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Abstract 15 
16 

We propose and perform a thermodynamic analysis of the energetic costs of CO2 separation from 17 

flue gas (0.1 bar CO2(g)) and air (400 ppm CO2) using a pH swing created by electrochemical 18 

redox reactions involving proton-coupled electron transfer from molecular species in aqueous 19 

electrolyte. In this scheme, electrochemical reduction of these molecules results in the formation 20 

of alkaline solution, into which CO2 is absorbed; subsequent electrochemical oxidation of the 21 

reduced molecules results in the acidification of the solution, triggering the release of pure CO2 22 

gas. We examined the effect of buffering from the CO2-carbonate system on the solution pH during 23 

this pH swing cycle, and thus on the open-circuit potential of a hypothetical electrochemical cell 24 

in a 4-step CO2 capture-release cycle. The thermodynamic minimum work input varies from 16 to 25 

75 kJ/molCO2 as throughput increases, for both flue gas and direct air capture, with the potential to 26 

go substantially lower if CO2 capture or release is performed simultaneously with electrochemical 27 

reduction or oxidation. These values are compared with those for other electrochemical and 28 

thermal CO2 separation methods. We discuss the properties required of molecules that would be 29 

suitable for such a cycle.  30 

 31 

Introduction 32 

 33 

Accumulating CO2 emissions from the burning of fossil fuels [1] are resulting in a historically 34 

unprecedented rate of climate change. Consequently, there are increasing efforts worldwide to 35 

reduce societal reliance on fossil fuel-based energy and to switch to carbon-free sources such as 36 
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nuclear, solar, wind and geothermal [2]. According to the Intergovernmental Panel on Climate 37 

Change, average atmospheric CO2 concentrations have to stay below roughly 500 ppm in order to 38 

avoid severe consequences of global warming (greater than 2 °C above pre-industrial era levels) 39 

and irreversibly deleterious changes to natural habitats and ecosystems that would threaten the 40 

viability of human civilization [3]. Given, however, that the global rate of transition to low-carbon 41 

sources is presently not nearly fast enough to avoid this threshold, other approaches are urgently 42 

required to deal with the problem of rising CO2 concentrations.  43 

 44 

Among the most promising of these is carbon capture and sequestration (CCS), in which CO2 is 45 

separated from a point source [4] (e.g. flue gas from a coal or natural gas power plant), compressed, 46 

and sequestered away from the atmosphere. A variant on this idea is direct air capture (DAC) [5], 47 

in which CO2 is captured directly from ambient air, compressed and sequestered. These strategies 48 

recognize the continued use of fossil fuels while combating atmospheric CO2 accumulation. In 49 

principle, the pure CO2 obtained after separation can be converted back into chemical fuels with 50 

carbon-free energy, thus providing fuels without added CO2 emissions; this is an active research 51 

area.  52 

 53 

CO2 separation from mixed gases is the most energetically demanding step of CCS, and much 54 

effort has gone into developing separation techniques that expend as little energy as possible per 55 

unit of CO2 captured. Most well-developed means for doing so are “temperature-swing” cycles 56 

that involve contacting CO2 with a strongly basic chemical sorbent in an absorption step, and then 57 

heating the CO2-rich sorbent to release pure CO2. The overall energy input required for 58 

temperature-swing cycles, however, is high (> 120 kJ/molCO2) as compared to the minimum 59 

thermodynamic free energy requirement for carbon capture from air (20 kJ/molCO2) or flue gas 60 

with 0.1 bar CO2 (6 kJ/molCO2) [6]. It is worth noting that CCS from flue gas with a 61 

monoethanolamine (MEA)-based sorbent would require roughly 30% of the heat energy produced 62 

by coal-powered plants from combustion to be consumed by carbon capture[4], thereby making it 63 

unavailable for electricity production. As a result, other sorbents and strategies are actively being 64 

explored both in fundamental research and industry.  65 

 66 
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The use of hydroxide (OH-) in alkaline aqueous solutions to capture CO2, in the reactions 𝑂𝐻67 

𝐶𝑂  →  𝐻𝐶𝑂  and, subsequently, 𝐻𝐶𝑂   𝑂𝐻 →  𝐶𝑂  𝐻 𝑂, has received renewed 68 

interest in recent years as part of a viable separation approach. DAC using strongly alkaline 69 

solution to absorb CO2 in a high-surface-area contactor, followed by a chemical regeneration cycle 70 

that uses thermal energy to subsequently release it from solid carbonate precipitates [7, 8], has 71 

begun commercialization. This process has an energetic cost that is comparable to that of many 72 

temperature-swing-based processes, but its potentially low financial cost ($94 - $232/tonCO2) for 73 

DAC makes practical application on a wide scale more feasible. [8] 74 

 75 

The potential simplicity and low cost of implementation of CCS approaches that use alkaline 76 

solutions thus represents a substantial opportunity in emissions mitigation. In this study, we 77 

propose an electrochemically mediated CO2 separation approach that uses a large 78 

electrochemically-induced swing in solution pH to absorb and release CO2 and requires electrical 79 

but no thermal energy input. Informed by our previous work on using quinones in organic redox-80 

flow batteries [9], this approach relies on the use of small molecules that undergo proton-coupled 81 

electron transfer (PCET) in aqueous solution. Electrochemical reduction/oxidation (“redox”) of 82 

these molecules results in proton uptake/release, respectively [10, 11], resulting in changes in 83 

solution pH [12] which, if large enough, can cause CO2 to be strongly absorbed at high pH (> 12) 84 

and released at low pH (< 5). 85 

 86 

In this paper we carry out a thermodynamic analysis of the energetic cost of this electrochemical 87 

process and calculate the minimum required electrical energy input per mole of CO2 for an ideal 88 

cycle based on the potential difference between applied reduction and oxidation potentials vs. pH. 89 

The results show the minimum work input for this scheme is 16 – 75 kJ/molCO2, depending on the 90 

separation throughput per cycle, for capture from both flue gas and atmosphere. PCET with 91 

organic molecules that undergo kinetically rapid redox reactions [9] is potentially a promising 92 

electrochemical basis for practicable CCS, as it may both reduce energetic losses and lower overall 93 

costs per ton of CO2 separated, due to the low cost of these chemicals.  94 

 95 

Results and Discussion 96 

 97 
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In order to effect large changes in solution pH using PCET in aqueous media containing CO2, 98 

buffering from inorganic carbon species must be overcome. Thus, we first examine the dependence 99 

of pH on the constituents of dissolved inorganic carbon (DIC) species present in solution, namely 100 

aqueous CO2 (CO2(aq)), bicarbonate (HCO3
-) and carbonate (CO3

2-) [13]:  101 

 102 

𝐷𝐼𝐶  𝐶𝑂 𝑎𝑞 𝐻𝐶𝑂 𝐶𝑂 . 1  103 

 104 

The relative ratios of these species at equilibrium is dictated by the reactions between aqueous CO2 105 

and water: 106 

𝐶𝑂 𝑎𝑞 𝐻 𝑂 ⇔  𝐻𝐶𝑂  𝐻  ⇔ 𝐶𝑂  2𝐻    107 

 108 

where K1 and K2 are the first and second dissociation constants of carbonic acid (H2CO3), 109 

respectively, and defined as the following equilibrium constants: 110 

 111 

𝐾
𝐻𝐶𝑂 𝐻

𝐶𝑂 𝑎𝑞
; 2  112 

𝐾
𝐶𝑂 𝐻

𝐻𝐶𝑂
. 3  113 

 114 

For a solution of zero salinity, K1 and K2 are 1.1 × 10-6 M and 4.1 × 10-10  M [14], resulting in the 115 

first and second pKa for carbonic acid being 6.0 and 9.4, respectively.  Thus, in acidic solutions  116 

of pH < 6 total DIC is composed primarily of dissolved CO2(aq), in basic solutions of pH > 9.4 117 

total DIC is composed primarily of carbonate anions, and for the intermediate pH range total DIC 118 

is composed primarily of bicarbonate anions.[13] Because CO2(aq), being uncharged, is the only 119 

form that exchanges with the atmosphere, increasing the pH of a solution drives down the activity 120 

of CO2(aq), leading to net dissolution of CO2(g) as CO2(aq). Correspondingly, decreasing the pH 121 

raises the activity of CO2(aq), leading to outgassing. This provides a mechanism for selectively 122 

absorbing CO2 from a mixture of gases, and then releasing a pure stream at a separate point for 123 

sequestration. Given that certain bicarbonate/carbonate compounds have exceptionally high 124 

solubilities (> 3 M at room temperature) in water, this strategy affords a potential pathway for 125 

high-throughput separation of CO2 from air or flue gas. Additionally, the fact that the entire process 126 
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takes place in the liquid phase offers a potentially simpler and lower-cost CCS route as compared 127 

to schemes in which, having absorbed CO2 using alkaline solution, precipitation and heating of 128 

solid carbonates is required to release gaseous CO2.[7, 8, 15]     129 

 130 

We envision a thermodynamic cycle comprising a series of alternating electrochemical and gas-131 

liquid exchange processes: (1) electrochemical acidification of an electrolyte at constant DIC 132 

concentration, resulting in supersaturation of aqueous CO2; (2) outgassing of pure CO2 gas at the 133 

collection stream until gas-liquid equilibrium is reached; (3) electrochemical de-acidification of 134 

the electrolyte, resulting in strongly alkaline electrolyte; and (4) invasion of CO2 from air/flue gas 135 

into the alkaline electrolyte. During each process, the constituents of DIC and pH can be described 136 

based on CO2-carbonate and water dissociation equilibria, as well as the principle of charge 137 

conservation. Based on the definition of DIC set forth in equation 1, the concentration of each 138 

component of DIC as a function of total DIC and [H+] is given by [13] 139 

𝐶𝑂 𝑎𝑞
𝐷𝐼𝐶

1 𝐾
𝐻

𝐾 𝐾
𝐻

; 4  140 

𝐻𝐶𝑂
𝐷𝐼𝐶

1 𝐻
𝐾

𝐾
𝐻

; 5  141 

𝐶𝑂
𝐷𝐼𝐶

1 𝐻
𝐾

𝐻
𝐾 𝐾

. 6  142 

An additional constraint is given by the water dissociation equilibrium 𝐻 𝑂 ⇔ 𝐻 𝑂𝐻  143 

resulting in 144 

𝐻 𝑂𝐻  10  𝑀 .  7  145 

Given the ionic species present, assuming the presence of an electrolyte salt that comprises cationic 146 

and anionic species S+ and S-, respectively, and imposing a charge neutrality constraint results in: 147 

𝑆 𝑆  𝑂𝐻  𝐻𝐶𝑂 2 𝐶𝑂 𝐻 .  8  148 

 149 

The total alkalinity (TA) of the solution under consideration is defined as [13] 150 

 151 

𝑇𝐴 ≡  𝑂𝐻  𝐻𝐶𝑂 2 𝐶𝑂  𝐻 .  9  152 
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which is numerically equal to the difference between S+ and S- concentrations according to Eq. (8). 153 

It is important to note that PCET, involving the transfer of protons between a small molecule Q 154 

and solution, may directly change the solution TA. To understand this, consider the case of an 155 

electrochemical reduction reaction such as 𝑄  𝑒 𝑥𝐻  ↔  𝑄𝐻  where x is the number of 156 

protons transferred per electron. To the extent that the satisfaction of charge neutrality following 157 

the reduction of Q is not fully accounted for by a change in DIC, [H+] or [OH-] content of the 158 

solution, it would result in a net increase in TA – i.e. either via a transfer of S- out of the solution 159 

or a transfer of S+ into it. Likewise, oxidation of 𝑄𝐻  might yield a net decrease in TA. Changes 160 

in TA cause changes in pH; we stress, however, that TA and pH are not linearly related to each 161 

other: electrochemically induced perturbations to TA affect pH only subject to equilibria 162 

represented by equations 4 – 9 being satisfied. In other words, PCET provides a driving force for 163 

pH swing through changing TA, but actual changes in pH depend on buffering from the CO2-164 

carbonate equilibrium.  165 

 166 

We determine the minimum work required to separate CO2 from a mixed gas stream using an 167 

electrically-driven pH-swing cycle involving these chemical and electrochemical processes. The 168 

four processes described above are represented schematically in Figure 1, in which process 1 2 169 

and 3  4 are constant DIC, electrochemical processes – associated with electrical energy 170 

input/output - whereas processes 2  3 and 4  1 involve gas-liquid exchange of CO2 at open 171 

circuit potential and constant TA. All processes are assumed to be isothermal.  172 
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 173 

Figure 1. Schematic of electrochemical CO2 separation cycle, showing flow of liquid electrolyte 174 

(in blue lines) and gas (dashed red lines) between the electrochemical cell and gas-liquid exchange 175 

chambers, with various states numbered. Processes between numbered states are: electrochemical 176 

acidification (1  2), CO2 outgassing (2  3), electrochemical de-acidification (3  4) and CO2 177 

invasion (4  1).  178 

 179 

We first perform a preliminary calculation to determine the equilibrium TA at State 1, i.e. after 180 

CO2 invasion and before electrochemical acidification, for given values of DIC and CO2 partial 181 

pressure. Figure 2 shows the result of this analysis, in which solutions were found to the system 182 

of equations 4 – 8 for two initial CO2 partial pressures: 0.1 bar and 400 ppm CO2(g), which 183 

correspond to the CO2 concentration of flue gas from a typical coal power plant and atmospheric 184 

CO2, respectively. [CO2(aq)] is assumed to be fixed based on a Henry’s Law constant of 35 185 

mM/bar at room temperature. The results show that for both conditions, TA has an almost linear 186 

relationship to DIC, with 𝐷𝐼𝐶 0.86 𝑇𝐴 at 0.1 bar CO2(g), and 0.53 𝑇𝐴 at 400 ppm CO2(g). 187 

Solution pH also increases with DIC, settling close to 8.6 in the limit of high DIC at 0.1 bar CO2(g) 188 

(Figure 2a) and 9.8 at 400 ppm CO2 (Figure 2b). An important reference point for these results is 189 

seawater in equilibrium with atmospheric CO2, which mainly comprises HCO3
- and is known to 190 

have a natural pH of about 8.1 for a DIC of ~ 2 mM [13]. Results in Figure 2b are consistent with 191 

this expectation, as at a DIC of 2 mM the solution pH is 8.1.   192 
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 193 

Figure 2. DIC (black) and pH (red) as functions of TA at CO2 partial pressures of (a) 0.1 bar and 194 

(b) 400 ppm.  195 

 196 

We next consider the minimum concentration of PCET-active molecules required for process 12 197 

i.e. electrochemical acidification of the electrolyte at a fixed DIC. Figure 3 shows the minimum 198 

concentration of a hypothetical small molecule capable of concerted 2H+, 2e- PCET that is required 199 

to convert all DIC to CO2(aq). CO2 concentrations at the CO2-rich gas inlet of 0.1 bar and 400 ppm 200 

were considered, and the TA at State 1 was calculated based on the relationship between DIC and 201 

TA shown in Figure 2. Conversion of all carbonate/bicarbonate was deemed complete at the point 202 

where 99% of DIC is composed of CO2(aq), after electrochemical acidification via QH2 oxidation. 203 

For both inlet conditions, a linear relationship between DIC and minimum concentration of QH2, 204 

or [QH2]min, was obtained, with [QH2]min equal to 0.57 𝐷𝐼𝐶 for the inlet with 0.1 bar CO2, and 205 

0.93 𝐷𝐼𝐶 for that with 400 ppm CO2, for DIC values in the range between 0 and 2.5 M. 206 
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 207 

Figure 3. Minimum concentration of QH2 required to convert 99% of all DIC to CO2(aq).  208 

 209 

We now calculate the minimum work input required to separate CO2 in the ideal cycle defined 210 

above. As an example of a desirable implementation, we assume an inlet CO2 partial pressure of 211 

0.1 bar and a starting [QH2] of 1.4 M, which translates to a maximum convertible DIC of 2.46 M. 212 

The minimum work input is sensitive to two important parameters: the ratio of partial pressures of 213 

CO2 at the exit to inlet stream, which we term the ‘exit/inlet pressure ratio’, and the CO2 214 

supersaturation at State 2, the start of outgassing. We define CO2 supersaturation here as the ratio 215 

of [CO2(aq)] at the start of outgassing compared to equilibrium value of [CO2(aq)] at the exit. As 216 

the exit/inlet pressure ratio increases, the work of separation increases. CO2 supersaturation at 217 

State 2, which we denote hereafter as ‘outgassing overpressure’, is proportional to CO2 separation 218 

throughput as, for a given exit/inlet pressure ratio, it is a measure of how much dissolved CO2 can 219 

be released in a single cycle. For the implementation under consideration, an exit/inlet pressure 220 

ratio of 10 was assumed (i.e. 1 bar of pure CO2(g) at the exit stream, for 0.1 bar inlet partial 221 

pressure), resulting in an outgassing overpressure of 69. Figure 4a shows the pH of the solution 222 

as a function of Q concentration during electrochemical acidification, going from initial pH of 8.7 223 

to 4.3 when complete conversion is achieved.  224 

 225 
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 226 

Figure 4. pH as a function of Q, QH2, and CO2(aq) concentrations for an ideal CO2 separation 227 

cycle with inlet and outlet CO2(g) of 0.1 and 1 bar, respectively, during (a) electrochemical 228 

acidification (process 1  2, in red) (b) CO2 outgassing at 1 bar CO2(g) (process 2 3, in green) 229 

(c) electrochemical de-acidification (process 3  4, in blue) and (d) CO2 invasion (process 4  230 

1, in magenta), at the end of which aqueous CO2 (CO2(aq)) is assumed to be in equilibrium with 231 

0.1 bar CO2 gas. A starting value of [QH2] of 1.4 M and a DIC value at State 1 of 2.46 M are 232 

assumed.  233 

For the outgassing process 23 (Figure 4a), equations 4 - 8 are solved subject to the constraint 234 

that TA is fixed and, that at the end of the process, [CO2(aq)] relaxes to its equilibrium value at 1 235 

bar of 35 mM. After this, process 3 4 (electrochemical de-acidification) is evaluated with DIC 236 

fixed at its value at State 3, using parameters from State 3 as inputs (Figure 4c); the pH goes from 237 

6 to ~14.5 as the concentration of QH2 increases. CO2 invasion (Figure 4d) then occurs, 238 

completing the cycle and restoring State 1. The relationship between DIC and pH throughout the 239 

cycle is shown in Figure 5, whereas that between pH and [CO2(aq)] is shown in Figure S1. For 240 

comparison, an ideal cycle assuming a more moderate reactant solubility (i.e. the lower of Q and 241 
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QH2 solubilities) of 0.1 M (resulting in DIC at State 1 of 0.175 M) is shown in Figure S2. An 242 

important consequence of the lower solubility is that the pH after electrochemical de-acidification 243 

(process 3  4) is 13, rather than 14.5; this is a direct result of the lesser degree of de-acidification 244 

afforded by the removal of 0.2 M H+ from solution, as opposed to 2.8 M H+ (i.e. assuming 2H+,2e- 245 

redox processes in both the 0.1 M and 1.4 M solubility cases). As will be discussed presently, the 246 

pH attained after process 3  4 is an important metric that constrains the selection of viable 247 

molecules for electrochemical CCS. It is also important to note that based on the relationship 248 

between DIC value and minimum [QH2] required for full acidification shown in Figure 3, the 249 

concentration of QH2 at State 1 constrains combinations of exit/inlet pressure ratio and outgassing 250 

overpressure that may be used in an ideal cycle. An illustration of this is given in Figure S3, which 251 

shows lines of constant [QH2] for different exit/inlet pressure ratios and outgassing overpressures. 252 

As expected, higher outgassing overpressures and exit/inlet pressure ratios require higher 253 

concentrations of starting [QH2] to run a cycle.   254 

 255 

In calculating the energetic cost/mol CO2 separated, we note that only processes 1 2 and 3  4 256 

involve work inputs/outputs to or from the electrochemical cell, respectively. Using the Nernst 257 

equation and assuming dilute solutions, we relate the pH during each of those processes to the 258 

redox potential (𝐸 ) of the electrode at which conversion between the pairs of the Q/QH2 redox 259 

couple occurs: 𝐸  𝐸 59𝑚𝑉 𝑝𝐻  where 𝐸  is the redox potential under standard 260 

conditions, in which pH = 0. 261 
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 262 

Figure 5. DIC vs. pH during the 4-process cycle described in Figure 4. At each numbered state, 263 

DIC, [CO2(aq)], and equilibrium CO2(g) corresponding to the value of [CO2(aq)] are reported.  264 

 265 

Figure 6 shows the result of this calculation for electrochemical acidification and de-acidification, 266 

where the area between the potential profiles represents the net electrical energy input. Dividing 267 

this area by the absolute difference in [CO2(aq)] between states 2 and 3 yields the overall work 268 

input per mole of CO2 captured, 𝑤 , which may be represented as follows:  269 

 270 

𝑤  
2𝐹

∆𝑐
𝐸 𝑑𝑞 271 

 272 

Here, F is Faraday’s constant of 96,485 C/mol, ∆𝑐  represents the difference in aqueous CO2 273 

concentration before and after CO2 outgassing, E is redox potential, and the factor of 2 results from 274 

the assumption that each Q/QH2 species undergoes a 2-electron redox process. In the 275 

implementation under consideration, the net electrical energy input is 50 kJ/molCO2. 276 



13 
 

 277 

Figure 6. Redox potential as a function of Q concentration during electrochemical acidification 278 

(red line, process 1 2) and de-acidification (blue line, process 3  4) for ideal CO2 separation 279 

cycle of Figure 5.  280 

 281 

Following a program similar to that sketched out above, Figure 7 shows the ideal cycle work input 282 

required for CO2 separation from inlet streams with 0.1 bar CO2 (Figure 7a) and 400 ppm CO2 283 

(Figure 7b), for exit/inlet pressure ratios that result in CO2 release around 1 bar at a variety of 284 

outgassing overpressures. Ideal cycle work is compared to the thermodynamic minimum work of 285 

separation required to provide the increase in CO2 exergy, which, is directly related to the partial 286 

pressures of CO2 at the inlet and exit streams[4, 6]: 𝑅𝑇 𝑙𝑛  , where R is the molar gas constant of 287 

8.314 J/mol K and temperature T is assumed to be 293.15 K (20 °C). For a given exit/inlet pressure 288 

ratio, the ideal cycle work input increases with outgassing overpressure, up to ~ 50 and 289 

75 kJ/molCO2 for outgassing overpressures of 100 for inlets of 0.1 bar and 400 ppm CO2(g), 290 

respectively. This is expected as a consequence of the fact that increasingly higher CO2 super-291 

/undersaturation during the outgassing and invasion processes, respectively, causes increasingly 292 

greater exergetic losses; these losses contribute to the difference in average pH, and thus redox 293 

potential, of the electrolyte during electrochemical acidification and de-acidification (Figure 6). 294 
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In order to reduce exergetic losses – and thus the ideal cycle work input - one might consider 295 

performing CO2 invasion and outgassing simultaneously with electrochemical acidification and 296 

de-acidification, respectively; this way, extremes in solution pH, and potential, are avoided. 297 

Exemplary applications of this strategy during electrochemical de-acidification and acidification 298 

are presented in Figure S4 where, for the cycle outlined in Figure 4, processes 1  2 and 2  3 299 

are combined into one two-part process: electrochemical acidification at constant DIC until 300 

[CO2(aq)] reaches its equilibrium value at 1 bar CO2(g) of 35 mM, followed by outgassing at 301 

constant [CO2(aq)] until [Q] reaches 1.4 M. This results in a decrease in the ideal cycle work input 302 

from 50 to 42 kJ/molCO2. A similar approach can be applied to processes 3  4 and 4  1, with 303 

electrochemical de-acidification at constant DIC until [CO2(aq)] is 3.5 mM, followed by CO2 304 

invasion at constant [CO2(aq)] until [QH2] reaches 1.4 M. As large exergetic losses during CO2 305 

invasion are avoided, this results in a reduction in the ideal cycle work from 50 kJ/molCO2 to 14 306 

kJ/molCO2. Combining both strategies in one two-process cycle that features zero exergetic losses 307 

results in an ideal cycle work input of 5.7 kJ/molCO2, which is equal to the thermodynamic 308 

minimum work input. In practice, however, this strategy may come at the cost of lower CO2 309 

separation throughput, as CO2 outgassing/invasion kinetics increase with lower/higher pH’s, 310 

respectively.[16] The use of homogeneous catalysts such as carbonic anhydrase [17-19] to speed 311 

up CO2 invasion/outgassing kinetics may be one way of making such a cycle practical. 312 

 313 

 It is worth noting that CO2 separation can, in principle, be run at arbitrarily high exit/inlet pressure 314 

ratios, and thus higher exit stream CO2 partial pressures than indicated in Figure 7. However, as 315 

already illustrated in Figure S3, one would need increasingly higher concentrations of the PCET-316 

active molecule, the solubility of which is constrained in reality (discussed in more detail below). 317 

Figure S5 illustrates such a high-pressure exit stream case, where ideal cycle work is plotted vs a 318 

series of exit/inlet pressure ratios, the highest of which yield CO2 separation from either 0.1 bar or 319 

400 ppm to 150 bar i.e. approaching typical CO2 pipeline pressures. Assuming an upper limit in 320 

QH2 solubility of 10 M, our model predicts maximum achievable outgassing overpressures of 321 

approximately 3 and 2 for flue gas (Figure S5a) and DAC (Figure S5b), at work inputs of 40 and 322 

70 kJ/molCO2, respectively.   323 

 324 
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Several factors dictate the practical feasibility and optimal operation of an electrochemical CO2 325 

separation cycle based on the above scheme. With regard to a chosen redox pair Q/QH2, high 326 

chemical stability in aqueous solution and fast redox kinetics are desirable for stable long-term 327 

operation and low activation losses. And, especially for CCS schemes in which oxygen 328 

composes a large fraction of the inlet gas composition (as in DAC), a high redox potential would 329 

be necessary to reduce or even eliminate the thermodynamic susceptibility of QH2 to reversible 330 

chemical oxidation by O2, which would cause an efficiency loss and possibly a cell electrolyte 331 

imbalance as well.   332 

 333 

The most important attribute of Q, however, has to do with the highest pH it can effect upon being 334 

reduced during electrochemical de-acidification, as this determines the maximum value of DIC 335 

that can be deployed in a full CCS cycle and thus, the maximum CO2 separation throughput per 336 

cycle. Higher values of DIC entail higher outgassing overpressures, which will require higher pH 337 

values to be achieved after electrochemical de-acidification (a final pH of 14.5 is required for an 338 

overpressure of 69 where DIC is 2.46 M, and a pH of 13 for an overpressure of 5 where DIC is 339 

0.175 M, as shown in Figure 4c and Figure S2c, respectively). In the ideal cycle under 340 

consideration, the hypothetical redox pair is considered capable of concerted 2H+, 2e- PCET at all 341 

pH values, however in real aqueous solutions, PCET would be strongly affected by the affinity of 342 

the reduced reactant for protons. A common measure of this proton affinity is the pKa of the 343 

protonated form of the reduced reactant, which is calculated based on the equilibrium between its 344 

protonated and deprotonated variants. A simplified reaction equation representing this equilibrium 345 

is: 346 

QH  ↔ Q 2H  347 

Here, the equilibrium constant for this reaction is 𝐾  ; and the pKa is defined as the 348 

logarithmic constant, log 𝐾 . As this equilibrium is highly sensitive to solution acidity, 349 

increasingly basic solutions will favor the formation of the deprotonated Q  rather than QH , in 350 

which case reduction of Q will not result in solution de-acidification as assumed. Based on the pKa 351 

values and the water dissociation equilibrium, as well as the conservation of the total concentration 352 

of the molecule in all redox states, the ideal relationship between pKa, Q concentration (i.e. 353 

concentration of the oxidized form of the molecule)  and final pH was derived, and is depicted in 354 

Figure S6 (see calculations in SI). As expected, the final pH scales strongly with pKa, but is limited 355 
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at low Q/QH2 solubilities. As an illustration, consider a solution of Q with pKa 15 – at a 356 

concentration of 50 mM, it will reach only pH 13 (equivalent to 100 mM OH-) upon bulk 357 

electrolytic reduction, but will achieve a pH of 14.7 for a Q concentration of 4.0 M. Finding redox-358 

active species with a combination of high solubility and high pKa is therefore critical for reaching 359 

high DIC values in the electrochemical cycle, and thereby enabling high-throughput CO2 360 

separation.   361 

 362 

 363 

Figure 7. Ideal cycle work as a function of the exit/inlet pressure ratio, p3/p1, for various values 364 

of the outgassing overpressure, p2/p3, for inlet streams of (a) 0.1 bar CO2 and (b) 400 ppm CO2. 365 

Exit/inlet pressure ratios around 2500 are plotted as this is relevant to DAC, where CO2 is 366 

separated from 400 ppm to 1 bar. Both measures are compared against the minimum work of 367 

separation at each exit/inlet pressure ratio.  368 

 369 

Although DIC values greater than 3 M can, in principle, be attained in aqueous solution (room-370 

temperature solubilities for NaHCO3, Na2CO3, KHCO3 and K2CO3 are 11.4, 3.2, 3.3 and 8.1 M, 371 

respectively), solubilities of molecules capable of undergoing PCET across a wide pH range are 372 

typically lower, and thus limit DIC values that can be utilized in an electrochemical CCS cycle.  373 

 374 

There has been extensive research into organic molecules capable of PCET, in part because it is 375 

pivotal in many biological energy-conversion processes such as respiration and 376 

photosynthesis.[20] In the field of aqueous organic redox-flow batteries (RFBs) in particular, it 377 
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has been shown that several quinone-based molecules can undergo 2H+, 2e- PCET with fast 378 

kinetics. One major drawback, however, is that these molecules typically have pKa’s that are < 379 

11.0, and solubilities < 1.0 M.[21-24] 1,2-benzoquinone-3,5-disulfonic acid is a rare exception in 380 

the latter category, with a reported solubility of 3.0 M, however its chemical instability in water 381 

[25] renders it unattractive for electrochemical CO2 separation. Aza-aromatic redox-active 382 

compounds [22] are potentially more promising in terms of both high solubility and pKa. Although 383 

it does not participate in PCET for most of the 0 – 14 pH range, quinoxaline has been shown to 384 

have a solubility above 4.0 M in water and in weakly alkaline aqueous solution.[26] Phenazine, 385 

however, participates in 2H+, 2e- PCET up to at least pH 13 [27]. To our knowledge, among organic 386 

molecules that can undergo PCET for RFBs, phenazine dihydroxysulfonic acid has the highest 387 

solubility yet reported (1.8 M), and it is reasonably chemically stable (i.e. decomposing at < 388 

1 %/day).[28] Besides organic molecules, polyoxometalates have attracted interest as potentially 389 

highly soluble candidates for reactants in RFBs[29, 30] and redox mediators for water 390 

splitting/reduction [30, 31]. Although they tend to be insoluble and redox-inactive in basic solution 391 

[32], they are, in principle, capable of greater than 2 H+, 2e- PCET. Chen et al.[30] have 392 

demonstrated that a tungsten-based polyoxoanion can stably undergo an 18 H+, 18 e- redox process 393 

at a concentration of 0.5 M, with the potential to go up to 2.0 M, although its behavior in basic 394 

solution was not reported. The development of a similar reactant capable of PCET across the pH 395 

3 - 13 range would effect a much larger pH swing per mole of reactant than heretofore assumed, 396 

thus lowering the required reactant solubility. Indeed, continued exploration of the large parameter 397 

space to which inorganic and organic redox-active species belong may yield candidates for 398 

electrochemical CO2 separation that boast higher solubility and pKa than those assumed here, and 399 

applying insights from the fields of electrocatalysis and energy storage may prove beneficial 400 

toward that goal.  401 

 402 

Another critical question bearing on the practical implementation of this scheme relates to the 403 

nature of the electrochemical cell, and how it is integrated with CO2 capture and release. In Figure 404 

1 it is assumed that these processes occur in steady-state: the electrolyte flows between an air 405 

contactor [15, 33] at the inlet, where CO2 absorption occurs at high pH; an electrochemical cell 406 

where acidification/de-acidification take place; and the exit, where CO2 is released at low pH. In 407 

order to maintain this pH gradient across the electrodes of the cell, it would be critical to have an 408 
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ion-selective membrane that would strongly suppress the permeation of any ions that affect the 409 

solution TA (i.e. ions on the right hand side of equation 9). An anion-exchange membrane (AEM) 410 

with high perm-selectivity for Cl- ions would be particularly ideal for this purpose, but a high 411 

concentration of Cl- would be needed in practice to limit the amount of crossover of hydroxide, 412 

which has a higher mobility than Cl-.[34] An alternative strategy is to set up an electrochemical 413 

cell with the electrodes separated by both a cation-exchange membrane (CEM) as well as an AEM, 414 

to block the crossover of anionic proton acceptors and H+, respectively. The use of two membranes 415 

would require CO2 absorption and release to be time-separated processes occurring after de-416 

acidification and acidification, respectively, as illustrated in Figure S7. This configuration allows 417 

the electrochemical cell to be integrated within an aqueous flow battery architecture for 418 

simultaneous CCS and energy storage/conversion. A similar concept has recently been 419 

demonstrated for electrochemical water desalination by Desai et al.[35] Maximizing the overall 420 

energy efficiency of the system would require minimizing charge transport losses by using thin 421 

membranes with high perm-selectivity, minimizing activation losses by using catalytically active 422 

high-surface-area electrodes and redox-active species with fast kinetics, and minimizing mass 423 

transport/fluid pumping losses by using carefully engineered electrode pore structures [36, 37] and 424 

flow fields.[38-42]   425 

 426 

The predicted minimum free energy input for CO2 separation in this work (16 – 75 kJ/molCO2) 427 

appears competitive with other proposed methods (Table 1), particularly those in which alkaline 428 

solution is created by splitting or dissociating water. [43-48] As water splitting requires free energy 429 

input, theoretical minimum electrical energy inputs for CO2 separation using these methods range 430 

between 119 and 237 kJ/molCO2 (depending on pH at absorption). Because water splitting is also 431 

kinetically demanding, requiring catalysts based on Pt and Ru, electrical work requirements for 432 

experimentally demonstrated absorptive CO2 capture using OH- obtained by reactions following 433 

from water splitting are as high as 587 kJ/molCO2..[47] Dissociating H2O into H+ and OH- and using 434 

the latter for absorptive CO2 capture has a lower minimum electrical energy cost, but 435 

experimentally demonstrated energy inputs have been fairly high, with 405 [43] and 300 [48] 436 

kJ/molCO2 reported in the literature. Much lower energy inputs have been achieved with capture 437 

schemes in which redox reactions involving a kinetically accessible substrate, such as a quinone 438 

[49] or amine [50], trigger direct binding/release of gaseous CO2. Indeed, the lowest 439 
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experimentally demonstrated electrical work input for an electrochemical CO2 separation cycle is 440 

about 100 kJ/molCO2, for capturing CO2 from a flue gas-like (15% CO2) composition via its direct 441 

binding to an amine. As the minimum required work input was 15 kJ/molCO2, this implies a second-442 

law efficiency of 15%. Given that the ideal cycle minimum work input for the electrochemical 443 

process considered here for flue gas capture at the lowest outgassing overpressure is about 444 

16 kJ/molCO2, a similar second-law efficiency would yield a similar experimental work input. 445 

Recognizing the different values of thermal and electrical work, one could power our process from 446 

thermal energy with a heat-to-work efficiency penalty that might vary from ~1/3 for coal 447 

combustion to ~60% for a natural gas combined cycle. Assuming the lower value for the efficiency 448 

would result in electrochemical CO2 separation requiring a thermal energy input of around 449 

300 kJth/molCO2 (kJth denotes thermal energy), which is competitive with more established thermal 450 

CO2 capture methods, particularly those based on concentrated KOH absorption. As discussed 451 

above, substantially lower heat inputs may be achieved in practice by operating the cycle with 452 

electrochemical acidification/de-acidification in tandem with CO2 outgassing/invasion. 453 

 454 

Table 1. Summary of thermodynamic minimum/ideal cycle and experimentally demonstrated 455 

work inputs for CO2 separation for a variety of electrochemical and thermal methods. Where no 456 

method is specified, or the method is not specified in sufficient detail to derive minimum work for 457 

an ideal cycle, work input is the thermodynamic minimum given by the exit/inlet pressure ratio, 458 

reported in italics. Otherwise, the ideal cycle work/heat input is specified. Experimental work 459 

inputs with “th” subscript denote thermal energy inputs, whereas “e” subscript denotes electrical 460 

work input. 461 

  462 
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 463 

Method Exit/inlet 

Pressure Ratio 

Thermodynamic minimum or 

Ideal Cycle (kJ/molCO2) 

Experimental 

(kJ/molCO2) 

 10 5.6  

2500 19 

Fuel cell concentrator[47]  2500 119-2371a 469-587e
1b 

Salt splitting[43] N/A2a 1602b 405e 

Direct binding[49] N/A 17  

Electrochemical  amine 

absorption[50] 

6.7  154 100e 

Bipolar membrane 

electrodialysis[48] 

2600 205a 150 – 325e
5b 

Quinone PCET[51]6 -- -- 600e 

This work 10 16 -75  

2500 30 -75 

Amine ab-/desorption[52] 8.3 5.47 132th 

Concentrated KOH[8] 375,000 318a   230th
8b 

1a
 This technique captures CO2 into an end state that is not pure gaseous CO2. As it is based on the operation of an H2-464 

O2 fuel cell, the theoretical energy input is that required to split water, which is 119 kJ/molH2O and thus 119 kJ/molCO2 465 
where CO2 is captured as HCO3

-, but 237 kJ/molCO2 where CO2 is captured as CO3
2-. We do not consider HCO3

- as a 466 
viable end state for capture; however it may be converted to solid carbonates in a process such as the Calera process 467 
[53].  1bThese numbers were added to the value of 350 kJ/molCO2 stated in the publication in order to obtain a fair 468 
comparison value of the experimental energetic cost for DAC. 469 
2a Exit/inlet pressure ratio is undefined because CO2 is captured as Na2CO3. 2bCalculated assuming cell operates in 470 
steady-state (hydrogen oxidation reaction at pH 0, water reduction at pH 14), and that 100% of H2 gas generated at 471 
the cathode is recovered and fed into the anode. 472 
4Calculated for a pressure ratio of 6.7 (15% CO2 at the inlet, 1 atm CO2 at the exit), including changes to open-circuit 473 
potential from CO2 binding to amine. 474 
5aCalculated for 386 ppm CO2 at the inlet, 1 atm CO2 at the exit. 5bAuthors assume from ref. [15] that an additional 475 
200 kJ/molCO2 would be required to operate a spray-based liquid-air contactor, however, we do not consider the 476 
contactor work input here. 477 
6An inlet composition with 16% CO2 was reported, but no exit pressure was given. The experimental electrical work 478 
input was calculated for a potential of 1.0 V applied across the cell, with CO2 captured in the form of HCO3

- and 479 
released back to CO2(g) with 16% mass transport efficiency (see Table 1 in ref. [51]). 480 
7Calculated for an inlet and exit compositions of 12% and 100% CO2, respectively, at a temperature of 35 °C. 481 
8aCalculated for 400 ppm CO2 at the inlet, 150 bar CO2 at the exit. 8bWork input excludes electrical work required to 482 
operate air-liquid contactor, pellet reactor and auxiliary equipment. 483 
  484 
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The use of redox-active species and cell architectures that impose minimal kinetic losses while 485 

preserving the pH gradient would be crucial to realizing electrochemical CCS at low energetic 486 

cost. Watkins et al.[51] have demonstrated CO2 separation from flue gas using a pH gradient 487 

created by Pt-catalyzed PCET reactions using benzoquinone and 2,6-dimethylbenzoquinone, 488 

however the kinetic sluggishness of the associated redox reactions and the absence of an ion-489 

selective membrane in their design result in a practical work input of 600 kJ/molCO2. In contrast, 490 

we envision the ideal cycle detailed in this work operating with an ion-selective membrane, and 491 

able to make use of any redox-active species within a wide array of reactants capable of PCET. In 492 

the organic RFB literature, several organic molecules have been shown to have kinetic rate 493 

constants on the order of 10-3 cm/s or above on inexpensive carbon electrodes[9, 21, 54, 55], 494 

demonstrating the wide availability of reactants for CO2 separation that will impose minimal 495 

energetic losses in an electrochemical cell.[54]  496 

 497 

In addition to minimal energetic losses, another important criterion for wide scale adoption of CO2 498 

separation technology is the use of low-cost cell components and working fluids. The process 499 

described here can, in principle, use water-soluble molecules and aqueous electrolytes. This is in 500 

contrast to most of the electrochemical CO2 separation methods that do not feature the use of a pH 501 

swing which have been described in the literature, involving direct binding of CO2 to reduced 502 

quinones [49, 56] and oxygen-assisted conversion of CO2 to oxalate species[57] – all of which 503 

require more expensive organic solvents to operate. As previously discussed, EMAR has been 504 

experimentally demonstrated to require an exceptionally low electrical work input of 100 505 

kJ/molCO2, which is comparable to what may be expected of our process assuming similar second-506 

law efficiencies.  507 

 508 

In this work, we have proposed and performed a thermodynamic analysis of the energetic costs of 509 

CO2 separation from flue gas (0.1 bar CO2(g)) and air (400 ppm CO2) using a pH swing created 510 

by redox reactions involving PCET. In this scheme, bulk electrolytic reduction results in the 511 

formation of alkaline solution, into which CO2 can be absorbed, whereas oxidation of the resulting 512 

solution results in the acidification of the solution, triggering the release of pure CO2 gas. We 513 

examined the effect of buffering from the CO2-carbonate system on the solution pH during this 514 

pH swing, and thus the open-circuit potential of a hypothetical electrochemical cell in a 4-step CO2 515 
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capture-release cycle. The thermodynamic minimum work input varies from 16 to 75 kJ/molCO2 as 516 

throughput increases, for both flue gas and DAC, with the potential to go substantially lower if 517 

CO2 capture or release is performed in tandem with electrolytic reduction or oxidation. The lower 518 

limit of these values is competitive at a theoretical level with the best electrochemical CO2 519 

separation method we are aware of, and may result in a practical energetic cost (assuming a heat-520 

to-work conversion efficiency of 1/3) on par with more established absorptive capture methods 521 

such as those using concentrated KOH.  Additionally, its all-liquid configuration obviates the need 522 

for the precipitation and heating of solid carbonates, and compatibility with an aqueous electrolyte 523 

and potentially low-cost organic molecules implies that a CCS technology based on this concept 524 

has the potential for wide scale practical implementation.  525 
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SUPPORTING INFORMATION 673 

Electrochemical CO2 Capture Based on Reversible pH Swing 674 
 675 

 676 

 677 
Figure S1. (a) CO2(aq) vs. pH during the 4-process cycle described in Figure 4. Processes 12 678 

and 23 are depicted with red lines, and processes 34 and 41 are depicted in blue lines. The 679 

equilibrium CO2 pressure corresponding to each CO2(aq) is stated. 680 
 681 
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 682 
Figure S2. Ideal CO2 separation cycle for starting QH2 concentration of 0.1 M, DIC concentration 683 

of 0.175 M and an exit/inlet pressure ratio of 10, which translates to an outgassing overpressure of 684 

5. pH as a function of Q and QH2 concentration and CO2(aq) during (a) electrochemical 685 

acidification (process 1  2) (b) CO2 outgassing (process 2  3) (c) electrochemical de-686 

acidification (process 3  4) and (d) CO2 invasion (process 4  1), at the end of which aqueous 687 

CO2 (CO2(aq)) is assumed to be in equilibrium with 0.1 bar CO2 gas. 688 
 689 
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 690 

Figure S3. Relationship between outgassing overpressure and exit/inlet pressure ratio for various 691 

[QH2] values at State 1 between 0.1 and 8.0 M, assuming the solution at State 1 is in equilibrium 692 

with 0.1 bar CO2 gas.   693 

 694 

 695 

Figure S4. (a) Redox potential vs Q concentration and (b) DIC vs pH during ideal cycle both 696 

without and with two-stage acidification and de-acidification, in which electrochemical 697 

acidification/de-acidification is performed in two stages: acidification at constant DIC up to 698 
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[CO2(aq)] = 35 mM, followed by outgassing and further acidification in tandem at constant 699 

[CO2(aq)] until [Q] reaches 1.4 M and de-acidification at constant DIC up to [CO2(aq)] = 3.5 mM, 700 

followed by invasion and further de-acidification in tandem at constant [CO2(aq)] until [QH2] 701 

reaches 1.4 M. 702 
 703 

 704 

Figure S5. Ideal cycle work vs exit/inlet pressure ratios for inlet streams at (a) 0.1 bar and (b) 705 

400 ppm CO2. The highest exit/inlet pressure ratio represents an exit pressure of 150 bar CO2(g), 706 

and the maximum overpressure plotted in each case is based on the assumption that QH2 707 

concentration can reach up to 10 M.  708 

 709 

 710 

Estimation of final pH after electrochemical de-acidification. 711 

 712 
The relative concentration of protonated/deprotonated reduced Q is given by the Henderson-713 

Hasselbalch equation, which relates solution pH to the pKa of QH2 and the concentrations: 714 

𝑝𝐻   𝑝𝐾  log
𝑄
𝑄𝐻

. 𝑆1  715 

By assuming that each mole of QH2 created by the bulk electrolytic reduction of a mole of Q 716 

removes 2 moles of H+ from solution, we can calculate the final pH of a given solution given its 717 

initial pH, the concentration of Q, and the pKa of Q. The final pH is given by: 718 

𝑝𝐻 14 𝑝𝑂𝐻, 𝑆2  719 

where pOH is defined based on the logarithmic constant for OH- concentration,  as 720 

log 𝑂𝐻 . Because the final pH is the sum of the initial OH- concentration and OH- ions 721 

created by electrochemical reduction of Q, we may re-write the above equation as: 722 

𝑝𝐻 14 log 𝑂𝐻 𝑂𝐻 , 𝑆3   723 

where 𝑂𝐻  is the initial OH- concentration and 𝑂𝐻  represents newly created OH-. Based on the 724 

Henderson-Hasselbalch equation, one can re-express solution pH as a function of starting 725 

reactant concentration Q and its protonated reduced form, QH2: 726 
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10   
𝑄
𝑄𝐻

 
𝑄 𝑄𝐻  

𝑄𝐻
 

𝑄
𝑄𝐻

1. 𝑆4  727 

By re-arranging terms and assuming that the formation of each new QH2 produces two OH- ions, 728 

we obtain an expression for 𝑂𝐻 : 729 

𝑂𝐻  
2𝑄

1  10  . 𝑆5  730 

Plugging this expression for 𝑂𝐻  into the initial equation provides the full relationship between 731 

solution pH, pKa, initial pH and Q concentration: 732 

𝑝𝐻 14  log 10  
2𝑄

1  10  . 𝑆6  733 

The plot below depicts final pH upon full reduction of Q as a function of pKa for a solution with 734 

initial pH 3 and a series of Q concentrations ranging from 50 mM to 2.0 M.  735 

 736 
Figure S6. Relationship between pKa of Q and final pH upon reduction of Q based on the 737 

solution to implicit equation S6 for a series of Q concentrations between 50 mM and 2.0 M.  738 
 739 

It is important to note two assumptions that have been made: (1) the solution is completely 740 

unbuffered; and (2) Q has one pKa at which protons are in equilibrium with its deprotonated 741 

reduced form. As has been shown in the RFB literature, this is the case for some redox-active 742 

species (such as 2,6-dihydroxyanthraquinone [21]) but is not generally true for all reactants 743 

capable of PCET, which may have two distinct pKa values for each proton [10]. The main 744 

consequence of these assumptions is that the final pH computed above represents an upper limit, 745 

as buffering effects will reduce the power of PCET to effect pH shifts, and the presence two distinct 746 

pKa values imply a regime in which 2e- reduction will be accompanied by removal of 1 rather than 747 

2 protons from solution. 748 

 749 
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 750 
Figure S7. Schematic of two-membrane electrochemical cell, showing how electrochemical 751 

acidification and de-acidification processes are integrated with CO2 outgassing and invasion. A 752 

KCl supporting salt is assumed, and K+ and Cl- ions move through the CEM and AEM, 753 

respectively, to/from a middle electrolyte chamber. MO and MR, represent the redox processes 754 

occurring counter to Q/QH2, and could be either symmetric (i.e. QH2/Q) or asymmetric (i.e. 755 

employing some other redox couple), the latter case implying that CCS could be integrated with 756 

energy storage.  757 

 758 

 759 
 760 


