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ABSTRACT

This thesis describes and analyzes several new designs for carbon dioxide (C0 2)
separations using quinones in electrochemical cells. The intended application is carbon capture
and sequestration. A quinone-ferrocene electrolyte is proposed as a novel chemistry for
electrochemical carbon capture. Quantitative analyses are presented for two designs, and

experimental results are provided for the quinone-ferrocene system in two configurations.
The first design uses quinones for facilitated transport of C02 across a planar, supported

liquid membrane. A mixture of quinone and dianion adduct is sandwiched between two porous
electrodes. An analytical solution for the current-potential equation is derived and then used to
quantify the expected performance of the system in terms of capacity and energy efficiency.

In the second design, the electrolyte flows between the two planar electrodes of the
electrochemical cell. Quinone reacts at the porous cathode to absorb CO 2 from the gas phase. The
dianion adduct reacts at the nonporous anode to desorb the CO2 , which produces supersaturated
regions in the cell. The C02 evaporates and the electrolyte is recycled. A numerical model has

been developed to solve for the spatial values of species concentrations, current, and ionic potential
in the flowing electrolyte. A design analysis of this system highlights the quantitative impact of

certain operating parameters and supports recommendations for future development.
The first demonstration of an electrolyte that uses a quinone-ferrocene redox couple for

carbon capture in a flow cell is presented. The quinone and ferrocene chemistries are introduced,
and experimental results highlight the ability to couple quinone reduction to ferrocene oxidation
and ferrocenium reduction to dianion-adduct oxidation using graphite electrodes.

A bench-scale test cell has been designed and built to demonstrate electrochemical carbon
capture in a cell with laminar flow of the electrolyte. The quinone-ferrocene couple is implemented
in this flow design. Experimental results show the ability to continuously capture C02 from a gas
stream (15% C02, 85% nitrogen (N 2)) using the quinone-ferrocene couple in this design. Finally,
experimental results highlight the cycling of electrochemical absorption and desorption of carbon

dioxide using the quinone-ferrocene chemistry in flow-through electrodes.

Thesis Supervisor: T. Alan Hatton
Title: Ralph Landau Professor of Chemical Engineering
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1 Introduction
1.1 Motivation for carbon capture

The study of climate change is a complex and global field. [1, 2] Research indicates that global

surface temperatures continue to increase over time [1] and variation in radiative fluxes at the Earth's

surface drive many ambient climate processes, such as global warming. [2] At the same time, there is net

generation of carbon dioxide (C0 2) and other greenhouse gases on a global scale. [3, 4, 5] Burning fossil

fuels generates CO2 at a rate that is one to two orders of magnitude higher than other large scale sources of

Co 2 . [6, 7] The next largest emitters are cement production, refineries, and the iron and steel industries. [6]

To reduce large-scale CO 2 emissions, there are significant efforts to shift the energy landscape toward low-

carbon and zero-carbon sources. Still, as of 2013, 18% of the primary energy consumption in the United

States comes from coal combustion, 36% from petroleum and other liquids, and 27% from natural gas. [8,

7, 9] Projections indicate these fossil fuel sources will continue to dominate the US energy supply for the

next ten to twenty years. [8] Therefore, there is motivation to capture C02 for storage and/or conversion.

Capturing the CO 2 from these large, stationary sources could help to stabilize emissions levels in the near

term while energy supply and demand shift more slowly. Carbon capture and sequestration (CCS) at large

point sources requires that the capture technology be energy efficient at scale because the energy source

will likely be a fossil fuel in the near term. On-board capture for vehicles also requires energy efficient CCS

technologies that are optimized for the added constraints of transportation.

Capturing CO 2 from coal combustion can occur either pre-combustion or post-combustion. The

condition of the flue gas stream depends on the power source. In a typical post-combustion capture, the flue

gas pressure is typically one atmosphere and its temperature is 35-75*C. [10] The partial pressure of CO 2

in this stream is 5-20 vol%, depending on process conditions. [10] In the case of oxy-fired combustion, the

coal is burned in the presence of a concentrated oxygen stream instead of air. Most of the nitrogen is

separated before combustion, so the outlet gas has a CO 2 concentration of 90 vol% after dehumidification.

[11] Pre-combustion capture is carbon capture that occurs upstream of hydrogen combustion and
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downstream of coal gasification. [12] Gasification produces synthesis gas ("syngas"), which is a mixture

of carbon monoxide (CO) and hydrogen gas (H 2), with some water and CO 2 . [13] The gas is then "shifted"

to produce a mixture of hydrogen and carbon dioxide. [1 3] As a result, the inlet stream to the carbon capture

technology has a relatively high CO 2 partial pressure. For carbon capture, a higher CO2 concentration

implies a lower volume of gas to be treated and a lower thermodynamic energy requirement.

Post-combustion capture is advantageous because retrofit is generally possible without excessive

changes to the existing energy source. In the process of carbon capture and sequestration, the separation

stage is energy intensive and is the largest cost driver of the CCS process. [14, 15] Thus, there is motivation

to search for more effective separation technologies.

Lxisting swoment technologies
The state-of-the-art in carbon capture is a cyclic process of absorption and desorption. The flue gas

is contacted with a sorbent that selectively binds CO 2. Once the sorbent is saturated, the process conditions

are changed so that the sorbent releases the CO 2 and is regenerated for the next cycle. A schematic of this

process is shown in Figure 1. 1. The particulars of the process depend on the nature of the sorbent and the

parameter that determines its affinity for C02 . Sorbents in liquid form may bind CO 2 in a chemical reaction

or physically dissolve it. Solid sorbents capture CO 2 when it physically or chemically adsorbs to the surface.

[12] In most cases, either the temperature or the pressure determines the CO 2 affinity.

Lean gas Rich gas

Sorbent Sorbent-

Absorber Desorber

Flue gas Sorb nt-CO2 Sorbent

Figure 1.1 Schematic of a typical absorption-desorption cycle.

The benchmark technology for carbon capture is thermal-swing chemical absorption using aqueous

amines or carbonates. [16, 12, 17] Aqueous monoethanolamine (MEA), first patented in 1930 [18], absorbs
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CO2 at approximately room temperature. The amine is regenerated by stripping with water vapor at 100-

120'C. [16] A reversible chemical reaction between two moles of MEA and one mole of CO 2 favors the

formation of a carbamate at low temperatures. [19] At high temperatures the carbamate dissociates to

regenerate the MEA and desorb the CO 2. The capacity of the solution is determined by stoichiometry and

the solubilities of the amine and the carbamate.

Several review papers articulate the key advantages and disadvantages of aqueous amine systems,

and thermal, chemical absorbers in general. [12, 20, 21] Aqueous amines tend to have a high absorption

efficiency and are favorable when the feed gas has a low CO 2 partial pressure. Plus, aqueous amines can

release CO 2 under conditions that produce a gas with a relatively high CO2 purity. Amine technology is

also the most mature process for CO2 separations. The sorbent capacity is a strong function of stoichiometry

and solubility, and it is relatively insensitive to CO 2 partial pressure. However, MEA has a high heat of

reaction (absorption), which means significant energy is required to regenerate it. [12, 20] In addition, the

reaction stoichiometry and the corrosive nature of the solution limit its volumetric capacity for CO 2. Large

amounts of water must be continuously heated and cooled, which is a significant parasitic energy loss.

Amine scrubbers require low pressure steam for regeneration. Thus, the retrofit of an energy source must

include reconfiguration of the utilities network.

Significant research in the field of amine scrubbers focuses on the chemistry of the amine itself.

Other variations on amine processes involve process intensification [22]. Recent work in our lab has

demonstrated a novel way to regenerate the sorbent by displacing the carbon dioxide with metal anions and

then recovering the anions via electrochemical plating. [23, 24] Others are working to combine the

advantages of amines and ionic liquids (ILs). [25] This continues to be a fertile area of research.

Proposed alternatives to aqueous amines include physical solvents, ionic liquids, and solid sorbents.

Some inert liquid solvents preferentially absorb CO 2 from a mixture, and can be regenerated at elevated

temperature or decreased pressure. Physical solvents are advantageous because the heat of absorption is

lower than that of reactive absorption. [12] However, physical absorption is less effective when CO 2 must
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be captured at low partial pressures. The solvents must have low volatility to avoid contaminating the lean

and rich gases with solvent vapor, and solvent recovery and recycle is costly. An interesting alternative is

the use of room temperature ionic liquids (RTILs) as physical solvents for Co 2. [26] RTILs are

advantageous because they are considered nonvolatile. Their key limitations are high viscosities and

correspondingly low mass transfer rates. They may be physical sorbents or they may be functionalized with

amine groups so that they operate via reactive absorption. [26, 25] Adsorbent materials are attractive options

for avoiding the sensible heat sink of the aqueous solvent. [27] For example, calcium oxide (CaO) sorbents

synthesized from limestone are microporous solids. Gaseous CO 2 reacts with the solid metal oxide to

produce calcium carbonate, which can be thermally regenerated to the metal oxide. [28] In general, CO 2

capture and release using metal oxides requires much higher temperatures than the liquid-phase alternatives.

Researchers in these fields continue to focus on optimizing the energy profiles and mass transfer properties

of absorption and regeneration.

1.3 Electrochemical separations
Electrochemically-mediated separations are those in which the chemical separation is driven

directly by electricity. For carbon capture, the systems may involve Faradaic reactions of CO2 directly.

Others employ a sorbent whose CO 2 binding affinity is controlled electrochemically. As isothermal

systems, they do not require a heat cycle, so they are not limited by the Carnot efficiency. By being

electrically-driven, these systems are essentially agnostic to the energy source; there is no need to

reconfigure the utilities network of a power plant to provide heat or steam for CO 2 separation. In addition,

a one-step, fuel cell- or membrane-type configuration would eliminate the need to circulate large volumes

of liquid from an absorber to a desorber. In the efforts to retrofit existing coal-fired power plants with CCS

technology, these can be significant advantages.

Carbonate pumps are a dominant technology in the field of electrochemical carbon capture. Molten

carbonate fuel cells can function as CO 2 concentrators. [29, 30, 31, 32, 33] A galvanic molten carbonate

fuel cell produces energy by oxidizing hydrogen fuel to produce water. The charge carrier is the carbonate

ion (C02) and the electrodes are separated by a molten electrolyte membrane. That electrochemical cell
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can capture CO 2 by feeding flue gas (N2, CO2, O2, etc.) in at the anode and applying a potential. Under

those conditions, the cell will selectively transport CO 2 and oxygen (02) as carbonate and bicarbonate ions.

[29, 31, 32, 33] These "carbonate pumps" offer the advantages of energy efficient, coupled absorption-

desorption. The electrolyte has a negligible vapor pressure and non-noble metal electrodes are functional

at the high temperatures of the molten electrolyte. [29, 33] The main drawback is that the product is at best

a mixture of CO 2 and 02 in a 2:1 ratio. This also implies that when the feed ratio of 02 to CO 2 is less than

%, the amount of 02 will limit the amount of CO2 that can be captured. More generally, carbonate has been

studied frequently as a carbon capture vehicle.

Other electrochemical cells do not directly reduce nor oxidize carbon dioxide. Instead, the oxidation

state of a sorbent is mediated electrochemically, and the sorbent binds CO 2 through a chemical reaction.

For example, one can concentrate CO 2 by electrochemically producing hydroxide, which reacts with carbon

dioxide to form bicarbonate ions. Landon and Kitchin capture carbon from a mixture containing oxygen by

using electrocatalysts to combine oxygen and water to form hydroxide and using an anion exchange

membrane as a separator. [34] The bicarbonate ions traverse the anion exchange membrane and are oxidized

at the other electrode to desorb CO 2. They report a cell potential lower than the potential at which water

splits, but the technology is limited because it necessarily captures carbon dioxide and oxygen together.

Moreover, the reaction kinetics for capture via bicarbonate are slower than the kinetics via ethanolamines.

[35]

In electrochemically-facilitated transport, the gradients are controlled via an external, electric

circuit. Central to this concept is a "carrier" molecule that transports the desired solute. The carrier is a

redox-active molecule whose affinity for CO 2 is dependent on its oxidation state. Ward et. al. developed

electrochemically-mediated facilitated transport as a natural extension of previous work in (chemically)

facilitated transport membranes. [36, 37, 38] Specifically, electrochemical control of the ferrous (Fe2 *) and

ferric (Fe 3 ) ion concentrations at two electrodes separated by a liquid membrane can drive the facilitated
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transport of nitric oxide (NO). [37] In fact, it is possible to transport NO in a desired direction irrespective

of the presence and direction of an overall NO concentration gradient. [37, 38]

Subsequent work in electrochemically-mediated membrane separations (ECMS) processes for CO 2

capture has focused on development of the redox-active carrier molecule. The carrier must have a

significant difference in reversible binding affinity for CO 2 in different oxidation states. The carrier must

be chemically stable in both redox states, and the carrier-CO 2 complex must also be stable. The electric

potentials of the redox states define a potential window. If the carrier requires electric potentials that are

too positive or negative, then the system will be susceptible to parasitic side reactions that involve the

solvent and other species in the gas phase (02, H20, etc.). For use in liquid systems, the carrier must have

a negligible vapor pressure to avoid evaporative losses.

Organic and inorganic carriers have been studied for applications in electrochemically-mediated

separation of CO2 from a mixture. Dubois et al. first determined selection criteria after presenting

electrochemical studies of carrier molecules. [39] The results indicate three criteria for the carriers: a CO 2

binding center, an ability to participate in reversible, Faradaic reactions, and electric proximity of those two

functionalities. [39] One class of molecules, called quinones, satisfies these criteria. [39] Separately,

inorganic, transition-metal complexes have been explored as water-soluble, air-stable carriers of the

bicarbonate anion. [40, 41] Their application to carbon capture has been limited by their chemical

instability. [40, 41, 42] Nickel complexes require negative potentials that would encourage competing

reactions or solvent decomposition. [40] Copper (Cu) complexes can be oxidized and reduced at more

reasonable potentials, but the Cu(I) product may disproportionate to Cu(0) or precipitate as a Cu(I) salt.

[41] Moreover, both systems require two electrons per CO 2 captured. Since power is directly proportional

to current, minimizing the ratio of current to CO 2 flux is important. To summarize, carbonate, bicarbonate,

transition metal ions, and quinones make up the bulk of previously-researched electrochemical CO 2 carriers.

1.4 Carbon capture using quinones
A quinone molecule has a cyclic, fully-conjugated di-ketone structure. [43] It has two binding

centers, the ketone oxygens, and is electrochemically-active via the aromatic ring. Quinones are ubiquitous
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in the field of electrochemistry, and they are known for the ability to undergo reversible electron transfer

reactions. [44] They are also widely studied for their roles in electron transport for biological processes.

[45] Literature since 1989 has provided evidence for reversible, reductive addition of CO2 to a quinone.

[39, 42, 46] In addition, CO 2 can be captured at a rate of one electron per CO2 molecule.

The suitability of quinones or similar moieties as CO 2 carriers depends on the presence and identity

of functional groups, and the solvent. [47, 48] The overall chemistry of the quinone determines its "potential

window" and its susceptibility to unfavorable side reactions. [39, 47] The kinetics and mechanisms have

been studied in the literature. [49] Many previous researchers have studied the electrochemical and

chemical behavior of quinones in the presence of carbon dioxide, and others have also addressed the solvent

and pH conditions. [46, 49, 47] Stem investigated the ability to capture CO 2 in aqueous solutions of

benzoquinone, naphthaquinone sulfonic acid, and anthraquinone di-sulfonic acid via formation of

bicarbonate ions, but none of those moieties was stable to both pH and oxygen. [50] Scovazzo et al.

demonstrated the ability to concentrate CO 2 200-fold using a two-step electrochemical process. [51] The

quinone was reduced in the presence of a feed gas (0.5vol% C0 2). Then, the quinone was oxidized, and the

released gas was collected and analyzed. The quinone used in this experiment was prone to react with

oxygen, thereby reducing its efficiency as a sorbent. [51] Other researchers used the redox reactions of

hydroquinone in aqueous media to capture carbon dioxide in a "fuel cell-like" configuration by creating a

pH gradient across a supported liquid membrane. [35] They were able to demonstrate carbon capture, but

this chemistry requires a metal catalyst on one electrode, and the kinetics of bicarbonate reactions are slower

than CO 2 reactions with ethanolamines. [35]

Simeon performed a systematic and comprehensive study of the redox potentials of functionalized

quinones in organic solvent and their interactions with carbon dioxide. Figure 1.2 is a summary of his

unpublished results. He examined the electrochemical oxidation and reduction of more than 15 quinonoid

species in the presence and absence of carbon dioxide. The results in Figure 1.2 show the half-wave

potentials of the first and second electron transfers of the quinones under nitrogen (red data) or carbon
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dioxide (blue data). The filled circles are placed at the half-wave potentials for the Faradaic reduction

reactions. For each quinone, the red circle furthest to the right shows the half-wave potential of the first

electron transfer, which converts the quinone to a semiquinone (a radical anion). The second red circle at

more negative potentials represents the half-wave potential of the second electron transfer, which converts

the semiquinone to a dianion. The blue circles show the same data measured in the presence of carbon

dioxide.

Simeon separated the quinones into categories of strongly or weakly complexing species according

to their interactions with carbon dioxide. For strongly complexing quinones, he reports only one half-wave

potential in the presence of CO 2 . He asserts that these species are reduced to a semiquinone intermediate

that interacts with CO2 in such a way that the second electron transfer occurs at the same or nearly the same

electric potential as the first electron transfer.
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Figure 1.2 Tabulated cyclic voltammetric results for 20 mM of individual quinones in dry dimethylformamide

with 0.1 M tetrabutylammonium hexafluorophosphate as supporting electrolyte. The potential is reported relative to a

ferrocene internal reference. (Unpublished work by Dr. Fritz Simeon in the Hatton group at MIT).

Previous work highlighted that some quinones are susceptible to parasitic interactions with oxygen

in both organic and aqueous media. [39, 51, 50] Specifically, it is believed that the redox reactions of those

quinones occur at potentials more negative than the reduction potential of oxygen. Oxygen can be reduced

to a superoxide radical, which is highly reactive. The results in Figure 1.2 highlight those quinones whose

electrochemical reactions and binding of CO 2 occur at potentials more positive than the reduction potential

of oxygen. In Figure 1.2, the reduction potential of oxygen is highlighted at -1.3 V (vs. ferrocene internal

reference) by a dark grey box. Therefore, the following species are known to be strongly-complexing

quinones that bind CO 2 at potentials more positive than oxygen reduction: p-benzoquinone (BQ), 2,7-di-
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tert-butyl-p-benzoquinone (TBQ), p-napthoquinone (p-NQ), o-napthoquinone (o-NQ), phenanthraquinone

(PQ), 2-iodo-9, 1 0-phenanthraquinone (PQ-l), and 2,7-diiodo-9, I0-phenanthraquinone (PQ-1 2).

With appropriate functional groups, the uncharged quinone has a negligible binding affinity for

CO2 , while the reduced quinone dianion can bind two CO 2 molecules - one at each ketone oxygen. This

electrochemically-controlled sorbent can be implemented as a carrier for electrochemically-facilitated

transport of carbon dioxide.

1.5 Laminar flow electrochemical cells
Implementation of laminar flow in electrochemical systems can take different forms. Energy

researchers are drawn to the use of laminar flow as a way to separate fuels and oxidants without a

membrane. The use of laminar flow to separate reactants eliminates the need for a physical membrane and

the ohmic losses and fouling and drying issues that come with it. Whitesides et al. used laminar flow in

microchannels to couple the redox reactions of vanadium (V)/(IV) and vanadium (111)/(II) in a microfluidic

system without a membrane. [52] Kenis et al. created a microscale fuel cell with catalytic layers on the

sidewalls of the microchannel. In this fuel cell, dissolved oxygen at one electrode oxidizes the dissolved

fuel at the other in an aqueous system. [53]

Laminar systems can be designed to incorporate a gas phase. Kenis et al. designed a fuel cell that

uses molecular oxygen as an oxidant by integrating a gas diffusion electrode into a microfluidic laminar

flow-based fuel cell. [54] Bazant et al. published in-depth analytical and numerical modeling with

experimental results for a Hydrogen Bromine Laminar Flow Battery that uses hydrogen gas to reduce liquid

bromine. [55, 56] The fuel utilization in early laminar flow cells was considered low, so subsequent work

has focused on enhancing fuel utilization via flow-through porous electrodes and other cell architectures.

[57]

Several recent publications have demonstrated implementation of quinones in flow batteries.

Researchers at Harvard have couple a quinone/hydroquinone redox reaction with the bromine/bromide

redox reaction in water in a configuration where the two reactant streams flow past planar but porous carbon

electrodes separated by a Nafion membrane. [58] They report the advantages of using organic reactants,
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the opportunity for chemical optimization of the quinone, and the advantages of flow batteries over

traditional designs, but they use a membrane in their design. [58] In a separate publication, researchers

screened a series of quinones computationally to optimize their aqueous redox potentials for

implementation in a flow battery. [59] Aside from the chemistry, a numerical model was developed to

describe transport phenomena and highlight the dominant resistances in the cell design. [60] A subsequent

publication built upon the initial results by showing the possibilities and advantages of changing the

chemistry to a coupling of 2,6-dihydroxyanthraquinone (2,6-DHAQ) and the ferrocyanide/ferricyanide

reaction in basic media. [61]

The literature on laminar flow systems and flow electrochemical systems focuses on applications

in batteries and fuel cells, and focuses on microfluidic-scale systems. A search on laminar flow

electrochemical cells revealed very few publications that did not focus on fuel cell applications and

conditions (namely, galvanic operation). A review on membraneless laminar flow fuel cells focused on

developments in microchannel design, including static mixers and "air-breathing" (porous, gas-phase)

electrodes, and suggested applications as sensors and "Lab on Chip" devices. [62] Girault et al.

demonstrates the use of laminar flow electrochemical cells to induce a Faradaic reaction driven by

electrolytes of different concentrations. [63] Moon et al. tested the feasibility of using immobilized

horseradish peroxidase (HRP) and electrochemically-generated hydrogen peroxide to catalyze the oxidation

of phenol. [64] Yager et aL used controlled laminar flow of reactants in a microchannel to study the HRP

enzyme and the electrochemical nature of its biocatalytic signal enhancement. [65]

1.6 Study objectives and organization
In this thesis, three new designs for electrochemically-mediated carbon capture using quinone

sorbents are presented and analyzed. In addition, a quinone-ferrocene system is proposed as a novel redox

couple for electrochemical carbon capture. Numerical simulations and analyses are presented for two

designs that implement the coupled absorption and desorption of CO 2 via electrically-coupled oxidation

and reduction of quinone. Experimental results are provided for the quinone-ferrocene system in two

configurations.

28



Chapter 2 contains results for a system in which a redox coupling of a quinone and the

corresponding dianion adduct drives facilitated transport of carbon dioxide across a planar, supported liquid

membrane. The governing equations and boundary conditions are solved analytically to produce an

expression for the current-potential (l-V) curve. This analytical solution is used to quantify the expected

performance of the system in terms of capacity and energy efficiency. The chapter ends with a description

of the advantages and significant design challenges for this configuration.

Chapter 3 begins with the introduction of a design for an electrochemical cell in which quinones

flow between two planar electrodes. At the porous cathode, a Faradaic reaction produces a charged quinone

that absorbs CO 2 from the adjacent gas phase. This quinone-C0 2 complex is referred to as the dianion

adduct. This electrochemical reduction event is coupled to electrochemical oxidation of the dianion adduct

at the anode. The oxidation reaction releases CO2 and produces a region with high local CO 2 concentrations.

The CO 2 desorbed at the anode is captured using two flash tanks in series, and the electrolyte is recycled to

the cell entrance. The governing equations and boundary conditions for a numerical model of the

electrochemical cell are described and justified. The numerical simulation solves for the spatial values of

species concentrations, current, and ionic potential in the flowing electrolyte. The model is combined with

equations describing the other unit operations to perform a design analysis of the complete system. The

design analysis explores the operating landscape by varying certain parameters individually and measuring

the impact on the overall performance of the system. The results of the design analysis are summarized and

provide justification of the suggestions for future work.

In Chapter 4, the idea of coupling the reversible electrochemistry of the quinone-dianion to the

reversible electrochemistry of the ferrocene-ferrocenium couple is introduced. A discussion of the

background knowledge of the ferrocene-ferrocenium chemistry provides information tojustify the selection

of this moiety. Then, experimental evidence for coupling quinone reduction to ferrocene oxidation

highlights the viability of using this chemistry in the designs proposed in earlier chapters. The experimental

results also prove that the reactions proceed quickly using simple, graphite electrodes. The last set of

29



experimental results in this chapter demonstrate that the electrochemical reactions can be reversed by

reducing ferrocenium and oxidizing the dianion adduct with the same graphite electrodes. The experimental

results also prove that the electrochemical reactions can be "cycled" several times without issues.

Chapter 5 begins with the proposal of a flow design for carbon capture using the quinone-ferrocene

couple. The electrochemical cell has the same design as the quinone-dianion laminar flow system in Chapter

3, but the reaction at the anode is the electrochemical oxidation of ferrocene. The design and construction

of a bench-scale test cell follows. The test cell includes "off-the-shelf' graphite gas diffusion electrodes

with a custom-built Teflon channel for the laminar flow of the electrolyte between these electrodes. The

latter half of the chapter includes results from experiments in which a mixture of phenanthrenequinone and

ferrocene flow through the test cell and the quinone is reduced at the porous cathode to capture CO 2 from

a mixture of 15% CO2, 85% nitrogen (N 2). Key design challenges are highlighted and suggestions for future

demonstrations are included.

Chapter 6 contains experimental results demonstrating the ability to cycle electrochemical

absorption and desorption of carbon dioxide using a quinone sorbent in a system that employs porous, flow-

through electrodes. These results demonstrate the concept of reversible absorption and desorption via the

electrochemical coupling of quinone and ferrocene electron-transfer reactions.

Finally, the major conclusions from this work are summarized in Chapter 7. The latter half of the

chapter is a discussion of opportunities for future work.
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2 Electrochemically-facilitated transport of CO 2 across a planar,
supported liquid membrane

2.1 Moivation andl aescription of elec-rochermica Iel aesign
The planar membrane cell is a separation system designed to unite the advantages of

electrochemical energy conversion, membrane systems, and quinones as CO2-selective, redox-active

carriers. The cell employs a modular, "membrane sandwich structure". There are graphite "gas diffusion"

electrodes to conduct electrons to porous, wetted electrodes. The descriptor "gas diffusion" means the

graphite plates have flow channels that conduct the flow of gas in a region that is adjacent and parallel to

thin, wetted, electrode "mats". A quinone solution wets the electrodes and makes up the supported liquid

membrane. Cells may be run in parallel to scale the system, and/or in series to function as staged

separations.

(gas diffusion anode) C02
L CO2

Q(CO 2) Q + 2e- + 2CO2

Q + 2e- + 2CO2

Flue ga (gas diffusion cathode) Scrubbed gas

Figure 2.1 The conceptual design of a planar electrochemical cell for carbon capture.

Figure 2.1 has expanded dimensions to illustrate the paths of the quinone and CO 2. The actual

supported liquid membrane, which is the light blue rectangle in the middle of Figure 2.1, should be as thin

as possible. The CO 2 in the flue gas dissolves in to the solution that wets the cathode. This step is shown in

the lower left corner of Figure 2.1. At the cathode, a quinone (orange) is electrically reduced and the

resulting quinone dianion binds two molecules of CO2 . This quinone-C02 complex is called a dianion

adduct, and highlighted in red in Figure 2.1. A thin polymer separator contains the electrolyte solution in

its pores. The separator itself is an electric insulator. The dianion adduct moves from the negatively-charged

cathode across the membrane to the positively-charged anode. At the gas diffusion anode, the quinone

dianion is electrically oxidized and the CO 2 desorbs from its bound state. The relatively high concentration
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of CO2 in solution drives it to vaporize in to the adjacent, CO 2-rich gas stream. This step is shown in the

upper right corner of Figure 2.1. In response to an electric potential gradient, the electrons move through

the external circuit from the anode to the cathode.

For the purpose of this work, the overall reaction scheme for electrochemically-mediated

membrane separations (ECMS) is condensed to a set of two reactions. One is a Faradaic (electron-transfer)

reaction with a standard potential of E0. The other reaction is a homogeneous, chemical reaction with an

equilibrium constant of KB.

EU

Q +2e- Q2- (1)
2- KB

Q2+ 2C 0, l Q(COQ)2 (2)

The system is "electrochemically-mediated" because the electrical potential of the electrode

relative to E"' determines the equilibrium concentrations of quinone (Q) and dianion (Q 2-) adjacent to that

electrode. The resultant concentrations of the quinone and dianion shifts the bulk reaction equilibrium and

the concentrations of bound CO2 (in the dianion adduct, Q(CO2)22-) and "free" CO2 .

The ECMS cell achieves separation through the enhanced transport of CO 2 across the membrane.

A potential applied across the electrodes drives absorption and desorption of CO 2 at the cathode and

anode, respectively. The spatial separation of sorbents with high affinity for CO 2 (at the cathode) and low

affinity for CO 2 (at the anode) drives the directional transport of CO 2 across the membrane.

Other species in the flue gas can and will dissolve into the electrolyte and diffuse across the

membrane. The permeability of the membrane to these species is governed by their diffusivities,

solubilities, and partial pressures in the gas streams. However, the permeability of the membrane to CO 2

is dependent on the electric potential and the quinone concentration in addition to the CO 2 diffusivity,

solubility, and concentration. For this reason, the membrane is selectively permeable to CO 2 and can be

used to separate CO 2 from the flue gas.
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2.2 An analytical rnodel to deScribe current and potential through the cell
Preliminary analysis shows the potential for ECMS to be an energy-efficient and selective method

for carbon capture. In this section, an analytical solution to the conservation equations for quinone and

dianion in the cell is linked to the current and potential required to drive the cell and the rate of CO 2 capture

that occurs. This analytical solution allows for the prediction of the performance and behavior of the system

based on the design of the cell and the physical parameters of the electrolyte. These results are also valuable

because they facilitate fast, easy parameter screening without experiments or the computational expense of

a full numerical model.

2.2.1 Assumptions and governing equations for planar membrane cell
Analytical solution of the governing equations is possible for a system of this geometry under the

following, assumed conditions:

* Mixtures behave as dilute, ideal solutions.

" The dimensions of the membrane and electrodes are such that the system is effectively one-

dimensional.

* The electrodes are very thin, and the Faradaic reactions are heterogeneous. The electrodes

are treated as vanishingly-thin pianar reaction interfaces. The chemical reaction involving

the dianion and CO 2 is also considered heterogeneous.

* The reactions are assumed fast, so that kinetic overpotentials are neglected and the

electrochemical and chemical reactions equilibrate rapidly.

* At the boundaries, the dissolved CO 2 is assumed to equilibrate quickly with the CO 2 in the

adjacent gas phase. CO2 is treated as sparingly soluble, and its concentration follows

Henry's law behavior.

* Physical properties of the electrolyte are constant.

* There is an excess of supporting electrolyte.

0 Local electroneutrality is assumed; double layer effects are neglected.



The electrochemical power (P) required to capture carbon via ECMS is the product of the cell

potential (V) and the current (1) through the cell. The derivation in this chapter produces analytical

expressions for the current, the potential, and the rate of CO2 capture.

P=W =I-V (3)

In the simplest case, there are six field variables: five concentrations (neutral quinone, dianion adduct,

unbound carbon dioxide, and an inert cation and anion) and the electric potential in the electrolyte (a.k.a.

the ionic potential). The two inert ions make up the supporting electrolyte. The term "supporting

electrolyte" describes ions that do not participate in Faradaic reactions. The governing equation for each of

the five species concentrations is the same for all five species. The vector Nk is the molar flux vector for

species k. The governing equations are statements of mass conservation for a system at steady-state.

V - o (4)
In a system modeled as locally electroneutral, the expression for local electroneutrality replaces Poisson's

equation as the sixth governing equation. The parameter zk is the charge of species k.

EZkCk =0 (5)
k

To summarize, there are six unknowns: five concentrations and one potential. There are also six equations:

five fluxes that are constant and the local electroneutrality equation.

2.2.2 Current, potential, migration, and supporting electrolyte
The current density (i) in an electrolyte is proportional to the sum of each ion's flux (Nk) and its

charge (zk). The Nernst-Planck equation (Equation(7)) defines the flux vector as the sum of convection,

diffusion (in response to concentration gradients) and migration (in response to potential gradients) terms.

i =F LzkN (6)
k

Fi
Nk =Ck-Dk VCk -zkCk V4] (7)

L RT
The planar membrane cell consists of a supported liquid membrane whose fluid is stagnant, so there is no

convective flux. The derivation presented in this section will show that for this particular system, the

following conclusions and simplifications apply:

* Flux of dianion adduct due to migration is negligible.
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* The current is carried by the flux of the charged electroactive species, which is only the

dianion adduct.

* The gradient in electric potential across the electrolyte takes the form of an "Ohm's Law"

relationship.

Mathematically, the physical impact of a high relative concentration of supporting electrolyte can be

justified through a perturbation analysis. This analysis was first presented by Levich. [66] Chu presented a

variation of this analysis in his doctoral thesis. [67] The derivation presented here is a variation of Chu's

method of analysis but applied to this specific system.

There are three ions present in the cell: the dianion adduct (Q(CO 2)2), an inert cation, and an inert

anion. In this case, the inert cation that balances the charge of the dianion adduct is the same as that which

pairs with the inert anion. That condition is not mandatory, but convenient. The following notation is used

from this point forward: the dianion adduct is labelled "Q2", the inert cation is labelled "p", and the inert

anion is labelled "n". It is also convenient to switch to dimensionless variables, which are delineated with

a tilde. The dimensionless ionic potential (z) is scaled to the thermal voltage, RT/F, and the dimensionless

concentrations (C, ) are scaled to their average, bulk concentrations, C, .

~ F# C 2  C ~ C

RT C 2' C " C(8
Recall that the membrane is a dilute ideal solution, and there is an excess of supporting electrolyte.

Therefore, one can describe the concentration of dianion adduct as being of order epsilon, a small parameter,

and much smaller than the concentrations of the other ions. The concentrations of the other ions are of order

one.

cc), = O(E) 6 <<1

C, = 0(1) (9)

C = 0(1)
At the boundaries, the fluxes of "p" and "n" are necessarily zero, because they do not participate in Faradaic

reactions and they cannot enter nor exit the system.
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The first step is to write the asymptotic series expansion in the small parameter epsilon for the

concentrations and (dimensionless) electric potential.

CQ =C g+ + 2+..

C (0O) + c + E 20(2)+

P P(10)
0(- + '_0j(1) + 622

n n

C-= +E ( + 2 +(2) ..

The method of regular perturbation analysis involves substitution of these series expansions in to the

governing equations, and solving the resulting equations by grouping terms according to order of

magnitude. [68] The leading order equations are:

V- [-D-9&,4+0 (11)

V -[-D -) + -D-z =0 (12)

Z,0(0) + z &0) 1)

The first two equations, combined with the no-flux boundary conditions for the inert ions, imply that the

fluxes of those two ions must be constant and zero everywhere. The electroneutrality condition imposes an

algebraic relationship between the concentrations of the two ions. Together, the three equations and two

boundary conditions simplify to a system of two equations and two unknowns.

do" ~d j*)
+ zC( =0 (14)

dyv P dy
Z dO" ( ~ d (O- d +zCd =0)=0 (15)
zn dv dy

The solution to this system is that the derivatives of the first-order concentration and the first-order potential

are both zero. Therefore, at the leading order, the concentrations of the anion and cation are constant, and

equal to their bulk values. Similarly, the leading order solution for the potential is a constant.

C 0 (16)P

Ck == ------ (17)
" n C

#(0= (18)
RT

36



The superscript "0" indicates the leading order value of that variable. The bar across the top of a

term indicates an average value. The solution at leading order is constant concentrations and potentials

because there is neither a convective nor diffusive transport of a charged species, and the net fluxes of

charged species are zero, so the migration flux is zero and the potential, constant.

Given the solutions to the leading order equations, it is now possible to write down the O(c) equations.

V[D Y ] 0 (19)

V- [-D,' ) + -D Z - 0 =0 (20)

V -[-D,Yo'C)+ -D z C = (21)

Z 0 +Z O) +. 0o) =0 (22)

Equation (19) is the first conclusion from this analysis: the electromigration of dianion adduct is

negligible to an approximation of order E. The migration term in the O(c) equation for dianion flux is zero

because the gradient of the 0(l) potential is zero (Equation (18)).

The current density is the sum of the flux of each ion multiplied by its charge (Equation (6)). The

fluxes of the inert ions must be constant to satisfy the O(c) governing equations (Equations (20) and (21)).

The inert ions have zero flux boundary conditions, so the fluxes must be constant, and zero, everywhere.

Therefore, the current is carried by the dianion adduct.

i = FIz,N, +z+z +ZQ+Q2] = F(zQ 2 Q 2  (23)

Moreover, there is no contribution of migration at order (c) to the dianion flux, so there is no migration

contribution to current. In a one-dimensional system at steady state with an excess of inert ions, the diffusion

of the dianion adduct is the entirety of the current (Equation (24)).

i,= FzQ 2 -D 2 I (24)
ydy )

Although the migration of dianion adduct is negligible, the potential gradient across the electrolyte

is not zero. Instead, it is proportional to the current. This concept is best illustrated by examining the sum

of ion fluxes in a slightly different format (Equation (25)).
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+ 5+ (25)
k Dk D D, D2

The fluxes of the inert cation and anion are zero. Therefore, the first conclusion from Equation (25)

is that the sum of fluxes is equal to the dianion term. More specifically, the sum of the fluxes is proportional

to the concentration gradient of the dianion.

Z ~ dC*l
V-Q = Q2 (26)

kD k D2 d
Expansion of the flux terms in Equation (25) produces another expression containing the sums of

concentration and potential gradients.

ZNRA= -V ZCO1) + _(Z2C"+ Z2(7j)V&" (27)
k Dk

Local electroneutrality ensures that the sum of each ion's concentration multiplied by its charge is

zero, and the gradient of this sum is zero. Therefore, Equation (25) leads to a second conclusion: the sum

of fluxes is proportional to the potential gradient.

Combining Equations (26) and (27) reveals the proportionality of the gradient in electric potential

to the gradient in dianion concentration.

N - d dC 02 (28)
k Dk dy dy

In Equation (28), the potential gradient is proportional to the concentration gradient of dianion

adduct because the dianion adduct is the only species that is both charged and electroactive. In Equation

(24), the current is proportional to the concentration gradient of dianion adduct. Together, Equations (24)

and (28) link the current to the potential in the electrolyte in the form of Ohm's Law.

d -1 - -i,29

dy ' FD 2 z C + z CP) 
(

To an approximation, the potential gradient in the electrolyte is linearly proportional to the current. The

proportionality constant, a, represents the bulk conductivity of the electrolyte. Notice that the bulk

concentrations of supporting electrolyte determine the conductivity. The dianion concentration is so much
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smaller than the supporting electrolyte concentrations that it does not affect conductivity at the leading

order.

To summarize, an excess of supporting electrolyte in a stagnant liquid membrane at steady state

leads to the-following physical and mathematical conclusions:

* Electromigration of the dianion adduct is negligible.

" The flux of the dianion adduct is constant and equal to its diffusive flux.

* The current is carried by the charged, electroactive species. In this system, there is only one: the

dianion adduct. The current is carried by the diffusive flux of the dianion adduct.

* The electric potential gradient across the electrolyte is linearly proportional to the current. The

gradient is constant across the electrolyte because the current is constant across the electrolyte (to

an approximation of order s).

Note that there is no electromigration of the dianion adduct at the same time that the potential gradient is

linked to the flux of the dianion adduct. This result is because the presence of the electroactive species is

only a small perturbation to the background concentration. The first order concentrations and potentials are

constant. Chu says that the physical reason for this ambiguous relationshin is that local electroneutralitv

combined with a gradient in the electroactive species forces a concentration gradient for the inert species.

[67] Because the net fluxes of the inert ions must be constant and zero, an electric potential gradient must

be nonzero to balance the nonzero concentration gradients. The reader is encouraged to consult Chu's thesis

for more details on this work in classical electrochemical analysis. The conclusions listed above, embedded

in Equations (24) and (29), are important for the rest of the derivation.

2.2.3 Potential gradients across electrode interfaces and the electrolyte membrane
The most general description of the potential gradient across an electrode interface recognizes the

combined effects of thermodynamic, kinetic, and double layer effects. In this analysis, the electrode and

chemical reactions are assumed to be so fast that the reactions are at equilibrium. The practical result of this

assumption is that the potential drop across the electrode surface is equal to the equilibrium value and

related to the local concentrations according to the Nernst equation. In addition, the concentrations of
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quinone and dianion adduct are assumed equal to their equilibrium values at the boundaries. Their

concentration profiles are derived in the next section.

A derivation of the electric potential profile in the system begins with two definitions, Equations

(30) and (31). The total potential drop across the electrode interface, A# , is equal to the potential of the

electrode (belectrode) less the ionic potential in the adjacent electrolyte (Veectroite). The term A" is the

same potential difference at equilibrium.

AO& eaerode - Oeaeroie (310)

A oekclrode - electrode - 02ctrolhie(3)

The equilibrium potential difference is the equilibrium half-cell potential for the di-reduction of a

quinone, and it takes the form of the Nernst Equation (Equation (32)).

A#,, = Eo 0 ln [a ] (32)
2F aQ

The terms describing equilibrium at the reference state are lumped in to the reference potential (E).

R is the universal gas constant, T is the temperature, F is the Faraday constant, Q denotes the neutral

quinone, and Q2- denotes the dianion quinone. For an ideal, dilute solution, the activity coefficients are

unity and the activities (aQ,aQ2.) are equal to the concentrations of those species.

In a system where kinetic overpotentials are negligible, the actual potential difference is equal to

the equilibrium value, so the right sides of Equations (30) and (31) are equal to each other. The combination

of this equality and Equation (32) links the potential difference across an electrode interface to the

concentrations adjacent to the electrode.

0RT C _(y=O)
Oea,1s - y = 0) E In- (33)

2F CO (y =0)

~' -' = RT,[C0  ( y= h)]
0anode -# 0y h) E n (y=h) (34)

2F C1 (y =h)

Equations (33) and (34) describe the electrode potential drops across the cathode and the anode interfaces,

respectively. The cathode is located at y = 0 and the anode is at y = h, where h is the membrane thickness.
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The value of the ionic potential in the electrolyte is governed by Equation (29), and its values at

the boundaries of the electrolyte appear in Equations (33) and (34). The derivation in Section 2.2.2 showed

that the current is constant, so integration of the governing equation produces Equation (35).

y = h)-07y=0)= h (35)
07

Combining Equations (33), (34), and (35) produces a single expression for describing potential changes in

the circuit in a way that is analogous to Kirchoff's loop rule.

0athode - #node h RT + RT In C(y =0) C0_(y =h) (36)
o-F 2F C Q -{y =0) CC)(y =h)

The potential difference between the cathode and anode is a parameter called the "cell potential", V.

V -1 -0. (37)

The dianion quinone species reacts with CO2 to produce a dianion adduct (Q(C02)22-). To address

that reaction, one can link the cell-potential to the CO2 partial pressure (pco) by making three assumptions:

" The bulk, chemical reaction (Equation (2)) equilibrates quickly.

* The CO 2 in the gas phase equilibrates quickly with the dissolved CO 2 in the adjacent electrolyte.

* The concentration of CO 2 at the gas-liquid interface (Cc02) is proportional to the adjacent partial

pressure and the Henry's Law constant (Hc02), as shown in Equation (38).

O, PCO (38)
He0 (T)

The equilibrium constant (Kb,eq) for the bulk chemical reaction is a function of the concentration of

dianion quinone, dianion adduct, and dissolved CO 2. The partial pressure and Henry's law constant are

substituted for the CO2 concentration term in the equilibrium expression. Therefore, the equilibrium

constant is related to the CO 2 partial pressure in the gas phase (Equation (39)).

C 2HCO

b Ceq (319)Ke = aC > P()co,

41



Substituting the equilibrium expression (Equation (39)) for the dianion concentrations in Equation

(36) produces an expression of cell potential in terms of quinone concentrations and CO2 partial pressures

at the boundaries.

i, RT RT C 1y=0)C (y=h) (y=0)V -+ in (Y = h) P2  (40)
c- F 2F Cc (y = h) C (y = 0) p2 (y =h)

The open-circuit potential (OCV) is the equilibrium potential when no current flows and there are

no gradients within the cell. This is the minimum work to achieve the stated separation. Without gradients,

the concentrations at the electrodes are equal to each other and the cell voltage simplifies to a function of

the CO2 partial pressures and the temperature.

RT_ p 2 (y=0)
OCV = V(iV =0) = RT n[2(= ) (41)

2F p 2(y = h)
At this point, the current is carried by the diffusive flux of the dianion adduct, and the potential

gradient is linearly proportional to this current. The potential drops across the electrode interfaces are equal

to the equilibrium values according to the Nernst equation. The bulk chemical reaction that determines the

relative amounts of absorbed and "free" CO 2 is also in equilibrium. These descriptions of potential drops

and reaction equilibria are united in a single equation that links the cell potential to the current through the

membrane, the concentrations of quinone and dianion at either interface, and the partial pressures of CO 2

in the gases adjacent to either electrode.

2.2.4 Quinone concentration profiles and current
Since the cell potential is a model input, Equation (40) has five unknowns: four concentrations and

the current. The next step in the analysis is to connect the concentrations and gradients of neutral and

dianion quinone to the current through the cell so that Equation (40) simplifies to a function of cell potential,

current, and operating parameters. The quinone and dianion species have the same governing equation

(Equation (4)), and at the boundaries, their concentrations are equal to the equilibrium ones. To simplify

the derivation, the following symbols represent the concentrations at the anode ("a") and cathode ("c").

42



C(y=0)=C C (y h)=C

C {=) C ,C y h=C , (42)
g~coz) (y h)o) gc2 (c );

At this point, it is convenient to non-dimensionalize the concentration, spatial, and potential terms.

C (cog 2 C y FV (43)
C C h RT

The governing equations for the neutral quinone and dianion adduct in the membrane can be simplified to

expressions of constant concentration gradients.

d2Q d2Y
0= , 0= d (44)

The assumption of fast electrochemical equilibrium at both the electrode interfaces leads to

Dirichlet boundary conditions at both electrodes. The boundary conditions are listed below.

0) Y(' 0)(45)
Q (f=)=Q" 1 Y(f =1)= Y"

Integrating both differential equations in Equation (44) and applying the boundary conditions

produces a set of two linear concentration profiles.

Q=Q j-(Qa_ ) (46)

Y =Y r + f(" - 1) (47)

The current through the cell is proportional to the flux of the dianion adduct, which is proportional

to the concentration gradient. The gradient and current are both constant, irrespective of position.

dC -F(-2) D CO a
i, = -Fz 2Do2 coCm,) Qc (48

Q2Q2 dy h
Note that the diffusivity is not specifically the diffusivity of the dianion by itself. Rather, the

assumption of local electroneutrality in the membrane implies that one can describe the diffusivity of the

dianion as the geometric mean of its diffusivity and the diffusivity of the cation [68].

Physically, the net amounts of quinone and dianion adduct must remain constant because neither

species can cross the boundaries. Also, all reactions are imposed at the boundaries as heterogeneous

reactions. This integral constraint allows, mathematically, for conversion of the slopes and concentration
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profiles to functions of known physical parameters. The integral constraint is shown below in dimensional

and dimensionless forms.

1 -"='h

- C dy=Cf Od5=1 (49)
h ,=0 Qc0- 2  Q(CO 0

1 x='^
- J C dy= CQ f Tdv=1 (50)
h Y=O 0

Substitution of the concentration profiles in to their respective integrals, followed by integration,

produces algebraic equations relating the concentrations at the anode and cathode to each other and to the

average, bulk concentration (which corresponds to a dimensionless value of 1). As a result, the average of

the two boundary concentrations must equal the bulk average concentration.

=1 (51)
2

2 4 (52)
2

Substitution of Equation (51) in to the expression for current (Equation (48) eliminates one of the boundary

concentration terms.

4 FD CO
i, = Q(C,); QW005 (Qa -I (53)

h
The limiting current is the current at which the concentration of the electroactive species goes to zero. In

this case, it is the current at which the concentration of dianion adduct at the anode approaches zero.

4FD C 4FD C ,
i = QCo' co (0-)= - Q(O) Q(0) (54)

h h
Having established the expression for limiting current, one can defined a dimensionless current density with

the limiting current as its scale.

i = Ai I ~
-: - I5)
lim ilim itim

At this point it is convenient to continue the derivation using the expression for dimensionless current

density, which combines the equations for current and limiting current.

I =1-Q" (56)
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An equation relating the concentration of dianion adduct at the anode to the dimensionless current density

is useful because it can be substituted in to the expression for the cell potential (Equation (40)). It is more

useful to relate the potential to current than to concentration. Similarly, Equations (56) and (51) can be

combined to describe the concentration of dianion adduct at the cathode in terms of current.

Q =1+i (57)
Using these expressions, it is possible to transform the expression for cell potential (Equation (40)) to one

that is a function of the current density, the neutral quinone concentrations at the boundaries, and physical

parameters. The updated expression for dimensionless cell potential is shown below.

~ ~ih 1 T"Lf1-I p2(:=0:)]V = i ilnh+-i n ~C I ~Y=0 (58)
0- 2 Y" 1+i p2(y=h)

The last step is to link the dimensionless quinone concentrations to the current. The same integral

constraint that applies to the dianion adduct also applies to the neutral quinone. Moreover, conservation of

mass at the interfaces requires that the flux of the neutral quinone be equal and opposite to the dianion

adduct flux at both electrodes. The fluxes are constant, so this constraint produces the following equation.

C ,dTCo co,) dQ
-Do , d = Dt a_ Q 1 (59)

n y e2 h (5
The concentration gradients are related to the concentrations at both the boundaries via the derivatives of

the concentration profiles (Equations (46) and (47)). Both the dianion adduct boundary concentrations can

be replaced with expressions involving the dimensionless current density (Equations (56) and (57)). One of

the neutral quinone boundary concentrations can be eliminated using Equation (52). The outcome of this

algebra is a relationship between the dimensionless quinone concentration at the cathode, the dimensionless

current density, and physical parameters.

D C70

1-T'- = D =iRDRC (60)
De C

The terms RD and Rc are dimensionless ratios of the diffusivity and average concentrations.
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D Co
RD - Q(CO 2)| Rc = 2(cO) (61)

DQ C
Using a similar procedure, it is possible to produce an expression relating the dimensionless

concentration of neutral quinone at the anode to the dimensionless current density. The expressions for both

boundary concentrations are summarized below.

YC =1-R Rc(I
a D , T(62)

Y" =1+RDRci
The purpose of this derivation is to express the (dimensionless) concentrations of neutral quinone and

dianion adduct in terms of the (dimensionless) current density, so that those terms can be eliminated from

the expression for the cell potential.

2.2.5 Analytical relationship between current and voltage
Now it is possible to express the concentrations of the quinone species at the electrodes as functions

of the current. The term i refers to the actual current density (i) normalized to the limiting current based on

the dianion adduct. The expression for limiting current is derived in Section 2.2.4. Substitution of the

expressions in Equation (62) in to Equation (58) produces an analytical expression relating the current and

voltage through this system.

~ I 1 - I 1-

V=-+-ln I l.l (63)
6 2 1+ RRci 1+i P 2

This is the analytical relationship between current and potential under the assumptions and

conditions of this model. Note the Ohm's Law expression for the potential drop across the electrolyte has

been non-dimensionalized. The dimensionless conductivity can be described as the conductivity from the

supporting electrolyte divided by the conductivity from the electroactive species, the dianion adduct. The

expression for dimensionless conductivity is derived from the relationship between the conductivity and

the limiting current.

- z 2t,+ (60-=--= (64)
ilimh 4CO(O)
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This expression for dimensionless conductivity embodies the physical ramifications of an excess of

supporting electrolyte. By applying the definitions of the dimensional conductivity (Equation (29)) and the

limiting current (Equation (54)), one can simplify the dimensionless conductivity to a ratio of the ionic

strength from the inert ions to the ionic strength of the electroactive species. In the perturbation analysis,

the dianion concentration was approximately r, where e << 1, while the inert ion concentrations were

approximately one. Therefore, the scale of the dimensionless conductivity is I / F. Physically, an excess of

supporting electrolyte produces a large ionic conductivity and therefore small ohmic losses across the

membrane.

u and discussion,

The analytical expression for cell voltage as a function of current, Equation (63), can be interpreted

as the potential required to separate CO 2 from the flue gas (at the cathode) to the enriched gas (at the anode)

at a given flux (current). It embodies the relationship between energy efficiency and CO 2 flux. In this case,

energy efficiency is defined as the open circuit voltage divided by the actual voltage. Figure 2.2(a) is the

cell potential as a function of normalized current, which is calculated from assumed values for RI) and R,.

Figure 2.2(b) highlights energy efficiency (OCV over actual cell potential, V) as a function of normalized

current.

-0.05 0.9

> -0.1 C 0.8
S-0150.7

CL-0.2 0. 6

-0.25 pc/pa = 0.1 C 0.5 pc/pa = 0.1
- pc/pa = 0.0 0.4 - -- pc/pa = 0.0

-0.3 - pc/pa = 0.0 1 0.- pc/pa = 0.01

0 0.2 0.4 0.6 0.8 1 0 0.2 0.4 0.6 0.8 1
Current, i/ilim Current, i/ilim

Figure 2.2 (a) Cell potential, Volts, as a function of normalized current density. (b) Energy efficiency as a
function of normalized current density. RD*RC is assumed to be unity, and T = 50'C.
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Figure 2.2(a) is a plot of cell potential (V) as a function of dimensionless current (i/i,n) for three

pressure ratios and three values of the electrolyte conductivity. All of the data in Figure 2.2 are results for

a system at 50'C when the product "RDRC" is assumed to be unity. The solid line represents "infinite"

conductivity (negligible Ohmic resistance), the dashed line is for a dimensionless conductivity of 10, and

the dot-dashed line is for a dimensionless conductivity of 100. All three lines overlap strongly, which means

that as long as there is an excess of inert ions (10:1 ratio or larger), the electrolyte conductivity does not

affect the cell potential nor the energy efficiency dramatically.

Figure 2.2(a) shows that as the current approaches the limiting current, the marginal increase in cell

potential increases. The energy demand increases sharply when the current approaches the limiting current,

and it diverges at a normalized current of one. At the limiting current, the potential diverges because of a

phenomenon called "concentration polarization". The limiting current is defined as the current (flux) at

which one or more electroactive species is depleted. When the current is near the limiting value, higher

applied potentials cannot increase the current because the concentration at the surface is nearly zero. The

term "RDRc" determines which species is rate-limiting. The term "RD" is the ratio of the diffusivities of the

dianion adduct to the diffusivity of the neutral quinone. If RD is greater than unity, then the dianion adduct

diffuses faster than the neutral quinone. RD is determined by the chemistry of the system. Rc, the

concentration ratio, is a parameter that can be set within the bounds of the solubility limits for the dianion

adduct and the neutral quinone. If the product "RDRc" is greater than unity, then the neutral quinone depletes

faster than the dianion adduct because it has a lower permeability; the converse is true when that product is

less than unity. Ideally, it should be as close to unity as possible, meaning that the two species deplete at

the same rate.

Figure 2.2(b) shows the energy efficiency for operation at different dimensionless currents and

different pressure ratios. Here, energy efficiency is defined as the actual work (voltage) divided by the

thermodynamic minimum, the open circuit potential. The energy efficiency decreases steadily with

increasing current. Near the limiting current, the energy efficiency drops exponentially because the cell
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potential required to achieve the limit in concentration gradients is large. The system is more energy

efficient at all currents when the pressure ratio is more extreme (pc/pa = 0.001 versus 0.01 or 0.1). At high

pressure ratios, the minimum work is much higher to perform that separation, so the increase in work caused

by operation at increasing current is a smaller fraction of the whole energy cost. According to this metric,

this system of carbon capture is more attractive for capture from increasingly dilute sources.

In general, the performance of a large scale system for carbon capture is decided according to the

metrics of energy cost and capital cost. The capital cost is a function of the size of the system, and the size

is inversely proportional to the current density. A higher current density achieves a higher CO 2 flux across

the membrane and therefore requires lower membrane area. By extension, the relationship between current

and potential for an electrochemical system of carbon capture represents the relationship between capital

cost (membrane area, system size) and energy cost. A lower operating current density means a lower energy

penalty for CO 2 capture. At the same time, operating at a lower current density also increases the total area

needed to achieve a separation at scale. Therefore, the current-potential (I-V) relationship determines the

inherent tradeoffs that affect attempts to minimize both energy and capital costs.

The physical separation of the gas phases in an ECMS cell creates a gradient in CO 2 partial

pressures that opposes the facilitated transport and drives "back-diffusion" of CO 2 across the membrane.

One can define the transport efficiency (0) as the net CO2 flux across the cell divided by the flux of charge.

Equation (65) is an expression of current efficiency as a function of partial pressures, current, and membrane

permeability.

0=I-- I (65)
4D C' P2Q(C()O 2 7 Q(C0, 2, (P

The current efficiency increases with increasing current and increasing quinone diffusivity and

concentration. The solubility limit of dianion adduct in the solvent at the operating temperature sets the

upper bound for the average concentration of that species. Similarly, the solubility and' desired

concentration ratio (Rc) value set the upper bound for the average concentration of neutral quinone. The

solubility limit of supporting electrolyte in the solvent, and the desire for an excess of supporting electrolyte,
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also affects the bounds of the possible average concentration values. Current efficiency decreases with

increasing C02 permeability and decreasing pressure ratio. The pressure ratio is the ratio of the cathodic

pressure (lean gas) and the anodic pressure (enriched gas). The term H is the Henry's law constant for CO 2

in the solvent. The parameters used for this analysis are summarized in
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Table 1. Note that all of the parameters used apply for a system in dimethyl sulfoxide (DMSO)

solvent.

For design of the planar membrane cell for carbon capture, the supported liquid membrane should

be as thin as possible. The current density is inversely proportional to membrane thickness, so thinner

membranes produce higher currents, holding all other parameters constant. Also, the current efficiency is

unaffected by membrane thickness, because a thinner membrane increases the "forward" facilitated

transport of CO2 via quinone to the same degree that it increases the "backward" diffusion of CO2.

Therefore, the optimal membrane thickness is the smallest value possible. The risk of short-circuiting via

conduction through the membrane itself is a practical constraint to the membrane thickness that depends on

the conductivity of the polymer separator itself. While not a direct constraint to the membrane, the risk of

"blowing" the electrolyte out of the support is a practical concern. Therefore, designers should minimize

gradients in total pressure across the membrane.

The power density can be calculated directly from the equation for cell potential (Equation (63))

and the limiting current density (Equation (54)). The rate of CO2 capture is the product of the current and

the current efficiency (0). Another way to examine these data is to consider the energy penalty per kg CO 2

captured and to observe its changes as a function of CO 2 flux. Figure 2.3 contains plots of the power density,

in W/m 2 , and the energy cost per unit CO 2 (kJ/kg) as functions of CO 2 mass flux (kg/m 2/hr).

w 2000

400 -pc/pa = 0.1 pc/pa = 0.1
-. ' -:---o-#-pc/pa = 0.01 . 8 1500 .- - pc/pa = 0.01

E 300 --.. pc/pa = 0.001 .. .. -pc/pa = 0.001
37o .

00 1000
0200*0. 000' 0)00200 ..

.. *0 - - - - -- - -I- 100 ..-- ..-- 500 *"----............ o..... o-o -'

0 u 0
0 0.5 1 1.5 0 0.5 1 1.5

CO 2 capture, kg/M2 /hr CO 2 capture, kg/m2/hr

Figure 2.3 (left) Power density, W/M2, as a function of CO 2 flux (kg/m 2/hr). (right) Energy penalty, kJ/kg
CO 2 , as a function of CO 2 flux (kg/n 2/hr).
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The power curves in Figure 2.3 mimic the current-voltage plots in Figure 2.2. The power increases

linearly with CO 2 flux until the point of divergence at limiting current. The energy cost per kg CO 2 is

exponentially high at low CO2 capture rates because the net CO 2 flux approaches zero. This phenomenon

is mostly an artifact of the way the model it set up. At low current, the rate of CO2 capture approaches the

rate of back-diffusion in the model and the net transport of CO 2 approaches zero. When the electric power

is divided by a very small CO 2 capture rate, the resulting value is very high. However, in reality, these

numbers are irrelevant because at low currents, the partial pressure of CO 2 in the enriched gas would

probably not reach the I bar value anyway, so the back diffusion would be less than that predicted by the

model. The energy penalty is comparatively invariant with CO 2 capture at moderate fluxes, compared with

the values near the high and low ends. The relatively small changes in energy per kg CO 2 in the ranges of

0.5 to 1.5 kg/m2/hr suggest that optimal cell operation should be near the upper end of that range. At a rate

of 1.5 kg/m2/hr, the energy cost per kg CO 2 is near the minimum value for the system, and being at the high

end of the range for which energy cost is minimal will help to minimize the membrane area and capital

cost.
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Table I Table of physical parameters for membrane analysis

Parameter Symbol value

Solvent DMSO

Diffusivity of CO 2 in solvent [69] Dc 5 x 10-1 m2 /s

Diffusivity of dianion adduct* D 7 x 1010 m2/s

Henry's law constant (40'C, combined with density H 17.5 bar-L/mol

data) [70, 71]
Bulk concentration of dianion quinone 1 M

Partial pressure of CO2 at the cathode (flue gas, lean Pc 0.001 to 0.1 bar

gas)
Partial pressure of CO 2 at the anode (rich gas) Pa I bar

Membrane thickness h 200 pm

Temperature T 500 C

Dimensionless conductivity (assumed) 6- 10 (unless otherwise specified)

2.4 Conclusions and suggestions for future work
This chapter is an analysis of a novel implementation of the quinone as a vehicle for facilitated

transport across a supported liquid membrane. The cell design is inspired by the design of the classic

hydrogen fuel cell, except that the polymer electrolyte membrane of the fuel cell is replaced with a

supported liquid membrane. The supported liquid membrane consists of a thin, porous, polymer separator

wetted with an electrolyte composed of neutral quinone, dianion adduct, and supporting electrolyte

dissolved in dimethyl sulfoxide. The first part of this chapter is a description of the governing equations

and boundary conditions needed to solve for the concentration and potential profiles in the system. What

follows the model set up is a derivation showing that an excess of supporting electrolyte relative to the

electroactive species creates an environment in which the following statements are approximately true:

* Electromigration of the dianion adduct is negligible.

* The flux of the dianion adduct is constant and equal to its diffusive flux.
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* The current is carried by the diffusive flux of the dianion adduct.

The electrochemical and chemical reactions involved in the mechanism for the redox-responsive absorption

of CO2 were condensed to a system of two reaction equations: one Faradaic reaction and one bulk, chemical

reaction. Solution of the mass transfer equations, integration of the potential gradient, and application of

the equilibrium expressions produce an analytical equation that couples the cell potential to the current

through the membrane.

The analytical model allows for calculation of voltage, current, power, efficiency, and carbon

capture rate for a given set of operating parameters and physical properties. The results show that the impact

of ohmic resistance across the electrolyte is negligible relative to the overall voltage. In addition, the cell is

more energy efficient for carbon capture from more dilute gas streams. A derived expression for current

efficiency shows the set of physical and operating parameters that affect the amount of current required to

capture a given amount of CO 2 . The results show that the physical chemistry should be optimized for

maximum quinone permeability, and relatively low CO 2 permeability. The best case scenario is an

electrolyte that is soluble enough that there is no resistance associated with CO 2 dissolution in to the

electrolyte, but is otherwise relatively impermeable to CO 2 and other gases. Finally, the membrane should

be as thin as possible, because the facilitated transport is inversely proportional to membrane thickness,

while the current efficiency is unaffected by that parameter.

The equations for cell potential and current are sufficient for calculating the electric power, energy

efficiency, and carbon capture rates for the system at various operating conditions. The electric power and

net energy cost per unit CO2 are plotted as functions of CO 2 flux for a typical set of membrane physical

parameters. The energy penalty for carbon capture is surprisingly invariant with CO 2 flux when the flux is

in the range of 0.5 to 1.5 kg/m2/hr. For optimal performance, the cell should run near the upper limit of this

range because the membrane area can be as low as possible at high fluxes without excessive increases in

energy costs.
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.1 C o r -oI2.5 Solvent loss
The solvent for this kind of membrane must be a polar, aprotic organic solvent that will not break

down in the range of the redox potentials of the quinone. The neutral quinone, the dianion adduct, and the

supporting electrolyte should be highly soluble and mobile in the solvent. In addition, it must be non-

volatile and it must have a low viscosity (to minimize mass transfer resistance). As a result of these design

criteria and preliminary electrochemical experiments, propylene carbonate (PC) and dimethyl sulfoxide

(DMSO) have been selected as solvents for ECMS.

Even though PC and DMSO are ten times less volatile than water, preliminary results indicate that

an ECMS cell would bleed solvent at an unacceptably high rate.

At a temperature of 50'C, a cell designed to capture 100,000 kg/hr CO 2 would lose solvent at a rate

of 370 kg/hr for PC and 7900 kg/hr for DMSO. Assuming the gas flow channels are similar to those used

for fuel cells, one can expect flue gas residence times on the order of seconds. Collaborators at Siemens

showed that a residence time of 0.3 seconds is enough to reach equilibrium concentrations of solvent

(propylene carbonate) in the flue gas [unpublished results]. At this rate, the cell would lose at least 0.01 kg

solvent per kg of CO2 captured. Aside from the environmental impact of leaching solvent, solvent loss also

threatens the functionality of the cell. Any part of the electrode that is not wetted is not participating in the

facilitated transport process. Even a ten percent reduction in solvent may be enough to shut down the cell

completely.

Efforts to continuously replace the solvent in this system might introduce significant cost and

complexity. Ionic liquids are nonvolatile and could function as both solvent and supporting electrolyte.

However, the ionic liquid must be designed carefully because ionic liquids are often highly viscous. Recall

that the limiting current is directly proportional to the diffusion coefficients of the neutral quinone and the

dianion adduct. A tenfold increase in solvent viscosity (by switching to ionic liquids) imposes a tenfold

decrease in the limiting current density of the system by reducing the diffusivity. However, researchers in

the field are producing ionic liquids that can be optimized for electrochemical applications.
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The issue of solvent loss led to interest in electrochemical capture of CO 2 with alternative designs

that could address the solvent loss. A design with a flowing electrolyte was attractive for two reasons: (1)

in laminar flow, the system would be mass transfer limited within a thin boundary instead of the entire

membrane thickness, and (2) any solvent that evaporated could be more easily replenished in the recycle

stream. Research in to demonstration and optimization in the planar membrane configuration was

abandoned in favor of more novel designs (Chapter 3) and an alternative redox couple (Chapters 4,5,6).
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3 Design analysis of powered CO 2 capture in a flowing electrolyte
3. 1 Motivation and description

The switch from a stagnant, planar supported liquid membrane to a flowing electrolyte membrane

is advantageous for several reasons:

* A flow system is diffusion-limited only within a thin boundary layer instead of across the

entire membrane thickness.

* A recirculating electrolyte allows for easy replenishment/replacement of solvent, which is

important for an electrolyte that may evaporate (even slightly) under normal operating

conditions.

* A flowing electrolyte is not susceptible to the risk that solvent evaporation would disrupt

the electric circuit.

* A flow system has better mass transfer than a stagnant film, but under the right conditions,

laminar flow of the electrolyte prevents reactant crossover, which would effectively "short"

the circuit and reduce the current efficiency.

In this section, a numerical model is developed for a carbon capture device designed with laminar

flow of an electrolyte between two planar electrodes. One electrode is porous, and is the site of CO2

absorption. The other electrode is nonporous. Desorption of CO 2 happens in a separate flash tank. There

are several operating parameters, including cell voltage and the CO 2 concentration in the recirculating

electrolyte. Quantification of the energy requirements and carbon capture rate requires the ability to

quantify the current, potential, and CO 2 flux in the electrochemical cell. Therefore, a numerical model is

articulated and developed to inform the design analysis by providing those data as functions of operating

parameters. The design analysis produces estimates for the energy requirement of CO 2 capture using these

configurations, and it highlights those operating parameters that are most important for future design and

execution.

Experimental investigation was achieved for a subset of the ideas presented here. Section 4

highlights experimental results that validate the concept of coupling the quinone/dianion adduct
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electrochemical reaction to the ferrocene/ferrocenium electrochemical reaction. Chapter 5 contains

experimental results for the quinone-ferrocene system in a flow configuration in which the electrolyte

recirculates between two planar electrodes. Chapter 6 contains experimental results for the quinone-

ferrocene chemistry in a device where the electrolyte flows through two large porous electrodes.

The figure below shows a simplified schematic of a design that has a porous cathode.

Co 2

(gas diffusion cathode)
Flue gAs

Scrubbed gas

Figure 3.1 Simplified schematic of the laminar flow electrolyte cell configuration.

There is a porous, planar cathode at the lower interface (parallel to the flow direction), and the

black box at the top is the solid anode. The thick black arrow shows the path of the flowing electrolyte,

which flows continuously through the active zone (the space between the two electrodes) and gets

recirculated continuously. CO2 enters the gas diffusion cathode as part of the flue gas (green arrow) and the

scrubbed gas exits at the other end (teal arrow). CO 2 is absorbed at the porous cathode (shown as a red

arrow), and it desorbs at the downstream flash tank (the red arrow coming out of the blue box).

There is electrochemical reduction of the quinone at the cathode, and the dianion absorbs CO 2 from

the adjacent gas phase (flue gas). Upon oxidation, the dianion adduct desorbs the CO 2. Oxidation can

happen electrochemically at the anode or chemically, with a chemical oxidant. After oxidation, CO 2 is

desorbed across a free surface, and the electrolyte is regenerated and recycled to the cell entrance.

In this system, the dianion adduct never travels directly from the cathode to the anode in a single

pass. Rather, there are bulk, steady-state concentrations of C02, dianion adduct, and neutral quinone in the

middle of the flowing electrolyte. Each species moves from the bulk, across the diffusion boundary layers,
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to the electrode surfaces. The system should be designed to maximize mass transfer, current efficiency (in

terms of CO 2 captured per electron), and energy efficiency.

The remainder of this chapter begins with development of a numerical model and a design analysis

for the flow configuration. A description of the system in which the quinone/dianion is coupled to the same

chemical reaction at the anode is meant to orient the reader to the chemical activity that occurs at the

electrodes. Then, the coordinate system, the governing equations, and the boundary conditions of the model

are described. The results from numerical simulation for a typical set of operating conditions are presented

and discussed. The rest of the chapter is an exploration of the effects of several parameters on the cell

performance, namely the energy input and CO 2 capture.

3.2 The design of we eiectrochemical cell

This electrochemical cell operates with the same chemistry as the supported liquid membrane

(Chapter 2). An electrolyte composed of quinone, dianion adduct (and the cation to balance the charge),

and supporting electrolyte circulates continuously between two planar electrodes. One electrode is solid,

the other is porous. Figure 3.2 is a diagram of the electrochemical cell and the reactions that happen at each

electrode.

Q(C02)22.1 Q + 2e- + 2CO2

Q + 2e- + 2CO2  Q(CO 2 )2:

(gas diffusion cathode)

Figure 3.2 Schematic of powered capture of CO 2 in a flowing electrolyte with the quinone-dianion adduct
(Q-Q(C0 2)2

2-) couple. Quinone is reduced at the cathode, and absorbs CO 2 from the adjacent gas. Dianion adduct is
oxidized at the anode to desorb CO 2.

Since the electrochemical reactions are coupled to each other, the minimum, open circuit voltage

is only dependent on the relative amounts of CO 2 in the electrolyte and in the gas phase at the cathode
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boundary. Typically, the open circuit potential of a cell is the difference in the standard potentials of the

reactions at each electrode. In this case, those reactions are identical. If the CO 2 partial pressures at both

electrodes were equal to each other everywhere, then the open circuit potential of the cell would be zero.

The fact that they are (usually) different is the only reason the open circuit potential is nonzero. Even so,

the fact that there is no net reaction in the electrochemical cell should minimize the thermodynamic potential

component of the energy input.

The oxidation of the dianion adduct occurs at a solid anode, which means the desorbed CO 2 remains

physically in the electrolyte. This material is swept out of the system by advection. If the rate of oxidation

is high enough, it is possible to desorb so much CO 2 as to create regions in which the electrolyte is

supersaturated. When the total pressure of the electrochemical cell is at atmospheric pressure, then the

excess CO2 will evaporate out of the electrolyte when it encounters a free surface. This concept is

advantageous, because the more CO 2 that can be captured this way, the less energy is required to vacuum

off the remaining CO 2 to regenerate the electrolyte.

Figure 3.3 is a process flow diagram for the quinone-dianion chemistry in laminar flow between

two electrodes with the additional equipment to complete the system. The electrolyte, containing quinone,

dianion, dissolved CO 2, and supporting electrolyte, enters the electrochemical cell, and absorbs CO 2 at the

porous cathode. As it exits the cell, the electrolyte is split to create two streams: one that is supersaturated

in CO2, and one that is not. The electrolyte that is supersaturated released the extra CO 2 in a flash tank. The

electrolyte that exits this equipment is saturated in CO 2, and it recombines with the rest of the fluid before

moving to another flash tank. A throttle (not shown) is required upstream to regulate the pressure and

prevent the vacuum pump from sucking the electrolyte out of the cell and out of the other flash tank. The

vacuum pump removes the remaining C0 2, and pumps the electrolyte back up to pressure and back to the

cell inlet.
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Co 2
P =bar

+ (supersaturated) (saturated)
Q(CO2)2; Q + 2e- + 2CO2

Q + 2e- +12 Q(COA

(gas diffusion cathode) r
Flue gas

Scrubbed gas

Q Q(C0 2)2  CO

(vacuum)

Figure 3.3 Process flow diagram for quinone-dianion chemistry in laminar flow between two planar
electrodes. The electrolyte is split at the outlet, so that supersaturated CO 2 is collected at a flash tank, and a vacuum
tank collects the remaining CO2.

The concepts of supersaturated CO2 and minimal open circuit potentials are two important

advantages of this design.

3.2.1 Assumptions, coordinate system, and governing equations
The following assumptions are included in the numerical simulation of the electrochemical cell:

* Chemical solutions can be considered ideal and dilute.

* The dimensions of the membrane and electrodes are such that one can model the transport

as two-dimensional.

* The electrodes are treated as thin, which implies the electrochemical reactions are

approximately heterogeneous.

* The kinetics of electrochemical and chemical reactions are so fast that it is assumed the

species are in equilibrium at the electrodes.

* At the boundaries, the dissolved CO2 is assumed to equilibrate quickly with the CO 2 in the

adjacent gas phase. The concentration of dissolved CO 2 is assumed to follow Henry's law

behavior. [72]
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* The physical properties of the electrolyte remain constant Under the operating conditions.

* Local electroneutrality is assumed. Double layer effects are neglected.

* The di ffusivity of the dianion adduct is the ambipolar diffusivity for the dianion adduct and

the inert cations that balance the charge.

L

Figure 3.4 Coordinate system and dimensions for flowing electrolyte membrane. The origin is in the lower
left corner of the channel.

The modeling in this section employs the coordinate system shown in FigUre 3.4. Note that the

origin is in the lower left corner of the channel where the electrolyte flows. The cathode is modeled as a

vanishingly thin planar interface at y = 0. The anode is modeled as a thin planar interface at y = h.

There are six field variables in the model. Five of them are species concentrations. and the sixth is

the ionic potential. The five species are neutral quinone, dianion adduct, Unbound CO2 , inert anion, and

inert cation.

The governing equations for species concentrations all take the same form for a system at steady

state (Equation (66)). The vector N is the molar flux vector for species k.

V-AN4 =0 (66)

The molar flux is calculated using the Nernst-Planck equation (Equation (67)).

F
N = C -- D4 LC + z CC --< (67)

The governing equation for the electric potential is the equation for conservation of current.

i = 0 (68)
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The electric current is carried by dissolved ions, so the current density is the sum of ionic fluxes multiplied

by their charges and the Faraday constant (Equation (6)).

In a system modeled as locally electroneutral, the expression for that condition replaces Poisson's

equation as the sixth governing equation. The term Zk is the charge of species k.

IX':kCk = 0 (69)
k

In a dilute solution in which the movement of species does not affect the flow, the velocity profile

is decoupled from the mass conservation equations. The flow of the electrolyte is assumed fully-developed

everywhere, and the flow is always laminar flow. The Navier-Stokes equation is solved analytically, and

the velocity profile is treated as a model input. The velocity profile for this geometry is shown below. The

derivation of the velocity profile from the Navier-Stokes equation for this specific geometry is presented in

an appendix, Chapter 0.

v (y)=6U (70)

The velocity (v.) is a function of the average velocity (U) and the distance from the electrode wall

(y). The average velocity is a function of the pressure drop down the length of the channel, the channel

height (h), and the fluid viscosity (pt).

h 2 1 P
U = pg, (71)

In this work, the governing equations are solved numerically in two dimensions using a finite

volumes method. The spatial field (the flow channel) is discretized into a grid of nx by n. boxes. For each

one of the inn boxes, the discretized volumetric conservation equation for each species and for the current

is solved. Equation (72) is the species conservation for species k in the ith box. The tilde indicates a

dimensionless term.

0= Akj + Nki+-Nk I + NA -Nkjj (72)
Ai Ay A-

The "N" term is the dimensionless flux of species k across the face of the i"' box in the y- or x-

direction (denoted by the subscript). The boundary conditions determine the fluxes across the yz- and xz-
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planes at the boundaries. In the numerical model, the equations are integrated until the value of the time

derivative is zero. All results presented in this work are for systems at steady-state.

3.2.2 Boundary conditions
For clarity and brevity, each species is denoted by a subscript. The dianion adduct is "Q2", the

neutral quinone is "Q", the dissolved carbon dioxide is "CO-", the inert anion is "N", and the inert cation

is "P". The current is ".J'. The coordinates are non-dimensionalized by dividing by the channel height and

length.

x=J -L (73))h L
3.2.2.1 Inlet and outlet boundary conditions

The electrolyte at the inlet to the channel is a well-mixed fluid. The concentrations are equal to the

bulk values for all species at the inlet. The x-direction flux for the current is simply the sum of the x-

direction fluxes of the charged species, multiplied by their charges.

C, (i = 0,j)= c" (74)

Cc (i= 0,)= C, (75)

c1 ( = O')= H (76)

C, ( = 0) co(77)

C,, (i = 0,j)= - c + C4 (78)

J(i=O, j)= zkNk(i= 0j,) (79)
k

At the outlet, the flux of each species is set to its convective flux. The diffusive flux is set to zero. The outlet

boundary condition for the current is the same as the inlet condition.

N k('=1,)=Ck (= 14)(j) (80)

J =1, Z)= zkNk (T=1, f)(81)
k

3.2.2.2 Cathode boundary conditions imposed at y = 0
The cathode is the bottom wall of the channel. At the cathode, the neutral quinone is reduced to

form dianion adduct. Conservation of mass at the cathode interface implies that the flux of neutral quinone

must be equal and opposite to the flux of dianion quinone. The inert ions do not participate in Faradaic

reactions at either electrode, so their fluxes are zero at both electrodes.
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N), i,=0 -N ,{,9=0) (82)

NN,,(jj=0)=0 v,,i=0)=0 (83)

The cathode is porous, and exposed to the flue gas flowing through a graphite, gas-diffusion

electrode. Pressure changes in the flue gas are neglected, and that implies a constant partial pressure of

carbon dioxide in the flue gas. Mass transfer resistance in the gas phase is assumed negligible. Therefore

the partial pressure of carbon dioxide at the cathode interface is constant and equal to the partial pressure

in the flue gas. Dissolution kinetics are assumed fast, so the concentration of carbon dioxide at the cathode

interface is equal to the local partial pressure divided by the Henry's law constant. Mass conservation at the

interface requires that the net flux of carbon dioxide in to the electrolyte at the cathode boundary is the sum

of the flux from the gas phase and the flux from absorption by the dianion adduct.

Dco
Nco,(2,=0)= C (cO (y=0 )-C* 2N 2l( ,(i=0) (84)

The flux of carbon dioxide is proportional to twice the flux of dianion adduct because the dianion

absorbs two molecules of carbon dioxide per molecule of quinone. The term "C*ff" is a ghost point that is

not exactly equal to the carbon dioxide concentration at the interface. In this method of finite volumes, a

concentration is imposed at the interface by creating a "ghost point" (denoted by an asterisk). The ghost

point is the concentration of carbon dioxide in an imaginary finite volumes box at the same x-position, but

on the other side of the interface. The concentration at the cathode interface is the average of the ghost point

and the nearest point in the channel, which is indicated by "y = 0". The average of these two concentrations

is equal to the boundary concentration; that is, the average is equal to the partial pressure in the flue gas

divided by the Henry's law constant for the electrolyte.

The boundary conditions for the dianion and ionic potential are coupled to each other and to local

concentrations through a system of equations that describe the electron flux across the cathode interface.

The potential drop across the interface (Aye) is defined as the potential of the cathode (qe) minus the ionic

potential in the electrolyte at the boundary (p(v=O)). This potential drop determines the ionic potential at

the boundary.
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AO, =#, -#(f =0) (85)

This potential drop is a function of the equilibrium potential difference and the activation overpotential.

The equilibrium potential difference (AgpeJ) is a function of the standard potential (Atp0 ) and the local

concentrations according to the Nernst equation.

O(= 0)0 (Y=O)i0RT SCfy 0$O,( 0A#= A + -In r ~0(86)
n F C-2 (Y = 0)

The activation overpotential (?ij) is equal to the electrode potential drop minus the equilibrium potential

drop.

r7c = AO, - A#7 (87)
The magnitude of the dianion adduct flux at the cathode is equal to the reaction rate. The reaction

rate is coupled to the location concentrations, the exchange current density, and the activation overpotential

through the Butler-Volmer expression (Equation (88)).

NQ 2 (p = 0)=- (C 2) _(CQC O ) [e" - 1 (88)

Combined, Equations (85) through (88) are a system of equations that determine the dianion flux

and the ionic potentials at the cathode explicitly. Note that the cell potential is equal to the potential of the

anode minus the potential of the cathode, and the cell potential is an operating parameter. In practice, the

cathode is chosen as the grounded electrode, so its electric potential is always zero. The anode potential is

set to the cell potential. Electric resistances external to the cell are neglected.

For this analysis, the reaction kinetics are assumed fast relative to the transport resistances. For the

numerical simulations, the exchange current density is set to be a value that is high enough for kinetic

overpotentials to be minimal.

3.2.2.3 Anode boundary conditions imposed at y = h
The anode is the top wall of the channel. At the anode, the dianion adduct is oxidized and the carbon

dioxide is desorbed. Neutral quinone and carbon dioxide are "produced" at the anode. Conservation of mass

at the anode interface implies that the flux of neutral quinone must be equal and opposite to the flux of

dianion quinone. The inert ions do not participate in Faradaic reactions, so their fluxes are zero.
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(89)

NNJ,( 1)= 0 Np(y =1)= 0 (90)

The anode is a solid, nonporous electrode. Mass conservation at the interface requires that the net

flux of carbon dioxide must be proportional to twice the flux of dianion adduct.

Nco- (5= 1) = -2N, ( = 1) (91)

The boundary conditions for the dianion adduct and the ionic potential are coupled to each other

and to local concentrations through a system of equations analogous to those presented in Section 3.2.2.2.

This system of equations includes an equation for the potential drop across the interface (Aqp,), the

equilibrium potential drop (Aqoa" ), and the activation overpotential (j").

A#, = # -#(f =I) (92)

__RT -?=)5 y=l)1 AOaq= ~ + R n ~C (930,naF I C)2 (Y (9=1)

Aq , =q- A~e (94)

The magnitude of the dianion quinone flux at the anode is equal to the Faradaic reaction rate, which is

described by the Butler-Volmer equation.

NQ2 (j5 = 1) = jO (CQ2)a (CCe 0  " ) "-a [ "- e-"I" (95)

As mentioned in Section 3.2.2.2, the cathode is chosen as the grounded electrode, so its electric

potential is always zero. The anode potential is set to the cell potential. Electric resistances external to the

cell are neglected. All reaction kinetics are assumed fast relative to the transport resistances, so the exchange

current density is set to be a value that is high enough for kinetic overpotentials to be minimal.

3.2.3 Results and discussion
The numerical simulation of the system solves the equations described in Sections 3.2.1 and 3.2.2,

and it is written in Python. The code uses "N umPy" and "DAE Tools". NumPy is an extension that allows

for computation using large, multidimensional arrays and useful mathematical functions [73]. DAE Tools

is a software package that was used for solving simultaneously the system of nonlinear differential

equations [74]. For this work, the simulations were performed under conditions of constant cell potential,
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and the solutions to the governing equations produce a quantitative current as a result. Mathematically, it

is equally valid to integrate the equations under conditions of constant current to produce a quantitative cell

potential.

The numerical simulation solves for the ionic potential and the species concentrations in the two-

dimensional space of the flow channel. Also, the simulation produces a set of values for current, potential,

and carbon dioxide flux. These numbers are important in the context of the larger system for carbon capture,

which includes two flash tanks and two pumps. For this system, the two key performance metrics are energy

cost per unit carbon dioxide, and carbon capture rate per unit depth. After discussion of a specific set of

results from the numerical model, certain design parameters are evaluated for their impact on these

performance metrics.
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3.2.3.1 Analysis of concentrotion andflux profiles for a singleset of parameters
Table 2 contains the simulation parameters and their nominal values for numerical modeling of the quinone-

dianion system.

Table 2 Simulation parameters and values for quinone-dianion system

Name Symbol Value
(Time stamp 154216)

Length L 0.05 m
Height h 0.01 m

Boxes, x-direction nx 35
Boxes, y-direction ny 35

Diffusivity, neutral quinone DQ 7 x 10-10 m2/s [75]
Diffusivity, dianion quinone DQ2- 7 x 10-10 m2/s

Diffusivity, inert cation DP I x 10- m2/s (estimated)

Diffusivity, inert anion DN I x 10-1 m 2/S (estimated)
Diffusivity, CO2 in DMSO DcO2 5 x 10-1 m2/s [69]

Diffusivity, CO2 in gas phase Dc02,g 1.69 10-5 m2 /s [68]
Cell voltage V 0.25 Volts

Average fluid velocity U = Uavg 7E-4 m/s

Concentration, quinone, bulk CQO 0.1 M
Concentration, dianion, bulk CQ20  0.1 M

Concentration, inert anion, bulk CN0  0.2 M
Concentration, inert cation, bulk CPO 0.4 M

C02 saturation electrolyte 0.2 bar

Total pressure P I bar

Partial pressure CO2 in flue gas Pc 0.15 bar

Henry's law constant, CO 2 in DMSO, 20'C H 17.54 bar/M [76, 77, 78, 79, 80]
Standard potential, cathode reaction Apco 0
Standard potential, anode reaction Apa0  0
Exchange current density, cathode jC0  I x 108 A/m 2

Exchange current density, anode jlo Ix 108 A/m2

Alpha, Butler-Volmer, cathode Cc 0.5

Alpha, Butler-Volmer, anode aa 0.5
Charge, inert cation zP +1

Charge, inert anion ZN -1

Temperature T, Tref 298 K (25 0C)
Dref DQ
Cref I M
Nref 1000*cref*Dref/Lref
Lref Ly
Jref E*Navo/Nref

Currref Jref*Lref

The numerical simulation solves for the ionic potential and the species concentrations in the space

of the flow channel under the conditions listed in Table 2. For clarity, the concentration maps are presented
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as dimensionless concentrations. The quinone and dianion adduct concentrations are scaled to their bulk,

inlet concentrations (Ca). The CO2 concentration is scaled to its solubility limit in the electrolyte. This

means that the system is supersaturated when the dimensionless CO2 concentration (A) is greater than one.

C() A CO
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Figure 3.5 Dimensionless concentration at every position in the flow channel. The dianion adduct and

neutral quinone concentrations are scaled to their bulk, inlet concentrations. The CO2 concentration is scaled to the

solubility limit. The operation parameters that produce these results are listed in Table 2.

Figure 3.5 contains the two-dimensional, dimensionless concentration profiles for dianion adduct,

neutral quinone, and carbon dioxide. The color bars are set so that higher concentrations appear darker, and

lower concentrations are lighter. The aspect ratios of the figures match the aspect ratio of the system itself.

As expected, the gradients in concentration are confined to thin boundary layers near the electrode. The

carbon dioxide boundary layer is thicker than either quinone layer because the diffusion coefficient for

dissolved CO2 is higher than that of either quinone.

There is enrichment of the dianion adduct in the boundary layer near the cathode (bottom), and

depletion at the anode. The opposite is true for the neutral quinone. For these specific simulation parameters,
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the concentrations of dianion and neutral quinone approach zero (white) near the anode and cathode,

respectively. The system is nearing limiting current when the concentration of a reactive species nears zero

at the surface. Because the reactions are the same at both electrodes, the quinone approaches a

dimensionless concentration of two in the enrichment layer at the same time it approaches zero as it

depletes.

Note that in the plot for carbon dioxide, the dimensionless concentration is greater than unity near

the anode. Recall that the CO2 concentration is scaled to its solubility limit, rather than its bulk

concentration. The local concentration of CO 2 in the electrolyte is higher than its solubility limit anywhere

the dimensionless concentration is greater than one. One should expect bubble formation anywhere that the

concentration is higher than the solubility limit. The nucleation and growth of bubbles depends on the

degree of supersaturation, and the viscosity of the fluid. In Figure 3.5, it is clear that the rate of oxidation

and desorption is fast enough to supersaturate the electrolyte under these conditions.

The carbon dioxide flux in the electrolyte at the cathode surface is the net flux that balances the

rate of absorption by the quinone and the rate of physical absorption (or desorption) relative to the adjacent

gas phase. Diffusion in the gas phase is assumed to be significantly faster than diffusion in the liquid phase.

This assumption is justified by the fact that the diffusion coefficient is estimated to be at least three orders

of magnitude higher in the gas phase (Table 2, [68, 69]). Physically, this implies that it is never possible to

deplete the carbon dioxide at the electrolyte surface faster than it can be replaced from the gas phase.

Therefore, the flux at the cathode is determined by two parallel processes: absorption by the dianion, and

physical dissolution. The partial pressure of the CO 2 dissolved in the electrolyte (k) relative to the partial

pressure in the gas phase (p,) determines the rate and direction of physical absorption/desorption. In this

particular simulation, the partial pressure of CO 2 in the electrolyte is 0.2 bar, while the flue gas has 0.15 bar

partial pressure. Since the electrolyte has a greater CO 2 partial pressure, there is some diffusive flux of

carbon dioxide toward the gas phase. As long as the rate of absorption by the quinone is greater than the

rate of diffusion, then the system will achieve net absorption of carbon dioxide.
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Chemical absorption of carbon dioxide via quinone occurs at the cathode surface. The rate of

chemical absorption by the quinone relative to the rate of physical absorption (or desorption) by the

electrolyte determines the net flux of carbon dioxide of the electrochemical cell. Figure 3.6 shows the net

molar flux of carbon dioxide and the net molar flux of electrons (the current) at the cathode surface as

functions of position along the channel.
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Figure 3.6 Net flux of carbon dioxide (solid line) and electrons (dashed line) as functions of position along

the cathode. The operating conditions are those listed in Table 2. The ordinate has units of Flux x 103 mole/m 2/s.

The net flux of carbon dioxide is the solid line in Figure 3.6. The fact that the flux is positive along

the entire channel length means that the rate of absorption by quinone is significantly higher than the rate

of physical desorption from the electrolyte for this set of operating conditions (Table 2).

The concept of current efficiency refers to the amount of carbon dioxide captured relative to the

amount of electrons transferred to perform that capture. The distance between the lines in Figure 3.6

indicates the degree of current efficiency. Physically, the difference occurs because there is some flux of

carbon dioxide based on physical solubility and local concentrations. The closer the two lines are to each

other, the more efficient the system. The best possible scenario is one in which the rate of electron transfer

to carbon capture is 1:1. It is also possible to operate under conditions where the ratio is less than 1:1

(meaning less than I mol electrons per I mol CO 2 captured). In practice, the design must balance current

efficiency and energy efficiency. If the energy cost of operating at a better current efficiency is too high,

the energy efficiency will suffer.
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The electron flux at the electrode is equal to the current at that position. Figure 3.7 is a plot of the

current density as a function of position along the electrode.
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Figure 3.7 Current density, A/rn 2 , as a function of position along the cathode.

The shape of the curve in Figure 3.7 is typical of systems that involve laminar flow past a flat,

reactive boundary, and it mirrors the shape of the boundary layers shown in Figure 3.5. The flux is highest

near the entrance because the boundary layers are thinnest there. Moving in to the cell, the boundary layer

thickness increases according to the square root of position. This functional form is important to cell design.

Making the cell longer in the flow direction will increase the total current. At the same time, the marginal

increase is less than one because the boundary layer continues to get thicker and the flux continues to drop

as the cell gets longer.

3.23.2 Analysis of stream break
The results in Section 0 show that it is possible to achieve a region that is supersaturated in carbon

dioxide. One can isolate this region for downstream treatment by splitting the electrolyte fluid stream at the

channel outlet (see process flow diagram in Figure 3.3). Some carbon dioxide is collected at the first flash

tank at 1 bar total pressure. The rest is collected at the second flash tank using a vacuum pump to provide

an evaporative driving force. Optimal position of the stream break is the one that maximizes the relative

amount of carbon dioxide captured at the first flash tank. Figure 3.8 shows the amount of CO 2 captured in

the first flash tank, as a percent of total CO2 captured, as a function of the position of the stream break.
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Figure 3.8 Percent of all CO 2 captured that is captured at the flash tank at I bar total pressure. The x-axis is

the position of the stream break relative to the channel height (zero is the cathode, 1 is the anode).

The percentage of carbon captured at the first flash tank peaks at a position near the anode surface.

To the right of this peak, the relative amount drops because some supersaturated fluid is "wasted" when it

mixes with the sub-saturated fluid and goes to the vacuum flash. To the left of this peak, the relative amount

drops because some sub-saturated fluid mixes with the supersaturated fluid so that some excess carbon

dioxide dissolves in the fluid rather than evaporating in the first flash tank. The percentage of CO 2 is highest

at the height at which the electrolyte is exactly saturated. Figure 3.9 shows the dimensionless CO 2

concentration as a function of position at the channel outlet.
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Figure 3.9 Dimensionless concentration profile for carbon dioxide leaving the channel. The concentration is

scaled to C0 , the solubility limit for these conditions. The dashed line is placed at a value of one to show the location
of CO2 concentrations equal to one.
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Taken together, Figure 3.8 and Figure 3.9 prove that the optimal position for the stream break is

the height at which the electrolyte is exactly saturated. For the rest of this analysis, the stream break is

always placed at this position.

3.2.3.3 Calculating total energy of capture
There are three major components in the calculation of total energy required to capture carbon

dioxide in the quinone-dianion system:

(I) The electric work (power)

(2) The shaft work of the pump that re-compresses the electrolyte after the vacuum flash tank

(3) The shaft work of the vacuum pump that evacuates the vacuum flash tank and compresses the

carbon dioxide that evaporates.

The electric power, W',eC, is simply the product of the current (1) and the cell voltage (P). The

current is reported as Amps per unit channel depth, and the power is reported as power per unit channel

depth.

Wec IV (97)
One of the pumps re-compresses the electrolyte from the total pressure of the vacuum flash (k) to

the total pressure of the channel (I bar, atmospheric). The electrolyte is assumed incompressible under these

conditions. Therefore, the fluid density is constant and independent of pressure. Any temperature changes

in the pumped fluid are assumed to be negligible. It is also assumed the fluid properties are insensitive to

temperature and pressure changes. The shaft work is calculated by calculating the isentropic work of

pumping, f""serop'c and then correcting for the pump efficiency.pumping, WSpumping

j" Yinntropic =JAP =(Uh)( P - A) (98)

The term V is the volumetric flow rate of the fluid, and AP is the discharge pressure (P, 1 bar

absolute) minus the suction pressure (X, bar). The actual shaft work, W ,Pumpig, is equal to the rate of

isentropic work divided by the efficiency of the pump (q). For this analysis, the liquid pump efficiency is

assumed to be 0.75.
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isentropic

p s,pumpmng (99)

The second pump calculation is for the vacuum pump to evacuate the flash tank down to its

operating pressure of lamda (), bar). The pump compresses the carbon dioxide that evaporates to a total

pressure of I bar.

The shaft work for the vacuum pump is based on the isentropic work of compressing an ideal gas,

isentropic.IG , and corrected by the pump efficiency (11 ..). The equation below is the calculation of work

required to perform isentropic compression of an ideal gas.

isen ropic.G yRT P (100)

Y = p (101)
Ct7

The term h is the molar flowrate of gas through the vacuum pump, R is the universal gas constant,

and T is the temperature (K). The term y is the ratio of the constant pressure heat capacity (Cp) to the

constant volume heat capacity (Cv) (Equation (10 1)). The value of y for CO2 and other simple polyatomic

gases is approximately 1.3 [81].

Isentropic efficiencies for vacuum pumps (r7va,) are approximately 0.4 to 0.55 when the suction

pressure is in the range of 40 torr (0.053 bar) to 150 torr (0.2 bar) [82]. For this work, the calculations were

performed for several values in this range. In general, the pump efficiency did not affect the design concepts,

even though it certainly affected the quantitative value. For brevity, only the results for the most efficient

vacuum pump (value of 0.55) are reported in most cases.

3.2.3.4 Design analysis of stream break, cell potential, saturation, and channel height
The current, cell potential, and rate of absorption are determined using the numerical model. The

rate of power and shaft work for the two pumps is calculated using the equations in Section 3.2.3.3.

Together, these results describe the performance of the quinone-dianion system with a given set of operating

parameters. What follows is an exploration of a subset of those parameters and their impact on the energy

cost of capture.
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Figure 3.10 Total power requirement (Watts per meter of channel depth) as a function of the position of the

stream break (relative to the total channel height) for four different vacuum pump efficiencies.

Figure 3. 10 shows the total power consumption of the system as a function of the position of the

stream break. Each line represents a different value of the vacuum pump efficiency. The results show the

impact of the stream break position and the vacutum pump efficiency relative to the total power

constLm1ption. For all four efficiencies tested, the effect of the stream break optimization is small but

si"nificant. The position of the stream break determines the relative amounts of carbon dioxide that are

collected at the first flash tank (negligible energy cost by itself) and the vacuum pump. Equation (100)

shows that the shaft work of the vacuum pUmp is proportional to the amount of carbon dioxide pumped,

which changes with the position of the stream break. The change in the molar flow rate of CO2 to the

vacuum pump is relatively small compared to the total value, which is also small.

The efficiency of the vacuum ptImp is expected to be in the range of 0.4 to 0.55. The total power is

approximately 0.745 W/m for the most efficient pump and 0.775 W,/m for the least efficient vacuum pUmp.

Therefore, the difference in power requirement is estimated to be approximately 4% of the total energy

reqUirement.

Regarding design parameters, the results so far show the impact of channel length, stream split

position, and vacuum pump efficiency on the overall performance of the cell. The impact of the cell

potential (V) is interesting and not obvious. The "I-V" curve for this system is similar to that of any other

diffusion-limited cell, and has the same shape as the planar membrane curve (FigUre 2.). At low values,
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the current increases linearly with potential. When the potential is high enough that current is near the

limiting current, the marginal increase in current as a function of potential approaches zero. Holding

everything else constant, CO 2 capture increases with increasing current. The energy cost also increases with

increasing current and potential. Figure 3.11 shows the total energy cost per mole of carbon dioxide as a

function of the cell potential.
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Figure 3.11 Total energy requirement, kJ/mol CO 2 captured, as a function of applied cell potential for an inlet
CO2 partial pressure (X) ranging from 0.1 to 0.3 bar.

The relationship between energy and cell potential (Figure 3.11) has some interesting features.

First, the energy cost spikes at low potentials. At low voltage, the current is very low, which means the rate

of CO 2 absorption by the quinone is also low. At the same time, the rate of physical absorption (or

desorption) is unaffected by cell potential. As a result, at low potential (and current), the net rate of carbon

capture via chemical absorption approaches zero, which means the energy per unit CO 2 increases

exponentially. When the CO 2 in the electrolyte is high enough (red curve, k=0.3 bar CO 2 partial pressure),

the rate of physical desorption is so high that if one were to operate at low current, the net rate of carbon

capture would be negative.

Moving along the x-axis in the direction of increasing potential, there is a clear drop in the energy

cost of capture from a cell potential of 0.5 V to 1.5 V. This region is consistent with the region in which the

current increases as a roughly linear function of potential. Figure 3.12 contains the same data as the previous
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figure. To show more clearly the behavior at higher potentials and lower total energy, the y-axis only

includes values between 0 and 150 kJ/mol CO2.
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Figure 3.12 Total energy requirement, kJ/mol C0 2, as a function of applied cell potential for an inlet

saturation pressure (X) ranging from 0. 1 to 0.3 bar. The ordinate is limited to the range of 0-150 kJ/mol CO2 .

Closer examination of Figure 3.12 reveals that the local minimum value of total energy cost occurs

at a cell potential of approximately 0.2 V. The location of the minimum cell potential corresponds to the

location of the inflection point in the I-V curve. At potentials higher than 0.2 V, the marginal increase in

energy is greater than the marginal increase in current, so the overall energy efficiency goes down.
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Table 3 shows that the minimum energy values occur at approximately the same cell potential,

regardless of the inlet saturation. The fact that the minimum value occurs at the same cell potential,

regardless of CO 2 partial pressure, is explained by the fact that the current at a given potential is unaffected

by CO 2 concentration (unless that concentration is very close to zero). Note that the partial pressure of

carbon dioxide in the cathode is 0.15 bar for all of these simulations. This means that the cell potential that

minimizes the energy cost per mol CO 2 is unaffected by the current efficiency within the range of 0.1 to 0.3

bar.
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Table 3 Select values
Figure 3 .12).

from data describing total energy requirement as a function of cell potential (from

Inlet saturation, X, bar 0.1 0.2 0.3

Cell potential, V 0.2 0.2 0.2

Carbon capture rate, 1.03 x 10' 9.37 x 10-6 8.41 x 106
moles/m/s

Total power 0.768 0.665 0.590
requirement, W/m

Current, A/m -1.05 -1.06 -1.07

Electric power (IV), 0.209 0.2 12 0.214
W/M

Shaft work, liquid pump, 0.420 0.373 0.327
W/m

Shaft work, vacuum 0.139 0.0801 0.0496
pump, W/m

It is interesting to note that for liquid partial pressures in the range of 0.1 to 0.3 bar, the total
energy requirement decreases as a result of increasing CO 2 concentration. This result is
counterintuitive because the net CO 2 flux decreases in response to increasing CO 2

concentration and therefore the current efficiency decreases with increasing CO 2

concentration.
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Table 3 includes the rate of carbon capture, the current, and the values for individual energy inputs

at a cell potential of 0.2V and CO 2 partial pressures of 0.1, 0.2, and 0.3 bar. The reason the total energy

decreases as the inlet concentration increases is because the largest contributor to the energy is the energy

to re-pressurize the electrolyte after the vacuum flash tank. This energy term is directly proportional to the

total pressure of the vacuum flash tank, which is equal to the CO 2 partial pressure in the electrolyte. The

decrease in the pump work is greater than the decrease in the rate of carbon capture, and the other energy

inputs are relatively unchanged. Together, the system operates more energy efficiently at higher inlet

concentrations, within this range.

Figure 3.13 shows the total and individual energy requirements as functions of cell potential,

holding all other parameters constant. The concentration of carbon dioxide in the electrolyte is in

equilibrium with a partial pressure of 0.2 bar (X = 0.2 bar). At all cell potentials, the largest contributor to

the total energy is the energy required to power the liquid recompression. As the cell potential increases,

the electric energy cost per mol CO 2 increases and the liquid pump value decreases. The volume of fluid

moving through the liquid pump is mostly unaffected by the current. Increasing current increases the region

of supersaturation, which increases the volume of the supersaturated stream relative to the volume that goes

from the cell to the vacuum flash tank. However, the magnitude of that effect is relatively small to the total

liquid volume, so changes in it don't affect the shaft work required to pump the liquid very much. Instead,

the energy cost per mol CO2 of the liquid pump drops dramatically because the rate of carbon capture

increases dramatically in this range, so the pumping energy is being divided by a larger and larger

denominator.

The results in Figure 3.13 provide another explanation for increasing energy efficiency as a function

of increasing cell potential. The electric energy per mol CO2 (dashed line) increases with increasing cell

potential. If this were the only energy requirement of the system, then optimal operation would require

minimizing the cell potential. However, the shaft work to pump the liquid is another, and larger, energy

requirement of the system. The energy cost of pressurizing the liquid decreases with increasing cell
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potential because the rate of carbon capture is increasing. Therefore, the dominant contribution of the liquid

pump drives the overall energy efficiency downward.
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Figure 3.13 Energy requirement, ki/mol CO2, of the major equipment components of the system. All

operating conditions are listed in Table 2, except the applied potential varies from 0 to 0.3 V, and the adiabatic
efficiency for the vacuum pump is assumed to be 0.55. The inlet saturation is 0.2 bar.

While energy efficiency is an important performance metric, the rate of carbon capture per unit

depth determines the size of the equipment in the system. Therefore, the carbon flux serves as a proxy for

capital cost. It is important to balance energy efficiency with flux in order to optimize the overall cost of

carbon capture. Figure 3.14 shows the rate of carbon capture, in kilograms per hour per meter depth, as a

function of cell potential and CO 2 partial pressure in the liquid (k).
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Figure 3.14 Rate of CO 2 capture, kg/hr/m depth, as a function of cell potential (x-axis) and inlet saturation

(line color).
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The rate of carbon capture is a strong function of cell potential because it is a strong function of
current. The inflection point at approximately 0.2 V is in alignment with the results for energy
efficiency as a function of cell potential. The quantities in
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Table 3 show that the change in the rate of carbon capture at fixed potential is linear with respect

to changes in the inlet CO 2 partial pressure. When the inlet saturation increases by 0.1 bar, the rate of carbon

capture decreases by 1x106 mol/m/s. In terms of optimization, this model is useful because it allows for

quantifying the relative changes in energy cost and capital costs as functions of inlet saturation and cell

potential, among other parameters.

Changing the height of the channel changes the energy and mass transfer profiles of the system.

Since mass transfer is confined to a thin boundary layer near the electrode, the bulk of the fluid in the

electrolyte does not participate in carbon capture. At the same time, the ohmic losses are proportional to

concentration and distance. In the bulk of the fluid, the concentrations are constant. Therefore, within a

certain range, decreasing the channel height should decrease the energy cost in two ways: (I ) it reduces the

ohmic losses at constant concentration, and (2) it reduces the total amount of fluid that needs to be pumped,

and therefore reduces the pumping energy requirements. Figure 3.15 contains data for the energy penalty,

in units of kJ/mol CO2, as a function of channel height.
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Figure 3.15 Energy cost, ki/mol CO2 as a function of channel height (m). Values are shown for 0. 1 bar (circle)
and 0.2 bar (triangle) CO 2 partial pressures.

The data indicate the range of channel heights that minimize the energy cost per mole CO 2 holding

all other parameters constant. For these operating parameters, a channel height of 5 mm minimizes the

energy cost per mole CO2 . Channel heights less than 5 mm are inefficient because the boundary layers
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begin to touch or cross each other. Specifically, for channel heights less than 5 mm, the carbon dioxide

desorbed at the anode diffuses across the channel and reduces the carbon dioxide flux at the cathode. As a

result, the net amount of carbon captured decreases, and the energy efficiency decreases. On the other hand,

channel heights greater than 5 mm are less efficient because the space is filled by bulk fluid that leads to

greater ohmic losses and greater pumping costs. Note that the channel height of 5 mm is necessarily

sensitive to the channel length because the maximum boundary layer thickness is a function of channel

length. For shorter channels, the maximum boundary layer thickness is lower (at the same flow rate), so the

channel height can be shorter. Also, as the channels get shorter, the concept of frictional losses to the

electrolyte must be addressed. This will require higher pressures to force the electrolyte through the channel,

and therefore increase the overall energy cost.
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Figure 3.16 Rate of carbon capture, kg/hr/m depth, as a function of channel height. Values are shown for 0.1

bar (circle) and 0.2 bar (triangle) CO 2 partial pressures. Cell potential is 0.2 V.

Changing the channel height affects the rate of carbon capture in addition to the energy cost per

mol CO2. In Figure 3.16, the rate of carbon capture is plotted as a function of channel height. The current

through the cell increases monotonically with decreasing channel height at constant potential. Current

increases steadily because a smaller channel height reduces the ohmic losses. When potential is fixed, lower

ohmic potential drops can be balanced with greater concentration polarization, and therefore greater current.

Also, the rate of carbon capture increases with decreasing channel height, but only down to 5 mm. Channels
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thinner than 5 mm capture less carbon dioxide because the overlap of the CO 2 boundary layers reduces the

net capture rate of the system.

3.2.4 Conclusions from numerical simulation and design analysis of quinone-dianion system
The design for a novel system of continuous carbon capture using a quinone as an electrochemical

sorbent is introduced. Specifically, the quinone-dianion reaction occurs symmetrically at two electrodes,

one porous and one solid. During operation, carbon dioxide is absorbed at the porous cathode and desorbed

at the solid anode. In this design, it is possible to have regions near the anode where the electrolyte is

supersaturated in carbon dioxide. As a result, a complete carbon capture system should have two flash tanks

at different pressures to desorb and collect the carbon dioxide. The electrochemical cell and one flash tank

should operate at atmospheric pressure. The second flash tank is a vacuum flash, where any remaining

carbon dioxide is collected via vacuum pump and the electrolyte is regenerated.

Evaluation of the "quinone-dianion" system as a carbon capture technology requires quantification

of the energy and carbon capture rate as functions of operating parameters. A numerical simulation was

developed that calculates the concentrations of all species, and the resulting current and ionic potential. All

of those variables are coupled to each other. The assumptions, governing equations, and boundary

conditions for this model are described, and results for a typical simulation are presented and discussed.

The numerical model provides reliable quantification of the electric energy demand and rate of carbon

capture of the electrochemical cell. The design analysis was completed by quantifying the additional energy

demand of the two pumps that make up the two other major system components.

The performance metrics for this system are the energy cost per mole carbon dioxide, and the

overall rate of carbon capture (which acts as a proxy for capital cost). The design analysis shows clearly

that the position of the stream break has a relatively small impact on the overall performance of the cell.

The efficiency of the vacuum pump has a small, but significant and predictable impact on the overall system

performance. Assuming no significant cost differential between less and more efficient vacuum pumps, the

more efficient pump makes for a more efficient system of carbon capture.
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The design impacts of the cell potential and the CO2 bulk concentration are significant and

surprising. Results show clearly that there is a cell potential that optimizes the energy cost per mole carbon

dioxide. While electric energy demand increases monotonically with increasing cell potential, the rate of

carbon capture increases exponentially as a function of this parameter. The impact of the carbon capture

rate is greater than the increase in electric power demand, so the overall energy requirement decreases with

increasing cell potential. The carbon capture rate increases monotonically with increasing cell potential, so

one can expect the size of the system to have a comparable behavior.

Within the range of 0.1 to 0.3 bar, increasing the electrolyte saturation tends to decrease the overall

energy requirement. While the increased electrolyte saturation tends to decrease the current efficiency, it

reduces the pumping demand by a much greater margin, which makes the entire system more energy

efficient. At the same time, the saturation parameter must be chosen to balance consideration for equipment

size and capital cost.

Optimization of cell performance can be facilitated by optimization of the channel height. Under

the conditions simulated in this work, the channel height that minimizes energy cost also maximizes carbon

capture (both at fixed cell potential).

Future work in this area should focus on the impact of sorbent and electrolyte concentration first,

and on the impact of optimal chemistry in general. The rate of carbon capture is a strong function of current,

and the current is a strong function of the dianion concentration. The current at the electrode is carried

entirely by the dianion adduct because that is the only species that is charged and that participates in

Faradaic reactions. By inspection, one would expect that the optimal concentration is the highest possible

quinone concentration that does not break the solubility limit at a given temperature. However, it is

important to account for the supporting electrolyte, and its effect on the ohmic losses. The relative changes

in ohmic losses and overall cell performance as functions of the relative and absolute amounts of the ionic

species will determine the overall performance along this axis.
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Future work should also investigate the performance and properties of the system at elevated

temperature. Increasing the temperature will have several competing effects on the cell performance, and

the design analysis can tease out the dominant behaviors. Increasing the operating temperature will increase

the cell potential and the shaft work of the vacuum pump. For those reasons, increasing temperature reduces

energy efficiency. At the same time, increasing the operating temperature should increase the diffusivities

and solubilities of the quinones and the electrolyte, which will increase current and carbon capture rate. It

will also reduce the overall viscosity, which should reduce frictional losses along the channel. Increasing

temperature should also decrease the solubilities of the gaseous species. Reducing the gas permeabilities

(up to a point), should enhance performance by increasing current efficiency and making it easier to

supersaturate the electrolyte.

To conclude, this model provides some valuable information for designing a system for carbon

capture, and fertile ground for future work.
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4 Quinone-ferrocene as a reversible redox couple for CO 2 capture
4.1 Motivation for and description of new chemistry

Demonstration of CO 2 capture in any of these cell designs requires a mixture of the two central

electroactive molecules. Experiments with cells designed for the quinone-dianion redox couple require the

creation of an electrolyte mixture containing the neutral quinone and its dianion counterpart. In this work,

9,1 0-phenanthrenequinone (PQ) was typically the first choice for experiments, with the occasional use of

1,4-naphthoquinone (NQ) as an alternative. Recall that Simeon had highlighted these species as having

electrochemical properties that are favorable for this application (Section 1.4, Figure 1.2). Both of these

species can be purchased from Sigma Aldrich.

The major challenge in any of these experiments was the need for the dianion adduct. It is currently

not possible to buy the dianion form of any quinone species, let alone the PQ or NQ variant. Therefore, the

dianion form must be produced in the lab. There were four major attempts at this synthesis, and that work

is summarized in Chapter 11: "Appendix: Experimental attempts at dianion quinone synthesis".

Table 4 Table of attempts to produce a stable salt of dianion quinone and the results.

Attempt Result

Deprotonate hydroquinone using Failed: pyridine is not basic enough to abstract either proton from
pyridine hydroquinone in dimethyl sulfoxide.
Deprotonate hydroquinone using Failed: TEA should be basic enough (even in DMSO) to remove at
triethylamine (TEA) least the first proton. Time-lapsed data of CO 2 absorption show a

difference in absorption kinetics of this mixture as compared to
mixtures of either isolated TEA or isolated hydroquinone.
Electrochemical experiments were either inconclusive or
unproductive. TEA might be electrochemically active at the relevant
potentials.

Electrochemical reduction of Produced a mixture of quinone and dianion that was used in the
quinone in "flow battery "flow battery configuration" to capture CO 2. However, experiments
configuration" with sacrificial are time-consuming and it is difficult to transfer the electrolyte out
mixture of supporting electrolyte of the "flow battery" apparatus, which limits the scope of
as the counter electrode. experiments.
Electrochemical reduction of Reduced the quinone, and oxidized the ferrocene, but it was
quinone in "bulk electrochemical impossible to remove the electrolyte from the cell without exposing
cell" using ferrocene as the it to air. Ferrocenium is air-sensitive and degrades quickly, so this is
sacrificial reagent. the likely culprit.
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Collectively, these challenges hindered demonstration and exploration of cell designs, and they

motivated development of an alternative electrochemical couple that would work with quinones as the

electrically-switchable sorbent. Ultimately, the most useful outcome of these failed quinone experiments

was the development of a design in which ferrocene and quinone are electrochemically coupled to capture

Co2.

Several experiments planted the seeds that led ultimately to this new electrochemical couple, but

the easiest connection can be made from the last attempt listed in Table 4. The plan was to use a bulk

electrochemical cell with ferrocene as a sacrificial agent to produce a quinone-dianion mixture that could

be pumped out of the cell and in to a given system for CO2 capture (planar membrane, flow cell, etc). The

bulk electrochemical cell set up is illustrated and pictured in Figure 4.1.

2e-
+

2 Fc

2 +

2e + Q + 2CO2

Q(CO 2)2k

Figure 4.1 Cartoon (left) and picture (right) of bulk electrochemical cell system for partially reducing a
quinone solution to produce a mixture of quinone and dianion adduct for use in experimental testing of cell designs.

The bulk electrochemical cell itself (the large glass cup) contains a glassy carbon electrode

submerged in a solution of 9,1 0-phenanthrenequinone (PQ, "Q"), dissolved CO 2, and supporting electrolyte

(shown as pink "+" and purple '-"). The counter electrode resides in a cylindrical glass chamber whose

base is a glass frit. The glass chamber is submerged in the electrolyte inside the radius of the glassy carbon

electrode. A solution containing ferrocene (Fc) with the same supporting electrolyte is segregated in the

smaller glass chamber, and the frit allows ions to pass through in order to balance the charge of the two

solutions as the electrochemical reactions progress. Whatever is in the glass chamber is oxidized via the
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counter electrode to provide electrons to reduce the quinone, and ions migrate through the glass frit to

balance the charge transfer.

In terms of producing an electrolyte that could be pumped out of the cell and used in other

experiments, this process failed repeatedly. The most likely explanation is that the quinone was reduced in

the main chamber, the ferrocene was oxidized in the smaller chamber, and some ferrocenium permeated

the glass frit and mixed with the quinone and dianion in the main chamber. This is a problem because

ferrocenium would oxidize the newly-reduced dianion. Also, ferrocenium is highly air-sensitive, so any

downstream exposure of the solution to air is a problem in terms of stability during transport [83, 84].

While the set up in Figure 4.1 was ultimately not a good way to produce an electrolyte for testing

cell designs, the idea of coupling the ferrocene redox chemistry to the quinone redox chemistry is a good

one. Since its discovery in the 1950's, ferrocene has been a staple in the electrochemical field [85],

particularly for experiments in organic media. [86] The electrochemical oxidation of ferrocene to

ferrocenium is reversible and kinetically fast in both directions in organic solvent. [85, 87, 88, 89] Both

species are stable and reasonably soluble in polar organic solvents. [90, 91] In fact, the ferrocene-

ferrocenium couple is often used as an internal reference potential [92], and sometimes the ferrocenium ion

functions as an oxidizing agent. [93] Neither ferrocene nor ferrocenium reacts with Co 2. [94] For these

reasons, the ferrocene-ferrocenium has been an attractive choice for experiments where an electron source

was required to study quinone behavior. However, in all of the previous experiments, ferrocene was always

ignored and/or used as a sacrificial agent.

By coupling ferrocene oxidation to quinone reduction, and dianion adduct oxidation to ferrocenium

reduction, it is possible to achieve electrochemically-switchable absorption and desorption of CO 2 using

the quinone sorbent. In other words, the quinone-ferrocene couple is an attractive alternative to the quinone-

dianion couple for electrochemical systems for carbon capture. Both are illustrated side-by-side in Figure

4.2.
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I Q(CO% + 2e- + 2CO 2  2Fc + 2e-

Q +2e-+2CO2 Q(C 2)2 Q + 2e- + 2CO2 .4(C 2)22.

Figure 4.2 Illustration of the electrochemical couples employed for CO 2 capture. (left) The quinone-dianion
electrochemical couple. (right) The quinone-ferrocene electrochemical couple. The reactions for absorption are
illustrated with solid arrows, and the reactions for desorption are shown with dashed arrows.

The experimental results presented in this section show that it is possible to couple electrochemical

oxidation of ferrocene to electrochemical reduction of quinone, and that it is easy to reverse the system.

Two sets of results are presented in this chapter:

1. The current-potential curves for a system in which a set of two graphite electrodes are placed in

electrolytes with various combinations of ferrocene, quinone, and supporting electrolyte.

2. Cycles of potentiostatic measurements in the same experimental set up showing that the quinone-

ferrocene coupled reaction is cycle-able.

What follows are materials and methods, results, and conclusions sections. Once established, this

electrochemical couple was used to demonstrate electrochemical CO 2 capture in three different

configurations. Those results are presented in Chapters 5 and 6. Together, the results show that the

electrochemical redox reactions of quinone and ferrocene can be coupled to each other and employed in

several cell designs to capture carbon dioxide in a continuous fashion.

4a. L e m th'i ( st C

The solvent for all experiments was dimethyl sulfoxide, purchased from Sigma-Aldrich (99.9%

pure, anhydrous), and extracted from the container under Argon via a needle through the rubber septum.

The following experimental materials were purchased and used directly from their containers: ferrocene

(Sigma-Aldrich, 98%), 9,10-phenanthrenequinone (Sigma-Aldrich, >99%), tetrabutylammonium

hexafluorophosphate (Sigma-Aldrich, >99.0%), and lithium perchlorate (Sigma-Aldrich). The electrodes

were %" diameter, 6" long graphite rods that were purchased from McMaster-Carr. Experiments were

performed in a small, glass electrochemical vial purchased from Bioanalytical Systems, Inc (Part #MF-
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1082). Teflon caps purchased from Bioanalytical Systems, Inc (Part #ER-8946) were used to hold the

graphite electrodes and the gas tube in place in the cell.

Volumetric flasks were cleaned with a combination of acetone and isopropyl alcohol and dried in

an oven set at 1000 C for at least 15 minutes. Mixtures of 50 - 100 mM concentrations of species were

prepared using these volumetric flasks. A 10 mL sample of a mixture was placed in a small, glass

electrochemical vial. Next, a Teflon lid was placed across the top of the electrochemical vial. One end of

each graphite rod was cut to be thin enough to accommodate the electrical "alligator clips" at the ends of

the wires connecting the potentiostat (Versastat 3, Princeton Applied Research) to the experimental system.

The two graphite rods were placed in the respective holes in the Teflon lid, and they were held in place by

black rubber o-rings. They were placed so that the bottoms were 1.2 cm above the base of the glass vial.

The ends of the graphite rods that protruded from the experimental set up were filed down with a scalpel

so that the "alligator" clips of the electrodes would remain clipped during the experiment. Figure 4.3

includes a schematic and picture of the experimental set up.

[Potentiostat]

C02

Q

Figure 4.3 Schematic (left) and picture (right) of experiments to validate quinone-ferrocene electrochemical
couple. Electrodes are made from 1/4" graphite rods, the electrolyte is stirred, and all experiments are performed under
Co 2.

A small Teflon stir bar was placed in the vial, and the electrolyte was stirred at 500 rpm for the

duration of the experiment. Prior to the electrochemical tests, the electrolyte was first purged with pure CO 2

for at least one hour, while stirring at 500 rpm. Note that brand new graphite rods were used for each
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experiment, and within a given experiment, several potentials were tested. New graphite rods are necessary

because they are porous and very difficult to clean. Experimental results showed that re-using graphite rods

affected the results of the experiments, presumably because reactive species may remain dissolved in the

pores, and/or may crash out of solution. Work regarding the effect of washing and reusing graphite rods is

presented in Chapter 10, entitled "Appendix: Notes on graphite electrodes in quinone-ferrocene

experiments".

Within a given experiment, the method has the following steps:

1. Measure open circuit potential, 60 s

2. (Wait, 14 minutes)

3. Measure open circuit potential, 60s

4. Chronoamperometry: fixed potential, observe current, 300s (5 min)

5. (Repeat steps 1 through 4, doing different potentials in the chronoamperometry step)

The potentiostatic experiments are five minutes in duration because that time is long enough to

achieve a pseudo steady state current, but it is not long enough (at the currents observed in this system) to

produce significant changes in the chemistry of the electrolyte. The 14-minute breaks in httween each

potentiostatic run allow for stirring, gas bubbles, and time to break up any concentration boundary layers

that have built up at the electrode surfaces during the chronoamperometry test, so that each test involves an

electrolyte with uniform concentration everywhere. Each potentiostatic experiment was performed in order

of increasing potential. The likelihood of side reactions and/or irreversible reactions increases with

increasing potential. This means that performing the experiments from smallest to largest potentials

minimizes the risk of side reactions that would create reactive intermediates that might affect subsequent

chronoamperometry tests.

Table 5 contains descriptions of every mixture evaluated in these experiments. Two supporting

electrolytes were tested: lithium perchlorate (LiClO 4) and tetrabutylammonium hexafluorophosphate
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(tBAPF6 ). Each experiment entailed a series of chronoamperometry experiment, five minutes in duration,

in the range of 0.1 V to 1.2 V, with a 16 minute break between each chronoamperometry.

Table 5 Concentrations of 9,1 0-phenanthrenequinone, ferrocene, and supporting electrolyte used in each
experiment, along with the categorization of that experiment.

Phenanthrenequinone Ferrocene Supporting electrolyte Designation
concentration concentration concentration, mM

50 mM 50 mM 100 mM LiClO 4  Experiment
50 mM 100 mM LiCO 4  control (no PQ)

50 mM 100 mM LiClO 4  control (no Fc)
100 mM LiClO 4  control (no PQ, no Fc)

50 mM 50 mM 100 mM tBAPF6  Experiment
50 mM 100 mM tBAPF6  Control (no PQ)

50 mM 100 mM tBAPF6  Control (no Fc)
100 mM tBAPF6  Control (no PQ, no Fc)

4.3 Results
The electrochemical coupling of 9,1 0-phenanthrenequinone (PQ) and ferrocene (Fc) is

demonstrated through a series of experiments that assess the reactions at graphite electrodes. The purpose

is to validate the reactivity and reversibility of the two electrochemical reactions at graphite electrodes in

the presence of CO2 . Figure 4.4 shows the current produced in mixtures containing PQ and Fc (diamond),

PQ (triangle), Fc (square), and neither (circle). All mixtures have 0.1 M supporting electrolyte. The results

in Figure 4.4 and Figure 4.5 are for systems with lithium perchlorate supporting electrolyte. The results in

the two figures are identical, but Figure 4.4 has a linear ordinate and Figure 4.5 has a logarithmic ordinate.

For all mixtures, there is effectively no current through the system for potentials in the range of 0

to 0.5 V. For potentials greater than 0.5 V, there is still negligible electrochemical activity for all mixtures

except the one that has both PQ and Fc. For that mixture, currents of I to 4 mA are observed for applied

potentials in the range of 0.6 to 1.2 V. The distance between the two electrodes is less than 1 cm, and the

electrolyte is stirred to reduce mass transfer resistances. The results show that the ferrocene reacts at one

electrode, and the PQ reacts at the other, because those mixtures that lack either of those species produce

minimal current.
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Figure 4.4 Steady-state current (pA) for each two-electrode experiment with graphite electrodes held at a

constant potential (V). All experiments had 100 mM of LiClO 4 as the supporting electrolyte. This figure has linear
axes.
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Figure 4.5 Steady-state current (pA) for each two-electrode experiment with graphite electrodes held at a

constant potential (V). All experiments had 100 mM of LiCIO 4 as the supporting electrolyte. This figure has a
logarithmic ordinate.

Figure 4.5 shows the same data as Figure 4.4, but its ordinate is a logarithmic axis. The current for

the system with equimolar amounts of PQ and Fe (green diamonds) is one to two orders of magnitude

higher than the currents in the any of the three control experiments. These results support the hypothesis

that in this system, the quinone is the species being reduced and the ferrocene is the species being oxidized.

Note that the currents produced in the PQ (diamond) and the Fc (square) control experiments are

slightly higher than the current produced in the supporting electrolyte control (circle). While higher, these

currents are still of the same order of magnitude as the control, and all three experiments produced currents
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that are two orders of magnitude less than the PQ-Fc system. Figure 4.6 shows more closely the currents

for the control experiments on a linear axis where the maximum current shown is 100 tA.
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Figure 4.6 Steady-state current (pA) for each two-electrode experiment with graphite electrodes held at a
constant potential (V). All experiments had 100 mM of LiClO 4 as the supporting electrolyte. This figure has linear
axes, but it shows only those data whose currents have values between 0 and 100 pA.

Figure 4.5 and Figure 4.6 show clearly that the PQ-Fc system starts to exhibit dramatically higher

currents at potentials as low as 0.5 V. However, Figure 4.6 also shows that at potentials of 0.8 V or higher,

there is small but significant current in the PQ (diamond) and Fc (square) control experiments. In these

controls, it is likely that the PQ is being reduced, and the ferrocene is being oxidized, respectively. There

is no obvious counter-reaction to provide the electrons for the PQ or Fc reaction. In the PQ control, it is

possible to oxidize any of the species available: PQ, C104-, DMSO, Li*, or any trace contaminants. In the

Fc control, it is possible to reduce any of the species available: Fc, Li, DMSO, C104-, CO 2, or any trace

contaminants. Therefore, the potential range must be chosen carefully to isolate the redox coupling of PQ

and Fc.

Figure 4.7 and Figure 4.8 contain the current measurements for the same set of mixtures in

tetrabutylammonium hexafluorophosphate (tBAPF6 ) supporting electrolyte. The results in the two figures

are identical, but Figure 4.7 has a linear ordinate and Figure 4.8 has a logarithmic ordinate. Conceptually,

the results are the same in both electrolytes. Two-electrode experiments show significant reactivity when

coupling the electrochemical reactions of PQ and Fc in DMSO solvent using graphite electrodes.
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Figure 4.7 Steady-state current (pA) for each two-electrode experiment with graphite electrodes held at a
constant potential (V). All experiments had 100 mM of tBAPF6 as the supporting electrolyte. This figure has linear
axes.
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Figure 4.8 Steady-state current (pA) for each two-electrode experiment with graphite electrodes held at a

constant potential (V). All experiments had 100 mM of tBAPF6 as the supporting electrolyte. This figure has a
logarithmic ordinate.

The results show that for potentials greater than 0.6 V, the current is at least 10 times higher for the

sample with both PQ and Fc than for the samples that are missing one or both of those components. In this

potential range, the high current is from a high rate of oxidation of ferrocene coupled to a high rate of

reduction of PQ. Figure 4.8 shows the same currents on a logarithmic ordinate to better illustrate the scale

of differences in the current. In the potential range of 0 - 0.2 V, the observed currents are all the same order

of magnitude. In the range of 0.3 - 0.5 V, the currents of the samples with PQ or Fc or both are roughly the

same. For potentials between 0.5 and 1.2 V, the currents of the samples with either PQ or Fc or both have
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currents that are significantly higher than the current of the "blank" control (tBAPF6 in DMSO). It is

interesting that the samples with isolated PQ or isolated Fe produce currents that are higher than the "blank"

control for potentials greater than 0.5 V. This indicates that both PQ and ferrocene will exhibit some

reactivity with something in the mixture. Either PQ or Fe could be reacting electrochemically with itself,

the supporting electrolyte ions, and/or the solvent.

At a potential as low as 0.5 V, the sample with a mixture of PQ and Fc shows current significantly

higher than either the PQ-only or Fe-only controls (12 gA versus 7 tA and 6.7 pA, respectively), and ten

times higher than the blank control (12 tA versus 1.6 stA). Then, as the potential increases, the difference

between the PQ-Fc sample and the others increases exponentially. At 0.7 V, the current for the PQ-Fc

couple is 158 pA, while the PQ, Fe, and blank currents are 10, 15, and 2 pA, respectively.

100 . . .
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Figure 4.9 Steady-state current (ptA) for each two-electrode experiment with graphite electrodes held at a
constant potential (V). All experiments had 100 mM of tBAPF6 as the supporting electrolyte. This figure has linear
axes, but it shows only those data whose currents have values between 0 and 100 pA.

Figure 4.9 shows the steady-state current as a function of potential for systems with tBAPF6 as the

supporting electrolyte on a linear axis whose upper limit is 100 ptA. In this figure, it is clear that the results

are indistinguishable at low potentials. At a potential difference of 0.5 V, there is clear separation of the

resulting currents. The "blank" has the lowest current. This validates the supporting electrolyte mixture as

a control system because a supporting or inert electrolyte should behave essentially as a capacitor under

these conditions. The PQ-alone and Fc-alone samples have distinctly higher currents than the blank, but
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still significantly lower currents than the PQ-Fc system, whose current is 10 times higher than the blank

and 2 times higher than the other two controls. The PQ-Fc system shows exponential increases in current

for all potentials greater than 0.5 V.

Note the "bump" in the Fc-alone results. This indication of reactivity in the range of 0.7-0.8 V is

somewhat surprising, and a similar phenomenon occurs in LiClO 4. Note also that the FEc-alone and PQ-

alone currents increase dramatically for voltages greater than 1 V. The scale of this reactivity is much less

than the reactive coupling of quinone and ferrocene, but still indicates a system that is less inert than

expected.

The purpose of these experiments is to elucidate a practical system of redox coupling for carbon

capture that uses graphite electrodes. The results show that using two graphite electrodes, one can oxidize

ferrocene and reduce PQ at significant rates when the potential difference across the system is 0.5 V or

greater. These experiments were not intended to be measurements of standard potentials, nor are they.

Simeon measured the formal potentials of the electrochemical reactions of quinones in the presence of C0 2 ,

and he reports them as half-wave potentials relative to a ferrocene/ferrocenium internal reference in

dimethyl formamide. [95] He also quantifies the equilibrium constant for the complexation of CO, by a

quinone from the measured shift in the second-reduction potential. He reports a binding constant of 8.8 x

1016 M-1 for PQ in DMF at 30*C. With the acknowledgement of the multi-step mechanism that occurs

during the electrochemical reduction of PQ and the chemical complexation with C0 2, he reports that the

presence of CO 2 results in an effective two-electron transfer at the first reduction wave, and he reports a

formal potential (half-wave potential) of -1.08 V versus ferrocene reference.
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Figure 4.10 Current as a function of applied potential for the four experiments in both supporting electrolytes.

The results from experiments with LiClO 4 have solid markers, and the results with tBAPF6 have empty markers.

Figure 4.10 shows all eight results plotted on a single set of axes. The general conclusion is the

same for the two electrolytes: the current produced for the samples with both PQ and Fc present is

significantly higher than the current for samples that lack one or both species. Moreover, the incidence of

this reaction occurs in the vicinity of 0.6 V for both electrolytes. The observed current is consistently higher

in samples with LiC1O 4 than in samples with tBAPF6 , except for experiments at potentials greater than

I .lV. The higher current is a result of having a lithium cation that is smaller and more mobile than the

tetrabutylammonium cation (tBA'). The concentrations of lithium and tetrabutylammonium are twice as

high as the concentration of PQ or Fc in each case, so it is likely that lithium or tetrabutylammonium is the

counterion for the PQ dianion in a given experiment. A faster and more compact cation can more easily

stabilize and balance the PQ dianion, which facilitates a faster overall reaction.

Experiments on a sample with both PQ and Fc at 1.15 V and 1.2 V produce higher currents when

tBAPF6 is the supporting electrolyte, whereas the LiCIO 4 produces higher currents at all other potentials

tested. Closer inspection of the individual control experiments reveal significant reactivity between

ferrocene and tBAPF6 . Thus, the lithium cation tends to produce higher currents for all systems except for

samples that contain both Fc and tBAPF6 at high potentials. Figure 4.11 shows the same set of eight results,

but the ordinate is limited to the range of 0-100 jtA. Comparing the two control experiments in which the

supporting electrolyte is isolated, the current is higher in LiCIO 4 for all potentials except 1. 15 and 1.2 V,
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where the currents are identical. Similarly, the two control experiments in which PQ is isolated with the

supporting electrolyte, the currents are higher in LiClO 4 for all potentials except 1.2 V, where the currents

are identical. However, in the control experiments with Fc isolated in the supporting electrolyte, the current

is significantly higher in LiCIO 4 for potentials up to 1 V. In the range of 1.1 to 1.2 V, the current is higher

for ferrocene isolated in tBAPF6 than for ferrocene in LiC1O 4. Taking these three comparisons together, it

is clear that there significant reactivity between tBAPF6 and ferrocene that is not observed with any of the

other combinations.
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Figure 4.1 1 Current as a function of applied potential for the four experiments in both supporting electrolytes.
The results from experiments with LiCIO 4 have solid markers, and the results with tBAPF6 have empty markers.
Experiments with PQ and Fc are diamonds, Fc alone are squares, PQ alone are triangles, and supporting electrolyte
alone are circles.

To summarize, when a potential of 0. 1 to 1.2 V is applied across two graphite electrodes immersed

in a mixture that has both PQ and ferrocene, the observed current is up to three orders of magnitude higher

than when the same experiment is performed with a mixture that lacks one or both species. This means that

it is possible to couple the electrochemical reduction of PQ to the electrochemical oxidation of ferrocene in

dimethyl sulfoxide using graphite electrodes.

/ Reverd I ty resjLt for he aunone terrocenci reaox Icojie anc g:,rh'C raCes
The results from the previous section show that in an experiment with two graphite electrodes, it is

possible to couple the reduction of quinone at one electrode to the oxidation of ferrocene at the other
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electrode. However, those experiments do not show that the system is electrochemically reversible. The

electrochemical couple for CO 2 capture must be highly reversible if it is to be used in any of the

configurations presented in this thesis. In this section, the results from a series of reversibility experiments

are presented to illustrate the (practical) degree of reversibility for this system.

The experimental set up is exactly the same for the reversibility experiments as described in Section

4.2, with the exception that only one electrolyte mixture was tested, and the steps in the potentiostat method

were different. In the reversibility experiments, a mixture of 50 mM PQ, 50 mM Fc, and 100 mM tBAPF6

in DMSO was placed in a glass vial with two (new) " graphite rods as electrodes. This electrolyte was

chosen as a representative mixture: equimolar concentration of quinone and ferrocene in a given electrode.

The previous section shows that the supporting electrolyte does not (and should not) significantly affect the

reaction chemistry. The presence of the supporting electrolyte is meant to reduce the contribution of

migration to current and to enhance the conductivity of the electrolyte. Therefore, it is not necessary to test

the other supporting electrolyte. Similarly, there is no reason to test any of the control mixtures, since it not

germane to the demonstration of this technology to know if they are reversible or not.

The reversibility experiments had the following steps:

1. Measure open circuit potential, 60 s

2. (Wait, 14 minutes)

3. Measure open circuit potential, 60s

4. Chronoamperometry: positive, fixed potential, observe current, 300s (5 min)

5. Chronoamperometry: negative, fixed potential, observe current, 300s (5 min)

6. (Repeat steps 4 and 5 for 4 total "cycles" at a given fixed potential)

7. (Repeat steps 1 through 3)

8. (Repeat steps 4 and 5 for 4 total "cycles" at the next fixed potential, etc)
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To summarize, a mixture of 50 mM PQ, 50 mM Fe was tested by cycling the potentials of two

graphite electrodes between the positive and negative value of a given absolute potential for four cycles,

and this process was repeated for potentials from 0.3 V to 1.2 V. The steady-state currents at each potential

are presented in Figure 4.12.
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Figure 4.12 Steady state current produce by a mixture of 50 mM PQ and 50 mM Fc in 100 mM tBAPF6 in

DMSO under CO 2. Asterisks represent the positive potentials, and circles are the negative potentials.

Figure 4.12 shows the steady-state currents for the system as it is held at positive (asterisk) and

negative (circle) potentials. Potentials from 0.3 V to 1.2 V were tested, in increasing order. The data show

that at most potentials, there is no difference between the current observed at positive potential and the

current observed at negative potential.

The fact that the currents at positive and negative potentials have the same magnitude leads to

several positive and somewhat surprising conclusions. The current measured by the system is the net flux

of electrons out of the cathode and into the anode. This flux is a function of the reactant concentrations,

diffusivities, and kinetics. The diffusivities of neutral quinone and ferrocene are approximately the same,

and the concentrations were set to be the same, so one would expect the currents to be the same only if the

diffusivity and concentration were the only relevant factors. However, ignoring diffusivity and

concentration gradient, the current from a positive voltage difference is a result of the combination of

ferrocene oxidation kinetics and quinone reduction kinetics. Ferrocene oxidation is typically considered to

be a one-step, one-electron reaction. [96] Quinone reduction has several steps, especially in the presence of
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CO 2. Therefore, the current from a positive voltage is a result of the coupling of those two sets of reaction

kinetics. Similarly, the current from a negative voltage comes from the combination of ferrocenium

reduction kinetics and quinone dianion adduct oxidation kinetics. Again, the ferrocenium reduction can

most likely be envisioned as a one-step, one-electron transfer. Quinone dianion adduct oxidation is not

simple, as indicated by cyclic voltammetry. [95]

Therefore, it is a positive, although somewhat surprising, result to observe that the forward and

backward reaction rates are the same, overall, in both directions. This supports the assumption that all four

reactions (oxidation and reduction of quinone and ferrocene) are kinetically fast, at least relative to the mass

transfer in the system. If the reaction kinetics of one reaction were significantly slower, then the observed

current at the same potential would have been consistently lower in that direction. Also, if any of the

reactions were irreversible, then the current would have degraded over time. Instead, the current was

consistent and repeatable throughout the experiment, which indicates that the coupling of the reversible

redox chemistries of quinone and ferrocene can be used in practical systems without concern for

electrochemical degradation of species.
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Figure 4.13 Current (mA) as a function of elapsed time for reversibility experiments at +/- 0.8 V (blue) and

+/- I.2V (green). The chronoamperometry measurements at positive potentials are indicated by a solid line, and the
measurements at negative potentials are shown as dashed lines.

Figure 4.13 is a plot of the time-elapsed current measurements for the reversibility tests at 0.8 V

(blue) and 1.2 V (green). The purpose of this figure is simply to show that the differences between the
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positive and negative current measurements at a given potential are small. These two samples are

representative of the rest of the data in the reversibility test.

4.5 Conclusions

Electrochemical coupling of the redox reactions of PQ and Fe is a viable chemical system for CO 2

capture. These experiments prove that it is the quinone being reduced and the ferrocene being oxidized, and

the experiments prove that the electrochemical coupling of the redox chemistries of quinone and ferrocene

are reversible. The system can survive many cycles because no species degrades or reacts irreversibly.

Furthermore, the reactions do not require catalytic electrodes. Instead, simple, graphite electrode surfaces

work well for this chemistry.
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5 Experimental demonstration of powered capture in a flowing
electrolyte

Chapter 3 is a design analysis for carbon capture using an electroactive sorbent in laminar flow

between two planar electrodes. Chapter 4 introduces the capabilities of a new chemistry for carbon capture

in an electrochemical system. This chapter presents results from a bench-scale demonstration of

electrochemical carbon capture in a flowing electrolyte using the quinone-ferrocene couple. The chapter

begins with a discussion of the design and construction of the demonstration cell. The rest of the chapter is

the presentation and discussion of results from demonstration with a mixture of quinone and ferrocene in

contact with 15% CO2, 85% nitrogen (N 2). The chapter closes out with conclusions and suggestions for

future work.

D, 2 cQ,7'n cnstruc- r; o{ cem --n str ati cir

The bench scale test cell was built by reconfiguring the components of a polymer electrolyte

membrane (PEM) fuel cell test cell and incorporating a custom-built part for the flowing electrolyte. Figure

5.1 is a picture of the fuel cell test cell and its graphite electrodes.

3.2cm thick transport region

Rich OutletFeed Inlet

Banana clips
(Electric potentia _ean Outlet

(Sweep Inlet)

Figure 5.1 (left) Picture of a graphite gas diffusion electrode with bolts. (right) Picture of the assembled test
cell.

The picture on the left in Figure 5.1 is a graphite gas diffusion electrode that has a 5 cm x 5 cm area

cut with I mm deep gas channels. They have a serpentine flow pattern. This picture also shows the "through-

bolt" assembly - those bolts span the entire cell. The picture on the right is the assembled test cell. The

current-collector plates are gold-plated copper. This test cell is useful because it is designed to be gas-tight,

and it comes with the electrical hardware (option for reference electrodes, banana clips) and fittings for

connecting the test cell to a gas source and a gas outlet.
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The fuel cell test cell has been re-designed to have a flowing electrolyte between the two plates.

The existing gas contactor plates and current collector plates remain intact. Several prototype parts for the

flowing electrolyte region have been designed and constructed. Early prototypes were made of Delrin, but

the final prototype part was made from Teflon. Teflon is more difficult to machine, but easier to use in a

system where sealing is important. The Teflon flow part has threaded fittings on both sides for the inlet and

outlet tubes. All fittings have /4" NPT threads. There are two channels carved into the Teflon to

accommodate 0-rings, which prevent leaks. Seven bolts are used to clamp the entire cell together. Figure

5.2 shows two design drawings for this part.

Figure 5.2 Two design drawing of the Teflon part for an electrochemical flow cell.

The top view of the part shows the position of the holes for the bolts to pass through this part to the

other electrode. It also shows two fluid tubes on one side of the channel, and three on the other. These are

holes in which a %" NPT threaded tube fitting screws. The purpose of having multiple inlet and outlet holes

is to allow for experimentation with different flow configurations.

5.3 Demonstration cell with ferrocene model system
Operation and functionality of the fuel cell test cell was validated using the ferrocene-ferrocenium

couple as a model system for the quinone-dianion couple. Ferrocene, and ferrocenium hexafluorophosphate

were purchased from Sigma Aldrich. The experiment was performed in a glove box to ensure the absence
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of oxygen. Upon exposure to oxygen, ferrocenium will react and degrade. The system was tested on an

electrolyte composed of 10 mM ferrocene (Fc), 9.0 mM ferrocenium hexafluorophosphate (FcPF6 ), and

100 mM tetrabutylammonium hexafluorophosphate (tBAPF6 ) in dimethyl sulfoxide (DMSO). Each trial

was performed at a fixed cell potential, and the current was measured as a function of time

(chronoamperometry) for 10 minutes. The fluid was pumped at a rate of 2.2 mL/s using a centrifugal pump.

The results are shown in Figure 5.3.
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Figure 5.3 Steady-state current (mA) as a function of cell potential (V) for the ferrocene-ferrocenium redox
couple in a laminar flow cell. The line at the top of the figure is the theoretical limiting current.

The straight line near the top of Figure 5.3 is placed at the theoretical limiting current calculated

from the similarity solution using the experimental concentrations and flow rate. Each square is the steady-

state current measured at that given potential. As expected, the current increases linearly with potential at

low potentials. At higher values, the change in current as a function of potential should decrease as the

system approaches the limiting current. Near the limiting current, the current should be relatively invariant

with potential. The results show that at potentials greater than 0.14 V, the current stops increasing with

potential. In the range of 0.14 to 0.24 V, the current actually decreases with increasing potential. During

the time these potentials were applied, qualitative changes in the fluid were observed. The working fluid is
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normally a dark blue color, because ferrocenium hexafluorophosphate is blue. However, as the fluid

circulated through the cell at higher potentials, one can observe a shift from blue to dark brown. One

explanation is that there is a parasitic reaction that occurs at higher potentials that consumes either ferrocene

or ferrocenium in an irreversible reaction. Because this parasitic reaction appears to be dependent on the

electrochemical potential, it is most likely that this parasitic reaction involves the electrochemical reduction

or oxidation of one of the species, or of the solvent.

The results show, qualitatively, the basic functionality of the flow cell. It was not possible to explore

this system with the quinone-dianion couple without a salt of the dianion species. Instead, the ferrocene-

ferrocenium couple served as a model system. The results at higher potential revealed the limitations of this

redox couple, in addition to the fact that it is not able to capture CO 2. Therefore, subsequent experimental

work employed the quinone-ferrocene in the electrochemical flow system.

54 Demonstration o CO capture in electrolyte flow cell

5.4.1 Introduction

15% Co 2, Scrubbed gas

85% N,) C02

Gas tank ->Rotameter -- (gas diffusion cathode)

--- 2+c 2W e

Reeservoir

Figure 5.4 Schematic of experimental set up for quinone-ferrocene redox couple in laminar flow cell.

Figure 5.4 is a schematic of the complete bench-scale set up for experimental demonstration of CO 2

capture using the quinone-ferrocene redox couple in the electrolyte flow cell. The flue gas is a mixture of

15% CO2 , 85% N 2 from a tank. The volumetric flow rate of this mixture is controlled by a rotameter, and

this gas stream flows in to the gas diffusion electrode and contacts the electrolyte at the wetted porous

carbon mat. At that interface, the quinone absorbs some CO 2 as it is reduced to form the dianion adduct.

The remaining gas flows out of the system and in to the CO2 Analyzer, which provides real-time

measurements of the percentage CO2 in this gas stream. An electrolyte containing phenanthrenequinone
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(PQ) and ferrocene (Fc) is pumped from a reservoir in to the electrochemical cell, where it flows between

two planar electrodes. One electrode is the porous carbon cathode in contact with the gas phase, and the

other is a solid, graphite anode. The electrolyte exits the cell and goes to a separate reservoir. The potential

of the electrodes is controlled by a potentiostat, and that machine measures the current in real-time.

5.4.2 Materials and methods
The solvent for all experiments was dimethyl sulfoxide, purchased from Sigma-Aldrich (99.9%

pure, anhydrous), and extracted from the container under Argon via a needle through the rubber septum.

The following experimental materials were purchased and used directly from their containers: ferrocene

(Sigma-Aldrich, 98%), 9,10-phenanthrenequinone (Sigma-Aldrich, >99%), and lithium perchlorate

(Sigma-Aldrich).

Volumetric flasks and 3-neck flasks were cleaned with a combination of acetone and isopropyl

alcohol and dried in an oven set at 100*C for at least 15 minutes. Every experiment involved an electrolyte

that is 50 mM PQ, 50 mM Fc, and 100 mM LiClO 4 in dimethyl sulfoxide (DMSO) solvent. This mixture

was prepared using these volumetric flasks. 100-200 mL of this mixture was placed in a clean and dry 3-

neck flask with a clean and dry stir bar, and purged with a gas stream that is 15% CO2, 85% N2 while

stirring for about two hours before the experiment began.

The test cell described in Section 5.2 was configured as shown in Figure 5.5 to facilitate this

particular experiment: quinone reduction at a porous cathode in contact with a flue gas mixture, and

ferrocene oxidation at a solid anode. Every part of the test cell was cleaned and dried before and after each

experiment. For each experiment, the test cell was assembled according to the layers shown in Figure 5.5.

The bolts that span the entire "sandwich" were placed and finger tightened in a diagonal and then circular

pattern. A torque wrench was used to tighten the bolts to 5 in-lb torque in a diagonal pattern, and then they

were further tightened to 6 in-lb torque in a circular pattern. Having even pressure is especially important

for this particular cell design because the bolt pattern is slightly asymmetric (one side has three bolts while

the other has two).
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Figure 5.5 (left) Picture of the solid anode and the Teflon frame that houses the flowing electrolyte. (right)

Picture of the porous carbon fiber mat that spans the top of the Teflon frame, acting as a porous cathode. At the far

right the gas diffusion electrode (cathode) is shown with a piece of porous polypropylene.

Figure 5.5 shows the components of the test cell and their assembly. The picture on the far left

shows the solid, planar graphite electrode underneath the Teflon fixture, and the plastic tubing for the

electrolyte going in and out of the Teflon fixture. The picture in the middle shows the same set up as the

left picture with the addition of the carbon fiber mat that functions as the porous cathode. At the far right

the gas diffusion electrode (cathode) is shown with a piece of porous polypropylene (Celgard brand) that is

used to prevent the electrolyte from leaking in to the gas channels. The porous carbon fiber mat makes

physical, electrical contact with the graphite cathode around the border of the polypropylene.

A practical design challenge to this particular test cell design was the configuration of the gas

channels, the porous polypropylene layer, the carbon fiber mat, and the o-ring. This configuration is both

delicate and important. The polypropylene layer must span the gas channels. Its purpose is to prevent the

electrolyte from leaking in to the gas channels and plugging or interrupting the path of the gas through the

gas diffusion electrode. The carbon fiber mat must have physical, electrical contact with the graphite

electrode to maintain the electric circuit. Electrons move through the solid graphite electrode to the carbon

fiber mat and then to the reactants in the electrolyte. To maintain electrical contact and simultaneously

minimize leaking, the polypropylene layer must be cut to an area slightly greater than the area of the gas

channels and the carbon fiber mat must be cut to an area that is larger than the polypropylene layer but

smaller than the area designated by the bolt holes.
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Figure 5.6 is a picture of the full experimental set up, which includes the flow cell (bottom left),

the CO2 Analyzer (top left), the rotary vane pump (center, black), and the 3-neck flask acting as a reservoir

for the circulating electrolyte (right).

~V

NV

figure 5.6 Experimental set up, including the electrochemil cefl bottom left), the CO, Analyzer (top ieft),
the rotary vane pump (center, black motor), and the 3-neck flask reservoir for the recirculating electrolyte (right).

The CO2 Analyzer was purchased from co2meter.com, and it uses non-dispersive infrared (NDIR)

technology to measure the fraction of CO 2 in a gas sample. It connects to the computer via a USB port, and

the data can be exported as .CSV. The rotary vane pump is a laboratory and industrial metering pump

purchased from Fluid Metering Inc, and outfitted with special Teflon fittings that are safe to use with

aggressive organic solvents like DMSO. All tubing was either 1/8" Teflon tubing or chemically-resistant

Masterflex tubing, and all fitting were either polypropylene or stainless steel. The Teflon stoppers in the 3-

neck flask are chemically-resistant. They were modified to be threaded for %/-NPT stainless steel

compression fittings that would seal the connection between Teflon stopper and the Teflon tubing passing

through the stainless steel fittings. Teflon gaskets were placed between the Teflon stopper and the necks of

the glass flask to seal the connection.
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5.4.3 Results
Many experiments were performed in which a mixture of 9,1 0-phenanthrenequinone (PQ) and

ferrocene (Fe) flowed through the test cell and the current, potential, gas composition, gas flow rate, and

liquid flow rates were recorded. The results are split in to two sections according to the two configurations

that were most successful. The results show clearly that upon application of a potential gradient across the

cell, the system produces current and the system absorbs CO 2 from a mixture of 15% CO2 and 85% N 2 at

ambient temperature and pressure.

The first successful experiments with the demonstration happened with the membrane and carbon

fiber mat arranged according to Configuration A. Table 2 contains the materials and experimental

parameters and a detailed description of the configuration of polymer membrane and carbon paper.

Table 6 Table of experimental conditions for runs I and 2, performed with Configuration A.

Index Membrane Carbon paper Gas flow rate Liquid Potential Notes
mL/min flow rate Volts

mL/min
1 Celgard Spectra Carb 6.1 - 6.5 3.3 1 Leaked, but

3401 2050-A slowly enough to
200 m thick get useful data.

2 Celgard Spectra Carb 6.1 - 6.5 26 1 Leaked, and ran
3401 9050-A nut if matera.

200 m thick
Configuration A = Polymer membrane cut to span entire graphite plate in flow direction, but only
slightly wider than exposed gas channel area. Carbon paper cut to be larger than 0-ring but inside
the bolts. Bolts tightened to 5 and then 6 in-lb torque.

Each experimental run involves establishing a baseline for the observed percentage CO 2, and then

using the change in percentage CO 2 combined with a constant inlet flow rate and composition to quantify

the amount of CO 2 captured in a given run. Note that there is some delay between the inception of the

electrochemical activity and the change in gas composition, and this delay is proportional to the length of

piping between the electrochemical system and the CO 2 analyzer. Figure 5.7 shows the observed percentage

of CO 2 in the outlet gas (right) and the observed current (left) for the duration of Run 1 (see

Table 6 for details). The data show clearly that the amount of CO 2 in the outlet gas drops in response

to the electrochemical reaction that produces quinone dianion, which binds CO 2 and absorbs it.
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Figure 5.7 Experimental data from Run Index 1 of the quinone-ferrocene couple in the flow system showing

the current (left) and the percent of CO 2 in the outlet gas measured by the CO 2 analyzer (right).

In each experiment, the current, gas flow rate, and gas composition data can be converted to molar

flow rates of CO 2 and electrons. These flow rates can be integrated to quantify the cumulative amounts of

electrons transferred and CO 2 captured. Shown below are those data for this run. Current efficiency

describes the rate of electron transfer compared to the rate of CO 2 capture. In Run 1, the rate of electron

transfer was 7.3 x 10-8 moles/s at steady state, and the comparable rate of CO 2 capture was 6.4 x 10- moles/s.

At these rates, there is a ratio of 11 moles of electrons transferred per mole of CO2 captured, which equates

to a current efficiency of 8.8%.
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Figure 5.8 Run I flow rate and accumulation results. (left) Flow rate of electron transfer (solid) and CO 2
absorbed (dashed) in nanomoles/s over the duration of the experiment (min). (right) Cumulative amount of electrons
transferred (solid) and CO 2 absorbed (dashed), in units of micromoles, over the duration of the experiment (min).

Run 2 was attempted under the same conditions but with a faster electrolyte flow rate. The results

are shown in Figure 5.9. As expected, the faster electrolyte flow rate produces a higher current, but the

commensurate CO 2 capture cannot be observed because the system to measure CO 2 failed. It may have
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failed because it leaked too much and ran out of material, which means the electrolyte chamber was no

longer filled, and the pressure changed. The results were not good enough for further analysis.
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Figure 5.9 Experimental data from Run 2 of the quinone-ferrocene couple in the flow system showing the

current (mA) as a function of elapsed time (min).

Between two sets of runs, the cell was rebuilt and reconfigured to address a leaking issue. In the

second configuration (Configuration B), the polymer membrane was cut to span the entire graphite plate in

the flow direction, but only slightly wider than the exposed gas channel area. The carbon paper was cut to

the same area as the O-ring so as to maximize its contact with the graphite but to prevent leaking "across"

the O-ring via the porous carbon paper and membrane. Again, the system was sealed all around with hot

glue and again, the system leaked. The system leaked a lot more slowly in this set up. However, the fact

that the system still leaks places a constraint on the number and duration of experiments possible before

enough material was lost as to render the system useless.

Table 7 Table of experimental conditions for Runs 3 and 4, performed with Configuration B.

Index Membrane Carbon paper Configuration Gas flow rate Liquid Potential
mL/min flow rate Volts

mL/min
3 Celgard Spectra Carb 2050- B 6.2 11.2 1

3401 A, 200 pm thick
Note: Run 3 leaked, but slowly enough to get useful data.

4 Celgard Spectra Carb 2050- B* 6.3 11.2 1
3401 A, 200 im thick

*Replaced right side tubing at inlet to try to get better liquid flow
Note: Run 4 leaked out the sides, and liquid leaked in to gas tubes. It stabilized there, and the gas would
bubble through the liquid before heading in to the C02 analyzer.

5 Celgard Spectra Carb 2050- (same as 4) 6.3 11.2 1.5
3401 A, 200 jm thick
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Configuration B = Polymer membrane cut to span the entire graphite plate in flow direction, but only
slightly wider than exposed gas channel area. Carbon paper cut to the same area as the 0-ring, so as to
maximize its contact with the graphite but to prevent leaking "across" the 0-ring via the porous carbon
paper and membrane. Bolts tightened to 5 and then 6 in-lb torque. The system was sealed all around
with hot glue.

15.15
C,

5
15.1

40

:3 15.05
L- 0

'C 15

0 0- 14.95
0 5 10 15 20 0 5 10 15 20

Elapsed time, min Elapsed time, min
Figure 5.10 Experimental data from Run 3 of the quinone-ferrocene couple in the flow system showing the

current (left) and the percent of CO 2 in the outlet gas measured by the CO 2 analyzer (right).

Run 3 improved upon Runs I and 2 in two ways. First, although it leaked, the slower leak provided

more time to get better results. Second, the plot of percent CO 2 over time in Figure 5.10 more clearly shows

the capture of CO 2 in response to an applied electrochemical potential and it shows a recovery of the

baseline once the cell is turned off. These data clearly highlight the link between CO 2 capture and current.

Figure 5.11 contains plots of molar flow rates of electrons and C0 2, and the accumulation of these

species. In Run 3, the rate of electron transfer was 3.5 x 10-8 moles/s at steady state, and the comparable

rate of CO2 capture was 4.9 x 10- moles/s. At these rates, there is a ratio of 7 moles of electrons transferred

per mole of CO2 captured, which equates to a current efficiency of 14.7%.

Note that this run produced a higher current efficiency (14.7% versus 8.8%), but a lower overall

current. A comparison of the results reveals that Run 3 levelled off at 3.5 mA given IV of potential and 11

mL/min liquid flow while Run I produced over 8 mA of current at +IV of potential and 3.3 mL/min. This

is unexpected, since faster flow rates should produce higher currents at constant potential. The reason for

the lower current is the difference in the configuration of the carbon paper and polymer membrane in the

cell. In configuration B, there is less total electrochemical surface area available because the carbon paper

was cut to a smaller footprint. However, this configuration with the smaller footprint is more efficient than
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Configuration A. In the less efficient configuration, much of the contact area is not exposed to the gas

phase, so there is no CO 2 to be absorbed, and the current that flows through there is wasted.
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Figure 5.11 Run 3 flow rate and accumulation results. (left) Flow rate of electron transfer (solid) and CO2

absorbed (dashed) in nanomoles/s over the duration of the experiment (min). (right) Cumulative amount of electrons

transferred (solid) and CO2 absorbed (dashed), in units of micromoles, over the duration of the experiment (min).

Table 8 Summary of electron and CO 2 flow rates, and experimental efficiencies.

Run Index Electron flow rate CO2 absorption rate Mole ratio Current efficiency
moles/s moles/s e-:CO 2

1 7.3 x 10 8  6.4 x 10' 11:1 8.8%
3 3.5 x 10 8  4.9 x 10 9  7:1 14.7%

Table 8 summarizes the key results from Runs I and 3. Under an applied potential of I Volt, Run

i produced a steady state current of 7 mA, and absorbed CO2 at a rate of 6.4 nanornoles per second. These

rates correspond to a ratio of 11 moles of electrons transferred per mole of CO2 captured. In this case,

current efficiency is defined as the (molar) rate of electron transfer divided by the (molar) rate of CO 2

absorption, presented as a percentage. Run I captured carbon at an 8.8% current efficiency. Run 3 had the

same applied potential (1 V) but a faster electrolyte flow rate and a different configuration of carbon mat

and polypropylene. The results were a steady state current of 3.4 mA and absorption of CO 2 at a rate of 4.9

nanomoles per second. While the flow rates of current and CO 2 were both lower, the efficiencies were

higher. Run 3 operated at a 14.7% current efficiency, corresponding to a ratio of 7 moles of electrons

transfer per mole of CO 2 captured.

One would expect Run 3, at a higher liquid flow rate, to produce higher currents and CO 2 absorption

rates but lower efficiencies. The fact that the opposite is true can be explained in part by some of the
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experimental factors. If a system is mass transfer limited and in the regime of laminar flow, the steady state

current (mass flux) is proportional to the Peclet number with an exponential of 1/3. This means that although

the linear velocity is four times greater in Run 3, the limiting current would only be 1.5 times greater, at

most. Also, the particular pump used in this experiment produced a high degree of variability in flow rates

at a given setting, which means it is feasible that the second flow rate was not actually four times higher

than the first.

A more important factor is the arrangement of the carbon mat and the polypropylene in the two

experiments. The carbon mat in Run I was cut to have an area equal to the area inside the bolts, while the

carbon mat in Run 3 was cut to a much smaller area. The surface tension between the electrolyte and the

carbon mat was such that the carbon mat was completely wetted for the duration of the experiment.

Moreover, the electrolyte had a tendency to creep in to the region in which the graphite electrode, O-ring,

and polypropylene were meant to seal the flow area. As a result, there was some electrode surface area in

which the electrode and electrolyte contacted each other, but did not contact the gas phase. One could

explain the efficiency differences between Runs I and 3 as being directly proportional to the amount of this

"unused" electrode area. Run I had a high amount of electroactive area that was not exposed to the gas

phase (because the carbon mat had a high area), whereas there was much less unused electrode area in Run

3 because the carbon mat was cut to be much closer to the gas phase area.

5.4.4 Conclusions and recommendations
A bench-scale test cell for electrochemical carbon capture in a flowing electrolyte was designed

and built for demonstration. An electrolyte mixture of phenanthrenequinone and ferrocene was used in each

experiment, and the current, voltage, and carbon capture rates were quantified. This is the first

demonstration of carbon capture in a system like this, and the first demonstration of an electrochemical cell

that couples quinone and ferrocene in organic media in a functional way:

The results have provided key indicators for future work in the test cell. Experiments were severely

limited by the fact that it was not possible to assemble this cell in a way that avoids leaking of the fluid out

of the cell and leaking in to the gas line. In this particular design, the main culprit was the inability to seal
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the gas channel area and seal the Teflon-graphite interface with the O-ring. A new design that uses the same

graphite electrodes should have an o-ring diameter that is as large as possible, but still inside the bolt pattern.

Then, it would be easier to ensure the polypropylene spans the channel area, and the carbon fiber mat makes

good electrical connections. Teflon-treated carbon paper may also improve the system. A gasket may be a

better alternative to the O-ring because it would fill the space between the Teflon part and the graphite

plates. At the same time, gaskets tend to be harder to seal because the greater surface area requires a greater

pressure to compress and seal the system.

The flow channel itself should be designed to eliminate "dead spots" and fluid mixing. The liquid

inlet and outlet channels should be re-designed to better approximate laminar flow between the electrodes.

It is hypothesized that the current efficiency was reduced by the fact that the fluid must be forced from a

channel height of I cm through two pipe diameters that are smaller than 1 cm. Most likely, the fluid mixes

as it nears the end of the channel, and some of the ferrocenium oxidizes the dianion and desorbs the CO 2

before the fluid exits the system. In addition, the rectangular design means there is asymmetric flow through

the channel, with slower flow in some of the corners, and mixing at the outlet. This reduces the current by

making for larger regions where it is mass-transfer limited at the electrode surface.
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6 Experimental demonstration of CO 2 capture and release in flow-
through-electrodes design

C> ocrauctior
The operational challenges faced in demonstrating carbon capture in the laminar flow with planar

electrodes (Chapter 5) motivated the idea to use the quinone-ferrocene couple in a "flow battery"

configuration to demonstrate electrochemical absorption and desorption.

The system was tested in two configurations. In Configuration 1, the quinone sorbent was contacted

with the simulated flue gas (15% CO2, 85% N 2) in the reservoir, and recirculated between the reservoir and

the porous carbon electrode compartment. Figure 6.1 is a cartoon showing the relevant species, equipment,

and compartments for a flow battery design in Configuration 1.
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Q(C2)22-

LiJ

Figure 6.1 Flow through electrodes, Configuration 1, Reduction/absorption step.

In Configuration 2, the simulated flue gas enters the system at a branch at the entrance to the

electrode compartment, so that it is essentially bubbled through the porous electrode, while the electrolyte

flows through the same porous electrode. Figure 6.2 is a cartoon showing the relevant species, equipment,

and compartments for Configuration 2.
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Figure 6.2 Flow through electrodes, Configuration 2, Reduction/absorption step.

In both configurations, a solution of 50 mM ferrocene is recirculated in the other electrode

compartment, and the electrodes are separated by a porous polypropylene membrane. The Tee fitting at the

lower right corner of the flow cell allows for one stream (fluid only) or two streams (fluid and gas at the

same time) to enter the electrode compartment. The Tee fitting at the center neck of the 3-neck flask is

where the gas exits the system (and flows to the CO 2 analyzer). When the second tube of the Tee is

connected to the gas stream then the flue gas enters the system here. Each liquid stream has its own pump.

6 .2 Mater aIs and -rnethods
The solvent for all experiments was dimethyl sulfoxide, purchased from Sigma-Aldrich (99.9%

pure, anhydrous), and extracted from the container under Argon via a needle through the rubber septum.

The following experimental materials were purchased and used directly from their containers: ferrocene

(Sigma-Aldrich, 98%), 9,10-phenanthrenequinone (Sigma-Aldrich, >99%), and lithium perchlorate

(Sigma-Aldrich).

Volumetric flasks and 3-neck flasks were cleaned with a combination of acetone and isopropyl

alcohol and dried in an oven set at I 000 C for at least 15 minutes. Every experiment involved two electrolyte
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mixture in dimethyl sulfoxide ([MSO) solvent: one was 50 mM PQ and 100 mM LiCIO 4, and the other

was 50 mM 1cF, 100 mM LiClO4. The mixtures were prepared in the volumetric flasks. 100-200 mL of each

mixture was placed in its own clean and dry 3-neck flask with a clean and dry stir bar, and purged with a

gas strean whose composition was 15% CO2, 85% N, .

The experimental apparatus was originally designed and built by Stern [50], and Figure 6.3 contains

a picture of the apparatus, partially disassembled. The apparatus consists of two white plastic parts (made

of Delrin), that have a 1.5 in' compartment (1" x 3" x 0.5"). In each compartment is a flow-through electrode

made of glassy carbon "foam". Through the top of each plastic chamber, a "' graphite rod passes through

the wall, providing an electrical contact to an external power source. The electrical connection is reinforced

with carbon "felt", a soft, fibrous form of carbon that is malleable and easily shaped. On the "back" side of

each Delrin chamber (not shown), two stainless steel fittings are threaded in to the plastic part. The stainless

steel fittings have threading on one side, and a Luerlock-type fitting on the other side. The threaded side

turns in to the Delrin chamber and ensures a tight seal, and the Luerlock fitting makes for easy connection

to the inlet and outlet tube fittings.

Or

C) D

03

Figure 6.3 (left) Picture of the two chambers containing flow-through electrodes, shown side-by-side. (right)
A schematic of what the chambers look like when the system is closed.

Stern's original device was not meant to withstand aggressive solvents. like DMSO, and it could

not remain sealed if the contents were under significant pressure. Therefore, the electrodes and the Delrin

compartments were modified to better suit this experimental set up. Originally, there was a 1/" diameter

hole at the top of each chamber. After pushing a graphite rod through the hole and making sure it was in

touch with the carbon foam, the designer used hot glue around the top of the rod to "seal" the hole.
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Obviously, this seal did not survive contact with DMSO. A better design for sealing the system is to use

compression fittings that would be threaded on one side, and compression fittings on the other side. For this

work, the plastic compartments from the original device were drilled and tapped so that they could

accommodate the threaded fitting. Using appropriate compression fittings, it was possible to seal the

connection to the plastic compartment and the connection to the graphite rod. This connection provided a

reliable seal even when working with DMSO and with some added pressure.

Every part of the flow-through apparatus was cleaned and dried before and after each experiment.

For each experiment, two layers of Celgard 3501 membrane were used as a separator between the two flow-

through chambers so that the liquids would not mix. The bolts that span the entire device were placed and

finger tightened in a diagonal and then circular pattern.

For each experiment, the two 3-neck flasks acted as reservoirs for their respective fluids. Both

flasks were stirred, and both flasks were fitted with Teflon stoppers that were custom-built to be threaded

for 1/4-NPT stainless steel compression fittings. The compression fittings are required to seal the connection

between the Teflon stopper and the Teflon tubing passing through the stainless steel fittings. Teflon gaskets

were placed between the Teflon stopper and the necks of the glass flask to seal the connection. Figure 6.4

is a picture of the actual laboratory set up. Mixture of red and green food dye were used to highlight the

paths of the ferrocene ("red") stream and the quinone ("green") stream.

To be able to test the two configurations (Figure 6.1 and Figure 6.2), the inlet connection on the

quinone chamber was modified with a "Tee" fitting (shown in Figure 6.4). The Tee allows for one or two

streams to flow in to the electrode chamber at that point. Therefore, it is possible to have the flue gas enter

at that branch on the inlet side to an electrode chamber (lower right) or not. Similarly, the Tee fitting at the

center neck of the 3-neck flask (right side of Figure 6.4, green dye) allows the option for the flue gas to

enter there, or not.
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Figure 6.4 Experimental set up for CO 2 capture using flow-through electrodes. Liquid paths are highlighted
using solutions of red and green food dye.

The CO2 Analyzer was purchased from co2meter.com. A rotary vane pump was used to pump the

quinone electrolyte, and it was purchased from Fluid Metering Inc, and outfitted with special Teflon fittings

that are safe to use with organic solvent. A peristaltic pump was used to pump the ferrocene electrolyte. All

tubing was either 1/8" Teflon tubing or chemically-resistant Masterflex tubing, and all fitting were either

polypropylene or stainless steel.

For the experiment performed in Configuration 1, the gas mixture of 15% CO2, 85% N2 was

pumped in and out of the 3-neck flask/reservoir at a rate of 14 to 15 mL/min. For the experiment performed

in Configuration 2, the gas mixture was pumped in at the inlet fitting to the cathode chamber, and the outlet

gas exited the system from the 3-neck flask.

In each experiment, a mixture of 50 mM Fc and 100 mM LiC104 in DMSO was pumped at a rate

of about 10 mL/min on the left side. The mixture was saturated with a gas mixture of 15% CO2 and 85%

N 2 before and during the experiment. A mixture of 50 mM PQ and 100 mM LiC104 in DMSO was pumped

at a rate of 11.2 mL/min on the right side. During each experiment, the current, voltage, and percent CO 2

in the outlet gas were recorded, along with the gas and liquid flow rates. After establishing a baseline for

the percentage CO2 readout, a potential of +1 V was applied, and the current and percent CO 2 were

observed, while the gas flow rate was maintained constant. After re-establishing the baseline, the same

procedure was used, but a potential of -IV was applied.
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There were two sets of experiments performed with the flow-through electrode apparatus. The first

was set up in Configuration I - with the gas stream entering and exiting the system at the glass reservoir.

The current and percent CO 2 in the outlet are plotted as functions of the experimental duration in Figure 6.5

and Figure 6.6. Figure 6.5 shows the current for the reduction of quinone (left). The consequential drop in

the percentage of CO2 as it exits the absorber (shown on the right in Figure 6.5) proves the CO2 is being

absorbed by the reduced quinone. Figure 6.6 shows the same measurements for the oxidation step. For

clarity, the absolute value of the current is presented for the oxidation step. In reality, oxidation of the

quinone corresponds to a negative current.
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Figure 6.5 Experimental results for the reduction
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Figure 6.6 Experimental results for the oxidation of quinone dianion adduct, desorption of CO 2, and reduction

of ferrocene. The plots show the current (left) and the percent of CO2 in the outlet gas measured by the CO 2 analyzer

(right).
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Qualitatively, the drop in percent CO 2 in the outlet stream (Figure 6.5, right) is a clear indication

of CO2 capture linked to electrochemical reduction of quinone (Figure 6.5, left). The increase in percent

CO 2 capture in the outlet stream (Figure 6.6, right) indicates a release of CO 2 that is linked to oxidation of

quinone (Figure 6.6, left). The time scales on the x-axes illustrate that these experiments are much longer

than the experiments in which the qUinone and ferrocene move through the flow cell experiments (Section

5.4), but they show much more dramatic CO 2 capture and release, at a larger scale. Note that the data points

around 2 hours (15.2%) are not experimental. Rather, they reflect an unexpected drop in pressure of the

inlet gas stream. Similarly, one observes a shift in the baseline CO 2 percentage from the reduction test to

the oxidation test. The baseline is somewhat sensitive to changes in the inlet gas flow rate and pressure.

Therefore, the shift in baseline is most likely a result of a slight change in the inlet gas flow rate, controlled

by a rotameter. The oxidation data are smoother and clearer because a better procedure for controlling the

inlet gas flow rate and pressure was implemented between the two runs.

One would expect better performance from a cell in which the gas contacting occurs in the electrode

chamber. A system in which the gas stream entered the system at the electrode compartment would resolve

this issue. An experiment in which the 15% gas stream entered the system at the branch was set up, using

the same liquid concentrations and flow rates. The set up is describe in Figure 6.2. The gas flow rate was

set and stabilized at I I mL/min before the liquid pumps were turned on. Once the liquid pumps were turned

on, it was impossible to control the pressure and flow rate of the inlet gas, because the rotameter is very

sensitive to downstream pressure. Also, the liquid lines in the system are somewhat prone to clogging, and

this issue is exacerbated by the disruption of flow by the gas bubbles. Moreover, the liquid outlet from the

electrode chamber is not at the top of the chamber, so there tends to be a buildup of a gas bubble that

periodically purges through the liquid outlet. This behavior drives a huge variability in the outlet flow rate

of gas and liquid, which leads to variability in the inlet flow rates of gas and liquid. Sometimes the liquid

would drain in to the gas line, and then the pressure would change and the gas line would push it back in to
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the chamber. As a result, it was not possible to draw quantitative conclusions from this experiment. It may

be possible to reconfigure the system to fix some of these issues.

6.4 Conclusions
A design for electrochemical carbon capture in a flow-through electrode system, and its

experimental results, are presented in this chapter. The results link the electrochemical cycling of the

quinone-ferrocene couple to absorption and desorption of carbon dioxide. These results, combined with

those presented in Chapter 4, demonstrate the first application of quionone and ferrocene as an electrolyte

for electrochemically-mediated carbon capture. The inherent flaws of a system in which the carbon

absorption/desorption occur at the reservoir were addressed with an attempt to have the flue gas enter the

cathode chamber, but the CO2 measurements were not sufficient to demonstrate viable carbon capture in

that configuration. Better control of the pressure and flow rate of the gas and liquid streams as they enter

and exit the cathode chamber would improve these experiments in the future.
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7 Conclusions and recommendations for future work
7.1 Summary of major work and contributions

Several novel designs are proposed and analyzed for implementation of a quinone as an electrically-

controlled CO2 sorbent for separation from a flue gas. In Chapter 2, a design in which the quinone is a

vehicle for facilitated transport across a supported liquid membrane is introduced. An analytical solution

for the current-potential equation is derived and used to evaluate the performance of this system in terms

of energy and flux capabilities. Calculations relating the energy cost to the CO 2 flux elucidated operating

regimes that were most likely to be optimal, and those parameters that would have both relatively significant

(membrane thickness, quinone permeability, gas permeability) and insignificant (electrolyte conductivity)

effects on cell performance. The issue of solvent loss in a supported liquid membrane design is highlighted,

and this motivates exploration of alternative designs.

Motivated by mass transfer limitations and solvent loss, a design for a novel system of continuous

carbon capture using a quinone in a flowing electrolyte is explored. In this design, the quinone-dianion

reaction occurs symmetrically at two electrodes, one porous and one solid. During operation, carbon dioxide

is absorbed at the porous cathode and desorbed at the solid anode. When the flux is high enough, there is a

region near the anode where the electrolyte is supersaturated in carbon dioxide. Therefore, the complete

system has two flash tanks at different pressures to desorb and collect the carbon dioxide. A numerical

simulation is proposed and created to calculate the concentrations and potential in the flowing electrolyte.

The electric energy demand and rate of CO 2 capture is calculated from the simulation results, and the

additional energy demands of the two pumps are included in the calculation of the work of capture. The

design analysis reveals the impact of the position of the stream break and the efficiency of the vacuum

pump, and other factors. Results show clearly that there is a cell potential that optimizes the energy cost per

mole carbon dioxide. Within the range of 0.1 to 0.3 bar, increasing the electrolyte saturation actually

decreases the overall energy requirement because it reduces the pumping demand more than it reduces

current efficiency.
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Chapter 4 is the first presentation of a novel coupling of the reversible, electrochemical reactions

of quinone to ferrocene for applications in carbon capture. Experimental results with two graphite rods as

electrodes in various mixtures demonstrate the electrochemical activity of such as system, and its

reversibility. These experiments demonstrate the reactive coupling of the Faradaic reactions of quinone and

ferrocene at graphite surfaces, and the ability to cycle these reactions.

To demonstrate the concepts presented in Chapters 3 and 4, a bench-scale test cell for

electrochemical carbon capture in a flowing electrolyte is designed and built. A mixture of ferrocene and

ferrocenium is used as a proxy for the quinone-dianion system, and the steady-state current-potential curves

for that electrolyte in flow are shown. Using a mixture of phenanthrenequinone and ferrocene, the current,

voltage, and carbon capture rates of the system are measured. This is the first demonstration of carbon

capture in a system like this, and the first demonstration of an electrochemical cell that couples quinone

and ferrocene in organic media for this application.

Experimental issues prevented demonstration of CO., desorption using the laminar flow

electrochemical cell. Instead, electrochemical cycling of CO 2 absorption-desorption via quinone is

demonstrated in a flow-through electrode design. The results link the electrochemical cycling of the

quinone-ferrocene couple to absorption and desorption of carbon dioxide. This work is presented in Chapter

6.

Together, these results serve as an evaluation of two designs and two chemistries for

electrochemical carbon capture. A flowing electrolyte is advantageous because there is enhanced mass

transfer across the boundary layer (as compared to a stagnant thin film) at the same time that the laminar

flow profile prevents reactant crossover. Coupling the redox-switchable sorbent, the quinone, to the fast,

reversible electrochemical interconversion of ferrocene and ferrocenium is a novel and practical chemistry

for carbon capture in these designs.

7.2 Directions for future research
All of the designs presented here would benefit from development of the electrolyte and the sorbent

chemistry. In all cases, the rate of carbon capture is a strong function of current, and the current is a strong
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function of the quinone concentration. By inspection, the optimal concentration should be the highest

possible quinone concentration that does not break the solubility limit at a given temperature. However, it

is important to account for ferrocene and the supporting electrolyte. If the ohmic losses increase

dramatically as the relative amount of supporting electrolyte goes down, it may counteract the increase in

performance from increased quinone solubility.

Future work should also investigate the performance and properties of the membranes at elevated

temperature. Increasing the temperature will have several competing effects on the cell performance, and a

design analysis can tease out the dominant behaviors to find cost-effective solutions. Increasing the

operating temperature will reduce efficiency by increasing the cell voltage and the shaft work of the vacuum

pump. At the same time, the permeability and conductivity of the electrolyte increases with increasing

temperature. This increased permeability will produce higher currents and carbon capture rates. It will also

reduce the overall viscosity, which should reduce frictional losses along the channel. Increasing temperature

should also decrease the solubilities of the gaseous species. Reducing the gas permeabilities (up to a point),

should enhance performance by increasing current efficiency and making it easier to supersaturate the

electrolyte. Thus, temperature is an interesting parameter that can be investigated with the existing model

and accounting for changes in physical parameters from increased temperature.

The specific chemistry of ferrocene and ferrocenium is somewhat challening for carbon capture

because ferrocenium is known to be oxygen sensitive. However, the literature reports that sufficient

alkylation of the cyclopentadienyl ring can stabilize the species. Specifically, octamethylferrocene and

decamethylferrocene are reported to be stable to the presence of dissolved oxygen in acetonitrile solvent.

[96]

Future work with the flow cell design from Chapter 5 should focus on improving the design to

eliminate the issue of the electrolyte leaking in to the gas channels and leaking out of the cell itself. A new

design that uses the same graphite electrodes should have an o-ring diameter that is as large as possible, but

still inside the bolt pattern. Teflon-treated carbon paper may also improve the results. A gasket may be a
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better alternative to the O-ring, but gaskets tend to be harder to seal because the greater surface area requires

a greater pressure to compress and seal the system. In addition, the flow channel itself should be designed

to eliminate "dead spots" and fluid mixing. The liquid inlet and outlet channels should be re-designed to

better approximate laminar flow between the electrodes. That may include flow distributors or other devices

that improve the transition from flow in a %" tube to flow in a 1 cm channel.

A complete system of electrochemical carbon capture using the quinone-ferrocene couple in a flow

cell might include a "chemical desorber", in which the fluid that is rich in ferrocenium (anode boundary

layer) and dianion adduct (cathode boundary layer) is mixed together. In the desorption tank, the

ferrocenium oxidizes the dianion adduct and the carbon dioxide is released. Alternatively, there is

opportunity to use the accumulation of ferrocenium and dianion adduct at the flow cell outlet as a "battery"

and desorb the CO2 at the same time. A second laminar flow cell downstream of the absorption cell could

implement galvanic operation to convert the chemical energy of the ferrocenium-dianion mixture to electric

energy, and desorb CO 2 in a gas diffusion electrode. The chemical energy is converted to heat when the

two fluids are simply mixed, and the mixture that results must be cooled before it can be recycled to the

flow cell. A galvanic cell design would facilitate the recovery of the chemical energy through an electric

circuit.

In the new design, the pressure of the second cell will determine its utility. Desorption at 1 bar CO 2

partial pressure may not be effective, depending on the physical solubility of CO 2 in the electrolyte. It might

be difficult to run the electrochemical cell at sub-atmospheric pressure, because it is likely that the

electrolyte would just get sucked in to the gas channels. A more feasible alternative is to desorb CO 2 at

atmospheric pressure and then use a flash tank downstream to evaporate any remaining CO 2 at lower

pressures, before re-pressurizing and recycling the electrolyte.
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9 Appendix: Derivation of Navier-Stokes equation for pressur-d

flbetween flat I"' plates ith iorc coriates
The modeling in Chapter 3 employs the coordinate system shown below. Note that the oriin is in

the lower left corner of the channel itself. The lower section (from y=0 to y = -w. and x = 0 to x = L) is the

regron Where the flue gas flows through the device and contacts the cathode. The cathode is modeled as a

vanishingly thin planar interface at y=0. The middle section (from y=0 to yxh) is where the electrolyte

flows between the two electrodes. The anode is modeled as a thin planar interface at y h.

A Y h

x

w

FiIgure 9.1 Coordinate system and dimensions for flowing electrolyte membrane.

Solution of the Navier-Stokes equation for pressure-driven flow between flat plates produces the

velocity profile for the electrolyte fluid (meriibrane). Here, expressions for the velocity profile and average

velocity are derived with the (dimensional) variables and coordinates consistent with this docUmennt.

The Navier-Stokes equation for the x-component of the velocity vector, in Cartesian coordinates,

simplifies to the pressure term and the viscous term. The equation is reduced to a linear partial differential

equation. It is assuried that the density is constant. With unidirectional flow, the pressure gradient is not

dependent on the v-coordinate, so it is treated as a constant and the equation is simplified to an ordinary

differential equation.

__P d 2 v~
0=pg,.- +p I d02)

Dx dy(
Boundary conditions - no slip conditions at both walls

vJ, (y 0)= 0 (103)

vy = h)= 0 (104)
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It is convenient to non-dimensionalize the spatial coordinates of the problem (in terms of the

definitions in Section 3). The dimensionless ODE is shown below.

I lp 2 
1
2v

L a -h2  a5p2  (105)

v,{ (Y=0)=--~v(Yp = 1)= 0
Integration of the differential equation in terms of y and application of the boundary condition

yields the following velocity profile. The physical parameters that govern this profile include the viscosity

(u), the pressure gradient, and the channel height (h).

v - h = Ig a (-9 2 (106)
XM -2p( gx L ac-)

It is convenient to non-dimensionalize the velocity to the average velocity, U. The expression for

the average velocity as a function of the flow parameters is derived here.

U= J v())dy (107)
p=0

h 2 1 ap
U =- pg, f(p-9 d (108)

211p L a5 o

h 2 1 ap
U = pg (109)

12p ( L a)
For completeness, the dimensional and dimensionless velocity profiles are shown below.

h22v(y)= ) pgU J (110)

2u Qh (xh) h
2

y = (112)
h
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10 Appendix: Notes on graphite electrodes in quinone-ferrocerne
experiments

For the initial tests of the quinone-ferrocene coupled system, I used %" graphite rods purchased

from McMaster-Carr for the experiments. Initially, I thought I could wash and reuse the graphite electrodes.

I found that the process for washing and reusing the graphite electrodes didn't work in a reliable

way. When I measured the open circuit potential of the experiment before the entire process, and in between

each chronoamperometry, I observed huge variations in the initial open circuit potential when the initial

open circuit potential should always be effectively zero.

For a homogenous mixture and two identical electrodes, the open circuit voltage measured between

those two electrodes should be approximately zero. That is, there should be no difference in the

electrochemical potential between the two electrodes and the two adjacent electrolytes. To validate this and

to determine if it were possible to wash and re-use graphite rods as electrodes, the open circuit potential

was measured before each of the experiments in the "quinone-ferrocene" series. The results show that the

experiments in which the electrodes are re-used produce open circuit voltages that are much higher than

those for new electrodes. Most likely, the washing step is ineffective at removing material that is in the

pores or adsorbed on to the graphite surface. Once these results were observed, future experiments were

performed exclusively with new electrodes, and the experiments that involved tainted electrodes were

repeated with new electrodes to ensure reliable data.

The first series of experiments proving the reduction of quinone and oxidation of ferrocene were

performed in a small glass vial. They were stirred with a Teflon magnetic stir bar rotating at 500 rpm for

the duration of the experiment. The electrodes were two identical graphite electrodes, 1/4" in diameter,

purchased from McMaster-Carr (part #9121 K71). The part from McMaster-Carr is a 6 inch rod that is cut

in half to produce two electrodes. One end of each electrode is "'shaved" so that it is thin enough to be

connected to the potentiostat leads.

Reasons for using graphite electrodes instead of glassy carbon ones:

1. Minimize mass transfer limitation
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a. The graphite electrodes have much higher surface area than the glassy carbon electrodes.

b. A stirred electrolyte has better mixing and faster mass transfer than a quiescent electrolyte.

2. Approximate operation in the flow cell test cell

a. The flow cell electrodes are also graphite (most likely from a different manufacturer). Both

types of graphite electrodes are porous. By comparison, the glassy carbon electrodes have

a polished, well-defined surface area and surface chemistry.

The disadvantages of the graphite electrodes are that the surface reactivity is not well-defined and

not necessarily nor precisely consistent from one graphite rod to the next, or from one type of graphite to

the next. Similarly, they are not machined to precise surface areas, so there is likely some variation among

experiments.

To summarize, the graphite electrodes are advantageous because they are a better representation of

the results expected from the flow cell test cell. The disadvantage is that the variability in surface chemistry

and resistance adds a certain amount of uncertainty to quantitative results. To reduce the impact of this

potential variability, the same kind of graphite rods were used for every experiment, and rods were not re-

used. Moreover, the experiments were designed with the intent of observing differences in reactivity that

are large enough that this uncertainty is acceptable. The results corroborate this assumption: the currents

observed for the mixtures with both quinone and ferrocene are approximately 100 times higher than the

currents observed in mixtures that are missing either or both of those components (see Section 4.3). It is

highly unlikely that the surface reactivity and surface area of the graphite electrodes would vary by two

orders of magnitude from one experiment to the next.

Finally, to determine if it were possible to wash and re-use graphite rods as electrodes, the open

circuit potential was measured before each of the experiments in the "quinone-ferrocene" series. Figure

10.1 is a plot of the open circuit potentials for the first 10 experiments in this series. The orange bars

represent the open circuit potential at the beginning of an experiment in which the graphite electrodes had

been washed with DMSO, and then with acetone, and then dried with air. The blue bars represent the open
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circuit potential of an experiment with brand new electrodes (with no specific preparation step). The results

show that the experiments in which the electrodes are re-used produce open circuit voltages that are much

higher than those for new electrodes (0. 1-0.2 V, compared to 0.01 -0.02V).

0.3 r I
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0.1
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-0.4 I

Figure 10. 1 Open circuit potential for the first ten experiments in the quinone-ferrocene series. The blue bars

indicate experiments with new, unused graphite rods. The orange bars indicate experiments in which used graphite

rods were cleaned and re-used in a new mixture. The expeirments are labelled by the date they were performed.

Most likely, the washing step is ineffective at removing material that is in the pores or adsorbed on

to the graphite surface. Once these results were observed, future experiments were performed exclusively

with new electrodes, and the experiments that involved tainted electrodes were repeated with new electrodes

to ensure reliable data.
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Figure 10.2 Current as a function of applied potential for a two-electrode experiment with two graphite

electrodes. The two sets of blue data were gathered using identical mixtures. The red data are from a "blank"

experiment on a mixture of 100 mM LiCIO4 in DMSO.

Figure 10.2 contains data from three experiments. Two of the experiments involve mixtures of 50

mM ferrocene, 100 mM LiCIO 4 in DMSO solvent. The light blue data are from an experiment involving

two graphite electrodes that had been washed and dried from their previous use. The dark blue data are

from an experiment involving two new, unused graphite electrodes. The red data are meant to act as a

reference; they are from an experiment involving two new, unused graphite electrodes in 100 mM LiCIO 4

in DMSO solvent (a "blank" experiment). The differences in the light and blue data highlight the issue with

re-using graphite electrodes. The light blue data show a system that is significantly more reactive at low

potentials as compared to the system with new electrodes. Most likely, the re-used electrodes have reactive

species embedded in the pores and/or adsorbed to the graphite surface.
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11 Appendix: Experimental attempts at dianion quinone synthesis
11.1 Introduction

Demonstration of CO2 capture using the quinone-dianion couple requires the creation of an

electrolyte mixture containing the neutral quinone and the dianion. The dianion may or may not be

complexed with CO2. For most of the quinones intended for electrochemical C02 capture, it is possible to

purchase the neutral form of the quinone from Sigma-Aldrich as a powder. In some cases, it is possible to

buy quinones whose ketone oxygens are reduced to the hydroxyl form. At this time, it is not possible to

purchase any quinones in which one or both of the ketone oxygens is in the radical anion form with a cation

to balance the charge. Therefore, the dianion form must be produced in the lab before the redox couple can

be used for systematic carbon capture.

In this project, I attempted to create the quinone-dianion mixture using three different methods

before switching to the quinone-ferrocene couple for experiments. The three methods are listed below.

1. Deprotonation of a hydroxyquinone to produce a salt in which the dianion quinone is the anion.

2. Electrochemical reduction in the "flow battery" apparatus.

3. Electrochemical reduction in a "bulk electrochemical cell", and then pumping the quinone-dianion

mixture in to a different electrochemical apparatus.

The first and third methods failed to produce a useful electrolyte mixture. The second method was

successful, but inflexible and difficult. The series of experiments to produce an electrolyte containing

quinone and dianion are summarized in Table 4. In this appendix, the results are presented in more detail.

11.2 Deprotonation of hydroquinone
In this experiment, two attempts to deprotonate quinhydrone and produce 1,4-benzoquinone in the

dianion form, balanced by the conjugate acids of the two bases. Pyridine and trimethylamine were

recommended by a collaborator as common organic bases. Table 9 contains the pKa values of

hydroquinone, pyridinium, trimethylamine, and tert-butyl alcohol in water and DMSO. The results show

that the proton in pyridinium is more acidic than the proton for hydroquinone, and that means that pyridine

is not basic enough to deprotonate hydroquinone. Note that the pKa value listed for hydroquinone is the
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pKa of one of the protons (the molecule is symmetric), the pKa of the "second" proton will be higher.

However, based on the tabulated pKa values, trimethylamine should be basic enough to deprotonate

hydroquinone. At the least, it should be able to remove the "first" of the two protons available in

hydroquinone.

Table 9 Table of pKas of select species in water and DMSO

Species pKa in water pKa in DMSO
semiquinone (QH-) 4.10 [97] Phenol: 18.0 [98, 99]

Protonated dianion quinone (QH2) 9.9 [100] (not found)
Pyridinium 5.2 [101] 3.4 [98, 102]

Triethylammonium 10.75 [103] 9.00 [103]
tert-Butyl alcohol 19 [101], 17.0 [103] 29.4 [103], 32.2 [98, 104]

The solvent for all experiments was dimethyl sulfoxide (DMSO), purchased from Sigma-Aldrich

(99.9% pure, anhydrous), and extracted from the container under Argon via a needle through the rubber

septum. The following experimental materials were purchased and used directly from their containers:

quinhydrone (QH, Sigma-Aldrich, 97%), pyridine (Sigma-Aldrich, anhydrous, 99.8%), triethylamine

(Sigma-Aldrich, >99%). Quinhydrone is a complex that is 1:1 1,4-benzoquinone and 1,4-benzenediol

(a.k.a. hydroquinone). Experiments were performed in a 50 mL round-bottom flask that was cleaned with

acetone and isopropyl alcohol, and dried in a glassware oven at temperatures greater than 80'C for at least

15 minutes. A small, clean Teflon stir bar was used to stir the experiments.

For each experiment, 45 mL of the mixture was first purged with pure nitrogen for at least 30

minutes. Then, a gas mixture of 15% CO 2 and 85% nitrogen (N2) was bubbled in to the fluid, and the

amounts of CO2 and N 2 that left the flask were quantified using a gas chromatograph. The resulting data

describe the equilibrium C02 capacity of a given mixture (Table 10) and the rate at which CO 2 is absorbed

as a function of time (Error! Reference source not found.).

Table 10 Concentration of CO 2 in equilibrium with a gas composed of 15% CO2, 85% N2 at 50'C.

50 mM QH,
50 mM QH, 100 mM TEA, 100 mM TEA,

DMSO DMSO DMSO DMSO
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CO, Concentration (mM) 24 23 90 69

Extra CO. capacity (mM) [baseline] 0 66 45

mole CO, per mole 0.66 0.51*

absorption site

Temperature = 50'C. "QH" is quinhydrone, "TEA" is trimethylamine, "DMSO" is dimethyl sulfoxide.
*The maximum capacity is calculated assuming the TEA remove one proton per hydroquinone, and the
remaining 50 mM TEA absorbs 0.66 mol CO 2 per mol TEA.

The data in Table 10 show that all four mixtures absorb CO 2. The physical absorption of 45 mL of

DMSO is 24 mM, and the absorption is the same for a mixture of 50 mM quinhydrone (50 mM

benzoquinone, 50 mM hydroquinone). There is no additional absorption from the benzoquinone and

hydroquinone, which is as expected because all binding sites are protonated. The solution of 100 mM

triethylamine and the mixture of 50 mM hydroquinone, 100 mM triethylamine demonstrate significant CO 2

absorption capacity above the baseline value. A mixture of 100 mM triethylamine absorbs 90 mM CO 2

total, and the presence of triethylamine accounts for an additional 66 mM CO2 absorbed on top of the

physical absorption of the solvent. The mixture of 50 mM hydroquinone and 100 mM trimethylamine

absorbs 69 mM CO 2 total, and the presence of the quinone and amine accounts for an additional 45 mM

CO 2 absorbed.

The capacity of a mixture of quinhydrone and triethylamine depends on the state of each base

present in the mixture. The quinhydrone in that mixture is really 50 mM benzoquinone (which is "inert" in

terms of CO 2 absorption) and 50 mM hydroquinone. If both protons are abstracted from the hydroquinone

hydroxyl groups, then the maximum capacity of a fluid with 50 mM quinhydrone is 100 mM CO 2 plus the

physical solubility, assuming that every radical ketone on the quinone absorbs CO2 at equilibrium. If

triethylamine is only capable of removing one proton per hydroquinone, then the maximum capacity is 50

mM CO2 plus the physical solubility. The control experiment with triethylamine alone indicates that it will

absorb 66 mM CO2 per 100 mM triethylamine. Therefore, the results seem to indicate that at best, the

triethylamine removes one proton per hydroquinone, producing 50 mM of the benzoquinone radical anion
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for C02 absorption. In addition, there should be 50 mM of triethylamine available for CO 2 absorption,

providing an additional 33 mM CO 2 absorption capacity. Therefore, the mixture could absorb a maximum

of 88 mM CO 2 on top of the physical solubility. The measured value is 45 mM CO 2 absorbed in addition

to the baseline value.

The cumulative absorption data alone cannot reveal the distribution of absorbed CO2 between the

quinone and triethylamine. Figure 11.1 illustrates the instantaneous rate of CO 2 absorption over the elapsed

time of the experiment for each of the four mixtures. A steeper slope of the rate curve corresponds to a

faster rate of absorption. The results for 45 mL of DMSO (red) and 45 mL of 50 mM quinhydrone in DMSO

(green) are nearly identical. For both those cases, the rate of absorption decays to zero within the first 40

minutes of the experiment. Those curves indicate the overall rate of physical absorption to the point of

equilibrium. The black curve represents the mixture of 50 mM quinhydrone and 100 mM triethylamine and

the blue curve represents the solution of 100 mM triethylamine by itself. The mixture of quinhydrone and

triethylamine absorbs CO2 more slowly than the physical absorption of the solvent and more quickly than

triethylamine by itself. The fact that the absorption rates are different for the mixture and for the

triethylamine control supports the claim that in the mixture, the quinone radical is absorbing some CO 2. If

the triethylamine were unaffected by the quinone, then the absorption rate should be unaffected. If the two

species interact but the triethylamine is the one that absorbs CO 2, then the total amount of CO 2 absorbed

should be the same for the mixture as for the triethylamine control, even if the absorption rate is different.

The observed reaction rates are consistent with the voltammetry data that indicate that quinone radicals

(and anions) complex with CO 2 relatively quickly. They are also consistent with the literature data that

indicate that absorption of CO2 by tertiary amines is relatively slow. Together, the results indicate that the

triethylamine deprotonates some of the hydroquinone, and the resulting quinone species absorbs CO 2.
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Figure 11.1 Rate of CO 2 absorption, in standard mL/min, as a function of elapsed time for a mixture containing
DMSO, quinhydrone, triethylamine, and a mixture of quinhydrone and triethylamine.

The purpose of deprotonating quinhydrone is to produce a mixture of neutral and reduced quinone

for electrochemical experiments. This system only works if the protonated amine, triethylammonium, is

stable under conditions of electrochemically-driven absorption and desorption. This means that the

triethylammonium must stay protonated (in organic solvent) while the quinone absorbs and desorbs CO2 ,

and it must not react electrically in the neighborhood of the quinone redox potentials.

To test the feasibility of the quinhydrone-triethylamine mixture as a useable electrolyte, the mixture

was tested as a thin film between two planar electrodes. Specifically, a mixture of 10 mM quinhydrone and

22 mM triethylamine in propylene carbonate was prepared using volumetric flasks and purged with CO 2

for at least an hour. A small amount of this mixture was placed in a "I D" cell whose walls consists of two

glassy carbon electrodes, each with an area of 0.07 cm 2 , placed with their surfaces in a vertical orientation,

and parallel to each other. The mixture is placed between these electrodes, and the entire membrane is under

100% CO2 atmosphere. If the quinhydrone-triethylamine reaction produces a stable mixture of radical

anion or dianion adduct, benzoquinone, and triethylammonium cation, then it should be possible to have

steady-state reduction of benzoquinone and oxidation of the radical anion or dianion adduct in a planar

membrane configuration (See Chapter 2 for more details on this configuration). The results are shown in

Figure 11.2.
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Figure 11.2 Theoretical I-V profile (lines) and experimental results (circles) for benzoquinone-radical anion
couple in planar membrane.

If the deprotonation produces a stable mixture of 1,4-benzoquinone and a reduced form of 1,4-

benzoquinone, then it should be possible to circulate those species in a planar membrane. A successful

experimental run would produce a steady-state current carried by reduction of 1,4-benzoquinone at the

cathode and oxidation of 1,4-benzoquinone radical or dianion at the anode. The two species should steadily

diffuse from one electrode to the other. Figure 11.2 shows a plot of the theoretical current-potential profile

for a benzoquionone-dianion couple (solid black line), a benzoquinone-radical anion couple (dashed black

line) and the experimental results (circles). The experimental currents are nearly two orders of magnitude

lower than they should be according to the model. Practically, experimental currents of nanoamps indicate

that there is no real electrochemical activity under the conditions tested. Extremely low currents are an

indication that one of the electrochemically-coupled species is unreactive or simply not present in the way

it should be.

The results show that the observed currents are two orders of magnitude lower than those predicted

by the model. There are several possible reasons for this result. Hydroquinone is known to be air sensitive

and light sensitive. There were measures taken to protect the electrolyte from exposure to air and light, but

it is still possible that the material degraded before the triethylamine was able to deprotonate the quinone.

It is also possible that one of the species in the mixture reacts irreversibly under the electric potentials tested,
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so that the redox couple degrades quickly and cannot function as a sustainable "redox couple" for a

membrane. The system can only function if quinone is oxidized and reduce at both electrodes; if one or

both species is affected by the chemistry of the triethylamine, then the whole system fails.

The low current cannot be explained by the stoichiometry of the acid-base reaction between

quinhyrone and triethylamine. The literature pKa values listed in Table 9 indicate that in water, the

semiquinone radical is only slightly more acidic than pyridine, but both the semiquinone and hydroquinone

forms are more acidic than triethylammonium. There are no literature values for pKas of quinones reported

in DMSO. Also, it is difficult to predict a trend for changing from water to organic solvent, because the

values for triethylamine and pyridine in DMSO show that their pKas are more acidic in DMSO, but tert-

butyl alcohol has a more basic pKA in DMSO than water. Therefore, it is difficult to predict if triethylamine

is basic enough to remove both protons from hydroquinone. Even if triethylamine is only basic enough to

remove the first proton, the current should not be 100 times lower than that predicted by the model; it should

be half the value. At the same time, the CO 2 absorption results show a difference in CO 2 absorption capacity

and rate for the quinhydrone-triethylamine mixture as compared to either species alone. Regardless of the

explanation, the quinhydrone-triethylamine mixture cannot function as an electrolyte for any th Co2

capture designs presented in this thesis if its electrochemical activity does not reveal that it is possible to

couple the quinone to the radical anion or the dianion. Thus, this experimental direction was abandoned.

Further discussions with collaborators in the MIT Chemistry Department revealed that chemical

generation of the radical anion or the dianion has several issues to take in to account. They suggested that

there are several possible reactions that can occur in a mixture of triethylamine and quinhydrone:

* Triethylamine can sometimes act as a one-electron reducing agent, which means it might reduce

some of the benzoquinone (BQ) in the quinhydrone (QH) to a radical anion or dianion rather than

deprotonating the hydroquinone (HQ).

" The pKa of triethylamine is close enough to the pKa of hydroquinone that it is unlikely to produce

full deprotonation of the HQ starting material, even with two-equivalents of triethylamine. If this
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is the case in organic solvent, then mixing 2 equivalents of triethylamine with I equivalent of

quinhydrone would produce a mixture in which the quinone is distributed among three states: 50%

benzoquinone, 25% hydroquinone, 25% radical anion.

* Dianions are more unstable, in general.

* If oxygen is present, it may oxidize the anion quinone back to benzoquinone. This shouldn't happen

in the presence of C0 2, but it is still possible.

Therefore, they suggest that the chemical combination of triethylamine and hydroquinone is not the optimal

system for this application. They suggested I might use a stronger base, such as potassium tert-butoxide,

that has a stronger likelihood of removing at least the first proton, and maybe the second proton as well.

They also suggested I use a napthoquinone, because the neighboring benzene ring should help stabilize the

quinone and protect it against oxidization by any oxygen present and stabilize the anion and dianion forms.

Even so, they are not sure of the electrochemical behavior of a mixture of protonated quinone and potassium

tert-butoxide. If the potassium tert-butoxide produces a stable quinone anion or dianion, the electrolyte is

still only useful if the tert-butyl alcohol is electrochemically inert.

11.3 Electrochemical reduction in a flow-through electrode apparatus
Because of the inherent challenges of finding an appropriate protonated quinone and the correct

base to produce the dianion, the experimental focused shifted to electrochemical methods for producing the

electrolyte. One such method involved circulating two electrolyte through two porous electrodes, and

oxidizing something in the sacrificial material in order to reduce the quinones in the other electrolyte.

Specifically, a flow system was created to electrochemically reduce 9,10-phenanthrenequinone (PQ) in

dimethylsulfoxide (DMSO).

The flow system (Figure 11.3) has two chambers that are connected through the electric circuit and

a cation-selective membrane (Nafion) that allows the balance of charge while inhibiting the transport of

other species. In one chamber, a solution of 94 mM PQ in DMSO is pumped through a porous electrode.

There, the solution is reduced in the presence of dissolved C02. The product of this reduction should be the

dianion adduct (PQ(C0 2)2
2-). In the other chamber there is a solution of 100 mM tetrabutylammonium
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hexafluorophosphate (tBAPF6) in DMSO. This solution, also saturated in CO2, provides electrons and

counter-ions for the reduction of quinone. Without knowing explicitly what is being oxidized, the most

obvious choices are the hexafluorophosphate anion (PF6-) or the solvent, DMSO. The expectation is that

something in this solution is oxidized to provide electrons for the reduction of the quinones, and the

tetrabutylammonium cations will diffuse through the Nafion membrane to balance the charge of the newly-

formed quinone dianions.

CO2 satuated CO2 saturated
100 mM tBA F6, D 94 mM PQ, DMSO

Cation-selective membrane Nafion)

Figure 11.3 (left) Schematic of electrochemical reduction of PQ and oxidatino of sacrificial material. (right)
Picture of the experimental set up.

The picture in Figure 11.3 shows the actual experimental set up. A peristaltic pump is used to

circulate the electrolyte as it move through its reservoir and then its porous electrode "chamber". The 3-

neck flask on the right side of the picture is the reservoir for the PQ, and it is the point at which the

electrolyte is saturated with 100% CO2 . The glass vial with the purple lid on the left side of the picture is

the reservoir for the sacrificial material.

In this experiment, approximately half of the PQ is reduced to the dianion adduct. The potential

across the cell is set to a value between 2 and 2.5 V, and the current is observed as a function of time. Figure

11.4 shows the chronoamperometry results for the quinone reduction and the control experiments. The

steady-state current for the system with 94 mM PQ in the cathode chamber is -14 mA, while the current for

the two control experiments is approximately 0.7 mA at the same potential. The control experiments are

performed using a mixture of 100 mM tBAPF6 in DMSO (the sacrificial material) in both electrode

chambers, and they produce currents that are two orders of magnitude lower than a system with 100 mM

tBAPF6 in DMSO in the anode chamber, and 94 mM PQ, 100 mM tBAPF6, DMSO in the cathode chamber.
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Comparison of the control experiments to the PQ experiment reveals that the quinone participates in

electrochemical reduction in the cathode chamber because its presence results in a 100-fold increase in

current. These data are consistent with the electrochemical behavior of the quinone.
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Figure 11.4 Current (mA) in the flow cell as a function of elapsed time (min) at a potential of -2.25V and

room temperature. The solid blue line is data from a system with PQ in the cathode chamber. The dashed lines (red

and black) are data from control experiments with 100 mM tBAPF6 in both chambers.

Once the quinone mixture is produced, the flow apparatus can be reconfigured to a "figure eight"

setup so that it functions as an electrochemical CO2 capture unit. Figure 11.5 shows a schematic and a

picture of the flow-through electrochemical cell and two reservoirs in a figure-eight set up. The sacrificial

material is pumped out of the anode chamber and discarded, and the piping is rearranged so that the fluid

flows in and out of a chamber, then in and out of a reservoir, then through the other chamber and reservoir

before returning to the starting point. In this process, a solution of PQ, saturated in CO 2, enters the cathode,

where it is reduced. In Figure 11.5, the cathode chamber is the right chamber of the flow-through

electrochemical cell. Upon leaving the cathode, the solution enters a vessel that is purged with a stream of

100% CO 2 at room temperature and atmospheric pressure. This solution enters the anode, where the quinone

is oxidized and the CO 2 desorbed. The solution leaves the anode and enters a vessel that is also purged with

a stream of 100% CO2 at atmospheric conditions. Completing the cycle, this solution returns to the cathode

inlet.
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Schematic and (right) picture of "figure eight" set up of the flow-through electrochemical

Using the set up described above, a series of experiments have been performed in which the

volumetric flow rate of solution and the potential across the cell are fixed, and the current through the cell

is observed over time. The steady state current is recorded as a function of applied potential and flow rate.

Figure 11.6 is a plot of the resulting steady-state currents measured for potentials ranging from -2 to 2 V,

and flow rates ranging from 4 to 13 mL/min.
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Figure 11.6 Steady-state current (mA) as a function of potential (V) and flow rate (mL/min) for the quinone-
dianion couple in the figure-eight flow-through set up.

There are several qualitative and quantitative validations of the experimental data to note. First,

there was no precipitate observed after the reduction process. Also, the open circuit potential was monitored

for the "figure eight" flow system, and the observed potential was zero. An open circuit potential of zero
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validates that the solutions at each electrode are identical before and between each experiment. Third, an

applied potential of positive or negative I V produces the same magnitude of current, and the sign of the

current and potential reveal the direction of electronic flux. The "symmetry" of the results indicate that the

electrolytes flowing through the two chambers are identical. All of these observations support the

conclusion that the system is running properly.

The results in Figure 11.6 show trends that are consistent with expectations for the system. Higher

potentials produces higher currents, regardless of direction. The difference in flow between the 4 mL/min

and 8.5 mL data is greater than the increase from 8.5 mL/min to 12.7 mL/min. The fact that higher flow

rates produce higher currents at the same potentials means that, to some extent, the current is limited by

mass transfer to the surface of the electrode. If the flux is limited by mass transfer from the bulk electrolyte

to the electrode surface, then the change in current relative to the change in flow rate should behave in a

predicable way. To check this, we assume the system behaves as if it were laminar, fully-developed flow

past a flat plate at limiting current. In this case, the governing equation for quinone transport in the

electrolyte simplifies to a partial differential equation with a convective and diffusive term.

~80 820
Pe - = (0.113)x5- -T2

The term "0" is the dimensionless quinone concentration, scaled to the bulk value, "x" and "y" are

dimensionless length scales, and "Pe" is the Peclet number, which is the product of the average velocity

and the length scale divided by the quinone diffusivity.

The current is carried by the quinone dianion, because that is the only charged, electroactive species

in the system. The flux of the dianion quinone has components of convection, migration, and diffusion. For

the purpose of this analysis, it is assumed that the diffusion of the dianion quinone is the dominant

component of its flux, and therefore drives current through the cell. The equation below shows how the

current is related to the dimensionless diffusion of quinone. It is assumed the electrode surface is at "y=0".
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Recall that the term "limiting current" describes the electron flux at which the concentration of

quinone dianion approaches zero at the electrode surface. Under the conditions of limiting current, and no

bulk flow normal to the surface, it is possible to solve the partial differential equation using the similarity

technique. Then, the derivative of the similarity solution provides an expression for the derivative of

concentration with respect to the positional coordinate, y, as a function of Peclet number and the distance

from the leading edge of the electrode "plate" (x).

=0.978 P 0.978 (0.115)
8p iD X_

a =0 Q 2)2

Combining the results of the similarity solution derivative with the expression for current, the

resulting expression relates the current to the average velocity, length scale, diffusivity, and distance from

leading edge.

1.956FD( ,_ C O),_
Q(co-,)~2 Q(co,)~_2 UI

(0.116)
1 D QC, -

S2

In the set of experimental data presented in Figure 11.6, the only parameter that changes is the

volumetric flow rate. Therefore, if the system is mass-transfer limited according to mass transfer from the

bulk of a fluid in laminar flow, then the current should increase in proportion to the velocity to the 1/3

power. This can be validated by calculating the slope of the natural log of the current as a function of the

natural log of the velocity.

1.956FD C (CO,1 g~~~co2); c,)
Ini, = -nU+ln 2 / \ (0.117)

3 D WO_2X
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The average velocity for each experiment is calculated by dividing the volumetric flow rate by the

dimensions of the electrode chamber. The data for three potentials are plotted as separate lines. The results

are show in Figure 11.7Figure 11.7.

4.2 - 2 V, slope =0.9.....-----..................4 -A ~~~..... ............... ...................
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Figure 11.7 Natural log of current plotted as a function of the natural log of mean velocity for the quinone-
dianion couple in the flow-through electrode system, figure-eight configuration.

If the system is mass-transfer limited under the experimental conditions, then the slopes of the lines

should be approximately 1/3. The data in Figure 11.7 show that the current does not follow the "1/3"

dependence on flow rate for any of the potentials tested. Instead, it is weakly dependent on flow rate. At

the highest potential (2 Volts), the slope does approach the 1/3 value that is characteristic of laminar flow

at limiting flux. At the lower potentials (0.5, 1, and 1.5 Volts), other resistances are comparable to mass

transfer resistance. For example, the membrane that separates the two electrode chambers is made of

Nafion, and it is cation-selective. It is likely that the resistance of the Nafion membrane to mass transfer of

the cations to balance the charge is comparable or greater than the mass transfer resistance, especially at

lower potentials. It is also possible that mixing and advection as the electrolyte flows through the porous

carbon electrodes are sufficient to enhance mass transfer and mixing enough that other resistances are

comparable or greater.

To date, this system is the best way to create a sorbent mixture that contains both the neutral and

reduced quinone species for a desired quinone. Compared to chemical reduction (Section 11.2), it is more
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flexible because any quinone species can be reduced electrochemically in the system. It is not limited to the

phenol and benzenediol species available for purchase. Results presented in Section 6 illustrate the

possibilities for using the "flow through electrode" system for carbon capture using a quinone and

reservoirs. At the same time, those results indicate the challenges to systemic carbon capture using this set

up. In addition, it is very time consuming to reduce the quinone using this device. In addition, pumping the

fluid out of this system and in to another experimental device is practically difficult, because it requires that

both devices are designed to accommodate that fluid transfer before any experiment can happen. If there

are concerns about air and/or water exposure, then controlling the environment of reduction and transfer

becomes an added challenge to experimental work. Ultimately, the quinone-ferrocene proved to be a more

productive experimental choice.

11.4 Electrochemical reduction in bulk electrochemical cell
Considering the challenges to chemical methods of producing quinone radical anion or dianion,

electrochemical techniques are more flexible in that a wider variety of neutral quinones can be reduced

electrochemically than can be purchased in their "hydroxyl" forms. At the same time, the electrochemical

method is only useful if it reliably produces a mixture of reduced quinone that can be transferred from the

electrochemical cell to the experimental apparatus.

Given the challenges to the "flow through" system, a bulk electrochemical cell was procured and

modified for the purpose of producing a quinone-anion electrolyte that can be pumped out of the cell and

in to the flow systems for carbon capture. In fact, bulk electrochemical cells are designed to electrically

convert a species from one oxidation state to another and observing that conversion via current and charge

measurements. That electrochemical cell is presented schematically and in a picture in Figure 11.8.

The bulk electrochemical cell consists of a glass vial that contains a glassy carbon electrode which

is the working electrode. The counter electrode is usually a platinum wire encased in a glass vial whose

base is a glass frit. The frit allows passage of ions to balance charge, but should not allow bulk flow of

material. The reference electrode is also placed inside the system, in contact with the electrolyte. The
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experiment is run as a three-electrode experiment. The potential of the working electrode is set relative to

the potential of the reference electrode, but current flows between the working and counter electrodes.

+/

2Fc
2+'

2e-+Q+2CO
2  2*

Figure 11.8 Cartoon (left) and picture (right) of bulk electrochemical cell sytem for reducing a quinone

solution to produce a mixure of quinone and dianion adduct for use in experimental testing of cell designs.

For this experiment, the bulk electrochemical cell itself (the large glass cup) is filled with a solution

containing 9,1 0-phenanthrenequinone (PQ, "Q"), dissolved CO 2, and supporting electrolyte (shown as pink

"+" and purple "-"). The glass chamber that houses the counter electrode is filled with a solution containing

ferrocene (Fc) and the same supporting electrolyte. The chamber itself is submerged in the electrolyte inside

the radius of the glassy carbon electrode. In concept, the ferrocene in the glass chamber is oxidized at the

counter electrode to provide electrons to reduce the quinone, and ions migrate through the glass frit to

balance the changing charge distribution.

The picture in Figure 11.8 shows how the Teflon cap of the cell is modified to allow for gas purging

and pumping the fluid out of the cell. The purple plastic part is a Luer lock fitting to a needle that is

connected to Teflon tubing. This fitting is used to connect a gas line to the system. For quinone reduction,

the gas line is used to ensure that the system is saturated with CO 2 for the duration of the experiment. The

plastic "syringe" is fitted and sealed to the cap, and connects to stainless steel tubing that spans the entire

height of the electrochemical cell. The electrolyte is pumped out of the cell through the stainless steel

tubing, and then through plastic tubing connecting the electrochemical cell to a peristaltic pump and then

to the experimental apparatus.
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In concept, this bulk electrochemical cell can use ferrocene as a sacrificial agent that provides

electrons for the production of a quinone-dianion mixture. Then, the mixture is pumped out of the cell and

in to a given system for CO 2 capture (planar membrane, flow cell, etc). This procedure was tested by

attempting to reduce 80 mL of a mixture containing 30 mM 9,10-phenanthrenequinone (PQ), and 100 mM

lithium perchlorate (LiCLO 4) in dimethyl sulfoxide (DMSO). The counter electrode was filled with

approximately 5 mL of 60 mM ferrocene (Fc) and 100 mM LiCLO 4 in DMSO. The reference electrode was

a silver wire submerged in 10 mM of silver nitrate (AgNO3) and 100 mM tBAPF6 , DMSO.

Prior to the bulk reduction, the voltages for the bulk reduction were chosen based on the results

from a series of cyclic voltammetry experiments (Figure 11.9). The cyclic voltammograms show the applied

potential (compared to an Ag/AgNO3 reference) at which quinone is reduced. The reduction reaction occurs

at an appreciable rate at potentials in the range of -0.45 to -0.55 V.
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Figure 11.9 Cyclic voltarnmograrns for a glassy carbon working electrode in a mixture of 30 mM PQ, 100
mM LiCIO 4, DMSO with an Ag/AgNO 3 reference electrode.

In the cyclic voltammetry results in Figure 11.9, there are two lines that are inconsistent with the

other results. At potentials of -0.25 V and -0.55 V, there is a deviation in the current profile where it appears

as a "spike" and then zero current. This result occurs when the internal resistance in the cell is too high and

the potentiostat cannot apply enough potential to achieve the desired reaction conditions. The potentiostat

cannot apply more than 10 V total, and the actual potential applied is the total potential required to achieve
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the desired potential at the working electrode given the internal uncompensated resistance of the cell. The

bulk electrochemical cell has a lot of uncompensated resistance due to the glass frit that separates the

counter electrode from the working electrode. By comparison, the typical set up for a three-electrode is one

in which the working and counter electrodes are placed in relatively close proximity (often about 1 cm

distance) in an electrolyte fluid, without any physical barriers between them. In the bulk electrochemical

cell, not all potentials can be achieved at all sweep rates. If the current is too high relative to the resistance

of the cell, the machine terminates the experiment.

Within the operational constraints of the bulk electrochemical cell, the bulk reduction of quinone

using ferrocene as a sacrificial reagent was performed over two days. The potential of the working electrode

was set to potentials in the range of -0.5 to -0.8 V, and the potential was increased to more negative

potentials as the reduction proceeded. At the end of the bulk reduction process, integration of the current

indicated that the electrolyte mixture should contain 1 mM dianion adduct, 49 mM quinone, and 100 mM

LiCIO 4 in DMSO solvent. This mixture was pumped out of the bulk electrochemical cell and in the bench

scale test cell for the electrochemical flow system (Figure 5.2, Chapters 3and 5).
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01
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Figure 11.10 Current and potential for "Q/Q2-" in the flow cell.

The results from the quinone-dianion adduct mixture in the electrochemical flow cell are presented

in Figure 11 .10. The potential was set to a fixed value (in the range of I to 4 mV), and the steady-state

current was measured. The results are shown for several volumetric flow rates, and for data spanning two
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days. In between the experiments, the system was stored in an N2 /CO2 environment. The results are

discouraging. There is no observed difference between the data at difference flow rates. More importantly,

there is no reason the measurements should change from one day to the next. Even if the pump calibration

is inaccurate, the same experiment run on two different days should produce the same result. Higher flow

rates should lead to higher currents, holding everything else equal. The fact that the observed currents are

lower on the second day on the first indicate that there is a likelihood that something is reacting or degrading

in the mixture. One hypothesis is that some ferrocenium from the counter electrode passed through the glass

frit and slowly re-oxidized the dianion adduct. This hypothesis is consistent with the observation of a loss

of current over time. In addition, the fact that several days of using the bulk electrochemical cell only

produced a concentration of 1 mM dianion adduct is another experimental hurdle. There is a lot of

"uncompensated resistance" in the electrochemical cell, which makes it impossible to run the system at

higher currents (which would produce more dianion adduct faster). All in all, the idea of using the bulk

electrochemical cell to make dianion adduct and then pumping the electrolyte from the bulk cell to an

experimental device is not a practical solution.
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