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Abstract 

Electron-transfer reactions at surfaces play important roles in numerous environmentally and 

technologically relevant processes, such as energy storage, catalysis, water purification, biochemical 

pathways, and mineral weathering. These diverse fields have in common that reduction-oxidation (redox) 

reactions between solid and liquid phases drive chemical transformations. Redox transformations at solid-

liquid interfaces have potential for great societal benefit or environmental harm. Therefore, it is necessary 

to understand the mechanisms of these chemical reactions. In this thesis, I present two collaborative projects 

centered around this idea. The first is to understand the oxidation of water to generate hydroxyl radicals 

(∙OH) on diamond surfaces for application in water purification, and to increase the efficiency of this 

reaction. The second is to understand the reciprocal redox transformations between small biomolecules 

NADH and glutathione with the nano-scale battery cathode material LiCoO2 to assess the environmental 

toxicity of metal oxide nanomaterials. 

Electrochemical formation of high-energy species such as hydroxyl radicals in aqueous media is 

inefficient because oxidation of H2O to form O2 is a more thermodynamically favorable reaction. Boron-

doped diamond (BDD) is widely used as an electrode material for generating ∙OH radicals because it has a 

very large kinetic overpotential for O2 production, thus increasing electrochemical efficiency for ∙OH 

production. Yet, the underlying mechanisms of O2 and ∙OH production at diamond electrodes are not well 

understood. We demonstrate that boron-doped diamond surfaces functionalized with a hydrophobic, 

polyfluorinated molecular ligands (PF-BDD) have significantly higher electrochemical efficiency for ∙OH 

production compared with hydrogen-terminated (H-BDD), oxidized (O-BDD), or polyethylene ether-

functionalized (E-BDD) boron-doped diamond samples. Our measurements show that ∙OH production is 
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nearly independent of surface functionalization and pH (pH = 7.4 vs. 9.2), indicating that ∙OH is produced 

by oxidation of H2O in an outer-sphere electron-transfer process. In contrast, the total electrochemical 

current, which primarily produces O2, differs strongly between samples with different surface 

functionalization, indicating an inner-sphere electron-transfer process. X-ray photoelectron spectroscopy 

measurements show that while both H-BDD and PF-BDD electrodes are oxidized over time, PF-BDD 

showed longer stability (≈ 24 hr of use) than H-BDD. This work demonstrates that increasing surface 

hydrophobicity using perfluorinated ligands selectively inhibits inner-sphere oxidation to O2 and therefore 

provides a pathway to increased efficiency for formation of ∙OH via an outer-sphere process. The use of 

hydrophobic electrodes may be a general approach to increasing selectivity toward outer-sphere electron-

transfer processes in aqueous media. 

Among high-valence metal oxides, LiCoO2 and related materials are of environmental importance 

because of the rapidly increasing use of these materials as cathodes in lithium ion batteries. Understanding 

the impact of these materials on aqueous environments relies on understanding their redox chemistry 

because Co release depends on oxidation state. Despite the critical role that redox chemistry plays in cellular 

homeostasis, the influence of specific biologically relevant electron transporters such as nicotinamide 

adenine dinucleotide (NADH) and glutathione (GSH) on the transformation of engineered nanoparticles 

has not been widely considered previously. Here we report an investigation of the interaction of LiCoO2 

nanoparticles with NADH and GSH. Measurements of Co release using inductively coupled plasma-mass 

spectrometry (ICP-MS) show that exposing LiCoO2 nanoparticles to either NADH or GSH increases 

solubilization of cobalt, while corresponding spectroscopic measurements show that NADH is concurrently 

oxidized to NAD+. To demonstrate that these effects are a consequence the high-valence Co(III) in LiCoO2 

nanoparticles, we performed control experiments using Co(II)-containing Co(OH)2 and LiCoPO4, and 

dissolved Co2+/Li+ ions. Additional experiments using molecules of similar structure to NADH and GSH, 

but that are not reducing agents, confirm that these transformations are driven by redox reactions and not 

by chelation effects. Our data show that interaction of LiCoO2 with NADH and GSH induces release Co2+ 
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ions and alters the redox state of these biologically important transporters. Observation of NADH binding 

to LiCoO2 using x-ray photoelectron spectroscopy (XPS) suggests a surface catalyzed reaction. The 

reciprocal reduction of LiCoO2 to enable release of Co2+ and corresponding oxidation of NADH and GSH 

as model redox-active biomolecules has implications for understanding the biological impacts of high-

valence metal oxide nanomaterials and the redox-driven weathering of such minerals. 

Despite our work showing the reciprocal redox interaction of LiCoO2 and NADH, the mechanism 

for such a reaction is not well understood. To investigate this further, we performed dissolution experiments 

with LiCoO2 and control compounds exposed to NADH and several of its component molecules: ribose 5-

phosphate (“Ribo”) and 1-methylnicotinamide (“Nico”). We hypothesized that if phosphate was 

responsible for surface attachment, Ribo would reproduce the binding observed from NADH, and that if 

the nicotinamide group was responsible for redox reaction, Nico would reproduce the enhanced Co release 

seen with NADH. If both binding and reducing strength are needed in the same molecule to see an effect, 

these experiments would show that NADH alone reacts with LiCoO2. Furthermore, we tested particles 

exposed to both Nico and Ribo to see if there were synergistic effects to recapture what is seen with NADH. 

Our surprising results show that Ribo, not Nico, replicates the enhancement of LiCoO2 dissolution seen by 

NADH. This suggests that surface attachment via the phosphate group in NADH is critical to LiCoO2 redox 

dissolution, and that reducing sugars must be considered when studying nanoparticle transformations in 

biological media. We also expanded NADH-exposure experiments to other metal oxides, such as Mn2O3 

and NiO, and find that trends in metal oxidation state transfer to non-Co-containing compounds. 
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Chapter 1. Background and Introduction 

1.1 Electrochemistry, interfaces, and nanomaterials. 

 Countless recent technologies have been developed through understanding of electrochemical 

reactions at solid-liquid interfaces. This includes advances in energy storage,1 energy conversion,2 catalysis, 

chemical sensing,3 and others. For example, Li ion batteries are a staple of the electronics industry and 

utilize the intercalation of Li ions from a Li anode, through an electrolyte, into a layered metal oxide 

cathode, such as LiCoO2.4 Research on electron transfer reactions is so often linked to solid-liquid interfaces 

both because solid surfaces allow for external power to drive unfavorable chemical reactions, and because 

the heterogeneity of interfaces yields surprising mechanisms that can be tuned in ways not possible in bulk 

solution. Solid-liquid interfaces at the atomic level often display properties vastly different from their bulk 

counterparts (Figure 1.1), such as shape, purity (i.e., defects), heterogeneity, interaction with light, defects, 

identity of chemical functional groups, and intermolecular forces between liquid and solid. This is because 

phase boundaries are never as “clean” as a macroscopic diagram may suggest, introducing heterogeneity 

and complications that can be seen as either problems or opportunities. Even diamond, one of the simplest 

(sp3 hybridized C in tetrahedral coordination) and strongest known materials has an imperfect and 

heterogenous surface that makes it an exceedingly useful electrode material.5 

 Nanotechnology is another field tied to interfacial chemistry bursting with recent progress. 

Nanomaterials constitute any particle with at least one dimension less than 100 nm. On this scale, the 

proportion of surface atoms becomes significant, and the surface area of the material increases greatly. By 

their very nature, nanomaterials react and transform disproportionately at interfaces. Electron transfer 

reactions can come into play in nanomaterial dissolution, modification, catalysis, or by using nano- or 

micro-scale electrodes. Nanomaterials are also utilized in applications such as drug delivery6 and imaging.7 

However, uncontrolled release of commercial nanomaterials poses a threat to the environment (see section 

1.4). Before addressing this, it is necessary to describe an important class of molecules relevant to both 

projects in this thesis: reactive oxygen species. 
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1.2 Reactive oxygen species. 

 Most (electro)chemical reactions on earth occur in the presence of H2O and/or O2. Reactive oxygen 

species (ROS) are forms of oxygen other than H2O(l) or O2(g) that are unstable and have inherent electron-

transfer reactivity. Examples of ROS include hydroxyl radical (∙OH), ozone (O3), hydrogen peroxide 

(H2O2), and superoxide (∙O2
-). Figure 1.2 shows a comparison of oxidizing strength for ROS in terms of 

standard reduction potential, as many of these molecules are strong oxidizing agents. ROS exist in every 

part of nature, from the atmosphere to bodies of water, and even living cells. Additionally, ROS may be 

generated through anthropogenic means, either intentionally for societal benefit, or unintentionally from 

pollution, etc. Because they are ubiquitous and have potential to initiate myriad chemical reactions, it is 

important to understand how they are produced and how they transform the molecules around them. This 

thesis primarily examines ∙OH because it is the most powerful ROS (Figure 1.2), though others such as 

H2O2 are also relevant. 

 ROS are formed in the environment through various (photo)(bio)chemical processes and are 

relevant in gaseous and aqueous systems.8 For an atmospheric example, one of the most important processes 

is the Chapman mechanism for generating stratospheric ozone.9 In this process, a host of equilibria driven 

by the sun’s UV radiation convert O2, atomic O, O3, and potentially even ∙OH, between one another to 

generate the essential ozone layer. Additionally, photolytic production of ROS stands to be the dominant 

pathway for oxidative degradation of many molecules in the atmosphere.10, 11 In natural waters, ROS can 

be generated via photolysis, catalytic reaction of minerals, or biochemical processes. For example, NO3
- 

(Eq. 1.1) or NO2
- (Eq 1.2-1.3) from soil and minerals can produce ∙OH via photolysis in surface waters:12 

NO3
- + hν + H+ → ∙OH + ∙NO2              (1.1) 

NO2
- + hν → NO∙ + ∙O-          (1.2) 

∙O- + H2O → ∙OH + -OH           (1.3) 

Additionally, Fe(II) and other metals can catalyze the generation of OH through the Haber-Weiss 

mechanism (Eq. 1.4-1.8),13 discovered by Fenton over 100 years ago. See Gligorovski et al. for a quality 
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review of ∙OH generation in the environment.12 Lastly, within biology, healthy and diseased cells generate 

ROS, in response to various stimuli, which for the most part are beyond the scope of this thesis.14 

Fe(II) + H2O2 → Fe(III) + -OH + ∙OH       (1.4) 

Fe(II) + ∙OH → Fe(III) + -OH              (1.5) 

H2O2 + ∙OH → HO2∙ + H2O          (1.6) 

Fe(III) + -OH + HO2∙ → Fe(II) + O2 + H2O                    (1.7) 

Fe(III) + H2O2 → Fe(II) + HO2∙ + H+     (1.8) 

 What happens to ROS after they have been generated? All ROS, especially ∙OH, are not 

thermodynamically favored under standard conditions and will react or decompose. Hydroxyl radical is so 

reactive that concentrations of surrounding species and reaction kinetics influence the fate of ∙OH much 

more than the respective equilibrium constants. For example, rate constants for ∙OH with many organic 

molecules or inorganic compounds are so high they are diffusion limited,15 meaning ∙OH will react with 

whichever molecule it reaches first. If the nearest molecule is part of a living cell, it initiates various 

deleterious effects such as DNA damage,16 protein oxidation,17 lipid peroxidation,18 and general oxidative 

stress.19 Therefore, unintentional exposure of cells to ROS must be avoided. On the other hand, ROS are 

potent chemical agents that can be used for societal benefit, such as in water purification,20 in catalysis, and 

as anti-bacterial agents. Therefore, it is important to understand the sources and fates of ROS, especially 

∙OH, to avoid toxic effects and maximize their potential applications. 

 A consequence of ∙OH having high reactivity is that its lifetime is incredibly short (~100’s ns).21, 22 

Additionally, its indiscriminate reactivity makes examining a particular reaction difficult, since there can 

be many interferents to also react with ∙OH. Because of low concentrations, short lifetime, and lack of 

selectivity, detection of ∙OH is challenging. To make matters more dire, ∙OH absorbs light only in the far-

UV,23 making direct spectroscopic detection in most media difficult. A common approach for ∙OH (and 

other ROS) is to use a probe molecule that reacts quickly with the ROS and then can easily be detected by 

absorbance, fluorescence, or mass spectroscopies.24 The probe “scavenges” any generated ROS, and by 
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detecting the concentration of the product or disappearance of the probe an amount of the ROS can be 

determined. 

1.3 The place of diamond electrochemistry in water purification technologies. 

 The availability of clean drinking water has a profound impact on human health. Those in the 

developing world that lack adequate water purification and sanitation systems represent a significant 

fraction of the world population. The use of infected water can lead to a variety of bacterial diseases, 

including cholera, dysentery, and typhoid fever. These diarrheal diseases are particularly prevalent among 

children, for which they are a leading cause of death.25 Although great strides have been made to improve 

water quality around the world, factors such as overpopulation, pollution,26  and climate change27  demand 

improved methods of water purification. Additionally, even in countries that have water purification 

systems in place, anthropogenic organic pollutants are increasingly finding their way into aqueous 

environments. For example, pharmaceuticals,28, 29 pesticides,30 artificial sweeteners,31 perfluorinated 

surfactants,32 disinfection byproducts, and other micropollutants have all been found in wastewaters. Highly 

stable and mobile molecules in wastewater, such as perfluorinated compounds, pose the greatest risk to 

drinking water, as they may bypass treatment facilities.33 Chronic exposure to persistent pollutants in 

drinking water may be deleterious to human health, disrupting proper endocrine and reproductive 

function.34 In addition, these pollutants can have negative impacts on aquatic ecosystems. For example, it 

is well known that oral contraceptives and other medications cause mutations in certain fish species, 

devastating their populations.35, 36 Therefore, it is critical for us to understand how to remove these 

pollutants from wastewater systems. An ideal water purification technique would be safe, effective, 

efficient, inexpensive, and simple to perform, but no current technique matches meets all these criteria. 

Advanced oxidation processes (AOPs) represent a large class of secondary water treatment 

techniques of growing research interest.37, 38 AOPs are characterized by the production of reactive oxygen 

species (ROS) in water and are highly effective at degrading a variety of the aforementioned pollutants. 

Out of the many ROS created in AOPs, the hydroxyl radical (∙OH) is the most powerful oxidant and is 
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believed to be the main reason for AOP efficacy.38, 39 ∙OH can unselectively mineralize most organic and 

inorganic pollutants at near diffusion-limited rates,15 making it a prime candidate to assist in water 

purification. As mentioned above, ∙OH can be formed in nature, but all engineered AOPs involve some 

intentional combination of ultra-violet (UV) light, chemical oxidants (H2O2, O3, or Cl2), and/or electricity. 

One example of a photochemical AOP involves the photo-assisted production of ROS through chlorine 

intermediates (HOCl/UV).40 Another long-standing and ubiquitous chemical/photochemical AOP is the 

Fe2+-catalyzed decomposition of H2O2 to ∙OH (Fenton’s reaction).13, 41 Fenton chemistry has been studied 

in a variety of laboratory and environmental settings.42–45 Additionally, titanium dioxide (TiO2), a wide 

band-gap semiconductor, has been used as a photocatalyst on the nano- and micro-scales for enhancing 

degradation of aqueous pollutants.46–48 All these techniques have the potential to produce the desired ∙OH 

and effectively degrade pollutants. 

However, there are two inherent drawbacks to any chemical or photochemical AOP. First, the 

addition of external reagents is usually required (e.g., O3, TiO2, H2O2), which increases cost and complexity.  

Additionally, although the lifetime of ∙OH in solution is only on the order of hundreds of nanoseconds,21, 22 

longer-lived disinfection byproducts from the primary oxidants could act as pollutants themselves. Second, 

large quantities of chemical oxidants and/or UV lamps are only practical on large scales where water 

treatment systems are already in place. It would be difficult for these methods to be point-of-use in remote 

areas of the world, which lack the necessary infrastructure. Therefore, not all AOPs will be suitable for 

every location, every scale, and every water treatment need. 

Electrochemical advanced oxidation processes (EAOPs) could fill this gap within water 

purification technologies. EAOPs create ∙OH from water itself at the surface of an electrode through an 

applied potential (H2O → ∙OH + H+ + e-).20, 42 These processes do require electrical power, but do not 

require chemical oxidants or UV light, making them simpler to perform than the above methods. 

Furthermore, since H2O itself is the source of ∙OH, the risk of forming hazardous degradation byproducts 

is decreased. Additionally, EAOPs can degrade some pollutants more effectively than other AOPs through 

direct electron transfer reactions of the pollutant with the electrode itself.49 Ideally, water in remote areas 
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would be purified by passing electric current through the right electrode with little adverse environmental 

or health effects. Such a method would be safe, simple, inexpensive, and effective. 

However, the thermodynamics of water oxidation remain an important barrier to efficiently using 

EAOPs for water purification. Any electrochemical system (i.e., combination of solution, electrodes, cell 

geometry, etc.) is fundamentally limited by its solvent potential window, beyond which currents are 

dominated by oxidation or reduction of the solvent rather than the reaction of interest. Oxidation of water 

to form ∙OH is always thermodynamically less favorable than oxidation to O2, given that the corresponding 

cathodic reaction is water reduction to H2 in both cases. This means that under anodic potentials positive 

enough to produce ∙OH, O2 will always be produced as the majority product. The large amount of current 

producing O2 increases cost and purification time, and results in a diminished amount of the desired product 

(i.e., clean H2O). Selectivity for forming ∙OH over O2 during water oxidation can be viewed as an indirect 

measure of EAOP efficiency and optimizing the system to produce a maximal amount of ∙OH with 

relatively limited O2 production is a major research challenge. An additional challenge is that the electrode 

material must withstand extremely oxidizing conditions for extended time. Despite the thermodynamic 

limits of EAOPs, various electrochemical and material properties may be leveraged to improve ∙OH 

production efficiency through kinetic control. 

Traditional, inert electrode materials (i.e., Pt, Au) are not suitable for EAOPs because they are 

expensive and can catalyze the oxygen evolution reaction (OER) too well. Poor OER catalysts may instead 

be effective ∙OH producers. Several electrode materials have already been employed, including doped-

SnO2,50 PbO2,51, 52 and boron-doped diamond (BDD).53, 54 SnO2 and PbO2 possess moderately high 

overpotentials for the OER and are relatively stable but can leech toxic metal ions into solution. 

Alternatively, BDD is a widely used, extremely stable, non-toxic, OER-inactive electrode material. Intrinsic 

diamond is electrically insulating, but when heavily doped with boron it becomes semi-metallic.5, 55 This 

allows for the outstanding chemical and physical stability of diamond to be applied as an electrode. Its large 

overpotential for OER and stability under strong anodic conditions have made it a popular material for 

producing ∙OH.51, 53, 54, 56 However, its relatively high cost and low efficiency prohibit it from being applied 
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worldwide. Additionally, the mechanisms for ∙OH and O2 generation on BDD are not well understood. 

Therefore, if we can understand how and why BDD is effective at producing ∙OH compared to O2 and 

further optimize the reaction, other safe and inexpensive materials could be developed with similar 

properties to efficiently purify water. 

1.4 Interaction of nanomaterials with biological systems. 

 With increasing use of electric vehicles and portable electronic devices, demand for Li ion batteries 

is rapidly expanding. A major class of Li ion battery cathode materials are LiCoO2-based compounds, or  

“NMC” compositions (LiNixMnyCo1-x-yO2, x,y < 1), in micro- and nano-structured forms. This transition 

metal composition is frequently tuned to improve battery performance and decrease cost.57, 58 However, 

recycling of battery materials is not incentivized and there is a lack of recycling infrastructure for the 

growing amount of these materials.59 This leads to an unfortunate reality of exposing LiCoO2 and like 

materials to the environment after consumption. 

Upon environmental exposure, metal oxide nanoparticles have several routes towards toxicity: ion 

release, physical damage, generation of abiotic ROS, and surface transformation of nearby biomolecules. 

Ion release simply involves dissolution and release of toxic metal such as Co+2 and Ni+2. This has been 

observed for several LiCoO2-like materials, and in composite materials ion release is incongruous (i.e., 

certain metals dissolve more readily from the lattice than others).60, 61 Ion release can be partially mitigated 

by shifting the composition towards less toxic or less soluble metals, within allowance of performance. 

Physical damage refers to the fact that since nanomaterials are objects comparable to the sizes of cell 

organelles, they can enter organisms and cells to physically alter cell homeostasis. This includes damaging 

cell membranes, damaging cell cytoskeletons, denaturing proteins, or blocking narrow passages in tissues.62 

The formation of ROS (see section 1.3) is also possible from metal oxide nanomaterials in aqueous solution. 

While the processes are not fully understood, ROS have been detected from LiCoO2 and NMC materials in 

variety of matrices and when exposed to a variety of organisms.60, 63–66 Due to the difficulties in detecting 

ROS described above and the complexity of biological matrices, it is often difficult to 1) differentiate 



8 

 

between several ROS, and 2) differentiate between ROS coming from the nanomaterial or ROS coming 

from the organism. Biotic ROS could be the natural response of the cell to what it accurately perceives is a 

threat, so-called oxidative stress. Depending on the identity of the ROS, abiotic or biotic ROS will cause 

toxicity as discussed in section 1.3 (e.g., DNA damage, lipid peroxidation). 

Lastly, surface transformation of nearby biomolecules refers to direct surface reaction or catalysis 

by the nanoparticle with surrounding biomolecules (e.g., proteins or metabolites) without ROS 

intermediates. For example, nanoparticles in biological matrices readily acquire a corona of proteins and 

small molecules that depends on their surface chemistry.67 Association with the nanoparticle surface could 

transform both the biomolecules and the nanoparticle. Despite the high oxidation states present in the 

common battery materials LiCoO2 and NMC (implying potential for redox activity) and the use of these 

materials in catalysis,68 few nanotoxicology studies have examined their interaction with redox-active 

biomolecules like nicotinamide adenine dinucleotide (NADH). If high valence metal oxide nanomaterials 

can react with biochemical electron-transporters, this would represent a new category of nanoparticle-based 

toxicity. Therefore, it is necessary to understand how technologically-relevant metal oxide nanomaterials 

interact with NADH and other small biomolecules with redox-activity, such as glutathione and flavins. 

1.5 Scope of thesis. 

 As may be apparent from the abstract and introduction, this thesis covers two projects: one on the 

electrochemical generation of ∙OH on diamond for water purification, and the other on the impacts of metal 

oxide nanomaterials on small redox-active biomolecules. Both projects are rooted in studying electron-

transfer reactions at surfaces, reactive oxygen species, and implications for sustainability: whether they be 

beneficial in the case of water purification, or detrimental in the case of nanomaterial toxicity. Also, a 

similar suite of techniques is employed to study both systems, such as material characterization, surface 

analysis, electrochemical techniques, and fluorescence spectroscopy. Chapter 2 explores the reaction 

mechanisms generating ∙OH and O2 on the surface of BDD, and how the addition of a hydrophobic 

monolayer increase ∙OH generation efficiency. Chapter 3 investigates the interactions of NADH and 
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glutathione with the nano-scale Li ion battery cathode material LiCoO2. This work discovered a new class 

of “reciprocal redox” reactions between reducing biomolecules and high valence metal oxides 

nanomaterials. Chapter 4 expands the work of Chapter 3 by examining the mechanism behind NADH-

LiCoO2 interaction and reproducing reciprocal redox phenomenon with other materials. This work revealed 

the surprising results that when exposing particles to constituent parts of NADH it was ribose, not 

nicotinamide, that reproduced the effects of NADH. Appendix 1 contains part of a collaborative study on 

ROS generation during LiCoO2 dissolution. The study overall identified several mechanisms of LiCoO2 

toxicity in a model bacterium, including identifying H2O2 as the primary abiotic ROS generated. In this 

thesis a quality control investigation on the method for measuring H2O2 is reported, confirming the validity 

of H2O2 assays crucial to the study. Lastly, Appendix 2 describes an electrochemistry laboratory experiment 

developed for a general chemistry course. This discovery-based experiment grew out of science festival 

demonstrations to become a full-fledged part of the University of Wisconsin – Madison Chemistry 

curriculum and is shown to improve student understanding, appreciation, and engagement with the material. 

1.6 Figures. 

 

Figure 1.1. Examples of surface properties that influence chemical reactivity. 
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Figure 1.2. Comparison of oxidizing strength for O2, hydrogen peroxide (H2O2), ozone (O3), atomic oxygen 

(O), and hydroxyl radical (∙OH), taken as standard reduction potentials for equilibrium with water. 
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Chapter 2. Enhancing Electrochemical Efficiency of Hydroxyl Radical Formation on 

Diamond Electrodes by Functionalization with Hydrophobic Monolayers 

The following chapter is adapted from the article published in Langmuir 2019, 35, 2153–2163 

(DOI: 10.1021/acs.langmuir.8b04030), with the co-authors Timothy P. Saunders, Joel A. Pedersen, and 

Robert J. Hamers. All of the data collection, data analysis, manuscript preparation, and revision were done 

by Austin H. Henke under the advisement of Robert J. Hamers except for the following: Timothy P. Sauders 

assisted with fluorescence experiments and Joel A. Pedersen made intellectual contributions towards data 

analysis and manuscript preparation/revision. 

This work was supported by the Wisconsin Alumni Research Foundation UW2020 initiative. The 

authors gratefully acknowledge use of facilities and instrumentation supported by NSF through the 

University of Wisconsin Materials Research Science and Engineering Center (DMR-1720415). 

2.1 Introduction. 

The selective electrochemical formation of energetic chemical species is of great interest as one 

approach to induce chemical transformations in an energy-efficient manner.1-6 The electrochemical 

formation of hydroxyl radicals (∙OH) has emerged as a particularly important example because hydroxyl 

radicals are potent oxidants capable of oxidizing a wide variety of organic and inorganic contaminants at 

near-diffusion-limited rates,7, 8 leading to intense interest in the use of ∙OH for applications such as water 

purification.8-14 Electrochemical generation of ∙OH possesses a number of advantages over existing water 

purification approaches in large part because no reagents need to be added to produce the oxidant.  

The Faradaic efficiency for ∙OH production from H2O is poor because the direct, one-electron 

reaction H2O → ∙OH + H+ + e- has an associated standard reduction potential (E0 = 2.74 V) that is 

unfavorable compared to the two-electron oxidation H2O → H2O2 + 2H+ + 2e- (E0 = 1.74 V) and the four-

electron oxidation H2O → O2 + 4H+ + 4e- (E0 = 1.23 V) processes. Since oxidation of water to form O2 is 

the most thermodynamically favorable reaction, increases in production of ∙OH must involve manipulation 

of the kinetic pathways, either by reducing the rate of the four-electron oxidation that produces O2 or by 
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increasing the rate of formation of ∙OH. Empirically, it is known that SnO2,15 PbO2,16, 17 and boron-doped 

diamond13, 14 are the electrode materials with highest efficiency for producing ∙OH.  Of these, boron-doped 

diamond (BDD) is recognized as having the best overall performance because it produces aqueous ∙OH,12-

14, 18 is chemically and physically robust,19 and has a high kinetic overpotential for oxidation of water to 

O2.14, 20-23   

While it is known empirically that diamond is comparatively good at producing ∙OH radicals, the 

detailed electrochemical pathways for forming ∙OH and O2 at diamond surfaces are not well understood,13, 

14, 21, 24 inhibiting efforts to identify materials that could be even more selective at producing ∙OH. A recent 

computational study examining water oxidation on metal oxides calculated the free energies of M–OH, M–

O, and M–OOH intermediates (where M = metal) and reported that oxides with the largest free energy of 

formation of M–OH were most effective at forming hydroxyl radicals.25 Yet, electrochemical reactions on 

diamond are quite distinct from those on metal oxides because while metal oxides have labile M–O and 

MO–H bonds that can transiently produce active surface sites to facilitate inner-sphere reactions, the C–H, 

C–O and CO–H bonds at diamond surfaces are very strong and non-labile, disfavoring inner-sphere reaction 

pathways.26, 27 Density functional calculations have estimated the C–O and C–OH bond strengths at 

diamond surfaces to be 4-5 eV (400-500 kJ/mole), depending on the precise crystal face and surface 

coverage.28 Similarly, the O–H dissociation constants Ka of aliphatic alcohols are small: Ka ≈ 10-18 for tert-

butanol,29 corresponding to free energy changes of ~100 kJ/mole. These values show that while oxidized 

BDD (O-BDD) surfaces may have a number of species,30-34 these do not necessarily provide labile sites for 

inner-sphere electrochemical reactions.26, 27 One potentially important property controlling electrochemical 

pathways on diamond is surface hydrophobicity, which impacts the organization of the adjacent water 

molecules.35, 36 Surface hydrophobicity can manipulated via direct fluorination of diamond37-42 (F-BDD) 

and by functionalization with polyfluorinated ligands (PF-BDD).43 These surface modifications have been 

shown to yield very hydrophobic surfaces with only very weak interaction with water.35, 36 The high C-F 
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bond strength (calculated at 506 kJ/mole)44 suggests that using fluorinated surfaces or ligands provides a 

robust way to potentially alter the relative rates of O2 and ∙OH production.  

Here, we demonstrate that functionalization of conductive diamond surfaces with hydrophobic 

ligands significantly increases the efficiency of formation of ∙OH radicals. We formed hydrophobic 

electrodes by covalently linking polyfluorinated molecules to conductive, boron-doped diamond (BDD) 

surfaces, and then compared the ∙OH production efficiencies of these functionalized surfaces with those of 

hydrogen-terminated (H-BDD), ether-terminated (E-BDD), and O-BDD surfaces. Figure 2.1 shows 

schematics of the four types of functionalized BDD analyzed. Electrochemical generation of ∙OH radicals 

was quantified using terephthalic acid (TPA), which selectively reacts with ∙OH to produce a single, easily 

detected product.45-48 We demonstrate that functionalization of BDD anodes with hydrophobic, 

polyfluorinated ligands leads to a significant enhancement in electrochemical ∙OH production efficiency 

that persists even after 24 h of constant electrolysis. Our results suggest that a key to increasing efficiency 

for ∙OH production is to control the surface composition and structure in a manner that reduces the 

possibility of inner-sphere, multi-electron oxidation steps that lead to O2, without inhibiting the outer-

sphere, single-electron oxidation pathway that produces ∙OH. 

2.2 Experimental. 

2.2.1 Electrode preparation. 

Experiments reported here used boron-doped, polycrystalline, electrochemical-grade diamond 

electrodes ( < 210-3 m, [B] ≈ 1020 atom∙cm-3) purchased from Element Six. The free-standing BDD 

electrodes were cleaned by first soaking in aqueous piranha solution (3:1 v:v concentrated H2SO4 : 30% 

H2O2) overnight and then by rinsing with hydrofluoric acid (Sigma Aldrich, 48%), followed by nanopure 

water (Barnstead Genpure system,  > 18.2 Mcm). Samples were hydrogen-terminated by exposure to a 

pure hydrogen plasma in an Astex microwave chemical vapor deposition system using a microwave power 

of 600 W (T  450 C) and pressure ~ 3 torr. The resulting H-terminated boron-doped diamond (H-BDD) 

samples were stored under dry argon between experiments to prevent surface oxidation or accumulation of 
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H2O in atmosphere. To produce oxygen terminated BDD (O-BDD), H-BDD samples were placed in 

aqueous 30% H2O2 and illuminated with light from a low-pressure mercury ultraviolet (UV) lamp at 254 

nm (UVP Pen-Ray Grid, 254 nm, ~ 15 mWcm-2) for at least 30 min. 

We used photochemically initiated grafting of terminal organic alkenes49-51 to functionalize H-BDD 

with polyfluorinated ligands and a polyethylene-ether. H-BDD electrodes were placed in a stainless-steel 

reaction vessel under dry argon. The surface of the H-BDD sample was covered with a single reactant of 

interest, typically requiring 20 – 60 L. The reactants used are 1,1,2-H-perfluoro-oct-1-ene (“PF-8”, Alfa 

Aesar, 99%), 1,1,2-H-perfluoro-dec-1-ene (“PF-10”, Alfa Aesar, 99%), and allyloxy(diethylene oxide)-

methyl-ether (Gelest, 95%) that were previously dried using molecular sieves. The reaction vessel was 

sealed with a UV-grade fused silica window and illuminated with light from a UV lamp (similar to the 

above) for 24 hr. The vessel was water-cooled to prevent evaporation of the reactant. Next, the electrode 

was removed from the vessel, soaked for 30 min each in chloroform (Sigma Aldrich, 99.8%) and methanol 

(Fisher, 99.9%) to remove excess reactant, and dried under nitrogen to produce either a polyfluorinated 

BDD (PF-BDD) electrode or a polyethylene-ether-functionalized BDD (E-BDD) electrode. We performed 

control experiments with PF-BDD to quantify non-covalent adsorption to BDD using the same procedure 

as above, except without UV illumination. 

We primarily report results for experiments with PF-8 functionalized BDD, which are referred to 

as PF-BDD. Most experiments were also conducted with PF-10 functionalized BDD, which yielded similar 

results to PF-8 BDD, indicating their behavior is characteristic of this class of molecules. See Table 2.1 for 

a direct comparison. For selected experiments, E-BDD acts as a control, since it contains a monolayer of 

ligands similar in length to those of PF-BDD, but that are more hydrophilic. All experiments were 

performed in at least triplicate and reported errors are standard error of the mean from replicate samples. 

2.2.2 Electrode characterization. 

We determined the elemental composition of BDD surfaces using an ultrahigh vacuum X-ray 

photoelectron spectroscopy (XPS) system with a monochromatized Al K x-ray source and a hemispherical 
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analyzer. Survey spectra were obtained summing three scans with a binding energy step size of 1 eV and 

high-resolution spectra were obtained summing 20 scans with step size of 0.125 eV. Casa XPS software 

was used for data analysis. For area quantification, peaks were fit to 70:30 Gaussian–Lorentzian functions 

with Shirley52 background correction.  

Electrode water droplet contact angles were measured using a Dataphysics OCA15 Goniometer 

with droplet volume of 8 L and application rate of 0.5 L/s. SCA20 software was used to capture images 

and calculate angles for advancing, needle-in sessile droplets. 

2.2.3 Electrochemical measurements and solutions. 

Electrochemical experiments were performed on a Metrohm Autolab 302N Potentiostat-

Galvanostat and data were analyzed using NOVA 1.6 software. To quantify the production of ∙OH, we used 

the oxidation of terephthalic acid (TPA) to 2-hydroxy-terephthalic acid (HTPA), for which the reaction is 

shown in Scheme 2.1. We used TPA specifically because (1) TPA does not directly oxidize on electrode 

surfaces as easily as other common ∙OH probes,53 and (2) a single product (HTPA) can be quantified via 

fluorescence. We prepared NaH2PO4/Na2HPO4 buffered solutions at pH 7.4 and pH 9.2 by adding H3PO4 

(Sigma Aldrich, 85% in H2O) as needed to a solution of 0.1 M Na2HPO4 (Fisher, 99.8%) in nanopure water. 

These solutions were used to prepare a 0.50 mM TPA stock solutions using disodium terephthalate (Alfa 

Aesar, 99%). Under our experimental conditions (pH 7.4), the reaction rate of ∙OH with TPA is over 100 

faster than that for any suspected competing reaction, as determined from literature second-order rate 

constants and approximate concentrations (see Table 2.2). The TPA solution was placed in the anode 

compartment and the buffer in the cathode compartment of an open-air, two-compartment cell with a finely 

porous glass frit separator. BDD was used as the working electrode, platinum mesh as the counter electrode, 

and 3 M AgAgCl as the reference electrode. Without stirring, a potential of 2.7 V vs. SHE was applied to 

the working electrode for 30 min while measuring current (t = 0.5 s). Then, the electrolyte within the 

anode compartment was removed and analyzed via fluorescence. We explored the behavior over a range of 

potentials, and data shown here were obtained at 2.7 V. This potential was selected because it is close to the 
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minimum needed to produce ∙OH at circumneutral pH (E0 = 2.74 V; E = 2.3 V at pH = 7) and yielded higher 

efficiencies than more oxidizing potentials.  

To further characterize differences in electrochemical performance, cyclic voltammetry (CV) was 

performed using functionalized BDD working electrodes in the same buffered TPA solution as above before 

and after a 30-min electrolysis in a one-compartment cell. For a given electrode, 5 scans were recorded at 

50 mV∙s-1 from +0.5 V → +3.5 V → -2.0 V → +0.5 V vs. SHE. Then, 2.7 V vs. SHE was applied for 30 

min. Lastly, the 5 scans were repeated as above, without changing the solution. A platinum disk was used 

as the counter electrode, and 3 M AgAgCl as the reference electrode. 

2.2.4 Fluorescence measurements. 

We measured fluorescence of HTPA using an ISS K2 spectrofluorimeter. Measurement conditions 

are similar to those used previously,45-48 and were reproduced and optimized for our system. Emission 

spectra for HTPA solutions were measured from 340 – 550 nm using an excitation wavelength of 315 nm. 

The fluorescence spectrum exhibits a maximum at 422 nm. Quantification of HTPA was conducted by 

converting the fluorescence intensity at this wavelength to HTPA concentration using a calibration curve 

(Figure 2.9). Further information on fluorescence calibration and normalization procedures can be found in 

section 2.5.3. The UV-visible absorption spectra of TPA and HTPA reported both here (Figure 2.9B) and 

in the literature46 reveal that TPA displays negligible absorption at the excitation wavelength. 

2.3 Results and discussion. 

2.3.1 Functionalization of BDD. 

X-ray photoelectron spectroscopy characterization of the surface composition of H-BDD, O-BDD, 

and PF-BDD, yielded the results shown in Figure 2.2. Freshly prepared H-BDD (Figure 2.2A) shows a 

strong C(1s) peak near 282 eV and a C KVV Auger peak near 1220 eV, without any other detectable species 

except for a very small O(1s) feature near 529 eV. The spectrum for O-BDD (Figure 2.2B) is similar to that 

of H-BDD, with the addition of more intense O(1s) and O KLL Auger peaks around 529 eV and 974 eV, 

respectively, due to surface oxidation. After functionalizing H-BDD with polyfluoroalkene molecules, the 
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spectrum (Figure 2.2C) exhibits strong F(1s) (686 eV) and F KLL Auger (832 eV) peaks. Furthermore, the 

high-resolution C(1s) spectrum for PF-BDD (Figure 2.10) shows new peaks at higher binding energies than 

the diamond C(1s) peak corresponding to C–F2 and C–F3 species within the ligand layer. The F(1s) peaks 

and C(1s) sub-peaks at higher binding energies for the PF-BDD samples and the absence of impurity peaks 

confirm that the diamond surfaces have been functionalized with the perfluorinated molecules. Upon 

functionalization of H-BDD with the polyethylene-ether ligands (E-BDD), the O(1s) peak near 529 eV 

increases in intensity compared to the starting H-BDD sample (Figure 2.11) due to the presence of ether 

oxygen atoms. Unlike PF-BDD, E-BDD functionalization does not yield new peaks because the 

corresponding ligands contain only C and O. 

We determined the density of PF molecules grafted to the BDD surface using the C(1s) and F(1s) 

peak areas of high-resolution XPS spectra and the equations described in section 2.5.4. These measurements 

yielded a molecular surface density for PF-BDD of 3.5  0.3 molecule·nm-2. This is indistinguishable from 

the packing density of ~3.5 molecules nm-2 observed for perfluorinated solid alkanes,54 but is significantly 

smaller than the  ~16 atom·nm-2 density of carbon atoms on the diamond (111) surface. Our measured 

coverage is consistent with prior work from our group in which we established that the reaction conditions 

used here will covalently graft terminal alkenes to diamond surfaces, yielding monolayer films like those 

depicted in Figure 2.1C.49, 51, 55-57 However, because the lattice spacing of diamond is less than the maximum 

packing density of perfluorinated solid alkanes, the PF molecules cannot functionalize every C–H surface 

bond; as a consequence, some C–H surface sites are expected to remain un-functionalized, as depicted in 

Figure 2.1C.57 This non-ideal packing and associated molecular disorder has important consequences for 

surface electron-transfer processes,57 as will be discussed below.  

As a control, Figure 2.2D shows an XPS spectrum of a H-BDD sample that was exposed to the PF 

ligand but not illuminated with UV light; this control sample shows a much lower F(1s) signal compared 

to that of PF-BDD with UV illumination (Figure 2.2E). This experiment further confirms that UV induces 

covalent grafting of PF molecules to the BDD surface as depicted in Figure 2.2C.51, 55  
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One attractive feature of BDD as a substrate is that samples can be re-used many times, as the 

molecular ligands can be removed and the hydrogen termination restored by exposing the sample to a 

hydrogen plasma. Figure 2.2E shows an XPS spectrum of a PF-BDD sample (like that of Figure 2.2C) that 

was then exposed to a H2 plasma (600 W total microwave power) for 1 hour. Analysis of the F(1s) region 

shows that more than 99% of the surface F has been removed and the sample is chemically indistinguishable 

from a clean control sample. Scanning electron microscopy images (Figure 2.12) further show that H2 

plasma treatment does not affect the morphology of polycrystalline BDD. In multiple studies, we 

established that BDD samples can be functionalized and H-plasma cleaned many times with no detectable 

change in electrochemical behavior. 

2.3.2 Faradaic efficiency of ∙OH production on functionalized BDD. 

We probed the production of ∙OH by BDD samples functionalized with each molecule by 

electrolyzing solutions containing TPA, and then quantifying the HTPA produced. We also measured 

electrolytic current as a function of time (I(t)). Since the number of HTPA molecules observed is much less 

than the total number of electrons passed (𝑚𝑜𝑙 𝑒− =
1

𝐹
∫ 𝐼(𝑡)𝑑𝑡, where F is Faraday’s constant), most of 

the current is associated with other oxidation reactions such as oxidation of water to O2. Therefore, we use 

electrolytic current as an indirect measure of O2 production. The Faradaic efficiency (η) for HTPA 

production during electrolysis is defined as: 

          𝜂 =
𝐶𝑉𝐹

∫ 𝐼(𝑡)𝑑𝑡
      (2.1) 

where C is the measured final concentration of HTPA, V is the solution volume within the anode 

compartment, and F is Faraday’s constant. In this context, η is the fraction of electrons that produce HTPA, 

and η << 1 due to the dominance of oxygen evolution. 

To estimate how η relates to ∙OH generation efficiency, we measured the rate of HTPA production 

as a function of [TPA] (Figure 2.13A) for 30-min electrolyses, and found that HTPA production increases 

linearly with [TPA] at low concentration (e.g., 0.5 mM), and plateaus to become independent at high [TPA] 

(~5 mM). We assign this as a first order reaction of ∙OH and TPA with respect to TPA that becomes pseudo-
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zero order at high [TPA]. Since [∙OH] << [TPA], we assume that in the plateau region all ∙OH is captured 

to produce HTPA. The TPA concentration used herein (0.5 mM) falls within the linear region of Figure 2.13 

and yields an ∙OH capture efficiency of ~20%. Therefore, our reported Faradaic efficiencies for HTPA 

generation are a minimum for absolute ∙OH generation efficiency, which is likely 5× higher. Lastly, we note 

that the above deviation in HTPA generation from linearity at high concentrations is not due to self-

absorption or molecular aggregation of HTPA, as absorbance of HTPA is linear with [HTPA] for the full 

concentration range tested (Figure 2.13B). 

Figure 2.3 shows Faradaic efficiencies, while Figure 2.4 shows the corresponding HTPA production 

and the total electrochemical charge passed (all values totaled over 30 minutes) for the different BDD 

samples at pH = 7.2 and at pH = 9.2. We first consider the influence of surface functionalization. At pH = 

7.4, Figure 2.3 shows that PF-BDD electrodes produce ∙OH with significantly higher Faradaic efficiency 

than O-BDD, H-BDD, or E-BDD electrodes. Figure 2.4A shows that the rate of HTPA production does not 

differ significantly (p > 0.05) among BDD electrodes. Yet, the electrolytic current (Figure 2.4B) varies 

markedly, with PF-BDD yielding much lower current than H-BDD or O-BDD at both pH values tested. 

The trend in average electrolytic current is consonant with that observed for measured efficiencies in Figure 

2.3. PF-BDD has the lowest electrolytic current and the highest Faradaic efficiency, while O-BDD has the 

highest electrolytic current and the lowest Faradaic efficiency. Similar trends are observed when comparing 

the differently functionalized surfaces at pH = 9.2. 

Since production of HTPA (a proxy for ∙OH) is nearly independent of surface functionalization, we 

conclude that ∙OH production likely occurs by an outer-sphere electron-transfer process.  In contrast, the 

strong dependence of total electrolytic current (which primarily reflects production of O2) on surface 

functionalization indicates that O2 production occurs by an inner-sphere process. We conclude that PF-BDD 

has the highest Faradaic efficiency among the tested surfaces because the PF layer is most effective at 

inhibiting oxygen evolution.  
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Figure 2.3 also shows the results of quenching experiments performed with O-BDD and PF-BDD. 

In these experiments, electrolyses were conducted just as described, except with t-butanol (t-BuOH, 0.3 M) 

added to the electrolyte. t-BuOH is an effective ∙OH scavenger also resistant to direct oxidation on the 

electrode surface,58 so this experiment was conducted to further ensure that ∙OH oxidation produces HTPA. 

Our results show that the addition of t-BuOH dramatically decreases HTPA generation efficiency for both 

O-BDD and PF-BDD, suggesting that HTPA is generated from reaction of TPA with ∙OH, and that the 

presence of t-BuOH prevents this reaction. A comparison of the electrolytic currents and HTPA production 

rates for the quenching experiments with other experiments is in Figure 2.14. 

2.3.3 Effect of pH on water oxidation for functionalized BDD. 

We now consider the influence of pH. In Figure 2.4, the data show that increasing the concentration 

of hydroxyl anions 60-fold (increasing from pH = 7.4 to pH = 9.2) leads to modest decreases in both HTPA 

production and in electrolytic current, and Figure 2.3 shows concurrent decrease in Faradaic efficiency for 

HTPA production.  The pH = 7.4 and pH = 9.2 solutions have nearly the same ionic strength (IpH 7.4 ≈  28 

mM, IpH 9.2 ≈ 25 mM), such that differences in solution conductivity are negligible. The observed influence 

of increasing pH is contrary to what we expect if ∙OH was formed primarily from oxidation of OH–. 

Therefore, we conclude that the ∙OH radicals that we detect arise from oxidation of H2O and not from 

oxidation of hydroxyl anions. 

The above interpretation assumes that the fluorescence quantum yield of HTPA does not depend 

strongly on pH within the range tested. Figure 2.15 shows that the fluorescence intensities of standard HTPA 

solutions are nearly constant for  6 < pH < 12, in agreement with prior work.48 Therefore, we conclude that 

differences in fluorescence between solutions of pH = 7.4 and pH = 9.2 are due to differences in HTPA 

concentration, further confirming our conclusion that the ∙OH we detect is produced by oxidation of H2O 

and not by oxidation of OH–.  
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2.3.4 Cyclic voltammetry of functionalized BDD electrodes. 

Cyclic voltammetry (CV) was performed with each type of functionalized BDD before and after 

electrolysis to observe the solvent potential window, background current, and any possible changes to these 

with use. Figure 2.5A-D shows the first scan of the CVs before electrolysis. The applied potential for all 

electrolyses is shown as a dotted line in these graphs for comparison. PF-BDD’s solvent window remains 

wider in subsequent scans (data not shown). The peaks around +2 V in the forward sweep for O-BDD, H-

BDD, and E-BDD are attributed to oxidation of carbon atoms on the diamond surface. No other major peaks 

were observed, indicating an absence of interfering electrochemical processes. In all subsequent scans (data 

not shown), these surface oxidation peaks remain present. We hypothesize that in the negative sweep of the 

same scan (e.g., -2 V), the electrode surface becomes reduced, such that in the positive sweep of the 

following scan a similar surface oxidation peak emerges. CVs with O-BDD and H-BDD electrodes after 

30-min electrolyses (Figure 2.5E-F), when the surface is likely fully oxidized, further support this 

conclusion. The first scan after electrolysis does not contain the surface oxidation peak, whereas the second 

scan (after running the reductive sweep of scan 1) does show the same surface oxidation peak. This 

eliminates the possibility that the peak instead corresponds to direct oxidation of TPA on the electrode 

surface. Notably, PF-BDD does not contain the electrode surface oxidation peak for any scans and maintains 

a widened solvent window over multiple scans. This indicates that PF functionalization is relatively stable 

against oxidation, as will be discussed below. 

The background current regions (0 to +1 V) for several CVs shown in Figure 2.16. PF-BDD exhibits 

an order of magnitude (over 10×) lower background current than H-BDD and O-BDD, which are 

themselves similar. This is an interesting result because low background currents are desirable for 

electrochemical sensing, and though BDD is known to yield low background current, 22 PF functionalization 

decreases it further. Background currents for each electrode type change minimally after 30-min 

electrolyses, indicating that electrode fouling with organic byproducts plays little role in changing 

performance (discussed below). 
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2.3.5 Changes in BDD surface functionalization during electrolysis. 

To understand how the chemical nature of BDD surfaces change during electrolysis, we used XPS 

and quantified the areas for the C(1s), F(1s), and O(1s) peaks. Figure 2.17 shows representative spectra 

used in this analysis. Using these areas and the associated sensitivity factors, we determined the fraction of 

each element before and after 30 min electrolysis at 2.7 V vs. SHE (also after 24 hr for PF-BDD only), 

yielding the data in Figure 2.6. 

Freshly prepared H-BDD and PF-BDD contain minimal (< 1%) surface oxygen content, whereas 

O-BDD contains 9.0 ( 1.1)% oxygen (Figure 2.6A). Electrolysis of H-BDD transforms its surface to 

become similar to, yet distinguishable from, that of O-BDD. After only a 30-min electrolysis, H-BDD 

becomes oxidized, showing higher surface oxygen content than O-BDD (Figure 2.6A). That is, the 

electrochemical oxidation route produces a larger fraction of surface oxygen than the chemical oxidation 

route (H2O2/UV). Some insights into the nature of the oxidized sites can be gleaned from the presence of a 

Na(1s) peak near 1068 eV in the XPS spectrum of H-BDD after electrolysis (Figure 2.18) Goeting et al.34 

observed a similar peak on oxidized BDD via XPS and attributed it to Na+ bonded to deprotonated 

carboxylate groups. Since Na+ is a component of our electrolyte and we detect it via XPS without detecting 

a significant P(2p) peak (thereby ruling out the presence of sodium phosphate species), we believe the Na 

we observe is associated with carboxylate groups formed during electrolysis. Notably, the XPS spectrum 

of an O-BDD sample that has been placed in the same Na+-containing buffer for the same length of time as 

the electrolyte (Figure 2.18) exhibits a negligible Na(1s) peak. Prior studies have shown that 

electrochemical oxidation of H-BDD yields a mixture of different oxygen-containing functional groups 

including alcohols, ethers, and carboxylic acids.30-34 Under the conditions of our experiments, 

electrochemical oxidation of H-BDD produces more total oxygen and more carboxylate groups than did 

H2O2/UV treatment. 

The F(1s) data in Figure 2.6B show loss of F content on the PF-BDD samples upon electrolysis, 

consistent with a prior electrochemical study of BDD terminated directly with F atoms.59 In addition, Figure 
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2.6A shows that the O(1s) content of PF-BDD increases with electrolysis time. These changes indicate 

partial removal of surface-attached PF molecules or molecular fragments from BDD and subsequent 

oxidation of surface C–HX groups to form oxygen-containing functional groups during electrolysis. In our 

system, loss of F can in principle arise from either (1) individual fluorine atom abstraction by ∙OH or (2) 

removal of ligands by cleavage of C–C bonds. Prior work on the oxidation of fluorinated surfactants by 

∙OH and other species reported that completely perfluorinated chains were inert to such chemical oxidation, 

while molecules that were only partially fluorinated were degraded into shorter fluorinated alcohols via C–

C bond cleavage.60 The molecules we use in our studies are completely fluorinated except for the terminal 

alkene group bonded to the surface. Thus, we believe that loss of F most likely arises from ∙OH radicals 

attacking the –H2C–CH2– group immediately adjacent to the diamond surface and removing ligands from 

the surface. Once perfluorinated ligands are removed during electrolysis, exposed Cdiamond–H groups at the 

diamond surface (see Figure 2.1C) can be oxidized via H atom abstraction followed by reaction with 

water.61 Even though electrolysis induces loss of F and surface oxidation, the oxygen content of a PF-BDD 

surface after 30 min is much lower than that for H-BDD. Even after 24 hr of electrolysis the surface oxygen 

content of PF-BDD is less than that of H-BDD used for only 30 min. From this we conclude that PF-BDD 

is significantly more resistant to oxidation than H-BDD under our experimental conditions, due to the 

protective monolayer. Overall, these XPS results are fully consistent with our CV results above, since H-

BDD and O-BDD exhibit surface oxidation peaks and PF-BDD does not. 

Contact angles represent one way to characterize changes in diamond surface functionalization and 

associated properties such as hydrophobic character.33, 38, 62-64 Figure 2.7 shows contact angle data for 

functionalized samples before and after 30-min electrolyses at 2.7 V vs. SHE (representative images found 

in Figure 2.19). The contact angle for O-BDD after electrolysis (data not shown) is very similar to O-BDD 

before electrolysis. As expected, the initial contact angles are in the order O-BDD < H-BDD < PF-BDD. 

After electrolysis, the contact angles for PF-BDD and for H-BDD both decrease. However, the value for 
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PF-BDD still remains higher than for the other surfaces; this is consistent with the XPS data indicating that 

PF-BDD is more resistant to oxidation compared with H-BDD.  

We also found that PF-BDD samples that were immersed in electrolyte without undergoing any 

electrolysis also underwent a small decrease in contact angle compared to the initial surface. Time-

dependent chronoamperometry experiments (Figure 2.20) reveal that PF-BDD exhibits an increase in 

electrolytic current over the first several minutes.  The contact angle and chronoamperometry results 

together suggest that within several minutes after immersion, water molecules partially intercalate into the 

perfluorinated film of the PF-BDD surface. This intercalation, in addition to oxidation, may contribute to 

the increase in O(1s) emission observed in XPS after electrolysis of the PF-BDD sample (Figure 2.5A).59 

2.3.6 Changes in ∙OH and O2 formation with electrode use. 

To determine how changes in the surface of BDD electrodes affect electrochemical performance, 

we examined HTPA production from PF-BDD and H-BDD samples during three sequential 30-min 

electrolyses, and from a 30-min electrolysis at the end of an extended (24 hr) electrolysis for PF-BDD as a 

long-term (“LT”) control. In each case, TPA was added to the cell at the beginning of the 30-min period 

under investigation. Example current vs. time plots are in Figure 2.20. From these measurements, we 

extracted the HTPA production rate, the total electrolytic current and the Faradaic efficiency for HTPA 

production (Figures 2.8A-C, respectively). 

Figure 2.8A shows that the HTPA production rate does not change significantly with electrode use. 

The HTPA production rate did not differ significantly (p > 0.05) between the multiple time points for H-

BDD or PF-BDD except after 24 hr for PF-BDD. This is surprising, given that Figures 2.6 and 2.7 show 

that the surface termination changes significantly with use over this period.  These results suggest that the 

rate of ∙OH production, as measured by the increase in HPTA concentration, does not depend strongly on 

surface termination. To confirm that the HTPA we detected arose from electrochemical processes, we 

conducted an open-circuit control in the same manner as all electrolyses, except without an applied 
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potential. The resulting HTPA detected in this control experiment (Figure 2.8A, “OC”) is indistinguishable 

from the background, confirming that HTPA in other experiments is generated electrochemically. 

While Figure 2.8A shows that the HTPA production rate does not change significantly with time, 

Figure 2.8B shows that the electrolytic current for PF-BDD increases over multiple electrolyses, 

approaching the relatively constant electrolytic current of H-BDD. Consequently, as the electrolytic current 

of PF-BDD increases with use, the efficiency of HTPA production (Figure 2.8C) decreases and approaches 

that of H-BDD. These results further indicate that functionalization of diamond with hydrophobic ligands 

enhances the efficiency of ∙OH production by inhibiting O2 formation, and not by directly increasing ∙OH 

production rate. Moreover, even though the PF ligands may degrade, the efficiency for ∙OH production on 

PF-BDD remains higher than that of either H-BDD or O-BDD for multiple 30-min electrolyses. We also 

note that the electrolytic current for H-BDD after multiple electrolyses is still much lower than that of O-

BDD, despite showing similar surface oxygen fractions (Figure 2.6A) and contact angles (Figure 2.7A). 

These results suggest that while H-BDD may become oxidized with use, the precise identity of the oxygen 

functional groups on the surface impact the O2 formation rate, and these functional groups depend on 

sample history. 

2.3.7 Mechanistic insights into reactions on BDD surfaces. 

Our results show that the total electrolytic current is strongly dependent on the surface 

functionalization and increases in the order PF-BDD < E-BDD < H-BDD < O-BDD. In contrast, formation 

of ∙OH remains relatively constant across the different surface functionalizations. Based on these 

observations, we conclude that the primary way PF functionalization increases the efficiency of ∙OH 

production is by reducing the rate of the competing reaction, production of O2.  

While the precise nature of the surface sites needed to form ∙OH and O2 are unknown, we draw on 

recent computational studies investigating water oxidation on metal oxides.25 Based on that work, we 

conjecture that the four elementary steps in O2 formation on diamond may be: 

C–OH → C–O + H+ + e-               (2.2) 
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C–O + H2O → C–OOH (hydroperoxy) + H+ + e-      (2.3) 

C–OOH  →  C∙ (surface radical) + O2 + H+ + e-    (2.4) 

C∙ + H2O  →  C–OH + H+ +e-      (2.5) 

In this model, an oxidized surface site, such as a surface C–OH group, acts as an inner-sphere site 

for O2 production. We note that Eq. 2.2 is not a simple alcohol deprotonation but is an electrochemically 

driven deprotonation to form a species akin to an adsorbed OH radical. On H-BDD, a well-terminated 

surface initially has few C–OH sites and therefore almost no sites for O2 formation.  However, such sites 

can be formed in situ, as ∙OH radicals that are formed (by an outer-sphere process) can abstract H atoms 

from surface C–H groups, leaving behind  C “dangling bonds” that can then react with water, leading to 

gradual oxidation of the surface.61 This initiation process can be described by Eq. 2.6 and 2.7 below: 

C–H + ∙OH → C∙ (surface radical) + H2O      (2.6) 

C∙ + H2O → C–OH + H+ + e-         (2.7) 

By a similar argument, we propose that PF-BDD yields even lower electrolytic current (i.e., less 

O2) by performing two essential functions: (1) the hydrophobic PF ligands block water molecules from 

approaching the diamond surface by providing less favorable intermolecular interactions and steric 

hindrance, and (2) the PF ligands act as a diffusion barrier that reduces the ability of ∙OH radicals to reach 

the diamond surface. Both properties must contribute, as our experiments with E-BDD (a more hydrophilic 

monolayer that still acts as a diffusion barrier) yielded a Faradaic efficiency for HTPA production 

moderately improved compared to O-BDD, but significantly less than that for PF-BDD (Figure 2.3). The 

same properties (hydrophobicity and diffusion barrier) likely give PF-BDD the widest solvent potential 

window (Figure 2.55) and lowest background current (Figure 2.16) of all tested electrodes. These 

electrochemical characteristics make functionalization of BDD with hydrophobic ligands not only 

promising for enhanced ∙OH generation efficiency, but also for electrochemical sensing applications. The 

particular PF ligand we used has C–H species at the terminal alkene group (near the diamond interface) that 

may be a site for attack by ∙OH, leading to eventual degradation and loss of the PF layer.  
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Our arguments that hydrophobic molecular layers inhibit inner-sphere reactions are supported by 

two prior studies. Gayen et al.43 showed that hydrophobic, perfluorinated monolayer on BDD blocked ClO3
– 

from reaching the electrode surface, while still allowing for ∙OH formation.43 Zhao, et al. also reported that 

modification of PbO2 anodes with hydrophobic fluorine resin increased oxygen evolution overpotential and 

thereby increased ∙OH production efficiency.17 Taken together, they suggest that the use of hydrophobic 

layers to inhibit inner-sphere reactions in aqueous media may be a general phenomenon. 

The independence of ∙OH generation to BDD surface functionalization is similar to the behavior 

observed for other redox couples that undergo characteristic outer-sphere electron-transfer reactions (e.g., 

Ru(NH3)6
3+/2+).22, 65, 66 In our case, an outer-sphere reaction indicates that ∙OH forms from oxidation in 

solution near the electrode surface, without any direct bond formation to the surface. In addition, we found 

∙OH production to decrease at higher pH, indicating that ∙OH is formed from H2O and not OH–. Therefore, 

we propose that ∙OH radicals are formed via an outer-sphere oxidation of H2O to the H2O+ intermediate, 

which then decomposes to ∙OH and H+: 

H2O → H2O+ + e–            (2.8) 

H2O+ → ∙OH + H+           (2.9) 

Previous studies of plasmas formed in water have demonstrated the presence of H2O+.67 Previous 

studies on radiolytic68, 69 and electrolytic70 water oxidation phase have proposed H2O+ as an intermediate 

that decays through Eq. 2.9.70 The outer-sphere pathway given by Eq. 2.8 must allow H2O to approach 

sufficiently close to the BDD surface to initiate an electron-transfer process. Our contact angle, 

chronoamperometry, and XPS results all suggest that some water is able to penetrate into the molecular 

layer. These observations are consistent with previous molecular dynamics studies of molecular ligands on 

diamond surfaces57 showing that because the packing density of molecules is not well lattice-matched to 

the density of surface C atoms, the molecular layers formed on diamond have increased structural disorder 

compared with, for example, self-assembled monolayers on gold. The increased disorder on diamond leads 

to layers in which the molecules have a high degree of conformational flexibility, opening gaps that allow 
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water to penetrate closer to the surface than would be inferred from the static length of a stretched-out, 

static surface ligand. Water molecules that partially penetrate into the molecular layer can be oxidized in an 

outer-sphere process to produce ∙OH radicals, which can then either diffuse back into solution or penetrate 

all the way to the diamond surface to induce oxidation of residual C–H sites. The resulting oxidized sites 

likely play a role in the inner-sphere oxidation of water to O2. 

2.4 Conclusions. 

The primary conclusions drawn from this study can be summarized as follows. First, oxygen 

evolution and ∙OH production under our experimental conditions both arise from oxidation of H2O and not 

OH–. Second, ∙OH production on BDD does not depend strongly on surface termination, indicating that 

∙OH production occurs via an outer-sphere electron-transfer process. Third, oxygen evolution on BDD 

varies strongly with surface functionalization. Finally, hydrophobic surface ligands protect the underlying, 

unreacted C-H sites from attack by hydroxyl radicals and/or other chemically reactive species.  

A key aspect of our work is that formation of ∙OH can be accomplished by a one-electron oxidation 

of H2O, as illustrated in Eq. 2.8 and 2.9. In contrast, formation of O2 involves a more complex, four-electron 

process that necessarily has a more complex pathway involving multiple, sequential electron-transfer steps, 

like those indicated in Eq. 2.2-2.5.25  As a result, formation of O2 is disfavored by the absence of surface 

functional groups (such as C–OH) that can form the necessary intermediates.25  Functionalization of the 

surface with strongly hydrophobic ligands reduce the number of surface sites that are able to participate in 

inner-sphere reactions, while also creating a barrier region in which unfavorable intermolecular interactions 

block H2O molecules from reaching surface active sites. The ligands may also have a protective effect, 

reducing the ability of ∙OH radicals to directly attack the diamond surface, which could then create labile 

sites for inner-sphere processes. 

This work suggests that the use of hydrophobic ligands may provide a general pathway toward 

increasing the efficiency of outer-sphere electron-transfer processes. Selective production of ∙OH is of great 

interest because of the ability of this radical to mineralize organic contaminants and sterilize water, in 



34 

 

processes generally referred to as Electrochemical Advanced Oxidation Processes.7, 9-14, 71 Admittedly, the 

practical application of PF-BDD as an electrode for electrochemical water purification is unreasonable due 

to high cost, lack of scalability, and the potential toxicity of released polyfluorinated ligands. However, the 

ability to alter electrochemical kinetics to favor outer-sphere reactions has wider application in 

electrochemical synthesis and detection, as the ability to decrease formation of O2 should facilitate 

enhanced efficiency for other electrochemical oxidation processes of soluble species that lie well beyond 

the 1.23 V stability limit of water. An excellent opportunity for future research lies in developing electrode 

materials that mimic the physical and electrochemical properties of our functionalized, boron-doped 

diamond, but that are cheaper, safer, and more scalable, such as a hydrophobic, conductive polymer of sp3 

hybridized carbon or a surface-terminated boron carbide. 

2.5 Figures and supporting information. 

2.5.1 Primary figures. 

 

Figure 2.1. Schematic representations of surface functional groups for A) oxygen-terminated, B) hydrogen-

terminated, C) 1,1,2-H-perfluoro-oct-1-ene-terminated, and D) allyloxy(diethylene oxide)-methyl-ether-

terminated BDD. 
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Figure 2.2. XPS spectra for A) H-BDD, B) O-BDD, C) PF-BDD, D) control sample exposed to PF without 

UV light, and E) PF-BDD after cleaning with H2 plasma. 
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Figure 2.3. Faradaic efficiencies for formation of HTPA from functionalized diamond surfaces averaged 

over 30-min electrolyses at applied potential of 2.7 V vs. SHE. E-BDD was only tested at pH = 7.4. 

Quenched experiments were performed for O-BDD and PF-BDD at pH 7.4 by adding 0.3 M t-BuOH to the 

electrolyte. 

 

 

Figure 2.4. A) HTPA production rates and B) electrolytic currents for functionalized diamond surfaces 

averaged over 30-min electrolyses at applied potential of 2.7 V vs. SHE. 
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Figure 2.5. A-D) The first CV at 50 mV∙s-1 for PF-, E-, H-, and O-BDD before electrolysis. E-F) The first 

and second scans for H- and O-BDD after a 30 min electrolysis. In both graphs, the dotted line corresponds 

to the potential at which all electrolyses are run (2.7 V). The arrows indicate the sweep direction, which is 

consistent in B-D. 

 

 

Figure 2.6. Surface content of A) oxygen, B) fluorine, and C) carbon for functionalized BDD surfaces. For 

H- and PF-terminated samples, the data are shown before (start) and after electrolysis for 30 min.  For PF-

BDD a sample is shown after 24 h continuous electrolysis. All samples held at 2.7 V vs. SHE. 
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Figure 2.7. Contact angles for functionalized diamond surfaces interacting with water before and after 30-

min electrolyses, and for PF-BDD samples rinsed with electrolyte (no electrolysis). 

 

Figure 2.8. A) HTPA production rates, B) electrolytic currents, and C) Faradaic efficiencies for each of 

three, sequential 30-min electrolyses (“1-3”, respectively) at applied potential of 2.7 V vs. SHE and pH 7.4 

for functionalized BDD electrodes. The open-circuit 30 min control (OC) involves no applied potential.  

The “LT” (Long-Term) samples refer to 30-min electrolyses that were conducted on PF-BDD electrodes 

after 24 h continuous electrolysis at 2.7 V. 
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2.5.2 Supporting figures. 

Table 2.1. Comparison of experimental results for PF-8 and PF-10 functionalized BDD electrodes. 

Result PF-8 PF-10   

Molecular surface coverage (moleculenm2) 12.9  1.8 11.1  0.8   

Initial contact angle (º) 153.6  0.6 149.3  0.4   

Contact angle after 30-min electrolysis (º) 93.4  0.9 93.4  2.1   

Initial Faradaic efficiency (%) 0.027  0.003 0.024  0.004   

Initial HTPA production rate (µMmin-1) 0.042  0.008 0.031  0.009  pH 7.4 

Initial electrolytic current (mAcm2) 0.70  0.08 0.56  0.09   

Initial Faradaic efficiency (%) 0.026  0.005 0.016  0.002   

Initial HTPA production rate (µMmin-1) 0.018  0.003 0.020  0.003  pH 9.2 

Initial electrolytic current (mAcm2) 0.32  0.02 0.60  0.09   

Faradaic efficiency pH 7.4 (%) 0.027  0.003 0.024  0.004  Three 

 0.019  0.002 0.020  0.003  sequential 

 0.18  0.002 0.017  0.004   

Faradaic efficiency pH 7.4 (%) 0.0155  0.0008 0.009  0.001  After 24 hr 

HTPA production rate pH 7.4 (µMmin-1) 0.042  0.008 0.031  0.009  Three 

 0.036  0.006 0.028  0.004  sequential 

 0.040  0.002 0.027  0.001   

HTPA production rate pH 7.4 (µMmin-1) 0.025  0.001 0.025  0.004  After 24 hr 

Electrolytic current pH 7.4 (mAcm2) 0.70  0.08 0.56  0.09  Three 

 0.86  0.10 0.66  0.09  sequential 

 1.05  0.04 0.77  0.14   

Electrolytic current pH 7.4 (mAcm2) 0.756  0.004 1.21  0.02  After 24 hr 

 

 

 

Scheme 2.1. Reaction of terephthalic acid (TPA) with the hydroxyl radical to produce 2-hydroxy-

terephthalic acid (HTPA). 
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Table 2.2. Comparison of pseado-1st order rate constants for reactions of each species with ∙OH, as 

calculated from approximate solution concentrations and literature72 2nd order rate constants. 

Species 2nd Order k (M-1s-1) Concentration (M) Pseado-1st Order k’ (s-1) k’TPA : k
’
X 

TPA 3.3109 5.010-4 1.6106 1.00 

HPO4
2– 1.5105 0.06 9.0103 183 

H2PO4
– 2.0104 0.04 8.0102 2060 

HTPA 6.3109 1.010-6 6.3103 262 

OH– 1.21010 2.510-7 3.0103 547 

 

 

 

Figure 2.9. A) HTPA fluorescence calibration curve with linear fit of Y = (0.146 ± 0.001)X + 0.001, R2 = 

0.9994, and B) comparison of absorption spectra for 100 μM solutions of HTPA and TPA. This comparison 

is similar to that made by Page et al.46 The excitation wavelength used in fluorescence experiments is 315 

nm (shown), and the maximum emission wavelength is 422 nm. 
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Figure 2.10. (left) Representative high-resolution C(1s) x-ray photoelectron spectrum for PF-8 

functionalized boron-doped diamond (BDD) electrode (black trace) with five fit components (colored 

traces), and (right) assignments for each peak component. 

 

 

Figure 2.11. O(1s) region of XPS spectra for polyethylene-ether-functionalized (E-) and hydrogen-

terminated (H-) BDD. Intensities are normalized to the C(1s) peak maxima. After functionalizing H-BDD 

with polyether ligands, intensity of the O(1s) peak greatly increases. Note that samples were stored under 

argon between treatment and analysis to prevent other possible forms of oxidation from producing such a 

peak.  
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Figure 2.12. Scanning electron microscopy images for A) starting oxygen-terminated BDD (scale bar: 100 

m), B) BDD after functionalization and cleaning with H2 plasma (scale bar: 100 m), and C) enlargement 

of diamond crystals in image B (scale bar: 10 m). There is no noticeable change in crystal morphology at 

these scales. Images were taken in out-of-lens secondary electron detection mode at an incident electron 

energy of 5 keV. 

 

 

Figure 2.13. A) HTPA production rate as a function of [TPA] with a linear fit for the first four points of y 

=  0.084x -0.0003, R2 = 0.9963 and  an approximate maximum of 0.2 μM∙min-1. B) Absorbance of HTPA 

solutions at 315 nm as a function of [HTPA] within the concentration range relevant for 30-min electrolyses 

with linear fit of y = 0.0030x +0.0050, R2 = 0.9999. Absorbance of HTPA for all the tested concentrations 

is at baseline for wavelengths above ~350 nm. 
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Figure 2.14. A) HTPA production rates and B) electrolytic currents for functionalized diamond surfaces 

averaged over 30-min electrolyses at applied potential of 2.7 V vs. SHE and pH = 7.4. Samples quenched 

with 0.3 M t-butanol (t-BuOH) in the electrolyte show a decrease in HTPA production to nearly zero due 

to ∙OH scavenging by t-BuOH, and a modest decrease in electrolytic current. Note that 0.3 M t-BuOH was 

not detected to absorb light at any wavelength used in our fluorescence analysis. 

 

Figure 2.15. Fluorescence intensity of 1 M HTPA in solutions of varying pH, normalized to the value of 

maximum intensity (pH 11.1) and corrected for dilutions. Error bars (not shown) lie within the width of the 

markers. Each solution pH is obtained through addition of 0.1 M HCl, 0.1 M KOH, or Na2HPO4/NaH2PO4 

buffer. The starting HTPA solution was measured as pH = 6.15  0.05. These results support those 

previously reported by Linxiang et al.48  
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Figure 2.16. First scans of cyclic voltammograms before (red) and after (blue) electrolysis voltammograms 

at 50 mV∙s-1 for A) O-BDD, B) H-BDD, and C) PF-BDD. Graphs are zoomed to show the background 

current region at low applied potentials. Note the difference in y-axis scale between A and B vs. C. Arrows 

show the sweep direction. 

 

Figure 2.17. Representative high-resolution C(1s), O(1s), and F(1s) XPS spectra of O-BDD, H-BDD, and 

PF-BDD used for peak area quantification in Casa XPS Software. Some H-BDD samples (as the one 

pictured here) contained a weak F(1s) peak because individual samples were cleaned using a hydrogen 

plasma and reused. 



45 

 

 

Figure 2.18. High-resolution XPS spectra of the Na(1s) region for A) H-BDD after 30-min electrolysis in 

pH 7.4 NaH2PO4/Na2HPO4 buffer and B) O-BDD after soaking in the same NaH2PO4/Na2HPO4 buffer for 

30 min. 

 

 

Figure 2.19. Representative needle-in water droplet contact angle images for A) H-BDD, B) H-BDD after 

30-min electrolysis, C) O-BDD, D) PF-BDD, and E) PF-BDD after 30-min electrolysis. 
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Figure 2.20. Representative current vs. time plots for individual electrodes of each type of functionalized 

BDD. Breaks in the x-axis indicate the beginning of a new, 30-min electrolysis. O-BDD was only tested 

once per electrode. The inset shows a peak in current for PF-8 and PF-10 BDD at the beginning of their 

first electrolyses only. 

2.5.3 Fluorescence calibration and normalization procedures. 

Emission spectra for 2-hydroxyterephthalic acid (HTPA) solutions were measured from 340 – 550 

nm using an excitation wavelength (λex) of 315 nm. The fluorescence spectrum exhibits a maximum at 422 

nm (λmax). Quantification of HTPA after electrolysis was conducted by subtracting the background signal 

of the starting TPA solution from the intensity at this wavelength and converting the resulting intensity to 

HTPA concentration using the calibration curve in Figure 2.9A. We made the calibration curve by 

measuring fluorescence intensities for nine solutions of varying concentration (2 nM to 1 µM) made by 

dissolving pure HTPA (TCI, 98.0%) in the same NaH2PO4/Na2HPO4 buffer (pH 7.4) used in 

electrochemical experiments. To account for instrumental variations between experiments, daily we 

normalized HTPA fluorescence intensities to that of an acrylic tetraphenylbutadiene standard (Starna Cells, 

λex = 348 nm, λmax = 418 nm). For both this standard and strongly fluorescent samples in the calibration, 

optical density filters were used to attenuate emitted light before detection by a photomultiplier tube. 

Typical measured HTPA concentrations of solutions after electrolysis range from 0.1 – 1 M, which fall 
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within the linear region of the calibration curve and are greater than the analytical limit of quantification 

(1.07  0.12 nM) determined from the calibration data. 

2.5.4 Surface coverage analysis. 

 

For a thin film of a material B covering an infinitely thick substrate A, the absolute coverage of B 

can be determined by using a peak from the substrate A as an internal standard (referred to here as Method 

1) or by using a separate external sample (referred to here as Method 2). In both cases, the the measured 

XPS peak areas AreaB and AreaA can then be related to an effective film thickness t, taking into account 

inelastic scattering that occurs within both materials, yielding the following equation. 

1−𝑒
−𝑡

𝜆𝐵,𝐵𝑐𝑜𝑠𝜃⁄

𝑒
−𝑡

𝜆𝐴,𝐵𝑐𝑜𝑠𝜃⁄
= 𝐹(𝑡) =  

𝐴𝑟𝑒𝑎𝐵𝜆𝐴,𝐴 𝜌𝐴𝑆𝐴

𝐴𝑟𝑒𝑎𝐴𝜆𝐵,𝐵 𝜌𝐵𝑆𝐵
    (2.10) 

where SA and SB refer to the atomic sensitivity factors associated with the species being measured, ρA and 

ρB refer to the density (atoms per volume) of the atomic species of interest in material A and B, and 𝜆X,Y 

refers to the inelastic mean free path for electrons for element “X” passing through material “Y”.   

Method 1:  

In the term on the far left, the exponential terms account for losses due to scattering of the substrate 

electrons and the overlayer electrons within the overlayer B. Due to the presence of two exponential terms 

this equation cannot be solved analytically but can be solved by plotting function F(t) as a function of 
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assumed thickness t and finding the value of t at which F(t) equals the known value of the right-hand side 

of the equation. The total surface coverage of “B” (in atoms/area) is then equal to ρBt.  

The expression on the far right-hand side contains known parameters such as the measured peak 

areas and sensitivity factors. The parameter ρB (density of the overlayer of material B) is generally not 

known precisely but can be approximated as the density of the solid “B” material. Note that choosing a 

value of ρB that is too high (for example) will yield a resulting effective thickness t that is too low, such that 

the product ρBt remains relatively constant; thus, modest errors in the choice of density B results in self-

compensating errors such that the total coverage in atoms per unit area, given by ρBt, is nearly constant. 

Method 2:  

A second method to measure the coverage is similar to the method above, but relies on having a 

second sample, measured in an identical geometry and with an identical x-ray intensity, to directly measure 

the unattenuated intensity of element A, AreaA,U. This approach avoids the need to need to measure the 

intensity from element A (in our experiment, the 284.8 eV C1s carbon peak) on the sample containing the 

molecular overlayer. This method is particularly advantageous when peaks originating from “A” and “B” 

overlap.   

 

In this case, the analysis simplifies to:  

1 − 𝑒
−𝑡

𝜆𝐵,𝐵𝑐𝑜𝑠𝜃⁄
=  

𝐴𝑟𝑒𝑎𝐵𝜆𝐴,𝐴 𝜌𝐴𝑆𝐴

𝐴𝑟𝑒𝑎𝐴,𝑈 𝜆𝐵,𝐵 𝜌𝐵𝑆𝐵
    (2.11) 
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or, rearranging 

𝑡 = −𝜆𝐵,𝐵𝑐𝑜𝑠𝜃 ln (1 −
𝐴𝑟𝑒𝑎𝐵𝜆𝐴,𝐴 𝜌𝐴𝑆𝐴

𝐴𝑟𝑒𝑎𝐴,𝑈 𝜆𝐵,𝐵 𝜌𝐵𝑆𝐵
)      (2.12) 

In both Method 1 and Method 2, the inelastic mean free paths can be estimated based on work of 

Tanuma, et al.73 We use the inelastic mean free path for C(1s) electrons within diamond as 𝜆A,A = 1.9 nm. 

For C(1s) electrons passing through the PF film we used 2.0 nm, and for F(1s) electrons we used 1.42 nm, 

based on, electron kinetic energies Ek,C = 1202 V for C(1s) and Ek,F = 802 eV for fluorine, and the scaling 

relationship:54 

 
𝜆𝐶,𝐵

𝜆𝐹,𝐵
= (

𝐸𝑘,𝐶

𝐸𝑘,𝐹
)

0.85

= (
1200

802
)

0.85
           (2.13) 

As a density for the molecular layer, we used a value of 4.38∙1022 F atoms∙cm-3 based on a density of 1.7 

g∙cm-2 and a molecular weight of 438 g∙mol-1 for perfluorooctane.5 Using Method 1, we determined an 

effective thickness of 1.63 nm, leading to a coverage of 43 F atoms∙nm-2 or 3.4 PF molecules∙nm-2 (using 

the known stoichiometry of 13 F atoms per molecule). Using method 2 with a separate H-terminated sample 

as an internal standard, we obtained an effective thickness of 1.71 nm, yielding a value of  value of 3.5 

molecules∙nm-2. Because Method 2 avoids the need to deconvolute the C(1s) peaks, it is a more accurate; 

we therefore use the value of 3.5 molecules∙nm-2. 
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Chapter 3. Reciprocal Redox Interactions of Lithium Cobalt Oxide Nanoparticles with 

Nicotinamide Adenine Dinucleotide (NADH) and Glutathione (GSH): Toward a 

Mechanistic Understanding of Nanoparticle-Biological Interactions 

The following chapter is adapted from the article published in Environmental Science: Nano 2021 

(DOI: 10.1039/D0EN01221A), with the co-authors Elizabeth D. Laudadio, Jenny K. Hedlund Orbeck, Ali 

Abbaspour Tamijani, Khoi Nguyen L. Hoang, Sara E. Mason, Catherine J. Murphy, Z. Vivian Feng, and 

Robert J. Hamers. All of the data collection, data analysis, manuscript preparation, and revision were done 

by Austin H. Henke under the advisement of Robert J. Hamers except for the following: Elizabeth D. 

Laudadio and Jenny K. Hedlund Orbeck assisted with nanoparticle synthesis and characterization and 

manuscript preparation, Ali Abbaspour Tamijani and Sara E. Mason assisted with DFT calculations and 

data analysis/interpretation, Khoi Nguyen L. Hoang and Catherine J. Murphy assisted with TEM of LiCoO2 

nanomaterials, and Z. Vivian Feng assisted with statistical analysis and manuscript revision. 

This work was supported by the National Science Foundation (NSF) under the Center for 

Sustainable Nanotechnology, CHE-2001611. The Center for Sustainable Nanotechnology is part of the NSF 

Centers for Chemical Innovation Program. The authors gratefully acknowledge use of University of 

Wisconsin facilities and instrumentation through the Research Science and Engineering Center (partially 

supported through NSF DMR-1720415) and Water Science and Engineering Laboratory. The authors also 

acknowledge Dr. Pamela Doolittle for assistance with ICP-MS measurements. 

3.1 Introduction. 

The interactions of nanomaterials with environmental and biological systems involve a  

complex suite of interaction mechanisms. While physical interactions can be important, many 

emerging nanoparticles of technological utility have chemical compositions that are reactive, 

leading to new mechanisms such as release of solubilized metals1, 2 or surface-driven formation of 

reactive oxygen species. For example, nano-Ag(0) can be oxidized to Ag(I), which then has 

significant antimicrobial activity. Metal oxides constitute the most widely used class of engineered 
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nanomaterials and are frequently used in high oxidation states, with the corresponding metal 

hydroxides having much lower solubility than those formed from the lower oxidation states. For 

example, at pH = 6, the solubility of Fe(OH)3 is ~10-13 M while Fe(OH)2 is highly soluble. Because 

of the low solubility of high-valence metals, redox-active small organic acids can enhance 

dissolution of metal oxides by reducing the metals to lower oxidation states,3-7 and biologically-

induced reduction processes impact biogeochemical cycling of metals such as Fe and Mn.8-10 The 

interaction of biomolecular reducing agents with nanoparticles could induce biological impacts both 

by enhancing release of transition metals and by altering the cellular redox potential and associated 

homeostasis. Despite the critical role that redox chemistry plays in cellular homeostasis, the 

influence of specific biologically relevant electron transporters such as nicotinamide adenine 

dinucleotide (NADH) and glutathione (GSH) on the transformation of engineered nanoparticles has 

not been widely considered previously. 

Among high-valence metal oxides,  LiCoO2 and a broader family of  “NMC” compositions 

(LiNixMnyCo1-x-yO2, x,y < 1) are of particular environmental importance because of the rapidly 

increasing use of these materials in micro- and nano-structured form as cathodes in lithium-ion 

batteries. Because the use of lithium ion batteries in consumer electronics is rapidly expanding and 

their recycling is limited,11 understanding the chemical transformations of LiCoO2 has significant 

potential for environmental risk assessment and provides fundamental insights of a broader class of 

high-valence transition metal nanoparticles. Released cobalt from LiCoO2 is hazardous to cells in 

aqueous environments because it is carcinogenic, induces oxidative stress, competes with the 

intended ions (e.g., Fe2+) for binding sites in metalloproteins, induces a hypoxia-like state, and has 

increased mobility once in the Co(II) form.12, 13 Cobalt is released in a manner strongly dependent 

on the oxidation state.  At pH = 6, the solubility of Co3+ is ~1x10-20 M compared with >10-5 M for 

Co2+, based on the experimental solubility products of Co(OH)3 and Co(OH)2.14, 15 Among redox-

active biomolecules that could impact LiCoO2 dissolution, the NADH/NAD+ and GSH/GSSG 

redox couples, depicted in Figure 3.1, are among the most important. NADH can be oxidized to 
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NAD+, while GSH can be oxidized to glutathione disulfide (GSSG) by forming a disulfide dimer. 

Both NADH/NAD+ and GSH/GSSG act as coenzymes and substrates for various metabolic 

processes and maintain an appropriate redox state within the cell (e.g., antioxidants).16, 17 

Here we report an investigation of the interaction between LiCoO2 nanoparticles with 

NADH and GSH. Between these molecules, we choose to primarily study NADH with some 

comparison to GSH. Prior studies have shown surface-mediated oxidation of GSH on nanocarbon 

surfaces.18, 19 NADH or GSH may interact is such a way with LiCoO2, which to our knowledge has 

not been reported. Additionally, the redox-dependent fluorescence of NADH/NAD+ allows easy 

detection, making the molecule an appealing choice. Quantitative measurements of Co release using 

inductively coupled plasma-mass spectrometry (ICP-MS) show that exposure of LiCoO2 

nanoparticles to either NADH or GSH increases solubilization of cobalt, while corresponding 

spectroscopic measurements show that NADH is concurrently oxidized to NAD+. To demonstrate 

that these effects are a consequence of the high valence of Co(III) in LiCoO2, we performed control 

experiments using Co(II)-containing Co(OH)2 and LiCoPO4. Additionally, by testing interaction of 

LiCoO2, etc. with molecules of similar structure to NADH and GSH, but that are not reducing 

agents, we find the NADH oxidation / Co reduction effect due to a redox reaction and not chelation 

of a specific functional group with Co or the dissolved ions. This coupled transformation of LiCoO 2 

and redox-active biomolecules has implications in the biological impacts of high-valence metal 

oxide nanomaterials and the redox-driven weathering of metal oxides. 

3.2 Experimental. 

3.2.1 Nanoparticle synthesis and characterization. 

We synthesized sheet-like nanoparticles of cobalt hydroxide, Co(OH)2, and LiCoO2 

following procedures we described previously.20, 21 Co(OH)2 nanosheets were prepared via a 

precipitation method. The Co(OH)2 precursor was converted to LixCoO2 using a molten salt flux of 

6:4 molar ratio of LiNO3:LiOH at 200 °C. As a control sample, we synthesized rod-like Cmcm 
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LiCoPO4 nanoparticles using a microwave-assisted solvothermal method adapted from a method 

published previously.22 All solutions in this study were prepared from nanopure water (Barnstead 

Genpure System, ρ ≥ 18.2 MΩ∙cm). Detailed procedures for nanoparticle syntheses are found in 

section 3.5.2 and chemical information is found in Table 3.2. 

Powder X-ray diffraction (XRD) patterns were obtained for each sample using a Bruker D8 

Advance diffractometer equipped with a copper Kα source and 6 mm slit width. Samples for XRD 

analysis were prepared by affixing nanoparticle powder onto a B-doped silicon crystal zero-

diffraction plate (MTI Corporation) with vacuum grease. Scanning electron microscope (SEM) 

images were collected using a LEO Supra55 VP field-emission scanning electron microscope. 

Samples for SEM were prepared by drop-casting a dilute solution of nanoparticles suspended in 

ethanol onto a conductive B-doped silicon wafer. Specific surface area measurements of ~0.1 g 

vacuum-dried samples were determined by nitrogen physisorption (Micromeritics Gemini VII 2390 

surface area analyzer) and Brunauer-Emmett-Teller (BET) analysis.23 Lastly, we used dynamic light 

scattering (DLS) and laser Doppler microelectrophoresis with a Malvern Zetasizer Nano ZS to 

measure particle aggregate size and surface charge (respectively) in the solution of interest. Each 

particle type was suspended in minimal medium with dextrose (see section 3.2.2) at 100 mg∙mL-1 

in approximately 10 mL. These stock solutions were then diluted to 5 mg∙mL -1. Particle suspensions 

were sonicated for 1 h in a cup ultrasonicator with cooling water (10 s on, 10 s off for 30 min total 

sonication time) immediately before analysis. The results reported are averages and standard errors 

of the mean of at least three measurements of size (number mean) and zeta potential for each sample. 

3.2.2 Dissolution studies with nanoparticles and biomolecules. 

A model bacterial growth medium with minimal constituents (“minimal medium” with 

dextrose) was prepared in nanopure water with various salts, 4-(2-hydroxyethyl)-1-

piperazineethanesulfonic acid (HEPES) buffer, and dextrose. See Table 3.2 for chemical 

information and Table 3.3 for the full composition of minimal medium with dextrose. We recognize 

that minimal medium used may not fully replicate the complex environment inside cells, perhaps 
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warranting further investigations. However, this medium does provide a relatively simple matrix to 

investigate the specific interactions of NADH and other molecules with the nanomaterials of 

interest. Additionally, while NADH is typically unable to transverse membranes, there is evidence 

that lower concentrations of NADH (< 1 μM) can exist in extracellular matrices via transmembrane 

protein transport or other mechanisms.24 It follows that our conclusions do not rely on nanomaterials 

entering cells. 

NADH reduced disodium salt, NAD+ free acid, L-glutathione reduced, and ophthalmic acid 

were obtained from Sigma Aldrich and used as received. Ophthalmic acid (OA) is nearly identical 

to glutathione in structure, except it lacks the redox-active thiol group (Figure 3.1C). Solutions were 

prepared for each molecule of interest by dissolving 0.5 mM in minimal medium. This 

concentration was chosen because it is relevant to concentrations of these molecules found in certain 

cells25-27 and produces suitable fluorescence and absorbance signals for NADH/NAD+ solutions. 

Nanoparticles were introduced to each solution at 1 mg∙mL-1 nanoparticle concentration, using vials 

of approximately 3 mL. The sealed vials were covered from light and shaken for 24 h. The samples 

were then centrifuged at 13,100  g for 20 min (Eppendorf MiniSpin plus). Finally, the supernatant 

was collected and filtered through 0.1 μm porosity syringe filter cartridges (Millex VV) to ensure 

nanoparticle removal. Preliminary experiments in which particles were isolated only by 

centrifugation showed light scattering in fluorescence measurements, particularly for LiCoO2. Light 

scattering was eliminated with the introduction of the additional syringe filter isolation step to 

completely remove nanoparticles from the solutions. While the 0.1 μm porosity dimension is larger 

than certain particle dimensions, most particles are likely blocked as aggregates while navigating 

the filter. All experiments were performed in at least duplicate and error bars represent standard 

error of the mean. 

We performed another form of dissolution experiment to study the kinetics of NADH and 

LiCoO2 reacting in a single solution over time. LiCoO2 was introduced at 1 mg∙mL-1 to a single 30 

mL solution of NADH in minimal medium in a larger reaction vessel. The reaction was stirred for 



60 

 

48 h total, and 1-mL aliquots were removed at 2 h, 6 h, 12 h, 24 h, and 48 h (five total). The 1 

mg∙mL-1 concentration for LiCoO2 does not vary greatly from aliquot removal because the volume 

change (1 mL) is small relative to the total volume (30 mL) and the stirred solution is moderately 

homogeneous. The aliquots were centrifuged and filtered in the same way as the above samples.  

3.2.3 Quantification of NADH concentrations. 

The concentration of NADH in samples was determined using fluorescence measurements 

using an ISS K2 photon-counting spectrofluorimeter, using measurement conditions similar to those 

reported previously.28, 29 Samples were placed in a fused silica cuvette at room temperature, excited 

at λex = 338 nm, and the emission spectrum was measured between λem = 400 and  λem =550 nm 

with a step size Δλ = 1 nm and integration time of 1 s per step. NADH exhibits an emission peak at 

λex ≈ 455 nm, whereas NAD+ does not. The intensity was background-subtracted using a blank 

consisting of minimal medium with dextrose. Spectra were also normalized to the fluorescence of 

a solid tetraphenylbutadiene (TPB) standard to account for day-to-day variations in lamp intensity. 

NADH was quantified by converting the fluorescence intensity to concentration using a calibration 

curve (Figure 3.8). As a secondary method for detecting NADH and NAD+, UV-visible absorbance 

spectra were obtained of selected NADH and NAD+ solutions using a Shimadzu UV2401 dual-

beam spectrophotometer. 

3.2.4 Determination of dissolved ion concentrations. 

We used inductively coupled plasma mass spectrometry (ICP-MS, Shimadzu 2030) to 

measure dissolved ion concentrations in samples after centrifugation/filtration. Samples were 

acidified in 2.5% HNO3 before analysis. Additionally, a 500:1 dilution was required to reduce salt 

concentrations from the minimal medium. 7Li and 59Co intensities were measured and referenced 

to internal standards of 9Be and 69Ga, respectively. Each sample was measured in triplicate by ICP-

MS and the average intensities were used for quantification. Concentrations of Li and Co were 

determined using calibration curves (Figure 3.9). Standard solutions of Li and Co (combined) were 
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prepared by serial dilution from 1 g∙L-1 certified reference materials. Standards were diluted and 

acidified in the same manner as the unknowns. 

3.2.5 Nanoparticle-NADH binding experiments. 

To examine if NADH/NAD+ bind to nanoparticles surface, we used X-ray photoelectron 

spectroscopy to characterize the surface composition of nanoparticles that were exposed to NADH 

in nanopure water. Nanopure water was used instead of minimal medium to avoid the influence of 

dissolved salts on the XPS analysis. Nanoparticles at 1 mg∙mL -1 concentration were exposed to 

NADH solutions for 24 h in ~3 mL vials; the samples were then centrifuged (same as above), the 

supernatant removed, and the remaining nanoparticles particles were rinsed and centrifuged 3 with 

nanopure water to remove any weakly adsorbed species. The particles were then dried overnight in 

a vacuum oven. To determine elemental composition on the nanoparticle surfaces, the dried samples 

were pressed into indium foil and analyzed using a Thermo X-ray photoelectron spectrometer with 

a monochromatized Al Kα X-ray source and hemispherical analyzer at an angle 45° relative to the 

surface normal. Survey spectra were obtained summing three scans with a binding energy step size 

of 1 eV and pass energy of 200 eV,  and high-resolution spectra were obtained average 10 (Co(2p)), 

20 (O(1s) and C(1s)), or 50 (N(1s) and P(2p)) scans with step size of 0.2 eV and pass energy of 50 

eV. Casa XPS software was used for data analysis. For area quantification, peaks were fit to 70:30 

Gaussian-Lorentzian functions with Shirley30 background correction. 

3.3 Results and discussion. 

3.3.1 Nanoparticle characterization. 

SEM images in Figure 3.2A-C show relatively monodisperse size and shape within each 

particle type, with the range in size from LiCoPO4 > Co(OH)2 > LiCoO2. LiCoO2 and Co(OH)2 

form hexagonal sheets and LiCoPO4 forms cylindrical rods. Specific surface area measurements 

(S) were found as SLiCoO2 = 126.5 ± 0.4 m2∙g-1, SCo(OH)2 = 33.29 ± 0.05 m2∙g-1, and SLiCoPO4 = 28.1 ± 

0.2 m2∙g-1. Differences in these specific surface areas are consistent with sizes observed in SEM. 
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Since most of the experiments reported herein are conducted according to particle mass 

concentration (mg∙mL-1), this difference in surface area will be addressed in section 3.3.3. 

Table 3.1 shows the results of characterizing particles in minimal medium via DLS size 

(mean diameter approximating as spherical) and zeta potential. DLS sizes for LiCoPO4 and 

Co(OH)2 are only slightly larger than compared to what is observed in SEM, indicating minor 

aggregation. On the other hand, the DLS size for LiCoO2, is much larger than the primary particles 

observed in SEM, indicating significant aggregation. All three particle types possess a similarly 

negative zeta potential, which is consistent with all of them being partially deprotonated and/or 

delithiated in the salt/buffer solution at circumneutral pH. 

XRD diffraction patterns of all three particle types are consistent with previously published 

reference patterns (Figure 3.2D-F),31-33 indexed to the R𝟑̅m (LiCoO2), P𝟑̅m1 (Co(OH)2) and Cmcm 

(LiCoPO4) space groups. This agreement indicates that the particles are crystalline and have the 

correct structure. Slight broadening of XRD peaks is expected given their nanoscale size.34 

Transmission electron microscopy (TEM) images of LiCoO2 nanosheets before and after exposure 

to minimal medium reveal a layered structure ~8 nm thick that does not change significantly with 

solution exposure (Figure 3.10). 

3.3.2 Influence of NADH and GSH on Co release. 

Figure 3.3 shows the concentrations of Co measured after LiCoO2, LiCoPO4, and Co(OH)2 

nanoparticles were introduced into minimal medium for 24 h. Similar data for Li are included in 

Figure 3.11.  Figure 3.3 shows key differences across particles and across solutions tested. Figure 

3.3A shows that exposing LiCoO2 to NADH increases the release of Co approximately 3, being 

statistically significant from the media alone at 95% confidence. Co release from LiCoO2 with GSH 

exposure is higher than from media alone (nearly 2), though not statistically significant at 95% 

confidence. Since NADH and GSH contain functional groups (phosphate and carboxylic acid 

groups, respectively) that could complex with Co ions, we conducted further studies using NAD + 
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and ophthalmic acid (OA). These molecules are nearly identical in structure to NADH and GSA 

but lack the redox-active functional groups with the ability to reduce Co(III) in LiCoO2. 

Furthermore, this experiment is necessary because in our experiments (see section 3.3.5) and in 

prior studies, phosphate is shown to have affinity for the LiCoO2 surface. Figure 3.3A shows that 

NAD+ and OA exposure yields Co concentrations not statistically different from the media alone, 

and much lower than Co concentrations from NADH or GSH exposure. Based on these results, we 

conclude that the enhancement produced by NADH arises from its oxidation-reduction properties 

and cannot be attributed to complexation of Co ions with the phosphate groups. Interestingly, 

NADH shows a greater effect on Co release compared to GSH. By comparing their reduction 

potentials at pH 7.0 vs. SHE (E0
NADH = -0.320 V35 and E0

GSH = -0.252 V36), NADH is the stronger 

reducing agent. This is consistent with 1) redox reactivity being the involved in increased Co release 

and 2) enhancement in Co release from NADH exposure compared to GSH exposure. 

To further verify that the enhancement in Co release from LiCoO2 induced by NADH is due 

to the ability of these molecules to reduce Co(III) (in LiCoO2) to the more highly soluble Co(II), 

we conducted control experiments using two nanoparticle compositions in which Co exists in a 

Co(II) state: LiCoPO4 (Figure 3.3B) and Co(OH)2 (Figure 3.3C). Figures 3.3B-C show that for these 

compositions, the redox-active molecules NADH and GSH as well as the non-redox-active 

counterparts (NAD+ and OA) do not increase the amount of Co release compared with minimal 

medium. In the case of LiCoPO4, no Co concentrations from molecule exposures are statistically 

distinct from Co concentration of media alone at 95% confidence. Exposure to certain molecules 

for Co(OH)2 also shows slight decrease in Co concentration, with NAD+ and GSH statistically 

different from media alone at 95% confidence. Based on these data, we conclude that the influence 

of NADH on LiCoO2 to enhance Co release can be ascribed to their ability to reduce Co(III) to 

Co(II). The slightly decreased Co release from Co(OH)2 and LiCoPO4 exposed to each molecule 

compared to with minimal medium alone suggests that these molecules may adsorb to the 

nanoparticles surfaces and partially restrict ion release (discussed in section 3.3.5). 
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Since LiCoO2 and LiCoPO4 are Li intercalation compounds, we also quantified the Li 

release to examine if it is impacted by the presence of each molecule (Figure 3.11). Dissolved Li 

concentrations for a given particle in Figure 3.11 are largely unaffected by changing the 

composition of the dissolution media. Consistent with prior results, the amount of Li released from 

these nanoparticles exceed that of Co, since H+ ions in the buffered solution can exchange with Li+ 

ions in the solid without involving any redox processes.37 The Li+/H+ exchange increases the pH of 

the solution, as shown by our pH measurements in Table 3.4. Increase in pH occurs despite the 

medium being buffered with HEPES due to the high particle concentration (1 mg∙mL -1) used in our 

experiments. Notably, the pH values measured after 24-h exposure of LiCoO2 nanoparticles to 

minimal medium and minimal medium with NADH, NAD+, GSH, and OA are identical within 0.2 

pH units. Therefore, we conclude that while Li+/H+ exchange occurs and increases pH, this process 

is independent from the mechanism causing enhanced Co release in LiCoO2 in the presence of 

NADH or GSH and not in the presence of NAD+ or OA. 

3.3.3 NADH oxidation during LiCoO2 dissolution. 

Our results indicate that the enhancement in Co release induced by the presence of NADH 

involves reduction of Co(III) to Co(II). In this case, the release of Co should be directly 

accompanied by an equivalent oxidation of NADH to NAD+ or possibly to other oxidation products. 

Figure 3.4 shows the NADH concentration remaining in solution after nanoparticles of the indicated 

compositions were introduced into the NADH solution for 24 h. These data show that [NADH] 

greatly decreases with exposure to LiCoO2, slightly decreases with exposure to Co(OH)2 and is 

statistically unchanged at 95% confidence when exposed to LiCoPO4. Also shown in Figure 3.4 are 

results from control samples prepared in an identical manner except lacking NADH; these samples 

show no significant fluorescence. We attribute the large decrease in [NADH] with LiCoO 2 to the 

oxidation of NADH coupled with Co release from LiCoO2. The slight decrease in observed 

[NADH] with Co(OH)2 exposure is consistent with our results in Figure 3.7B showing NADH 
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adsorbing onto the surface of Co(OH)2, as any adsorbed molecules would be removed from the 

solution with the particles before fluorescence analysis (see section 3.3.5). 

Considering that the specific surface area of LiCoO2 particles (126.5 ± 0.4 m2∙g-1) is 

approximately 4 - 4.5 times the specific surface areas of Co(OH)2 (33.29 ± 0.05 m2∙g-1) and LiCoPO4 

(28.1 ± 0.2 m2∙g-1), we performed LiCoPO4 dissolution experiments normalized by surface area 

instead of mass (i.e., 4.5 LiCoPO4 particle concentration) to ensure that selective loss of NADH 

is not simply a surface area effect. The resulting [NADH] measured by fluorescence is shown in 

Figure 3.4 as “*LiCoPO4”. The [NADH] for surface area normalized *LiCoPO4 samples is nearly 

identical to the [NADH] for mass-normalized LiCoPO4 and Co(OH)2 samples and much higher than 

that for LiCoO2 samples. This shows that the differences in dissolution behavior and biomolecule 

interactions between LiCoO2 and LiCoPO4/Co(OH)2 are due to differences in their chemical 

properties, not differences in surface areas. 

While we anticipate that loss of NADH fluorescence is caused by oxidation to NAD+, we 

also considered whether loss of NADH might be cause by several other phenomena, including 1) a 

reaction of NADH with dissolved Co2+ or Li+ ions, 2) adsorption of NADH onto the filter used to 

remove particles, and 3) interference in fluorescence spectra from residual particles scattering light. 

Details of these control experiments are presented in section 3.5.3 and Figure 3.12. Notably, 

exposing NADH solution to dissolved Co2+/Li+ ions similar in concentration to experimental 

solutions or passing NADH solution through the syringe filter show no appreciable decrease in their 

fluorescence intensities. These control experiments uniformly confirm that NADH is oxidized to 

NAD+ by the nanoparticles.  

As a complement to measuring the loss of NADH by fluorescence, we also used UV-visible 

absorption spectra of NADH solutions with/without exposure to LiCoO2, LiCoPO4 and Co(OH)2 to 

assess the concentrations of NADH and NAD+ before/after nanoparticle exposure. NADH and 

NAD+ both exhibit peaks around 203 nm and 259 nm with similar molar absorptivities, whereas 

NADH alone exhibits a peak at 339 nm.38 Section 3.5.4 contains a detailed analysis of NADH and 
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NAD+ UV-visible absorbance spectra (Table 3.5 and Figure 3.13). Interestingly, we found 

concentration-dependent peak shifts at higher concentrations, perhaps due to molecule 

aggregation/stacking. Based on their spectral properties, we can identify the redox state of a 

NADH/NAD+ solution using absorbances at 259 nm and 339 nm. For a NADH solution exposed to 

particles, the three possible cases are: 1) to retain absorbance at 339 nm, NADH has not been 

transformed to NAD+, removed, or degraded, 2) to lose absorbance at 339 nm but retain absorbance 

at 259 nm, NADH has been oxidized to NAD+, or 3) to lose absorbance at both 339 nm and 259 

nm, NADH has been removed from the system or severely degraded.  Figure 3.5 shows a clear 

difference in which case is followed between solutions exposed to LiCoO2 compared to solutions 

exposed to LiCoPO4 or Co(OH)2. With exposure to LiCoPO4 or Co(OH)2, NADH solutions 

maintain absorbance at 339 nm and 259 nm, indicating that NADH is unchanged (case #1). With 

exposure to LiCoO2, absorbance at 339 nm is almost entirely lost, while absorbance at 259 nm is 

constant (case #2). Therefore, our UV-visible absorption results support the conclusion that NADH 

is oxidized to NAD+ with LiCoO2 exposure, but not with LiCoPO4 or Co(OH)2 exposure. Since 

these data suggest NAD+ was present in our prior fluorescence studies, we confirmed that solutions 

of NAD+ with/without nanoparticle exposure yield negligible fluorescence compared to NADH 

solutions (Figure 3.14). 

Since NADH/NAD+ absorbance properties change with concentration, particularly at the 

500 μM used for most dissolution experiments, additional dissolution experiments identical to those 

described in the experimental were performed exposing LiCoO2 to 100 μM NADH in minimal 

medium. The results combining LiCoO2 and 100 μM NADH show a decrease in [NADH] measured 

by fluorescence from 91.6 ± 6.6 μM to 2.21 ± 0.19 μM, and an increase in released Co measured 

by ICP-MS from 0.120 ± 0.002 mM to 0.139 ± 0.006 mM. These changes reaffirm that NADH 

enhances Co release and LiCoO2 oxidizes NADH. Since results are consistent across the NADH 

concentrations tested, we conclude that the increase in released Co and oxidation of NADH at 
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higher concentrations is not due to some specific spectral or aggregation effect of NADH, but 

through interaction with LiCoO2. 

The relative magnitudes of NADH removal and Co release for 100 μM NADH exposure are 

different compared to those of the 500 μM NADH experiments (i.e., Figures 3.3 and 3.4) because 

in the case of 100 μM, [LiCoO2] ≈ 100[NADH], whereas in the case of 500 μM, [LiCoO2] ≈ 

20[NADH] (1 mg∙mL-1 LiCoO2 for both). That is, in the extreme where [LiCoO2] >> [NADH], a 

given amount of reaction yields a relatively large change in [NADH] and a relatively small change 

in released Co concentration. 

3.3.4 Reaction kinetics of NADH and LiCoO2. 

To characterize the kinetics of the interaction between NADH and LiCoO2, we measured 

the concentrations of NADH (reactant) and released Co (product) over time for a single reaction 

solution. Time-points were taken from 2-hr to 48-hr, spanning the 24-hr time point used in other 

experiments. The data in Figure 3.6A reveal an exponential decrease in [NADH] over the course of 

reaction. The general rate equation for this reaction is described by Eq. 3.1: 

𝒅[𝑵𝑨𝑫𝑯]

𝒅𝒕
= 𝒌[𝑵𝑨𝑫𝑯]𝒏[𝑳𝒊𝑪𝒐𝑶𝟐]𝒎      (3.1) 

where k is the rate constant and n and m are reaction orders for NADH and LiCoO2, respectively. 

As noted above, under the conditions of our experiments we assume [LiCoO2] >> [NADH] and 

Δ[LiCoO2] ≈ 0. Because of this, even if m ≠ 0 the rate expression in Eq. 3.1 can be simplified by 

combining [LiCoO2]m within the rate constant, k: 

𝒅[𝑵𝑨𝑫𝑯]

𝒅𝒕
≈ 𝒌′[𝑵𝑨𝑫𝑯]𝒏           (3.2) 

From curve fitting of [NADH], ln[NADH], and [NADH]-1 vs. time, it is clear that the reaction is 

first order with respect to NADH (i.e., n = 1). For example, in the case of ln[NADH] vs. time a 

linear regression yields R2 = 0.972, whereas for [NADH] vs. time linear R2 = 0.581. We determined 

the pseudo-first-order rate constant of k’ = 0.084 ± 0.007 hr-1. Interestingly, the t = 0 point in Figure 

3.6A deviates more significantly from the fit than most points. This suggests that a separate process, 
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possibly adsorption of NADH onto the particles (see section 3.3.5) occurs in the initial stages of 

dissolution to remove more NADH than expected over the longer-term reaction. 

Concentrations of dissolved Co and Li for the same dissolution experiment are shown in 

Figure 3.6B. As with single time point experiments, [Li] >> [Co] due to Li+-proton exchange.  Both 

species are released at a greater rate in the initial stages of reaction, and plateau in concentration 

over time. The plot of Co concentration with time mirrors that of NADH with time, which we 

ascribe to solubilized Co being a product of the reaction of NADH with LiCoO2. The decrease in 

the rate of Co-production with time is consistent with our conclusion that the NADH-LiCoO2 

reaction depends directly on [NADH]. 

3.3.5 Binding of NADH to nanoparticles. 

The data in Figures 3.3 and 3.4 suggest that some of the apparent loss of NADH is due to 

adsorption onto the nanoparticle surfaces. Additionally, the sharp decrease in [NADH] at the first 

time point of our kinetics study suggests NADH adsorbs relatively quickly compared to the longer-

term redox reaction. To determine the extent of NADH interaction with nanoparticle surfaces, we 

obtained XPS spectra of nanoparticles before and after exposure to NADH, using N(1s) emission 

to quantify the presence of NADH and using Co(2p) as an internal standard. Figure 3.7A shows 

representative N(1s) spectra from LiCoO2 before and after exposure to NADH (0.5 mM, 24 h). 

Additional spectra are shown in Figure 3.15.  Figure 3.7A clearly shows a pronounced increase in 

N(1s) emission intensity for the NADH-exposed sample compared to the unexposed sample. Figure 

3.7B summarizes similar data for LiCoO2, LiCoPO4, and Co(OH)2.  We note that while  NADH is 

the species introduced to the nanoparticles, the XPS spectra cannot distinguish between adsorbed 

NADH or NAD+. We determined the surface coverage of N atoms bound to each surface (LiCoO2,  

LiCoPO4, and Co(OH)2) from the N(1s) and Co(2p) photoelectron emission (Figure 3.7B), as 

described in section 3.5.5. Figure 3.7B shows the resulting surface coverages. The data show a 

statistically significant increase in N surface coverage with NADH exposure for Co(OH) 2 at 95% 

confidence, a moderate increase for LiCoO2, and no change for LiCoPO4. Using the known 
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stoichiometry of 7 N atom per NADH/NAD+ molecule, the N coverages correspond to 0.37 ± 0.07 

NADH/NAD+ molecule∙nm-2 for LiCoO2, 0.036 ± 0.007 molecule∙nm-2 for LiCoPO4, and 0.62 ± 

0.05 molecule∙nm-2 for Co(OH)2. For comparison, assuming a density of closely packed NADH of 

~1.7 g∙cm-3 (from solid NADH) and monolayer thickness of ~0.5 nm yields a maximum coverage 

of ~0.8 molecule∙nm-2. A 0.5 nm monolayer thickness is estimated using literature39 bond lengths 

and assuming a monolayer of NADH/NAD+ molecules bind via a phosphate moiety (see below) in 

a planar conformation roughly perpendicular to the surface. Thus, on LiCoO2 and Co(OH)2 the 

molecular coverages estimated from XPS are comparable to that expected from a monolayer of 

NADH/NAD+. 

The presence of significant N coverage after three cycles of rinsing, mixing, and 

centrifuging indicates that NADH/NAD+ has a high affinity with LiCoO2 and Co(OH)2 surfaces. 

The strong binding we observe for NADH/NAD+ with LiCoO2 and Co(OH)2 suggests that the 

phosphate moieties in NADH/NAD+ bind to surface oxygen atoms on each particle surface, and 

that the phosphate-containing molecules do not bind to phosphate terminated particles (i.e. 

LiCoPO4). This result is an agreement with prior work showing that phosphate binds strongly to 

LiCoO2
21 and to Fe(III) oxides40 via an inner-sphere configuration on an oxygen-terminated surface. 

Notably, prior work reported that despite its attachment to the LiCoO2 surface, phosphate does not 

increase LiCoO2 dissolution.21 In contrast, we find that NADH significantly increases LiCoO2 

dissolution. Using our measured LiCoO2 specific surface area, XPS surface density, and known 

solution volumes, we determined that adsorption onto the LiCoO2 nanoparticle surfaces accounts 

for decrease in total NADH concentration of  (0.077 ± 0.014 mM). This value is much smaller than 

the actual decrease in [NADH] after 24-h LiCoO2 exposure (0.539 ± 0.012 mM) that we observed 

and allows us to conclude that while NADH binds to LiCoO2 nanoparticle surfaces, surface 

adsorption is not the primary origin of the decrease in  [NADH] observed in Figures 3.4 and 3.5. 

On the other hand, the fact that NADH binds even more strongly with Co(OH) 2 can explain the 

much smaller decrease in [NADH] seen in Figure 3.4. Any NADH molecules adhering to the 
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Co(OH)2 particles are removed from the solution and would not contribute to the measured 

fluorescence. 

3.3.6 Coupled transformation of NADH and LiCoO2. 

The data in Figure 3.3 show that in minimal medium alone (i.e., in the absence of NADH 

or other intentionally added reducing agents), the amount of Co released from LiCoO2 is much less 

than the amount released from LiCoPO4. This observation is consistent with  the hypothesis that  

while LiCoPO4 can directly release cobalt in the highly soluble Co(II) form,  release of cobalt from 

LiCoO2 is less favorable due to the highly insoluble nature of Co(III). The lower rate of release 

from LiCoO2 in the absence of added reducing agents is further supported by density functional 

theory (DFT) and thermodynamics calculations of the initial steps (loss of first partial-monolayer) 

in release of Co from the lowest-energy surface faces of LiCoO2 and LiCoPO4 in water.  These 

calculations (see section 3.5.7) indicate that the initial release of Co from the LiCoO2(001) surfaces 

in pure water at pH = 7 (with other water-soluble species set at 10-6 M) is endergonic with an energy 

change of ΔG = +1.15 eV/Co while initial release from the LiCoPO4(010) surface is exergonic,  ΔG 

= -0.87 eV/Co, in qualitative agreement the experimental results. 

Our experiments demonstrate that NADH greatly increased the rate of Co release from 

LiCoO2,  while  no corresponding increase release from LiCoPO4. This observation  strongly points 

to an electrochemically driven interaction between NADH and LiCoO2. The electrochemical 

reduction of LiCoO2 with release of Co2+ can be described via the half-cell reaction:  

LiCoO2(s) + 4H+
(aq) + e- ⇌ Li+

(aq) + Co2+
(aq) + 2H2O(l)         E0

(SHE) = 2.14 V      (3.3) 

Here, the standard electrochemical reduction potential of   E0 = +2.14 V at 25oC can be readily 

determined using the Gibbs free energy of formation of LiCoO2 from the pure elements at standard 

state (-615 kJ∙mol-1)41, 42 and standard electrochemical potentials. The NADH/NAD+ couple is 

described by the electrochemical reduction:35  

NAD+
(aq) + H+

(aq) + 2e- ⇌ NADH(aq)          E0
(SHE) = -0.315 V   (3.4) 
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Coupling these two together to form the electrochemically mediated reaction (Eq. 3.5) yields a net 

ΔG = -4.9 eV  (-474 kJ∙mol-1) as written, or -2.45 eV per Co2+ ion released. 

2LiCoO2(s) + 7H+
(aq) + NADH(aq) ⇌ 2Li+ (aq) + 2Co2+

(aq) + 4H2O(l) + NAD+
(aq)  (3.5) 

Additionally, our measurements of [NADH] vs. time and [Co] vs. time demonstrate the 

reaction is first order with respect to NADH and that the reaction rate is greatest when nanoparticles 

and NADH solution are first exposed to one another. While the stoichiometry of Eq. 3.5 suggests 

there should be two Co ions released for each molecule of NADH that is reduced, experimentally 

we observe that the Co release (0.32 ± 0.13 mM) is smaller than the loss of NADH (loss of 0.539 ± 

0.012 mM).  This greater than anticipated loss of  NADH suggests that NADH may be 

simultaneously involved in other reduction reactions, such as: 

NADH + H+ ⇌ NAD+ + H2(g)      (3.6) 

with ΔG0 = +0.037 eV. A prior study reported evidence for direct surface oxidation of NADH at 

Co3O4 surfaces,43 while other  studies have shown that oxides made from metal oxides exhibit 

enhanced electrochemical reduction of NADH and have attributed this enhancement to the ability 

of metal oxide surfaces to adsorb protons.43 As a result, we conclude that while release of Co(II) is 

directly attributed to NADH,  the transformation of NADH and NAD+ may be further increased by 

additional surface-catalyzed reactions. 

3.4 Conclusions. 

Our results show that biological molecules that are important in cellular respiration and 

electron transport can play an active role in the transformation of high-valence transition metal 

oxides through redox chemistry at nanoparticle surfaces. NADH interacts with LiCoO2 

nanoparticles by redox chemistry at the solid-liquid interface: electrochemical reduction of Co(III) 

to Co(II) allows Co to be easily solubilized and released into solution while also oxidizing NADH 

to NAD+. We attribute this coupled redox transformation to redox reaction between Co(III) within 

LiCoO2 and NADH reducing agents, and not a complexation/chelation/pH effect, based on five 
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pieces of evidence. First, NADH and GSH produce similar effects when exposed to LiCoO2 despite 

differences in their structures. Second, non-reducing analogues of NADH and GSH do not 

reproduce the same effects. Third, NADH is oxidized when exposed to LiCoO2 but not when 

exposed to LiCoPO4 or Co(OH)2 (whether samples are normalized by mass or surface area) and is 

not oxidized when exposed to Co2+/Li+ ions. Fourth, Li release is relatively unaffected by the 

presence of the molecules, as this occurs primarily by H+ exchange, and pH change is found to not 

be the driver of changes in dissolution in our experiments. Lastly, measuring concentrations of 

NADH (reactant) and released Co (product) over time reveal a direct relationship between reaction 

rate and [NADH]. 

Redox transformations of nanoparticles and biological electron transport molecules pose 

two important mechanisms for toxicity in the environment. First, the reduction of Co(III) and other 

high valence metals to lower-valence states increases their solubility and leads to faster release into 

the aqueous phase. High concentrations of metals such as Co and Ni released from metal oxides 

have been shown to induce toxicity towards various aquatic organisms.44, 45  Select microorganisms 

(e.g., Shewanella oneidensis MR-1) are known to reduce high valent metals (Fe, Co, Mn) in 

minerals extracellularly,46 increasing metal ion release.47-49 We find similar behavior from 

introduction of reducing biomolecules, suggesting that this metal-reduction phenomenon could 

occur to a lesser extent from non-metal-reducing organisms interacting with high surface area nano-

scale metal oxides. Secondly, the corresponding oxidation of NADH, GSH, and other molecules 

relevant to electron transport and cellular homeostasis can serve as an additional pathway to 

biological impact. When redox-active molecules facilitate metal oxide nanoparticle dissolution, 

they can be transformed or degraded. In the case of NADH and GSH, severe unnatural oxidation 

surrounding a non-metal-reducing organism from interaction with a nanoparticle will alter the 

NADH:NAD+ and GSH:GSSG ratios in/around cells, entirely disrupting cellular redox 

homeostasis. Imbalances in GSH or NADH concentrations can have many toxic effects,50 but in 

particular, removal of the reduced forms of these well-known antioxidants may lower cellular 
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defenses against ROS. Several studies have observed ROS in the presence of nanomaterials, 51, 52 

including LiCoO2.53 In such cases, whether nanoparticle transformation or cellular machinery 

generates ROS, the ROS will more negatively impact cells with reduced anti-oxidant capability. 

3.5 Figures and supporting information. 

3.5.1 Primary figures. 

 

Figure 3.1. Oxidation-reduction equilibria (H+ not shown) of the biomolecules A) NADH and NAD+, B) 

glutathione (GSG) and glutathione disulfide (GSSG), and C) structure of ophthalmic acid (OA), a molecule 

similar to glutathione except lacking the redox-active thiol moiety. 
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Figure 3.2. Scanning electron microscopy images and x-ray diffraction patterns for A/D) LiCoO2, B/E) 

Co(OH)2, and C/F) LiCoPO4 nanoparticles, respectively. Scale Bars = 200 nm. Experimental XRD patterns 

(black) are compared to reference patterns (red). See text for references. 

 

Table 3.1. Size and zeta potential of particles in minimal medium determined from DLS and laser 

Doppler microelectrophoresis. 

Particle Mean d (nm) Zeta potential (mV) 

LiCoO2 364 ± 57 -18.4 ± 0.7 

LiCoPO4 118 ± 13 -16.5 ± 3.8 

Co(OH)2 130 ± 5 -16.0 ± 2.0 
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Figure 3.3. Dissolved Co concentrations in minimal medium solutions for A) LiCoO2, B) LiCoPO4, and 

C) Co(OH)2 after 24-h exposure to each molecule under study. Molecule exposures are compared to media 

exposure with one-way ANOVA with Dunnett’s multiple comparisons test: n = 3 or n = 4, * for p < 0.05 

and ** for p < 0.01. 
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Figure 3.4. Concentration of NADH before (“initial”) and after exposure to the indicated nanoparticles for 

24 h. “*LiCoPO4” refers to NADH solutions after 24-h exposure to 4.5  [LiCoPO4], a matching specific 

surface area exposure to LiCoO2 samples. Particle solutions are compared to initial with one-way ANOVA 

with Dunnett’s multiple comparisons test: n = 2 or n = 3, * for p < 0.05 and *** for p < 0.0001. Also shown 

are fluorescence intensities of control samples prepared in an identical manner but without NADH (“No 

NADH”). 

 

Figure 3.5. UV-visible absorption spectra of 0.5 mM solutions of NADH and NAD+, and 0.5 mM NADH 

solutions after 24-h exposure to LiCoO2, LiCoPO4, and Co(OH)2. All solutions were prepared in minimal 

medium, which also served as the background. All 0.5 mM NAD+ samples exposed to nanoparticles yielded 

spectra nearly identical to the orange “NAD+” trace without nanoparticle exposure and are omitted for 

clarity. 
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Figure 3.6. Concentrations measured over time for species in dissolution of 1 mg∙mL-1 LiCoO2 with 0.5 

mM NADH A) NADH measured by fluorescence with exponential decay fit of Y = 360∙e-0.084∙X, R2 = 0.972, 

and B) concentrations of Li (red circles) and Co (blue squares) measured by ICP-MS. 

 

 

Figure 3.7. A) N(1s) XPS spectra of LiCoO2 particles after 24-h soak in solutions with or without 0.5 mM 

NADH, and B) N atom surface coverages on nanoparticles after 24-h soak with or without  0.5 mM NADH, 

determined from N(1s) and Co(2p) peak areas. With/without NADH samples are compared for a given 

particle type with unpaired t-test with Welch’s correction: n = 2 or n = 3, * for p < 0.05. 
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3.5.2 Nanoparticle synthesis procedures. 

We synthesized sheet-like nanoparticles of cobalt hydroxide, Co(OH)2, and LiCoO2 following 

procedures we described previously.20, 21 Co(OH)2 nanosheets were prepared via a precipitation method. 

First, 20 mL of 1 M Co(NO3)2 was added dropwise to a 0.1 M solution of LiOH and the precipitate was 

collected immediately after addition. The precipitate was isolated and washed by 3 repeated cycles of 

centrifugation for 5 min at 4696  g (Thermo Scientific, Sorvall Legend X1) and resuspension in water. 

After washing, the supernatant was decanted, and the solid product was dried in a vacuum oven at 30 °C 

overnight. The Co(OH)2 precursor was lithiated to form LixCoO2 by to a molten salt flux of 6:4 molar ratio 

of LiNO3:LiOH at 200 °C in a poly(tetrafluoroethylene) container with magnetic stirring in a silicone oil 

bath. After 30 min the reaction was quenched with water. The precipitate was isolated by decanting the 

supernatant, washed by 3 repeated cycles of centrifugation, and dried in a vacuum oven at 30 °C overnight. 

As a control sample, we synthesized rod-like Cmcm LiCoPO4 nanoparticles using a microwave-

assisted solvothermal method adapted from a method published previously.22 Successful synthesis of the 

Cmcm LiCoPO4 polymorph is extremely sensitive to any contributions of moisture, and therefore all 

reagents were stored and handled in an argon-atmosphere glovebox. First, ~15 mL of tetraethylene glycol 

(TEG) was dried with anhydrous magnesium sulfate in an approximate 1:3 volume ratio. This solution was 

stirred for approximately 2.5 hr, allowed to settle overnight, and then decanted and centrifuged at 4696  g 

for 10 min to fully separate out any remaining magnesium sulfate. Lithium hydroxide monohydrate, cobalt 

(II) acetate tetrahydrate, and anhydrous (solid) phosphoric acid were mixed in 1:1:1 stoichiometric ratio 

(2.38 mmol) in 12 mL of dried TEG in a 35 mL borosilicate microwave vessel and stirred overnight. Next, 

the mixture was removed from the glovebox and quickly loaded into a CEM Discover® SP microwave 

synthesizer equipped with Activent® capabilities to avoid over-pressurization. The microwave settings 

were set to 300 W, ~50 psi, and 260°C for 30 minutes with continuous high-speed stirring. The resulting 

pink/purple product was transferred from the microwave vessel to a 50 mL centrifuge tube and separated 

from the TEG solvent by centrifugation. After decanting, the product was washed in 3 cycles by suspending 
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in ~20 mL acetone through mixing and ultra-sonication, and then centrifugation at 4696  g for 10 min. 

Finally, the wash solution was decanted, and the particles dried in a vacuum oven at 30 °C overnight. 

3.5.3 Additional control experiments regarding NADH fluorescence. 

First, we tested if dissolved Co2+ and Li+ ions alone (no particles) reproduced the decrease in 

[NADH] observed during LiCoO2 dissolution, as this would suggest an aqueous phase reaction between the 

ions and NADH after nanoparticle dissolution. A 0.5 mM NADH solution was prepared with [Co] and [Li] 

typical after 24-h dissolution experiments (0.45 mM and 9.6 mM, respectively) from chloride salts. The 

fluorescence spectrum of this ion control solution after 24 h is nearly identical to that of the initial NADH 

solution (Figure 3.12A). Additionally, Co(OH)2 releases similar amounts of Co to LiCoO2 yet does not 

show the same dramatic decrease in [NADH] as with LiCoO2. These data show that Li+ and Co2+ ions 

themselves have no effect on NADH concentration in our experiments. 

Next, we were concerned that NADH might be lost during centrifugation steps or by molecules 

adsorbing onto the filter used during nanoparticle removal.  To rule out this experimental error, a standard 

NADH solution (no particles) was treated in the same manner as unknown samples, including passing 

through the finely porous filter. The fluorescence spectra before/after passing through the filter are nearly 

identical (Figure 3.12B), showing that loss of NADH during the nanoparticle removal steps is minimal. 

Removal of nanoparticles at the experiment stop time is necessary not only to halt dissolution, but 

also because nanoparticles would interfere with fluorescence analysis by absorbing and scattering light. To 

check that residual nanoparticles did not influence the experiment, nanoparticle dissolution samples without 

0.5 mM NADH were analyzed by fluorescence. Samples without NADH yielded negligible fluorescence 

(Figure 3.4), as expected due to the lack of the fluorescent NADH. This eliminates the possibility of 

nanoparticles remaining in solution and interfering with NADH fluorescence spectra. NAD+ also 

contributes negligible fluorescence, as shown in Figure 3.14. 
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3.5.4 Additional control experiments regarding NADH and NAD+ UV-visible absorbance. 

Standard solutions of NADH and NAD+ in minimal medium and pure water were analyzed by UV-

visible spectroscopy. Using minimal medium vs. pure water as the solvent yields no difference in results if 

the same solvent is used as the blank. Serial dilutions were performed to prepare 9 samples ranging 

logarithmically in concentration from 1 – 500 μM (Figure 3.13A-B). Peaks are present at 203 nm, 259 nm, 

and 339 nm (NADH only). Absorbance values and linear least squares analysis were used to calculate molar 

absorptivities for both species at each wavelength (Table 3.5). Figure 3.14C illustrates each peak and 

compares absorbance for solutions of NADH and NAD+ at nominally the same concentrations. When the 

concentration of either species increases beyond ~200 μM, The 203 nm peak shifts to slightly higher 

wavelengths and the 259 nm peak splits in two (Figure 3.13D-E). In either concentration range, NADH and 

NAD+ both absorb similarly below 280 nm and NADH absorbs much more strongly above 300 nm. 

3.5.5 Description of XPS calculations. 

To quantify bound NADH on each type of nanoparticle, we first determine the N atom surface 

coverage using the following equation: 

𝑁 𝑐𝑜𝑣𝑒𝑟𝑎𝑔𝑒 =
𝐴𝑁(1𝑠)

𝐴𝐶𝑜(2𝑝)
×

𝑆𝐹𝐶𝑜(2𝑝)

𝑆𝐹𝑁(1𝑠)
×

𝑠𝑐𝑎𝑛𝑠𝐶𝑜(2𝑝)

𝑠𝑐𝑎𝑛𝑠𝑁(1𝑠)
 𝜌𝐶𝑜𝜆𝐶𝑜(2𝑝) cos 𝜃   (3.7) 

Where AN(1s) and ACo(2p) are the areas for the respective peaks, SFCo(2p) and SFN(1s) are the sensitivity factors 

for the respective peaks (SFCo(2p)  = 4.429 and SFN(1s)  = 0.407), “scans” represents  the number of scans 

summed for each peak, ρCo is the density of Co in the bulk, λCo(2p) is the inelastic mean free path (IMFP) of 

Co(2p) electrons at the surface (estimated at 1.92 nm),21 and θ is the angle of the analyzer relative to the 

surface normal (45°). This equation assumes the layer of NADH is thin relative to the electron IMFP and 

treats the bulk (Co) as an internal standard. The molecular coverage of NADH is obtained by subtracting 

the N coverage of samples not exposed to NADH and using the stoichiometry of 7:1, N atom to NADH 

molecule. 
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3.5.6 Determination of electrochemical potential for LiCoO2 half reaction. 

The electrochemical potential for the reaction LiCoO2 + 4H+ + e- → Li+ + Co2+ + 2H2O was 

determined using  the free energy of formation of LiCoO2, combined with known electrochemical 

reactions, as outlined below:41  

Li(s) + Co(s) + O2(g) → LiCoO2  ΔG0 = -615 kJ∙mol-1 

Co2+
(aq) +2e- → Co(s)    E0

 = -0.28 V 

Li+
(aq) + e-

(SHE) → Li(s)    E0 = -3.04 V 

O2(g) + 4H+ 
(aq) + 4e- → 2H2O  E0 = +1.229 V 

Using ΔG = -nFE, the electrochemical potentials are converted to free energies, with electrochemical 

potentials of electrons referenced to the standard hydrogen electrode, ΔG0
(SHE) 

Li(s) + Co(s) + O2(g) → LiCoO2  ΔG0 = -615 kJ∙mol-1 =  -6.37 eV 

Co2+
(aq) +2e-  → Co(s)    ΔG0

(SHE) = +0.56 eV as written 

Li+
(aq) + e- → Li(s)    ΔG0

(SHE) =  +3.04 eV as written 

O2(g) + 4H+
(aq) + 4e-→ 2H2O  ΔG0

(SHE) = -4.916 eV as written 

The overall reaction: LiCoO2 + 4H+
(aq) + e- → Li+

(aq) + Co2+
(aq) + 2H2O can then be written as  

LiCoO2 → Li(s) + Co(s) + O2(g)    ΔG0 = +6.37 eV 

Co(s)  →  Co2+
(aq) +2e-      ΔG0

(SHE) = -0.56 eV as written 

Li(s) → Li+
(aq) + e-   ΔG0

(SHE) =  -3.04 eV as written 

O2(g) + 4H+
(aq) + 4e-→ 2H2O  ΔG0

(SHE) = -4.916 eV as written 

The sum of these reactions, and their corresponding energies, then leads to  

LiCoO2 + 4H+
(aq)

  + e- → Li+
(aq) + Co2+

(aq) + 2H2O    
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ΔG0
(SHE) = +6.37 + (-0.56) +(-3.04) +(-4.916) = -2.14 eV  

Finally, the standard electrochemical potential is determined as E0=ΔG0
(SHE)/nF (here, n = 1) 

LiCoO2 + 4H+
(aq)

  + e- → Li+
(aq) + Co2+

(aq) + 2H2O    E0
(SHE) = +2.14 V 

3.5.7 Density functional theory (DFT) computations. 

The free energy associated with the initial release of Co from LiCoO2(001) surfaces was described 

previously.54 Here we applied the identical methods and level of theory to determine the free energy 

associated with the initial release of Co from LiCoPO4(010) surfaces. This approach couples first-principles 

calculations with thermodynamic experimental data. The overall dissolution process is following a two-

step transformation. The starting surface is a LiCoPO4(010) that has ½ monolayer of Li ions terminating 

the exposed surface. The half-monolayer Li termination corresponds to the surface that would be exposed 

by cleaving LiCoPO4 along with (010) plane through a layer of Li atoms, with half the lithium atoms going 

to each of the two separating surfaces; this distribution of Li  leads to free surfaces with zero net charge. In 

the first step, a Li/H ligand exchange occurs: 

a. ½ Li-terminated LiCoPO4 + 2H → ½ H-terminated LiCoPO4 + 2Li  (3.8) 

In the next step, a Co atom is removed from the ½ H-terminated surface, yielding a LiCoPO4 with a surface 

Co vacancy, denoted as LiCoPO4-vacancy: 

b. ½ H-terminated LiCoPO4 → ½ H-terminated LiCoPO4-vacant + Co  (3.9) 

This procedure does not remove a complete unit cell and therefore is distinct from the overall 

thermodynamic energy associated with complete dissolution of the material. We previously used similar 

methodology for LiCoO2.54 For LiCoPO4 at pH = 7, our calculations yield ∆G for initial release of Co from 

the LiCoO2(010) surface to be -0.87 eV. As a point of comparison, using the same methodology54 for 

LiCoO2 at the same pH and the removing the same fraction of Co atoms, the energy associated with initial 

release of a Co is +1.15 eV.  This indicates that in pure water (i.e., in the absence of any reducing agents), 
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the initial release of Co from the LiCoO2(001) surface is much less favorable than release from the 

LiCoPO4(010) surface.  

Density functional theory (DFT) calculations were carried out using the Quantum Espresso open 

source suite.55, 56 Exchange-correlation energies were approximated using GGA-PBE functional.57 As pure 

DFT is known to over-delocalize the charge density, a remedial Hubbard U correction term of 5.00 eV 

magnitude was applied to Co2+ sites.58-60 To describe atomic species GBRV ultra-soft pseudopotentials were 

employed.61 In accordance with the criteria set for the pseudopotentials used, a plane-wave cutoff of 40 Ry 

for the wavefunction and 320 Ry for the charge density was selected for Kohn-Sham states. To account for 

the effect of unpaired electrons in Co(II), spin-polarization effects were included in the calculations. During 

the geometry optimization calculations, all the atoms in the structures were fully relaxed until the residual 

of forces was smaller than 5 meV∙Å-2 per atom. For bulk calculations, the orthorhombic Cmcm phase of 

LiCoPO4 was relaxed using a 6 × 4 × 6 grid of k-points and the obtained lattice constants were a = 5.54 Å 

(-2.21%), b = 8.29 Å (-1.59%), and c = 6.26 Å (-0.64%), in agreement with their experimental analogues 

of a = 5.42 Å, b = 8.16 Å and c = 6.22 Å.62 The overprediction of the lattice constants by up to ~2% is 

attributable to the inherent shortcomings of the GGA-PBE exchange-correlation functionals.63 The 

optimized bulk structure was cut along the (010) plane afterwards to create a P-1 slab possessing 3 Co 

layers. The resulting surface was expanded along the y axis to create a 1 × 2 supercell, providing four Co 

sites on each of its topmost layers (Figure 3.16). The generated slab has the dimensions of 6.26 × 11.07 × 

12.57 Å3. 25 Å of vacuum was inserted along the cleaved plane to evade undesirable interactions between 

periodic images of surfaces exposed. A 4 × 4 × 1 and a 4 × 2 × 1 mesh was used to sample the reciprocal 

space for 1 × 1 and 1 × 2 slabs, respectively. All slab models have inversion symmetry and are optimized 

in accord with the best available practices for such calculations.64, 65  

To quantify the energetics of dissolution, we turn our attention to ∆G of the cation release process. 

We use a combination of first-principles calculations and thermodynamics experimental data to obtain the 

cation release energetics. Our approach has, in the recent past, been successfully applied to several cases of 
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release process in a wide variety of Li-ion rechargeable battery cathode materials, ranging from LiCoO2 

(LCO)55 to LiNi1/3Mn1/3Co1/3O2 (NMC)66 and its compositionally tuned variants.67, 68 In this approach, we 

divide the overall ∆G into two sub-terms. ∆G1 sub-term which accounts for the energy penalty to be paid 

to remove the transition metal from the lattice structure. This term is obtained by calculating the ∑Eproducts 

- ∑Ereactants where DFT total energies are related to Gibbs free energies by accouting for zero-point energy 

and vibrational contributions, and all terms are purely DFT-calculable. As the (010) surface of LiCoPO4 

has an exposed layer of under-coordinated Co sites, the removal of this site dictates the magnitude of the 

∆G1. The thermodynamics pathway for this term starts with the surface terminated with a half-layer (50% 

occupancy) of Li atoms; this structure corresponds to the electrically charge-neutral surface that would be 

produced by cleavage through a layer of Li atoms, with half the Li atoms going to each opposing surface. 

In water, this surface undergoes a Li/H ligand exchange that leaves a ½ H-terminated surface, as shown in 

Eq. 3.8. In the next step, a cation is removed from the ½ H-terminated surface, yielding a LiCoPO4 with a 

surface Co vacancy, denoted as LiCoPO4-vacant, as shown in Eq. 3.9. 

Since the created slab is a 1 × 2 supercell, it has 4 exposed penta-coordinated Co sites in its 

outermost layers (Figure 3.16). Therefore, the removal of one exposed Co from each side of the slab 

translates to a vacancy density of 25% per surface. Total ∆G1 is the sum of the energetics of products minus 

those of reactants for the sum of steps a and b above, including the ZPE correction. The total energies of 

Li, Co, and H are computed based on their DFT atomic energetics predicted at their standard states, namely, 

Li(s), Co(s), and H2(g). The indirect outcome of this choice for the energetics of the elemental species, is that 

∆G1 is a measure of lattice stability upon the release of Co.  

∆G2, which accounts for the energy given off upon the hydrolysis of released species, is purely 

based on experimental data. This term is computed using the Nernst equation: 

𝛥𝐺2 = 𝛥𝐺𝑆𝐻𝐸
0 − 𝑛𝑒𝑒𝑈𝑆𝐻𝐸 − 2.303𝑛𝐻+𝑘𝐵𝑇𝑝𝐻 + 𝑘𝐵𝑇 𝑙𝑛 𝑎𝐻𝑥𝐴𝑂𝑦

𝑧−         (3.10) 
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In the above equation, ΔG°
SHE is the change in free energy of the aqueous species with respect to their 

standard states, referenced to the Standard Hydrogen Electrode (SHE). These values are tabulated in the 

literature.69 We have also included them in Table 3.6. ne is the number of electrons in the half-reactions for 

each species starting with their standard state, transforming to their oxidized forms under aqueous 

conditions. e is the charge of electron and USHE is the applied potential (set to zero here), nH+ is the number 

of protons associated with the oxidation chemical half-reactions considered for each species. HxAOy
z- 

denotes the concentration of the constituent ions, assumed here to be 1 × 10-6 M, in line with the 

experimental data formerly reported for similar release experiments.70  

In discussing the ∆G2 terms, it is noteworthy that the values for  Li+ and Co2+ are the pH-

independent while those of H and O, as H2O, are pH-dependent. Table 3.6 contains the total values of ∆G2 

various terms for the relevant species utilized in this work to predict the free energies of release from the 

LiCoPO4 surface at neutral pH. Pourbaix diagrams show that Li+
(aq) and Co2+

(aq) are the dominant speciations 

for, respectively, Li and Co elements at up to neutral pH. The chemical reactions giving rise to ΔG0
SHE for 

Li, H2, Co, and O2 are: 

Li(s) → Li+
(aq) + e-  

½ H2(g) → H+
(aq) + e- 

Co(s) → Co2+
(aq) + 2e- 

O2 + 4H+ + 4e-  → 2H2O 
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3.5.8 Supporting figures. 

Table 3.2. Reagent information. 

Reagent Supplier Purity (%) 

Magnesium chloride anhydrous Alfa Aesar 99.0% 

Dextrose (D-glucose) Sigma Aldrich 99.5% 

Indium foil Sigma Aldrich 99.995% 

Nitric acid Sigma Aldrich 70.0% 

Cobalt (II) choride hexahydrate Sigma Aldrich 98.0% 

Ammonium chloride Sigma Aldrich 99.5% 

NAD+ free acid Sigma Aldrich 99.9% 

Ophthalmic acid Sigma Aldrich 97.0% 

L-Glutathione, reduced Sigma Aldrich 98.0% 

Tetraethylene glycol Sigma Aldrich 99.0% 

Magnesium sulfate Sigma Aldrich 99.5% 

Lithium hydroxide hydrate Sigma Aldrich 98.0% 

Cobalt (II) acetate tetrahydrate Sigma Aldrich 98.0% 

Anhydrous phosphoric acid Sigma Aldrich 99.999% 

 

Table 3.3. Composition of model bacterial growth medium “minimal medium” with dextrose used for 

nanoparticle dissolution experiments. 

Component Concentration (mM) 

NaCl 11.6 

HEPES 10.0 

Dextrose 

(D-glucose) 
10.0 

KCl 4.0 

Na2SO4 2.8 

NH4Cl 2.8 

MgCl2 1.4 

Na2HPO4 0.088 

CaCl2∙H2O 0.051 
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Figure 3.8. Fluorescence calibration curve of standard NADH solutions. Y = (0.00395 ± 0.00015)X, R2 = 

0.9850, n = 12. 

 

 

Figure 3.9. Representative ICP-MS standard calibration curves for quantifying A) Co, Y = (13.98 ± 0.04)X 

+ (0.40 ± 0.08), R2 = 0.99992, and B) Li, Y = (57.1 ± 0.2)X + (1.2 ± 0.3), R2 = 0.99994. Standards were 

prepared by serial dilution from certified reference standards (1 g∙L-1, Sigma Aldrich). 
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Figure 3.10. Transmission electron microscope (TEM) images of LiCoO2 nanoparticles A) before and B) 

after exposure to minimal medium. Samples were washed twice for 20 min in nanopure water and drop-

casted on a copper grid (Ted Pella, carbon type-B 300 mesh). Images taken on a JEO 2100 CRYO TEM 

with accelerating voltage at 200 kV and single-tilt holder. 

 

 

Figure 3.11. Dissolved Li concentrations in minimal medium solutions for A) LiCoO2, B) LiCoPO4, and 

C) Co(OH)2 after 24-hr exposure to each molecule under study. A small amount of Li is present in Co(OH)2 

solutions as impurities within the synthesis (LiOH used to basify the solution) or within the commercial 

salts used to prepare minimal medium. 
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Table 3.4. Measured pH of solutions containing the indicated molecule before and after 24 hr exposure to 

the indicated nanoparticles in minimal medium. Uncertainty for the pH probe used is estimated at pH ± 

0.02. 

Nanoparticle Molecule Initial pH Final pH ΔpH 

LiCoO2 None 5.33 7.15 1.82 

LiCoO2 NADH 5.18 7.32 2.14 

LiCoO2 NAD+ 4.61 7.16 2.55 

LiCoO2 GSH 4.52 7.16 2.64 

LiCoO2 OA 4.57 7.14 2.57 

Co(OH)2 None 5.33 7.50 2.17 

Co(OH)2 NADH 5.18 7.46 2.28 

Co(OH)2 NAD+ 4.61 7.44 2.83 

Co(OH)2 GSH 4.52 7.32 2.80 

Co(OH)2 OA 4.57 7.47 2.90 

LiCoPO4 None 5.80 6.85 1.05 

LiCoPO4 NADH 5.51 7.49 1.98 

LiCoPO4 NAD+ 4.63 6.74 2.11 

LiCoPO4 GSH 4.46 6.74 2.28 

LiCoPO4 OA 4.57 6.78 2.21 

 

 

 

Figure 3.12. Fluorescence spectra of 0.5 mM NADH in minimal medium: A) after a 24-h period with (blue) 

and without (red) Co and Li ions, and B) before (red) and after (blue) filtration. There are no observed 

decreases in NADH fluorescence from filtration or exposure to Co2+ and Li+ ions. 
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Table 3.5. Molar absorptivities of NADH and NAD+ (1 – 100 μM) in pure water. 

Species ε203 nm (cm-1∙M-1) ε259 nm (cm-1∙M-1) ε339 nm (cm-1∙M-1) 

NADH (30.9 ± 0.9)103 (13.1 ± 0.1)103 (5.12 ± 0.03) 103 

NAD+ (27.8 ± 0.4)103 (15.3 ± 0.3)103 (0.018 ± 0.004)103 

 

 

 

Figure 3.13. UV-visible absorbance spectra of standard solutions in nanopure water: A-B) NADH and 

NAD+ (respectively) in the linear range of 1 μM to 100 μM, C) 10 μM NADH and NAD+ spectra comparing 

absorbances at 259 nm and 339 nm, D-E) NADH and NAD+ (respectively) in a higher concentration range 

showing shifts in lower wavelength peaks. 
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Figure 3.14. Fluorescence spectra of solutions containing NADH (red), NAD+ (blue), and NAD+ after 24-

hr exposure to LiCoO2 nanoparticles (green). Both NAD+ solutions (blue and green) overlap near baseline, 

insignificant compared to NADH fluorescence. 

 

Figure 3.15. Representative XPS spectra for LiCoO2 (LCO), LiCoPO4 (LCP), and Co(OH)2 nanoparticles 

pressed into indium foil after soaking for 24 hr in aqueous solutions with or without 0.5 mM NADH, 

arranged by the atomic transition measured. High-resolution spectra were obtained summing 10 (Co(2p)), 

20 (O(1s) and C(1s)), or 50 (N(1s) and P(2p)) scans with step size of 0.2 eV and pass energy of 50 eV. 
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Table 3.6. Experimental66 ΔG0
SHE values of each aqueous species and their respective ∆G2 at pH = 7. 

Reactants Product ΔG0
SHE (eV) ∆G2 (eV) at pH = 7 

Li(s) Li+ -3.039 -3.394 

H2(g) H+ 0 -0.414 

Co(s) Co2+ -0.563 -0.918 

½ O2(g), 2H+ H2O -2.458 -1.632 

 

 

     

Figure 3.16. Top-view along c (left) and side-view along b (middle and right) of 1 × 2 supercells of ½ H-

terminated (left and middle) and ½ Li-terminated (right) slabs used for surface calculations. Dark blue, light 

blue, grey, red, and white spheres are Co, P, Li, O and H, respectively. 
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Chapter 4. Understanding Reaction Mechanisms of Nicotinamide Adenine Dinucleotide 

(NADH) with Metal Oxide Nanomaterials 

The following chapter is adapted from a manuscript in preparation with the co-authors Katherine 

Kruszynski, Elizabeth D. Laudadio, and Robert J. Hamers. Additional authors may be added as the work is 

in-progress. All of the data collection, data analysis, and writing were done by Austin H. Henke under the 

advisement of Robert J. Hamers except for the following: Katherine Kruszynski and Elizabeth D. Laudadio 

assisted with nanoparticle synthesis and characterization. 

This work was supported by the National Science Foundation (NSF) under the Center for 

Sustainable Nanotechnology, CHE-2001611. The Center for Sustainable Nanotechnology is part of the NSF 

Centers for Chemical Innovation Program. The authors gratefully acknowledge use of University of 

Wisconsin facilities and instrumentation through the Research Science and Engineering Center (partially 

supported through NSF DMR-1720415) and Water Science and Engineering Laboratory. The authors also 

acknowledge Dr. Pamela Doolittle for assistance with ICP-MS measurements. 

4.1 Introduction. 

 As discussed in Chapter 3, redox chemistry plays a central role in the transformation of 

nanomaterials and their potential for environmental toxicity. Metal oxides constitute one of the most widely 

used class of engineered nanomaterials, such as LiCoO2 and a broader family of  “NMC” compositions 

(LiNixMnyCo1-x-yO2, x,y < 1) used in Li ion batteries. Released Co from LiCoO2 is hazardous to cells on its 

own,1 though the dissolution processes poses another threat. The crystal lattice of these materials may 

stabilize transition metal ions in oxidation states not thermodynamically favored in aqueous conditions. For 

example, Co exists in the +3 state within solid LiCoO2, whereas Co(II) is by far the dominant species under 

standard aqueous conditions.2 Therefore, upon Co release a redox reaction occurs between LiCoO2 and the 

surrounding media. Several studies have investigated LiCoO2 transformation and the effect of surrounding 

media to find that the dissolution reactions produce reactive oxygen species (ROS) and degrade surrounding 

biomolecules (e.g. proteins, DNA, metabolites).3–8 Since metal oxide compounds absorb ultraviolet and/or 
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visible light, photochemistry warrants consideration as a pathway for nanoparticle transformation and 

toxicity.9 Therefore, it is pertinent to consider the exact electronic band structure of a material,10 not simply 

the oxidation states of metal ions. Despite the large amount of prior work on metal oxide nanoparticle – 

biological interactions, no mechanism has been developed for reaction of small, redox-active biomolecules, 

such as NADH (Figure 4.1), with LiCoO2 nanomaterials. Additionally, even though carbohydrates are 

frequently attached to metal oxide nanomaterials for various applications,11–14 studies involving biological 

effects of high-valence metal oxides typically do not consider interaction with reducing sugars in the media. 

We have shown above in sections 3.3 and 3.4 that LiCoO2 and NADH transform one another via 

reductive Co release and NADH oxidation. Exposure to NADH in LiCoO2 dissolution experiments shows 

correlated Co release and NADH oxidation. Our XPS binding experiments with NADH (section 3.3.5) 

suggest that the reaction occurs on the nanoparticle surface, supported by prior studies showing phosphate 

(a component of NADH) binds strongly to LiCoO2.15, 16 However, the specific mechanism is unclear. 

Questions remain, such as: Does coupled transformation of LiCoO2 and NADH occur on the nanoparticle 

surface, or in solution with solubilized Co(III)? Is the nicotinamide moiety responsible for Co reduction? 

Is the phosphate moiety responsible for binding to the nanoparticle? Is the ribose moiety inert, or involved 

in the reaction? Do other components of the matrix (see Table 3.3) influence the reaction? To address these 

questions, we perform dissolution experiments with LiCoO2 and control compounds exposed to NADH and 

several of its component molecules (Figure 4.1): D-ribose-5-phosphate (“Ribo”) and 1-methyl-1,4-

dihydronicotinamide (“Nico”). We hypothesized that if phosphate was responsible for surface attachment, 

Ribo would reproduce the binding observed from NADH, and that if the nicotinamide group was 

responsible for redox reaction, Nico would reproduce the enhanced Co release seen with NADH. If both 

binding and reducing strength are needed in the same molecule to see any effect, these experiments could 

show that NADH alone reacts with LiCoO2. Furthermore, we tested particles exposed to both Nico and 

Ribo to see if there were synergistic effects to recapture what is seen with NADH. Our surprising results 

show that Ribo, not Nico, replicates the enhancement of LiCoO2 dissolution seen by NADH. This suggests 
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that surface attachment via the phosphate group in NADH is critical to LiCoO2 redox dissolution, and that 

reducing sugars, such as ribose, must be considered when studying nanoparticle transformations in 

biological media. 

We must also consider such nanoparticle-biomolecule interactions for compounds other than 

LiCoO2. In Chapter 3, LiCoO2 transformation with NADH is compared to the Co(II) compounds of 

Co(OH)2 and LiCoPO4 to show that a reduction reaction occurs in dissolution, though these are all Co-

containing compounds. It is unclear if and how the observed LiCoO2-NADH interaction extends to 

compounds of other metals, such as Ni, Mn, and Fe. Metal oxide minerals of different transition metals 

sometimes behave similarly in environmental transformations, such as coordination with small organic 

acids,17–20 reduction by bacteria,21–27 or effects of pH.28 However, this may not be the case A) on the 

nanomaterial scale, B) with LiCoO2 being a Li-intercalation compound, or C) since the reaction with NADH 

is potentially surface-driven (i.e., surface-specific). Here, we see that nano-scale Mn2O3 (Mn in +3 state) 

behaves similarly to LiCoO2 when exposed to NADH in that both show increased ion release and oxidize 

NADH. On the other hand, nano-scale NiO (Ni in +2 state) behaves similarly to Co(OH)2 when exposed to 

NADH in that both show little change in ion release and do not oxidize NADH. These observations are 

consistent not only with metal oxidation state, but also with predictions of Mn2O3 and NiO nanomaterial 

toxicity towards model organisms, or lack thereof, based on band structure.10 This shows that the coupled 

transformation of redox-active biomolecules and high-valence metal oxides extends beyond LiCoO2. 

4.2 Experimental. 

4.2.1 Nanoparticle synthesis and characterization. 

We synthesized sheet-like nanoparticles of cobalt hydroxide, Co(OH)2, and LiCoO2 following 

procedures we described previously.15, 16 Co(OH)2 nanosheets were prepared via a precipitation method. 

The Co(OH)2 precursor was converted to LixCoO2 using a molten salt flux of 6:4 molar ratio of 

LiNO3:LiOH at 200 °C. All solutions in this study were prepared from nanopure water (Barnstead Genpure 

System, ρ ≥ 18.2 MΩ∙cm). Detailed procedures for nanoparticle syntheses are found in section 3.5.2. Mn2O3 
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(~50 nm diameter) and NiO (~80 nm diameter) nanoparticles were obtained from U.S. Research 

Nanomaterials. The supplier labeled these materials as MnO2 and Ni2O3, respectively, however XRD 

analysis revealed the particles to be Mn2O3 and NiO, which is what we refer to from this point. CoO (95% 

powder) was obtained from Alfa Aesar and used along with Co(OH)2 as a control Co(II) compound. 

Notably, while CoO contains Co in the +2 state, Zhang et al.10 predicted this compound to display oxidative 

stress toxicity based on band structure. Therefore, experiments with CoO could determine whether metal 

oxidation state or band structure influence redox-related toxicity. Unlike the other materials, CoO is not 

specified as nano-scale. As seen in section 4.3.2, the decreased surface area compared to the other particles 

does not impede its ability to dissolve. 

Powder X-ray diffraction (XRD) patterns were obtained for each sample using a Bruker D8 

Advance diffractometer equipped with a copper Kα source and 6 mm slit width. Samples for XRD analysis 

were prepared by affixing nanoparticle powder onto a B-doped silicon crystal zero-diffraction plate (MTI 

Corporation) with vacuum grease. Specific surface area measurements of ~0.1 g vacuum-dried samples 

were determined by nitrogen physisorption (Micromeritics Gemini VII 2390 surface area analyzer) and 

Brunauer-Emmett-Teller (BET) analysis.29 Several characterization experiments, namely scanning electron 

microscopy, dynamic light scattering (DLS), and laser Doppler microelectrophoresis, have not yet been 

completed but are planned to gain information into particle morphology, size, and surface charge, 

respectively (see section 4.4). 

4.2.2 Dissolution studies with nanoparticles and biomolecules. 

A model bacterial growth medium with minimal constituents (“minimal medium” with dextrose) 

was prepared in nanopure water with various salts, 4-(2-hydroxyethyl)-1-piperazineethanesulfonic acid 

(HEPES) buffer, and dextrose. See Table 3.2 for chemical information and Table 3.3 for the full 

composition of minimal medium with dextrose. We recognize that minimal medium used may not fully 

replicate the complex environment inside cells, perhaps warranting further investigations. However, this 

medium does provide a relatively simple matrix to investigate the specific interactions of NADH and other 
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molecules with the nanomaterials of interest. Additionally, while NADH is typically unable to transverse 

membranes, there is evidence that lower concentrations of NADH can exist in extracellular matrices via 

transmembrane protein transport or other mechanisms.30 It follows that our conclusions do not rely on 

nanomaterials entering cells. This is the same matrix used in Chapter 3. 

NADH reduced disodium salt (Sigma Aldrich), 1-methyl-1,4-dihydronicotinamide (Cayman 

Chemical), and D-ribosephosphate disodium salt (Sigma Aldrich) were obtained from commercial sources 

and used as received. Solutions were prepared for each molecule of interest by dissolving 0.5 mM in 

minimal medium. This concentration was chosen because it is relevant to concentrations of these molecules 

found in certain cells31, 32 and produces suitable fluorescence signals for NADH/Nico solutions. In the case 

of solutions with Ribo and Nico combined, this was 0.5 mM for each molecule. Nanoparticles were 

introduced to each solution at 1 mg∙mL-1 nanoparticle concentration, using vials of approximately 3 mL. 

The sealed vials were covered from light and shaken for 24 h. The samples were then centrifuged at 

13,100∙g for 20 min (Eppendorf MiniSpin plus). Finally, the supernatant was collected and filtered through 

0.1 μm porosity syringe filter cartridges (Millex VV) to ensure nanoparticle removal (see section 3.2.2 for 

further justification). All experiments were performed in at least triplicate and error bars represent standard 

error of the mean. 

4.2.3 Quantifying NADH and Nico via fluorescence. 

The concentration of NADH in samples was determined via fluorescence using an ISS K2 photon-

counting spectrofluorimeter, using measurement conditions similar to those reported previously.33, 34 

Samples were placed in a fused silica cuvette at room temperature, excited at λex = 338 nm, and the emission 

spectrum was measured between λem = 400 and  λem =550 nm with a step size Δλ = 1 nm and integration 

time of 1 s per step. NADH exhibits an emission peak at λem ≈ 455 nm, whereas the oxidized NAD+ does 

not. The intensity was background-subtracted using a blank consisting of minimal medium with dextrose. 

Spectra were also normalized to the fluorescence of a solid tetraphenylbutadiene (TPB) standard to account 
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for variations in lamp intensity. NADH was quantified by converting the fluorescence intensity to 

concentration using a calibration curve. 

Solutions of Nico were treated in the same manner, except with different excitation/emission 

wavelengths determined experimentally. 1-Methyl-1,4-dihydronicotinamide contains the same fluorescent 

nicotinamide moiety as NADH, yet to our knowledge its fluorescence has not been reported previously. 

Spectral properties of 0.5 mM Nico were determined in an excitation-emission matrix from the range of λex 

= 300 – 400 nm and λem = 340 – 540 nm (Figure 4.2). From this experiment, we determined optimal analysis 

conditions of λex = 328 nm and λem = 340 – 440 nm (with maximum around 382 nm). To ensure that the 

fluorescence of Nico is tied to its redox state (as is with NADH), we performed a positive oxidation control 

by exposing Nico to 10 mM H2O2 and UV light for 30 min. Under those conditions, hydroxyl radicals and 

other ROS should easily oxidize Nico. One aliquot of 0.5 mM Nico was mixed with 10 mM H2O2+UV for 

30 min, and another was mixed with an equal volume of water. Figure 4.3 shows that the oxidation control 

drastically decreases Nico fluorescence, confirming that Nico oxidation would remove fluorescence signal. 

The spectrum of the H2O2+UV Nico solution also suffers some distortion, perhaps from further molecule 

decomposition. At this time, a Nico calibration curve has not been constructed, but normalized fluorescence 

intensities can be compared to assess relative amounts of Nico. 

4.2.4 Determining dissolved ion concentrations. 

We used inductively coupled plasma mass spectrometry (ICP-MS, Shimadzu 2030) to measure 

dissolved ion concentrations in samples after centrifugation/filtration. Samples were acidified in 2.5% 

HNO3 before analysis. Additionally, a 500:1 dilution was required to reduce salt concentrations from the 

minimal medium. 7Li, 59Co, 60Ni, and 55Mn intensities were measured and referenced to internal standards 

of 9Be (for Li) and 69Ga (for remaining elements). Each sample was measured in triplicate by ICP-MS and 

the average intensities were used for quantification. Concentrations were determined using calibration 

curves. Standard solutions of all four elements combined were prepared by serial dilution from 1 g∙L-1 

certified reference materials. Standards were diluted and acidified in the same manner as the unknowns. 
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4.2.5 Determining Nico redox potential. 

An important property of NADH-NAD+ and Nico-Nico+ is the presence of the redox-active 

nicotinamide moiety. However, given the two redox couples have different structures otherwise, they likely 

have different reducing/oxidizing strengths. The reduction potential of NADH has been well studied,35 but 

to our knowledge that of 1-methyl-1,4-dihydronicotinamide has not. We performed cyclic voltammetry of 

1 mM NADH or Nico in 1 M NaClO4 in a three-electrode sealed glass cell with a 3 M Ag|AgCl reference 

electrode, glassy carbon working electrode, and platinum mesh counter electrode. The solution was purged 

with Ar and stirred, with the stirring stopped prior to measurement. Scans were taken from 0 V → +1.5 V 

→ -1.0 V → 0 V vs. reference at a range of scan rates from 20 – 500 mV∙s-1 (step size 0.005 mV). 

Electrochemical potentials for each couple at these conditions (pH 7 and 1 mM analyte) were calculated by 

taking the average of the oxidation and reduction peak potentials. Peak currents were not absolute maxima, 

as there was significant hydrogen/oxygen evolution background, and had to be estimated from “shoulder” 

peaks in the more discernable low scan rate voltammograms. Electrochemical experiments were performed 

on a Metrohm Autolab 302N Potentiostat-Galvanostat and data were analyzed using NOVA 1.6 software. 

4.3 Results and discussion. 

4.3.1 Nanoparticle characterization. 

 Powder x-ray diffraction patterns were taken of each material to assess purity and crystallinity and 

are shown in Figure 4.4. The synthesized compounds LiCoO2 and Co(OH)2 (Figure 3.2) match the expected 

literature patterns.36, 37 Commercial CoO matches the expected pattern for CoO. However, interestingly the 

commercial “Ni2O3” and “MnO2” were in fact NiO and Mn2O3, respectively, according to XRD analysis. 

Each pattern agrees well with reference patterns.38, 39 Slight broadening of XRD peaks is expected given 

their nanoscale size.40 Nitrogen adsorption isotherms were measured to calculate specific surface areas (S) 

of SLiCoO2 = 114.0 ± 0.8 m2∙g-1, SCo(OH)2 = 33.39 ± 0.05 m2∙g-1, SMn2O3 = 24.42 ± 0.08 m2∙g-1, and SNiO = 18.55 

± 0.7 m2∙g-1. If we assume a spherical shape for Mn2O3 and NiO and calculate an expected surface area ('S) 

given the material density and particle diameter specified by the manufacturer (50 nm for Mn2O3 and 80 



105 

 

nm for NiO), we find 'SMn2O3 = 23.9 m2∙g-1 and 'SNiO = 15.5 m2∙g-1. These values agree with the measured 

specific surfaces with ~20% error, indicating the particles are the expected sizes. While Co(OH)2 and 

Mn2O3 have similar surface areas, the higher surface area of LiCoO2 and lower surface area of NiO could 

impact our results, as most experiments are normalized by mass. However, this is a geometric factor that 

could be accounted for in control experiments. LiCoO2 and Co(OH)2 were further characterized in Chapter 

3 (e.g., SEM), and similar tests will be performed for Mn2O3 and NiO. 

4.3.2 Impacts of NADH, Nico, and Ribo on metal oxide dissolution. 

 Figure 4.5 shows the concentrations of solubilized metals after each nanoparticle type was exposed 

to solutions of minimal medium, media + NADH, media + Nico, media + Ribo, and media + Ribo + Nico. 

CoO and Co(OH)2 are separated, as they have a larger scale of dissolution. Comparing the effects of each 

molecule on ion release for the different nanomaterials reveals several interesting results. First, we examine 

LiCoO2 and Co(OH)2. NADH increases Co release from LiCoO2, but not Co(OH)2. This confirms our 

results from Chapter 3, that the Co(III) in LiCoO2 is required to interact with NADH. Next, and perhaps 

most surprising, is that Ribo, and not Nico, enhances Co release from LiCoO2. This is unexpected since 

Nico is the primary redox-active component in NADH, which we hypothesized to be responsible for 

enhanced dissolution of LiCoO2 in Chapter 3. Because the ribose phosphate molecule can influence metal 

release from these metal oxides in a similar way as NADH, the ribose moiety of NADH may be involved 

in its reactivity as well (see section 4.4). Additionally, we see from Figures 4.5A-B that the combined Nico 

+ Ribo dissolution samples show approximately double the ion release than for NADH or Ribo alone. While 

still unclear, we hypothesize there could be a synergistic interaction of Nico and Ribo that not only 

reproduces the effects of their parent molecule, NADH, but surpasses them. It is unlikely this is an ionic 

strength effect (from each molecule being 0.5 mM) because this is a relatively small change in total ionic 

strength given the other solution components. We also rule out the possibilities of a systematic error because 

1) the same batches of particles and the same ICP-MS standards were used for every experiment, 2) the 
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Nico + Ribo experiment was fully repeated with the same results, and 3) the increase in metal concentrations 

varies across the different compounds (i.e., they do not increase by the same factor). 

Now we compare LiCoO2 and Co(OH)2 to the results of Mn2O3, NiO, and CoO. The Mn(III) 

compound Mn2O3 behaves similarly to LiCoO2 in that it releases more ions upon exposure to NADH and 

Ribo and experiences no increase when exposed to Nico. The Ni(II) compound NiO, like Co(OH)2, is 

relatively unaffected by any of the molecules. However, NiO does not show the large increase in ion release 

from the combined Nico + Ribo dissolution experiment, making it difficult to draw conclusions on its origin 

for the other compounds. Overall, these dissolution results for Mn2O3 and NiO are interesting in that 1) they 

confirm our hypothesis that NADH acts as a reducing agent to enhance ion release specifically for high 

oxidation state metal oxides, and 2) they suggest that our results from Chapter 3 extend to compounds 

beyond LiCoO2. The Co(II) containing compound CoO is meant to be a similar control as to Co(OH)2. The 

concentrations of released Co for CoO are consistent across each media type, like Co(OH)2, which is 

expected if the Co oxidation state is not changing upon dissolution. Yet, Co release from CoO is much 

higher, potentially plateauing at a solubility limit (beyond that in pure water due to increased ionic strength 

and chelating agents).41 Further studies under different conditions (e.g., lower particle loading or shorter 

time) would need to be performed to learn more about the effect these molecules on CoO dissolution. 

4.3.3 Difference in NADH and Nico fluorescence response. 

 With Nico and its parent molecule NADH having differing effects on the nanomaterials under 

study, we sought to uncover the extent to which each of these nicotinamides were oxidized by measuring 

their fluorescence before and after dissolution experiments. Dissolution experiments with NADH show 

drastically different final concentrations depending on the nanoparticle (Figure 4.6). The +3 oxidation state 

compounds LiCoO2 and Mn2O3 yield severe decreases in NADH concentration. We ascribe this to oxidation 

of NADH to the non-fluorescent NAD+, coupled with enhanced metal ion release. The +2 oxidation state 

compounds Co(OH)2 and NiO yield slight decreases in NADH concentration, likely due to adsorption of 

NADH on the surface of the particles (which are removed prior to fluorescence analysis). This suggests 
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that NADH is not being oxidized by the materials and NADH is not reducing the metals, which is consistent 

with their constant ion release regardless of the presence of NADH. These data confirm our results in 

Chapter 3 and section 4.3.2 that high oxidation state metal oxides alone oxidize NADH, and in the process 

their ion release is enhanced. 

 On the other hand, dissolution experiments with Nico or Nico + Ribo show a uniform concentration 

of Nico remaining after 24 h with any of the particles tested (Figure 4.7). These data show that the metal 

oxide nanoparticles have no impact on the redox state of Nico, which is consistent with our observation 

that Nico had no impact on metal ion release (Figure 4.5). This is further evidence pointing toward Ribo as 

an active component of NADH. Our results suggest that either A) Nico is too weak a reducing agent to 

transform the nanomaterials, B) direct surface binding with a group such as phosphate, which Nico does 

not have, is required to react, or C) the ribose sugar and not the nicotinamide is the part of NADH that 

undergoes the coupled redox transformation with metal oxides (see section 4.3.5). It is possible it is a 

surface-driven electron-transfer (statement B), as Chapter 3 showed binding of NADH to LiCoO2 via XPS. 

However, further XPS binding experiments with Nico and Ribo, and the additional nanomaterials (Mn2O3 

and NiO) are needed to elucidate such a mechanism. Statement A is address below in section 4.3.4. 

4.3.4 Redox potentials of Nico and NADH. 

To study the electrochemical properties of NADH and Nico, we used cyclic voltammetry in a 3-

electrode cell. Solutions were prepared of 1 mM NADH and 1-methyl-1,4-dihydronicotinamide (Nico, the 

reduced forms of each) in 1 M NaClO4 as an inert electrolyte. An example voltammogram is shown in 

Figure 4.8. On the positive sweep, positive current peaks are produced for oxidation of both NADH and 

Nico. On the negative sweep, each molecule displays a small negative current peak corresponding to 

reduction of NAD+ or oxidized Nico. At extreme potentials in both directions, background current increases 

from water electrolysis. Since |IOx| >> |IRed| and the gap between EOx and ERed is large for NADH (~1.28 V) 

and Nico (~0.74 V), both redox equilibria are highly irreversible. Reduction potentials for each species 

under these conditions (1 mM analyte, pH 7, room temperature) were calculated by taking the average of 
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peak potentials to yield ENADH = +0.265 V vs. SHE and ENico = +0.107 V vs. SHE. Our calculated value for 

ENADH deviates significantly from the literature value of E0
NADH at pH 7 of -0.315 V vs. SHE, with the 

difference likely being attributed to A) a difference in concentrations (1 mM in this work vs. 1 M in Wilson 

et al.),35 and B) error in our measurement arising from the irreversibility of the reactions. However, given 

that the apparatus and parameters are the same for both NADH and Nico, any errors from concentration 

differences, electrode overpotential, ohmic potentials, etc. should be the same such that the relative values 

can be compared accurately. 

 Comparing the reduction potentials for NADH and Nico, we see that ENADH > ENico (it is more 

positive). This means that formation of the reduced form of Nico is less favored than the formation of 

NADH. When looking from the perspective of oxidation (i.e., acting as a reducing agent), it is easier to 

oxidize Nico than NADH. This can be seen qualitatively in Figure 4.8 from the order of the oxidation peaks 

on the positive sweep: it requires more energy to initiate NADH oxidation. Because of this, Nico is 

considered a stronger reducing agent than NADH. If the weaker reducing agent, NADH, can transform 

nanomaterials when the stronger reducing agent, Nico, has no effect on the nanomaterials, there must be 

another explanation for the interaction beyond the nicotinamide reducing strength. 

4.3.5 Ribose as a possible reducing agent. 

Figures 4.5 and 4.7 suggest that Ribo, and not Nico, is responsible for the reciprocal redox 

interaction observed of NADH with LiCoO2 and other materials. While, unexpected, it is possible that the 

ribose itself acts as a reducing agent towards the high valence metal oxides in our experiments. If this is the 

case, ribose in NADH may even be involved in its reaction with nanoparticles. Any monosaccharide that 

can tautomerize into an aldehyde straight-chain structure can be oxidized, and thus act as a weak reducing 

agent. This includes D-ribose-5-phosphate (Figure 4.1B) and would explain why Ribo is able to 

preferentially enhance metal ion release from high valence oxides LiCoO2 and Mn2O3. But what about 

ribose in NADH? Unlike in Ribo, the ribose sugar of NADH is part of a rigid structure, bound to the 

nicotinamide on one side and the diphosphate bridge on the other. Since the carbon at position 1 in Figure 
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4.1A is bonded to N, unfolding the ribose ring yields an amide, not an aldehyde. While studies have shown 

that tautomerization of select amino acids can occur,42, 43 this is not possible for NADH because it does not 

have the necessary -COOH group and the other side of the ribose ring is connected to a bulky -R group. 

Therefore, ribose in NADH cannot act as the primary reducing agent in a traditional manner. However, 

since Nico shows no reactivity towards even high valence metal oxides, and since our experiments suggest 

that NADH attaches to the surface, there could be a connection between ribose sugar and nicotinamide in 

NADH. We hypothesize that if NADH binds to LiCoO2, etc. via its phosphate groups (which are local to 

ribose), then there may be an electron transfer event from the nicotinamide to the metal atoms, or from the 

nicotinamide to the ribose and then to the metal atoms. This is because Nico alone cannot initiate the 

reaction, whereas Ribo can, and because ribose in NADH cannot act as the primary reducing agent. A model 

of the proposed mechanism is shown in Figure 4.9. In this model the binding site for NADH is on a metal-

terminated surface, given the negative charge of phosphate. Electrons are transferred from the nicotinamide 

to the ribose, and finally to Co(III) which is reduced to aqueous Co(II). NADH is oxidized and detaches 

from the surface. 

4.4 Conclusions and future directions. 

 From this investigation we draw several interesting conclusions on the interaction of NADH and 

its components with metal oxide nanomaterials. First, it is Ribo, not Nico, that can reproduce the reciprocal 

redox dissolution of metal oxides like its parent molecule, despite nicotinamide being the expected redox-

active component of NADH. This is because Ribo (not Nico) enhances metal ion release for high valence 

oxides, and none of the nanomaterials tested affected Nico redox state. Moreover, from electrochemical 

measurements we find Nico to be a stronger reducing agent than NADH. This means a simple lack of 

reducing strength cannot be the reason for absence of reactivity with Nico. We attribute this to the moderate 

reducing strength of ribose phosphate via tautomerization to its straight-chain aldehyde form and the lack 

of a binding moiety in Nico. While we can measure the redox state of Nico via fluorescence, we have not 

performed such experiments with Ribo. If Ribo is acting as a reducing agent, then it is critical in the future 
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to measure the loss of the reduced form and/or increase in concentration of the oxidized product. This could 

be done by fluorescence/absorbance spectroscopies (though this may lack structural specificity),44, 45 classic 

reduced sugar tests (e.g., Benedict’s Reagent or Tollen’s Reagent), 13C NMR (to avoid H2O interference in 

1H NMR), or HPLC-MS. The lack of activity for Nico suggests that a binding moiety, such as phosphate, 

is necessary to react with LiCoO2, etc. As mentioned in Chapter 3, Laudadio et al. have shown that 

phosphates bind strongly to LiCoO2, and that exposure to phosphate did not increase LiCoO2 dissolution 

(ruling out a complexation effect).15, 16 By performing nanoparticle dissolution experiments with exposure 

to ribose instead of ribose phosphate (Ribo), this could show if the phosphate group is required to enhance 

ion release. If ribose (no phosphate) does not increase ion release from high valence oxides, then this 

suggests phosphate is required for a surface-driven reaction. This would also explain why Nico is 

unreactive. If ribose increases ion release from the high valence oxides just like NADH or ribose phosphate, 

then phosphate binding is not required for the reducing sugars to react with the particles. We have seen 

NADH binding to nanoparticles via XPS in Chapter 3, however additional XPS binding experiments for 

Nico and Ribo could prove useful. We would expect to see strong attachment of Ribo (measured via P(2p) 

signal), and minimal attachment of Nico (measured via N(1s) signal). Regarding characterization of Nico, 

our fluorescence measurements are promising, but further analysis of the Nico fluorescence spectrum and 

a calibration curve would be helpful since this molecule is not as well studied as is NADH. 

 Second, we compared the interaction of NADH etc. with Co compounds LiCoO2 and Co(OH)2 to 

their interaction with other oxides, namely Mn2O3 and NiO. We see in both metal ion release and effect on 

NADH redox state, these materials behave similarly to LiCoO2 or Co(OH)2 according to metal oxidation 

state. For example, Mn2O3 significantly oxidizes NADH (like LiCoO2), whereas NiO decreases NADH 

concentration minimally through NADH adsorption to the particle surface (like Co(OH)2). This shows that 

our conclusions about the reciprocal redox interaction of reducing biomolecules and high valance oxides 

extends to compounds beyond the Co-containing LiCoO2 and Co(OH)2. Unfortunately, our results with 

CoO were inconclusive due to experimental errors and the released Co concentrations being too high under 
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our experimental conditions. CoO is an important control because CoO has shown toxicity through 

oxidative stress46 and is predicted to have such effects through band structure analysis,10 despite Co being 

in the +2 state (like Ni in NiO). Therefore, future experiments must include CoO to discern whether metal 

oxidation state, band structure, concentration of ions released, or some other factor dictates interaction of 

the nanomaterial with NADH and other molecules. Additionally, we have yet to perform important 

characterization of Mn2O3, NiO, and CoO particles to identify their size, shape, and surface charge, as these 

properties could impact reactivity with NADH and its component molecules. 

 This study both confirms our results of Chapter 3 by reproducing with addition nanomaterials and 

shows that simple sugars (e.g., Ribo) cannot be ignored in when assessing the mutual interactions of media 

and nanomaterials. The ribose within NADH may be contributing towards its reactivity, and perhaps more 

importantly, other reducing sugars present in media could undergo the same reciprocal redox 

transformation. For example, a major component of the media used in our experiments is dextrose (i.e., 

glucose). This monosaccharide can act as a weak reducing agent just like ribose and is in the media at an 

even higher concentration (10 mM) than Ribo or Nico (0.5 mM). Glucose and/or other media components 

could be either enhancing nanoparticle dissolution by similar mechanisms as NADH and Ribo or restricting 

dissolution by coating the nanoparticle surface. That is, the presence of glucose or other molecules could 

either be adding a consistent background of metal ion release to our experiments, or consistently 

diminishing what would be even greater impact from NADH, etc. on the particles. The media in Table 3.3 

was chosen to mimic bacterial growth media, however this may be overly complex for a study aimed to 

understand the effects of specific molecules on nanoparticle transformation. Therefore, we should simplify 

the solutions nanoparticles are exposed to and probe the effects of media components (salts, buffers, carbon 

sources) on metal release. 

The mechanism proposed herein for NADH reacting with the metal oxide surface fits with the 

presented data but is incomplete due to lack of knowledge on the necessity of the phosphate binding group 

for reactivity and the mechanism of Ribo degradation or identification of its degradation products. This 
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information can be achieved through the experiments described above. Additionally, we have found that 

reducing sugars, such as ribose or glucose, must be considered when studying how media components 

transform metal oxide nanomaterials. While the focus of Chapters 3 and 4 has been on metal ion release, 

this must be coupled with release of oxygen from the metal oxide lattice. This mechanism has been 

investigated computationally47,48 but experimental evidence is lacking. We performed experiments seeking 

to detect if oxygen gas was generated from the dissolution of LiCoO2 and other particles by measuring 

pressure changes in a sealed container, though results were inconclusive (data not shown). Studying oxygen 

release, metal release, and transformations to media components, will lead to better understanding the 

interaction of NADH and other small redox-active biomolecules with high valance metal oxides. 

4.5 Figures. 

 

Figure 4.1. Molecular structures of A) NADH, B) D-ribose-5-phosphate (Ribo), and C) 1-methyl-1,4-

dihydronicotinamide (Nico). 
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Figure 4.2. Excitation-emission matrix of 0.5 mM 1-methyl-1,4-dihydronicotinamide (Nico) minimal 

media with dextrose in a 1 cm2 fused silica cuvette with step size of 2 nm and integration time of 1 s at each 

point. The background at Y = X (lower right) corresponds to scattering of the excitation light. 

 

 

Figure 4.3. Fluorescence spectra of 0.5 mM Nico solution diluted 2:1 in water (blue, control), or 10 mM 

H2O2 with 30 min of UV exposure (red, intentional oxidation). 
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Figure 4.4. Powder x-ray diffraction patterns for A) LiCoO2, B) Mn2O3, C) NiO, and D) CoO particles. 

Reference patterns were taken from the Crystallography Open Database (see text for references). Despite 

the supplier labeling compounds as Ni2O3 and MnO2, they match reference patterns of NiO and Mn2O3, 

respectively. See Figure 3.2 for Co(OH)2. 
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Figure 4.5. Respective transition metal (e.g., Co for LiCoO2 and Mn for Mn2O3) concentrations determined 

by ICP-MS for A) LiCoO2, Mn2O3, and NiO, and B) Co(OH)2 and CoO, after 24-h, 1 mg∙mL-1 exposure to 

minimal medium with dextrose and the listed molecules. Note the difference in axis scale. Data for CoO 

with Ribo not available due to experimental error. 

 

 

Figure 4.6. Concentrations of NADH determined via fluorescence and a calibration curve after a 24-h 

dissolution experiment with the listed particles at 1 mg∙mL-1. “Initial” indicates the starting NADH solution. 

Data for CoO not available due to experimental error. 
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Figure 4.7. Normalized fluorescence intensity for 0.5 mM Nico (green) or 0.5 mM Nico with 0.5 mM Ribo 

(purple) solutions after a 24-h dissolution experiment with the listed particles at 1 mg∙mL-1. Intensities 

were measured at 382 nm and normalized so that the initial Nico solution has I = 1.00. Because all values 

are close to unity, none of the Nico solutions had a significant change in fluorescence over the 24 h. 

 

 

Figure 4.8. Representative cyclic voltammogram for 1 mM NADH (red) and Nico (blue) in 1 M NaClO4 

solution. Working electrode was swept 100 mV∙s-1 from 0 V → +1.5 V → -1.0 V → 0 V vs. 3 M Ag|AgCl. 

Current density was calculated using the geometric area of the circular working electrode (0.182 cm2). 

Arrows indicate the approximate locations of peak potentials. 
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Figure 4.9. Proposed mechanism for the redox reaction of NADH with LiCoO2. NADH binds to LiCoO2 

via its phosphate groups, after which Co(III) is reduced by the transfer of electrons from nicotinamide to 

ribose, to Co(III). The products are solubilized Co(II) and NAD+. The reaction is not fully balanced to 

account for release of oxygen atoms from the lattice, which are likely to react with H+ to form H2O. 
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Appendices 

Appendix 1. Spatial separation and detection of abiotic H2O2 from LiCoO2. 

The following is adapted from excerpts of the article in Environmental Science: Nano 2021, 

(recently accepted) with the co-authors Metti K. Gari, Paul Lemke, Kelly H. Lu, Elizabeth D. Laudadio, 

Curtis M. Green, Thomas Pho, Khoi Nguyen L. Hoang, Catherine J. Murphy, Robert J. Hamers, and Z. 

Vivian Feng. The bulk of the manuscript was completed by Metti K. Gari under the supervision of Z. Vivian 

Feng. Austin H. Henke contributed to data collection, data analysis, and manuscript preparation for the 

sections discussed below, under supervision of Robert J. Hamers and with assistance from Curtis M. Green. 

This work was supported by the National Science Foundation (NSF) under the Center for 

Sustainable Nanotechnology, CHE-2001611. The Center for Sustainable Nanotechnology is part of the NSF 

Centers for Chemical Innovation Program. 

A.1.1 Introduction. 

 Metal oxide nanoparticles can lead to cytotoxicity through dissolution of metal ions, largely due to 

their high surface-to-volume ratios. For instance, lithium nickel manganese cobalt oxide has been shown to 

release toxic levels of nickel, manganese, and cobalt ions that impact bacterial respiration1, 2 and lifecycle 

of Daphnia magna.3 Yet, often, the dissolved ions cannot fully recapitulate the biological impacts. In 

eukaryotic cells where nanoparticles may be internalized, cytotoxicity has been linked to nanoparticle-

induced intracellular reactive oxygen species (ROS) generation and cellular oxidative stress.4 Metal oxide 

nanoparticles can induce ROS due to their reactive surfaces, semiconductor electronic properties, or through 

the release of redox active transition metal ions triggering biomolecule redox reactions.5 Species such as 

superoxide, hydroxyl radical, and hydrogen peroxide, once formed intracellularly at levels that overwhelm 

the antioxidant systems, often result in oxidative stress exhibited by DNA damage or lipid peroxidation.5-7 

Therefore, it is essential to understand abiotic ROS formation from these materials and the cellular response. 

Lithium cobalt oxide (LiCoO2), an example of nanoscale transition metal oxides, is one of the most widely 

commercialized cathode materials in lithium ion batteries. Although studies have suggested LiCoO2 can 
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induce oxidative stress and impact growth cycles of model organisms, the detailed toxicity mechanism is 

still unclear. To better understand how oxidative stress responses are triggered in model bacterium, B. 

subtilis, upon exposure to LiCoO2, we monitored how LiCoO2 released Co ions and generated abiotic 

reactive oxygen species (ROS) in aqueous medium over time. 

Spectroscopic assays were performed using fluorescent probes to react with and indirectly detect 

H2O2, 1O2, ∙O2
-, and ∙OH. Although the use of fluorescent probes is a common and effective approach to 

detecting ROS,8 one of many possible errors that can arise when using such a probe molecule is false-

positive detection via the probe reacting at a potentially catalytic surface, such as LiCoO2 nanoparticles.9 

Experiments showed that detection of H2O2 using the Amplex Red (AR) assay in LiCoO2-exposed solutions 

was statistically significant (Figure A.1.1A), indicating that H2O2 is the primary ROS generated from 

LiCoO2 and should be further investigated. In the assay, AR and H2O2 react, with a horseradish peroxidase 

(HRP) catalyst, to produce the fluorescent resorufin. To ensure that positive results of the AR assay were 

due to the transformation of the AR to resorufin upon reaction with free H2O2 and not on the nanoparticle 

surfaces, we performed diffusion assays with LiCoO2 suspension. 

A.1.2 Experimental. 

A solution of 100 μM Amplex Red and 0.1 unit∙mL-1 horseradish peroxidase (AR-HRP) and a 

standard solution of 1 μM H2O2 were each prepared in minimal media with dextrose (the same media as 

other experiments). These concentrations were chosen based on prior work,10 to maximize H2O2 capture 

and produce fluorescence within a reasonable range. Experiments were performed with/without LiCoO2 

particles, with/without spiked H2O2 (as a positive control), and were each performed in at least duplicate. 

Figure A.1.2 shows the device prepared for each sample to spatially separate the LiCoO2 nanoparticles from 

the AR-HRP solution using a finely porous hydrophobic filter membrane (MF-Millipore, 25 nm pore size, 

13 mm diameter). First, LiCoO2 particles were pressed into indium foil on a copper plate to immobilize 

them. In the case of no-LiCoO2 controls, indium pressed on copper was used. Next, 10 μL of minimal media 

with dextrose with/without 1 μM H2O2 (no AR-HRP) was added on the particle plate to promote dissolution, 
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and in the case of H2O2 to simulate if H2O2 were produced by the particles. Then, a filter membrane disk is 

added on the plate, followed by an o-ring. 100 μL of the AR-HRP solution was added within the o-ring 

cavity, above the filter membrane. Finally, the o-ring is capped with a glass slide and sealed with a clamp. 

We allowed the particles to dissolve unstirred for 1 h, disassembled the device, and removed 50 μL from 

within the o-ring above the membrane. This extracted solution was diluted into 1 mL of minimal media 

with dextrose and analyzed by fluorescence spectroscopy with conditions similar to those used previously.10 

Intensity at the emission peak maximum (~582 nm) was used for quantification, with the AR-HRP-only 

negative control serving as a baseline. Approximate quantification of unknown H2O2 generated from 

LiCoO2 samples was possible due to the known quantity of spiked H2O2 (i.e., standard addition). 

A.1.3 Results and discussion. 

We assembled an apparatus (Figure A.1.2) to spatially separate the LiCoO2 nanoparticles from the 

AR-HRP solution using a finely porous hydrophobic filter membrane. Fluorescence of the resulting solution 

above the filter membrane (i.e., no direct particle exposure) is used to detect H2O2 with 1 μM H2O2 below 

the filter membrane as a standard. Under this experimental design, an increase in fluorescence would be 

from the reaction of AR with free H2O2 and not with the nanoparticle surfaces, assuming 1) H2O2 readily 

diffuses through the membrane, 2) LiCoO2 cannot diffuse through the membrane (25 nm pores are small 

relative to particle diameter), and 3) HRP does not appreciably diffuse through the membrane within the 

time scale of the experiment. Although AR may diffuse through the membrane, conversion to the 

fluorescent product requires the HRP catalyst. Although we expect cobalt ions may also diffuse through the 

membrane, Co2+ alone did not induce fluorescence intensity change with AR in control experiments (data 

not shown). 

Figure A.1.1B shows representative fluorescence spectra of each sample tested with the normalized 

fluorescence intensity normalized to the background. The presence of LiCoO2 nanoparticles results in an 

increase in fluorescence compared to the AR-HRP control solution. Addition of 1 μM H2O2 spike produces 

a similar effect, indicating that H2O2 diffuses through the membrane over the 1-h period and reacts with 
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AR-HRP. The presence of LiCoO2 particles alone (no AR-HRP) shows no fluorescence, with small 

background intensity coming from scattering of the excitation light. These results show that positive 

detection of H2O2 in our Amplex Red experiment (Figure A.1.1A) is indeed due to the presence of abiotic 

H2O2 and not direct interaction of AR with the LiCoO2 nanoparticles. Therefore, we can conclude from the 

AR experiments that H2O2 is the primary abiotic ROS generated from LiCoO2 upon cell exposure. This has 

implications in nanoparticle toxicity, which are discussed elsewhere in the paper (see cited article). 

A.1.4 Figures. 

 

Figure A.1.1. Abiotic H2O2 detection in LiCoO2 suspension after 1 h (blue) and 48 h (red) in minimal media 

with 10 mM dextrose. A) Quantification of H2O2 monitored by Amplex Red dye (n = 4, ** for p < 0.01 

with two-way ANOVA with Sidak’s multiple comparison test, and B) representative fluorescence spectra 

of 100 μM Amplex Red (AR) and 0.1 unit per mL horseradish peroxidase (HRP) solution after 1-h exposure 

through a filter membrane to LiCo2 nanoparticles and/or 1 μM H2O2 standard solution. 
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Figure A.1.2. Assembled device for diffusion assay of Amplex Red with LiCoO2 dissolution. LiCoO2 

nanoparticles are between the filter membrane and the copper substrate. The AR-HRP solution removed 

for analysis is housed within the o-ring, above the filter membrane. 
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Appendix 2. Developing a new discovery-based electrochemistry laboratory experiment for 

general chemistry on batteries and the Voltaic pile. 

The following summarizes teaching and professional development work completed by Austin H. 

Henke under the supervision of Robert J. Hamers with assistance from Sarah L. Guillot and Chad C. 

Wilkinson. In this collaboration, we developed a laboratory experiment on electrochemistry for a second-

semester general chemistry course (CHEM 104). Austin H. Henke, Sarah L. Guillot, and Chad C. Wilkinson 

equally contributed to experimental design. Austin H. Henke developed course materials (e.g., lab manual 

and staff notes entries) and analyzed student data. Chad C. Wilkinson and Austin H. Henke worked together 

to implement on the large class scale. Austin H. Henke had assistance from Devin Wixon within the Delta 

Program on teaching methodology, data analysis, and manuscript editing. We also acknowledge from 

Rachel Bain, Stephen B. Block, and Lea Gustin for assistance with experiment implementation and 

manuscript editing. 

This work was supported by the National Science Foundation (NSF) under the Center for 

Sustainable Nanotechnology, CHE-2001611. The Center for Sustainable Nanotechnology is part of the NSF 

Centers for Chemical Innovation Program. This work was also supported by the University of Wisconsin – 

Madison General Chemistry Program. 

A.2.1 Introduction. 

As I have experience as a student and instructor, electrochemistry is typically taught at the end of 

the semester for second-semester general chemistry courses. While this fits a flow of concepts from kinetics 
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→ equilibrium → acids and bases → electrochemistry, it often leads to electrochemistry being rushed or 

portions of it skipped entirely. Additionally, traditional electrochemistry may be taught in a way that 

emphasizes memorizing conventions and equations instead of understanding fundamental concepts. 

Because of this, connections are not always made from abstract ideas (mathematics) to the many 

applications of electrochemistry in the world today. Restructuring the entire course is not ideal because of 

the natural synergy of topics presented above. Therefore, a change in electrochemistry curriculum is needed 

increase student engagement with electrochemistry content and make it more relatable. 

Development of a laboratory experiment is an appealing option for improving electrochemistry 

curriculum. Laboratory experiments are a major form of active learning in most chemistry courses. Lab 

activities can be effectively employed both in terms of summative (longer research projects) and formative 

(short demonstrations) assessment.1  Inquiry-based (or discovery-based) labs are one type in which students 

are not directly given the tasks they must complete but are given guidelines to ask and answer the right 

questions.2 The active learning environment of the laboratory, and especially a discovery-based lab, 

promotes learning via different learning styles and increases accessibility of the content across diverse 

students: a key component of effective teaching.3 An additional benefit of group-based laboratory exercise 

is that it fosters learning community among students, promoting peer-peer learning.4 Therefore, 

collaboration should be a key component of new laboratory exercises. The previous general chemistry 

experiment on electrochemistry at UW-Madison was a “discovery-based exercise”.5  However, I believe 

that primarily it was discovery-based in that lectures often fall behind and were not able to teach the content 

covered in the lab until after the lab. The lab activity itself was focused on the same mathematics, 

conventions, and equations covered in lecture, though it succeeded in illuminating a few key concepts and 

promoted group work. The goal of this work is to implement a new, sufficiently self-contained experiment 

with core inquiry and collaboration components and make it about a tangible topic: batteries. Additionally, 

students are required to work together not only with their assigned lab partner, but also analyze pooled class 

data and combine with other student groups to work towards a collective goal. 



128 

 

For hundreds of years scientists have explored the connections between chemical reactions and 

electricity. Two competing Italian scientists, Luigi Galvani and Alessandro Volta, pioneered this field in 

the 18th century. Galvani showed for the first time that electricity can be carried through a solution of 

charged ions, including biological tissue. Volta expanded on this work and invented the “Voltaic pile” 

(Figure A.2.1), one of the earliest known batteries. What better way to introduce electrochemistry and 

batteries than to have students recreate this iconic device from scratch? In this experiment, students 

construct and study Galvanic cells and a Voltaic pile to meet the learning objectives outlined in Table A.2.1. 

A.2.2 Experimental. 

This project addresses a topic and experiment done in General Chemistry II (CHEM 104) and 

Advanced General Chemistry (CHEM 109), both of which are 4 credit courses. These are typically 

composed of first- and second-year students, who are chemistry, biology, biochemistry, pre-med, or 

engineering (chemical, mechanical, etc.) majors. The experiment was piloted in CHEM 104, which has 

~500 students in the fall semester, ~2100 students in the spring semester, and ~100 students in the summer, 

each split into lectures of ~300 students. Besides lecture, students attend a smaller (~22 students) discussion 

section twice a week, and lab once a week with the same group of students as their discussion. Because of 

the large number of students performing the experiment, practical considerations, such as cost and 

robustness, often influenced decisions of experimental design. 

This experiment began as an outreach demonstration for children at local science festivals involving 

stacks of sanded U.S. pennies and pieces of cardboard soaking in a salty vinegar solution (~1 M NaCl in 

acetic acid): a common demonstration that has been done previously. In this design, the pennies serve as 

both cathodes and anodes for a stack of Galvanic cells. For U.S. pennies made on or after 1983, the surface 

is Cu, while the core is Zn. When the Cu surface is sanded or etched away, there are two metals with 

differing reduction potentials that can generate a voltage when multiple pennies are put in contact across 

an electrolyte. Cardboard or other thick paper was a suitable separator to prevent short-circuiting while 
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allowing ions to flow. We use NaCl as the electrolyte, but the addition of acetic acid is needed to dissolve 

a small amount of each metal ion, such that the corresponding reduction reaction can occur (Eq. A.2). 

Zn0 → Zn2+ + 2e-     Eq. A.1 

Cu2+ + 2e- → Cu0     Eq. A.2 

Building a stack of multiple pennies gave the children a hands-on way to experience electrochemistry. The 

stacks can produce sufficient voltage to light an LED or sound a buzzer. 

 To expand the experiment to reach the college-level learning objectives in Table A.2.1 and be 

consistently completable by hundreds of students at low cost, several modifications were made. First, 

pennies were replaced by metal sheets of various metals (Co, Ni, Fe, Zn, Cu, Ti, Mo, W, V, Mn) cut into 

hexagons. This is because 1) pennies are limited to only two metals (Cu and Zn) and we wanted students 

to observe trends across more element combinations, and 2) removal of the Cu surface to expose the Zn 

core was labor intensive for large quantities of pennies. Metal sheets were cut into hexagons to optimize 

material usage and maintain a size and shape similar to the circular penny. Second, the separator was 

changed from cardboard to a hydrogel. Soaked cardboard, filter paper, felt, and other papers allowed 

sufficient ion flow to measure potential differences, however, they were too resistive to allow sufficient 

current to drive electrolysis. Additionally, there were problems of the separators drying out or folding over 

to create a short-circuit by touching another separator or electrode. Hydrogel disks solve all of these 

problems by providing a robust, conductive, inexpensive, moderately rigid separator that can be soaked in 

the same electrolytes and reused multiple times. Hydrogel sheets were prepared using previously described 

procedures6, 7 and cut into disks of similar size to the metal pieces. Lastly, we needed to change the way the 

Voltaic pile was packaged to make the experiment robust and allow student groups to move around the lab 

and combine their Voltaic piles. To do this, we added U.S. penny roles as a scaffold to build and contain a 

Voltaic pile, and to have metal plates with soldered wires at the top and bottom for easy electrical 

connection (Figure A.2.2). 



130 

 

Together, these changes transformed a small-scale demonstration into a course-wide experiment. 

Compared to the previous electrochemical cells experiment,5 the proposed experiment has significantly 

reduced long-term cost. The previous electrochemical cells experiment required large quantities (several 

liters) of 1 M solutions of multiple metal salts, including AgNO3. For the proposed experiment, all reagents 

and materials are relatively inexpensive (NaCl, vinegar, penny rolls, wires, hydrogel). While the up-front 

cost of metal plates is significant, these can be reused for many years. Therefore, this experiment benefits 

the General Chemistry program by greatly (~50%) reducing cost for that lab period. 

The experiment was first piloted at University of Wisconsin – Madison in Summer 2019, followed 

by the first full trial in Fall 2019. A selection of the lab manual entry is shown below describing the 

procedure and answer sheet questions. Table A.2.2 shows a list of all reagents and materials needed to 

complete the experiment. Students completed the experiment concurrently with lecture material covering 

electrochemistry. Since individual lab periods where spread over a week, individual students experienced 

the lab at different times relative to exposure to the material in lecture. Two surveys (“pre-lab” and “post-

lab”) were performed using Qualtrics to assess content and affective learning objectives, as well as to find 

ways to improve the experiment. The optional, ungraded surveys were made available through the course 

Canvas page for one week leading up to the laboratory period (pre-lab) and for one week following the 

laboratory period (post-lab). Responses were correlated to quantify changes, while removing personally 

identifying information to maintain anonymity. Sample size varied across questions and is indicated in each 

figure when relevant. Survey questions from the post-lab survey are found in section A.2.5 (pre-lab was a 

subset of these questions). Demographic information was not included in the survey. 

Part A.  Developing an Electromotive Series from Galvanic Cells 

1. Obtain one piece of each available metal.  Also obtain one conductive hydrogel disk and gently pat it dry 

with a paper towel.  Your lab instructor will assign you a metal to study. 

2. Polish the metals, other than chromium, using a piece of sand cloth. 

3. Prepare a cell consisting of a stack formed by sandwiching a conductive hydrogel disk between a piece 

of your assigned metal and any other metal. Measure the voltage by touching the red (positive) lead to your 

assigned metal and the black (negative) lead to the other. Record the magnitude and sign of the potential. 

Switch the connections. What happens to the voltage? Can you use this to identify the anode and cathode? 



131 

 

4. Repeat the procedure above until you have assembled and measured cells consisting of your assigned 

metal and each of the other metals. Report your findings for the assigned metal at the positive lead to your 

lab instructor. Record in your notebook the assembled community data. See the report sheet for a convenient 

way of doing so. 

5. Obtain a second piece of your assigned metal and a second piece of any one of the unassigned metals, 

along with a second hydrogel disk. Prepare two cells consisting of your assigned metal and the chosen 

unassigned metal. Stack the two cells so that the assigned metal of one cell contacts the unassigned metal 

of the other cell (an ABCABC pattern, where “B” is the hydrogel and “A” and “C” are each metal). For 

example, in a copper-iron cell, the copper disk of one cell should directly contact the iron disk of the next. 

Measure the voltage of the two-cell stack. How does this relate to a single-cell stack? 

Part B. Preparing a Voltaic Pile and Lighting LEDs 

Your goal is to design and assemble a voltaic pile capable of lighting red and blue LEDs and driving an 

electrolysis of water.  Examine the data the class has collected and choose which metals will comprise your 

voltaic pile. You do not have to use the metal assigned in Part A. Note that there may not be enough of a 

given metal for all groups to use the same metal (there may not be enough copper to go around, for 

example), so have backup plans for alternative cells. You will need to achieve a voltage of at least 5.0 V, 

with no more than 10 cells. Figure A.2.2 illustrates the different steps of the voltaic pile construction. 

Make sure to polish all metal surfaces, as needed, before assembly. 

1. Cut a slit out of the side of a penny roll wide enough for the forceps to easily slide up and down the 

length of the penny roll (Figure A.2.2A). Place a copper-taped penny (polish the untaped side) at the bottom 

end of a penny roll (the end with a rolled ring) with copper tape facing out (Figure A.2.2B). This serves as 

a conductive foundation. 

2. Assemble a cell with your chosen metals in the same manner as Step 5 in Part A. Load the metal pieces 

and hydrogel spacers into the penny roll, using the forceps to aid in the placement of each piece. You may 

need to gently pat dry the hydrogels. Measure the voltage after the addition of each cell. For consistency, 

place the metal with more positive potential in each pair on the bottom. 

3. Stack additional cells in series to reach the required voltages below, one cell atop the other (Figures 

A.2.2C-D), with the stack order following the ABCABC pattern mentioned above (measuring and recording 

the voltage of the pile upon the addition of each stack). 

4. Once you have a cell that measures between 1.8 and 2.4 V, cap the pile with another copper-taped penny 

(tape facing outward, Figure A.2.2E). Connect the alligator clip connection wires to the copper tape at one 

end and the LED at the other, paying attention to which end of your pile is the cathode and which is the 

anode. Attempt to light both the red and blue LEDs. Record your observations. 

5. Remove the penny cap and continue adding cells until your pile measures at least 3.0 V. Repeat the above 

procedure and attempt to light both the red and blue LEDs. Record your observations. 

6. Remove the cap and continue adding stacks until the final target voltage of 5 V is achieved. Once the 

final cell has been placed, cap the stack with the copper-taped penny. Cut a second slit into the penny roll 

opposite the first one, and only down to the height of the stack. Fold over the paper of the penny roll, 

squeeze together the voltaic pile, and tightly secure in place with a piece of tape (Figure A.2.2). Label the 

positive (+) and negative (-) sides of your voltaic pile battery. 

7. Examine the dissected commercial battery and compare it to the voltaic pile you created. 

Part C. Driving an Electrolytic Cell 

For Part C, you will be working with up to three other student groups (up to 4 voltaic piles). 
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1. One for each super-group: fill a 50 mL beaker with ~25 mL 0.1 M Na2SO4 (not the vinegar solution used 

to soak hydrogels). Insert two copper wires into the solution, with the tops exposed to make electrical 

contact. The wires should be close together but not touching. Secure the wires to the beaker with small 

pieces of tape. You may need to sand the wires, similarly as with the metal pieces in Part A. Record 

observations of the assembly before any power supply is connected. 

2. Connect a current probe to the LabQuest, configured as a meter. Connect the alligator clips of the current 

probe to both ends of your voltaic pile. The reading may be unstable but take a current measurement. 

Disconnect your voltaic pile from the current probe. Using a pair of the alligator clip connection wires, 

connect the wires of a single voltaic pile to the two copper wires. Record your observations. 

3. Disconnect the voltaic pile from the electrolytic cell. Using a second pair of alligator clip connection 

wires, connect a second voltaic pile from another group, in parallel, to yours. When connecting the piles, 

make sure to connect anode to anode and cathode to cathode. Measure the voltage and current by connecting 

the corresponding clips to the parallel piles (one measurement after the other, not at the same time), before 

connecting your piles to the electrolytic cell. Record your observations. 

4. Work with other groups to add a third, and then a fourth (if possible) voltaic pile, in parallel. After each 

addition measure the voltage and current and reconnect to the electrolytic cell. Record your observations. 

5. Disconnect the alligator clips of the power supply from the electrolytic cell. If bubbles are present, gently 

tap the beaker against the bench and/or gently shake the copper wires to remove them. 

6. Add ~5 drops of universal indicator to the electrolytic cell solution and briefly stir. Once the solution is 

homogenous and at rest, reconnect the 4-stack power supply. Record your observations. Perturb the 

solution by stirring with a stirring rod or spatula and record your observations. 

7. In a separate beaker (one per super-group), assemble a new electrolytic cell consisting of two copper 

wires dipped in ~25 mL DI water instead of 0.1 M Na2SO4. Connect the 4-stack power supply and record 

your observations. 

8. Disassemble your voltaic piles. Record your observations regarding the metal disks as you conduct the 

disassembly. Return all metal and hydrogel disks to their appropriate containers. 
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Observed Cell Potentials (with example data filled in) 

Cell 

Potential 

(V) 

Positive (Red) Lead 

Cu Zn Fe Ni Co Ti Mo W Mn Cr V 

N
eg

a
ti

v
e 

(B
la

ck
) 

L
ea

d
 

Cu 
  -0.994 -0.512 +0.007 -0.361 +0.003 +0.036 +0.002 -1.324 +0.528 

 

Zn 
0.994   +0.452 +0.973 +0.615 +0.984 +1.030 +1.006 -0.334 +0.650 

 

Fe 
0.512 -0.452   +0.529 +0.193 +0.539 +0.558 +0.552 -0.774 +0.390 

 

Ni 
-0.007 -0.973 -0.529   -0.345 +0.037 +0.052 +0.005 -1.308 -0.381 

 

Co 
0.361 -0.615 -0.193 0.345   +0.360 +0.408 +0.360 -0.965 -0.015 

 

Ti 
-0.003 -0.984 -0.539 -0.037 -0.36   +0.026 -0.018 -1.350 -0.338 

 

Mo 
-0.036 -1.03 -0.558 -0.052 -0.408 -0.026   -0.015 -1.393 -0.222 

 

W 
-0.002 -1.006 -0.552 -0.005 -0.36 0.018 0.015   -1.319 -0.316 

 

Mn 
1.324 0.334 0.774 1.308 0.965 1.35 1.393 1.319   +1.125 

 

Cr 
-0.528 -0.65 -0.39 0.381 0.015 0.338 0.222 0.316 -1.125   

 

 V 
          

 

 

Electromotive series (from easiest to oxidize to hardest to oxidize) 

 

_______>_______>_______>_______>_______>_______>_______>_______>_______>_______ 

 

Voltaic Pile 

Metals chosen: Anode: _________ Cathode: __________ 

Quantity in 

the Stack  
1 2 3 4 5 6 7 8 9 10 

Potential (V)           

 

Potential to light Red LED: _________________ Potential to light Blue LED: ________________ 

1. From your observations, how is the potential difference (voltage) of individual voltaic cells affected 

when the cells are added together in series? In parallel? Use Figure 3 to guide your explanation. 

 

2. Compare the minimum potentials required to light each LED. How does the required potential relate to 

the energy/wavelength of the emitted light? 
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3. Explain why DI water connected to the power supply cannot be electrolyzed, even though the reactant 

(H2O) is present in abundance and the same power supply is connected as in the case of the Na2SO4 

electrolysis solution. 

 

4. When electrolyzing the universal indicator solution, what processes are responsible for any color 

changes you observed? Include a chemical reaction in your explanation. 

 

5. Explain why two copper wires can be used as electrodes for the electrolysis in Part C, and yet in Part A 

two different metal electrodes are required to produce a measurable potential. 

 

6. What are some similarities and differences between your voltaic pile and the commercial battery? 

Given that the commercial battery produces a total potential of 12 V, what is the potential of each 

individual cell? 

 

A.2.3 Results and discussion. 

Through constructing Galvanic cells and the Voltaic pile in collaboration, students can measure 

potential differences, understand how Galvanic cells add in parallel and in series, relate theory of 

electrochemistry to batteries, and power LEDs and electrolysis with their own devices. The table in the lab 

manual entry of section A.2.2 shows example potential differences across each metal combination. From 

these measurements, students can deduce which metals are stronger or weaker reducing agents and create 

an electromotive series. Each student pair only measures one column of these data (one metal vs. all other 

metals) to save time, so they must rely on pooled class data. An approximate electromotive series is shown 

below in Eq. A.3: 

(most reducing)    Mn > Zn > Fe > Co > Cr* > Ni* > W* > Cu > Ti > Mo  Eq. A.3 

Those shown with * indicate elements that are difficult to distinguish due to having near-zero potential 

differences when paired (similar reducing strength). This may reflect these metals not sufficiently 

dissolving in the acetic acid electrolyte to produce ions needed for the reduction half reaction, as mentioned 

in section A.2.1. Therefore, students recognize that certain metal combinations are preferred to generate a 

higher voltage and should choose accordingly. For example, Zn, Mn, and Fe are most easily oxidized and 

so make excellent anodes for the Voltaic pile. This order can be verified by comparing to tabulated standard 

reduction potentials, though only qualitatively (as this experiment is not under standard conditions). When 

building the Voltaic pile of two suitable metals (Figure A.2.2), students observe that voltages of Galvanic 
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cells added in series are additive. This is the case for any voltage source in a circuit according to Ohm’s 

Law, which connects to physic curriculum and relates the pile to a battery. Eventually, the pile reachs 

sufficient voltage to light LEDs and perform electrolysis (Figure A.2.3). The red and blue LEDs used 

require different onset potentials (Figure A.2.4), which the students estimate given the measured potentials 

of the stack when they light. Compared to lighting the LED, conducting electrolysis at copper wires in the 

beaker of electrolyte requires a high current. Because of this, students collaborate and connect multiple 

Voltaic piles in parallel (Figure A.2.3B). During experiment development, three or four well-made piles 

was determined sufficient to observe bubble formation. Once the piles are connected to the electrolyte via 

the copper electrodes, bubbles form on at least one electrode, corresponding to reduction of H2O(l) to H2(g). 

The opposing oxidation of H2O(l) to O2(g) is likely not visible due to kinetic overpotential on most electrode 

materials.8, 9 With the addition of universal indicator, or another pH indicator of near-neutral pH sensitivity, 

students observe increase in pH at the electrode producing H2(g) when the solution is unstirred, 

corresponding to loss of H+ in the region near the electrode (Figure A.2.3C). Therefore, in this discovery 

exercise students are taken from beginning to end of designing, building, understanding, and using their 

own battery. 

In experiment development and live observation of students performing the experiment, we note 

several common problems. First, in construction of the Voltaic pile it is important for the plates and 

hydrogels to be squeezed tightly together to ensure there is no air gap for one or more of the couples (open 

circuit). Second, student data from procedure Part A (potential difference measurements) may be incorrect, 

or students may choose inappropriate metal combinations. The problem is worst if students select a 

combination of metals mentioned above as having very similar reducing strengths. This can be prevented 

by lab instructors periodically checking with students on their technique, data, and choices. Third, combined 

Voltaic piles in procedure Part C may not generate sufficient voltage or current perform electrolysis. This 

may be due to one or more of the piles being improperly constructed or having a lower voltage and 

essentially “draining” the connected piles. Solutions to this are to measure each Voltaic pile to identify to 



136 

 

problem, switch in Voltaic piles from other student groups, or add additional Voltaic piles in parallel. 

Lastly, students may use the incorrect metal, either by their own accident or a previous student returning 

the metal to an incorrect container. Most of the metal pieces are difficult to distinguish since they were all 

cut into hexagons and have a similar silver-gray color. Cu, Mn, and Cr can be distinguished by their colors 

or textures. The remaining metals were sorted by staff according to magnetic properties (Co, Ni, and Fe are 

ferromagnetic) and density. Instructors can convey information on magnetism and density to students, but 

they may not accurately apply it. Therefore, an identification system is needed. We have proposed 

implementing a notch system on two sides of the hexagons with sufficient combinations to differentiate 

every metal. This is advantageous over writing or etching labels onto the flat surfaces of the hexagons 

because students sand these surfaces to remove any oxide layer or corrosion from previous use. Together, 

these problems can be addressed by department staff and instructors to improve the student experience. 

According the pre- and post-lab survey results, students not only learned about electrochemistry, 

but gained confidence and appreciation for electrochemistry and group work. The one question in surveys 

assessing content learning objectives was the multiple-choice question: “In some portable electronic 

devices, why might there be multiple batteries present?”. The aggregated results in Figure A.2.5 show that 

before and after the experiment the correct response, “To increase the overall voltage and/or current output”, 

was most selected. The large number of correct student responses prior to performing the experiment may 

reflect intuition or knowledge from a prior course. However, after performing the experiment, the 

percentage of correct responses increases from 49.8% to 80.6%. Such an increase reflects the experiment 

fulfilling part of learning objectives one and two in Table A.2.1 by showing that the Galvanic cells add 

voltage in series, and that multiple Voltaic piles are required to reach a current necessary for electrolysis. 

We cannot draw further conclusions about content learning objectives, as no data was recorded on answer 

sheet responses, the other source of content assessment. However, other survey questions give plentiful 

insight into affective learning objectives. Students display marked increased confidence in understanding 

and explaining how a battery works after completing the experiment, as shown in Figures A.2.6 and A.2.7. 
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In Figure A.2.6, the bulk of responses classified in the region of “not at all confident” shifts much higher 

towards “very confident”. Figure A.2.7 also shows that after the lab most students are better able to relate 

electrochemistry to real-life applications. Since the data in Figure A.2.7 are correlate per student, we can 

see that increased confidence and appreciation are frequently paired (with the top right quadrant being most 

populated). These objectives may be fulfilled by the discovery nature of the experiment and connection of 

Voltaic piles to batteries. Lastly, one question in the pre- and post-lab surveys assess student perceptions 

of collaboration in chemistry (How much do you agree with: “Collaboration in chemistry labs promotes 

success?”). Figure A.2.8 shows that both before and after the experiment students value collaboration, with 

over 4 out of 5 choosing “somewhat agree” or higher. This experiment seems to have had a slight positive 

effect in that the fraction of responses “slightly disagree” to “strongly disagree” decreases after students 

have performed the experiment, due to collaboration being necessary to experiment success (by design). 

We are encouraged to see that students are innately value collaboration in science and that experiments 

featuring it can improve this further. In the qualitative response portion of the survey, one student said, 

“More labs should require multiple lab groups collaborating together like this one does.” These positive 

survey results, reduced cost compared to the previous electrochemistry experiment, and overall success of 

the experiments execution with students in Fall 2019 show that this experiment is a worthy addition to the 

University of Wisconsin – Madison General Chemistry curriculum. 

A.2.4 Figures. 

 

Figure A.2.1. Historical Voltaic pile (Como, Italy) made by A. Volta circa 1799. 
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Table A.2.1. Backwards design of activities and assessments from content and affective learning objectives. 

Learning Objectives Assessments Activities 
To assemble galvanic cell, voltaic pile, 

and electrolytic cell 

Report sheet cell potentials, 

voltaic pile potentials, success 

in lighting LEDs, etc. 

Parts A, B, and C of the lab 

activity, respectively 

To apply galvanic cell models to 

batteries. 

Report sheet questions Part B of the lab activity and report 

sheet questions 

To design a voltaic pile with a desired 

voltage to conduct an electrolysis 

Report sheet voltaic pile 

potentials, success in 

electrolysis 

They design a cell in Part B, and 

use it to conduct electrolysis in 

Part C. 

To explain how a galvanic cell 

produces electrical energy and how and 

why an electrolytic cell requires 

energy. 

Pre-lab questions, report sheet 

questions 

In Parts A/B students measure 

voltages produced by various cells 

and observe them lighting LEDs, 

as a function of different metal-

metal combinations. In Part C, 

they examine what cell 

connections are required to initiate 

electrolysis. 

To collaborate with other student 

groups and draw conclusions from 

pooled data 

Ability for combined groups to 

conduct electrolysis together, 

how well student data matches 

one another (in cases where 

there is overlap), pre/post 

survey questions 

The activity is done in pairs. Data 

for Part A is pooled such that each 

group is assigned one metal (~9 

total) and share data to draw 

conclusions. In Part C, groups 

combine their voltaic piles to 

achieve a common goal. 

To increase confidence in 

electrochemistry content / unit. 

Pre/post survey questions Full activity  

 

 

 

Figure A.2.2. Assembly of the modern Voltaic pile with metal plate electrodes, hydrogel seperators, penny 

roll scaffold, and Cu tape connections. 
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Table A.2.2. List of required materials and reagents to perform the Voltaic pile experiment. 

Washables Equipment Reagents/Consumables 

50 mL beaker x 2 

(per “super group”) 

Metal pieces cut into flat hexagons, disks, etc. 

• zinc • manganese 

• copper • titanium 

• nickel • molybdenum 

• cobalt • tungsten 

• iron • chromium 

• vanadium 

Conductive hydrogel disks 

Forceps 

Copper wire 

Alligator clip connection wire 

   (one red, one black) 

Voltage probe (LabQuest) 

Current probe (LabQuest) 

Blue LED 

Red LED 

Pennies with copper tape 

0.1 M Na2SO4 (aq) 

0.1 M Na2SO4 in vinegar 

Universal indicator 

Penny roll 

Tape 

 

 

 

  

Figure A.2.3. A) Partially completed Voltaic pile of Zn and Cu lighting a blue LED. B) Four Zn/Cu Voltaic 

piles connected in parallel to copper wires in an unstirred solution containing 0.1 M NaSO4 and universal 

indicator. C) Enlargement of beaker seen in B after about 20 seconds of electrolysis. On the right wire, 

there are H2 bubbles on the right wire, and surrounding it are swirls of purple in the otherwise blue solution, 

indicating increase in local pH. 
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Figure A.2.4. Linear sweep voltammograms of red and blue LEDs, showing the onset potentials for 

illumination (~1.7 V for red and ~2.5 V for blue). 

 

 

Figure A.2.5. A) Pre-lab and B) post-lab student responses to the survey question: “In some portable 

electronic devices, why might there be multiple batteries present?” with response options: 

A. One or more are extra in case the primary battery fails. 

B. To increase the overall voltage and/or current output. 

C. One battery is the anode, and one battery is the cathode. 

D. They power different components. 
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Figure A.2.6. A) Pre-lab and B) post-lab student responses to the survey question: “How confident would 

you be to explain how a battery works to a family member of friend?” with ten increments ranging from 

“not at all confident” to “very confident”. 

 

Figure A.2.7. Each axis represents the post-lab – pre-lab ratings (correlated per student) for the following 

questions. How much do you agree with: “I understand how a battery works” and “I relate what I learn 

about electrochemistry to real-life applications”, respectively. A positive value indicates improvement and 

zero indicates no change. Each circle reflects the number of students at that coordinate. 
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Figure A.2.8. A) Pre-lab and B) post-lab student responses to the survey question: “How much do you 

agree with: Collaboration in chemistry labs promotes success?” with six options ranging from strongly 

disagree to strongly agree. “Somewhat agree”, “agree”, and “strongly agree” are highlighted as those 

represent the vast majority. 

A.2.5 Post-lab survey questions. 
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