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ABSTRACT 

Chemical phenomena that occur in environmental engineering processes usually need to be 

addressed from different perspectives. The present document contains computational chemistry 

simulations to describe several reactions. 

Density Functional Theory calculations explore the adsorption kinetics of 

nitrilotris(methylenephosphonic acid) (NTMP) with ferric hydroxide minerals and the different 

chemical products of the reactions. The adsorption and desorption reactions with ferric hydroxide 

are important because NTMP ends up in the environment and interacts with soil and aquifer 

minerals, and it also can be recovered using ferric hydroxide adsorbents.  

Quantum chemistry calculations for catalyzed and uncatalyzed water dissociation rates as a 

function of electric field are explored. It has been difficult to measure the electric field-enhanced 

water splitting because it has not been possible to accurately describe the bipolar membrane’s 

interface. Furthermore, the catalytic activity of different oxygenated functional groups sites of 

graphene oxide is described as a function of the pKa and the electric field intensity. Graphene oxide 

has been proposed as water splitting catalyst.  

Finally, several degradation pathways are presented for guanidinium-based polymers and 

quaternary amine-based anion exchange. Polymers such as poly(sulfone) are commonly used in 

exchange membranes, and newly developed poly(phenyl) polymers have been proposed as 

alkaline stable membrane backbones. The guanidinium cation is assumed to be more stable than 

commonly used trimethylammonium due to its resonant structure.  
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Chapter 1: Introduction 

1.1 Quantum Chemistry Applications  

In this dissertation, computational chemistry is used to investigate chemical reaction and 

adsorption phenomena in subject areas that are important in environmental engineering. Quantum 

chemistry simulations are useful in elucidating chemical reaction mechanisms that are not 

amenable to experimental investigation.  This dissertation investigates catalyzed and uncatalyzed 

water dissociation in bipolar membranes, degradation pathways of several anion exchange 

polymers and cations, and adsorption of a scale inhibitor on ferric hydroxide. 

Computational chemistry encompasses computer-based methods for understanding and 

predicting the behavior of molecular systems.  Molecular modelling approaches the ways to mimic 

the behavior of molecules and molecular systems. Such models can be as simple as paper and 

pencil drawings, and hand calculations. However, computational techniques have revolutionized 

molecular modelling to the extent that calculations are merely impossible without the use of a 

computer. In quantum mechanics calculations, electrons are explicitly represented which makes 

possible to derive properties that depend upon the electronic distribution and to investigate 

chemical reactions in which bonds are broken and formed. 

All quantum chemical simulations start from the fundamental quantum mechanics 

postulate that a so-called wave function, Ψ, exists for any chemical system, and that appropriate 

operators which act upon return the observable properties of the system [1]. In mathematical 

notation, 

𝐻Ψ(r, t) = EΨ(𝑟, 𝑡) (1) 
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where H is an operator and E is a scalar value for some property of the system. Since there are no 

known analytic solutions for many-electron systems, the problem is solved numerically [1,2]; thus, 

multiple methods have been designed to obtain accurate results at the lowest computational cost. 

Specifically, in this dissertation two quantum mechanics methods were used, Moller and Plesset 

perturbation theory and Density Functional Theory (DFT). The Møller-Plesset perturbation (MP2) 

method is the simplest useful wavefunction-based method that incorporates electron correlation 

which provides the advantage of properly incorporating long-range dispersion forces [1]. 

Perturbation theory has been used since the early days of quantum chemistry to obtain descriptions 

of electronic structures of atoms and molecules free from electron correlation effects [3]. Møller 

and Plesset described how the HF method can be corrected for electron pair correlation by using 

second-order perturbation theory. This approach is now known as MP perturbation theory and 

referred to as MP n, where n is the order at which the perturbation theory is truncated, for example, 

MP2, MP3, MP4, etc. On the other hand, DFT differs from the wavefunction-based methods by 

using the physical observable electron density n(r) as the central quantity for determining energy 

and molecular properties instead of wavefunction [1,2]. An important advantage of using electron 

density over the wavefunction is a significant reduction in the dimension of the problem. 

Regardless of how many electrons one has in the system, the electron density is always three-

dimensional. This enables DFT to be applied to much larger systems, even biomolecules and 

polymeric compounds having hundreds or even thousands of atoms [2].   

The following subsections briefly describe three environmental engineering problems that 

were addressed using quantum chemistry methods.  
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1.2 Phosphonate Reactions with Ferric Hydroxide 

Phosphonates are compounds containing one or more 𝐶 − 𝑃𝑂3
2− groups. Phosphonates are 

highly soluble in water and are extensively used in industry due to their chelating properties and 

their ability to inhibit crystal growth and precipitation [4]. In agriculture, glyphosate is widely used 

as herbicide reaching production volumes up to 40 million kg per annum in the United States [5]. 

In the textile industry, phosphonates are used in peroxide based bleaching compounds, and in 

medicine, they are used as Ca2+ and Mg2+ carriers for treatment of bone disorders [4]. Their most 

important industrial use is in cooling water, desalination systems, and oil production to prevent 

scale formation [5]. 

Industrial discharge of phosphonate compounds into the environment can lead to a variety 

of environmental problems. In the environment, phosphonates are not naturally present; therefore, 

they can influence the fate and transport of polyvalent cations or increase the total phosphorus 

concentration which will promote eutrophication of surface water [4]. Phosphonates can adsorb 

onto natural iron minerals either by electrostatic attraction or by strong chemical bonding [5]. Since 

glyphosate is an agricultural input in direct contact with the environment, its adsorption reactions 

have been widely studied using experimental and computational methods [6–8]. It was reported 

that glyphosate forms monodentate and bidentate inner sphere complexes with goethite and ferric 

hydroxide minerals [6–8]. Furthermore, interaction with Ca2+ showed that adsorption of 

phosphonates can increase by 100% [9]. 

Nitrilotris(methylenphosphonic acid) (NTMP) is a phosphonate antiscalant commonly 

used in reverse osmosis processes which has six phosphate groups and one amine group [5]. The 

presence of multiple ionized groups in the NTMP molecule gives it a high affinity to polyvalent 

ions in solution and ferric hydroxide minerals. Recovering antiscalants from reverse osmosis brine 
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solutions via ferric hydroxide adsorption seems feasible [5].  Adsorption onto ferric hydroxide and 

subsequent desorption by NaOH solutions can be used to recover NTMP from solution.  Therefore, 

the phosphonate compound can be reused in membrane filtration processes. Thus, it is important 

to study NTMP adsorption reactions with ferric hydroxide and its interactions with different 

cations. Chapter 2 discusses different mechanisms by which NTMP adsorbs onto ferric hydroxide 

minerals. 

1.3 Bipolar Membrane Electrodialysis 

Bipolar membrane electrodialysis (BMED) converts salty water into acid, base, and 

deionized water. Professionals in the pharmaceutical industry, wastewater management, and 

chemical engineering are becoming interested in this process. These interests arise in a wide 

variety of applications, such as: pH control in biochemical processes, energy storage and 

conversion, and wastewater treatment [10,11]. An electrodialysis cell consists of repeating 

membrane units. A unit consists of one bipolar membrane (BPM), two charged membranes: one 

anion exchange membrane (AM), one cation exchange membrane (CM), and one chamber 

separating each membrane (Figure 1.1). Within the bipolar membrane are three regions (Figure 

1.1): a CM on one side, an AM on the other, and a hydrophilic interface in between, which is called 

the intermediate region or membrane junction. 

The BMED process begins by feeding water containing high concentrations of a salt (MX) 

into the chamber between the AM and CM. After a reverse bias is applied across the electrodes, 

anions and cations migrate across their corresponding selective membranes which depletes the 

counterions in the ion exchange layers. The electric field generated in the intermediate region 

polarizes the water molecules and promotes their dissociation, known as Electric Field-Enhanced 

Water Splitting. Hence, water molecules are transformed into protons (H+) and hydroxide ions 
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(OH-) (Figure 1.1). In the BPM, the conduction of the current occurs when H+ and OH- migrate 

towards their respective electrodes [12]. The protons and hydroxide ions combine with the anions 

and cations in their chambers which generate concentrated acid (HX) and base (MOH), and the 

diluted salt solution leaves the cell. 

 

Figure 1.1 Schematic drawing illustrating the arrangement of anion exchange membranes (AM), 

cation exchange membranes (CM) and bipolar membranes (BPM) for the production of acids 

and bases from salts. Note: layers are not drawn to scale. 

1.3.1 Electric Field-Enhanced Water Splitting 

The application of a voltage across a bipolar membrane electrodialysis cell creates an 

electric field at the bipolar membrane’s interface that enhances the water splitting rate. The 

potential drop across the membrane increases with increasing current density [12,13]. At the 

interface, ions move towards the electrodes leading to the interface’s depletion. Further increase 

in the current density is not reflected by an increase in potential drop as expected by Ohm’s law. 

This implies that with increasing current density the number of mobile ions is also increasing, 

creating new ions since the interface was depleted. The increase in mobile ions is reflected in the 

pH changes at each side of the bipolar membrane, which means that the current carriers result from 

water dissociation. 
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The movement of H+ and OH- across the membrane drastically increases the current density 

in BPMs. The current density can be estimated at standard conditions [14] (at 25 °C the water 

dissociation rate constant (kd) is 2.5 x l05 s-1 and pure water concentration is 55.5 mol/L) and with 

a membrane interface thickness (2𝜆) of 1 nm. Assuming the entire current is determined by the 

products of the water dissociation, current density corresponds to 0.14 x 10-4 A/m2, and is given 

by: 

𝐼 = 𝑧𝐹𝑘𝑑𝐶𝐻2𝑂2𝜆 (2) 

However, in practice bipolar membranes can operate at current densities up to 2000 A/m2[12]. The 

big difference between theoretical and experimental means that either the interface needs to be 

thicker or the rate of splitting is much greater than in free solution. To get current densities close 

to the experimental values, the thickness (λ) needs to be in the order of millimeters, but 

measurements show that it is actually less than one micrometer [12,14–16]. Therefore, the water 

splitting rate in bipolar membranes is enhanced at least 107 times with respect to bulk water. 

One possible explanation for the increased water dissociation inside bipolar membranes 

has been attributed to the second Wien effect (SWE) [17], which says that Ohm’s law is no longer 

valid for electrolyte solutions at electric field intensities higher than 107 V/m. In the case of weak 

electrolytes, e.g. water, the effect corresponds to an increase of the dissociation rate with increasing 

electric field. A mathematical model for the SWE describes electric field influence on the 

dissociation rate constant of weak electrolytes, and can be described by the following [18]: 

𝑘𝑑(𝐸)

𝑘𝑑(0)
= 1 + 𝑏 +

𝑏2

3
+

𝑏3

18
+

𝑏4

180
+

𝑏5

2700
+

𝑏6

56700
+ ⋯ (3) 

where: 
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𝑏 = 0.09636
𝐸

𝜖𝑟𝑇2
 

This function delineates the ratio of the dissociation constant when an electric field is applied 

(kd(E)) with respect to the constant for bulk water (kd(0)), as a function of the electric field (E), the 

dielectric constant of the medium (εr) and the temperature (T). 

The Onsager model of the SWE consists of a series of two successive reactions [18]: (1) 

molecule→ ion pair and (2) ion pair→ dissociated ions. It was assumed that the rate of the first 

reaction does not depend on the field; however, the rate of second reaction does depend on the 

field and incorporates the effects of Coulombic attraction between the ions and field–ion 

interactions (Figure 1.2). This model was experimentally verified in bulk solution.  However, in 

bipolar membranes, the rate enhancement predicted by the model is three orders of magnitude 

below experimental values [12,14,19,20]. 

 

Figure 1.2 Schematic representation of the forces in the Onsager Second Wien Effect model [9]. 
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Theoretical considerations and experimental evidence strongly support the hypothesis that 

enhanced water splitting is also caused by a reversible proton transfer reaction between water and 

weak base and weak acid sites in the catalyst layer [14,21,22]. In the presence of weak acid and 

base sites, the water dissociation rate constant may be several orders of magnitude higher than in 

free solution. In the case of bipolar membranes, the charged groups attached to polymers at the 

interface can react with water molecules at the surface. Experiments showed that the water splitting 

takes place at the surface of the AM [21,23]. Furthermore, it was found that water dissociation was 

suppressed by methylation of tertiary amines [22]. Thus, confirming that the membrane groups 

were taking protons according to the following chemical model, where B is a neutral weak base, 

and k1 and k2 are the rate constants for the corresponding reactions: 

𝐵 + 𝐻2𝑂
𝑘1
⇔ 𝐵𝐻+ + 𝑂𝐻−   (4) 

𝐵𝐻+ + 𝐻2𝑂
𝑘2
⇔ 𝐵 + 𝐻3𝑂+  (5) 

The chemical reaction model [21] explained that both reaction rates are affected by the 

external electric field via the SWE, but could not estimate the splitting rate enhancement. It has 

not been possible to accurately estimate the magnitude of the increase on the reaction rates since 

all the mathematical models contain parameters that are unknown or are impossible to measure in 

bipolar membranes [15,18,20,24]. Chapter 2 explores the quantification of the Electric Field-

Enhancement Water Splitting rates using a computational chemistry approach. 

1.3.2 Water Splitting Catalyst 

Simmons’ chemical reaction model [21–23] explains how the presence of weak base sites 

enhance water dissociation. According to the model, the water dissociation occurs mainly at the 

AM and not at the CM, the mechanism of water dissociation at the anion exchange layer is 

described on the basis of a catalytic reaction at the interface, as shown in reactions (4) & (5). The 
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proton transfer reaction occurs between the catalyst’s functional groups and the water molecules. 

At the AM, water dissociation was observed to occur when water reacted with secondary or tertiary 

amines at the membrane interface, and conversion of tertiary amines to quaternary amines 

drastically reduced water dissociation [23,25]. Therefore, dissociation at quaternary amines is 

weak because the reversible proton exchange reactions are absent in this group [25]. It can be 

inferred that weak bases rather than strong bases have catalytic activity; as a result, the idea 

emerged of adding a catalyst with weak base characteristic at the interface to further improve water 

splitting rates [14,26]. Adding an aminated extra layer to the BPM has not shown significant 

performance improvements mainly due to steric effects or reduction in hydroxide conductivity 

[27].  

Several other materials have shown improvements in the catalytic activity in BPMs with 

respect to the amine catalysts. These catalysts include: metallic oxides and hydroxides [28,29], 

polyethylene glycol [30–32], functionalized polyester [33], proteins [34], and metal-organic 

frameworks [35]. In recent years, graphene oxide (GO) has shown promising catalytic uses, and it 

has received a lot of attention from different fields because of its potential uses [36–39]. 

GO is the result of exposing graphite to oxidizing agents and low pH. It is a 

macromolecular sheet of sp2-hybridized carbon, and is functionalized with oxygen containing 

groups, such as carboxylic acids, carbonyls, epoxides and hydroxyls [40]. These groups can take 

a proton from a water molecule; hence, they can aid in splitting water in BPMs. In addition, the 

oxygen-containing groups prevent sheet aggregation and broaden the interlayer spacing. These 

structural features allow ions and molecules to have access to the functional groups between 

graphene oxide layers and can increases the number of accessible catalytic sites and provide high 

hydrophilicity and wettability [41].  
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Experimental studies show that graphene oxide catalysts reduce operating voltages at 

current densities of 100 mA/cm2 and minimize membrane resistance [36–38]; however, the reasons 

for the high catalytic activity are not fully understood. Chapter 4 explores the chemistry of 

graphene oxide’s catalytic activity using molecular modeling methods. 

1.4 Alkaline Stability of Anion Exchange Membranes 

BMED is a challenging application of anion exchange membranes. Hydroxide ion 

concentrations in the AM are much greater than the bulk solution. Under alkaline conditions, 

current AMs have shown poor chemical and mechanical stability which results in non-

economically viable applications [42]. In the case of the CM, the chemical stability has been 

improved by perfluorination of the polymer backbone which resulted in commercially available 

membranes (NAFION®). In recent years, research has focused on developing more stable anion 

exchange membranes for use in bipolar membrane electrodialysis, alkaline membrane fuel cells, 

and electrodialysis [43-47]. 

Anion exchange membranes are ionically conductive polymers functionalized with 

cationic groups. The primary mechanisms for alkaline degradation of AM involve hydroxide ion, 

attack on the cation groups which leads to Hoffman elimination, direct nucleophilic substitution, 

backbone break down, and chemical rearrangement [48,49]. All the degradation mechanisms result 

in losing ion exchange capacity, ion mobility and mechanical stability. 

Most of the cations exhibit some level of alkaline stability. For example, membranes 

containing benzyl trimethylammonium (BTMA) have shown less than 5% decrease of cation 

exchange capacity for short-term use in fuel cells (up to 233 h) [50]; however, long-term studies 

agree that the trimethyl ammonium can be substituted by the hydroxide ion [43,48]. Therefore, 

alternative cations were suggested; such is the case of the cyclic diamine DABCO (4,4’-
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diazobyciclo- [2.2.2]-octane) which sowed stability improvement compared with BTMA [46,51]. 

Another suggested alternative is to use cations with resonant structures such as guanidinium or 

imidazolium groups. The resonance could reduce the susceptibility to nucleophilic attack [52,53]. 

Alternatively, it also has been reported that adding a long carbon chain between the cation and the 

polymer backbone improves the alkaline stability [43].  

Equally important is the stability of the polymer backbones. Several polyaromatic 

backbone structures have been used such as polysulfone, poly(phenylene oxide), poly(arylene 

ether sulfone), and poly(ether ether ketone) [42]. There have been mixed results about the stability 

of these polymers; while some [42] studies have reported that the alkaline degradation of AMs is 

most affected by the cation stability, recent reports have speculated that the aryl-ether bond and 

the bisphenol A within the polymers are susceptible to hydroxide attack [48,49]. The stability of 

these bonds has been difficult to study because the analytical tools (like infrared and nuclear 

magnetic resonance) sometimes overlap the different signals of the chemical moieties. Thus, it is 

difficult to definitively identify the degradation mechanisms. Nevertheless, recent evidence 

suggests that the aryl-ether bond in polysulfone AMs is vulnerable, due to the electron withdrawing 

nature of the cation [49]. To avoid this instability, ether-free membranes have been suggested, 

such as poly(biphenyl alkylene) and poly(phenylene) [43–45,54]. Both polymer backbones consist 

mainly of phenyl rings. The phenyl-phenyl bond is susceptible to hydrolysis under alkaline 

conditions, but experiments have shown that to break the bond the temperature needs to be above 

180 °C. 

While backbone and cation degradation can occur simultaneously, one route is likely more 

predominant over the other. It will depend on the structure and arrangement of both the polymer 

and the cation. Therefore, it is important to study the relative alkaline stability of both. 
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1.5 Organization of the Dissertation 

Chapter 2 describes adsorption reactions, complex formation, and interaction of cations 

with nitrilotris(methylenephosphonic acid) NTMP adsorbed on ferric hydroxide. The author of 

this dissertation designed and performed the computational simulations, collected the data, 

analyzed the data, and prepared a manuscript for publication. The content of this chapter was 

published on February 8, 2017 in Chemosphere. 

Chapter 3 explores the quantification of water dissociation rates with and without a catalyst 

in bipolar membranes as a function of the electric field. The author of this dissertation designed 

and performed the computational simulations, collected the data, analyzed the data, and prepared 

a manuscript for publication. The content of this chapter was published on January 3, 2019 in 

Industrial & Engineering Chemistry Research. 

Chapter 4 examines the catalytic activity of graphene oxide in bipolar membranes 

compared to amine catalysts and uncatalyzed reactions. The author of this dissertation designed 

and performed the computational simulations, collected the data, analyzed the data, and prepared 

a manuscript for publication.  The content of Chapter 4 was submitted for publication on May 

2019 to Computational and Theoretical Chemistry. 

Chapter 5 shows the alkaline degradation pathways of the anion exchange cations 

hexamethylguanidinium and pentamethylguanidinium. The author of this dissertation collaborated 

with the first author, James Farrell, in performing computational simulations and analyzing data. 

First author, James Farrell, led the research project and designed the computational simulations. 

The material in Chapter 5 was published on March 18, 2019 in Computational and Theoretical 

Chemistry. 
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Chapter 6 discusses the relative alkaline stability of the cation and the backbone structure 

and of four different anion exchange polymers: polysulfone trimethylammonium, polysulfone 

DABCO, aminated tetramethyl poly(phenylene), and poly(biphenyl alkylene) 

tetramethylammonium. . The author of this dissertation designed and performed the computational 

simulations, collected the data, and analyzed the data.  

Chapter 7 includes concluding remarks for the present document. 
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Chapter 2: Understanding Nitrilotris(methylenephosphonic Acid) Reactions with Ferric 

Hydroxide 

This article was published in Chemosphere (2017, 175, 490−496) and is included in this 

dissertation with permission. 
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Abstract 

Phosphonate compounds are used in a wide variety of industrial and agricultural applications, and 

are commonly found in surface and ground waters. Adsorption to ferric hydroxide can have a 

significant effect on the transport and fate of phosphonate compounds in the environment. This 

research used density functional theory (DFT) modeling to investigate the adsorption mechanisms 

of nitrilotris(methylenephosphonic acid) (NTMP) on ferric hydroxide. Standard Gibbs free 

energies of reaction (∆𝐺𝑟
𝑜 ) and reaction activation barriers (Ea) were calculated for different 

possible adsorption mechanisms. Physical adsorption of NTMP to ferric hydroxide was promoted 

by negative charge assisted hydrogen bonding, and had ∆𝐺𝑟
𝑜 ranging from -2.7 to -7.4 kcal/mol. 

NTMP was found to form three different types of inner sphere complexes, monodentate, bidentate 

mononuclear and bidentate binuclear. For the monodentate complexes, ∆𝐺𝑟
𝑜 ranged from -8.0 to -

13.7 kcal/mol, for the bidentate mononuclear complexes ∆𝐺𝑟
𝑜 ranged from -15.3 to -25.6 kcal/mol, 

and for the bidentate binuclear complexes, ∆𝐺𝑟
𝑜  ranged from -16.1 to -28.9 kcal/mol. 

Complexation with Ca2+ decreased the energy for physical adsorption but increased the binding 

energies for mono- and bidentate complexes. Complexation with Ca2+ also allowed formation of 

a tridentate ternary surface complex, whereby the Ca2+ ion formed a bridge between three –Fe–O- 

and three –P–O- groups. Physical adsorption had Ea=0, but mono- and bidentate complex 

formation had Ea values ranging from 36 to 53 kcal/mol. Formation of tridentate ternary surface 

complexes involving Ca2+ had the lowest activation barriers of 8 and 10 kcal/mol. The different 

activation barriers for different modes of adsorption may explain previous experimental 

observations of unusual kinetic behavior for adsorption and desorption of NTMP. 
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2.1 Introduction 

Phosphonates are compounds containing C−PO(OH)2 functional groups and are used in a 

wide variety of industrial applications due to their ability to chelate polyvalent cations. Among the 

most common uses of phosphonates is for preventing scale formation in evaporative cooling 

systems, reverse osmosis water treatment and oil drilling, and as a builder in household detergents 

[1]. Additionally, the most commonly used agricultural herbicide is the phosphonate compound, 

glyphosate, and its annual use in the United States is more than 40 million kg [2]. Annual global 

production of all phosphonate compounds is reported to be more than 56000 tons [3]. The 

phosphonate compounds used in many applications eventually wind up in the environment. This 

can have a variety of deleterious effects, including, enhancing the transport of toxic metal cations, 

and increasing the phosphate concentration in surfaces waters that can cause eutrophication [4]. 

The transport and fate of phosphonate compounds in the environment is greatly affected 

by adsorption to a variety of metal oxide minerals, and by metal oxide coatings on aquifer 

sediments [5]. Understanding the adsorption mechanisms is important in modeling transport and 

fate, and in understanding the potential for biodegradation. Adsorption of phosphonate compounds 

on ferric hydroxide minerals, such as goethite, and by ferric hydroxide adsorbents, has been studied 

by several investigators [1,2,6–12]. The adsorption of N-(phosphonomethyl)glycine (glyphosate) 

has received the most attention from researchers due to its widespread agricultural use. Sheals et 

al. [12] used a combination of adsorption measurements, X-ray photoelectron spectroscopy (XPS) 

and Fourier-transform infrared spectroscopy (FTIR) to investigate glyphosate adsorption to 

goethite. They reported that monodentate inner sphere complex formation was the most likely 

adsorption mechanism, and that the amine group does not interact with the surface. Glyphosate 

adsorption to goethite was also studied using quantum chemistry modeling [13]. Comparison of 
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calculated vibrational frequencies with those from experiments indicated that the monodentate 

complexes gave the best agreement to experimental data over the pH range 2.09 to 10.28. Other 

investigators have proposed that glyphosate may also form a bidentate complex in which Fe-O-P 

bonds form at corner sites on adjacent iron atoms in octahedral coordination [6,7]. However, the 

evidence for bidentate complexation has been questioned by some investigators [9].  

In addition to mono- and bidentate complexes, there is evidence that Ca2+ ions may 

promote formation of ternary surface complexes involving Ca2+ phosphonate and ferric hydroxide 

[1]. Several studies have reported that when Ca2+ ions are present at concentrations greater than 

the phosphonate compound, the adsorption of polyfunctional phosphonate compounds on ferric 

hydroxide increases up to 100%, as compared to solutions without Ca2+ ions [2,11]. Because Ca2+ 

ions were not found to affect adsorption of the monofunctional phosphonate compound, 

aminomethylphosphonate, this suggests that the Ca2+ ion is not involved in the binding reaction, 

but rather is chelated by phosphonate groups not involved in the adsorption reaction.  

Previous research on the kinetics of phosphonate adsorption and desorption has shown 

several interesting phenomena that warrant further investigation. In stirred batch reactors, uptake 

of nitrilotris(methylenephosphonic acid) NTMP onto acicular goethite crystals (~1 µm long by 0.1 

µm wide) was rapid and complete within several minutes [10]. However, desorption into 1.0 M 

NaOH solutions was slow, requiring more than 400 minutes. This indicates that the kinetics of 

desorption are much slower than those for adsorption. In another study of NTMP adsorption 

kinetics, uptake by 0.8-2.0 mm diameter granular ferric hydroxide was achieved in approximately 

30 minutes for low surface loadings (2 mg/g), but required up to 9 hours at higher adsorbed phase 

concentrations (>14 mg/g) [2]. The adsorption data was fit to a pore diffusion model and best-fit 

pore diffusion coefficients differed by a factor of six between experiments conducted at high and 
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low concentrations. Application of a surface diffusion model to the same data also showed much 

lower apparent diffusion coefficients with increased surface loading. In addition, the presence of 

Ca2+ ions in solution significantly increased the rate of adsorption. In solutions with Ca2+, the best-

fit pore diffusion coefficient was more than a factor of seven times greater than that in solutions 

without Ca2+. This suggests that diffusional mass transfer was not the limiting factor for NTMP 

uptake by the granular adsorbent. One possible explanation for this unusual behavior may be that 

the kinetics of NTMP adsorption were controlled by the reaction rate of the complexation reactions, 

with different reactions predominating at high versus low adsorbed phase concentrations. In this 

context, the effect of Ca2+ ions on the adsorption rate may indicate that Ca2+ lowers the activation 

barrier for the adsorption reaction by changing the type of complex that is formed.  

Elucidating the reactions involved in phosphonate adsorption to ferric hydroxide is difficult 

using only spectroscopic techniques. Multiple binding modes present at the same time make it 

difficult to positively identify different complexes due to convolution of spectra from different 

binding modes. Additionally, some surface complexes may not be present at sufficiently high 

concentrations to be detected. In recent years, there has been increasing use of density functional 

theory (DFT) modeling for understanding chemical reactions. DFT modeling can be used to 

calculate Gibbs free energies for proposed reactions, and for calculating the activation barriers for 

elementary reactions. Presently, the only spectroscopic data on phosphonate binding to ferric 

hydroxide is for glyphosate, which contains only a single phosphonate functional group. The goal 

of this study was to investigate the adsorption mechanisms of a polyfunctional phosphonate 

compound onto ferric hydroxide using DFT modeling. NTMP was chosen as a model compound 

due the availability of adsorption equilibrium and kinetic data from previous experimental 
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investigations [2,10,11], and due to its widespread use as an antiscalant in evaporative cooling 

systems and reverse osmosis water treatment.  

2.2 Materials and Methods 

DFT structure calculations were performed using the DMol3 package [14,15] in the 

Accelrys Materials Studio modeling suite using a personal computer with eight parallel processors 

[16]. Structure calculations were unrestricted spin, all electron calculations using double-numeric 

with polarization (DNP) basis sets [17], and the gradient corrected VWN-BP functionals for 

exchange and correlation [18–20]. Thermal smearing of 0.005 Ha was used to help SCF 

convergence. Solvation was included using the COSMO-ibs polarizable continuum model [21], 

which is based on the conductor-like model screening model and can account for solute-solvent 

induced polarization interactions [17]. Transition state energies were determined by calculating 

energies of geometry-optimized systems as a function of the reaction coordinate, defined as the 

distance between two atoms forming or breaking a bond. Frequency calculations were performed 

to assure optimized geometries and transition states, and to determine thermal corrections. 

Ferric hydroxide (FH) was simulated using a dioctahedral cluster that has been used in 

multiple previous DFT investigations of arsenate, phosphate and glyphosate complexation [13,22–

25]. The cluster consists of two Fe(III) atoms coordinated with 10 oxygen atoms with the general 

formula Fe2O3(H2O)7, as illustrated in Figure 2.8 in the Supporting Information. Past studies on 

phosphate and glyphosate binding has shown that this cluster yields structures that are in good 

agreement with spectroscopic data, and 3-dimensional periodic models [9,12,26–28].  

Comparisons of sulfate binding to the Fe2O3(H2O)7 cluster with those calculated using 3-

dimensional periodic models reported that interatomic distances and angles of bidentate bridging 

were in good agreement, despite the lack of long-range order in the cluster [29]. The FH cluster 
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was obtained from the geometry-optimized structure for a periodic goethite crystal. To avoid 

distortions of the octahedral geometry after the cluster was removed from the crystal, the oxygen 

atoms not involved in the binding reactions were fixed in place. NTMP has three phosphonic acid 

groups and one amine group, as illustrated by the structure shown in Figure 2.9 in the Supporting 

Information. The speciation of NTMP as a function of pH is illustrated in Figure 2.10 in the 

Supporting Information. Three Na+ ions were included in the calculations to balance the negative 

charges on the deprotonated phosphonic acid species.  

Because of disparities between real ferric hydroxide adsorbents and the modeled system, 

and the approximations inherent in the DFT formalism itself, the calculations are useful for 

qualitatively comparing the likelihood of different possible reactions, but not for calculating 

accurate equilibrium constants. Based on previous research investigating similar systems, the 

expected accuracy for the Gibbs free energies of reaction (∆𝐺𝑟
𝑜) are on the order of ±2.5kcal/mol 

[29–31]. Thus, the ∆𝐺𝑟
𝑜 values are useful for assessing the relative thermodynamic favorability of 

different possible reactions only when the energy differences are more than ~2-5 kcal/mol. 

2.3 Results and Discussion 

2.3.1 Aqueous Complexes 

Phosphonate compounds in the environment are most commonly found complexed with 

Ca2+ and Mg2+ ions [5]. Thus, adsorption of NTMP onto ferric hydroxide will likely involve 

converting an aqueous complex to an adsorbed complex. The binding energies of NTMP with Ca2+ 

and Mg2+ were calculated to determine the most likely complexes to form in aqueous solution. At 

circumneutral pH values, the predominant NTMP species will have charges of -3 and -4. The 

reaction for Ca2+ complexation with NTMP3- can be expressed as: 

[𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]3− + 𝐶𝑎2+ + 3𝑁𝑎+ ⟷ [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2] ≡ 𝐶𝑎− + 3𝑁𝑎+ (1) 
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The product of this reaction is illustrated in Figure 2.11 in the Supporting Information, and 

∆𝐺𝑟
𝑜  =-21.6 kcal/mol. For Ca2+ binding with NTMP4-, ∆𝐺𝑟

𝑜  =-41.7 kcal/mol. This increase in 

binding energy with decreasing phosphonate protonation is consistent with experimental 

observations [32,33] where the formation constant of the Ca-phosphonate complex was more 

favorable as the pH increased. In calculating the energy for the reactant species, the Ca2+ atom was 

held at fixed distance of 20 Å from the N atom in NTMP, with the position of all other atoms 

optimized to their minimum energy position. At this separation distance there was no interaction 

between the Ca2+ ion and the other atoms, as indicated by no energy change for varying the 20 Å 

distance by ±1 Å. The Ca–O distances in the complexes are 2.223, 2.317 and 2.409 Å. These values 

are similar to those (2.374–2.404 Å) measured by X-ray diffraction for calcium phosphonate salts 

[34,35]. The average Hirshfeld charge on the oxygen atoms increased after the tridentate complex 

was formed (-0.410 to -0.326), and the calcium ion reduced its charge from 2.0 to 1.047, indicating 

the formation of a chemical bond. NTMP3- complexation with Mg2+ is illustrated in Figure 2.12 in 

the Supporting Information and had ∆𝐺𝑟
𝑜 =-12.4 kcal/mol. Mg2+ complexation with NTMP4- had 

∆𝐺𝑟
𝑜  =-13.9 kcal/mol. The stronger binding of Ca2+ compared to Mg2+ is consistent with 

experimental observations where after addition of a phosphonate antiscalant, the aqueous Ca2+ 

concentration decreased while the Mg2+ concentration remained constant [32]. Because Ca2+ binds 

more strongly than Mg2+ and is generally present at higher concentrations in ground and surface 

waters, further calculations focused on Ca2+ only. 

2.3.2 Complexes with Ferric Hydroxide 

2.3.2.1 Physical Adsorption 

NTMP may adsorb on ferric hydroxide via physical adsorption, as illustrated in Figure 2.1. 

For NTMP3-, ∆𝐺𝑟
𝑜 =-6.3 kcal/mol, and for NTMP4- ∆𝐺𝑟

𝑜 =-7.4 kcal/mol. Physical adsorption was 
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promoted by negative charge-assisted hydrogen bonding [36] between O atoms on NTMP and H 

atoms on the ferric hydroxide. As shown in Figure 2.1a, three negative charge assisted hydrogen 

bonds formed between NTMP3- and ferric hydroxide. The average Hirshfeld charges for the 

oxygen atoms involved in the hydrogen bonds increased an average of 0.10 for the NTMP3- and 

0.06 for the NTMP4-. These changes in Hirshfeld charges describe electron withdrawal from the 

oxygen atoms involved in the formation of hydrogen bonds. The presence of a Ca2+ ion complexed 

with NTMP3- decreased the ∆𝐺𝑟
𝑜 for physical adsorption to only -2.6 kcal/mol. As shown in Figure 

1b, the Ca2+ remained complexed by NTMP3-. In addition, the strength of the charge assisted 

hydrogen bonds decreased, as indicated by the increased length of the three hydrogen bonds by an 

average of 0.06 Å. The physical adsorption reactions were all activationless, with Ea=0.  

 

Figure 2.1 a) Physical adsorption of NTMP3- on ferric hydroxide b) Physical adsorption of Ca-

NTMP1- on ferric hydroxide. Dashed lines illustrating intermolecular distances indicate the 

locations of negative charge assisted hydrogen bonds. Atom color key: Fe (blue-gray); O (red); 

H (white); C (gray); N (blue); P (magenta); Na (purple); Ca (lime green). 
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2.3.2.2 Mondodentate Complexes 

In addition to physical adsorption, NTMP may also adsorb onto ferric hydroxide via 

monodentate complex formation, as illustrated in Figure 2.2. The reaction for this may be 

expressed as: 

𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]3− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)6𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]3− + 3𝑁𝑎+ + 𝐻2𝑂 (2) 

For NTMP3-, ∆𝐺𝑟
𝑜 =-8.0 kcal/mol and for reaction of NTMP4-, ∆𝐺𝑟

𝑜 =-12.0 kcal/mol. In 

contrast to the activationless physical adsorption reactions, this reaction had Ea= 42.7 kcal/mol for 

NTMP3- and Ea= 31.8 kcal/mol for NTMP4-. Figure 2.3 illustrates the relative energies for the 

different modes of adsorption and the energies of the transition state complexes. When starting as 

physically adsorbed NTMP3-, the activation barrier to form this complex was 48.9 kcal/mol. For 

physically adsorbed NTMP4-, the Ea to form the monodentate complex was 43.9 kcal/mol, as 

illustrated in Figure S6. Aqueous NTMP3- complexed with Ca2+ can also form a monodentate 

complex, as illustrated in Figure 2.4. This reaction can be written as: 

𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)6𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ + 𝐻2𝑂 (3) 

Even after monodentate adsorption, the Ca2+ ion remains in a tridentate complex with 

NTMP3-. For this reaction, ∆𝐺𝑟
𝑜 =-13.7 kcal/mol, which is 5.7 kcal/mol more energetically 

favorable than the reaction without Ca2+.  

Although there are no EXAFS studies on phosphonate binding to ferric hydroxide for 

comparison with the monodentate complex shown in Figure 2.2, the Fe–P distances can be 

compared to those for phosphate binding to ferric hydroxide. The Fe–P distance of 3.44 Å is only 

slightly shorter than EXAFS results of phosphate forming a monodentate complex with goethite 
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of 3.60 Å [37]. The result here is similar to other Fe–P distances reported in previous DFT studies 

of phosphate adsorption, which ranged from 3.37-3.60 Å [26,27,30]. 

 

Figure 2.2 Monodentate complex formed between NTMP3- and ferric hydroxide. Dashed lines 

indicate locations of negative charge assisted hydrogen bonds. Atom color key: Fe (blue-gray); O 

(red); H (white); C (gray); N (blue); P (magenta); Na (purple). 

 

 

Figure 2.3 Gibbs free energies at 25 °C and 1 atm for different modes of adsorption for NTMP3-. 

Also shown are the energies of the transition state complexes for formation of the monodentate 

(Mono), bidentate mononuclear (BMN) and bidentate binuclear (BBN) complexes. The zero of 

the energy scale is the energies of non-interacting adsorbate (NTMP3-) and adsorbent species 

(Fe2O3(H2O)7). 
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Figure 2.4 Monodentate complex formed between Ca-NTMP1- and ferric hydroxide. Dashed 

lines indicate locations of negative charge assisted hydrogen bonds. Atom color key: Fe (blue-

gray); O (red); H (white); C (gray); N (blue); P (magenta); Na (purple); Ca (lime green). 

2.3.2.3 Bidentate Complexes 

In addition to forming a single Fe-O-P bond, phosphonate groups can displace another 

water molecule from the ferric hydroxide surface, thereby forming bidentate complexes. These 

complexes are bidentate mononuclear, when the same phosphonate group forms two bonds with 

two iron atoms, or bidentate binuclear, when two different phosphonate groups bond to two iron 

atoms. For the bidentate complexes formed by NTMP3-, the reaction can be written as: 

𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]3− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)5𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]3− + 3𝑁𝑎+ + 2𝐻2𝑂 (4) 

The energy change for formation of the bidentate mononuclear complex was ∆𝐺𝑟
𝑜=-15.3 

kcal/mol, and for the bidentate binuclear complex, ∆𝐺𝑟
𝑜=-16.1 kcal/mol for NTMP3-. For NTMP4-, 

∆𝐺𝑟
𝑜=-17.4 kcal/mol for the bidentate mononuclear complex, and ∆𝐺𝑟

𝑜=-18.2 kcal/mol for the 

bidentate binuclear complex. Conversion of the monodentate into bidentate complexes was 

associated with Ea=36.1 kcal/mol for the mononuclear bidentate complex, and Ea=46.7 kcal/mol 

for the binuclear bidentate complex for NTMP3-. For NTMP4-, Ea=41.3 kcal/mol for the 
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mononuclear complex, and Ea=53.2 kcal/mol for the binuclear complex. Figure 2.3 illustrates the 

relative energies of the transition state structures and mono- and bidentate complexes for NTMP3-. 

The same data is shown for NTMP4- in Figure 2.13 in the Supporting Information.  

NTMP3- complexed with Ca2+ may also form bidentate complexes with ferric hydroxide, 

as illustrated in Figures S7 and S8. The reaction forming this complex may be written as: 

𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)5𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ + 2𝐻2𝑂   (5) 

The reaction energies for these complexes are ∆𝐺𝑟
𝑜=-25.6 kcal/mole for the mononuclear 

bidentate complex and ∆𝐺𝑟
𝑜= -28.9 kcal/mol for the binuclear bidentate complex for NTMP3-. 

These ∆𝐺𝑟
𝑜  values are 10.3 and 12.8 kcal/mol more energetically favorable than the bidentate 

complexes without Ca2+. For these bidentate complexes, the Ca2+ ion changes from a tridentate to 

a bidentate complex with NTMP3- as a result of the adsorption process, as illustrated in Figure 2.14 

and Figure 2.15 in the Supporting Information. 

 

Figure 2.5 Bidentate mononuclear complex formed between NTMP3- and ferric hydroxide. Atom 

color key: Fe (blue-gray); O (red); H (white); C (gray); N (blue); P (magenta); Na (purple).  
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Figure 2.6 Bidentate binuclear complex formed between NTMP3- and ferric hydroxide. Atom 

color key: Fe (blue-gray); O (red); H (white); C (gray); N (blue); P (magenta); Na (purple). 

2.3.2.4 Tridentate Bridging Complexes 

Another mechanism whereby Ca2+ can increase NTMP adsorption is via formation of 

tridentate bridging complexes, as illustrated in Figure 2.7. The reaction for formation of this 

complex may be written as: 

𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)7 ≡ 𝐶𝑎 ≡ 𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2]− + 3𝑁𝑎+ (6) 

This complex is unique among the other inner-sphere complexes in that it does not involve 

elimination of a H2O molecule bound to the surface. The energy change associated with formation 

of this complex was ∆𝐺𝑟
𝑜=-25.1 kcal/mol for NTMP3- and ∆𝐺𝑟

𝑜=-10.1 kcal/mol for NTMP4-. In 

both complexes, the Ca–O bond lengths ranged from 2.33 to 2.43 Å. These values are close to 

those (2.374-2.404 Å) measured by X-ray diffraction for calcium phosphonate salts [32,34], and 

to those (2.37-2.46 Å) measured for coordination shells of Ca2+ surrounded by six phosphate ions 

[38]. Formation of these complexes had Ea values of 8.5 and 10.3 kcal/mol for the NTMP3- and 

NTMP4-, respectively. These values are significantly smaller than the Ea values required to form 

the mono- and bidentate complexes in the absence of Ca2+. 
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Figure 2.7 Tridentate bridging complex formed between NTMP3-, Ca2+ and ferric hydroxide. 

Atom color key: Fe (blue-gray); O (red); H (white); C (gray); N (blue); P (magenta); Na (purple); 

Ca (lime green). 

2.4 Conclusions 

A mechanistic understanding of phosphonate adsorption to ferric hydroxide is important 

for assessing the transport and fate of phosphonate compounds in the environment, and for 

developing adsorbents for removing phosphonate compounds from water. The modeling results 

indicate that formation of both mono- and bidentate complexes was energetically favorable. The 

6.1 to 8.1 kcal/mol stronger binding energies for the bidentate over the monodentate complexes 

suggest that bidentate complex formation is favored over monodentate. NTMP complexation with 

Ca2+ in solution increased the binding energies for inner sphere complex formation by 5.7 to 12.8 

kcal/mol, and decreased the Ea values for complex formation by 20 to 43 kcal/mol. More exergonic 

∆𝐺𝑟
𝑜 in the presence of Ca2+ explains experimental observations that millimolar levels of Ca2+ can 

more than double the uptake of NTMP on ferric hydroxide [2,11,39]. 

These modeling results can also be used to better understand previously published 

experimental data on the kinetics of NTMP adsorption. The disparity between rates of adsorption 

and desorption for NTMP on nanoparticulate goethite [10] can likely be explained by rapid 
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physical adsorption, followed by a slower process that converts physically adsorbed NTMP to 

chemically adsorbed NTMP. The activation barrier for physical adsorption was zero, and thus it is 

expected to be a rapid process that is limited by mass transfer limitations. In contrast, activation 

barriers for breaking the mono- and bidentate complexes ranged from 36.1 to 53.2 kcal/mol. These 

barriers are sufficiently high that these reactions are expected to proceed slowly at room 

temperature. Thus, desorption of NTMP may be limited by the rate of the bond breaking reactions.  

Observations of higher apparent diffusion coefficients at lower adsorbed phase 

concentrations [2] for NTMP may also be explained in terms of rate limited complexation reactions, 

rather than mass transfer limitations. At low surface loadings, energetically weak, unactivated 

physical adsorption may be responsible for a high fraction of the total uptake. However, higher 

adsorbed phase concentrations would require more energetically favorable chemical adsorption, 

which has activation barriers as high as 53.2 kcal/mol. Thus, a shifting adsorption mechanism may 

be responsible for the decreasing rates of uptake with increasing surface loading.  

The observation that Ca2+ increased the apparent diffusion coefficients for adsorption by 

up to a factor of seven [2] can also be explained by the fact that uptake of NTMP was not mass 

transfer limited, but rather limited by the rate of the complexation reactions. The presence of Ca2+ 

allowed formation of the tridentate ternary bridging complex, which had activation barriers that 

were 25.8 to 44.7 kcal/mol lower than those for mono- and bidentate complex formation.  

High activation barriers for complex formation may also explain kinetic data for phosphate 

adsorption to ferrihydrite [40]. Wang et al. [40] reported that phosphate adsorption by ferrihydrite 

could be described by three first order processes operating over different time scales. Over the first 

20 minutes elapsed, phosphate adsorption was rapid and was first order in phosphate concentration. 

Over the next 300 minutes, the process also appeared to be first order, but the rate constant for the 
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second stage process was approximately one order of magnitude lower than for the rapid initial 

uptake. The third first order process occurred over the next 2000 minutes, with rate constants that 

were approximately an order of magnitude smaller than the second stage. This type of behavior is 

not consistent with diffusional limitations, but can be explained by slow inner sphere reactions 

whereby physically adsorbed phosphate gets replaced by different types of inner sphere complexes. 

Spectroscopic data, differential pair distribution functions, and measurement of hydroxide ion 

concentrations showed that initial phosphate adsorption did not result in release of an OH- ligand. 

However, at later stages, phosphate adsorption was associated with release of two OH- ligands and 

the formation of bidentate binuclear complexes. The results of this study show that reaction 

kinetics must be considered when modeling adsorption and desorption of phosphonate compounds 

to ferric hydroxide. 
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2.5 Supporting Information  

 

 

Figure 2.8 Ferric hydroxide adsorbent structure with the general formula Fe2O3(H2O)7.  Atom 

color key: Fe (blue-gray); O (red); H (white). 

 

 

Figure 2.9 Structure of NTMP3-.  Atom color key: Fe (blue-gray); O (red); H (white); C (gray); N 

(blue); P (magenta). 
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Figure 2.10 Speciation of NTMP as a function of pH.  Data from: Popov, K.; Rönkkömäki, H.; 

Lajunen, L. Critical evaluation of stability constants of phosphonic acids (IUPAC Technical 

Report). Pure Appl.Chem. 2001, 73, 1641-1677. 

 

 

Figure 2.11 Complex formed between NTMP3- and Ca2+.  Atom color key: Fe (blue-gray); O 

(red); H (white); C (gray); N (blue); P (magenta); Na (purple); Ca (lime green).  
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Figure 2.12 Complex formed between NTMP3- and Mg2+.  Atom color key: Fe (blue-gray); O 

(red); H (white); C (gray); N (blue); P (magenta); Na (purple); Mg (lime green). 

 

 

Figure 2.13 Gibbs free energies at 25 °C and 1 atm for different modes of adsorption for 

NTMP4-.  Also shown are the energies of the transition state complexes for formation of the 

monodentate (Mono), bidentate mononuclear (BMN) and bidentate binuclear (BBN) complexes.  

The zero of the energy scale is the energies of non-interacting adsorbate (NTMP4-) and adsorbent 

species (Fe2O3(H2O)7). 
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Figure 2.14 Bidentate mononuclear complex formed via the reaction:  
𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)5𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− +

3𝑁𝑎+ + 2𝐻2𝑂.  ∆𝐺𝑟
𝑜=-25.6 kcal/mole.  Atom color key: Fe (blue-gray); O (red); H (white); C 

(gray); N (blue); P (magenta); Na (purple); Ca (lime green). 

 

Figure 2.15 Bidentate binuclear complex formed via the reaction: 
𝐹𝑒2𝑂3(𝐻2𝑂)7 + [𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− + 3𝑁𝑎+ ⟷ [𝐹𝑒2𝑂3(𝐻2𝑂)5𝐻𝑁(𝐶𝐻2)3(𝑃𝑂3)3𝐻2 ≡ 𝐶𝑎]− +

3𝑁𝑎+ + 2𝐻2𝑂.  ∆𝐺𝑟
𝑜= -28.9 kcal/mol.  Atom color key: Fe (blue-gray); O (red); H (white); C 

(gray); N (blue); P (magenta); Na (purple); Ca (lime green). 
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Chapter 3: Quantifying Electric Field Enhancement of Water Dissociation Rates in 

Bipolar Membranes 

This article was published in Industrial & Engineering Chemistry Research (2019, 58, 

782−789) ) and is included in this dissertation with permission. 

Rodrigo J. Martinez and James Farrell 
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Abstract 

This research investigated the effects of electric field strength and dielectric constant on 

rates of water dissociation into hydronium and hydroxide ions in bipolar membranes. Quantum 

chemistry simulations employing Møller-Plesset second order perturbation theory were used to 

calculate activation barriers for uncatalyzed water dissociation, and for dissociation catalyzed by 

trimethylamine. Activation barriers for deprotonation of the trimethylammonium ion were also 

calculated as a function of the electric field strength and dielectric constant (εr). The activation 

barriers for water dissociation ranged from 63 kcal/mol in the absence of an electric field for εr 

=20, to 52 kcal/mol at a field of 109 V/m for εr =78. Hydrogen bonding decreased the activation 

barriers for water splitting, but also resulted in neutralization of nascent hydronium and hydroxide 

ions in clusters containing five or more water molecules. Catalysis by trimethylamine reduced the 

activation barriers 42%-61% compared to those without a catalyst. Deprotonation of the 

trimethylammonium ion was less dependent on the electric field strength than water dissociation, 

and was nearly independent of the dielectric constant of the medium. The activation barriers for 

deprotonation of the trimethylammonium ion were greater than those for catalyzed water 

dissociation, indicating that the second step in the proposed water splitting mechanism is rate-

limiting. For field values of 109 V/m, the enhancement in the rate of water dissociation was as high 

as 106 for the uncatalyzed process, to 1010 when catalyzed by trimethylamine. Comparison of these 

results with those from Onsager's approximate electrostatic model show that Onsager's model 

significantly underpredicts field enhancement for εr =78, and slightly overpredicts field 

enhancement for εr =20.  
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3.1 Introduction 

The electrical conductance of weak electrolyte solutions has been observed to increase 

linearly with increasing electric field intensity. This observation was first noted by Wien [1], and 

has been attributed to increased dissociation of weak electrolytes in the presence of an electric 

field. This phenomenon, known as the Second Wien Effect (SWE) [2], is important where strong 

electric fields are present, such as those found in electrical double-layers, at electrode surfaces, on 

membrane surfaces during electrodialysis, and in the interlayer region of bipolar ion exchange 

membranes. Electric fields on the order of 108-109 V/m have been observed to increase dissociation 

rates of water by more than seven orders of magnitude as compared to those in the absence of an 

electric field [3].  

The most extensive studies on the SWE have been in the context of bipolar membranes. 

Bipolar membranes (BPM) consist of a strong acid cation exchange polymer layer adjacent to a 

strong base anion exchange polymer layer [4]. When a BPM is placed in an electrochemical cell 

under reverse bias polarization, anions and cations are drawn out of the membrane leaving many 

of the fixed charges of the membrane without their accompanying counter ions. This results in 

adjacent regions with net charges, known as the space charge region. The adjacent positively and 

negatively charged regions generate a strong electric field, which can be greater than 109 V/m [3]. 

With only 1 volt of applied polarization, bipolar membranes can split water into H+ and OH- ions 

at rates that are 7-8 orders of magnitude greater than the rate in bulk water. 

Water splitting in bipolar membranes is normally aided by the presence of a catalyst at the 

interface between anion and cation exchange membranes. Catalyst promoted water splitting was 

first proposed by Simons [5,6] to result from reversible protonation of weakly basic tertiary amines 

(B) according to the reactions: 
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𝐵 + 𝐻2𝑂 ↔ 𝐵𝐻+ + 𝑂𝐻−   (1) 

𝐵𝐻+ +  𝐻2𝑂 ↔ 𝐵 +  𝐻3𝑂+  (2) 

Reaction 2 is believed to be the rate-limiting reaction for water splitting, however, proof 

for this assertion is lacking. This assumption is predicated on the basicity of the weak base [7]. 

According to rate theory, if the pKa for the catalytic group was 7, the rate for reactions 1 and 2 

would be the same, and for each 1 unit increment in the pKa, the rate for reaction 1 increases 

approximately by a factor of 10 while the rate for reaction 2 decreases by a factor of 10. Thus, 

compounds with pKa values between 5 and 9 have been proposed as being suitable catalysts [3,7]. 

The first mathematical model describing the SWE was proposed by Onsager in 1934 [2]. 

The effect was modeled as a series of two successive reactions: 1) molecule→ ion pair, 2) ion 

pair→ dissociated ions. Onsager assumed that the rate of the first reaction does not depend on the 

field. The rate of second reaction is field dependent, and incorporates the effects of Coulombic 

attraction between the ions, field-ion interactions, and Brownian motion. The model was validated 

against experimental data for electric fields up to 5 x 107 V/m [6,8]. 

Other investigators have modeled water splitting in terms of mass balance equations and a 

series of chemical reactions [3,6]. The problem with models of this type is that they contain many 

parameters whose values are unknown, and in order to make the mathematics tractable, they 

assume the rate constants are not affected by the electric field. A statistical thermodynamics 

approach has also been used to describe electric field enhancement of water splitting [9]. The 

model was based on alignment of water dipoles by the electric field and formation of hydrogen 

bond networks that mediate proton transfer. Results from the model appear to underestimate the 

field effect by several orders of magnitude. Like the statistical mechanical model of Mafé et al. 
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[9], Craig also based his model of the SWE on hydrogen bond network enhancement of water 

splitting [10]. Small changes in distance between the H2O molecule losing the H+ and the H2O 

molecule gaining the H+ resulted in very large changes in the field enhancement of water splitting. 

Unfortunately, there is no basis for a priori assessing the distance parameter in the model, and thus 

the model is not predictive.  

Although there has been considerable effort made in quantifying the magnitude of the SWE 

in bipolar membranes, different models yield quite different results [8,9]. Previous models treating 

the nascently formed ions as point charges oversimplify the electrostatics of the system and do not 

incorporate energy contributions due to electron correlation and exchange [2,10].The goal of this 

study was to use quantum chemistry simulations to calculate the rate enhancement for water 

splitting as a function of the electric field strength. Towards that end, activation barriers for 

uncatalyzed water splitting and water splitting catalyzed by trimethylamine were calculated over 

a range of electric field strengths and dielectric constants. The effect of hydrogen bond networks 

on activation barriers for uncatalyzed water splitting were also investigated. Electric field and 

dielectric constant effects on the rate enhancement for deprotonation of trimethylamine were also 

calculated.  

3.2 Computational Methods 

The effect of an electric field on the activation barriers for water splitting were calculated 

using the Gaussian 09 [11] software package and a 24-processor workstation. Spin restricted 

molecular orbital calculations used the Møller-Plesset second order perturbation method (MP2) 

[12] with Dunning correlation-consistent basis sets [13]: aug-cc-pvtz, aug-cc-pvqz and aug-cc-

pv5z. These are valence only basis sets and are augmented with diffuse functions to allow for 

polarization of the molecules in the electric field. Complete basis set (CBS) extrapolations [14] 
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were performed using 3, 4 and 5-zeta basis sets for single point energy calculations for geometries 

calculated with the 3-zeta basis sets. The CBS extrapolation was performed by determining the 

best-fit A and b parameters according to [14]: 

𝐸𝑧
𝑀𝑃2 = 𝐸∞

𝑀𝑃2 + (𝑧 + 1)𝐴𝑒−𝑏√𝑧   (3) 

where z is the number of Gaussian functions used in the basis set, and 𝐸∞
𝑀𝑃2 is the energy in the 

CBS limit.  

For water splitting in the absence of a catalyst, clusters consisting of two to five water 

molecules were used. Energies for the cluster were calculated as a function of the H-O bond 

distance on the water molecule undergoing dissociation, as illustrated in Figure 3.1a. Implicit 

aqueous solvation of the clusters was included in all calculations using the Integral Equation 

Formalism Polarizable Continuum Model (IEF-PCM) [15]. Water splitting catalyzed by a weak 

base (reaction 1) was simulated using trimethylamine and four water molecules, as illustrated in 

Figure 3.1b. The activation barrier associated with release of a proton from trimethylamine 

(reaction 2) was calculated using a trimethylammonium ion and four water molecules. Internal 

energies were calculated as a function of the H-O bond distance for the water molecule or the H-

N bond distance for the trimethylammonium ion undergoing dissociation. The atomic coordinates 

of all other atoms were allowed to relax to their minimum energy positions. Frequency calculations 

were performed to verify the transition states and to determine thermal contributions. The 

dielectric constant of the aqueous phase (εr ) was varied from its value of 78 in bulk water to 20, 

to account for the lower water densities in bipolar membranes [8]. Electric field strengths of 0 (no 

electric field added), 1, 5, and 10 x 108 V/m were investigated. Electrostatic potential (ESP) 

charges were calculated for each atom according to the Merz-Singh-Kollman scheme [16]. The 
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ESP charges are designed to replicate the quantum chemical electrostatic potential on a fine grid 

surrounding each molecule. 

3.3 Results and Discussion 

3.3.1 Basis Set Effects 

The effect of basis set on the activation barriers for water splitting were calculated using 

clusters containing two water molecules. Figure 3.2 shows the effect of basis set size on the 

energies of the initial reactants shown in Figure 3.1a, and of the transition state structures for 

electric field values of 0 and 109 V/m. Also shown in Figure 3.2 is the extrapolation of the 3, 4 and 

5 zeta MP2 energies to the CBS limit. For the initial reactants in the absence of an electric field, 

the energy for the CBS limit was 96.11 kcal/mol lower than that for the triple zeta basis set. The 

effect of the basis set size on the transition state structure was similar to its effect on the reactants, 

with the CBS limit having a 96.56 kcal/mol lower energy. Thus, the activation barrier calculated 

using the triple zeta basis set differed from that calculated using the CBS limit by only 0.45 

kcal/mol. A similar effect of the basis set size on the calculated activation barrier was also seen in 

the presence of the electric field. For example, Figure 3.2 shows that the activation barriers 

calculated using the triple zeta and CBS methods differed by less than 0.30 kcal/mol for the highest 

electric field value of 109 V/m. Thus, although the basis set size affected the energies of the 

reactants and transition state structures by ~97 kcal/mol, the activation barriers calculated using 

the triple zeta basis set differed from the CBS limit by less than 0.5 kcal/mol. However, the CBS 

calculations required more than two orders of magnitude greater computation time. Thus, the 

remaining calculations were performed using the triple zeta basis sets. The errors introduced by 

this choice are similar to the 0.5 -1 kcal/mol errors introduced by the implicit solvation [17,18]. 
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3.3.2 Electric Field Effects on Reactants and TS Structures 

Figure 3.2 shows that the electric field lowered the energies of both the reactants and 

products. For E= 109 V/m, the energy of the two reactant water molecules was lowered by 4.85 

kcal/mol in the CBS limit. This can be attributed to the net attraction between the electric field 

and the polar water molecules. For the transition state structures, the effect of the electric field 

was greater than that on the reactant species. For example, E= 109 V/m lowered the energy of the 

transition state structure by 12.14 kcal/mol as compared to E=0. The much larger electric field 

effect on energy reduction for the transition state structures can be attributed to the greater 

polarity of the transition states structures as compared to the reactants.  

 

 

Figure 3.1 a) Schematic diagram of the cluster for modeling two water molecules splitting into 

H3O
+ and OH-. b) Schematic diagram of the cluster for modeling catalyzed water splitting via 

reaction 1, other water molecules are not shown. Arrow indicates the O-H bond that was 

stretched. 
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Figure 3.2 Effect of basis set size (z) on energies calculated for two water molecules without an 

electric field and with an electric field of 1 x 109 V/m. Also shown are the energies for the 

transition state structures for water splitting. Energy units are Hartree (1 Ha=627.509 kcal/mol).  

In addition to alignment of the water dipoles counter to the electric field, the electric field 

also increased the polarization of each water molecule. Figure 3.3 shows the ESP charges on the 

reactants shown in Figure 3.1a as a function of the electric field strength for εr=78. The charge on 

both O atoms decreased in a linear manner with increasing field strength. The charge on the O(4) 

atom, where the water dipole moment was aligned antiparallel to the electric field, decreased by 

0.03 e and the charge on the O(1) atom in the splitting water molecule decreased by 0.02 e. The 

charge on the H(2) atom being released increased from 0.43 to 0.44 e with increasing field strength 

from 0 to 109 V/m. This indicates that the electrons were displaced opposite to the direction of the 

electric field, and had the effect of making the proton easier to release. This can also be seen in 

O(1)-H(2) bond distance indicated in Figure 3.1a, which increased from 0.9834 to 0.9852 Å when 

the electric field was increased from 0 to 109 V/m. The distance between the H(2) and O(4) atoms, 
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which is the length of the hydrogen bond between the two atoms, was reduced from 1.787 to 1.775 

Å as the electric field was increased. This indicates that application of the electric field increased 

the strength of the hydrogen bond. For the H(3) atom whose O-H bond axis was aligned 

perpendicular to the electric field, the field had a very small effect on its ESP charge, increasing 

from 0.396 e for E=0 to 0.404 e for E= 109 V/m. 

 

Figure 3.3 ESP charges on the atoms shown in Figure 1 given in units of the fundamental unit of 

charge, e (1.6021765 × 10−19 C). 

3.3.3 Field Effect on Activation Barriers for Water Splitting 

The effect of the electric field on the activation barrier for water splitting was found to be 

dependent on the number of water molecules in the cluster. This can be attributed to hydrogen 

bonding effects. Several studies have reported that water splitting in the absence of an electric field 

is promoted by H-bond networks that act as a wire for proton transport [19,20]. Hydrogen bond 

effects were investigated by comparing activation barriers for water splitting using clusters 
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containing different numbers of water molecules. Hydrogen bonding in a cluster containing four 

water molecules is illustrated in Figure 3.4. Similar to the case shown in Figure 3.1a, stretching 

the bond between O(1) and H(2) resulted in O(1) losing an H+ atom and O(4) gaining a H+ atom. 

Figure 3.5. compares the energy profiles for clusters of two, three and four water molecules as a 

function of the O(1)-H(2) bond length. Adding a third water molecule lowered the energy of the 

transition state by 9.8 (0 V/m) to 6.6 kcal/mol (109 V/m). Adding a fourth water molecule lowered 

the barrier height by an additional 7.7 (0 V/m) to 8.5 kcal/mol (109 V/m). The lower activation 

barriers for water splitting with four molecules can be explained by the H-bonding allowing the 

extra charge to be shared by more than one O atom. Stronger H-bonding can be seen shortening 

the interatomic distances between H(5)-O(7) and H(6)-O(8) from 1.86 Å in Figure 3.4a to 1.83 Å 

in Figure 3.4b. This mechanism of H-bonding enhancement of water splitting is different than that 

proposed by Craig, where the H2O molecule losing the H+ atom is separated from the H2O 

molecule gaining the H+ atom by one or two other H2O molecules [10]. This reduces the 

Coulombic attraction between the nascent hydronium and hydroxide ions, and lowers the energy 

barrier for water splitting. 

Simulations using clusters with five or more water molecules did not result in production 

of H3O
+ and OH- ions due to hydrogen bond effects. For example, increasing the O(1)-H(3) 

distance with a five water molecule cluster resulted in donation of an H+ to O(1) from one of the 

other H2O molecules, thereby recreating five H2O molecules. This effect was reported by Geissler 

et al. from results of ab initio molecular dynamics simulations studying autoionization of water 

[19]. Hydrogen bond networks containing three to five hydrogen bonds were required precursors 

for water ionization. However, ion recombination rapidly occurred if the hydrogen bond network 

connecting the nascent hydroxide and hydronium ions remained intact [19]. Thus, breakage of the 
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H-bond network was required for allowing separation of the H3O
+ and OH- ions. The ab initio 

molecular dynamics simulations show that water ionization involves networks of three to five 

hydrogen bonds, and thus simulations with four water molecules likely capture most the important 

physics of water splitting. In the presence of strong electric fields, hydrogen bond networks are 

more stable due to the effect of the field orienting the water molecules. This may explain why 

simulations with five or more water molecules showing stable hydrogen bond networks resulted 

in ion recombination.  

 

Figure 3.4 Schematic diagram of a four water molecule cluster: a) the initial configuration of the 

H-bond network, hashed connectors represent hydrogen bonds, double arrow represents the 

O(1)-H(2) bond that was stretched. b) final configuration after water splitting. Subscripts on 

atoms are numbering indices used for identification. 
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Errors introduced by the use of four water molecule clusters are likely small.  To calculate 

the enhancement in the rate of water splitting by the electric field, only the difference in activation 

barriers with the electric field (Δ𝐺𝐸
𝑜∗) and without (Δ𝐺𝑜∗) the electric field is needed, as shown by 

equation 4. The data in Figure 3.5 show that for r=78, increasing the number of water molecules 

from two to three changed (Δ𝐺𝐸
𝑜∗ − Δ𝐺𝑜∗) by ≤ 3.2 kcal/mol. Increasing the number of water 

molecules from three to four changed (Δ𝐺𝐸
𝑜∗ − Δ𝐺𝑜∗) by ≤ 0.8 kcal/mol. For r=20, these values 

are 3.1 and 0.1 kcal/mol, respectively. Thus, (Δ𝐺𝐸
𝑜∗ − Δ𝐺𝑜∗) values for simulations with more than 

four water molecules are likely to differ by less than 0.8 kcal/mol from the values used here. Note 

that 0.8 kcal/mol is ≤ 1.6% of the minimum (Δ𝐺𝐸
𝑜∗ − Δ𝐺𝑜∗) value of 52 kcal/mol for uncatalyzed 

water splitting. 

Increasing electric field strength resulted in decreasing activation barriers for water 

splitting. Energies for uncatalyzed water splitting are shown in Figure 3.5, and for water splitting 

catalyzed by trimethylamine are shown in Figure 3.6, as a function of the O-H bond distance for 

a range of electric field values for a dielectric constant of 78. A similar plot for a dielectric 

constant of 20 is presented in Figure 3.9 in the supporting information. The zero of the energy 

scale is taken to be the geometry-optimized reactants before the forced stretching of the O(1)-

H(2) bond in increments of 0.05 Å. The activation barrier for water splitting is given by the 

energy difference between the reactants and the maximum in the energy profiles. This maximum 

can be considered the distance at which the O-H bond is broken. The decline in energy after that 

point results from the interaction of the charged OH- and H3O
+ ions with the electric field. For 

water splitting in the absence of an electric field, there was no maximum in the energy profile. In 

this case, the activation barrier was calculated for the O(1)-H(2) distance where the energy 
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gradient had declined to < 0.05 kcal/mol-Å. Table 3.1 in the Supporting information lists the 

activation barriers for r values of 20 and 78 for water clusters containing four molecules. 

 

Figure 3.5 Energy as a function of the O(1)-H(3) bond length for water splitting using clusters 

with two, three or four water molecules at different electric field strengths for εr=78.  The 

numbers between the lines are the energy reduction due to addition of a water molecule, and the 

numbers at the bottom are the overall energy reduction due to hydrogen bond effects in kcal/mol. 

For water splitting in the absence of an electric field, the activation barrier for the four 

molecule cluster was 59 kcal/mol for r=78. With increasing electric field strength, the activation 

barrier monotonically decreased, as shown by the data in Table 3.1. For the highest electric field 

(E= 109 V/m), the activation barrier decreased to 52 kcal/mol. Catalysis by trimethylamine reduced 

the activation barriers for water splitting. For E=0, the activation barrier was only 33 kcal/mol. 

Increasing the electric field strength monotonically decreased the catalyzed activation barriers, as 

shown in Figure 3.6 and Table 3.1.   
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Figure 3.6 Energy as a function of the O(1)-H(2) bond length or the N-H bond length for 

different values of the electric field for clusters with four water molecules for r=78. Zero of the 

energy scale is the geometry optimized starting structures. 

Also shown in Figure 3.6 are the energy profiles for release of the H+ ion from 

trimethylamine, as illustrated in reaction 2. The activation barriers for this reaction are all higher 

than those for water splitting catalyzed by trimethylamine, as shown in Table 3.1. This confirms 

previous studies proposing that the deprotonation reaction is the rate-limiting step for water 

splitting in bipolar membranes when the catalyst pKa is higher than 7 [6,7]. 

3.3.4 Rate Enhancement of Water Splitting 

The enhancement in the rate constant for water splitting reactions (1) and (2) can be 

calculated from the difference in free energies of activation with the electric field (Δ𝐺𝐸
𝑜∗) and 

without the electric field (Δ𝐺𝑜∗), according to [21]: 

𝑘𝐸

𝑘𝑜
= 𝑒𝑥𝑝 (

−(Δ𝐺𝐸
𝑜∗−Δ𝐺𝑜∗)

𝑅𝑇
)    (4) 
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where kE is field enhanced rate constant and ko is the rate constant without an electric field. 

Figure 3.7 shows the SWE rate enhancement for water splitting calculated for clusters of four 

water molecules for r values of 78 and 20. The dielectric constant had a large effect on the 

magnitude of the rate enhancement. For example, for an electric field of 109 V/m, the enhancement 

was a factor of 105.5 for a dielectric constant of 78 but was 106.2 for a dielectric constant of 20.  

 

Figure 3.7 Log of enhancement in the rate constant for water splitting as a function of the electric 

field strength for r values of 20 and 78 for clusters containing four water molecules. 

Figure 3.7 also shows the electric field enhancement of water splitting catalyzed by the 

weak base. The SWE enhancement for catalyzed splitting was higher by ~0.6 logarithmic units 

compared with the uncatalyzed water splitting when the electric field was 108 V/m, and by ~4 

logarithmic units when the electric field was 109 V/m. The catalyst enhancement of water splitting 

contrasts with results from Craig's model showing that for field values greater than 108 V/m, 

catalyzed water splitting accounted for less than 0.0001% of the total water dissociation [10]. 
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Experimental observations show that the addition of a catalyst greatly increases rates of water 

dissociation in bipolar membranes [4-7]. 

Also shown in Figure 3.7 are the rate enhancements calculated from Onsager’s model [2]. 

As previously reported by Craig's analysis of Onsager's model [10], Onsager’s approximations are 

better the more the Coulomb field between the ions dominates the applied electric field at the 

distance of charge separation of the ion pairs. Thus, the approximations made by Onsager are better 

the lower the dielectric constant and the smaller the electric field. This is consistent with the better 

agreement of the quantum chemistry calculations with Onsager’s model at lower field strengths 

and lower r.  

 

Figure 3.8 Log of relative increases in rate constant for reaction 2. 
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The effect of the electric field on enhancement of the deprotonation reaction of the 

trimethylammonium ion is shown in Figure 3.8. The SWE effect on the rate enhancement for base 

deprotonation was smaller than that for water splitting in Figure 3.7. This can be attributed to the 

fact that this reaction does not result in the production of ion pairs. Thus, there are no ion-ion 

Coulombic interactions and the effect is nearly independent of the r value. Ion-induced dipole 

interactions likely account for the small increase in the field effect for the lower r value. The 

results in Figure 3.8 contrast with dissociation model proposed by Craig, where there was no 

enhancement in the in rate of reaction 2 by the electric field [10]. The lack of field enhancement 

was attributed to the absence of net charge production by reaction 2. This, however, ignores the 

field effect on polarizing the molecules and aligning the dipoles antiparallel to the field, both of 

which lower the activation barrier for the reaction.  

These calculations show that the SWE for water splitting can be attributed to the effect of 

the electric field on decreasing the energy of the more polarized transition state complex versus a 

less polarized non-reacting H2O molecule. Hydrogen bond networks lower the activation barriers 

for water splitting, but also lead to rapid neutralization of the nascent hydronium and hydroxide 

ions for clusters containing five or more water molecules. The SWE calculated here for the four 

molecule cluster are close to experimental observations of rate enhancements in bipolar 

membranes [4], and are also close to Onsager’s calculations at low field and r values where his 

approximations are most valid.   
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3.4 Supporting Information 

 

 

Figure 3.9 Energy as a function of the O(1)-H(3) bond length for water splitting using clusters 

with two, three or four water molecules at different electric field strengths ε=20. 

Table 3.1 Energy barriers for splitting a water molecule at different dielectric constants (εr) and 

electric field strengths in the presence and absence of a catalyst (B). All values are in kcal/mol 

εr 
Electric field (x 108 V/m) 

0 1 5 10 

4H2O 

78 59.41 58.24 55.24 51.9 

20 63.01 61.72 57.86 54.5 

B - 4H2O 

78 32.81 30.92 24.93 20.11 

20 36.48 34.28 27.39 22.34 

BH+ -4H2O 

78 34.23 32.85 27.86 22.65 

20 34.46 32.28 27.27 22.80 
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Chapter 4: Water Splitting Activity of Oxygen-Containing Groups in Graphene Oxide 

Catalyst in Bipolar Membranes 

This article was submitted for publication in July 2019 in Computational and Theoretical 

Chemistry and is included in this dissertation with permission. 

Rodrigo J. Martínez and James Farrell 
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Abstract 

Graphene oxide (GO) is a very effective catalyst for splitting water into H+ and OH- ions in bipolar 

membranes.  This research investigated the catalytic activity of six oxygenated functional groups 

in GO for water splitting.  Møller-Plesset second order perturbation method (MP2) simulations 

were performed to calculate activation barriers for proton acceptance and release reactions with 

and without an applied electric field.  The relative catalytic activity for the functional groups on 

GO was independent of the electric field intensity and dielectric constant.  The catalytic activity 

for accepting and releasing a proton linearly correlated with the pKa of the functional groups.  The 

edge carboxylate site had the highest catalytic activity for water splitting, and had activation 

barriers that were 0.2 to 0.4 kcal/mol higher than a model tertiary amine.  This suggests that the 

high catalytic activity of GO results from a high catalytic site density, as opposed to a chemical 

effect.  
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4.1 Introduction 

Bipolar membranes (BPM) are used in a wide variety of industrial process to produce acids 

and bases from the dissociation of water promoted by an electric field.  Industrial applications 

include: deacidification of wine and fruit juices, recovery of organic acids from fermentation 

broths, reconcentration of diluted acid and caustic solutions, pH adjustment in water treatment 

processes, and solar water splitting [1–3].  BPMs are three layer composites consisting of a cation 

exchange membrane, an anion exchange membrane, plus a thin catalyst layer between the two 

membranes.  When placed in an electrodialysis cell with electrodes polarized as in Figure 4.1, 

mobile counter ions are drawn out of the bipolar membrane until a critical voltage is reached that 

commences water splitting in the catalyst layer [4].  Water splitting into H+ and OH- ions is 

promoted by the high electric field in the catalyst layer.  Depletion of mobile counter ions at the 

catalyst/membrane interface can result in electric field values greater than 109 V/m [4,5].  The 

strong electric field promotes both catalyzed and uncatalyzed water dissociation via the second 

Wien effect [5,6].  Rates of water splitting have been observed to be up to 7 orders of magnitude 

greater than those in bulk water without an electric field [7].  

 

Figure 4.1 Schematic drawing illustrating the arrangement of anion exchange membranes (am), 

cation exchange membranes (cm), and bipolar membranes (bpm) for the production of acids and 

bases from salt solutions. 
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Simons has proposed that the catalyst enhances the rate of water dissociation by lowering 

the energy barrier for protonation and deprotonation of weak acids and weak bases via the two 

reactions [4]:  

𝐴− + 𝐻2𝑂
𝑘1
⇔ 𝐻𝐴 + 𝑂𝐻−  or 𝐵 + 𝐻2𝑂

𝑘1
⇔ 𝐵𝐻+ + 𝑂𝐻− (1) 

𝐻𝐴 + 𝐻2𝑂
𝑘2
⇔ 𝐴− + 𝐻3𝑂+ or  𝐵𝐻+ + 𝐻2𝑂

𝑘2
⇔ 𝐵 + 𝐻3𝑂+ (2) 

where A- is the conjugate base of weak acid HA, B is a weak base, and k1 and k2 are second order 

rate constants for proton acceptance and proton release [8].  As shown by reactions 1 and 2, a good 

water splitting catalyst needs to have both proton donor and proton acceptor functional groups.  A 

wide variety of catalysts have been employed in bipolar membranes, including: tertiary amines [6], 

metal oxides and hydroxides [9], large organic polymers (polyethylene glycol) [10], functionalized 

polyester [10–13], proteins [14] metal-organic frameworks (MOFs) [15] and graphene oxide [16–

19].   

Recently, BPMs with graphene oxide (GO) catalysts have been shown to have superior 

performance compared to a commercial bipolar membrane, requiring 30% less voltage at current 

densities of industrial interest (e.g., 100 mA/m2) [16,17].  GO is the product of exposing graphene 

to high pH and an oxidizing agent.  It is typically a macromolecular, one atom thick sheet of sp2-

hybridized carbon.  Depending on the preparation method, GO with C:O ratios ranging from 32:1 

to 2:1 can be produced [20–22].  The type of oxygen-containing functional groups depends on the 

C:O ratio.  At C:O ratios less than 16:1, nuclear magnetic resonance and X-ray photoelectron 

spectroscopy studies have shown that up to 60% of the oxygen is present as carboxylic acids (𝑅 −

𝐶𝑂𝑂𝐻) on the edges, and as epoxide groups (𝐶 − 𝑂 − 𝐶) in the basal plane [20,21].  At C:O ratios 

higher than 16:1, ~50% of the oxygen is present as hydroxyl groups on the basal plane, ~30% as 
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phenol groups on the edges, and the remainder as epoxides and carboxylic acids.  In addition, 

carbonyl, quinone and lactone functional groups may be present at low concentrations.   

The mechanisms responsible for the superior performance of GO catalysts in BPMs are not 

well-understood.  Explanations for the high catalytic activity have included: accelerated water 

splitting involving hydroxyl and epoxide groups [23,24], high hydrophilicity, high stability at both 

low and high pH values, and electronic conductivity at high C:O ratios [22].  The mechanisms for 

water splitting in BPMs are not fully understood, and the electric field intensity and the location 

where the water splitting occurs are also debatable [5,6,19].  Some investigators have proposed 

that water splitting occurs only at the interface of the catalyst layer with the monopolar membranes 

[4], while other investigators have asserted that water splitting occurs throughout the catalyst layer 

[5].   

Recently, quantum chemistry calculations were used to investigate the mechanisms 

responsible for water splitting and the effects of electric field intensity on the rate enhancement 

for water splitting [8].  Results from that study showed that there was little enhancement in the rate 

of water splitting for electric field values less than 108 V/m.  The electric field was found to lower 

the activation barriers for water splitting by polarizing the H-O bond in the transition state to a 

greater extent than in the reactants.  The rate enhancement for water splitting was found to be 

greater than 105 for electric field values of 109 V/m for a dielectric constant of 78, and as high as 

107 for a dielectric constant of 20.  Quantum chemistry calculations can also be used to investigate 

the mechanisms responsible for the high catalytic activity of GO for water splitting. 

The goal of this study was to investigate possible mechanisms for GO catalyzed water 

splitting using ab initio calculations.  The present study explores the hypothesis that the functional 

groups in graphene oxide reduce the activation energy of the splitting reaction, which in practice 
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is reflected in higher current densities at constant applied potentials.  Towards that end, the 

catalytic activity of different functional groups on GO were investigated by calculating the 

activation energies for reactions 1 and 2, with and without an electric field.  The catalytic activity 

for sites on graphene oxide were also compared to those for a model tertiary amine, which are the 

most common catalysts used in bipolar membranes.  The catalytic activities for reactions 1 and 2 

were then correlated with pKa values for different functional groups. 

4.2 Computational Methods 

The activity of GO as a water splitting catalyst was calculated using the Gaussian18 

software package using workstations with 24 and 72 processors.  Spin restricted molecular orbital 

calculations at 25 °C used the Møller-Plesset second order perturbation method (MP2) [25] with 

the Dunning correlation-consistent basis set, aug-cc-pvtz [26].  In a previous investigation, this 

basis set was found to yield activation barriers for water splitting that were within 0.5 kcal/mol of 

the complete basis set limit [8].  Water splitting was simulated using a four water molecule cluster 

embedded in the Integral Equation Formalism Polarizable Continuum Model (IEF-PCM) [27].  

Justification for the use of four explicit water molecules combined with implicit solvation was 

presented in a previous investigation [8]. 

For reaction 1, different oxygen containing functional groups on GO were simulated using 

the structures shown in Figure 4.2, and included: a deprotonated hydroxyl group attached to the 

middle of a phenyl ring (𝐺𝑂 − 𝑂−(𝑚)), a deprotonated hydroxyl group attached to the edge of a 

phenyl ring (𝐺𝑂 − 𝑂−(𝑒)), a carboxylate group attached to the edge of a phenyl ring (𝐺𝑂 − 𝐶𝑂𝑂−), 

an epoxide group (𝐺𝑂 − 𝑂 − 𝐺𝑂), a quinone-like group (𝐺𝑂 = 𝑂), and a carbonyl group (𝐺𝑂 −

𝐶𝑂).  For comparison purposes, trimethylamine (TMA) was used to simulate a tertiary amine, and 

a deprotonated penta-2,4-dienoic acid (𝑅 − 𝐶𝑂𝑂−) was used as a model aliphatic carboxylate site.  
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Activation energies, associated with proton release (reaction 2), were calculated using protonated 

structures from Figure 4.2.  Internal energies were calculated as a function of the H-O bond 

distance for the water molecule undergoing dissociation reaction 1.  Likewise, the H-O bond length 

of the weak acids, or the H-N bond length for the trimethylammonium ion, were used as scanning 

coordinates for reaction 2.  The atomic coordinates of all other atoms were allowed to relax to their 

minimum energy positions.  Structures at the maxima in the energy profiles were then subjected 

to a Transition State Search using the Berny algorithm [28].  Frequency calculations were 

performed to verify energy minima and transition sates, and to determine thermal contributions.  

In order to study the electric field effect on catalyzed water splitting, intensities of 0 (no electric 

field added) and 0.5, 1 and 2.5 x 109 V/m were investigated.  The catalysts were not held in fixed 

orientations or positions.  Thus, the catalyst orientation in the electric field, and the orientation of 

the water dipoles, corresponded to the minimum energy orientations for the water splitting 

reactions.  This is consistent with experimental observations of orientation realignment of 

graphene oxide layers in strong electric fields [16]. 

The effect of the number of phenyl rings on catalyst site acidity was investigated by 

calculating pKa values for catalytic sites with different numbers of aromatic rings.  The pKa values 

of the catalyst sites were calculated using the method described by Lian et al. [29], and a value of 

−265.9 kcal/mol for the aqueous phase proton free energy.   
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Figure 4.2 Functional groups used to simulate graphene oxide; H2O represents the four water 

molecules cluster used in catalyzed and uncatalyzed simulations. 

 

4.3 Results 

4.3.1 pKa 

Figure 4.3 shows pKa values for 𝐺𝑂 − 𝑂−(𝑒) , 𝐺𝑂 − 𝑂−(𝑚)  and 𝐺𝑂 − 𝐶𝑂𝑂−  as a 

function of the number of aromatic rings in the absence of an electric field.  For 𝐺𝑂 − 𝑂−(𝑒), the 

pKa decreased as the number of rings increased.  Between one and four rings, the pKa changed 

from 9.6 to 7.7, whereas between four and six rings the pKa oscillated within ±0.1 pH units.  The 

compound corresponding to 𝐺𝑂 − 𝑂−(𝑒)  with one aromatic ring is phenol, which has an 

experimentally measured pKa of 9.9, which is 0.2 units above the calculated value [29].  The pKa 

calculated for TMA was 9.7, which is in agreement within 0.1 pH unit with experimental values 

[29].  The pKa values for 𝐺𝑂 − 𝐶𝑂𝑂− ranged from 4.2 to 4.6, and the value corresponding to one 

aromatic ring is in agreement with the experimental value of 4.2 for benzoic acid [29].  For 𝐺𝑂 −

𝑂−(𝑚) to be in the center of the rings, the fewest number of rings possible was three.  In this case 



84 

the pKa varied between 13.6 and 13.8.  The trends in pKa values showed that starting from four 

conjugated rings, increasing the number of rings made only small differences on the proton 

accepting properties of the graphene oxide fragments.  Thus, the simulations for the water splitting 

reactions were made using four rings.  In the presence of explicit water molecules, the geometry 

minimization of the protonated epoxide group resulted in deprotonation and formation of H3O
+.  

The pKa in this case was calculated using only implicit solvation.  The pKa values for 𝐺𝑂 − 𝑂 −

𝐺𝑂, 𝐺𝑂 − 𝐶𝑂, and 𝐺𝑂 = 𝑂 were below zero.  This was expected since the protonated structures 

were not stable.  A list of the pKa values for the catalyst sites is shown in Table 4.1. 

 

 

Figure 4.3 pKa values for three different oxygen-containing functional groups as a function of the 

number of aromatic rings. 

The presence of an electric field with E=109 V/m lowered the pKa values by 1.7 to 7.3 units.  

This is consistent with the second Wien effect whereby weak acids undergo increased dissociation 

in the presence of an electric field [4].   
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Table 4.1 pKa values for catalytic sites with electric field intensities of 0 and 109 V/m. 

Site pKa 

 0 V m⁄  109  V m⁄  

𝐺𝑂 − 𝑂 − 𝐺𝑂 -11.7 -16.4 

𝐺𝑂 − 𝐶𝑂 -3.0 -7.3 

𝐺𝑂 = 𝑂 -2.4 -6.8 

𝐺𝑂 − 𝐶𝑂𝑂− 4.1 -3.2 

𝐺𝑂 − 𝑂−(𝑒) 7.7 5.0 

𝐺𝑂 − 𝑂−(𝑚) 13.7 11.7 

𝑅 − 𝐶𝑂𝑂− 4.7 -2.1 

𝑇𝑀𝐴 9.7 7.7 

 

4.3.2 Activation Energies 

Energy profiles for reaction 1 as a function of the H-O bond distance for catalyzed and 

uncatalyzed reactions for electric field intensities of 0 and 109 V/m are shown in Figure 4.4.  The 

zero of the energy scale was taken as the geometry optimized reactants before the forced stretching 

of the H-O bond in increments of 0.1 Å.  Activation energies are given by the energy differences 

between the reactants and the optimized transition states.  In the absence of an electric field, there 

were no maxima in the energy profiles.  In this case, the activation barrier was calculated for the 

H-O distance where the energy gradient had declined to < 0.05 kcal/mol-Å.  For the simulations 

with an electric field (Figure 4.4b), the decline in energy after the maximum point resulted from 

interactions of the charged ions with the electric field.  

The standard Gibbs free energy of activation (∆𝐺𝑎
𝑜) for reaction 1 for each site is listed in 

Table 4.2.  For uncatalyzed water splitting, the activation barrier without an electric field was 65.5 

kcal/mol.  An electric field of 109 V/m lowered the activation barrier to 58.0 kcal/mol.  This 

decrease in ∆𝐺𝑎
𝑜 of 7.5 kcal/mol corresponds to a factor of 105.5 increase in the rate of water 

splitting.  For catalyzed water splitting, the activation barriers ranged from 8.6 to 69.1 kcal/mol 

for the proton acceptance reaction in the absence of an electric field.  The electric field reduced 
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the ∆𝐺𝑎
𝑜 values for reaction 1 between 7.1 and 11.0 kcal/mol, except for both carboxylic acids, 

where the effect was between 4.2 and 4.6 kcal/mol. 

Figure 4.5 shows the energy profiles for each functional group for reaction 2, in which each 

site releases the proton back onto a water molecule to form 𝐻3𝑂+.  The epoxide group yielded a 

𝐻3𝑂+ from the energy minimization; thus, no energy profile for this functional group is shown 

and the activation energy can be assumed as 0.  The electric field reduced activation barriers 

between 8.0 and 13.7 kcal/mol, and the reduction in ∆𝐺𝑎
𝑜 was greater for sites that yielded two 

charged products, as compared to those yielding 𝐻3𝑂+ and an uncharged site. 

 

Figure 4.4 Energy as a function of the O-H bond length for reaction 1 at two electric field values 

for clusters with four water molecules with and without a catalyst. Zero of the energy scale is the 

geometry optimized starting structures. 
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Figure 4.5 Energy as a function of the O-H bond length (N-H in the case of TMA) for reaction 2 

at two electric field values for clusters with four water molecules with a catalyst. Zero of the 

energy scale is the geometry optimized starting structures. 

 

Table 4.2 Activation energies (∆𝐺𝑎
𝑜) for uncatalyzed water splitting, and for catalyzed proton 

acceptance (reaction 1) and proton release (reaction 2) for electric field intensities of 0 and 109 

V/m.  Sites are listed in order of decreasing catalytic activity, defined as the reduction in ∆𝐺𝑎
𝑜 

compared to the uncatalyzed reaction, for the rate limiting step.  Activation barriers for the rate 

limiting step are shown in bold. 

 H2O → H+ + OH− 

𝑢𝑛𝑐𝑎𝑡𝑎𝑙𝑦𝑧𝑒𝑑 
0 𝑉 𝑚⁄  (kcal/mol) 109  𝑉 𝑚⁄  (kcal/mol) 

65.5 58.0 

 proton acceptance proton release 

 0 𝑉 𝑚⁄  109  𝑉 𝑚⁄  0 𝑉 𝑚⁄  109  𝑉 𝑚⁄  

𝑇𝑀𝐴 25.5 18.4 31.1 23.1 

𝐺𝑂 − 𝐶𝑂𝑂− 23.0 18.8 35.4 23.3 

𝑅 − 𝐶𝑂𝑂− 22.5 17.9 37.6 23.9 

𝐺𝑂 − 𝑂−(𝑒) 18.1 10.8 39.6 28.7 

𝐺𝑂 = 𝑂 42.5 31.5 14.8 5.3 

𝐺𝑂 − 𝐶𝑂 46.6 36.0 11.4 2.4 

𝐺𝑂 − 𝑂−(𝑚) 8.6 0.9 55.7 42.8 

𝐺𝑂 − 𝑂 − 𝐺𝑂 69.1 60.3 0 0 
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The reduction in ∆𝐺𝑎
𝑜 values for reaction 1 by the catalyst sites was linearly correlated with 

the site’s pKa value in the electric field.  The solid and dashed lines in Figure 4.6 are linear 

regressions of the data, which had correlation coefficients of 0.969 and 0.909 for electric field 

intensities of 0 and 109 V/m, respectively.  For reaction 1, the catalytic effect was greater without 

an electric field by approximately 7 kcal/mol.  For reaction 2, the catalytic effect inversely 

correlated with the pKa values of the reaction sites, as shown in Figure 4.7; the correlation 

coefficients were 0.975 and 0.903 for electric field intensities of 0 and 109 V/m, respectively.   

For a two-step process, the reaction with the higher activation barrier will be the rate 

limiting step for water splitting.  This indicates that the most effective catalyst with and without 

an electric field is TMA, where the rate limiting step was reaction 2.  For TMA, the rate limiting 

step had ∆𝐺𝑎
𝑜 values of 31.1 and 23.1 kcal/mol for field intensities of 0 and 109 V/m, respectively.  

The most effective catalyst site on GO was 𝐺𝑂 − 𝐶𝑂𝑂−, which had reaction 2 ∆𝐺𝑎
𝑜 values of 35.4 

and 23.3 kcal/mol for field intensities of 0 and 109 V/m, respectively.  The second most catalytic 

site on GO was the 𝐺𝑂 − 𝑂− (𝑒) site, which had reaction 2 ∆𝐺𝑎
𝑜 values of 39.6 and 28.7 kcal/mol 

for field values of 0 and 109 V/m, respectively.  In all cases, the relative catalytic activity of the 

sites was the same in both the presence and absence of the electric field. 

The carboxylate group on graphene oxide showed very similar catalytic activity as the 

aliphatic carboxylate group for both reactions 1 and 2.  The slightly greater catalytic activity for 

reaction 1, and slightly worse activity for reaction 2, by the aliphatic carboxylate versus the 𝐺𝑂 −

𝐶𝑂𝑂− site is consistent with the pKa trends shown in Figure 4.6 and Figure 4.7.  Thus, aromatic 

nature of graphene oxide does not appear to contribute to its catalytic activity.  

The effect of the dielectric constant on the catalytic activity are shown in Figure 4.8 for 

TMA and 𝐺𝑂 − 𝐶𝑂𝑂−.  For both sites, the catalytic effect decreased with increasing dielectric 
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constant, but varied by only ~4% for  values ranging from 20 to 78.5.  The effect of the electric 

field on the catalytic activity of TMA and 𝐺𝑂 − 𝐶𝑂𝑂− is also shown in Figure 4.8 for =50.  At 

all three values of the electric field, the catalytic activity of TMA was greater than that for 𝐺𝑂 −

𝐶𝑂𝑂−.  Calculations for other sites showed that the relative catalytic activity was independent of 

the electric field intensity and dielectric constant.  

 

 

Figure 4.6 Catalytic activity of each functional group as a function of the pKa for reaction 1.  

Solid color symbols represent 0 V/m and open symbols represent 109 V/m. 
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Figure 4.7 Catalytic activity of each functional group as a function of the pKa for reaction 2.  

Solid color symbols represent 0 V/m and open symbols represent 109 V/m 

 

Figure 4.8 Catalytic activity of TMA and 𝐺𝑂 − 𝐶𝑂𝑂− as a function of the dielectric constant (ε) 

and electric field intensity. Solid color symbols represent 109 V/m, open symbols represent 

0.5x109 V/m and crossed symbols represent 2.5x109 V/m. 
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4.4 Conclusions 

The activation barriers calculated in this study may underestimate the true activation 

barriers due to the absence of steric restrictions that may be present in a real bipolar membrane.  

However, the calculations are useful for determining the relative catalytic activity of different sites, 

which was independent of electric field intensity and dielectric constant.  For the proton accepting 

reaction, there was a near linear correlation between the catalytic activity and the pKa of the site, 

both with and without an electric field.  For the proton releasing reaction, there was an inverse 

correlation between the catalytic activity and the pKa of the site.  The GO site with the best catalytic 

activity for reaction 1, GO-CO-(m), had the worst catalytic activity for reaction 2.  Since catalyzed 

water splitting is a two-step process, the best catalyst will have the lowest activation barrier for the 

rate-limiting step, which is the step with the highest activation barrier.  Thus, the best catalyst sites 

had good catalytic activity for both reactions.  

The GO site with the highest catalytic activity for water splitting was GO-COO-.  However, 

the activity of this site was less catalytic than than the model tertiary amine, TMA.  This suggests 

that the high catalytic activity of GO may result from the high number of reactive sites per unit 

volume.  Previous investigators have reported that the catalytic activity for water splitting increases 

with increasing GO catalyst loading for thin interlayers, but then decreases as the catalyst layer 

thickens [17].  This effect has been attributed to two opposing factors: 1) increasing the number of 

catalytic sites with increasing catalyst loading, and 2) decreasing electric field intensity with 

increasing interlayer thickness [17,19].  Being a two dimensional material, GO is expected to have 

a larger number of catalytic sites per unit volume than weak base polymers containing tertiary 

amine groups.  For example, the ion exchange capacity for anion exchange polymers is in the range 

of 1.0 - 1.6 meq/g [23,30].  This is lower than that measured for GO.  GO nanosheets with a 16:1 
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carbon oxygen ratio have been reported to have ion exchange capacities as high as 5 meq/g [23,30–

32].  Thus, the high catalytic site density on GO allows thin layers to be used, which contributes 

to higher electric field intensities [5,17], and thus high rates of water splitting [16].  Because the 

edge carboxylate site was the most catalytically active, small graphene oxide particles with low 

C:O ratios may be preferred, since they have more carboxylate sites per unit volume compared to 

larger GO fragments with high C:O ratios.  
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Abstract 

Anion exchange polymers are susceptible to loss of cationic functionality as a result of 

nucleophilic attack by hydroxide ions. This research investigated the stability of two guanidinium-

based cations as anion exchange functional groups under conditions relevant to bipolar membrane 

electrodialysis. Density functional theory simulations were performed to investigate reaction 

energies and activation barriers for reactions of hydroxide ions with pentamethylguanidinium 

(PMG) and hexamethylguanidinium (HMG) cations bound to a diaryl ketone polymer backbone. 

The effect of physically adsorbed chloride and hydroxide ions, and chemically adsorbed hydroxide 

ions, on reaction energetics were determined. Fukui functions for nucleophilic attack were used to 

identify locations most likely to undergo reactions with hydroxide ions. For the PMG species, the 

most likely bond cleavage reactions were highly exergonic, with ∆𝐺𝑟𝑥𝑛
𝑜  values as large as -46 

kcal/mol and activation barriers less than 10 kcal/mol. Chemisorption of hydroxide ions on both 

PMG and HMG cations was energetically favorable, with activation barriers of 5.3 and 2.7 

kcal/mol, and resulted in loss of cationic functionality. Anion adsorption changed the reactivity of 

both PMG and HMG structures towards nucleophilic attack. For nucleophilic attack at the phenyl 

carbon atom, adsorption of OH- on the guanidinium carbon atom made PMG less reactive, while 

adsorption of Cl- made HMG less reactive. Bond cleavage and loss of cationic functionality was a 

two or three step process involving addition of OH- to the phenyl or guanidinium carbon atoms, 

followed by deprotonation of the added hydroxide species. For PMG species, deprotonation of the 

hydroxide resulted in bond cleavage or produced metastable species that decomposed with 

activation barriers less than 2 kcal/mol. HMG species were more stable with respect to this 

degradation mechanism, having activation barriers for bond cleavage ranging from 17 to 29 

kcal/mol.   
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5.1 Introduction 

In recent years there has been substantial research focused on developing more stable anion 

exchange membranes for use in bipolar membrane electrodialysis, alkaline membrane fuel cells, 

and electrodialysis. The stability of currently used anion exchange membranes is insufficient for 

economical use in high pH applications due to breakdown of the polymer backbone and loss of 

cationic group functionality. The most commonly used anion exchange membranes contain 

benzyltrimethyl ammonium cationic groups that are subject to nucleophilic attack that result in 

decreased ion exchange capacity and electrical conductivity [1,2,3]. 

Bipolar membrane electrodialysis (BMED) is one of the most challenging applications for 

anion exchange membranes. Bipolar membranes consist of an anion exchange membrane bonded 

to a cation exchange membrane. In BMED applications, acid and base are produced by splitting 

water at the interface between the anion and cation exchange membranes with the aid of an 

interlayer catalyst [4,5,6]. Hydroxide ion concentrations in the anion exchange layer can be several 

orders of magnitude greater than the bulk solution concentration [7]. Hydroxide ion concentrations 

in the anion exchange membrane can be greater than 2.5 M, even when producing only dilute base 

solutions [7]. Also, in the space charge region where water splitting occurs, the local 

electroneutrality condition may be violated and lead to some anion exchange groups without an 

adsorbed anion [8]. This may affect the reactivity of the polymer towards nucleophilic attack.  

Several investigators have proposed that the alkaline stability of AEMs can be increased 

via incorporation of resonance structures due to their delocalized cationic charges [9]. One 

approach to this has been to replace trimethylammonium cations with guanidinium-based cations 

due to their resonance stabilization [10,11,12]. The stability of guanidinium-based cations under 

alkaline conditions appears to depend on how the cation is linked to the polymer backbone [13]. 
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Kim et al. reported that pentamethyl guanidinium (PMG) functional groups linked to the polymer 

backbone via aryl linkages were more stable than those attached via sulfone linkages [10,13]. 

Zhang et al. reported that membranes containing hexa-alkylguanidinium cations maintained a 

stable ionic conductivity in 2 M NaOH solutions at 80° C for 24 hours, and for more than 1 week 

in 1 M NaOH at room temperature [10]. Other investigators have found that pentamethyl 

guanidinium cations bound via benzyl linkages are unstable, and lose >90% of their ion exchange 

capacity after less than one day in 4 M KOH [14].  

Typically, the chemical stability of anion exchange membranes has been investigated using 

Raman spectroscopy, ion exchange measurements, NMR and ionic conductivity measurements 

[10]. Degradation studies based on entire membranes can be difficult to interpret due to differences 

in: polymer backbone crosslinking, polymer entanglement, molecular weight, differences in 

polymer density, and differences in stability testing procedures. Quantum chemistry modeling can 

be used to compare the reactivity of different sites on a polymer and thereby eliminate 

complicating factors associated with differences in membrane properties and testing procedures. 

Quantum chemistry modeling can also be useful for elucidating reaction mechanisms and 

determining likely locations for nucleophilic attack. For example, the preferred locations for 

nucleophilic attack can be determined using Fukui functions for each atom in the polymer [15]. 

The Fukui functions correlate with the susceptibility of specific sites in a molecule to undergo 

nucleophilic attack (f+), when electrons are gained, or electrophilic attack (f-), when electrons are 

lost. The larger the value of a Fukui function the greater the reactivity of the site [16]. Other 

molecular properties, such as, the energy of the lowest unoccupied molecular orbital (LUMO), 

often correlate with molecular reactivity towards nucleophilic attack, and can be used to a priori 

assess molecular reactivity [17].  
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Two recent studies have used density functional theory (DFT) to investigate degradation 

mechanisms for polymers containing guanidinium-based cationic functional groups [11,13]. Both 

studies investigated a pathway involving chemical adsorption of hydroxide to the guanidinium 

carbon atom. This pathway involved endergonic reactions and reactions with high activation 

barriers ranging from 17-29 kcal/mol. Other pathways involving nucleophilic attack at other sites 

were not investigated. The goal of this study was to investigate the stability of two guanidinium-

based anion exchange polymers with respect to reactions with hydroxide ions. Density functional 

theory simulations were used to calculate Gibbs free energies of reaction (∆𝐺𝑟𝑥𝑛
𝑜 ) and Gibbs free 

energies of activation (∆𝐺𝑎𝑐𝑡
𝑜 ) for hydroxide ion reactions with anion exchange polymers 

containing pentamethyl- and hexamethylguanidinium cations. The effect on polymer stability of 

guanidinium linkage via benzyl (Cb) or phenyl (Cp) atoms was compared. The effect of physically 

adsorbed Cl- and OH- anions and chemically adsorbed OH- on the reaction energetics were also 

investigated.  

5.2 Methods 

The model for the pentamethylguanidinium (PMG) cation bound to a phenyl (Cp) carbon 

atom is shown in Figure 5.1 and consists of a PMG cation connected at the para position to 

benzophenone, hereafter referred to as PMG+. Diaryl ketone polymer backbones of this type have 

been investigated for use as hydroxide conducting membranes in alkaline fuel cells [18,19]. The 

model for a hexamethylguanidinium (HMG) cation attached to a phenyl carbon atom is shown in 

Figure 5.2, and is hereafter referred to as HMG+. This structure is equivalent to a PMG cation 

bound to a benzylic (Cb) carbon atom. 

Density functional theory (DFT) calculations were performed using the DMol3 [20,21] 

package in the Biovia Materials Studio 2018 modeling suite using a 72-processor workstation. All 
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simulations were unrestricted spin, all electron calculations using triple-numeric with polarization 

(TNP) basis sets [22], and the M11-L meta-GGA exchange and correlation functional [23]. The 

M11-L functional was selected due to its high accuracy in calculating chemical reaction activation 

energies for a wide variety of reaction types, with a mean unsigned error of 2.15 kcal/mol [24]. 

Implicit solvation was incorporated into all simulations using the COSMO-ibs [25] polarizable 

continuum solvation model using a dielectric constant of 78.4. Electrostatic potential (ESP) 

charges were calculated for each atom according to the Merz-Singh-Kollman scheme [16].  

Reaction energies and activation barriers for nucleophilic attack by hydroxide ions (OH-) 

at different sites on the polymer were calculated. Reactant energies were calculated from the 

energy differences between the final reaction products and a stationary point having the OH- ion 

at a distance of 5 to 6 Å from the reaction site on the polymer. Activation barriers were determined 

from the maximum reactant energies along the reaction coordinate, defined as the length of the 

bond that was formed or broken during the reaction. Frequency calculations were performed to 

identify transition states, energy minima, and to determine thermal contributions. Thermal 

smearing of 0.005 Ha was used to aid numerical convergence. 

 

Figure 5.1 Pentamethylguanidinium cation bound to the phenyl carbon atom in the diarylketone 

polymer backbone (PMG+). Superscripts on atoms are for identification purposes. 
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Figure 5.2 Hexamethylguanidinium cation bound to the phenyl carbon atom in the diarylketone 

polymer backbone (HMG+) 

5.3 Results and Discussion 

5.3.1 PMG Reactions  

5.3.1.1 Ion Adsorption Reactions 

The hydroxide ion adsorbs to PMG+ via both physical and chemical adsorption. In the 

physically adsorbed structure (PMG·OH), the Cg-OHa distance was 2.588 Å and the reaction 

energy was ∆𝐺𝑟𝑥𝑛
𝑜 = -5.2 kcal/mol. Physical adsorption of OH- decreased the charge on Cg from 

0.296e to 0.093e, as shown in Table 5.1, and the net ESP charge on the OH- group increased from 

-1.00e to -0.942e. Chemical adsorption had a Cg-OHa distance of 1.387 Å and resulted in loss of 

resonance for the three Cg-N bonds, and loss of net charge for the guanidinium cation, as shown 

in Figure 5.3. For chemisorption, ∆𝐺𝑟𝑥𝑛
𝑜 = -11.4 kcal/mol and the activation barrier was ∆𝐺𝑎𝑐𝑡

𝑜 = 

5.33 kcal/mol. The favorable reaction energy and small activation barrier for chemisorption of OH- 

indicates that loss of cationic functionality may be problematic for guanidinium-based ion 

exchange polymers under conditions of high hydroxide concentrations. As shown in Table 5.1, 

chemical adsorption of the OH- ion resulted in decreasing the charge on the Cg atom from 0.296e 

to 0.151e, and the net ESP charge on the OH- group increased from -1.00e to -0.108e, indicating 

charge donation of 0.892e to PMG+. In addition, the average bond length between Cg and the three 
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N atoms increased from 1.320 to 1.430 Å (Table 5.2), which is indicative of converting the 

resonant Cg-N bonds to single bonds.  

 

Figure 5.3 Structure for chemical adsorption of OH- at Cg on PMG+, hereafter denoted as, PMG-

OH. 

Table 5.1 Atomic charges on different atoms in PMG+ and in PMG with physically adsorbed Cl- 

(PMG·Cl) or OH- (PMG·OH), and with chemically adsorbed OH- (PMG-OH). Charges given in 

units of the fundamental unit of charge, e (1.6021765 × 10−19 C). 

Atom PMG+ PMG·Cl PMG·OH PMG-OH 

Cg 0.296 0.091 0.093 0.151 

Cp 0.187 0.313 0.041 0.347 

Nb -0.017 -0.050 0.203 -0.210 

Na 0.024 0.111 0.319 -0.320 

Nc 0.031 0.150 0.099 -0.274 

 

 

Figure 5.4 Structure for physical adsorption of Cl- on PMG+. 
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The Cl- ion adsorbs to PMG+ via an outer sphere mechanism with a Cg-Cl distance of 3.207 

Å and a reaction energy of ∆𝐺𝑟𝑥𝑛
𝑜  = -10.8 kcal/mol. As illustrated in Figure 5.4, there was no loss 

of Cg-N bond resonance for PMG+ as a result of physical adsorption. Physical adsorption of Cl- 

was more exergonic than physical adsorption of OH-, but less exergonic than chemisorption of 

OH-. Adsorption of Cl- decreased the charge on Cg from 0.296e to 0.091e and the ESP charge on 

Cl- increased from -1.00e to -0.869e, indicating donation of 0.131e to PMG+. This charge transfer 

is 0.761e smaller than the charge transfer associated with chemisorption of OH-. As shown in Table 

5.2, adsorption of Cl- also decreased the average bond order between Cg -N from 0.985 to 0.842 

and the Cp-Nb bond order changed from 0.704 to 0.677, indicating a weakening of the bonds. 

Table 5.2 Mayer bond order and bond lengths for PMG structures. 

Mayer bond order 

Bond PMG+ PMG·Cl PMG·OH PMG-OH 

Cp-Nb 0.704 0.677 0.694 0.743 

Cg-Nb 0.965 0.825 0.927 0.829 

Cg-Na 0.986 0.843 0.989 0.959 

Cg-Nc 1.010 0.859 1.023 0.971 

Bond length (Å) 

Bond PMG+ PMG·Cl PMG·OH PMG-OH 

Cp-Nb 1.384 1.381 1.377 1.355 

Cg-Nb 1.338 1.342 1.341 1.436 

Cg-Na 1.312 1.313 1.308 1.427 

Cg-Nc 1.311 1.311 1.311 1.429 

 

5.3.1.2 Hydroxide Attack at Phenyl Carbon Atom| 

The most favorable location for a nucleophilic attack on PMG+ by OH- was at Cp, as shown 

by its f+ index of 0.047 in Table 5.3. The binding of OH- to Cp on PMG+ resulted in changing the 
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bonding in the aromatic ring and the carbonyl group, as shown in Figure 5.5. Reaction of OH- at 

Cp atom was energetically favorable for PMG+ with ∆𝐺𝑟𝑥𝑛
𝑜 = -7.0 kcal/mol and ∆𝐺𝑎𝑐𝑡

0 = 9.1 kcal/mol. 

However, there was no bond cleavage observed. The presence of the OH group on Cp made PMG+ 

susceptible to decomposition via reaction of the Hb atom with a second OH- to produce H2O and 

the structure shown in Figure 5.6. This reaction was energetically favorable with a ∆𝐺𝑟𝑥𝑛
𝑜 = -45.6 

kcal/mol and a ∆𝐺𝑎𝑐𝑡
0 = 0.84 kcal/mol.  

 

Figure 5.5 Structure resulting from nucleophilic attack by OH- at Cp. 

Table 5.3 Fukui f+ indices for nucleophilic attack on PMG species. 

Atom PMG+ PMG·Cl PMG·OH PMG-OH 

Cg 0.018 0.011 0.0080 0.001 

Cp 0.047 0.047 0.0440 0.043 

 

Table 5.4 OH- reaction with Cp. HOMO and LUMO values before reaction. 

Species 
∆𝑮𝒓𝒙𝒏

𝒐   

(kcal/mol) 

∆𝑮𝒂𝒄𝒕
𝒐   

(kcal/mol) 

LUMO  

(eV) 

HOMO  

(eV) 

PMG+ -7.0 9.1 -2.749 -6.276 

PMG·Cl -8.4 8.6 -2.712 -5.487 

PMG·OH 2.0 18 -2.607 -4.739 

PMG-OH 8.7 16 -2.407 -5.336 
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Reaction of OH- at the Cp atom on PMG·Cl was energetically favorable with ∆𝐺𝑟𝑥𝑛
𝑜 = -8.4 

kcal/mol and ∆𝐺𝑎𝑐𝑡
𝑜  = 8.6 kcal/mol. These values are similar to those for PMG+, as is the final 

structure, shown in Figure 5.7. Reaction of OH- at the Cp atoms on PMG·OH and PMG-OH were 

not energetically favorable, with ∆𝐺𝑟𝑥𝑛
𝑜  values of 2.0 and 8.7 kcal/mol, respectively. The activation 

barriers were also significantly higher than those for PMG+ and PMG·Cl, as shown in Table 5.4. 

The absence of a thermodynamically favorable nucleophilic attack on PMG·OH and PMG-OH 

can be explained by the LUMO energies shown in Table 5.4. For PMG·OH and PMG-OH, the 

LUMO energies were higher than those for PMG+ and PMG·Cl, making a nucleophilic attack less 

energetically favorable. As shown in Table 5.4, the higher the LUMO value, the less energetically 

favorable the reaction. The energy difference between the LUMO and the highest occupied 

molecular orbital (HOMO) often correlate with the activation barrier for a reaction [17]. However, 

in the case of the PMG species, the HOMO was centered on the adsorbed anion, which is not part 

of the molecular structure for PMG·Cl and PMG·OH, and therefore a correlation is not expected.  

 

 

Figure 5.6 Structures resulting from OH- reaction with Hb in the structure shown in Figure 5.5 
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Figure 5.7 Structure resulting from OH- attack on Cp in PMG·Cl. 

 

For PMG·Cl, reaction of OH- with the Hb atom in Figure 5.7 to produce H2O was 

energetically favorable (∆𝐺𝑟𝑥𝑛
𝑜 = -16.4 kcal/mol) with zero activation barrier. Although there was 

no cleavage of the Cp-Nb bond, the structure was metastable. Reaction of OH- with Hb resulted in 

elongation of the Cp-Nb bond from 1.470 to 1.602 Å, and decreased the bond order from 0.791 to 

0.686. Breaking the Cp-Nb bond via stretching had an activation barrier of <0.1 kcal/mol with a 

reaction energy of ∆𝐺𝑟𝑥𝑛
𝑜 = -35.0 kcal/mol, and resulted in a production of the structure shown in 

Figure 5.8. This reaction also increased the Cg-Cl distance from 3.292 to 4.340 Å, indicating 

desorption of the Cl- ion.  

 

Figure 5.8 Structure resulting from stretching Cp-Nb bond after reaction of Hb in Figure 5.7 with 

OH- 
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Figure 5.9 Structures resulting from stretching of the Nb-Cg bond after reaction of OH- with Ha in 

Figure 5.3 

5.3.1.3 Reactions with Adsorbed Hydroxide 

For the PMG-OH, there were two pathways resulting in bond cleavage. The first pathway 

involved OH- reaction with the Ha atom in Figure 5.3 to produce H2O. This reaction was 

energetically favorable with a ∆𝐺𝑟𝑥𝑛
𝑜 = -23.0 kcal/mol and had a low activation barrier of only 

∆𝐺𝑎𝑐𝑡
𝑜  = 2.70 kcal/mol. This reaction resulted in shortening of the Cg-O bond from 1.392 Å to 

1.287 Å, and increasing in the Mayer bond order from 0.853 to 1.230. In addition, the bond 

between Cg -Nb elongated from 1.468 to 1.542 Å, indicating a weakening of that bond. The charge 

on Cg increased from 0.151e to 0.550e, and the charge on Nb decreased from -0.165e to -0.179e. 

This structure was only metastable with Cg -Nb bond breaking to form tetramethylurea and the 

aminated diaryl ketone structure shown in Figure 5.9. The activation barrier for the bond scission 

was only ∆𝐺𝑎𝑐𝑡
𝑜 = 1.40 kcal/mol with an overall reaction energy of ∆𝐺𝑟𝑥𝑛

𝑜 = -24.0 kcal/mol. The 

resulting charge on the Nb decreased from -0.180e to -0.542e after the bond scission. The anion 

structure shown in Figure 5.9 reacted with water to protonate the Nb atom with a ∆𝐺𝑟𝑥𝑛
𝑜 = -5.5 

kcal/mol. In this pathway, the overall reaction energy between the structure shown in Figure 5.1 

and Figure 5.9 was ∆𝐺𝑟𝑥𝑛
𝑜 = -58.6 kcal/mol and the activation barriers for the three reactions were 
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5.3, 2.7 and 1.4 kcal/mol. These low activation barriers indicate that this is the most likely pathway 

for loss of cationic functionality for PMG containing polymers.  

The second pathway for PMG-OH decomposition involved reaction of Ha with Nb, as 

illustrated in Figure 5.10. Transfer of the Ha atom to Nb was energetically favorable, with ∆𝐺𝑟𝑥𝑛
𝑜 = 

-31.8 kcal/mol. This reaction resulted in breakages of the Cg -Nb bond, to produce the structures 

shown in Figure 5.11. However, the activation barrier for this reaction was very high, ∆𝐺𝑎𝑐𝑡
𝑜 = 34.1 

kcal/mol, indicating that this reaction is not an important degradation mechanism.  

 

 

Figure 5.10 Illustration of reaction transferring Ha to Nb 

 

Figure 5.11 Reaction products from transfer of Ha in Figure 5.10 to Nb 
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5.3.2 HMG Reactions  

5.3.2.1 Ion Adsorption Reactions 

The HMG cation linked to the diaryl ketone backbone resulted in a greater charge on Cg 

(0.348e) than that for the PMG cation (0.296e), and the f+ index on Cp was slightly higher for 

HMG+ (0.053) as compared to PMG+ (0.047). Physical adsorption of OH- on HMG+ was less 

energetically favorable than on PMG+, with an adsorption energy of -0.40 kcal/mol vs. -5.2 

kcal/mol for PMG+. The weaker adsorption on HMG+ is consistent with the larger Cg-OH distance 

of 3.188 Å versus the 2.588 Å distance for PMG+. Chemisorption of OH- had a ∆𝐺𝑟𝑥𝑛
𝑜  = -16.1 

kcal/mol with an activation barrier of 2.7 kcal/mol. This is 4.8 kcal/mol more exergonic than for 

the chemisorption of OH- on PMG+. Physical adsorption of Cl- on HMG+ had a Cg-Cl distance of 

3.211 Å and ∆𝐺𝑟𝑥𝑛
𝑜 = -9.6 kcal/mol which is similar to the -10.7 kcal/mol and Cg-Cl distance of 

3.207 Å for Cl- adsorption on PMG+.  

Table 5.5 Fukui (f+) indices on different atoms in HMG+ and on HMG with adsorbed Cl- 

(HMG·Cl) or OH- (HPMG·OH), and chemically adsorbed OH- (HMG-OH). 

Atom HMG+ HMG·Cl HMG·OH HMG-OH 

Cg 0.001 0.002 0.001 0.001 

Cb 0.009 0.010 0.009 0.010 

Cp 0.053 0.056 0.052 0.052 

 

5.3.2.2 Attack at Phenyl Carbon Atom 

As with PMG+, the Fukui indices indicate that the most energetically favorable location for 

a nucleophilic attack was at Cp, as shown in Table 5.5. Adsorption of Cl- or physical and chemical 

adsorption of OH- had only a small effect on the f+ indices. Reaction of OH- with Cp was 

energetically favorable, with ∆𝐺𝑟𝑥𝑛
𝑜 = -3.0 kcal/mol and ∆𝐺𝑎𝑐𝑡

𝑜 = 6.0 kcal/mol. Thus, the energetic 
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favorability for nucleophilic attack at Cp for HMG+ was less exergonic than for PMG+ by 4.0 

kcal/mol. For HMG·Cl, nucleophilic attack at Cp was not energetically favorable with a ∆𝐺𝑟𝑥𝑛
𝑜  =

 6.5 kcal/mol. This contrasts with the energetically favorable reaction energy of -8.4 kcal/mol for 

PMG·Cl. This considerable difference in reaction energies cannot be reconciled by the f+ indices 

and LUMO values listed in Table 5.5 and Table 5.6, since these parameters are similar for PMG·Cl 

and HMG·Cl. To check the validity of this result, this calculation was repeated using the B3LYP 

[26,27] functional, yielding a ∆𝐺𝑟𝑥𝑛
𝑜 = 7.2 kcal/mol. 

Table 5.6 Energy values for OH- reaction with Cp for HMG species, LUMO & HOMO values 

before reaction. 

Species 
∆𝑮𝒓𝒙𝒏

𝒐   

(kcal/mol) 

∆𝑮𝒂𝒄𝒕
𝒐   

(kcal/mol) 

LUMO  

(eV) 

HOMO  

(eV) 

HMG+ -3.0 6.0 -2.794 -6.585 

HMG·Cl 6.5 11.8 -2.781 -5.475 

HMG·OH -5.0 11.3 -2.695 -4.680 

HMG-OH -4.2 4.1 - 2.653 -5.186 

 

Hydroxide reactions with Cp on HMG·OH and HMG-OH were energetically favorable 

with ∆𝐺𝑟𝑥𝑛
𝑜  values of -5.0 and -4.2 kcal/mol, respectively. The energetic favorability for this 

reaction contrasts with that for OH- reactions with Cp on PMG·OH and PMG-OH, which were 

energetically unfavorable. Reaction of OH- with Cp resulted in formation of a single bond, with a 

length of 1.458 Å. The charge on the Cp increased from 0.419 to 0.727. In addition, the bonding 

in the aromatic ring, changed, as shown in Figure 5.12.  
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Figure 5.12 Structure resulting from OH- reaction with Cp on HMG+. 

The Ha atom on the hydroxyl group on Cp was subject to reaction with OH- producing H2O 

and the structure shown in Figure 5.13 for reaction of HMG+. For all four HMG species, this 

reaction was energetically favorable with low activation barriers, as shown in Table 5.7. However, 

bond breakage was not observed in any case. The Cp-Cb bond length increased an average of 0.01 

Å. Stretching of the Cp-Cb bond to form the products shown in Figure 5.14 was endergonic with 

high activation barriers as shown in Table 5.8. Thus, HMG bound to the phenyl carbon atom is 

considerably more stable than PMG, which had activation barriers less than 2 kcal/mol for 

cleavage of the Cp-Nb bond in PMG+ and PMG·Cl. 

Table 5.7 Energy values for OH- reaction with Ha on Cp. LUMO & HOMO values before 

reaction. 

Species 
∆𝑮𝒓𝒙𝒏

𝒐   

(kcal/mol) 

∆𝑮𝒂𝒄𝒕
𝒐   

(kcal/mol) 

LUMO  

(eV) 

HOMO  

(eV) 

HMG+ -11.8 0.7 -1.225 -3.625 

HMG·Cl -9.6 0.9 -1.204 -3.524 

HMG·OH -5.4 3.2 -1.104 -3.514 

HMG-OH -7.8 0.6 -1.074 -3.381 
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Figure 5.13 Product resulting from loss of Ha from the structure in Figure 5.12 

 

 

Figure 5.14 Products formed from stretching Cp-Cb bond in Figure 5.13 

 

Table 5.8. Reaction energies and activation barriers for release of HMG via stretching Cb-Cp 

bond. 

Species 
∆𝑮𝒓𝒙𝒏

𝒐   

(kcal/mol) 

∆𝑮𝒂𝒄𝒕
𝒐  

 (kcal/mol) 

HMG+ 5.6 16.6 

HMG·Cl 6.3 20.8 

HMG·OH 2.7 21.7 

HMG-OH 0.09 28.8 
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5.3.2.3 Attack at Benzylic Carbon Atom 

Reaction of HMG+ with hydroxide at Cb released a guanidinium cation with ∆𝐺𝑟𝑥𝑛
𝑜  = -14.0 

kcal and ∆𝐺𝑎𝑐𝑡
𝑜 = 30.9 kcal/mol, as shown in Figure 5.15. Although this reaction was energetically 

favorable, the high activation barrier indicates that the reaction will be slow, even at elevated 

temperatures. Hydroxide reactions with Cb on HMG·Cl (∆𝐺𝑟𝑥𝑛
𝑜  = 13.6 kcal/mol) and HMG·OH 

(8.7 kcal/mol) were not energetically favorable, and the bonding in the aromatic ring changed, as 

shown in Figure 5.16. For HMG-OH, the hydroxide ion did not bind to Cb.  

 

Figure 5.15 Structure resulting from OH- reaction with Cb on HMG+ 

 

 

Figure 5.16 Structure resulting from OH- reaction with Cb on HMG·Cl 
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5.3.2.4 Reactions with Adsorbed Hydroxide 

For HMG-OH (Figure 5.17), there was one reaction pathway that may contribute to loss of 

the cation. Hydroxide ion reaction with the Ha atom attached to the hydroxyl group on Cg, occurred 

with a ∆𝐺𝑟𝑥𝑛
𝑜 = -20.0 kcal/mol and ∆𝐺𝑎𝑐𝑡

𝑜 = 0.72 kcal/mol. This reaction shortened the C-O bond 

from 1.397 to 1.287 Å and increased the bond order from 0.7567 to 1.102. The length of the Cg-

Nb bond increased from 1.4091 to 1.4500 Å, indicating a weakening of the bond. This structure 

was stable, and had a high energy barrier for decomposition into the structures shown in Figure 

5.18. Decomposition had an activation barrier of 17.5 kcal/mol and ∆𝐺𝑟𝑥𝑛
𝑜 = -0.95 kcal/mol. This 

reaction is similar to that for PMG-OH, however, reaction energy for that decomposition reaction 

was more energetically favorable (∆𝐺𝑟𝑥𝑛
𝑜 = -24.2 kcal/mol) and had a much lower activation barrier 

(∆𝐺𝑎𝑐𝑡
𝑜 = 1.40 kcal/mol). This indicates that bonding the HMG cation to Cp increased the stability 

of the polymer by significantly increasing the energy barrier for reaction and decreasing the 

magnitude of the reaction energy. The anionic species shown in Figure 5.18 reacted with water, 

yielding a protonated Nb atom and a OH- ion with an energy change of ∆𝐺𝑟𝑥𝑛
𝑜 = -11.9 kcal/mol.  

 

 

Figure 5.17 HMG-OH structure 
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Figure 5.18 Structure resulting from stretching the Cg-Nb bond after loss of Ha from HMG-OH 

5.4 Conclusions 

The calculations in this study are useful for identifying sites on the polymer that are reactive 

with hydroxide ions, and for comparing the relative reactivity of different sites. However, in a real 

cross-linked polymer membrane, steric restrictions would result in higher activation barriers than 

were calculated here. Results from this research show that the adsorbed anion has a significant 

effect on the reaction energies. Hydroxide attack at Cp was energetically favorable for PMG+ and 

PMG·Cl, but was not energetically favorable for PMG·OH and PMG-OH. For PMG+ and PMG·Cl, 

loss of the PMG group via hydroxide reaction with Cp was a two-step process with overall 

∆𝐺𝑟𝑥𝑛
𝑜  values of -52.6 and -16.4 kcal/mol, respectively, with activation barriers for all reactions 

less than 10 kcal/mol. For PMG-OH, a three-step pathway was required before bond cleavage and 

release of tetramethylurea. The overall ∆𝐺𝑟𝑥𝑛
𝑜  for this process was -58.6 kcal/mol, with the highest 

activation barrier of only 5.3 kcal/mol. 

For the HMG structures, hydroxide attack at Cp was energetically favorable for HMG+, 

HMG·OH and HMG-OH, but was unfavorable for HMG·Cl. The activation barriers for the 

exergonic reactions were small to moderate: HMG+ (6.0 kcal/mol), HMG·OH (11.3 kcal/mol) and 

HMG-OH (4.1 kcal/mol). However, hydroxide addition to Cp was not a favorable pathway for 

bond cleavage, since the cleavage step was endergonic and had high activation barriers (16-29 
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kcal/mol) for all HMG species. For HMG-OH there was one three-step pathway leading to release 

of tetramethylurea. The overall ∆𝐺𝑟𝑥𝑛
𝑜  = -20.9 kcal/mol, with the highest activation barrier of 17.5 

kcal/mol. These calculations indicate that the HMG cation is more stable than the PMG cation 

bound to the phenyl ring.  

The low activation barrier pathways for PMG species degradation indicate that membranes 

containing PMG cations bound to phenyl rings may not be suitable for use in bipolar membrane 

electrodialysis (BMED). Although BMED does not operate at elevated temperatures, the high 

concentration of hydroxide ions (> 1 M) at the center of bipolar membranes will lead to chemical 

adsorption of OH- on the guanidinium carbon atoms. This will be especially problematic in the 

space charge region where there may be no other anions present to compete with hydroxide ion 

adsorption. At the solution side of bipolar membranes, high chloride ion concentrations may 

protect HMG cations from attack by hydroxide ions at both Cp and Cg.   
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Chapter 6: Study of the Alkaline Stability of Quaternary Ammoniun Functionalized 

Anion Exchange Polymers 

6.1 Introduction 

Regular operations of bipolar membrane electrodialysis (BMED) cells expose bipolar 

membranes to highly alkaline conditions. A bipolar membrane consists of an anion exchange 

membrane laminated on one side and a cation exchange membrane on the other. BMED produces 

acid and base via promoting dissociation of water at the interface between the cation and the anion 

exchange layers; hence, the concentration of hydroxide ions in the anion exchange membrane has 

been measured to be at least 2.5 M, which is several orders of magnitude greater than in the bulk 

solution. These conditions are suitable for a nucleophilic attack by hydroxide ions either on the 

AEM’s cationic groups or the polymer’s backbone ,which decreases the ion exchange capacity 

and electric conductivity of the membrane [1,2].  

The AEM stability is affected by loss of the cationic group and backbone hydrolysis. The 

most commonly used anion exchange membranes contain benzyl trimethyl ammonium (BTMA+) 

cationic groups, mainly because it can be produced via a relatively simple synthetic process [3]. 

However, the quaternary ammonium groups attached at the benzylic position is generally 

considered to have insufficient stability for long-term use at high pH [4,5]. Studies have shown 

that replacing the trimethyl ammonium (TMA+) with 1,4-diazabicyclo[2,2,2]octane (DABCO+) 

cationic groups increases the stability [5–7]; it has been suggested that this diamine reduces the 

possibility of nucleophilic attack by distributing the positive charge along the cyclic cation [7,8]. 

In addition, resonance cationic groups, e.g guanidinium, have been suggested; however, some 

studies have shown that the ion is susceptible to hydroxide degradation [4,9]. One of the 

advantages of having the cationic group at the benzylic position is the absence of β-hydrogens 
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which allow the Hoffman elimination of quaternary ammonium group. Nevertheless, attaching the 

cationic quaternary amine at the end of a six-carbon chain has been found to improve cation 

stability [4,10].  

Recently, investigations of anion exchange membrane stability have also turned to study 

polymer backbone degradation. Polysulfone has been the most used polymer because of its 

relatively low cost and ease of preparation and derivatization [7,11]. However, it has been shown 

that this polymer experiences hydrolysis under alkaline conditions; the ether bonds seem to be the 

weakest spots. Thus, polymer backbones without aryl-ether bonds have been developed. The 

polymers aminated tetramethyl poly(phenylene) (ATMPP+) and poly(biphenyl alkylene) (PBPA) 

were developed as an alternatives for polysulfone membranes. They have shown relatively good 

mechanical and chemical stability [4,10,12].  

AEM degradation has been studied using ionic exchange measurements, Raman 

spectroscopy, and nuclear magnetic resonance. These experimental methods are difficult to 

interpret based on the entire membrane. Changes in ionic exchange capacity may be due to loss in 

cationic functionality, but backbone degradation also may have an influence on it. Raman 

spectroscopy and NMR have shown that nucleophilic attack on the functional groups and backbone 

hydrolysis can occur. Thus, quantum chemistry modeling can aid in computing the relative 

stability of the backbone and the cationic groups. These chemical simulations can also be useful 

to determine the degradation pathways and the likely positions that can be subjected to a 

nucleophilic attack using some molecular properties (e.g. molecular orbitals and Fukui functions) 

[13,14].  

Recent studies used DFT to investigate cation stability [9,15,16] as well as aryl-aryl and 

aryl-ether cleavage on small functionalized fragments. These studies calculated the stability of the 
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cations and determined the pathways to detach the cation from the benzylic carbon and the 

mechanism by which the weak bonds in the backbone are broken. However, using small fragments 

may overcalculate reaction energies. The present research used density functional theory (DFT) to 

identify the reaction pathways and transition state structures and calculate activation energies and 

energies of reaction of four polymer backbones with two different cationic groups.  

6.2 Methods 

The functionalized polymer models used to study nucleophilic attack on the cationic group, 

the aryl-aryl cleavage, and the aryl-ether cleavage are the following: polysulfone with 1,4-

diazabicyclo[2,2,2]octane (PSF-DABCO+) [6], polysulfone with trimethylammonium (PSF-

TMA+)[17], poly(biphenyl alkylene) trimethyl ammonium (PBPA+) [10], and aminated 

tetramethylpoly(phenylene) (ATMPP+) [4]. All the structures are shown in Figure 6.1. Density 

functional theory (DFT) calculations were performed using the DMol3 [18,19] package in the 

Biovia Materials Studio 2018 modeling suite using a 72-cpu workstation. All simulations were 

spin unrestricted, all electrons calculations. Calculations were done using the Minnesota 2011 

meta-GGA functional (M11-L) [20] and the triple-numeric plus polarization basis sets (TNP) [21] 

along with thermal smearing of 0.005 Ha to aid numerical convergence. This functional was 

selected due to its high accuracy in calculating chemical reaction energies in a wide variety of 

reaction types, with mean unsigned error of 2.15 kcal/mol [20]. Implicit solvation was included in 

all simulations using the polarizable continuum solvation model COSMo-ibs with a dielectric 

constant of 78.4 [22]. The Fukui functions for nucleophilic attack (f+) were calculated using the 

default parameters of the software. 
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Figure 6.1 Polymer models: polysulfone 1,4-diazabicyclo[2,2,2]octane (PSF-DABCO+), 

polysulfone trimethyl ammonium (PSF-TMA+), poly(biphenyl alkylene) trimethyl ammonium 

(PBPA +), and ammonium trimethyl poly (phenylene) (ATMPP+). Superscripts on the atoms: Ca, 

Cb, Cd, Ce, Hb are for carbon identification purposes. 
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Gibbs free energy of reaction and activation energies were calculated for nucleophilic 

attack by hydroxide ions (OH-) at different sites on the polymers. Reactant energies were 

calculated at a stationary point having the OH-  ion ~10 Å away from the reaction site. The reactant 

energies were considered as the reference energy for all reactions. Activation energies were 

calculated by optimizing with the eigenvector following method the structure with maximum 

energy along the reaction coordinate [23]. The reaction coordinate was defined as the length of the 

bond that was formed or broken for each reaction. Verification of energy minima and transition 

state, and thermal corrections were performed via frequency calculations. All Gibbs Free energies 

were calculated at 298.15 K. 

6.3 Results 

6.3.1 Cationic Group Alkaline Stability 

6.3.1.1 Attack of OH- on the α carbons via a SN2  

The detachment of the cationic functional group was examined for the functionalized 

polymers PBPA+, ATMPP+, PSF-TMA+, and PSF-DABCO+. All the reactions occurred via 

bimolecular nucleophilic substitution (SN2), in which the hydroxide ion attacked the α carbon 

labeled as Ca in Figure 6.1. In the cases of PSF-TMA+, PSF-DABCO+ and ATMPP+, releasing of 

the cation via nucleophilic aromatic substitution was not examined because previous studies have 

shown that the phenyl-Ca bond is stronger than the Ca-N bond [16]. The nucleophilic substitution 

resulted in a tertiary amine and a single bond formation between the hydroxide and the Ca. All 

reactions yielded favorable Gibbs energies of reaction (∆𝐺𝑟𝑥𝑛
0 ) ranging from -15.91 kcal/mol to -

25.70 kcal/mol (Figure 6.2). The energy barriers (∆𝐺𝑎𝑐𝑡
0 ) for these reactions were between 15.29 

kcal/mol and 29.50 kcal/mol; the structures with the cation attached to the phenyl ring yielded the 

lowest activation energies. PBPA+ showed more stability with an activation energy of 29.50 
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kcal/mol. This finding agrees with other studies [4,15] that revealed that attaching the quaternary 

ammonium group to a polymer backbone with an alkylene spacer longer than three carbon atoms 

leads to improved alkaline stability of the cation. The activation energy for detaching the DABCO+ 

cation was 18.29 kcal/mol, which is 3 kcal/mol higher than the energy barrier for PSF-TMA+ and 

ATMPP+; the latter two having benzyl trimethyl ammonium (BTMA+).  These activation energies 

differences explain the higher stability observed in membranes containing DABCO+ compared to 

BTMA+. 

 

Figure 6.2 Energy profile for nucleophilic substitution of the cation. Solid lines represent the 

reaction without an adsorbed hydroxide ion, dashed lines represent the reaction with a physically 

adsorbed hydroxide ion 

6.3.1.2 Attack of OH- on the α carbons of hydroxide adsorbed cations 

Under BMED operating conditions, it can be assumed that the excess hydroxide ions will 

adsorb to the cationic groups of anion exchange membranes. The simulations showed that the 
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hydroxide ion adsorbed physically near the cation. For the TMA+ containing polymers, the O-N 

distances ranged between 3.261 Å and 3.292 Å. In the case of the DABCO+ polymer, the O-N 

distance to the inner nitrogen atom was 3.167 Å while for the outer nitrogen atom was 4.689 Å. 

The presence of the hydroxide ion slightly reduced the Ca-N bond length by ~0.008 Å (Table 6.1). 

For all the cations, the adsorption reactions were energetically favorable, yielding free energies of 

reaction between -6 kcal/mol and -8 kcal/mol with no activation energy.  

Table 6.1Ca-N bond length, Hirshfeld charges of the Ca atom and Fukui indexes for nucleophilic 

attack (f+) of the Ca atom. Positive (+) refers to the cation before adsorption; OH- adsorbed 

refers to the hydroxide adsorbed cation 

 Ca-N length (Å) 

 Positive (+) OH- adsorbed 

PSF-DABCO+ 1.462 1.459 

PSF-TMA+ 1.493 1.484 

ATMPP+ 1.492 1.485 

PBPA+ 1.492 1.485 

 Ca Hirshfeld charge 

 Positive (+) OH- adsorbed 

PSF-DABCO+ 0.0191 0.0055 

PSF-TMA+ 0.0259 0.0234 

ATMPP+ 0.0278 0.0244 

PBPA+ 0.0326 0.0291 

 Ca f+ index 

 Positive (+) OH- adsorbed 

PSF-DABCO+ 0.010 0.008 

PSF-TMA+ 0.008 0.006 

ATMPP+ 0.010 0.008 

PBPA+ 0.001 0.001 

 

The degradation of the cationic group was also thermodynamically favorable when a 

hydroxide ion was adsorbed. Although the reactions yielded negative ∆𝐺𝑟𝑥𝑛
0 , all the energy values 

were less negative with the adsorbed ion than without the ion (Figure 6.2). The Ca-N bond length 

reduction goes in accordance to the reaction energy changes; therefore, it can be assumed that the 

adsorbed hydroxide ions strengthened the Ca-N bond, and it is reflected in a maximum increment 
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of 8.85 kcal/mol in the free energy of the reaction. Additionally, as shown in Table 6.1 the 

Hirshfeld charges on the Ca atom decreased between 0.010e and 0.003e when the hydroxide ion 

was adsorbed. This suggests that the cation is withdrawing electrons from the hydroxide, and thus, 

reducing the electrophilic character of the carbon atom. 

Following the same trend as the free energies of reaction, the activation energies also 

increased when the hydroxide ion was adsorbed. The increase in the activation energies ranged 

from 2.87 to 4.79 kcal/mol. This increment may explain two experimental findings: ionic exchange 

capacity measurements of AEMs reached a slow and steady decline after 100 hours in in contact 

with alkaline solution for 100 hours [24], and AEM showed larger stability when was exposed to 

6M KOH  than when exposed with 1M KOH  [17]. In both cases, exposure to high alkaline 

solutions suggests that membrane saturated with hydroxide ions provided more stability to the 

cation group.  

The activation energies for PSF-TMA+ and ATMPP+ were within 2 kcal/mol; both 

polymers contain benzyl trimethyl ammonium (BTMA+). These results suggest that the BTMA+ 

cation have similar stability regardless of the polymer backbones (poly(sulfone ether) or 

poly(phenylene)). For PSF-DABCO+ and PBPA+, the activation energies increased up to 4 

kcal/mol reaching the highest energy barriers (Figure 6.2).  

One important thing to remark is that the Fukui function indexes for nucleophilic attack 

(f+) ranged from 0.001 and 0.017 for the Ca atom in all the polymers (Table 6.1). These indices are 

an indicator of a molecule’s local susceptibility to nucleophilic attack. In other words, the higher 

the f+ for a given atom the more vulnerable the atom is. The presence of the hydroxide ion increased 

or preserved the f+ index. Nevertheless, these indexes are low compared to the indexes on the other 

atoms in the structures shown in Table 6.2. These results may indicate that even though 
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nucleophilic substitution of the cationic group is thermodynamically possible, nucleophiles are 

more attracted to the aromatic rings in the backbone structure. 

 

Figure 6.3 Energy profile for Hoffman elimination (E2) in PBPA+, the structures represent the 

elimination mechanism of the quaternary amine. 

6.3.1.3 Hoffmann elimination from the abstraction of β hydrogen by OH- 

The cation degradation via Hoffman elimination (E2) is possible when β-hydrogens are present. 

In the cases of ATMPP+, PSF-TMA+, and PSF-DABCO+, the cation is attached to a benzylic 

carbon; hence, PBPA+ is the only polymer with β-hydrogens. The reaction was studied by 

abstracting the hydrogen labeled as Hb with a hydroxide ion in Figure 6.1. This abstraction resulted 

in the polymer releasing the trimethylamine and forming a double bond between the β and the α 

carbon. The reaction energy profile and the elimination mechanism are shown in Figure 6.3. 

The reaction was thermodynamically favorable. The energy of reaction was ~1 kcal/mol less 

negative than the nucleophilic substitution, and the activation energy was 4 kcal/mol lower than 
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the SN2 reaction.  According to previous studies [4,10], adding a six carbon spacer between the 

ammonium group and the phenyl ring reduces the importance of the elimination reaction; however, 

these results show that the energy barrier for the elimination reaction is less energy demanding 

than the nucleophilic substitution. Although, it can be remarked that the energy barrier is ~5 

kcal/mol higher than the next nucleophilic substitution corresponding to the DABCO+ cation. Thus, 

the carbon spacer aids in increasing the activation energy for the elimination reaction. 

Table 6.2 Fukui function indexes for nucleophilic attack (f+), labels correspond to the carbon 

atoms in Figure 1 

 PSF-DABCO+ PSF-TMA+ ATMPP+ PBPA+ 

Cb 0.076 0.016 0.040 0.063 

Cc 0.003 0.013 0.025 0.056 

Cd 0.059 0.015 0.025 0.060 

Ce 0.009 0.013 0.036 ---- 

 

6.3.2 Polymers Backbone Alkaline Stability 

6.3.2.1 Attack on the aryl-ethyl bond of polysulfones 

Ether hydrolysis of polysulfone backbones was examined by attacking with a hydroxide 

ion one of the carbons bonded to the ether. Aryl-ether cleavage is considered a nucleophilic 

aromatic substitution reaction (SNAr). The carbon atom most susceptible to nucleophilic attack 

was determined with the f+ indexes. For both polysulfones, the highest Fukui index (Table 6.2) 

corresponded to the carbon atom closest to the cation and is represented as Cb in Figure 6.1. Both 

polymer backbones reacted with hydroxide via two sequential steps. The energy profiles for the 

reactions are shown in Figure 6.4.  
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Figure 6.4 Energy profile for breaking the aryl-aryl bond in PSF-DABCO+ and PSF-TMA+, the 

structures represent the cleavage mechanism of the aryl-ether bond 

The first step was the attack at the Cb atom which formed a Meisenheimer complex with 

energy barriers of 8.04 and 10.09 kcal/mol. In the case of PSF-TMA+, the complexes formation 

was endergonic with ∆𝐺𝑟𝑥𝑛
0  = 3.30 kcal/mol whereas the reaction energy for PSF-DABCO+ was 

exergonic (∆𝐺𝑟𝑥𝑛
0  = -4.73kcal/mol). The activation barriers and reaction energies differ from 

another computational study [16] where they only used N,N,N-trimethyl-2-

phenoxybenzenaminium to model the polymer backbone. In their case, the activation barriers were 

higher than 20 kcal/mol and the reaction energies were between 10 and 13 kcal/mol. The study 

concluded that the high energies were because the aromaticity of the phenyl rings was disrupted; 

however, in this study the presence of electron withdrawing groups, such as sulfone, phenyl rings 

and ether, allowed the structure to retain some aromaticity. In order to corroborate this, the charges 

for the model compound used in the study [16] were calculated and compared with the charges of 

the same fragment in the PSF-TMA+ complex. Figure 6.5 and Table 6.3 show the model compound 
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and the charges. For the small fragment, the overall charge for the two phenyl rings is -0.663e 

while for the same rings in the PSF-TMA+ complex the charge was -0.443e and for the PSF-

DABCO+ was -0.500e. Therefore, it can be assumed that the incoming negative charge from the 

OH- is distributed along the adjacent groups of the polymer structure.  

 

Figure 6.5 Meisenheimer complex of N,N,N-trimethyl-2-phenoxybenzenaminium (DPE-TMA+) 

attacked by a hydroxide ions; numbers are for identification purposes.  

Table 6.3 Hirshfeld charges on each atom of the two phenyl rings and the oxygens involved in 

the Meisenheimer complex for PSF-TMA+, PSF-DABCO+ and the small model shown in Figure 

6.5. The atom numbers correspond to the same sequence as in Figure 6.5. 

 DPE-TMA+ PSF-TMA+ PSF-DABCO+ 

C(1) -0.082 -0.084 -0.063 

C(2) 0.153 0.155 0.158 

C(3) -0.132 -0.108 -0.094 

C(4) -0.063 -0.065 -0.043 

C(5) -0.146 -0.056 -0.105 

C(6) -0.050 -0.046 -0.052 

C(7) 0.083 0.104 0.082 

C(8) -0.049 -0.025 -0.028 

C(9) -0.006 0.009 -0.009 

C(10) -0.031 -0.050 -0.005 

C(11) -0.004 0.018 -0.014 

C(12) -0.036 -0.006 -0.037 

C(13) -0.140 -0.127 -0.161 

C(14) -0.161 -0.163 -0.129 

SUM -0.663 -0.443 -0.500 
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The PSF-DABCO+ and PSF-TMA+ complexes required to overcome between 27.96 and 

23.36 kcal/mol, respectively, to cleave the aryl-ether bond (Figure 6.4). The overall energies of 

reaction were exergonic, by -29.50 kcal/mol and -24.14 kcal/mol for PSF-DABCO+ and PSF-

TMA+, respectively. The highest activation energy corresponded to PSF-DABCO+ (Figure 6.4). It 

can be assumed that resonance rearrangement is the reason why the complex was more stable and 

cleaving the Cb-O bond was more energetically demanding ((Figure 6.4). The resonance 

displacement is illustrated in the electrostatic potential isosurfaces in Figure 6.6; the isosurface 

shows how before the nucleophilic attack (Figure 6.6a) the positive charge of the cation is almost 

uniformly distributed (~0.122); after the OH- was attached (Figure 6.6b), the incoming negative 

charged distributed along the phenyl rings, the sulfone, and the oxygen located two phenyl rings 

away.  
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Figure 6.6 Electrostatic potential isosurface mapped on the electron density of PSF-DABCO+, it 

shows how the negative charge is distributed along the left side of the structure; the electrostatic 

potential scale is the same for both. Top, structure before reaction. Bottom, Meisenheimer 

complex after the polymer was attacked by an OH-. 
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On the other hand, the resonance displacement could also be the reason for the PSF-

DABCO+ very negative reaction energy (-29.50 kcal/mol). Figure 6.4 illustrates the final products 

for a classic aryl-ether cleavage; however, PSF-DABCO+ yielded phenol and a quinone-like 

compound (Figure 6.7) which suggest electrons relocated. The Cd-S bond and the Cb-O bond were 

shortened from 1.722 Å to 1.670 Å and 1424 Å to 1.316 Å, respectively. This shortening indicates 

that the resonance was displaced towards the left side of the polymer yielding the structure shown 

in Figure 6.7. 

 

Figure 6.7 Products of the aryl-ether cleavage reaction for PSF-DABCO+. 

It is important to notice that the cationic group in both polysulfone modeled structures were 

not in the same place; for example, the TMA+ was placed between a diphenylmethane and ether, 

whereas DABCO+ was placed between the sulfone group and the ether. It was shown that the 

sulfone group aided in stabilizing the intermediate complex and reduced the activation energy; 

thus, if the TMA+ was placed on the opposite phenyl ring the activation energies to form the 

complex and the energy of reaction possibly would be lower.  
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6.3.2.2 Attack on the Aryl-Aryl bond 

 

Figure 6.8 Energy profile for breaking the aryl-aryl bond in PBPA+ and ATMPP+, the structures 

represent the cleavage mechanism of the aryl-aryl bond. 

Figure 6.8 shows the energy profiles for the backbone degradation of PBPA+ and ATMPP+ 

via nucleophilic aromatic substitution. The most favorable location for nucleophilic attack on 

PBPA+ and ATMPP+ by OH- was at Cb (Figure 1) which had the highest f+ index (Table 6.2). The 

attack broke the aryl-aryl bond of the backbone yielding a phenyl group and a phenoxide group 

(O- attached to the phenyl). The backbone degradation, in both cases, occurred via three sequential 

reactions. First, the OH- attached to the carbon atom (Cb) with barrier heights from 16.94 kcal/mol 

to 21.10 kcal/mol resulting in a Meisenheimer complex. The complex formation for ATMPP+ was 

less energetically demanding mainly because the adjacent phenyl rings helped in distributing the 

negative charge similar to the PSF-DABCO+ case, while for PBPA+ the absence of adjacent 
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conjugated rings electron withdrawing groups aided in destabilizing the complex. Both complexes 

underwent the aryl-aryl cleavage with activation energies of 51.53 kcal/mol for PBPA+ and 52.79 

kcal/mol for ATMPP+. The cleavage formed a phenol and an unstable phenyl anion which took a 

proton from the recently formed hydroxyl to regain aromaticity without an activation barrier. Thus, 

forming the final products with overall energy of reaction of less than 4 kcal/mol in both cases. 

This small positive reaction energy means that the reaction is thermodynamically unfavorable. 

Additionally, the high activation energies indicate that the cation degradation reaction in both cases 

is going to occur first, and the backbone degradation will occur more slowly. 

6.4 Conclusions 

The calculations presented in this study are useful for comparing the relative reactivity and 

stability of different polymers either for releasing the cationic group and for breaking of the 

backbone structure. It is important to remark that the calculations represent only ideal conditions 

with small fragments of the polymers. Whereas in practical operations, the presence of massive 

structures of the polymer and the presence of different ions may result in different activation 

energies. 

The results from this study revealed that benzyl trimmetylammonium (PSF-TMA+ and 

ATMPP+) were the cationic groups most susceptible to nucleophilic substitution with activation 

barriers as high as 20 kcal/mol. These energies are still higher than energies calculated for 

guanidinium cations [9]. The cation in the PBPA+ polymer was the most stable for both type of 

cation degradation pathways, nucleophilic substitution and elimination. The activation energies 

were as high as 30 kcal/mol, and they were at least 4 kcal/mol higher than the second most stable 

cation, DABCO+. It is comprehensible why the DABCO+ cation is still part of commercial 

membranes. In addition, the presence of a hydroxide ion physically adsorbed to the cation 
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increased the activation energies of the cation degradation up to 5 kcal/mol and the reaction 

energies up to 8 kcal/mol. Despite that, all the reactions for the cation degradation were exergonic 

with ∆𝐺𝑟𝑥𝑛
0  as low as -25 kcal/mol, which indicates that constant operation in alkaline conditions 

most likely will result in cationic functionality loss. 

For the polysulfone backbone, the overall hydrolyzation of the aryl-ether bond was 

energetically favorable (-29 kcal/mol). The bond cleavage was a two-step reaction. Energy barriers 

for the first step were low (<10 kcal/mol). The resulting complexes required to overcome in 

average 23 kcal/mol to cleave the aryl-ether bond. The highest activation energies for both 

polymers (PSF-TMA+ and PSF-DABCO+) were 3 to 5 kcal/mol higher than the cation degradation 

barriers. These imply that breaking of the aryl-ether bond and the functional group substitutions 

may occur at similar reaction rates. Additionally, the resonance and charge distribution results 

show the importance of using larger models to simulate anion exchange membrane polymers.  

The degradation of polyaromatic polymers without ether bonds yielded high activation 

energies (65-72 kcal/mol) and slightly endergonic reaction energies (~4 kcal/mol). This suggests 

that PBPA+ and ATMPP+ are more stable to hydroxide nucleophilic attack; hence, both polymer 

backbones seem to be more suitable for use in bipolar membrane electrodialysis. The cationic 

group stability is still a problem for these types of membranes. Nevertheless, the calculations 

showed that a six-carbon spacer helped to improve stability.  
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Chapter 7: Concluding Remarks 

This dissertation focused on modeling reactions and phenomena of importance in 

environmental engineering that occur at the molecular scale. Towards that end, quantum chemical 

simulations were used. 

Density functional theory simulations showed that nitrilotri(methylenephosphinic acid) 

(NTMP) can form a wide variety of complexes with ferric hydroxide minerals.  Results from this 

study showed that the adsorption reactions kinetics of phosphonate compounds on hydroxide 

minerals are important when modeling the adsorption and desorption at large scale. Furthermore, 

these results also show the environmental implications of phosphonate, since the high activation 

barriers suggest that these compounds will be very persistent in soils and aquifers. 

Quantification of the water dissociation rate enhancement using molecular orbital methods 

showed that these methods can be an alternative to understand the splitting mechanisms and 

reactions at the membrane’s interface. Additionally, the method proved to be effective to model 

the catalytic effect of graphene oxide and trimethyl amine; therefore, it can also be a useful tool to 

investigate the mechanisms by which other catalysts help in the dissociation process. 

The alkaline stability calculations explored different reactions that are not possible to 

isolate in experiments. The calculations revealed the importance of the model molecule size to 

emulate real-like conditions. Additionally, these simulations help to elucidate which degradation 

mechanism is the most likely and, therefore, increase knowledge towards a more rigorous material 

design.  

 


