between gas streams, so real time analysis of both streams was not possible.



Results and Discussion

Cyclic Voltammetry Liquid Phase Testing

Initially, a single phase investigation of relevant quinones was undertaken in the proposed liquid
membrane medium, aqueous NaHCOs. It was of great importance to determine the appropriate pH
of the solution to ensure that a proton coupled electron transfer (PCET) mechanism was in effect,
as well as to gain an understanding of the ideal pH range to maximize CO; content. It is suspected,
through literature, that a buffered aqueous phase is critical in ensuring a PCET mechanism.*®
Sodium bicarbonate was chosen due to its buffering region of around pH 7.5 which was thought
to provide a suitable CO> capture medium, since it was anticipated that the bicarbonate would

generate buffered conditions with transient carbonic acid.
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Figure 2. Cyclic voltammetry traces for 10 mM (A) hydroquinone or (B) 2,6-
dimethylbenzoquinone in a 0.5 M NaHCO3 CO saturated solution (pH 7.8) at (i) 20 mVs?, (ii) 50
mVs?, (iii) 100 mVs?, (iv) 200 mVs™. The working electrode in all cases was a glassy carbon disc

(dia. 3mm) with an Ag/AgCl (3 M NaCl) reference electrode and platinum mesh counter electrode.



Cyclic voltammetry (Figure 2) showed that both hydroquinone and 2,6-dimethylbenzoquinone
(DMBQ) have similar redox properties. Both show a quasi-reversible signal with a significant peak
to peak separation (ca. 500 mV). Both quinones show only one clear reduction signal,
corresponding to the 2 electron reduction, as shown by comparison with an equimolar internal
redox standard of 1,1’-ferrocenedicarboxylic acid. However, the appearance of an additional
oxidative shoulder peak at 0.16 V (vs. Ag/AgCl. 3 M NaCl) with lower peak to peak separation is
seen at scan rates in excess of 50 mVs™. A possible explanation could be made based on inadequate
buffering of the medium, in which the more positive oxidative signal is related to the consumption
of all available buffer compounds close to the electrode and a subsequent sharp pH drop leading
to a thermodynamically more difficult oxidation with bicarbonate as a possible proton acceptor.*?
Analysis of the peak heights with scan rate show a linear relationship of ip with v*/2, indicating a
diffusion controlled mechanism. Furthermore, analysis of this relationship with the Randles-
Sevcik equation show diffusion coefficients for hydroquinone of 3.54 x10° cm?s and 2,6-
dimethylbenzoquinone of 3.33x10° cm?/s. These numbers were found to closely resemble a
literature value for hydroquinone (3.87x10°° cm?/s) measured using an ionogel based electrode.?®
The value for DMHQ is lower than HQ likely due to the hinderance of diffusion caused by the

additional methyl groups as expected.
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Figure 3. Cyclic voltammetry traces for 5 mM 2,6-dimethylbenzoquinone and 5 mM 2,6-
dimethylhydroquinone in (A) 0.1 M Na>SO4 saturated with (i) Argon pH 7.2, (ii) CO2 pH 4.2 and

(iii) Argon pH 2.5 (B) 0.1 M NaHCOs solutions saturated with (i) Argon pH 8.8, (ii) CO2 pH 6.8

11



and (iii) Argon pH 6.5. The working electrode in all cases was a glassy carbon disc (dia. 3mm)

with an Ag/AgClI (3 M NaCl) reference electrode and platinum mesh counter electrode.

Different buffering media were examined in Figure 3, namely sulfate and bicarbonate, in both the
presence and absence of CO.. In the first example 0.1 M Na;SO4 was used as an electrolyte in the
presence of argon and CO». Na>SO; is considered a buffering electrolyte only at very low pH
(bisulfate pKa = ca. 2.0) and should provide minimal resistance to localized pH changes at the
electrode surface in the tested range. In the argon saturated solution, two sets of oxidative (a, b)
and reductive signals (a’, b”) are seen. Since the pH of the solution (7.2) rules out the possibility
of the existence of unprotonated quinone (QH" or Q%) both oxidation signals must be from the
protonated form QH.. Also, the only proton acceptor in this case is water, until the pH is near 2 in
which case sulfate ions may be buffering. Since the multiple signals are not attributed to concurrent
single electron transfer processes, as are often assumed in non-aqueous systems,® they are more
likely due to localized pH changes at the electrode surface causing visible shifts in potential as
discussed by Wang et al.? This suggests that for peak (a) water is the proton acceptor lowering
the localized pH, which reaches pH 2 at which time sulfate is able to also act as a proton acceptor
to form peak b. When the solution is saturated with CO5, the pH drops rapidly to 4.2 and only one
broad oxidative signal is seen. Since water cannot act as a proton acceptor at this pH, only peak b,
due to sulfate, is seen as well as a shoulder peak (c) at about 0.3V, likely due to bicarbonate, formed
from dissolved CO, in solution being able to act as a proton acceptor. Both reductive signals a’
and b’ remain intact, although a’ is seen to shift to more positive potential, as is expected for a pH
decrease. When a third test was done by adjusting an argon saturated solution to a pH close to that
of the CO; saturated case (pH 2.5), it is clear that only one oxidative (b) and one reductive signal

(b’) can be seen. This confirms that b’ is due to a rapid pH decrease at the electrode surface brought
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about by the action of the quinone oxidation. Now, the bulk pH is low enough for sulfate buffering,

and only b and b’ are now visible.

When a similar set of tests was performed using a 0.1 M solution of NaHCOs electrolyte, suspected
to form a much more robust buffer around pH 7, it was found that under argon a broad oxidation
peak (a) was shown, suggesting a gradual shift in pH under buffering conditions, likely in a regime
where water is acting as a proton acceptor. Although a slightly more obvious secondary oxidation
peak (c) was seen as a shoulder, corresponding to the oxidation where bicarbonate was seen as a
proton acceptor in A. When CO, was added the oxidative peak (c) became much more defined as
the pH of the solution decreased to the point where bicarbonate acts as the primary proton acceptor.
However, when a pH adjusted solution of argon saturated 0.1 M NaHCO3 was analyzed, two sharp
oxidative peaks were shown (a and b). By looking at the inset, it can be seen that above 50 mVs?
peak (a) does not increase in height, showing that it is no longer a diffusion limited process and is
likely a localized pH phenomenon instead. Whenever 0.1 M NaHCO3 was used as an electrolyte
the single sharp reductive signal (a”) was barely altered by the addition of CO; or additional acid.
This may suggest that proton availability is not limiting for the reductive process under these

conditions.
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Figure 4. Cyclic voltammetry traces in a 0.5 M NaHCO3 CO saturated solution at 50 mVs* for
(A) 5 mM benzoquinone + 5 mM hydroquinone at pHs (i) 7.5, (ii) 7.4, (iii) 7.1, (iv) 6.7 and (B) 5
mM 2,6-dimethylbenzoquinone + 5 mM 2,6-dimethylhydroquinone at pHs (i) 7.5, (ii) 7.4, (iii) 6.9.
The working electrode in all cases was a glassy carbon disc (dia. 3mm) with an Ag/AgCl (3 M

NaCl) reference electrode and platinum mesh counter electrode.

Upon the addition of acid, the pH shift to a lower value is accompanied, in both the hydroquinone
and DMBQ case, by a shift of the reversible potential to more positive potentials (Figure 4).
However, when the cathodic and anodic peaks are considered individually, the oxidative peak
shifts positively with decreasing pH as expected, but the cathodic peak shifts very little with
decreasing pH. This leads to the peak to peak separation increasing with decreasing pH, starting
at ca. 206 mV for pH 7.5 to ca. 499 mV at pH 6.5. This could suggest that the reductive reaction
is not limited by proton availability, but the oxidative reaction is related to the identity of the proton

acceptor. This is likely water at pHs above 7, but with this reaction decreasing at lower pH.
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Figure 5. Cyclic voltammetry traces at 50 mVs™ for 10 mM 2,6-dimethylbenzoquinone in a CO;
saturated solution of NaHCO3 with an electrolyte concentration of (i) 0.1 M, (ii) 0.5 M, (iii) 1.0
M. The working electrode in all cases was a glassy carbon disc (dia. 3mm) with an Ag/AgCl (3

M NaCl) reference electrode and platinum mesh counter electrode.

The effect of electrolyte concentration, and thus buffer capacity, was also investigated (Figure 5).
It was found that with an electrolyte concentration of 0.1 M, the peak to peak separation was
greatest with only one oxidative and one reductive peak. A 0.5 M (Figure 5(ii)) electrolyte
concentration caused a few changes in the redox behavior. The reductive peak became sharper and
larger, and the oxidative peak occurred at a less positive potential, thus reducing the peak to peak
separation significantly. The oxidative signal also appeared to split into two peaks with a shoulder
peak appearing at ca. -0.06 V. This behavior may be explained by the increase in buffering capacity
showing greater resistance to the oxidative pH decrease, but eventually becoming overwhelmed
by excess protons, leading to an additional peak at higher positive potential. Although at 50 times

the buffer concentration as compared to quinone this is unexpected. When a 1.0 M electrolyte
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concentration was used, the anodic signal became a single peak, at roughly the same voltage as the
shoulder peak in the 0.5 M case. This suggests that the shoulder peak is the signal found in a fully
buffered system, with the local pH fluctuation now being accounted for entirely by the now
sufficient buffer concentration. Larger electrolyte concentrations than 1.0 M were not tested due
to concern of salting out of the relatively less soluble quinone. The 1.0 M electrolyte was used for
study in liquid membrane testing due to the lack of shoulder peaks, with a smaller peak to peak

separation than that seen for 0.1 M.
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Figure 6. Cyclic voltammetry traces at 50 mVs™ for 5 mM 2,6-dimethylhydroquinone + 5 mM
2,6-dimethylbenzoquinone in a CO2 saturated solution of 1.0 M NaHCO3s (pH 7.8). The working
electrode in all cases was a glassy carbon disc (dia. 3mm) with either (i) no deposit, or 10 puL of a
10 mg/mL solution (in methanol) of a catalyst metal (ii) ruthenium, (iii) palladium or (iv) platinum.
In all cases an Ag/AgClI (3 M NaCl) reference electrode and platinum mesh counter electrode were

used.
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The effect of various catalysts on the voltammetry was investigated (Figure 6). Three catalysts
were chosen: platinum, palladium and ruthenium, with each catalyst having a 10 wt% catalyst on
amorphous carbon. The catalysts were suspended in methanol, drop cast onto glassy carbon
electrodes and compared against plain unmodified glassy carbon. It was found in all cases that the
catalysts showed a similar reversible potential to plain glassy carbon. In the case of platinum and
palladium, a much reduced peak to peak separation for the reversible quinone process was found.
The smaller peak to peak separation is ideal for adaption into a thin layer fuel cell, showing little
overpotential to overcome the electron transfer kinetics for the quinone. This shows that using a
metal catalyst is critical to facilitating electron transfer and creating faster kinetic conditions.
Additionally, the peak heights were greatly increased with platinum and palladium, due to both
the increased surface area of the electrode over the geometric glassy carbon from the incorporation
of carbon black as a high surface area, conductive, porous support as well as the faster kinetics of
the oxidative process. When ruthenium was used, the peaks remained far apart and underwent no
increase in current, despite the same carbon black content. This shows that ruthenium is not an
effective catalyst for the oxidative process.. It should be noted however that in all cases the
reductive process remained largely unchanged by catalyst addition, suggesting that it is not a
kinetically limited process. It was also observed, that the different metal catalysts showed far
different solvent reduction characteristics. Platinum and palladium showed the earliest onset of
water splitting, with hydrogen generation seen around -0.7 V (vs. Ag/AgCIl 3M NacCl), although
platinum showed a much larger current for this process. Ruthenium however, showed almost no

water splitting within the studied electrochemical window.
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Half Cell Liquid Phase Testing

Before testing the reversible quinone mediated proton transport on a device scale, the half-cell
reaction for hydroquinone oxidation was first tested (Figure 7). A solution containing 100 mM
hydroquinone was saturated with CO> and an oxidative current was sustained at a porous carbon
paper (Toray) anode. The chosen electrolyte was either 0.5 M NaHCO3 or 0.5 M NaSOs. When
hydroquinone was not present with a CO; saturated 0.5 M NaHCO3 solution, gas evolution was
not observed at the cathode at any applied potential 0 to 1.5 V (vs. Ag/AgCl) with almost no current
recorded (Figure 7A). When hydroquinone was present (Figure 7B), increased current was
measured and substantial gas evolution was detected at potentials as low as 0.5 V (vs. Ag/AgCl).
With hydroquinone present but a 0.5 M Na>SOg4 electrolyte solution, or in N2 saturated conditions,
current flowed, but no gas evolution was seen. It is only in the case with all three components that
gas evolution was observed, informing the conclusion that the gas evolution is CO2 being removed
from the solution by the action of hydroquinone oxidation to give additional protons at the

electrode surface, establishing a pH gradient through the solution and a lower local pH at the anode.

Carbon Toray Paper Carbon Toray Paper
Working Electrode Working Electrode
(no bubbles) (bubbles)

Figure 7. Photographs of gas evolution at Toray paper working electrode for a 3 electrode

arrangement with an applied potential of +0.5 V vs. Ag/AgCl electrode for (A) 0 mM

18



hydroquinone — no gas evolution observed (B) 100 mM hydroquinone in a solution of 0.5 M
NaHCO; saturated with CO, with gas evolution observed. Using ca. 1 cm? (geometric) Toray

paper working electrode and a Pt mesh counter electrode.

CO> Separation Device Testing

Since the half-cell reaction for the oxidative release of protons is now shown, the quinone redox
couple was adapted to a liquid supported membrane for testing. The fuel cell testing consisted of
a porous hydrophilic polypropylene spacer soaked in the quinone solution as a liquid supported
membrane, held between two porous carbon electrodes onto which a metal catalyst had been

applied by drop casting from methanol.
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Figure 8. Mass spectroscopy traces for (i) COz, (ii) N2, and (iii) O2 on the permeate side of a redox
mediated active CO; separation membrane, using a feed gas of 50 % CO- and 50 % N, a solution
of 10 mM 2,6-dimethylbenzoquinone / 10 mM 2,6-dimethylhydroquinone in 1 M NaHCO3 with
Sigracet 25 BC carbon electrodes on both sides of a celgard 3501 hydrophilic membrane. Both
cathode and anode were drop coated with 2.5 mL of a 10 mg / ml solution in methanol of a catalyst
(A) 10 wt% ruthenium on carbon, (B) 10 wt% palladium on carbon. (C) 10 wt% platinum on

carbon, (D) plain carbon.

In the assembled cell, both the feed side gas and permeate side gas were monitored for changes in

carbon dioxide concentration. In order to find the optimal catalyst for the process, a series of
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membranes with different metal catalysts was qualitatively analyzed at various cell potentials
(Figure 8). It was found with no catalyst (Figure 8D), almost no carbon dioxide could be detected,
even at large applied potentials. However, with any catalyst applied, carbon dioxide was seen on
the permeate side at cell potentials as low as 0.5 V. Ruthenium (Figure 8A) showed only a small
concentration change of CO- at low potentials (0.5 V — 1.5 V) and it was only at 2.0 V and 2.5 V
that a significant difference was detected. This increase in CO. however, was paralleled by a
similar increase in O, likely from a water splitting event, which would also alter the pH and lead
to CO; transport. Palladium (Figure 8B), showed similar behavior, with slightly more CO; being
visible initially and less O, production at high potentials, although the CO2 concentration was seen
to decay rapidly over time. Platinum however, shows the largest CO2 concentration (Figure 8C) at
both low and high potentials, with minimal decay to a stable plateau region and with no
accompanying O signal. This shows that platinum is the best catalyst with CO; transport likely as
a result of transport from the flue side, via the quinone redox process induced pH gradient. When
this data is further summarized in a plot of relative CO> content of the permeate stream vs. applied
cell potential (Figure 9), it is clear that platinum shows the highest CO, detection in the permeate
stream at low potentials (1.0-1.5V). This region is attributed to the pH generated transport through
the influence of quinone redox chemistry. At high potentials (2.5 V and above), ruthenium actually
has a higher CO> detection although this region is attributed to water splitting chemistry which is
able to transport large amounts of CO», although the voltages are too large to be economically
viable and O is simultaneously generated and mixed with the CO> permeate as shown in Figure

8A.
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potential at equilibrium as measured in Figure 8.

As a proof of concept, further testing was done with the platinum catalyst. Analysis of the flue side
of the fuel cell is shown in Figure 10 under equivalent conditions, with clear evidence that the
concentration of CO; in the feed gas changes with applied potential. It should be noted that O, and
N2 were also present but appear off the scale and showed no change in concentration with applied
potential. To show that the CO: in the permeate side is not merely the result of acidification of the
bicarbonate membrane, testing was done using a pure N> feed stream followed by changing to pure
CO2 (Figure 10B and 10C). Initially a CO2 peak is seen in the permeate side of the fuel cell even
with no COz in the feed gas; this only occurs at or above 1.0 V. However, when this signal was
left to decay for ca. 15 mins, the concentration decayed to a level slightly above the initial baseline.
When the feed gas mixture was then switched to a pure CO; stream, an increase in CO on the
permeate side was seen after a small delay. When the voltage was removed, this signal again
decayed to the baseline. This experiment shows that in order to sustain the transport of CO2 from

the feed stream to the permeate stream, both an applied potential and CO in the feed stream are
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required. The initial peak of CO, can however be attributed mostly to a startup process which

involves the acidification of some bicarbonate and establishing of an equilibrium pH separation

across the liquid membrane.

(A) (B) sweep stream (C)
feed stream 1.0v 1-:5V (Feedcggs)switched to  Voltage off
S o ! : | pure CO2 S !
§ 0.5V 0.5V g (purs N feed gae)! § ® " ! i
@ |- 10V 1.ov e @ ; :
@ :
O | s e - o :
|0 M 2 ) (ii)
% 1.5V g
& o (i) (iii)
‘ (
Time Time l Time

Figure 10. Mass spectroscopy traces for (i) CO., (ii) N2, and (iii) Oz on the permeate side of a
redox mediated active CO separation membrane, using a solution of 10 mM 2,6-
dimethylbenzoquinone / 10 mM 2,6-dimethylhydroquinone in 1 M NaHCO3 with Sigracet 25 BC
carbon electrodes modified with 2.5 mL of a 10 mg / ml solution in methanol of 10 wt% platinum

on carbon on either side of a Celgard 3501 hydrophilic membrane.

Another crucial factor in determining the effectiveness of the quinone proton pumping reaction is
the pH of the medium. The buffer pH may be modified by the addition of external acid sources

which favor the proton transfer mechanism at lower pH without reducing the CO; uptake potential

of the medium.

The feed gas and permeate gas were monitored for CO> concentration changes using different pH
levels of the aqueous 1 M NaHCOs liquid transport medium. The membrane liquid was identical
in each case but the pH of the 1 M sodium bicarbonate was adjusted by adding sulfuric acid. If the

gas flow rate is assumed to be 20 sccm, and the mass spectrometer is calibrated for 100% CO», 0%
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CO2 and 16% CO: (a typical concentration for actual flue gas) then qualitative approximations
may be made based on CO: transport efficiency for different conditions. The CO> transport
efficiency in each case was calculated by comparing the equilibrium flow rate of CO. detected at
each voltage with the theoretical maximum amount of CO. anticipated assuming both the 100 %
efficient transfer of electrons to and from the quinone, and also the 100 % efficient CO2 adsorption
and desorption at each steady state current. The mechanism was assumed to be one proton
generated per electron transferred, and with each proton capable of reacting with one bicarbonate
molecule to generate one CO, molecule. Inherent in this assumption is the minimization of COs*
as a CO; carrier in the system, which would instead require two protons to separate one CO-
resulting in a maximum overall efficiency of 50 %. Below pH 8.9 it is a reasonable assumption
that this species is almost non-existent, but even a small amount would limit the CO, transport
efficiency. These assumptions greatly limit efficiency due to the multistage nature of the reaction.
A true measure of Faradaic efficiency was unable to be measured since the changing concentration

of oxidized and reduced quinone cannot be made easily.

Table 1. Qualitative CO- transport efficiency estimates for different pH values of the liquid

transport medium, for 1.0 V cell voltage repeated on 2 membranes.

pH Average CO; Transport Efficiency

Feed Gas Side

Permeate Gas Side

8.73 S57% 5%
7.20 42% 16%
6.30 15% 14%
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As can be seen for the data in Table 1 at the unaltered pH of 8.73, there is a high feed gas side
efficiency, showing that more CO: is removed from this feed side per electron. This also supports
the theory that CO; dissolution in the medium is not rate limiting for the CO; transfer. The
permeate side does not match the efficiency level of the feed side showing an inefficient CO>
removal process due to the low proton availability at this pH and the inefficient proton removal
mechanism at the anode. As the pH is lowered to 7.20, the feed side efficiency decreased slightly,
likely due to the increased competition of side reactions at lower pH. However, the permeate
efficiency was significantly increased. When the pH was lowered further to 6.30, the feed side
efficiency was reduced significantly due to the reduced solubility of CO; in the acidic medium but
the permeate efficiency was maintained around 14%. This initial qualitative investigation has
shown that pH balance is highly important for ensuring efficiency proton transport and CO;

solubility.

Conclusions

It has been shown that in bicarbonate solutions, voltammetry of quinones undergoes a 2 electron
PCET mechanism. It is likely that the insufficient buffering of the medium leads to a complex peak
distribution in some circumstances, due to pH drift and proton donor identity. When incorporated
into a liquid membrane the redox process allows CO; transport from a feed gas containing COz,
N2 and O without the transport of any other gases. The CO; transport is likely the result of an in
situ pH gradient sustained by the reversible redox chemistry of the quinone. The amount of CO>
transported is dependent on the applied potential and the metal catalyst used, with the highest
efficiency for CO; transport seen at 1.0 V (cell), using platinum as a catalyst. Other metal catalysts

show significant water splitting resulting in the simultaneous generation of Ox.
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