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Abstract 

 
This dissertation presents a method based on advanced oxidation processes 

for the efficient and stable treatment of sewage and wastewater, which is the 

key for controlling the pollution level of water systems in compliance with the 

recently strengthened water quality regulations and meet public expectations. 

Advanced oxidation processes are water treatment methods in which 

oxidizing and mineralizing organic matter are removed using a strong 

oxidizing agent such as the •OH radical. Transition metal oxides have 

attracted considerable attention as materials that afford Lewis acidic metals 

to decompose hydrogen peroxide (•OH radical precursor) and as alternatives 

to precious metals because of their reasonable price and their high stability. 

Organic matter is mineralized via •OH addition or •H abstraction in the 

presence of the •OH radical. Although this radical exhibits the highest activity 

(highest reduction potential) among oxidizing agents for mineralization, but 

its use is limited because of its extremely short lifespan. In contrast, in the case 

of SO4
•-and NO3

•, have remarkably long lifetimes despite having slightly 

lower reduction potentials than that of •OH; moreover, they have can 

undergo electron transfer. Hence, if (1) SO4
•-and NO3

• can be respectively 

converted to SO4
2- and NO3

-, respectively, by receiving electrons from organic 

matter and subsequently reconverted to SO4
•-and NO3

•, respectively and (2) 

the oxidation-reduction phenomenon of the aforementioned radicals occurs 

stably, unlike that of •OH, these radicals can be used numerous times to 

decompose organic matter. To this end, a methodology capable of easily 

generating radicals (such as SO4
•- and NO3

•) only under limited or extreme 
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conditions must be developed. To achieve this, a methodology in which the 

SO4
2- and NO3

- functional groups are stably anchored on the surface of metal 

oxides and radicalized by losing one electron through a radical transfer 

mechanism is required. 

This dissertation proposes a methodology to improve the mineralization 

efficiency of pollutants in sewage and wastewater using generated surface-

immobilized radicals such as SO4
•- and NO3

• that are generated on various 

transition metal oxides. Metal oxides can be competitive platforms for 

accommodating Lewis acidic sites and the SO4
•- radical precursor (SO4

2-), 

both of which are suitable for activating the •OH → SO4
•- pathway. We first 

utilized nickel oxide (NiO), which is a representative of monometallic oxide, 

and MnXFe3-XO4—a model architecture-exhibiting system featuring 

bimetallic oxo-spinel surface modification with SO4
2- functionalities—are 

activated by •OH species, thereby generating supported SO4
•- radicals via 

radical interconversion (•OH ↔ SO4
•-). Additionally, manganese oxides (α-

/β-/γ-MnO2) and zirconium oxide, which are applicable to reducible 

(heterolytic H2O2 scission) and nonreducible metal oxides (homolytic H2O2 

scission) respectively, can be functionalized with NO3
- species to verify the 

•OH → NO3
• mechanism. This dissertation, hence, presents an altered 

methodology to mineralize the organic pollutants via radical transfer with 

higher efficiencies. 

 

Keywords : Water treatment, Metal oxide, Lewis acidity, Radical catalysis, 

Functionalization 
Student Number : 2018-30818 
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Chapter 1 

Introduction 
 

1.1. Study Background 

Rapid industrial development has led to considerable research on 

environmental remediation. Climate change attributed to industrialization, 

population growth, and lifestyle has resulted in diverse ecosystem changes; 

therefore, environmentally friendly energy consumption and sustainable 

development have become emerging goals for society. Humans artificially 

produce thousands of compounds and release them, thereby contaminating 

the environment. 

Environmental pollution is classified into air, soil, and water pollution based 

on the location where pollutants and toxic substances accumulate.[1] Water 

pollution includes the flow of sewage and wastewater into groundwater and 

seawater, which results in low water quality. Organic contaminants from 

sewage and wastewater generated from human and industrial activities are 

harmful to humans and animals; therefore, a water treatment process is 

required before discharge.[2] 

Water treatment processes are divided into physical, biological, and chemical 

treatment processes.[3] Physical treatment processes are conducted to remove 

sediments through precipitation, filtration, and other methods. These 

processes have had the advantage of a simple driving principle but are limited 

by their low removal efficiency.[3] Biological treatment processes can be used 

for treating high concentrations of organic wastewater; however, they have 

the disadvantage of long operation times.[3] Finally, chemical treatment 

processes are applied to remove cohesive suspended solids or reactive 

dissolved substances.[4] Such processes comprise adsorption, oxidation, and 

ion exchange. Although they are limited by high sludge generation and involve 

a high maintenance cost,[4] these processes exhibit high wastewater removal 



 

 ２ 

efficiencies and involve simple system. Moreover, chemical treatment 

processes used for the purification of contaminated liquids are faster and more 

diverse than current available physical and biological treatment processes.[4] 

They are also applicable to the treatment of organic compounds and have the 

advantage of relatively low facility costs. A simple system of various catalysts 

that can be used in chemical treatment processes has been actively developed. 

The advanced oxidation process uses a powerful oxidant and contributes to 

water quality improvement through a chemical reaction using •OH or SO4
•− 

radicals. These chemical species called radicals contain electrons that exist 

alone; therefore, electrons and crystals in the material react with each other. 

Various radicals used in the reaction have a high oxidation potential and 

allow the mineralization of various types of pollutants; however, their lifespan 

is short (half-life of 10−3 μs). Radical precursors and catalysts are used to 

generate radicals; thus, catalysts for use in the advanced oxidation processes 

have been widely investigated. Among them, metal oxide catalysts are 

considered advantageous because of their stability and price competitiveness 

and are, thus, actively being researched. Catalysts are not consumed during 

the reaction; however, they increase the reaction rate without inducing any 

chemical or overall Gibbs energy changes. Thus, they have been widely 

applied in energy- and environment-related fields.[5] Catalysts for use in the 

chemical treatment processes toward environmental remediation decompose 

hazardous substances released from all industries in the air, waste, and water 

sectors.[5] Thus, several reviews have discussed monometallic oxides or 

bimetallic oxides as Fenton reaction catalysts.[6] 
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1.2. Advanced Oxidation Processes 

1.2.1. Fenton reaction 

A representative example of the advanced oxidation processes is the Fenton 

reaction, which is divided into homogeneous and heterogeneous reactions 

based on the type of the iron source employed.[7] The homogeneous Fenton 

reaction refers to the nonselective decomposition of various organic 

contaminants using a reaction in which Fe2+ ions and hydrogen peroxide form 

a hydroxyl radical (•OH) with a high oxidation potential; the reaction rate 

constant (k) is 40–80 L mol−1 s−1, as indicated by:[8-10] 

Fe2++ H2O2 ® Fe3++•OH + OH-  (1) 

Hydroxyl radicals have high reactivity and undergo nonselective reaction; 

therefore, they can be used to decompose various organic compounds under 

the influence of nature associated with the electron donation/withdrawal of 

chemicals.[11] 

Fe3++ H2O2 ® Fe2++ HO2
• + H+   (2) 

In the case of Equation 2, Fe3+ is reduced to Fe2+ to enable a chain reaction to 

realize the reaction in Equation 1, and the secondary rate constant (k) value 

is 0.001–0.01 L mol−1 s−1; this corresponds to the rate-determining step 

(RDS) that determines the overall reaction rate.[10, 12, 13] 

  

1.2.2. Heterogeneous Fenton reaction 

A Fenton reaction that uses a solid catalyst, namely, the heterogeneous Fenton 

reaction (pseudo-Fenton reaction); this reaction can overcome the 

aforementioned disadvantages of the homogeneous Fenton reaction.[14] 

Further, it can restrict the production of iron complex sludge, can be applied 

over a wider pH range (3–8), and promotes catalyst reclamation.[15] 

Although the heterogeneous Fenton reaction has the advantage of being an 

easy and simple system, it has a lower conversion rate than the homogeneous 

Fenton reaction because the pseudo-Fenton reaction occurs on a solid 

interface.[8] Further, the competitive adsorption of hydrogen peroxide and 



 

 ４ 

effluents can affect the rate of the pseudo-Fenton reaction.[16] The main 

reactions of the pseudo-Fenton reaction can be expressed as 

Fe2+
surface+ H2O2 ® Fe3+

surface+•OH + OH-  (3) 

Fe3+
surface+ H2O2 ® Fe2+

surface+ HO2
• + H+   (4) 

Fe2+
surface+ H2O2 ® Fe3+

surface-OH + OH-   (5) 

Fe3+
surface-OH + OH- ® Fe3+

surface+•OH + OH-  (6) 

where FeX+
surface represents the solid catalyst surface. Equation 4 correspond to 

the RDS (Fe3+
surface reduction)[17]; however, •OH radical desorption on the 

iron oxide surface becomes the RDS when an excess amount of hydrogen 

peroxide is present in the solution (Equation 6).[18] 

 

1.2.3. Photo-Fenton reaction 

Research has been conducted for improving the reaction efficiency by 

applying additional energy sources in the pseudo-Fenton reactions. These 

reactions can be largely subdivided into photo-Fenton, sono-Fenton, and 

electro-Fenton reactions based on the type of energy source employed. When 

a light source is applied to a pseudo-Fenton reaction system by using the 

photochemical method, the process is called the photo-Fenton reaction, 

wherein the general reaction formula is expressed as [19] 

Fe2O3 + hν ® Fe2O3(e-
CB + h+

VB)    (7) 
Fe3+

surface + e-
CB ® Fe2+

surface   (8) 

H2O2 + e-
CB ® •OH + OH-    (9) 

Fe3+
surface + H2O ® Fe2+

surface+•OH + H+  (10) 

Holes from the valence band (VB) and electrons from the conduction band 

(CB) are formed when iron oxide is irradiated by photons (hν), as indicated 

in Equation 7.[13] The reduction of Fe3+ is the RDS for the photo-Fenton 

reaction.[13, 20] However, unlike Equations 4–6 of the pseudo-Fenton 

reaction, Fe3+ can be reduced to Fe2+ via Equations 8 and 10. Therefore, the 

Fe3+ reduction rate for the RDS of the photo-Fenton reaction is increased 

efficiently.[21] The •OH radical can be produced continuously without a 
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catalyst although hydrogen peroxide still remains (Equation 9). Meanwhile, 

Fe3+ and H2O react to form the •OH radical (Equation 10), and organic 

decomposition can be accelerated, in relation to that upon the pseudo-Fenton 

reaction, wherein only the catalyst and photo source continue to exist, and 

no hydrogen peroxide formed. Dye pollutants disturb photosynthesis by 

restricting light penetration. They decrease the quantity of dissolved oxygen 

by blocking the surface for oxygen interchange and by increasing the demand 

for biochemical oxygen. 

 

1.2.4. Sono-Fenton reaction 

When ultrasonic waves are exposed to water, the reaction of water 

decomposition is called cavitation, wherein cavitation bubbles are generated 

and collapse. Sonolysis refers to a reaction in which •OH and H• radicals are 

respectively produced through the decomposition of water and oxygen using 

high-temperature and high-pressure energy as the cavitation bubbles collapse. 

H2O + ))) ® •OH + H•     (11) 

O2 + H2O + ))) ® O•+ 2•OH   (12) 

2H•+ O2® H2O2    (13) 

2•OH ® H2O2   
  (14) 

Equations 11–14 indicate that the bubbles form hydrogen peroxide via chain 

reactions and free radicals. Organic matter is decomposed by ultrasonic waves 

alone, resulting in a low decomposition performance. This has led to the 

emergence of the sono-Fenton reaction, which combines sonolysis and 

Fenton reactions have emerged.[22] The sono-Fenton reaction has the 

advantage of efficiently reducing Fe3+, which is the RDS of the pseudo-Fenton 

reaction, upon the use of ultrasonic waves: 

Fe3+
surface+ H2O2 ® Fe-OOH2+

surface + H+   (15) 

Fe-OOH2+
surface + ))) ® Fe2+

surface+ HO2
•  (16) 

Fe2+
surface+ H2O2 + )))® Fe3+

surface+•OH + OH-  (17) 

Fe3+
surface+ H2O + ))) ® Fe2+

surface+•OH + OH• (18) 
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1.2.5. Electro-Fenton reaction 

Finally, when a radical is generated using an electrochemical reaction, it is 

referred to as the electro-Fenton reaction. In this reaction, •OH, O2, protons 

(H+), and electrons (e−) are generated by the oxidation reaction occurring at 

the anode.[9, 21]  

H2O  ® •OH + H+ +e-     (19) 

2H2O  ® O2 + 4H+ +4e-    (20) 

In the electro-Fenton reaction, O2, H+, and e- are generated at the anode and 

migrate to the cathode to produce H2O2 via cathodic reduction without 

additional H2O2 injection.[9] 

O2 + 2H+ +2e- ® H2O2
     (21) 

A reaction occurs on the catalyst surface, and the RDS of the electro-Fenton 

process is the •OH radical desorption.[23-25] 

Fe3+
surface+ e- ® Fe2+

surface    (22) 

Fe2+
surface+ H2O2 + H+ ® Fe3+

surface+•OH + H2O  (23) 

The advantage of the electro-Fenton reaction is that it exhibits excellent 

performance toward the decomposition and mineralization of organic 

materials without additional chemicals. However, it has the disadvantages of  

reaction cost- and resource-ineffectiveness.[26] 
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1.2.6. Sulfate-radical-based Advanced Oxidation Processes (AOP-SR) 

The abovementioned reactions are representatives of advanced oxidation 

processes based on hydroxyl radicals (AOP-HR). However, these reactions 

occur under limited pH conditions and the radicals have short lifespans.[27] 

These limitations can be overcome by sulfate-radical-based Advanced 

Oxidation Processes (AOP-SR) using SO4
•−, which has an oxidation 

potential similar to that of •OH (~2.5 V for SO4
•−; ~2.8 V for •OH). 

Moreover, SO4
•− has a considerably longer lifetime (30–40 μs for SO4

•−; 

~10−3 μs for •OH) and is more flexible than •OH.[26, 27] The precursors 

used include peroxomonosulfate (PMS, HSO5
−) or peroxydisulfate (PDS, 

S2O8
2−) and metal oxides; the mechanisms for activating PMS and PDS for 

SO4
•− generation are explained below.[28] The RDS of the AOP-SR is SO4

•− 

desorption.[29] 

Fe2+
surface+ S2O8

2-® Fe3+
surface+SO4

•- + SO4
2-  (24) 

Fe2+
surface+ HSO5

- ® Fe3+
surface+ SO4

•- + OH- (25) 

However, AOP-SR has the disadvantage of generating sulfate ions based on 

Equation 24; thus, a chemical species is regulated to have a high concentration 

in an aqueous solution of 500 mg L−1 or less in aqueous solution.[26, 30] In 

addition, PMS, as a precursor of the SO4
•− radicals, is more expensive than 

other precursors used. 
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1.3. Thesis Objectives 

The purpose of this thesis is to substitute the •OH radical as the water 

treatment species. Both SO4
•- and NO3

• are regarded as a moderate initiator 

of pollutant radicalization (E0 of 2.4~2.7 V), with a longer half-life (10-3 μs 

for •OH; 30~40 μs for SO4
•-; and 6 μs for NO3

•) and a greater tolerance 

to against aqueous backgrounds than the •OH radical. Therefore, herein, we 

propose a unique, compelling methodology to readily produce SO4
•-or NO3

• 

species by locating their precursors (SO4
2-or NO3

-, respectively) vicinal to the 

surface H2O2 activators (•OH producers) and prompting radical transfer 

from the •OH species to SO4
2-or NO3

- functionalities (SO4
2-

SUP or NO3
-

SUP) 

for the generation of their supported SO4
•-or NO3

• analogues (SO4
•-

SUP or 

NO3
•

SUP; denoted as •OH→ SO4
•-

SUP or NO3
•

SUP, respectively) upon H2O2 

being fed to the catalyst surface. Notably, catalytic H2O2 cleavage can be 

combined with exothermic •OH→ SO4
•-

SUP or NO3
•

SUP and is referred to as 

overall •OH→ SO4
•-

SUP or NO3
•

SUP. Metal oxide polymorphs served as 

platform because of their inclusion of H2O2 activators (Mδ+, M: metal, δ ≤ 

2) and as anchoring spots for SO4
2-or NO3

-species. 

In summary, the objective of the thesis is to clarify and pioneer unique •OH→ 

SO4
•-

SUP and NO3
•

SUP pathways. Moreover, it motivates the alteration of the 

platform used to accelerate •OH → SO4
•-, to afford more accurate results 

than those reported previously by employing metal oxides. It also supports 

that the surface reaction dynamics/energetics on •OH→ SO4
•-

SUP or NO3
•

SUP 

are clarified via kinetic assessment and DFT calculation, both of which have 

never been implemented in the field of radical-mediated oxidation of 

recalcitrant contaminants  
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1.4. Organization of the Thesis 

This thesis is organized in the following manner: 

In Chapter 2, the sulfate radical (SO4
•-) is deemed as a competitive oxidant 

of the hydroxyl radical (•OH). This is because of its (1) facile generation over 

a wide pH range, (2) longer lifetime of (30-40 μs for SO4
•-; 10-3 μs for 

•OH) and 3) comparable standard oxidation potential (~2.6 eV for SO4
•-; 

~2.8 eV for •OH). Previous study has validated that compare to iron oxide, 

iron sulfide improves the H2O2 scission rate and recalcitrant conversion. 

Furthermore, SO4
2--modified iron oxide outperforms its un-functionalized 

counterpart in terms of activity and recyclability to degrade pollutants. As a 

results, in this chapter the synthesis of nickel oxide and SO4
2- functionalized 

nickel oxide to conclude the rate-determining step for H2O2 fragment cycle 

and computed through DFT to demonstrate the advantages of using a surface 

metalδ+ (δ ≤ 2). 

In Chapter 3, this thesis discusses bimetallic oxo-spinel ((M1)X(M2)3-XO4; M1 

and M2: metal) as one of the fascinating metal oxide phases that afford the 

opening of Lewis acidic metals open to H2O2 (•OH precursor), thus enabling 

H2O2 cleavage with dissimilar •OH productivity upon changing the X values. 

In contrast, bimetallic oxo-spinel can also undergo surface modification with 

SO4
2- functionalities, which in turn are activated by •OH species for the 

generation of supported SO4
•- species via the radical interconversion of •OH 

↔ SO4
•-. While choosing (Fe)X(Mn)3-XO4 as a model architecture of the 

bimetallic oxo-spinel, in this part of the study we modified (Fe)X(Mn)3-XO4 

compounds with SO4
2- species. Subsequently, we  regulated the properties of 

the resulting SO4
2--modified (Fe)X(Mn)3-XO4 architectures in terms of Lewis 

acidities and efficiencies on •OH ↔ SO4
•- alongside the phenol degradation 

rates with the main use of supported SO4
•-, all of which are highlighted in 

herein. In this chapter, we also report the kinetic investigation on the •OH 

↔ SO4
•- dynamics on the (Fe)X(Mn)3-XO4 surfaces via a series of reaction 

runs under reaction-limited domains, in addition to contrasting kinetic 
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parameters such as energy barriers and pre-factors.  

In Chapter 4, this thesis discusses that the nitrate radical (NO3
•) has been 

verified to be particularly conducive to mineralize refractory contaminants 

present in wastewater owing to its long lifespan, high standard reduction 

potential, and significant tolerance toward being terminated by aqueous 

background scavengers. Nevertheless, the mineralization of aqueous 

pollutants enabled by NO3
• has not been extensively studied in comparison 

with that mediated by conventional •OH and/or the recently emerging SO4
•- 

radicals. This is mainly attributed to substantial demands on the evolution of 

NO3
• via radiolysis and/or photolysis, wherein a radio-active material, 

highly unstable NO2
•, or a highly energized electron is oftentimes deemed as 

a pre-requisite. To resolve this issue, in this chapter, coupled NO3
- 

functionality and manganese oxide for use as a NO3
• precursor and a •OH 

producer is envisioned with H2O2 fed to the resulting NO3
--functionalized 

manganese oxide surface. Specifically, hypothesis is that Lewis acidic surface 

manganese (Mn2+/3+) species can initially cleave H2O2 to produce •OH, which 

in turn migrates to and interplays with NO3
- functionality in proximity to 

Mn2+/3+ for the evolution of the supported NO3
• analogue via radical transfer 

from •OH to the NO3
- functionality (•OH → NO3

•). The •OH → NO3
• 

pathway is peculiar and unique, yet, is demonstrated to be highly tangible and 

readily recurrent under aqueous media. This can be corroborated by a series 

of control reaction runs and microscopy/spectroscopy experiments alongside 

with DFT calculations. 

In Chapter 5, this thesis discusses the methodological alteration concerning 

how to catalyze •OH production from heterolytic H2O2 dissection on a 

reducible metal oxide (MnO2) to the homolytic counterpart on a non- 

reducible metal oxide (ZrO2), whose mechanism/energetics/rate-determining 

step were clarified in Chapter 4. Therefore, this thesis reports on how ZrO2 

modified with NO3
- functionalities (ZrO2-N) was used to catalyze the overall 

•OH→NO3
•

SUP, and how Lewis acidic Zr4+ (LA)/Brönsted acidic -OH (BA) 



 

 １１ 

and NO3
- species served to activate homolytic H2O2 dissection and 

•OH→NO3
•

SUP, respectively. This thesis also discusses ZrO2 and ZrO2-N 

surfaces that were BA-rich and LA-deficient, resulting from their inclination 

to adsorb H2O via dissociation, as evidenced by H2O isotherm experiments 

and in situ NH3- DRIFT spectroscopy experiments. Consequently, the ZrO2-

N surface afforded NO2
-/NO3

- species, where the abundance of NO3
- species 

was larger than that of its NO2
- counterpart. In contrast, the binding 

configuration of the NO3
- species was verified as being only mono-dentate 

only, as substantiated by in situ NO/O2
- DRIFT/XP/XANES spectroscopy 

and DFT calculations. 
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Chapter 2 

Exploring catalytic traits of SO4
2--

functionalized NiO to prompt the radical 

interconversion of •OH ↔ SO4
•- 

exploited to decompose refractory 

pollutants 
 

The essence of Chapter 2 has been published in Chemical Engineering Journal. Reprinted with permission from [31]. 

 

2.1. Introduction 

Sulfate (SO4
2-) is deemed as one of the most promising functional groups 

anchored on catalytic solids. This performance is mainly attributed to its 

electronic properties, which can modulate binding traits with reactive gases 

(e.g., CO2, CH4, C3H8, and NH3) and synergize the solids, leading to the 

control of the activity and selectivity for various chemical reactions.[32] The 

unique electronic character offered by SO4
2- functionalities is also deployable 

in the SO4
•--enabled, oxidative degradation of aqueous pollutants.[9] SO4

•- 

is produced via the activation of HSO5
- or S2O8

2- and is conducive toward 

the decomposition of contaminants.[9, 33] This is because SO4
•- can impart 

an prolonged lifetime over a wide pH range and a strong oxidation potential 

along with selective oxidation of pollutants, all of which are higher than those 

of •OH (~30 μs and 2.5-3.1 eV for SO4
•-; ~10-3 μs and ~2.7 eV for 

•OH).[9, 33, 34] Nonetheless, abundant SO4
•– species are formed in an 

aqueous environment when the pH conditions are appropriate for the 

activation of HSO5
– or S2O8

2– by a Lewis acidic metal (detailed below).[35-

37] In addition, it was reported that unsupported SO4
•- species can oftentimes 

oxidize Lewis acidic metals, leading to the formation of their oxidized 

analogues, which are far less active toward the activation of HSO5
- or 



 

 １３ 

S2O8
2-.[35-38] Furthermore, the production of SO4

•- mediated by the 

activation of HSO5
- or S2O8

2- can only be recurrent if these two ions are 

periodically fed to the Lewis acidic metals included in contaminated water.[39] 

Hence the development of a novel reaction system to sustain SO4
•- species is 

highly desirable. Meanwhile, it should be noted that the H2O-assisted 

transformation of SO4
•- into •OH is highly favorable with a rate constant of 

660 s-1 at all pH values (SO4
•- + H2O → SO4

2- + •OH + H+; SO4
•- → 

•OH).[40, 41] Interestingly, our previous study rectified the generic notion 

associated with SO4
•- → •OH so that it can be prompted in the reverse 

direction (SO4
2- + •OH + H+ → SO4

•- + H2O; •OH → SO4
•-) when the 

SO4
2- functionalities are supported by ubiquitous iron oxides (Fe2O3 and/or 

Fe3O4).[39] Moreover, the supported SO4
•- can outperform •OH toward the 

degradation of a model refractory chemical (phenol) in terms of its activity 

and sustainability.[39] This was evidenced by the higher initial consumption 

rate of phenol observed on the supported SO4
•- relative to •OH, whose trend 

was maintained throughout the phenol recycling experiments.[39] Hence, the 

desired function of the supported SO4
•- in oxidizing pollutants can be 

exploited by an appropriate choice of the metal oxide platform used to 

immobilize the SO4
2- functionalities and the reaction configuration to favor 

•OH → SO4
•-, whose rationales are specified below. 

We hypothesized that •OH → SO4
•- can proceed via two major catalytic 

cycles that involve the production of •OH via H2O2 scission and radical 

interconversion between •OH and SO4
•-, respectively (Figure 2-1A snd 2-

B). To sustain the •OH → SO4
•- pathway, the reaction system must be fed 

with H2O2. This is because H2O2 can be cleaved by O-modified Lewis acidic 

metals with the oxidation states of ≤ 2 (Mδ+ present on the metal oxide 

surface; activator of H2O2). Specifically, Mδ+ can initially bind with the O 

atoms in H2O2 via coordination (Mδ+-H2O2) and then cleave H2O2 by 

donating an electron (e-) to H2O2.[42-47] This leads to the production of an 

oxidized analogue of the Lewis acidic metals (M(δ+1)+), -OH ion, and SO4
•- 
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precursor (•OH), as shown in Figure 2-1A. [42-47] However, this requires 

the immediate reduction of metal (M(δ+1)+), which is less active in the H2O2 

scission than Mδ+ with the additional need of a continuous supply of 

H2O2.[39, 42, 43] Such requisites make the •OH → SO4
•- route less 

compelling than the direct utilization of •OH (driven by the H2O2 scissor) 

toward the decomposition of pollutants. In this regard, we simply applied a 

small electric potential across two graphite electrodes (≤ 3 V), both of which 

were soaked in contaminated water (Figure 2-1C).[24, 39, 48] At the anode, 
•OH is produced as an adduct of H2O oxidation and is prone to produce 

surface-labile O species (Oα) on the (graphite) anode.[9, 24, 39, 48-50] Oα 

species were reported to be loosely coordinated to the (graphite) anode surface 

and thus, they are active in various redox-based chemical transformations.[51, 

52] The Oα species, therefore, can serve to degrade contaminants even in the 

absence of Mδ+ (anodic oxidation)..[9, 24, 39, 48-50]  In addition, H2O can 

be also oxidized to form H+, O2, and e-.[24, 39, 48, 50] These species migrate 

into the cathode and experience O2 reduction to form a moderate quantity of 

H2O2 on (or near) the cathode as long as an electric potential is applied (Figure 

2-1C). [24, 39, 48, 50] Furthermore, a sufficient amount of e- can migrate 

from the anode and serve to reduce the M(δ+1)+ present in the surface of the 

metal oxide coated on the cathode.[24, 39, 48] 

In this study, NiO was employed as a platform to disperse SO4
2- 

functionalities as an alternative to Fe2O3 owing to the following viewpoints 

stated below. The electric conductivity of NiO is 10-102 fold greater than that 

of Fe2O3 (≤ 10-1 S m-1).[53-55] Thus, NiO may outperform Fe2O3 in 

delivering e- to H+/O2 and therefore can potentially produce a larger number 

of H2O2 than Fe2O3 (Figure 2-1C; (i)). Notably, Niδ+ was verified as the 

optimal species to accelerate the rate-determining step of H2O2 cleavage 

(•OH desorption) among the Mδ+ species located in the 4th period of the 

periodic table, as corroborated in our previous work on metal sulfides 

(chemical formula of MS; M= Mn, Fe, Co, Ni, and Cu).[24] Despite the fact 
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that the Ni atoms in NiO are confined in a hexa-coordinated, octahedral 

[NiO6]10- geometry that is inaccessible to H2O2 (NiLATTICE),[56] the catalytic 

defects on the NiO surfaces (NiDEFECT) are highly likely to be formed during 

the synthesis of NiO, whose specific procedure is included in the Experimental 

section. Our previous study on metal sulfides then may then justify our 

hypothesis that the NiDEFECT species innate to NiO can act as H2O2 activators 

(i.e., Niδ+) and catalyze the H2O2 scission more actively than their Feδ+ 

analogues inherent to Fe2O3 (grey and blue circles in Figure. 2-1D; (ii)).[24] 

In addition, NiS was reported to exhibit substantial Ni leaching via its 

structural deformation during the H2O2 scission in the presence of an electric 

potential.[24] However, NiO with a standard enthalpy change of formation 

(ΔHFORMATION) of -240 kJ mol-1 will require a higher electric energy for its 

dissociation than NiS (ΔHFORMATION of -80 kJ mol-1). Therefore, NiO is 

expected to minimize the structural deformation or reduce the amount of Ni 

leaching during the reaction runs in relation to NiS (iii). In contrast, O atoms 

adjacent to NiDEFECT (Oα) can tentatively act as an O source used to produce 

H2O2 on or near the cathode (red asterisk in Figure 2-1D; (iv)), which was 

also postulated based on our previous work on SO4
2--modified Fe2O3.[39]  

We also proposed another catalytic cycle, wherein •OH can migrate to and 

interact with the SO4
2- functionality to produce an SO4

•---OH intermediate 

via e- transfer from SO4
2- to •OH and an SO4

•--H2O intermediate after the 

reduction of SO4
•---OH by H+ (Figure 2-1B). SO4

•--H2O then releases H2O 

and is transformed into SO4
•-, which decomposes phenol to produce CO, 

CO2, H2O, etc. The resulting SO4
- may accept two electrons to regenerate the 

SO4
2- functionality. Importantly, we envisaged that the activity and 

recyclability of NiO during the decomposition of pollutants can be improved 

markedly upon the modification of NiO with SO4
2- (NiO (S)), as shown in 

the yellow circles in Figure 2-1D. The S and O atoms inherent to the SO4
2- 

functionality are more electronegative than Ni; thus, they may extract e- from 

Ni (cyan arrows in Figure 2-1D). This is likely to promote the Lewis acidity 
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of NiDEFECT included in NiO (S) (δ↑ in Niδ+), improve the interactions 

between NiDEFECT and H2O2, and thereby can accelerate the H2O2 scission cycle 

more effectively than SO4
2--unmodified NiO (v). The potential e- transfer 

from NiO to SO4
2- may also decrease the bond length of Ni-O bond vicinal 

to the surface, potentially reinforce the strength of the surface Ni-O bonds in 

comparison with those of pristine NiO, and thus can tentatively help reduce 

the amount of Ni leaching during the reaction runs (vi). Importantly, our 

previous calculations on the energetics during the transition of the SO4
2- 

functionality to its corresponding radical analogue could provide evidence 

that the SO4
2- → SO4

•- route is exothermic.[39] This result supports the 

plausibility of the supported SO4
•-,[39] yet, it misses any insights into the 

elementary step vital to direct the overall rate of the •OH → SO4
•- pathway. 

All these findings suggest the need to explore both the reaction energetics and 

strengths of the Ni-O bonds on the surface of NiO (S) using a theoretical 

approach. 

This chapter highlights our efforts for examining our hypotheses in regard to 

the activity (i, ii, iv and v) and stability (iii and vi) of NiO (S) during the 

phenol decomposition process using experimental and computational 

techniques. NiO was synthesized and functionalized with SO4
2- at 300-

600 °C to diversify the Lewis acidity of Niδ+ and the surface concentration 

of Oα or SO4
2-, etc. The activity and reusability of the catalysts were evaluated 

via kinetic assessment. The kinetic study was also used to determine the rate-

determining step and explore the relative significance of •OH and SO4
•- 

during the decomposition of phenol. In addition, the pristine NiO and Ni (S) 

surfaces were also investigated using density functional theory (DFT) 

calculations, in which the octopolar (111) surface was selected because of its 

dominance with the lowest surface energy (Figure 2-1D).[57, 58] To simulate 

the SO4
2--modified NiO surface more effectively, NiLATTICE coordinated to 

three O atoms present in the sub-layer (OSUB) was removed from the surface, 

which promoted the formation of six NiDEFECT atoms accessible to H2O2. In 
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addition, the gas-phase SO4
2- cluster settled on and was relaxed above the 

surface via a minimum energy pathway. This resulted in the coordination of 

SO4
2- to the surface via a tri-dentate configuration, which was in exact 

agreement with our previous calculations on SO4
2--modified Fe2O3.[39] The 

resulting surface on the (111) plane served to calculate the charge separation 

between the Ni and O species adjacent to the surface together with their bond 

lengths. DFT calculations were also used to propose a series of elementary 

steps to account for the •OH → SO4
•- pathway in conjunction with its 

energetics. 

 

 
Figure 2-1. Proposed degradation mechanism for phenol: (A) H2O2 is initially activated by Mδ+ to produce 
•OH, whereas (B) the SO4

2- functionality is radicalized by •OH and is transformed into the SO4
•- 

analogue utilized in the degradation of phenol. (C) An illustration of electric potential-assisted H2O2 

production on (or near) the NiO surface coated on the cathode. (D) A schematic representation of the 

surface on the (111) facet inherent to NiO comparing the SO4
2- functionalities (orange circle), lattice Ni 

atoms (NiLATTICE, grey circle), defective Ni atoms (Niδ+, blue circle), O atoms located at the outer- or sub-

layer (OSURFACE or OSUB, red or pink circle, respectively), surface-labile O atoms (*), and electrons (e-). 
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2.2. Experimental Section 

2.2.1. Catalysts 

The NiO catalysts were synthesized according to a protocol that was slightly 

modified from those employed in our previous studies.[39, 59, 60] First, 20 

mmol of oxalic acid (C2H2O4·2H2O, Sigma-Aldrich, ≥ 99.0%) and 20 mmol 

of NiSO4·7H2O (Sigma-Aldrich, ≥ 99.0%) were mixed in 100 mL de-ionized 

H2O, stirred at 50 °C for an hour, cooled to 25 °C, and filtered using 500 

mL of de-ionized H2O and 500 mL of ethanol (C2H5OH, DAEJUNG, 

94.5%).[39] The resulting sky-blue precipitate was collected and calcined at 

300 °C for an hour with the ramping rate of 4 °C min−1,[39] leading to the 

production of the pristine NiO catalyst. Pristine NiO was then modified with 

500 ppm SO2 coupled with 3 vol.% O2 balanced by N2 at 300-600 °C for 

an hour at the ramping rate of 10 °C min-1 and the total flow rate of 500 

mL min-1. [39, 59, 60] This resulted in the formation of the SO4
2--

functionalized NiO catalysts. Fe2O3 was synthesized using a procedure 

identical to that used for the synthesis of the pristine NiO catalyst with the 

exception of using FeSO4·7H2O (Sigma-Aldrich, ≥ 99.0%) as the precursor, 

whereas Fe2O3 was functionalized with SO4
2- using a method identical to that 

used for NiO at 500 °C (S500-Fe).[39] 

 

2.2.2. Characterizations 

X-ray diffraction (XRD) patterns of the catalysts were collected using D8 

Advance instrument (Bruker) with the use of monochromatic Cu Kα radiation 

(λ=1.54 A" ). The Scherrer equation (Eq. (1)) was employed to evaluate the 

crystallite size of the catalysts (d). In Eq. (1), K, λ, β, and θ denote the 

shape factor (0.89), monochromatic Cu Kα radiation wavelength (λ=1.54 

A" ), line broadening at half the maximum intensity at (111), (200), or (220), 

and Bragg angle at the (111), (200), or (220) facets, respectively.[39, 61] 
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N2 physisorption experiments were conducted on an ASAP 2010 instrument 

(Micromeritics) at 77 K. X-ray fluorescence (XRF) experiments were 

performed on a ZSX Primus II instrument (Rigaku). High resolution 

transmission electron microscopy (HRTEM) images and selected area electron 

diffraction (SAED) patterns of the catalysts were gathered using a Titan 80–

300TM instrument (FEI) at 300 keV. Scanning electron microscopy (SEM) 

images of the catalysts were collected using an Inspect F50 instrument (FEI) 

operated at 10 kV. X-ray photoelectron spectroscopy (XPS) experiments 

were carried out on a PHI 5000 VersaProbe spectrometer, in which 

adventitious carbon observed at a binding energy of 284.6 eV was utilized as 

a reference to correct the binding energies of the surface species for the 

catalysts. CO-pulsed chemisorption experiments were performed using an 

Autochem II instrument (Micromeritics). In situ diffuse reflectance Infrared 

Fourier transform (DRIFT) spectroscopy was conducted on an FT/IR/4200 

spectrometer (Jasco). X-ray absorption near edge structure (XANES) 

experiments were conducted using the 10D (XAS KIST) beamline in Pohang 

Light Source (South Korea) operated in top-up mode at an energy of 3 GeV, 

storage current of 250 mA, and resolution of 0.2 eV. The XANES spectra of 

the catalysts were obtained under an ultra-high vacuum (∼10−9 torr) and 

300 K. Inductively coupled plasma-atomic absorption spectrometry (ICP-

AAS) experiments were carried out using an ICS 3000 spectrometer (Thermo 

Fisher Scientific). HI98191 instrument (HANNA) was used to monitor the 

electric conductivities of the reaction mixtures. Electron paramagnetic 

resonance (EPR) spectroscopy experiments were performed on EMX-plus 

spectrometer (Bruker) using 5,5-dimethyl-1-pyrroline N-oxide (DMPO, 

Sigma-Aldrich, ≥ 98.0%) as a trapping agent for •OH and SO4
•-. Reaction 

aliquots collected from the reaction mixtures containing DMPO after 2 

minutes of reaction runs prior to analysis, whose conditions were a resonance 

frequency of 9.64 GHz, microwave power of 2.948 mW, modulation 

amplitude of 1.0 G, sweep width of 120 G, and sweep time of 48 seconds. 
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The 2,9-dimethyl-1,10-phenanthroline (C14H12N2, Sigma-Aldrich, ≥ 98.0%) 

method served to quantify the amount of hydrogen peroxide (H2O2) formed 

during the reaction run.[62] Conversion of H2O2 (XH2O2) was calculated using 

Eq. (2). In Eq. (2), CH2O2, 0 indicates the concentration of H2O2 prior to the 

reaction run (0 stands for initial.), whereas CH2O2 indicates the concentration 

of H2O2 at a specific reaction time. The initial H2O2 scission rate of the catalyst 

(-rH2O2, 0) was calculated using Eq. (3).[24, 39, 48] In Eq. (3), kAPP indicates 

the apparent reaction rate constant obtained by the fitting of the reaction data 

to a pseudo-1st-order kinetic model, whereas NH2O2, 0 denotes the number of 

moles of H2O2 prior to the reaction run (initial). [24, 39, 48] 

 

 
High performance liquid chromatography (HPLC. LC-20 A, Shimadzu) was 

utilized to quantify the amount of phenol (C6H5OH, DAEJUNG, 99%) 

formed during the reaction run using the reverse phase chromatography 

method, as reported previously.[24, 39, 48] Conversion of phenol (XPHENOL) 

was calculated using Eq. (4). In Eq. (4), CPHENOL, 0 indicates the phenol 

concentration prior to the reaction run (0 stands for initial.), whereas CPHENOL 

indicate the phenol concentration at a specific reaction time. The initial phenol 

degradation rate of the catalyst (-rPHENOL, 0) was calculated using Eq. (5).[24, 

39, 48] In Eq. (5), kAPP indicates the apparent reaction rate constant obtained 

by the fitting of the reaction data to a pseudo-1st-order kinetic model, 

whereas NPHENOL, 0 denotes the number of moles of phenol prior to the reaction 

run (initial).[24, 39, 48] 
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2.2.3. Reactions 

All reactions were performed in accordance to the protocol used in our 

previous studies.[24, 39] First, 93 g of N-methyl-2-pyrrolidone (C5H9NO, 

Sigma-Aldrich, ≥ 99.0%) was mixed with 7 g of poly (vinylidene fluoride) 

((CH2CF2)n, average MW ~ 180,000, average Mn ~ 71,000, Sigma-Aldrich) 

to form the binder solution.[24, 39] The catalyst slurry was fabricated by 

mixing 0.2 g of the catalyst and 0.2 g of the binder solution, which was then 

coated onto the graphite cathode (Groupe Carbone Lorraine, grade 2124) 

with an area of 3 cm×4 cm, and subsequently dried at 110 °C for 18 

hours.[24, 39] The catalyst-coated graphite cathode and bare graphite anode 

were then vertically positioned with a gap of 3 cm between them and soaked 

in the reaction solution.[24, 39] The composition of the aqueous reaction 

solutions are specified in the figure captions and include Na2SO4 electrolyte 

(Sigma-Aldrich, ≥ 99.0%), H2O2 (Sigma-Aldrich, 29.0–32.0 wt.%, H2O2 

basis), phenol, and scavengers (tert-butanol (C4H9OH, DAEJUNG, 99.5%); 

1,4-dioxane (DAEJUNG, > 99.0%); iso-propanol (C3H7OH, DAEJUNG, 

99.5%); and tetrahydrofuran (DAEJUNG, > 99.0%)). The reaction were 

carried out with or without an electric input (1 V and ~30 mA; 3 V and ~15 

mA).[24, 39] Next, 1 mL of the reaction sample was collected from the 

reaction solution, quenched with 1 μL of methanol (CH3OH, Sigma-Aldrich, 

99.8%), filtered through a 0.45 μm-sized PES syringe filter (Whatman®), 

and analyzed to quantify the concentration of H2O2 or phenol at a specific 

reaction time.[24, 39] 

 

2.2.4. Calculations 

Density-functional theory (DFT) calculations implemented in the Vienna ab-

initio simulation package (version of 5.4.4) were used to analyze the surface 

properties of the SO4
2−-modified NiO and the reactions taking place on its 

surface.[63-65] The Perdew-Burke-Ernzerhof (PBE) projector augmented-

wave potentials and generalized gradient approximation were used to model 
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the core electrons and exchange-correlation functional, respectively.[66-68] 

In addition, Hubbard-U corrections were also applied to treat the strongly 

correlated d electrons in Ni. The effective Hubbard parameter and energy 

cut-off values were set to 6.45 and 550 eV, respectively, as recommended in 

the literature.[57] The Gaussian smearing method (smearing width = 0.05 eV) 

was chosen to describe the partial wave occupancies. All calculations for the 

bulk materials and surfaces were performed with consideration of the spin 

polarization. Bader charge analysis was performed to obtain the charge state 

of the NiO surface and the chemical species formed during the reactions.[69, 

70] The structural optimization of the bulk NiO unit cell was performed using 

Monkhorst-Pack sampling for 8 × 8 × 8 k-point mesh.[71] As reported in 

the literature, an energetically stable NiO electronic structure was successfully 

obtained with the inclusion of antiferromagnetic order.[72] All related 

structural and electronic properties were in good agreement with those 

reported elsewhere.[57, 73-79] Based on the optimized unit cell structure of 

bulk NiO, a thermodynamically stable (111) octopolar-surface structure was 

constructed to analyze the charge state of the surface atoms and chemical 

species and to evaluate the reaction energetics. The (2 × 2) and (4 × 4) (111) 

NiO surfaces were composed of eight and six atomic layers with a 15 A"  

vacuum region on top of the surface layer and were optimized with 4 × 4 × 

1 and 2 × 2× 1 Monkhorst-Pack k-points meshes, respectively. The energy 

barrier for H2O2 scission on the (4 × 4) NiO (111) surface was obtained using 

the climbing image nudged elastic band method.[80] The H2O2 and H2O 

molecules were optimized in the 30 A"  × 30 A"  × 30 A"  vacuum region with a Γ-

centered 1 × 1 × 1 k-points mesh. 
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2.3. Results and Discussion 

2.3.1. Catalysts 

NiO was synthesized according to the protocol described in the experimental 

section, in which oxalic acid served as a self-sacrificial porogen with the aim 

to highly disperse the SO4
2- functionalities on the NiO surface.[39, 81] NiSO4 

and oxalic acid initially fused to form Ni oxalate (NiC2O4). This intermediate 

underwent a phase transition into NiO via calcination at 300 °C, while 

generating mesopores.[39, 81] Pristine NiO was in turn modified upon 

treatment with SO2/O2 at 300-600 °C for an hour to vary the features of 

the catalyst surfaces bound to the SO4
2- functionalities.[39, 59, 60] The 

resulting catalysts are denoted as SZZZ, where ZZZ indicates the temperature 

utilized to functionalize the NiO surface with SO4
2-.  

XRD analysis served to investigate the bulk structural features of the catalysts. 

The resultant XRD patterns showed the diffractions that could be assigned to 

those corresponding to cubic NiO with JCPDF No. of 03-065-2901. Scherrer 

equation was used to calculate the average crystallite sizes of the catalysts on 

the three major facets of (111), (200), and (220). Pristine NiO was comprised 

of ~5.4 nm-sized NiO poly-crystallites and its crystallite size increased to up 

to ~13.9 nm upon SO4
2– functionalization at temperature ≤ 600 °C. This 

was mainly attributed to the congregation of the NiO particulates during the 

SO4
2- functionalization, which was more pronounced at higher temperatures. 

The aggregation of NiO particles could also affect the textural traits of the 

catalysts, as corroborated by the N2 physisorption experiments. The catalysts 

were mesoporous, which were as evidenced by their type IV N2 isotherms with 

hysteresis. Pristine NiO exhibited the highest porosity among all the catalysts 

studied, as corroborated by its Brunauer-Emmett-Teller (BET) surface area 

(SBET) of ~230 m2 gCAT
-1 and Barrett- Joyner-Halenda pore volume (VPORE) 

of ~0.3 cm3 gCAT
-1. In contrast, the porosity was continuously reduced in the 

other catalysts, whose surfaces experienced SO4
2- modification at higher 

temperatures (S300 → S600; SBET of ~180 → ~50 m2 gCAT
-1; VPORE of ~0.2 → 
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~0.1 cm3 gCAT
-1). Again, this trend was ascribed to the severe growth of NiO 

crystallites during the SO4
2- functionalization at high temperature. The XRD 

and N2 physisorption results might suggest that 300 °C circumvented the 

aggregation of porous NiO and therefore could be the optimal temperature 

for the SO4
2- functionalization. 

The bulk sulfur (S) content deposited per unit BET surface area of the catalysts 

(NS/SBET) was of interest and was determined via XRF experiments. S400 and 

S500 had NS/SBET values of ≥ 7.3 μmolS m-2, which were far larger than those 

of the other catalysts (≤ 1.9 μmolS m-2). This interesting trend was also 

consistent with the molar ratio of the bulk S/Ni contents (NS/NNi) innate to 

S300-S600, wherein S400 and S500 revealed greater NS/NNi values than those 

of the other catalysts (≥ 3.4 μmolS molNi
-1 for S400 and S500; ≤ 2.6 μmolS 

molNi
-1 for S300 and S600). Bulk composition analysis on S300-S600 

suggested that temperature of 400 °C and 500 °C could be desirable to 

produce a large number of SO4
2- functionalities on the NiO surface. 

Surface characterization was then employed to further verify the potential 

conclusions derived from the bulk characterization results. The morphological 

characteristics of the catalysts were explored using their HRTEM images, 

wherein the growth of NiO chunks was more conspicuous in the catalysts 

functionalized with SO4
2- at higher temperatures (Figure 2-2A). This was in 

exact line with the trend of the catalyst properties obtained via XRD and N2 

physisorption experiments, as discussed above. The SAED patterns of the 

catalysts were also used to observe their surface facets. The SAED patterns of 

pristine NiO, S300 (not shown), and S400 exhibited diffractions identical to 

those observed in their XRD patterns, all of which were identified as the 

planes corresponding to cubic NiO (Figure 2-2B). In contrast, the SAED 

patterns of S500 (not shown) and S600 showed additional facets that were 

assigned to orthorhombic NiSO4 (JCPDF No. of 01-076-0220). This 

suggested that the NiO surface could be seriously damaged upon modification 

with SO4
2- at temperature ≥ 500 °C, which might be detrimental to prompt 
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the •OH → SO4
•- pathway. 

 

 
Figure 2-2. (A) HRTEM images and (B) SAED patterns of the pristine NiO, S400, and S600 catalysts. In 

(B), the green and red circles indicate the diffractions belonging to cubic NiO and orthorhombic NiSO4, 

respectively. (C) Electric conductivities of the catalysts (σ) and relative abundance of the surface Oα 

species present in the catalysts. (D) Quantities of CO-accessible sites present in one gram of the catalysts 

(NCO) and relative abundance of the surface Niδ+ species present in the catalysts. (E) Molar ratios of the 

surface S to Ni species (S/Ni) and relative abundance of the surface SO4
2- species present in the catalysts. 

  

XPS was then utilized to explore the surface phases of the catalysts. The XPS 

spectra of the catalysts in the O 1s regime were featured by a broad peak. 

This could be deconvoluted into three sub-bands, which were assigned to the 

lattice O (Oβ), surface-labile O (Oα), and O atom of chemisorbed H2O (O’α) 

with binding energies centered at ~529.2, ~530.8, and ~531.8 eV, 

respectively.[39, 59, 60] The relative abundance of the Oα species was the 

greatest in the S400 surface (Figure 2-2C), which suggested that S400 might 

provide a surface most amicable to perform Oα-mediated H2O2 production 

on or near the cathode (Figure 2-1C). 

The Lewis acidity of NiO is of great importance in directing catalytic •OH 

production via H2O2 scission. To determine how many Niδ+ species were 

present on the catalyst surface, the XPS spectra of the catalysts in the Ni 2p 

3/2 regime were deconvoluted. This provided two sub-bands centered at 
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binding energies of ~853.8 and ~855.6 eV, which were assigned to the Niδ+ 

and Ni3+ species, respectively.[39, 82, 83] While the Niδ+ species were most 

abundant on the pristine NiO surface, the concentration of Niδ+ species 

decreased on the surfaces subjected to SO4
2- modification at higher 

temperatures (Figure 2-2D). This trend was also in agreement with that 

obtained using CO-pulsed chemisorption experiments, in which the Lewis 

acidic sites accessible to CO were quantified at 40 °C.[24, 39, 48, 59, 60] 

Indeed, the amount of CO-accessible sites present in one gram of the catalysts 

(NCO) decreased in the following order of pristine NiO → S300 → S400 → 

S500 → S600. This was likely ascribed to the sintering of the NiO particles 

coupled with the oxidation of NiDEFECT to NiLATTICE during the SO4
2- 

functionalization of the surfaces using O2 at elevated temperature. 

To investigate the Lewis acidic strengths of the Niδ+ species present in the 

catalysts, their in situ DRIFT spectra were collected at 50 °C and 200 °C. 

The background spectra of the purged surfaces were initially collected under 

a N2 atmosphere at 50/200 °C and served as the base to investigate the acidic 

traits of the surfaces accessible to NH3. As shown in Figure 2-3A, the surfaces 

apparently interacted with NH3 via protonation or coordination at 50 °C. 

This was corroborated by the Brӧnsted acidic (B) or Lewis acidic (L) bands, 

resulting from the vibrational features of the N-H bonds of NH3 molecules 

adsorbed on the surfaces.[84, 85] However, pristine NiO lost its ability to 

interplay with NH3 at an elevated temperature. This was supported by the in 

situ DRIFT spectrum of pristine NiO at 200 °C, which lacked B and L bands 

(Figure 2-3B). Chemisorption and DRIFT experiments suggested that the 

pristine NiO catalyst possessed the greatest NCO value among all the catalysts 

studied, yet it could hardly exploit the Lewis acidic Niδ+ species to interplay 

with H2O2 because of their weak binding strength. Conversely, the SO4
2--

modified surfaces retained their capabilities to bind with NH3 on the Lewis 

acidic Niδ+ species even at 200 °C except for the surface modified by SO4
2- 

at 600 °C (Figure 2-3B). The SAED pattern of S600 could also be used to 
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justify our claim that the use of high thermal energy to functionalize the 

surface with SO4
2- is not a desirable strategy. In spite of providing a moderate 

NCO value, S400 showed the smallest decrease in the area under the L bands 

among the S300-S500 samples when the temperature of the NH3-accessible 

surfaces was increased from 50 °C to 200 °C. These experimental results 

suggested that among all temperatures studied. 400 °C could be the optimal 

temperature to create the Lewis acidic Niδ+ species desirable to interplay with 

H2O2 among all temperatures studied. 

 

 
Figure 2-3. Background-subtracted, in situ DRIFT spectra of the catalysts upon their exposure to 1000 

ppm NH3 at (A) 50 °C and (B) 200 °C. B and L indicate the Brönsted acid and Lewis acid sites bound 

to NH3. (C) The Bader charge distributions of the Ni (grey circle) and O species (located at the outer-

layer (red circle) or sub-layer (pink circle)) species bound to construct the (111) plane of pristine NiO and 

its SO4
2--modified analogue. In (C), the orange circle indicates the SO4

2- functionality, whereas * indicates 

the inner (bulk) layers indigenous to the (111) plane of the catalysts. 
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 DFT calculations also served to explore the difference in the Ni charges and 

the lengths of the Ni-O bonds present in or near the catalyst surfaces. Again, 

the (111) plane of NiO was chosen to help clarify the reaction dynamics and 

sorption phenomena, because it is one of the main diffractions observed in the 

XRD patterns of the catalysts and had the lowest surface energy to help clarify 

the reaction dynamics as well as the sorption phenomena.[57, 58] Bader 

charge analysis was conducted and utilized to inspect the electronic features 

of the catalyst surfaces.[69, 70, 86] Charge separation among the Ni, O, or S 

atoms was evident and could be triggered by the difference in their 

electronegativities, as discussed in the introduction (Figure 2-3C). The 

pristine NiO and SO4
2--functionalized catalysts showed a Ni charge of ~1.20 

le-l (le-l denotes the elemental charge) in the bulk layers. In contrast, the 

pristine NiO surface showed a Ni charge of 1.12 le-l (e- denotes elemental 

charge), which was smaller than that of the SO4
2--functionalized surface 

(1.27 le-l). In conjunction with the in situ DRIFT results, the computational 

results also validated the enhanced Lewis acidic strength of the surface Niδ+ 

species on S300-S500 in relation to that on pristine NiO. 

In addition, the lengths of the Ni-O bonds located on or near the surface 

were also computed to verify our hypothesis that the binding strength of Ni-

O can be promoted when the surface is modified with SO4
2-. (The specifics 

are given in the introduction.) The pristine NiO and SO4
2--functionalized 

catalysts exhibited a Ni-O (DNi-O) bond length of 2.09 A"  in the bulk layers. 

Interestingly, pristine NiO displayed reduced DNi-O values of 2.00-2.06 A"  on 

or near the surface, which were shorter than those on or near the surface 

functionalized with SO4
2- (2.09-2.13 A" ). This could indicate that the amount 

of Ni species leached from the SO4
2--modified surface during the reaction 

might be similar to or greater than those released from the pristine NiO 

surface. Again, the SO4
2--functionalized surfaces might scarcely reduce the 

amount of Ni leaching during the reaction runs. Nonetheless, among all the 

catalysts studied, S400 provided Niδ+ species with the most desired Lewis 



 

 ２９ 

acidity together with the highest concentration of surface Oα species among 

all the catalysts studied, thus potentially revealing outstanding H2O2 scission 

performance. 

The number of SO4
2- functionalities on the catalyst surface is also paramount 

for the phenol degradation performance, in which the supported SO4
•- species 

are generated via the •OH → SO4
•- pathway and serve to the decomposer of 

phenol. The presence of supported SO4
•- precursors (SO4

2-) on the surface of 

the catalysts was of great plausibility, as evidenced by XANES experiments 

using Na2SO4 and NiSO4•6H2O as reference compounds.[87, 88] Notably, 

it was reported that SO3
2- can be deposited on the catalyst surface as an 

adduct upon modification with SO2/O2.[89, 90] Hence, ideally, NiSO3 should 

also have been used as a reference compound to include the SO3
2- 

functionality; however, this could not be achieved, owing to the absence of 

commercially available NiSO3. This justified the utilization of Na2SO3 as an 

alternative reference compound. In addition, the XANES spectra at the S K-

edge were reported to exhibit dissimilar bands that could have resulted from 

the excitation of electrons innate to S with different local environments from 

the 1s to the antibonding molecular orbitals.[87] However, the beam source 

utilized for the XANES experiments could provide energy in the range of 50-

1,300 eV. This was insufficient for obtaining the XANES spectra of the 

catalysts at the S K-edge,[91] thereby only allowing for the collection of their 

XANES spectra at the S L2,3-edge. The XANES spectra of the reference 

compounds at the S L2,3-edge exhibited a series of bands due to the excitation 

of the core-level electrons inherent to S from the 2p level to the unoccupied 

3s σ* or 3d level (Figure 2-4A).[87, 88, 92] The bands, however, could not 

be assigned because of the limited number of literature resources dealing with 

the elaboration of XANES spectra of inorganic sulfur-based compounds at 

the S L2,3-edge. Nevertheless, the XANES spectra of the reference compounds 

showed distinct edge features, which could be caused by the different local 

geometries or charges of the S atoms confined in the trigonal pyramidal and 
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tetrahedral motifs of SO3
2- and SO4

2-, respectively.[87, 88] Importantly, the 

edge characters found in the XANES spectrum of NiSO4•6H2O at the S L2,3-

edge were similar to those of S300-S600 (e.g., the band shown with * an in 

Figure 2-4A), all of which were not alike to the band characteristics observed 

in the XANES spectrum of Na2SO3. Although the XANES spectra at the S 

L2,3-edge were reported to be inadequate to quantify the relative compositions 

of SO3
2- and SO4

2- inherent to the compounds,[87, 93] they did provide 

evidence associated with the presence of SO4
2- functionalities on the catalyst 

surfaces. 

The molar ratio of the S to Ni contents (S/Ni) on the catalyst surface was also 

analyzed using XPS experiments. S400 provided the largest S/Ni value among 

all the catalysts modified with SO4
2- species (Figure 2-2E), which was in close 

accordance with the trend observed for the bulk S/Ni values (NS/NNi) of 

S300-S600. The S400 surface also exhibited the highest concentration of 

surface SO4
2- species among S300-S600. This was evidenced by their 

deconvoluted XPS spectra in the S 2p regime, where the surface SO3
2- and 

SO4
2- species were present at binding energies centered at ~167.7 and ~168.8 

eV, respectively.[39, 94]  

Furthermore, the in situ DRIFT spectra of pristine NiO were collected in the 

presence of SO2 and O2 at 300 °C, 400 °C, and 500 °C to simulate the 

surfaces of S300-S500, on which the SO3
2- and SO4

2- functionalities were 

dispersed. It should be noted that the in situ DRIFT spectrum of pristine NiO 

at 600 °C could not be obtained, owing to the limitation of the instrument, 

whose temperature could only be elevated up to 500 °C.[39, 89, 90] Again, 

the background spectra of the purged surfaces were initially collected under a 

N2 atmosphere at 300 °C and served as the basis to explore the configuration 

of the SO3
2-/SO4

2- functionalities bound to the catalyst surfaces at 300, 400, 

and 500 °C.[39, 89, 90] Bands emerged in the wavenumber range of 950-

1400 cm-1 when the SO2/O2 gas flow was turned on and stopped growing 

within 30 minutes of reaction run. The bands could be divided into two 
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domains, which were assigned as surface SO3
2-/SO4

2- species with mono-/bi-

dentate and tri-dentate configurations located in the wavenumber range of 

950-1250 cm-1 and 1280-1400 cm-1, respectively (Figure 2-4B).[95-98] In 

contrast to S400 and S500, S300 barely presented any surface SO3
2-/SO4

2- 

species with a tri-dentate array (Figure 2-4B). This was in partial agreement 

with the smallest S/Ni value provided by S300 (Figure 2-2E). It also suggested 

that a temperature of 300 °C might be insufficient to disperse the tri-dentate 

SO4
2- species that were validated to be desirable for prompting the •OH → 

SO4
•- pathway, as discussed later. Indeed, the results highly suggested that 

S400 could reveal the highest efficiency in prompting the H2O2 scission and 

radical interconversion cycles (Figure 2-1A and 2-1B). 

 

 
Figure 2-4. (A) XANES spectra of the catalysts at the S L2,3-edge. * denote the band observed in NiSO4 

and S300-S600 only. (B) Background-subtracted, in situ DRIFT spectra of pristine NiO upon exposure 

to 1000 ppm SO2 and 3 vol. % O2 at 300 °C, 400 °C, and 500 °C. The domains shown with sky-

shaded and blue-shaded rectangles indicate the surface SO3
2-/SO4

2- species with tri-dentate and mono-

/bi-dentate configurations, respectively. 
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2.3.2. H2O2 scission cycle 

To compare the efficiencies of the catalyst surfaces during the degradation of 

phenol via •OH → SO4
•- with significant accuracy, it was necessary to first 

examine the cathodic H2O2 productivities of the catalysts. We thus conducted 

H2O2 production runs under conditions identical to those utilized during the 

phenol degradation runs to mimic their surface dynamics with the exception 

of the exclusion of phenol.[24, 39] In addition, the electric potential was 

adjusted to 1 or 3 V to vary the electric energy acting on the catalyst surface, 

whereas the use of 4 V was excluded because of the substantial liberation of 

the catalyst particles during the reaction runs (not shown).[24, 39, 48] The 

amounts of H2O2 evolved at 3 V (NH2O2) showed such a trend as to be 

saturated within an hour of the reaction runs and to substantially depend on 

the type of the catalysts with NH2O2 values of 0.34-0.60 mmol. Noteworthily, 

we previously found that the H2O2 productivity (O2 + 2H+ + 2e- → H2O2) 

can be directed by the two types of O sources, namely the O2 dissolved in the 

reaction solution or fed by the anodic H2O oxidation (2H2O → O2 + 4H+ + 

4e-), Oα, and the e- innate to the catalyst surface[24, 39] The H2O2 run in the 

absence of the catalyst (blank) was used to evaluate the contribution of the 

aqueous O2 species and anodic H2O oxidation toward the generation of 

H2O2.[24, 39] The blank run rapidly saturated the NH2O2 value (~0.14 mmol) 

within 10 minutes and therefore left a NH2O2 of 0.2-0.45 mmol unidentified 

during the reaction runs in the presence of the catalysts. Based on our previous 

observation on SO4
2--functionalized Fe2O3, the remaining NH2O2 was believed 

to partially originate from the Oα species, whose quantities substantially relied 

on the temperature used to functionalize the surface with SO4
2-.[39] As shown 

in Figure 2-2C, among all the temperatures studied, a temperature of 400 °C 

could aid in producing the largest concentration of Oα species among all the 

temperatures studied. Meanwhile, e- was reported to react with H+ and O2 to 

form H2O2 on or near the cathode.[24, 39] Hence, electric conductivities of 

the reaction mixtures were measured during the initial 2 hours of the reaction 
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runs to indirectly quantify the amount of e- present in the reaction mixture in 

an indirect fashion.[24, 39] It was obvious that the reaction mixture on S400 

exhibited a larger electric conductivity than that on the others (~305 μS m-1 

for S400; ≤ ~295 μS m-1 for the others in Figure 2-2C). This proved that 

among the catalysts studied, S400 could provide the surface with the most 

desirable properties to improve the H2O2 productivity among the catalysts 

studied. 

The H2O2 scission performance of the catalysts was then investigated at 3 V 

under identical environments to those used for the degradation of phenol with 

the exception that the reaction runs were performed in the absence of an 

electric potential and phenol (Figure 2-5A).[24, 39] The amount of H2O2 used 

during the H2O2 scission runs was determined based on the averaged NH2O2 

values observed during the H2O2 production runs at 3 V.[24, 39] In addition, 

the pH was set to seven prior to conducting the reaction runs to avoid any 

repercussions caused by the use of acidic and basic pH conditions, which 

potentially gave rise to severe Ni leaching and the instability of H2O2 

instability, respectively.[42, 43, 99] Notably, the H2O2 scission runs provided 

the initial H2O2 scission rates for the catalysts (-rH2O2, 0) after eliminating the 

background contribution (i.e., the self-decomposition of H2O2 in the absence 

of the catalysts).[24, 100] Here, -rH2O2, 0 is defined as the number of moles of 

H2O2 consumed per gram of the catalyst per unit time.[24, 39, 48] (See how 

to obtain -rH2O2, 0 in the Experimental section.) In addition to showing the 

highest H2O2 productivity, S400 also provided the highest •OH productivity 

(–rH2O2, 0) among S300-S600. This could have resulted from the Lewis acidity 

of S400 being the most adequate to cleave H2O2, which was verified using a 

series of characterization experiments, as summarized below. Bader charge 

calculations provided evidence that S300-S600 could be bound to H2O2 more 

strongly than pristine NiO because the Lewis acidic strengths of the Niδ+ 

species were promoted upon modification of the catalyst surface with SO4
2- 

(Figure 2-3B). In the case of S300-S600, S400 contained the 2nd largest 
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amount of Niδ+ species accessible to H2O2, as corroborated by the CO-pulsed 

chemisorption and XPS experiments (Figure 2-2D). Nonetheless, the amount 

of Niδ+ species effectively bound to H2O2 could be the largest when the NiO 

was functionalized with SO4
2- at 400 °C, as substantiated by the in situ NH3-

DRIFT experiments (Figure 2-3A). The characterization results again 

provided solid proof that S400 could provide the Lewis acidity (amount 

coupled with strength) most desirable to achieve the highest •OH productivity 

via H2O2 scission. In addition, the results observed using S400 were 2.5-3.5 

fold greater than those obtained for Fe2O3 functionalized with SO4
2- at 

500 °C (the optimal catalyst denoted as S500-Fe[39]) in terms of the H2O2 

and •OH productivities (NH2O2 of ~0.24 mmol; –rH2O2, 0 of 0.4 μmolH2O2 

gCAT
-1 min-1). This could allow us to assert that the Niδ+ species are indeed 

more effective than their Feδ+ counterparts in regard to the H2O2 cleavage, 

which was in exact agreement with the results of our previous study on metal 

sulfides.[24] 
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Figure 2-5. (A) Initial reaction rates (-rH2O2, 0) of the catalysts obtained during the H2O2 scission runs used 

to simulate the phenol degradation runs at 1 V or 3 V. The -rH2O2, 0 values of pristine NiO and S400 

obtained during the H2O2 scission runs used to simulate the phenol degradation runs at (B) 1 V or (C) 3 

V, while altering the particles size of the catalysts or stirring speed of the reaction mixtures. Reaction 

conditions: 0.2 g of catalyst (< 50 μm for a)); 0.2 mol of Na2SO4; 100 mL of de-ionized H2O; H2O2 with 

concentrations of 0.13 mmol (1 V) or 0.47 mmol (3 V) for pristine NiO, 0.55 mmol (3 V) for S300, 0.27 

mmol (1 V) or 0.60 mmol (3 V) for S400, 0.43 mmol (3 V) for S500, and 0.33 mmol (3 V) for S600; 

25 °C; and 300 rpm (for A) or 400 rpm (for B and C)). 

 

 The H2O2 scission performance of the catalysts at 1 V was also evaluated to 

determine the number of H2O2 molecules that could be cleaved under different 

electric energies acting on the catalyst surface (i.e., 1 V versus 3 V)[24] and 

to propose the rate-determining step dominating the •OH → SO4
•- pathway. 

Pristine NiO and S400 were selected for these reaction runs because they could 

decompose phenol primarily using •OH (unsupported) and the supported 

SO4
•-, respectively, with the largest difference in the –rH2O2, 0 values. The 

method to obtain the –rH2O2, 0 values of these two catalysts and the controls 
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under the reaction conditions at 1 V was identical to that at 3 V. 

Notably, the rate-determining step can be clarified only when using the initial 

reaction rate measured under the reaction-limited regime.[39] The SEM 

images of the pristine NiO and S400 corroborated that their particle sizes were 

≤ 50 μm (not shown). This could justify the variation in the particle size of 

the catalysts from < 25 μm to 20-45 μm to < 50 μm via sieving to ensure 

that the H2O2 scission runs were carried out in the absence of internal 

diffusion limitation.[39] In addition, the stirring speed was also varied from 

300 rpm to 400 rpm to affirm the lack of external diffusion limitation during 

the H2O2 scission runs.[39] The -rH2O2, 0 values for pristine NiO and S400 had 

similar magnitudes throughout the control runs when varying the particle sizes 

or the stirring speeds at 1 and 3 V, as shown in Figure 2-5B and 2-5C, 

respectively, thereby validating that the H2O2 scission runs were performed in 

the reaction-limited regime.[39] In addition, we concluded in our previous 

studies that a higher electric potential across the electrodes could provide a 

catalyst surface with a larger electric energy.[24, 47, 48] A larger electric 

energy acting on the catalyst surface then might likely result in a greater 

increase in the temperature of the catalyst surface, which in turn could prevent 

the Niδ+ species from binding with the O atoms in H2O2 more significantly at 

a higher electric potential.[24, 47] Interestingly, in spite of increasing the 

electric energy exerted on the surface by altering the electric potential from 1 

V to 3 V,[24, 47] the resulting –rH2O2, 0 values of the pristine NiO or S400 

remained unchanged. (See Figure 2-5A). One can readily propose that if the 

rate-determining step were the adsorption of H2O2 on the catalyst surface, a 

greater electric potential would hinder the interactions between the catalyst 

surface and H2O2, thus reducing the -rH2O2, 0 value of the catalyst.[24] 

Consequently, the H2O2 scission runs could narrow down the tentative rate-

determining step to H2O2 cleavage or •OH desorption. 

To elucidate the H2O2 scission mechanism occurring on the catalyst surface, 

the H2O2 molecule was located adjacent to the surface Niδ+ moiety created 
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on the surface of the (111) plane of NiO (Figure 2-1D) and was monitored 

in terms of the transition of H2O2 and its energetics (Figure 2-6). The two 

OH terminals of H2O2 (OH1 and OH2) were initially bound with two Niδ+ 

species via complexation without any dissociation, in which both the 

energetics and charges of OH1 and OH2 were almost invariant. This was in 

agreement with our experimental results on the H2O2 scission runs to 

demonstrate that H2O2 adsorption was not the rate-determining step. H2O2 

then underwent cleavage to form OH1 and OH2 fragments, each of which was 

relaxed to bind with two Niδ+ species via bridging. Interestingly, the H2O2 

scission step was exothermic with an energetic change (ΔE) of -2.9 eV 

relative to the H2O2 adsorption stage, which suggested that the H2O2 cleavage 

stage could not dominate the H2O2 scission cycle. The H2O2 scission stage 

also abated the charges of the two OH fragments by ~0.4 le-l in comparison 

with those at the H2O2 adsorption stage. 

In contrast, the formation of the radical derivative of the OH1 fragment (i.e., 

the increase in the OH1 charge by ~0.3 le-l) and its detachment from the two 

Niδ+ species required a ΔE of ~3.0 eV relative to the H2O2 scission stage. 

Nonetheless, the energy of the •OH desorption stage was ~0.2 eV lower than 

that during the initial stage, which rendered the H2O2 scission cycle 

energetically favorable. All of these results strongly suggested that •OH 

desorption stage was the rate-determining step for the H2O2 scission cycle. 

This also suggested that the overall rate-determining step could be the •OH 

desorption stage unless the radical interconversion cycle included any 

endothermic stages. 
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Figure 2-6. Energetics on the catalyst surface of the (111) facet for the catalysts altered during the H2O2 

scission cycle. Change in the charges for the OH1 and OH2 fragments during the H2O2 scission cycle. 

  

2.3.3. Radical interconversion cycle 

The calculations on the catalytic H2O2 scission cycle suggested the plausibility 

of •OH desorption as the rate-determining step for the •OH → SO4
•- 

pathway. This, however, was only partially convincing until the other 

catalytic cycle to interconvert •OH and SO4
•- was fully investigated. We 

performed the phenol degradation runs under comparable conditions to those 

employed to cleave H2O2 except for applying an electric potential of 1 or 3 V 

and the use of phenol.[24, 39] The phenol degradation runs provided the 

initial phenol consumption rates primarily driven by the catalyst surfaces (-

rPHENOL, 0) upon subtraction of the background contribution (i.e., anodic 

oxidation).[24, 39, 50]  Here, -rPHENOL, 0 denotes the number of moles of 

phenol consumed per gram of the catalyst per unit time, whereas a pseudo-

1st-order kinetic model served to determine -rPHENOL, 0 by fitting the reaction 

data.[24, 39, 48] The -rPHENOL, 0 values of the catalysts obtained at 3 V served 

to contrast their ability to decompose phenol using •OH or SO4
•-.  

The pristine NiO catalyst provided a smaller -rPHENOL, 0 than those modified 

with SO4
2- (Figure 2-7A). This indeed warranted the exploitation of 
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supported SO4
•- for the decomposition of phenol. ICP-AAS served to inspect 

the amount of Ni leached during the phenol degradation run. S300 and S400 

leached 0.3-0.4 mol.% of Ni species, which was slightly larger than that 

observed for pristine NiO (~0.2 mol.% of Ni). This was in good agreement 

with the calculations of the Ni-O bond lengths in pristine NiO and the NiO 

catalyst functionalized with SO4
2- and thus verified the minor contribution of 

the SO4
2- functionalities to abating the Ni leaching. Nevertheless, the -rPHENOL, 

0 was the highest when the pristine NiO was functionalized with SO4
2- at 

400 °C (Figure 2-7A). In addition, the -rPHENOL, 0 value of S400 was even 

larger than that of S500-Fe (~1.0 μmolPHENOL gCAT
-1 min-1), which was 

obtained after the background correction and thus should be distinct from 

that reported in our study (~1.5 μmolPHENOL gCAT
-1 min-1).[39] This could 

demonstrate the benefits of NiO as a proper platform to accommodate SO4
•- 

formed via radical transfer from •OH. 

Notably, the greatest H2O2 scission performance of S400 driven by its desired 

Lewis acidity might be responsible for the highest -rPHENOL, 0 value observed 

among all the catalysts studied. Meanwhile, the largest molar ratio of the 

surface S/Ni along with a significant concentration of surface SO4
2- species 

might bring about the greatest -rPHENOL, 0 of S400 if the •OH → SO4
•- 

pathway were directed by an endothermic stage during the radical 

interconversion cycle. The two scenarios stated above could motivate the 

exploration of the feasibility of •OH ↔ SO4
•- interconversion and its 

elementary steps suggested in Figure 2-1B. 

To establish whether radical transfer from •OH to SO4
•- was highly likely, 

we performed electron paramagnetic resonance (EPR) experiments using 5,5-

dimethyl-1-pyrroline N-oxide (DMPO) as a trapping agent for •OH and 

SO4
•-.[101-103] Pristine NiO and S400 catalysts were chosen for these 

experiments and the scavenging runs discussed below for the same reasons 

addressed in the previous section, in addition to them having the largest 

difference in the -rPHENOL, 0 values. We also benchmarked the H2O2 scission 
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runs on the catalysts, wherein an excess amounts of H2O2 served with no 

electric potentials exerted, whereas the catalysts were removed from the 

reaction aliquots prior to recording their EPR spectra. 

 

 
Figure 2-7. (A) The initial reaction rates (-rPHENOL, 0) of the catalysts obtained during the phenol 

degradation runs at 1 V or 3 V. The -rPHENOL, 0 values of pristine NiO and S400 obtained during the phenol 

degradation runs at (B) 1 V or (C) 3 V, while altering the particles size of the catalysts or stirring speed of 

the reaction mixtures. (D) The EPR spectra of the reaction aliquots collected from the H2O2 sccision runs 

on pristine NiO and S400 in the presence of DMPO. In (D), * indicates the DMPO-OH adduct. (E) The 

-rPHENOL, 0 values of pristine NiO and S400 obtained during the phenol degradation runs at 3 V in the 

presence of the scavengers. Reaction conditions: 0.2 g of catalyst (< 50 μm for (A) and (E)); 0.2 mol of 

Na2SO4; 100 mL of de-ionized H2O; 0.1 mmol of phenol; scavenger concentrations of 0.94 mmol for 

pristine NiO and 1.32 mmol for S400; 25 °C; 300 rpm (for (A) and (E)). Analytical conditions for (D): 

0.02 g of catalyst (< 50 μm); 0.02 mol of Na2SO4; 10 mL of de-ionized H2O; H2O2 concentrations of 

0.47 mmol for pristine NiO and 0.60 mmol for S400; DMPO concentrations of 4.7 mmol for pristine NiO 

and 6.0 mmol for S400; 0 V; and 25 °C. 

  

Again, the pristine NiO only included Niδ+ species that activated H2O2 for 

the liberation of •OH to the reaction solution. Indeed, EPR spectrum of the 

aliquot taken from the pristine NiO run exhibited quartet peaks with an 

intensity ratio of 1:2:2:1 coupled with hyperfine splitting constants of ~15.0 

G (* shown in Figure 2-7D). These peaks are characteristics of the •OH 

adducted to DMPO (DMPO-OH), as reported elsewhere.[101-103] In 

addition, S400 also afforded Niδ+ species that could release •OH into the 

reaction solution. Nonetheless, most of the •OH species liberated were 

postulated to participate in the formation of the SO4
•- species bound to the 
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S400 surface. If this were the case, one should not observe the DMPO-OH 

as well as the DMPO adducted to SO4
•- (DMPO-SO4) [101-103] in EPR 

spectrum of the aliquot taken from the S400 run. As anticipated, the EPR 

spectrum of this aliquot only exhibited the baseline signal, while lacking any 

peaks caused by the DMPO-SO4 and DMPO-OH adducts (Figure 2-7D). 

Apparently, EPR spectroscopy could validate the likelihood of the 

interconversion of •OH (unsupported) ↔ SO4
•- (supported) on the S400 

surface. 

Addition proof associated with the interconversion of •OH ↔ SO4
•- could 

be found in the phenol degradation runs using four scavengers with distinct 

rate constants to terminate •OH (k•OH) or SO4
•- (kSO4•-).[39] The quantities 

of the scavengers used for the reaction runs were set based on two major 

hypotheses: 1) 1 mole of H2O2 can be cleaved to produce 2 moles of •OH 

and 2) 1 mole of bulk S content can be used to create 1 mole of SO4
2- 

functionality.[24, 39] (Specifics can be found in Figure 2-7 caption.) The 

scavengers were reported to have larger k•OH values in the following order of 

tert-butanol → iso-propanol → 1,4-dioxane → tetrahydrofuran.[28, 104-

106] The pristine NiO catalyst decomposed phenol with the primary use of 

unsupported •OH and thus reduced its -rPHENOL, 0 value in the presence of a 

scavenger with a greater k•OH value (Figure 2-7E). A similar trend was 

observed in the S400 runs, where the use of a scavenger with a greater kSO4•- 

value led to a smaller -rPHENOL, 0 value (i.e., a greater kSO4•- in the order of 

tert-butanol → 1,4-dioxane → iso-propanol → tetrahydrofuran).[28, 104-

106] In particular, the k•OH values were 10-103 fold larger than the kSO4•- 

values for all the scavengers studied. This suggested that a noticeable 

reduction in the -rPHENOL, 0 value of the catalyst should be observed if •OH 

were the main source that degraded phenol.[39] As anticipated, the -rPHENOL, 

0 values of pristine NiO were consistently smaller than those of S400 

throughout the reaction runs using the identical scavengers. This indicated 

that S400 could degrade phenol with the primary use of the supported SO4
•-. 
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In addition, the range of -rPHENOL, 0 values changed during the scavenger runs 

on S400 (0.25 μmolPHENOL gCAT
-1 min-1) was ~1.5 times that on pristine NiO 

(0.16 μmolPHENOL gCAT
-1 min-1). This could be caused by the far larger 

difference in the magnitudes of kSO4•- for the scavengers (105-108 mol L-1 sec-

1) when compared to the difference in their k•OH counterparts (108-109 mol 

L-1 sec-1).[39] All of our results obtained from the scavenger experiments 

could validate that the supported SO4
•- species were of substantial plausibility 

and indeed enabled the degradation of phenol. 

The reaction SO4
2- + •OH + H+ → SO4

•- + H2O was also computed using 

the SO4
2--modified surface on the (111) facet of NiO to assert our argument 

associated with the supported SO4
•-. The purpose of the calculations was to 

investigate the charge (e-) transfer among •OH, SO4
2-, and Ni species in 

conjunction with the altered energetics (Figure 2-8). Initially, H+ approached 

the SO4
2- functionality via hopping with the continuous formation of H3O+ 

(blue circle), as shown in the yellow-shaded rectangle in Figure 2-8. The 
•OH radical (green circle) also approached the SO4

2- functionality (orange 

circle), whose three S-O bonds were coordinated to three Ni species adjacent 

to one another in a tri-dentate manner. This was in partial agreement with 

the in situ DRIFT spectra of the pristine NiO catalyst in the presence of 

SO2/O2 at 300-500 °C, all of which suggested the presence of SO4
2- species 

bound to the surface in a tri-dentate array, as discussed above (Figure 2-4B). 

The SO4
2- functionality was then coordinated to •OH to produce an SO4

2--
•OH intermediate (blue-shaded rectangle in Figure 2-8), which was 

presumably converted into SO4
•---OH via e- transfer from SO4

2- to •OH. 

(See Figure 2-1B.) The formation of the supported SO4
•- was indeed highly 

likely, as supported by the increase in the charge of the SO4
2- species by ~0.6 

le-l. Interestingly, although SO4
•---OH could be produced, the NiO platform 

could act as an e- extractor to remove e- away from SO4
•---OH. This could 

be evidenced by the reduction in the charge of the three Ni species coordinated 

to SO4
2- by ~0.1 le-l. In turn, this could be compensated by an increase in the 
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charge of -OH innate to SO4
•---OH by ~0.2 le-l. 

 
Figure 2-8. Schematic representation of the •OH (green circle) and H+ (blue circle)-mediated 

radicalization of the SO4
2- functionalities (orange circle) present on the surface of the (111) facet of the 

catalysts to form SO4
•-, while releasing H2O (sky blue circle). The change in the charges for SO4

2-, •OH, 

and surface Ni bound to SO4
2- during the radical interconversion between •OH and SO4

•-. 

  

The Ni species could also function as an e- reservoir to provide the SO4
•---

OH intermediate with e-. This led to a decrease in the -OH charge by ~0.2 

le-l, while degenerating the electronics of the Ni species near their initial state. 

(See grey-shaded regime in Figure 2-8.) The SO4
•---OH intermediate then 

interacted with H+ (H3O+) to form H2O and could oxidize phenol at the 

moment that H2O was liberated from the supported SO4
•- species, as shown 

with the red bar in Figure 2-8. The SO4
•- species that interplayed with phenol 

could also alter their electronics similarly to those of the initial SO4
2- 

functionalities. Most importantly, all the elementary stages in the radical 

interconversion cycle were exothermic, which highly suggested that the •OH 

desorption stage was the rate-determining step of the overall •OH → SO4
•- 
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pathway. 

Phenol degradation runs on pristine NiO and S400 at 1 V were carried out to 

gather additional experimental evidence associated with the rate-determining 

step. It should be noted that the phenol degradation runs using various particle 

sizes of the catalysts prepared via sieving or various stirring speeds of the 

reaction mixture revealed that the -rPHENOL, 0 values were unchanged (Figure 

2-7B and 2-7C). This indicated that the -rPHENOL, 0 values were obtained in 

the reaction-limited regime, which was free from diffusion limitations[39] 

and thus could help justify our conclusion on the rate-determining step. As 

shown in Figure 2-7A, a higher -rPHENOL, 0 value was acquired at a larger 

electric potential during the phenol degradation runs on the pristine NiO and 

S400 catalysts. If the rate-determining step were the H2O2 scission stage, the 

-rPHENOL, 0 values should be comparable even with an increase in the electric 

potential (i.e., upon increasing the electric energy acting on the surface).[24] 

All the theoretical and experimental results strongly supported our claim that 
•OH desorption from the Niδ+ species present in the SO4

2--functionalized 

surface can significantly direct the phenol decomposition performance (-

rPHENOL, 0). Of note, although the phenol adsorption step was verified not to 

direct •OH → SO4
•- as the rate-determining stage, it could be deemed as a 

background. Hence, its contribution (XPHENOL) should be subtracted from the 

profile of XPHENOL versus time for the catalyst via an identical manner to that 

utilized to correct the XPHENOL profile of the catalyst with the use of another 

background (anodic oxidation), as stated above. Nonetheless, our kinetic data 

could not be corrected using the background caused by phenol adsorption 

because of the rarity of the electric environments, in which the catalyst surface 

only adsorbed phenol yet did not proceed with •OH → SO4
•-. Of additional 

note, one cannot completely exclude the tentative function of •OH in 

degrading phenol, yet, could confidently claim that •OH and ‘SO4
•-’ do act 

as the minor and ‘major’ source used to decompose phenol, respectively. This 

could be partially evidenced by the exothermic nature of the radical transfer 
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from •OH to SO4
•- clarified by DFT calculations (Figure 2-8), which could 

suggest that the formation of the supported SO4
•- might be as spontaneous 

as the degradation of phenol triggered by •OH. Scavenging runs on the 

catalysts using various scavengers with dissimilar abilities to quench •OH and 

SO4
•- could also corroborate the role of SO4

•- as the prime degrader of 

phenol, as detailed in the annotations in Figure 2-7E. The function of the 

supported SO4
•- as the main decomposer of phenol could be also 

substantiated using the EPR spectra of S400 (Figure 2-7D), wherein the peaks 

indexed to the DMPO-OH adduct should be observed, if the S400 catalyst 

primarily generated •OH as the main source of phenol degradation. All the 

results could demonstrate our claim that S400 can degrade phenol with the 

main use of the supported SO4
•- species. 
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2.3.4. Sustainability 

NiO functionalized with SO4
2- can sustain the •OH → SO4

•- pathway only 

when its surface degrades phenol with the primary use of the supported SO4
•-, 

while minimizing the leaching of the rate director (Niδ+) used to produce and 

desorb •OH. Filtration runs on the catalysts were performed to ensure that 

the heterogeneous catalytic oxidation on the supported (unleached) SO4
•- 

species was the main reaction involved in the decomposition of phenol.[39] 

The filtration runs were conducted in an manner identical to the phenol 

degradation runs at 3 V with the exception of the inclusion of a filtration step 

performed after an hour of the reaction runs.[24, 39] (See grey-shaded 

rectangle in Figure 2-9A.) The reaction solutions were then collected and 

monitored in terms of the amount of phenol consumed at 3 V.[24, 39] This 

was because these solutions might contain Niδ+ and SO4
2- species, both of 

which were leached from the catalyst surface yet were active in producing 
•OH and SO4

•- utilized for the degradation of phenol, respectively.[24, 39] 

The phenol degradation run in the absence of a catalyst (blank) was 

dominated by anodic oxidation and therefore revealed the quantity of phenol 

consumed during 1-8 hours of reaction (N*PHENOL) as ~15 μmol. The 

filtration run on pristine NiO showed a N*PHENOL value comparable to that of 

the blank run, which indicated that the unleached Niδ+ species acted as the 

main decomposer of phenol. The filtration runs on S300-S600 also provided 

N*PHENOL values that were of similar magnitudes that were similar to that of 

the blank run. These results provide sound evidence to substantiate that the 

SO4
•- species supported on NiO were the main decomposer of phenol.[24, 

39] 
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Figure 2-9. (A) Quantities of phenol consumed (NPHENOL*) during the filtration runs in the absence (blank) 

and the presence of the catalysts. (B) The initial phenol consumption rates (-rPHENOL, 0) of S400 and S500-

Fe obtained during the recycling experiments. Reaction conditions: 0.2 g (or 0 g) of catalyst with the size 

of < 50 μm in size; 0.2 mol of Na2SO4; 100 mL of de-ionized H2O; 0.1 mmol of phenol; 3 V; 25 °C; 

and 300 rpm. 

  

In addition, the reusability of the catalysts in degrading phenol was also 

evaluated, while following a protocol identical to that used during the phenol 

degradation runs at 3 V.[24, 39] S400 was selected because of its highest 

phenol degradation performance, whereas S500-Fe was also utilized for 

comparison. The -rPHENOL, 0 values also served to contrast the recyclability of 

these catalysts up to the 4th cycle, during which the catalyst coated on the 

cathode was washed with H2O prior to the next cycle.[39] The bulk structure 

of S400 was retained up to the 4th cycle (not shown). This suggested that NiO 

was able to accommodate •OH producers (Niδ+) and SO4
•- precursors 
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(SO4
2-) for the recycling experiment, which was not the case with NiS, therby 

revealing the drastic structural collapse to form Ni and S upon exposure to 

the identical reaction conditions.[24] Meanwhile, the XPS spectra in the O 1s, 

Ni 2p, and S 2p domains for the used S400 catalysts were collected after the 

1st, 2nd, and 3rd recycle runs. These spectra were inspected to identify which 

catalyst between S400 and S500-Fe was more appropriate to bear the H2O2 

source (Oα), •OH producers (Feδ+/Niδ+), and SO4
2-, all of which were 

invaluable to recur the •OH → SO4
•- pathway. S400 and S500-Fe showed a 

moderate decrease in the Oα, Feδ+/Niδ+, or SO4
2- species after each of the 

recycle runs.[39] This was in close alignment with the trend observed for their 

-rPHENOL, 0 values, which were declined throughout the recycle runs (Figure 2-

9B). Interestingly, the Oα concentrations innate to S500-Fe were larger than 

those of S400 after each of the recycle runs (S400; 42.5% → 39.2% (after the 

1st) → 37.8% (after the 2nd) → 27.1 % (after the 3rd) for S500-Fe in [39]). 

However, the amounts of H2O2 (NH2O2) evolved in the presence of the catalysts 

(≥ ~0.3 mmol) were larger than that of the phenol used for the reaction runs 

(0.1 mmol). In addition, the NH2O2 values observed for the catalysts stopped 

increasing within an hour of reaction runs at 3 V,[39] which was in contrast 

to the steady consumption of phenol in the presence of the catalysts up to 8 

hours of reaction runs under a comparable environment. This indicated that 

the H2O2 evolution stage could not dominate the •OH → SO4
•- pathway as 

the rate-determining step and validated the insignificance of the Oα species 

in prompting the •OH → SO4
•- pathway for the decomposition of phenol. In 

contrast, the concentrations of •OH producers (Feδ+/Niδ+) and SO4
•- 

precursors (SO4
2-) vital to the •OH → SO4

•- pathway were consistently 

higher throughout each of the recycle runs on S400 in comparison with those 

on S500-Fe (Feδ+ of 32.6% → 27. % (after the 1st) → 25.1% (after the 2nd) → 

20.4% (after the 3rd); SO4
2- of 64.2% → 63.2% (after the 1st) → 43.6% (after 

the 2nd) → 44.0% (after the 3rd) for S500-Fe in [39]). Therefore, although S400 

leached a comparable amount of Niδ+ species to that of the leached Feδ+ 
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species leached during the recycle runs (≤0.5 mol.%), S400 could increase the 

efficiency of the •OH → SO4
•-pathway, thus enhancing its recyclability in 

the degradation of phenol compared to S500-Fe. This was evidenced by the 

greater -rPHENOL, 0 values of S400 than those of S500-Fe up to the 4th cycle 

(Figure 2-9B), which indicated that NiO could outperform Fe2O3 in 

sustaining the degradation of pollutants with the main use of •OH → SO4
•-. 

It should be noted that the -rPHENOL, 0 of S400 at 3 V was far smaller than 

those of the transition metal sulfides obtained under a comparable 

environment.[24, 47, 48] However, the metal sulfides were susceptible to 

severe leaching of metal constituents or irreversible structural deformation, 

which could yield secondary phases that were inactive during H2O2 cleavage. 

Hence, metal sulfides could provide a finite lifespan as •OH producers, as 

evidenced by the noticeable decrease in their -rPHENOL, 0 values during each of 

the recycle runs (≤ ~ 50% of initial -rPHENOL, 0 at the 3rd cycle). Indeed, all of 

our experimental results could demonstrate the potential of NiO as an 

outstanding platform to afford surface SO4
•- species that are highly active in 

cracking phenol in a heterogeneous and recyclable manners. 
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2.4. Conclusions 

This study has investigated the advanced features of SO4
2--functionalized 

NiO as a platform to afford surface •OH producers (Niδ+) and SO4
•- 

precursor species (SO4
2-) species, while demonstrating their mechanistic and 

kinetic functions to prompt the •OH → SO4
•- pathway assisted by an electric 

potential. For this study, NiO was synthesized and subsequently modified 

with SO4
2- to form NiO (S). NiO (S) greatly favored toward the delivery of 

surface-labile O species and electrons (e-) to the cathode in relation to pristine 

NiO and therefore could promote H2O2 productivity. In addition, in situ NH3 

DRIFT spectroscopy and CO-pulse chemisorption provided evidence that 

NiO (S) could enhance the Lewis acidity of Niδ+ species over NiO, which was 

also validated by Bader charge calculations. This led to the improved •OH 

productivity of NiO (S) relative to that of NiO during the H2O2 scission cycle, 

in which the liberation of •OH from the surface could primarily dominate the 

H2O2 cleavage as the rate-determining step, as corroborated by DFT 

calculations on the energetics of the H2O2 cleavage stages. 

NiO (S) could afford SO4
2- functionalities, radicalize them via radical transfer 

from •OH, and thereby could oxidatively degrade the recalcitrant (phenol) 

with the primary use of the supported SO4
•- species. The plausibility of the 

supported SO4
•- species and their heterogeneous catalytic nature have been 

verified by kinetic assessments on the phenol degradation runs in the presence 

of scavengers, EPR spectroscopy, and filtration runs, respectively. Additional 

evidence for the radical transfer pathway from •OH to SO4
•- has been 

provided using surface charge analysis via DFT calculations, during which e- 

exchange among Ni, SO4
2-, and •OH would trigger the reaction of ‘SO4

2- + 
•OH + H+ → SO4

•- + H2O’. The energetics altered during the transformation 

of SO4
2- into SO4

•- were also computed and corroborated that the 

transformation of SO4
2- into its corresponding radical was exothermic. This 

indicated that the radical interconversion cycle did not contain the rate-

determining step. It also provided sound evidence that the •OH desorption 
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step could direct the overall •OH → SO4
•- pathway toward the degradation 

of phenol, which was also substantiated by the kinetic comparison between 

the H2O2 scission and phenol degradation runs on NiO (S) at various electric 

potentials. 

The temperature used to synthesize NiO (S) was also varied between 300 °C, 

400 °C, 500 °C, and 600 °C. This allowed for the identification of the 

optimal temperature for Ni (S) via a series of reaction runs. The NiO (S) 

synthesized at 400 °C showed the highest efficiency and recyclability during 

the degradation of phenol among all the NiO (S) catalysts studied, all of which 

presented more accurate results than those observed for SO4
2--modified Fe2O3 

optimized in our previous study. Albeit demonstrating that the Niδ+ species 

innate to NiO were promising to expedite •OH desorption, which was critical 

for the acceleration of the •OH → SO4
•- pathway, this study poses additional 

questions on how to reinforce the strength of the metal-O bonds for reducing 

the amount of metal leaching and how to amend the Lewis acidity of the metal 

species for furthering •OH desorption with the exception of varying the 

temperatures used to functionalize the catalysts with SO4
2- species. Tailoring 

the Lewis acidity of the metal species included in the SO4
2--functionalized 

bimetallic oxides is of partial success in expediting the •OH → SO4
•- pathway 

by encouraging the liberation of •OH from the catalyst surfaces. This is on-

going research being performed in our laboratory. 
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Chapter 3 

Tailoring Lewis acidic metals and SO4
2- 

functionalities on bimetallic Mn-Fe oxo-

spinels to exploit supported SO4
•- in 

aqueous pollutant fragmentation 
 

The essence of Chapter 3 has been published in Chemical Engineering Journal. Reprinted with permission from [107]. 

 

3.1. Introduction 

The degradation efficiency of aqueous refractory contaminants is governed by 

oxidation potential, lifetime, sustainability, and productivity of radicals 

generated by the heterolytic cleavage of their precursors (e.g., H2O2 for •OH; 

HSO5
- and S2O8

2- for SO4
•-).[108, 109] For instance, •OH imparts a strong 

oxidation potential (~2.7 V); however, its use as an oxidant is often limited 

because its use as an oxidant because of its short half-life (~10-3 μsecond) 

and the necessity to retain a narrow pH range of 3-5.[33, 110, 111] In 

addition, SO4
•- is deemed as a competitor of •OH owing to its appreciable 

oxidation potential (2.5-3.1 V), long half-life (30-40 μsecond) over a wide 

pH range, and lower vulnerability to the background levels of chemicals 

present in the water matrix, while offering ample pathways for the 

degradation of various organic pollutants.[33, 111-115] Nonetheless, the 

means to regenerate or sustain •OH or SO4
•- would be demanding to be 

realized, unless radical precursors are recurrently fed to the aqueous solution 

containing the pollutant. 

To achieve a semi-permanent supply of H2O2, two pieces of graphite acting 

as the anode and cathode can be positioned in contaminated H2O and 

exposed to an electric environment under circumneutral pH conditions 

(Figure 3-1A).[9, 116] This results in H2O oxidation on or near the anode 
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via two pathways. One route involves the formation of •OH, H+, and an 

electron (e-) via the reaction H2O → •OH + H+ + e- (standard potential of 

2.72 V), after which •OH interplays with the anodic surface to form surface 

O species (Oα) active in degrading pollutants (known as anodic oxidation).[9, 

116, 117] Another route entails the reaction of 2H2O → O2 + 4H+ + 4e- to 

produce O2, H+, and e- (standard potential of 1.23 V), all of which migrate 

to the cathode and serve to produce H2O2 continuously, as far as an electric 

potential is applied across the electrodes.[117-119] In addition, the cathode 

can be coated with the catalyst, whose surface contains Lewis acidic metals 

with oxidation states of 2 or less (Mδ+; δ ≤ 2).[9, 116] It was reported that 

Lewis acidic Mδ+ is electrophilic and thus can be coordinated to the lone pair 

electrons of the O atoms of H2O2 to initially produce Mδ+-H2O2.[42, 45] The 

Mδ+ of Mδ+-H2O2 then loses one electron for its donation to H2O2. This 

results in the dissection of H2O2, by which M(δ+1)+ is bound to •OH (M(δ+1)+-
•OH) is formed, while OH- is released to the aqueous environment prior to 

the liberation of •OH from M(δ+1)+-•OH (Mδ+ + H2O2 → M(δ+1)+ + OH- + 
•OH; in Figure 3-1B).[119, 120] In conjunction with anodic Oα, •OH can 

also be used to decompose pollutants. Moreover, an ample amount of e- can 

sustain the recovery of •OH producers (Mδ+) via M(δ+1)+ reduction with e- 

(Figure 3-1B).[116, 119] These findings suggest that highly sustainable •OH 

productivity is achievable when using the reactor configuration specified in 

Figure 3-1A. 

Meanwhile, as a method to avoid a periodic supply of SO4
•- precursors, we 

have envisioned to functionalize the catalyst surface with SO4
2-, as shown in 

Figure 3-1C.[25, 39] In Chapter 2, we have validated that SO4
2- can be readily 

radicalized by •OH and H+ to form SO4
•-, which is immobilized on the nickel 

oxide catalyst surface by using the reactor set-up illustrated in Figure 3-1A 

(SO4
2- + •OH + H+ → SO4

•- + H2O).[25, 39] Of significance, supported 

SO4
•- can outperform conventional •OH in terms of activity, reusability, and 

stability in the decomposition of contaminants.[25, 39]  This, therefore, can 



 

 ５４ 

motivate the exploitation of radical inter-conversion from •OH to SO4
•- 

under an electric environment (denoted as •OH → SO4
•-). 

To deploy the •OH → SO4
•- pathway with the aim of prompting the 

degradation of contaminants, it is imperative to initially grasp the overall 

elementary stages of the •OH → SO4
•-pathway and then expedite the rate-

determining step. The •OH → SO4
•-pathway comprises of two catalytic 

cycles to produce •OH or supported SO4
•-.[25] Again, the •OH evolution 

cycle is featured by H2O2 adsorption on Mδ+, catalytic •OH production 

followed by OH- liberation, •OH release from Mδ+, and Mδ+ recovery via e- 

reduction (Figure 3-1B).[25, 47] In particular, the •OH desorption stage may 

compete with the Mδ+ recovery step for directing the •OH production rate, 

as we suggested earlier.[24, 47] The Mδ+ recovery step, however, cannot 

direct the •OH evolution cycle because of the abundant quantity of e- 

generated under electric environments.[109, 116, 119] In contrast, the •OH 

desorption step is endothermic, thus dominating the •OH evolution cycle as 

the rate-directing stage.[25, 39] Meanwhile, the surface SO4
•- evolution cycle 

proceeds with the spontaneous formation of SO4
2--•OH and its exothermic 

transition to SO4
•---OH (via e- transfer), SO4

•--H2O (via fusion with H+), 

SO4
•- (via H2O liberation), SO4

- (***; upon contaminant degradation), and 

SO4
2- (via e- reduction) (Figure 3-1D), as evidenced by the computation on 

the surface SO4
2- functionality via density-functional theory.[25] Apparently, 

this can corroborate that the •OH desorption step can dominate the •OH → 

SO4
•-route as the rate-determining stage (* in Figure 3-1B)[25]  and 

suggests the need to locate or further tailor the surface Mδ+ species to promote 

the •OH desorption. 

Iron is cheap, ubiquitous, and readily fuses with O2- anions to bear Feδ+ in 

the resulting oxides.[39, 48] Rhombohedral Fe2O3, however, is composed of 

coordinatively-saturated Fe3+ trapped in octahedral [FeO6]9- sub-units 

only.[121] Fe2O3, therefore, should not be active in fragmenting H2O2, unless 

surface defects are formed. Meanwhile, cubic Fe3O4 adopts the inverse spinel 
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architecture of (Fe3+)IV(Fe2+Fe3+)VIO4 (IV for tetrahedral: accessible to H2O2; 

VI for octahedral: inaccessible to H2O2),[122, 123] in which tetrahedral sites 

are solely occupied by Fe3+ ions that are inactive in cleaving H2O2 (** in 

Figure 3-1E). Nevertheless, Fe3O4 was reported to outperform Fe2O3 due to 

the inclusion of a greater number of Feδ+ species.[124, 125] This might result 

from the synthetic conditions that are favorable to generate a greater quantity 

of surface defects on Fe3O4 than the number of defects on Fe2O3. In addition, 

Fe3O4 could improve e- transfer from O2- to the adjacent Fe3+, resulting in the 

facile recovery of Feδ+ which is conducive to recurring H2O2 dissection, as 

reported elsewhere.[126, 127] Such accelerated e- transfer of Fe3O4, however, 

can be marginal, which is again caused by the abundant quantity of e- 

produced under electric environments.[109, 116, 119] 

 

 
Figure 3-1. Schematic illustrations of the reactor set-up utilized (A), evolution mechanisms of •OH (B) 

and SO4
•- (D) on SO4

2--functionalized surfaces (C) for Fe3O4 (E), MnXFe3-XO4 (F), and Mn3O4 (G). The 

* symbol in (B) indicates the rate-determining stage of the •OH → SO4
•-pathway, whereas the *** 

symbol in (D) indicates the elementary stage accounting for the SO4
•--assisted degradation of 

contaminants. In (E)-(G), the ** symbols shown with green, gold, and blue circles denote the H2O2-

accessible, tetrahedral (IV) metal sites present in the catalysts, whereas the grey circles denote the H2O2-

inaccessible octahedral (IV) metal sites present in the catalysts. 

  

Structural inspection of cubic Fe3O4 may suggest its unsuitability as a reservoir 

of H2O2 activators. This, however, also suggests the structural modification 
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of Fe3O4 to form cubic MXFe3-XO4 solid solutions (Figure 3-1F), where the 

Fe elements are partially substituted by d-block metals (M) with similar 

properties.[128, 129] Herein, MXFe3-XO4 is hypothesized to cause subtle 

alterations in the electronic characteristics innate to Lewis acidic (or defective) 

Feδ+/Mδ+ species, thus potentially tuning the binding strengths of the 

Feδ+/Mδ+ species with •OH according to the change in the metal 

compositions (i.e., X values of 0, 1, 1.5, 2, or 3). Niδ+, Coδ+, and Cuδ+ were 

demonstrated to prompt •OH liberation more effectively than Feδ+ upon 

modification with S2- anions and thereby may be suitable as substituents of 

Fe in MXFe3-XO4.[24] However, Niδ+ was reported to reduce •OH 

productivity, in relation to that observed with the Feδ+ of unmodified Fe3O4, 

when forming NiXFe3-XO4.[128] In contrast, Coδ+ and Cuδ+ do construct 

CoXFe3-XO4 and CuXFe3-XO4, both of which showed promising •OH 

productivity.[128, 129] However, CoXFe3-XO4 and CuXFe3-XO4 could be 

crystallized under such limited conditions that favored the phase transition or 

the production of collateral phases.[130, 131] 

Although S-modified Mnδ+ revealed a lower •OH productivity than did the 

Feδ+ analogue under an electric environment,[24] Mn-modified Fe3O4 

(MnXFe3-XO4) is hypothesized to surpass Fe3O4 or Mn3O4 in producing •OH 

owing to several reasons, listed as follows. Cubic Mn3O4 and MnXFe3-XO4 can 

construct normal and complex spinel geometries, thereby isolating Mn2+ 

species in tetrahedral sub-units, which are open to H2O2 and active in H2O2 

cleavage (** in Figure 3-1F and 3-1G).[122, 123] This is again in contrast 

to Fe3O4 which consists of tetrahedral [FeO4]5- sub-units that are accessible 

to H2O2, yet, only confine Fe3+ to being inactive in splitting H2O2 (** in Figure 

3-1E).[132] In addition, Mn3O4 and MnXFe3-XO4 were reported to exploit 

Mn2+ and Mn3+ as H2O2 scissors.[120] Hence, Mn3O4 and MnXFe3-XO4 can 

enhance •OH productivity over Fe3O4, which only contains (defective) Fe2+ 

species, if their synthetic conditions are comparable to provide a similar 

chance associated with the formation of surface defects. 
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Noteworthily, cubic Mn3O4 with cell edges of 8.7 A"  affords 1 mole of open 

Mn2+ per base unit,[133] which allows isotropic access to H2O2 (kinetic 

diameter of ~3.0 A" ).[47, 134] Mn3O4, however, is unstable under ambient 

conditions and readily distorts to transform into a tetragonal polymorph 

(Figure 3-1G);[122, 133] the accessibility of open Mn2+ to H2O2 may likely 

be disruptive because of the reduced cell edges of 5.7 A" . This may reduce the 
•OH productivity of open Mn2+ in tetragonal Mn3O4 stabilized in electric 

environments, which is in contrast to the behavior of bimetallic MnXFe3-XO4 

catalysts with structural rigidity in ambient, electric environments. Meanwhile, 

among the bimetallic MnXFe3-XO4 catalysts considered, Mn2Fe1O4 is 

anticipated to reveal the greatest •OH productivity. This expectation is based 

on the largest quantity of Mn2+ confined in H2O2-accessible tetrahedral sub-

units for Mn2Fe1O4 (Figure 3-1F; 0.5 mole of Mn2+ for Mn2Fe1O4; 0.33 mole 

of Mn2+ for Mn1.5Fe1.5O4 and Mn1FeO4)[122, 123] if the bimetallic MnXFe3-

XO4 catalysts are defect-free. Nonetheless, this hypothesis can be 

unconvincing when contemplating that MnXFe3-XO4 catalysts are poly-

crystalline; thus, they have a high likelihood of containing surface defects, 

some of which will be occupied by SO4
2- functionalities post SO4

2- 

modification. 

Indeed, the structural examination of the catalysts suggests the benefits of 

bimetallic MnXFe3-XO4 over the monometallic analogues in furthering the 
•OH → SO4

•-pathway, yet, also raises the need to regulate the formation of 

defects across the MnXFe3-XO4 materials via synthetic strategies. Herein, 

MnXFe3-XO4 materials were synthesized under similarly controlled 

environments to provide the materials with an identical probability associated 

with the formation of surface defects. Therefore, in this chapter, we pioneered 

the utilization of bimetallic MnXFe3-XO4 materials as reservoirs of Lewis acidic 

Fe/Mn species and SO4
2- functionalities, whose surface traits could be tuned 

by altering the metal compositions (X values of 0-3). The catalyst surfaces 

were then explored using a group of characterization results including 
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CO/CO2 isotherms, in situ Diffuse Reflectance Infrared Fourier Transform 

(DRIFT) spectra, and simulated electron paramagnetic resonance (EPR) 

spectra to clarifying the Lewis acidities of Fe/Mn, binding configurations of 

the SO4
2- functionalities, and feasibility of the •OH → SO4

•-pathway, 

respectively. These have rarely served in studies on catalytic H2O purification, 

to the best of our knowledge. The catalysts were also compared with regard 

to their efficiencies in decomposing contaminants by extracting kinetic 

parameters to locate the X value most adequate to expedite the •OH → SO4
•-

pathway. 
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3.2. Experimental Section 

3.2.1. Chemicals 

All chemicals were delivered from the vendors and utilized as-received: 

MnCl2•4H2O (JUNSEI, 99.0%), FeCl3•6H2O (KANTO, 99.0%), 

CH3COONa (Sigma-Aldrich, ≥ 99.0%), polyethylene glycol 1000 (H-(O-

CH2-CH2)n-OH, Alfa-Aesar), ethylene glycol (C2H6O2, DAEJUNG, 99.0 %), 

ethanol (C2H5OH, DAEJUNG, 94.5%), oxalic acid (C2H2O4·2H2O, Sigma-

Aldrich, ≥ 99.0%), FeSO4·7H2O (Sigma-Aldrich, ≥ 99.0%), NiSO4·7H2O 

(Sigma-Aldrich, ≥ 99.0%)  5,5-dimethyl-1-pyrroline N-oxide (C6H11NO, 

DMPO, Sigma-Aldrich, ≥ 98.0%), 2,9-dimethyl-1,10-phenanthroline 

(C14H12N2, Sigma-Aldrich, ≥ 98.0%), H2O2 (DAEJUNG, 30.0 wt. % in H2O), 

phenol (C6H5OH, DAEJUNG, 99.0%), aniline (C6H5NH2, DAEJUNG, 

99.0%), N-Methyl-2-pyrrolidone (C5H9NO, Sigma-Aldrich, ≥ 99.0%), 

poly (vinylidene fluoride) ((CH2CF2)n, average Mw~ 180,000, average Mn~ 

71,000, Sigma-Aldrich), Na2SO4 (Sigma-Aldrich, ≥ 99.0%), NaNO3 

(Sigma-Aldrich, ≥ 99.0%), methanol (CH3OH, Sigma-Aldrich, 99.8%), 

acetonitrile (C2H3N, DAEJUNG, 99.8%), Neocuproine (C14H12N2, Sigma 

Aldrich, ≥ 98.0%) CuSO4•5H2O (Sigma Aldrich, ≥ 98.0 %), phosphate 

buffer (SAMCHUN, pH of 7.2), 1,4-benzoquionone (C6H4O2, Sigma-

Aldrich, ≥ 98.0%), guaiacol (C7H8O2, Sigma-Aldrich, ≥ 99.0 %), catechol 

(C6H6O2, Sigma-Aldrich, ≥ 99.0%), hydroquinone (C6H6O2, Sigma-Aldrich, 

≥ 99.0%), tert-butanol (C4H10O, TBA, Alfa-aesar, 99.0%), iso-propanol 

(C3H8O, IPA, DAEJUNG, ≥ 99.5%), 1,4-dioxane (C4H8O2, DAEJUNG, > 

99.0%), and tetrahydrofuran (C4H8O, THF, DAEJUNG, > 99.0%). N2 (≥ 

99.99%), O2 (≥ 99.99%), 5 % SO2/N2 (≥ 99.99%), and liquid N2 (99.9999%) 

were also purchased from SHINYANG and used without further purification. 
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3.2.2. Catalysts 

MnXFe3-XO4 catalysts with an X value of 0, 1, 1.5, 2, or 3 were solvo-

thermally synthesized using the protocol slightly modified based on the work 

by Y. Li and co-workers.[135] Typically, “A” mmol of MnCl2•4H2O 

dissolved in 160 mL of ethylene glycol was put inside a 200 mL Teflon acid 

digestion sleeve, mixed with “30-A” mmol of FeCl3•6H2O, 3.6 g of 

CH3COONa, 1.0 g of H-(O-CH2-CH2)n-OH, and stirred at room 

temperature for 30 minutes (A of 0 mmol for Fe3O4; 10 mmol for Mn1Fe2O4; 

15 mmol for Mn1.5Fe1.5O4; 20 mmol for Mn2Fe1O4; 30 mmol for Mn3O4). The 

Teflon sleeve was then located in a stainless steel reactor vessel and heated at 

200 °C for 12 hours prior to being cooled to room temperature. The resulting 

MnXFe3-XO4 was collected by vacuum filtration, rinsed thoroughly with 750 

mL of de-ionized H2O, 750 mL of C2H5OH, and dried overnight at 100 °C. 

Fe2O3 (or NiO) catalyst was synthesized according to the protocol we 

reported previously.[25, 39] Typically, 20 mmol of FeSO4·7H2O (or 

NiSO4·7H2O) dissolved in 100 mL of de-ionized H2O was mixed with 20 

mmol of C2H2O4·2H2O, stirred at 50 °C for an hour, cooled to room 

temperature, and vacuum-filtered using 500 mL of de-ionized H2O and 500 

mL of C2H5OH. The resulting synthetic mixture was calcined at 300 °C for 

an hour to produce Fe2O3 (or NiO). The surfaces of the catalysts synthesized 

herein were then exposed to such a N2 stream that contained 500 ppm SO2 

and 3 vol.% O2 at 400 °C (for NiO) or 500 °C (for MnXFe3-XO4 and Fe2O3) 

for an hour with the ramping rate of 10 °C min-1 and the total flow rate of 

500 mL min-1. This led to the formation of the catalysts, whose surfaces were 

functionalized with SO4
2- species. The SO4

2--modified catalysts are denoted 

as MnX for MnXFe3-XO4, Fe (S) for Fe2O3, and Ni (S) for NiO. 
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3.2.3. Characterization techniques 

A D8 Advance instrument (Bruker) served to collect X-ray diffraction (XRD) 

patterns of the catalysts with the use of monochromatic Cu Kα radiation (λ= 

0.154 nm), a step size of 0.02° per step, and a scan speed of 2 seconds per 

step. A ZSX Primus II (Rigaku) was utilized to analyze bulk contents of the 

catalysts via X-ray fluorescence (XRF) technique. A Titan 80–300TM electron 

microscope (FEI) was used to collect high resolution transmission electron 

microscopy (HRTEM) images and selected area electron diffraction (SAED) 

patterns of the catalysts at 300 keV. Field emission scanning electron 

microscope (SEM) images of the catalysts were collected on a JSM-7800F 

Prime scanning electron microscope (JEOL). Energy-dispersive X-ray 

spectroscopy (EDX) mapping images of the catalysts were collected on an X-

MaxN spectrometer (Oxford) with an acceleration voltage and probe current 

of 15 kV and 10 pA, respectively. A PHI 5000 VersaProbe was utilized to 

analyze the surface contents/phases of the catalysts using an X-ray 

photoelectron (XP) spectroscopy technique with the use of adventitious 

carbon located at the binding energy of ~284.6 eV as a reference. An 

Autochem II analyzer (Micromeritics) was used to measure the amount of CO 

adsorbed per gram of the catalysts via CO-pulsed chemisorption technique 

at 40 °C. An ICS 3000 instrument (Thermo Fisher Scientific) was utilized to 

measure the amount of metals leached from the catalysts during the reactions 

via an inductively coupled plasma-atomic absorption spectrometry (ICP-

AAS) technique. A NOVA 2200e (Quantachrome Instruments) was used to 

obtain N2 isotherms of the catalysts at -196 °C. A NOVA 2200e instrument 

(Quantachrome Instruments) was also used to obtain CO or CO2 isotherms 

of the catalysts at -25/-20/-15 °C or -20/0/20 °C. Pore volumes of the 

catalysts were evaluated using Barrett-Joyner-Halenda (BJH) theory. Surface 

areas of the catalysts accessible to N2 or CO were evaluated using Brunauer–

Emmett–Teller (BET) theory, while considering the amounts of gas adsorbed 

per gram of the catalysts under the partial pressure range of 0.05 < P/P0 < 0.3. 
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The CO (or CO2) isotherms of the catalysts were fitted to the Toth equation 

(Eqn. (1)), wherein Na and Na0 indicate the amount of CO (or CO2) adsorbed 

(μmolCO gCAT
−1 or μmolCO2 gCAT

−1) and the maximum amount of CO (or CO2) 

adsorbed, respectively.[47, 136-138] In addition, in Eqn. (1), c, d, and P 

denote a constant (bar−1), the constant accounting for surface heterogeneity 

(dimension-less), and the pressure (bar), respectively.[47, 136-138] 

 
The Clausius-Clapeyron equation (Eqn. (2)) served to calculate the isosteric 

heats (-QST) of CO (or CO2) adsorption for the catalysts. In Eqn. (2), TA and 

TB denote the temperatures (K), PA and PB indicate the pressures (bar) at TA 

and TB, and R indicates the ideal gas constant (8.3145 J mol−1 K−1).[47, 136-

139] 

 
Raman spectra of the catalysts were obtained using a in Via Raman 

Microscope (Renishaw) equipped with a 532 nm excitation laser, 2400 

lines/mm grating, and X 50 objective lens. In situ diffuse reflectance Infrared 

Fourier transform (DRIFT) spectra of the catalysts were obtained using an 

FT/IR/4200 spectrometer (Jasco).  
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3.2.4. Analytical techniques 

An EMX-plus (Bruker) served to observe •OH and SO4
•- species evolved 

during the reactions using an electron paramagnetic resonance (EPR) 

technique with the use of C6H11NO (DMPO) as the spin trapping agent.[101, 

102, 140, 141] The reaction mixture consisting of 20 mg of the catalyst, 3 

mmol of DMPO, 0.3 mmol of H2O2, and 5 mL of de-ionized H2O was shaken 

vigorously using vortex mixer for 2 minutes. Then, the reaction aliquot (solid 

and liquid) or the reaction aliquot subjected to the filtration using a 0.45 μm-

sized PES syringe filter (liquid only) was collected from the reaction mixture 

prior to EPR analysis. The EPR analytical conditions were a center magnetic 

field of 3435 G, the resonance frequency of 9.64 GHz, the microwave power 

of 2.95 mW, the modulation amplitude of 1 G, the sweep width of 120 G, 

and the sweep time of 48 seconds. EPR spectra were also computed using the 

EasySpin simulation package (version 5.2.28).[101, 140-143] The amount of 

H2O2 evolved was quantified using C14H12N2 method on a UV/VIS 

spectrometer (Cary 100, Shimadzu) reported elsewhere.[62] Typically, a 

solution comprising of 1 mL of 0.01 M CuSO4•5H2O and 1 mL of 0.01 M 

C14H12N2 was mixed with 0.7 mL of de-ionized H2O only (blank), de-ionized 

H2O including 0.1-0.5 mmol H2O2 (for calibration), or the reaction aliquot 

(collected during the H2O2 scission runs). The solution was then mixed with 

phosphate buffer to adjust adjusting the volume of the resulting solution to 

10 mL. The blank and H2O2 solutions served to construct the calibration curve 

to relate “the difference of the measured absorbance between the blank and 

H2O2 solutions at 454 nm (ΔA454)” and “H2O2 concentration ([H2O2])”, 

whose slope served to determine [H2O2] values of the reaction aliquots taken 

during H2O2 scission runs.[62] Conversion of H2O2 (XH2O2) was calculated 

according to Eqn. (3), where CH2O2, 0 indicates the initial H2O2 concentration, 

and CH2O2 indicates the H2O2 concentration measured at a specific reaction 

time.[24, 39, 47, 48] 
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The initial H2O2 fission rate (-rH2O2, 0) was assessed using Eqn. (4), in which 

kAPP and NH2O2, 0 denote the apparent reaction rate constant obtained by fitting 

the reaction data to the pseudo-1st-order kinetic model and the initial H2O2 

quantity, respectively.[24, 39, 47, 48] NCO, 0.2 g denotes the number of CO-

accessible surface sites contained per 0.2 g of the catalyst.[24, 39, 47, 48] 

 
An LC-20A system (Shimadzu) equipped with a Shim-pack GIS C18 column 

(5 μm, 4.6 X 150 mm, Shimadzu), automatic injector (SIL-20A, Shimadzu), 

pump (LC-20AT, Shimadzu), and UV/VIS detector (SPD-20A, Shimadzu) 

was utilized to quantify the aqueous model contaminants (phenol or aniline) 

through reverse phase high performance liquid chromatography (HPLC) 

technique.[24, 39, 47, 48] Typically, a mixture of methanol and de-ionized 

H2O with a volumetric ratio of 60:40 served as the mobile phase at a constant 

flow rate of 1.0 mL min-1 for measuring the concentration of phenol, whereas 

the mixture of acetonitrile and de-ionized H2O with the volumetric ratio of 

60:40 served as the mobile phase at the constant flow rate of 1.0 mL min-1 

for measuring the concentration of aniline. The injection volume of the sample 

was 10 μL. Conversion of the contaminant (XCONTAMINANT) was calculated 

according to Eqn. (5), wherein CCONTAMINANT, 0 indicates the initial 

concentration of the contaminant and CCONTAMINANT indicates the 

concentration of the contaminant measured at a specific reaction time.[24, 39, 

47, 48] 

 
The initial degradation rate of the contaminant (-rCONTAMINANT, 0 or -

r’CONTAMINANT, 0) was assessed using Eqn. (6) or Eqn. (7), in which kAPP and 

NCONTAMINANT, 0 denote the apparent reaction rate constant obtained by fitting 

the reaction data to the pseudo-1st-order kinetic model and the initial 

quantity of contaminant, respectively.[24, 39, 47, 48] NCO, 0.2 g denotes the 

number of CO-accessible surface sites contained per 0.2 g of the catalyst.[24, 
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39, 47, 48] 

 

 
The energy barrier (EBARRIER) and pre-factor (kAPP, 0) of the catalyst required 

to decompose phenol via the •OH → SO4
•-pathway were evaluated using the 

Arrhenius plot of ln (kAPP) versus 1/T (Eqn. (8)), in which kAPP, R, and T 

indicate the apparent reaction rate constant, the ideal gas constant, and the 

temperature, respectively.[90] 

 

The carbon or nitrogen contents present in the reaction mixtures were 

quantified using a total organic carbon contents (TOC) analyzer (TOC-L, 

Shimadzu) or total nitrogen contents (TN) analyzer (TNM-L, Shimadzu). 

Mineralization of the pollutant was evaluated by its conversion in terms of 

carbon (XCARBON in Eqn. (9)) or nitrogen (XNITROGEN in Eqn. (10)) species. In 

Eqn. (9) and (10), CCARBON, 0 (or CNITROGEN, 0) and CCARBON (or CNITROGEN) denote 

the initial carbon (or nitrogen) concentration and the carbon (or nitrogen) 

concentration measured at a specific reaction time, respectively.[47] 
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3.2.5. Reactions 

Reactions were conducted by following the protocol specified in our previous 

literature resources.[24, 39, 47, 48] Typically, 93 g of N-methyl-2-

pyrrolidone and 7 g of poly (vinylidene fluoride) were mixed to form binder 

solution, whose 0.2 g of which was mixed with 0.2 g of the catalyst to produce 

a catalyst slurry. The resulting slurry was then coated on a graphite plate 

acting as the cathode (Groupe Carbone Lorraine, grade 2124) with the area 

of 3 cm × 4 cm and dried overnight at 110 °C. Another graphite plate acting 

as the anode was vertically positioned relative to the cathode with a gap of 3 

cm and soaked in a reaction mixture containing 100 mL of de-ionized H2O 

and 0.2 mol of Na2SO4 (supporting electrolyte), in general. The reaction was 

then initiated by stirring the reaction mixture at 300 rpm and 25 °C with the 

occasional use of an electric potential of 1 V (~30 mA), 2 V (~ 24 mA), or 3 

V (~ 15 mA). The reaction conditions are specified in the corresponding figure 

captions and annotations where necessary. H2O2, phenol, or aniline was 

quantified by collecting an aliquot (1 mL) from the reaction mixture at a pre-

determined time. Typically, 1 mL of the reaction aliquot was quenched with 

1 μL of methanol, filtered with a 0.45 μm-sized PES syringe filter 

(Whatman®), and injected into the HPLC system or TOC or TN analyzer. 
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3.3. Results and Discussion 

3.3.1. Generic properties for the catalysts 

The solvo-thermal synthetic technique was used to prepare the MnXFe3-XO4 

materials (X= 0, 1, 1.5, 2, and 3), wherein identical quantities of sodium 

acetate and polyethylene glycol were added to regulate the porosities of 

MnXFe3-XO4 poly-crystallites that were formed under identical temperature 

and pressure conditions.[135] This aimed to provide the materials with the 

comparable probability of forming surface defects, which significantly affects 

the accessibilities of H2O2 to the Fe2+/Mn2+/Mn3+ and/or surface SO4
2- 

densities. The crystallographic features of the materials were studied on the 

basis of their XRD patterns, in which all the bulk facets were indexed 

accurately to those defined in the Joint Committee on Powder Diffraction Files 

(JCPDF) of the materials with spinel geometries (Figure 3-2K). Of note, the 

crystallization of cubic Mn3O4 was attempted, although its favorable phase 

transition to the tetragonal analogue was indispensable under ambient 

conditions.[122, 133] The tetragonal Mn3O4 lattice is severely deformed to 

reduce the cell edge in the c direction relative to that of cubic Mn3O4;[122, 

133] thus, it might likely limit the open Mn2+ sites in access to H2O2 during 

the •OH → SO4
•- transformation. This again could raise the necessity to 

exploit distortion-free, bimetallic cubic MnXFe3-XO4 for prompting the •OH 

→ SO4
•-route. Of additional note, the replacement of Fe inherent to the Fe3O4 

using Mn with a larger ionic radius could increase the lattice size of the 

resulting MnXFe3-XO4. This was validated by a greater decrease in the 2θ 

values of the facets observed in the XRD pattern of MnXFe3-XO4 with a larger 

X value (e.g., (311) at 2θ values of 35.4° → 34.9°, where X of 0 → 2). 

Similar trends were also observed in our previous works on solid solutions of 

ErXCe1-XVO4, CoXNi3-XS4, and FeXMo2-XP.[47, 86, 144, 145] 

MnXFe3-XO4 surfaces were then modified with SO4
2- species with the use of 

SO2 and O2 at 500 °C, leading to the creation of MnX catalysts. A 

temperature of 500 °C was selected based on our previous work, 
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demonstrating that iron oxide functionalized with SO4
2- at 500 °C could 

accelerate •OH → SO4
•- in the most proficient manner.[39] SEM images of 

the catalysts coupled with their EDX mappings served to observe their 

macroscopic morphological characteristics. The catalysts comprised of 100-

200 nm-sized aggregates, wherein oxygen, manganese, iron, or sulfur species 

were highly dispersed. The catalysts also possessed similar microscopic 

morphological features, as demonstrated by the HRTEM images which 

displayed particulates of 100-300 nm in size (Figure 3-2A to 3-2E). The 

lattice fringes showed distances that could be indexed to the facets of Mn3O4, 

Mn2Fe1O4, Mn1.5Fe1.5O4, Mn1Fe2O4, and Fe2O3 for the Mn3, Mn2, Mn1.5, Mn1, 

and Mn0 catalysts, respectively, which was in good agreement with the bulk 

facets of the catalysts found in their XRD patterns. The porosities of the 

catalysts were also comparable to one another, as corroborated by their 

surface areas (SBET) of 15.8 (± 5.1) m2 gCAT
-1 and pore volumes (VBJH) of 0.06 

(± 0.03) cm3 gCAT
-1 obtained using BET and BJH calculations, respectively. 

These results suggested that the morphological or textural effects of the 

catalysts on the •OH → SO4
•- could be minimized by regulating their 

synthetic conditions, as discussed above.  
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Figure 3-2. HRTEM images ((A)-(E) for MnX), SAED patterns ((F)-(J) for MnX), and XRD patterns of 

the catalysts ((K) for MnXFe3-XO4; (L) for MnX). In (F)-(J), the surface facets without underlines belong 

to those of Mn3O4 (JCPDF No. of 01-075-1560 or 03-065-2776 for (F)), Mn2Fe1O4 (JCPDF No. of 01-

075-0035 for (G)), Mn1.5Fe1.5O4 (JCPDF No. of 01-075-0034 for (H)), Mn1Fe2O4 (JCPDF No. of 00-

010-0319 for (I)), and Fe2O3 (JCPDF No. of 01-080-2377 for (J)). The underlined surface facets belong 

to those of MnSO4 (JCPDF No. of 00-029-0898 for (F)) and Fe3O4 (JCPDF No. of 01-089-0688 for (J)), 

respectively. 

  

Nonetheless, the XRD pattern of Mn0 exhibited collateral phases that were 

indexed to those of rhombohedral Fe2O3 (Figure 3-2L), as reported 

previously.[39] Fe2O3 facets accompanied by those of Fe3O4 were consistent 

to the surface of Mn0, as demonstrated by its SAED pattern showing that the 

surface facets of Mn0 were assigned to those of either Fe2O3 or Fe3O4 (Figure 

3-2J). This could suggest that the defective Fe2+ sites of Fe3O4 were not 

prominent in expediting •OH → SO4
•-, unless otherwise exploited. In 

addition, Mn3O4 also experienced drastic structural alterations upon SO4
2- 
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modification. This was validated by the XRD (or SAED) pattern of Mn3 

showing the secondary bulk (or surface) facets assigned to those of 

orthorhombic MnSO4 (Figure 3-2F and 3-2L), wherein the Mn2+ species are 

coordinated to six O2- anions, thus blocking access to H2O2.[146] In contrast 

to Mn0 and Mn3, the bimetallic MnX catalysts maintained their cubic crystal 

structure at the bulk/surface levels post SO4
2- functionalization, which was 

again verified by their XRD/SAED patterns (Figure 3-2G to 3-2I and 3-2L). 

In addition, XRF/EDX mapping and XP spectroscopy techniques were used 

to inspect the bulk and surface compositions of Mn1, Mn1.5, and Mn2, in 

which the observed molar ratios of Mn to Fe were in close accordance to 

those defined in their chemical formula. All the results could suggest that the 

catalysts were synthesized, as designed. 

 

3.3.2. Properties germane to •OH → SO4
•- for the catalysts 

The properties of the catalysts associated with the •OH evolution cycle were 

then investigated. The surface phases of the MnX catalysts were explored using 

their XP spectra. Their XP spectra in the Mn 2p 3/2 regions were deconvoluted 

to exhibit three sub-bands centered at the binding energies of ~640.8 eV, 

~641.7 eV, and ~642.7 eV, which were assigned to the Mn2+, Mn3+, and Mn4+ 

species, respectively.[147, 148] Of interest, the spinel MnX structures should 

only accommodate the Mn2+ or Mn3+ species as tentative H2O2 scission 

sites,[122, 123, 149] as defined in their base units shown in Figure 3-1. 

However, the MnX surfaces also contained the Mn4+ species, which were 

regarded as H2O2-accessible, defective sites formed in spite of the 

considerable synthetic regulations in the synthesis of the catalysts. Hence, it 

was challenging to quantify the H2O2-accesssible Mn species present in the 

surfaces from the XP spectra. Meanwhile, the catalysts should only bear the 

Fe3+ species in their base units;[122, 123, 149] however they also included the 

defective Fe2+ species labile to activate H2O2. This was supported by the XP 

spectra of the catalysts in the Fe 2p 3/2 domains. These were curve-fitted to 
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provide two sub-bands centered at the binding energies of ~710.7 eV and 

~712.5 eV, which were indexed to the Fe2+ and Fe3+ species, respectively.[150, 

151] Mn0 exhibited the largest abundance of the Fe2+ species among the 

catalysts investigated. Hence, Mn0 might show the greatest efficiency in 

expediting •OH → SO4
•- per gram basis, if •OH → SO4

•- were primarily 

dictated by the Fe2+ species, as was not the case with the bimetallic MnX 

catalysts containing surface Fe and Mn species as tentative H2O2 scission sites. 

To quantify the surface sites accessible more effectively to H2O2, CO served 

as a model adsorbate because of its kinetic diameter (~3.8 A" ), which is similar 

to that of H2O2[47, 134] coupled with its affinity to Lewis acidic 

Fe2+/Mn2+/Mn3+ (donation of lone pair electrons from the O atom of CO to 

Fe2+/Mn2+/Mn3+).[24, 46, 48] A CO-pulsed chemisorption technique was 

utilized to measure the numbers of surface sites that are coordinated to CO 

included per gram of the catalysts (NCO) at near ambient temperature (40 °C), 

which was also used to perform the reactions.[24, 39, 47, 48] The catalysts 

showed a concave trend in the plot of NCO versus X of MnX (Figure 3-3), 

while showing the smallest and largest NCO values for Mn1.5 (~0.15 μmolCO 

gCAT
-1) and Mn0 (~0.42 μmolCO gCAT

-1), respectively. This indicated that Mn1.5 

and Mn0 could provide the smallest and largest efficiencies in prompting •OH 

→ SO4
•- transfer per gram of the catalyst, if all Lewis acidic sites had similar 

intimacy to bind with H2O2. 
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Figure 3-3. Amounts of CO adsorbed per gram of the catalysts measured at 40 °C (NCO). Isosteric heats 

of CO adsorption (-QST, CO) and CO2 adsorption (-QST, CO2) for the catalysts measured at -25/-20/-

15 °C and -20/0/20 °C. 

  

It should be noted that the formation of surface defects was cumbersome to 

be controlled even with the regulation of the conditions utilized to synthesize 

or functionalize the catalysts. Hence, for fair comparison, it was necessary to 

examine the •OH → SO4
•- efficiencies of the catalysts per Lewis acidic site 

basis (not per-gram basis). Therefore, low-pressure CO isotherms of the 

catalysts obtained at -25 °C, -20 °C, and -15 °C served to quantify the 

binding strengths of the surface sites with CO at identical amounts of CO 

adsorbed (isosteric heat of CO adsorption; -QST, CO).[47, 136-139] Notably, 

CO isotherms of the catalyst were not obtainable at or near the reaction 

temperatures and were only reliable at temperatures ≤ -15 °C. This might 

result from the limitation of the instrument, for which the NCO measurements 

were barely discernible from one another when the relative pressures (P/P0) 

were altered at temperature > -15 °C. Nevertheless, the catalysts showed a 

concave relationship between -QST, CO at near-zero coverage of CO and X of 

MnX (Figure 3-3), which was similar to the trend found in the NCO values for 

the catalysts. In spite of exhibiting the smallest NCO value, Mn1.5 showed the 
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smallest -QST, CO (~40 kJ molCO
-1) among the studied catalysts (≥ ~60 kJ 

molCO
-1 for the other catalysts). Hence, we supposed that Mn1.5 might 

promote •OH release from the Fe2+/Mn2+/Mn3+ sites during •OH → SO4
•-

transfer, thereby revealing the greatest efficiency in accelerating •OH → SO4
•- 

per Lewis acidic site. 

In addition, CO2 served as a complementary adsorbate to CO owing to their 

similar molecular sizes (~3.3 A" ) of the two compounds[134] combined with 

the tendency of CO2 to coordinate with Lewis acidic metals.[47, 152] CO2 

was reported to also bind with Brönsted acidic SO4
2- functionalities produced 

via interactions with H+ species roaming in the surfaces.[59, 60, 89, 90] CO2, 

however, could strongly interplay with the surface sites; thus, it allowed for 

obtaining such CO2 isotherms of the catalysts that were fitted to provide their 

isosteric heats of CO2 adsorption near the reaction temperatures (-QST, CO2 at 

-20 °C, 0 °C, and 20 °C).[24, 39, 47, 48] The trend found in the plot of 

-QST, CO2 at near-zero coverage of CO2 versus X of MnX was also concave 

(Figure 3-3). In addition, the -QST, CO2 value of Mn1.5 was the smallest among 

the values of the catalysts studied (~ 3 kJ molCO2
-1 for Mn1.5; > 10 kJ molCO2

-

1 for the other catalysts), thereby providing additional evidence to support our 

claim that Mn1.5 can conduct •OH → SO4
•- in the most efficient fashion by 

expediting its rate-determining stage (•OH desorption). 

The properties of the catalysts related to the SO4
•- evolution cycle were 

explored as follows. The bulk and surface elemental ratios of sulfur to metals 

innate to the catalysts (S/(Mn+Fe)) were investigated via XRF/EDX mapping 

and XP spectroscopy, respectively. Mn3 showed the greatest bulk and surface 

S/(Mn+Fe) values among the studied catalysts. This was expected because 

Mn3O4 was significantly modified by the SO4
2- species to produce MnSO4, as 

clarified in the XRD pattern of Mn3 (Figure 3-2L). In contrast, among the 

other catalysts, the surface S/(Mn+Fe) value was highest for Mn1.5, which 

might suggest the increased probability of •OH encountering SO4
•- 

supported on Mn1.5 during •OH → SO4
•- per unit time (~0.13 for Mn1.5; ≤ 
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~0.11 for the other catalysts in Figure 3-4A). In addition to the SO4
2- species, 

the SO3
2- species were also reported to be immobilized on the surface upon 

modification with SO2 and O2 at elevated temperatures. Indeed, the catalyst 

surfaces contained both SO3
2- and SO4

2- functionalities. This was verified by 

the Raman spectra of the catalysts at 900-1,200 cm-1, wherein only the 

symmetric stretching (ν1) or asymmetric stretching (ν3) vibration of the S-

O bonds inherent to the SO3
2-/SO4

2- species appeared (Figure 3-4B).[153, 

154] This was further supported by the background-subtracted in situ DRIFT 

spectra of the catalysts under the conditions similar to those utilized to 

generate the MnX catalysts. (SO2/O2 at 500 °C for an hour; details are given 

in Figure 3-4C caption.) The in situ DRIFT spectra of the catalysts exhibited 

bands, arising from the surface SO3
2-/SO4

2- species with various binding 

configurations such as mono-, bi-, and tri-dentate arrays, among which the 

tri-dentate SO4
2- species were reported vital to prompt the •OH → SO4

•- 

route,[25, 39] as further discussed later. In addition, the relative abundance 

of surface SO4
2- species innate to the catalysts was compared using their XP 

spectra in the S 2p domains. The XP spectra were curve-fitted to show two 

sub-bands indexed to SO3
2- and SO4

2- positioned at the binding energies 

centered at ~168.4 eV and ~169.5 eV, respectively (Figure 3-4A).[39, 155] 

Notably, Mn3 showed the largest abundance of the SO4
2- species (74.7%), 

which was ascribed to the phase transition to MnSO4 during SO4
2- 

functionalization, as stated above. For the other catalysts, the Mn1.5Fe1.5O4 

surface could be the most desired and amicable to SO4
2- functionalization 

without any structural damage. This was corroborated by the greatest 

abundance of SO4
2- species being observed on the surface of Mn1.5 (62.9% for 

Mn1.5; ≤ 54.8% for the others except for Mn3), in addition to its XRD pattern. 

This might suggest that Mn1.5 could enhance the efficiency of •OH → SO4
•- 

per Lewis acidic site over the other catalysts, partially resulting from a high 

probability for •OH to interact with the SO4
2- functionalities (SO4

•- 

precursors). The results from the characterization experiments again 
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suggested that Mn1.5 could be desirable in activating the •OH → SO4
•-

pathway primarily due to its Lewis acidic strength, which was the most 

adequate in dismantling •OH from the Fe2+/Mn2+/Mn3+ species and the 

largest density of supported SO4
•- precursors (SO4

2-) without undergoing any 

structural transitions. 

 
Figure 3-4. (A) Elemental ratios of S to metals present in the catalyst surfaces (S/(Mn+Fe)). Relative 

abundance of surface SO4
2- species present in the catalysts. Surface-mobile O species (Oα) present in the 

catalyst surfaces. (B) Raman spectra of the catalyst. The bands assigned as symmetric (v1) or asymmetric 

stretching vibration (v3) of the S-O bonds for the SO3
2-/SO4

2- species are highlighted with arrows or 

rectangles. (C) Background-subtracted in situ DRIFT spectra of the catalysts. The catalyst surfaces were 

initially purged with 3 vol.% O2/N2 at 300 °C for an hour and subsequently exposed to a N2 atmosphere 

at 500 °C, in which the spectra of the surfaces were collected as the backgrounds. The backgrounds were 

then used to correct the spectra of the surfaces exposed to 1,000 ppm SO2/ 3 vol.% O2/ N2 at 500 °C for 

an hour. The bands arising from the SO3
2- or SO4

2- species with various configurations (mono-, bi-, or 

tri-dentate) are shown with arrows and rectangle. 
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3.3.3. Kinetics of the •OH → SO4
•- pathway 

The •OH → SO4
•-transfers on the catalysts were then explored under such 

fine-tuned reaction domains as to compare the surface sites in terms of their 

efficiencies in producing H2O2, •OH, and supported SO4
•-, or degrading 

refractory pollutants via kinetic assessments. Phenol and aniline served as 

model compounds of aqueous pollutants because of their aromatic structures 

coupled with their -OH/-NH2 functionalities, all of which are of particular 

challenge to be fragmented upon exposure to severe oxidative conditions.[156, 

157] Phenol was utilized to investigate the overall catalytic •OH → SO4
•- 

stages, whereas aniline was used to test the adaptability of the catalysts in 

decomposing contaminants. Of note, anodic oxidation (Oα on the anodic 

surface) was reported effective in decomposing contaminants to some extent[9, 

116] and could be as significant as •OH/SO4
•- in fragmenting contaminants 

at electric potentials of < 1 V.[24, 25, 39, 47] For rigor, reaction data were 

thus corrected using backgrounds driven by anodic oxidation prior to 

extracting the kinetic parameters.[24, 39, 47]  Of additional note, the 

catalysts were drastically dismantled from the cathode surfaces at electric 

potentials of > 3 V, while leaching significant amounts of ionized metals to 

aqueous environments.[24, 25, 39, 47] Hence, the electric potentials were 

dialed in solely in the range of 1-3 V only, for additional rigor. 

As an initiator of •OH → SO4
•-, the H2O2 production step was investigated 

at 1-3 V in the absence of phenol under aqueous, ambient conditions with 

the use of Na2SO4 as a supporting electrolyte.[118, 119] H2O2 can be 

generated by a 2e- transfer reaction on the cathode (2H+ + 2e- + O2 → 

H2O2),[118, 119]  for which greater quantities of H+, e-, and O2 are required 

to prompt H2O2 production. In this regard, a higher electric potential was 

desired to yield larger amounts of H+, e-, and O2 via anodic H2O 

oxidations.[118, 119]  This was supported by the greater numbers of H2O2 

(NH2O2) produced during the H2O2 evolution runs in the absence of the 

catalysts at higher electric potentials (blank), wherein the increase in electric 
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potential from 1 V to 3 V increased the NH2O2 values from ~0.05 mmolH2O2 to 

~0.09 mmolH2O2. Notably, the blank runs could generate H2O2 with the main 

utilization of H+, e-, and O2 obtained via H2O oxidations with the additional 

use of O2 dissolved in de-ionized H2O.[25, 39] Hence, the NH2O2 values 

obtained during the blank runs at 1-3 V were insufficient to fully account for 

the NH2O2 values obtained during catalytic H2O2 evolution runs, all of which 

were greater than those of the blank runs by 0.01-0.05 mmolH2O2 and 0.02-

0.17 mmolH2O2 at 1 V and 3 V, respectively. The unclarified NH2O2 quantities, 

however, could result from the fusion among H+, e-, and surface-mobile O 

(Oα) on the catalyst surfaces at the cathode, as we conjectured previously.[25, 

39] XP spectra of the catalysts in the O 1s regions were analyzed to determine 

the relative abundance of the surface O species (Oα) potentially labile to form 

H2O2 on or near the cathode.[25, 39] XP spectra were de-convoluted into 

three sub-bands assigned to lattice O (Oβ), mobile O (Oα), and the O of 

chemisorbed H2O (O’α), which were located at the binding energies centered 

at ~529.8 eV, ~530.6 eV, and ~531.9 eV, respectively.[158, 159] A large 

abundance of Oα species was achieved for Mn1.5 or Fe-rich analogues (Mn1 

or Mn0) in comparison with the those afforded by the other catalysts. This 

was in exact accordance with the H2O2 productivities of the catalysts, in 

which the catalysts with X values of ≤ 1.5 showed greater NH2O2 values than 

the other catalysts at 1-3 V. In contrast, in the presence of the catalysts, NH2O2 

values rapidly increased and were saturated within 10 minutes of the reaction 

runs. These were substantially dissimilar to the amounts of phenol consumed 

in the presence of the catalysts at 1-3 V, which continuously increased up to 

8 hours of the reaction runs. In conjunction with the results from our previous 

works,[24, 25] this provided evidence that the H2O2 evolution stage should 

not dominate the •OH → SO4
•- cycles as the rate-determining step. 

The remaining H2O2 splitting stages were investigated using control H2O2 

scission runs in the presence of the catalysts. The control runs were performed 

in a manner identical to the H2O2 production runs except for excluding the 
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electric potentials. To simulate the electric potential-assisted, catalytic H2O2 

scission cycles, H2O2 served as the precursor of •OH and was added to the 

reaction mixtures with the amounts identical to those observed during the 

H2O2 production runs (i.e., NH2O2).[24, 25, 39, 47]  This provided kinetic 

data of the catalytic H2O2 scission control runs, which were corrected with 

background data (self-decomposition of H2O2), fitted to a pseudo-1st-order 

kinetic model to provide the apparent reaction rate constants, and used to 

determine the initial H2O2 scission rates of the catalysts (-rH2O2, 0).[24, 25, 39, 

47] Specifically, -rH2O2, 0 values were obtained by normalizing the numbers of 

H2O2 cleaved per unit time with respect to the amounts of Lewis acidic sites 

inherent to the catalysts.[24, 47] Again, this could minimize the repercussions 

caused by synthetic artifacts (variable numbers of surface defects) on the H2O2 

fission efficiencies of the catalysts (-rH2O2, 0), as stated above. The resulting -

rH2O2, 0 values were then solely dictated by the Lewis acidic strengths of the 

metal sites only,[24, 47] which again could direct the •OH desorption stage 

to dominate the whole •OH → SO4
•- cycles as the rate-determining step.  

The -rH2O2, 0 values of the catalysts at the control runs utilized to simulate the 

catalytic H2O2 scission runs at 3 V were compared because 3 V was the upper 

limit of the varied electric potentials, provided considerable energies acting on 

the catalyst surfaces,[24, 39, 47] facilitated •OH desorption depending on the 

type of the catalyst surfaces,[24, 25, 39, 47] and therefore could lead to the 

largest difference among -rH2O2, 0 values of the catalysts. As anticipated based 

on a host of characterizations techniques, a convex trend was observed in the 

plot of -rH2O2, 0 versus X of MnX (Figure 3-5A). This was opposite to the 

concave trends found in the -QST, CO and -QST, CO2 values for the catalysts 

(Figure 3-3), which suggested that the Lewis acidic strength of the metal sites 

innate to the catalysts could be the primary director in activating the •OH → 

SO4
•- cycles. In addition, the bimetallic MnX catalysts exhibited larger -rH2O2, 

0 values in comparison with Mn0 and Mn3, whereas Mn1.5 showed such -

rH2O2,0 value that was ~10 fold larger than that of Mn0 or Mn3. All the results 
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could provide the rationales associated with the preferential use of bimetallic 

oxo-spinels over their monometallic counterparts as •OH producers. 

 

 
Figure 3-5. (A) Background-subtracted initial H2O2 scission rates (-rH2O2, 0) of the catalysts obtained 

through the control runs to simulate the catalytic H2O2 scission runs at 1-3 V. (B) Background-subtracted 

initial phenol degradation rates (-rPHENOL, 0) of the catalysts with the use of Na2SO4 or NaNO3 as a 

supporting electrolyte at 1-3 V. (C) Energy barriers (EBARRIER) and pre-factors (kAPP, 0) of the catalysts 

obtained through phenol degradation runs at 3 V and 25-55 °C. Surface areas per CO-accessible Lewis 

acidic site innate the catalysts (SCO). 

  

The -rH2O2, 0 values of the catalysts at the control runs used to simulate the 

catalytic H2O2 scission runs at 1 V and 2 V were then examined. The sole 

difference among the control runs was the NH2O2 values utilized, which 

allowed for the clarification of whether the -rH2O2, 0 values of the catalysts 

were affected by the change in the NH2O2 values. For these control runs, Mn1.5 

was selected owing to its largest -rH2O2, 0 value, whereas monometallic Mn0 

and Mn3 were also adopted for comparison. The -rH2O2,0 values of Mn1.5 were 

~10 times larger than the -rH2O2, 0 values of Mn0 and Mn3 throughout these 

control runs (Figure 3-5A), which again suggests the superiority of Mn1.5 over 

the other catalysts in prompting •OH → SO4
•-. Interestingly, the -rH2O2, 0 

values of the catalysts were invariant even with the change in the NH2O2 values. 

This suggests that the H2O2 fission ability of the individual catalyst would be 

fixed throughout the electric potential-assisted catalytic H2O2 scission runs at 

1-3 V. In addition, the abundant e- quantities produced under electric 

environments made the recovery stage of the Lewis acidic metals via e- 

reduction insignificant. Furthermore, the elementary stages involved in the 

SO4
•- evolution cycle were entirely exothermic and could not dominate the 
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•OH → SO4
•- cycle.[25, 39] These left the H2O2 adsorption and •OH 

desorption as tentative rate-determining stage for the •OH → SO4
•-, which 

was clarified by the other control runs, as discussed below. 

The SO4
•- supported on the catalysts was an invaluable source in degrading 

phenol;[25, 39]  thus, it was exposed to phenol degradation environments. 

The conditions used to decompose phenol were identical to those utilized to 

conduct the electric potential-assisted H2O2 evolution runs except for the 

addition of phenol into the reaction mixtures. The initial phenol degradation 

rates of the catalysts (-rPHENOL, 0) were extracted by a model similar to that 

used for their -rH2O2, 0 values.[24, 25, 39, 47] Although the -rPHENOL, 0 values 

of the catalysts were smaller than their -rH2O2,0 values owing in part to the 

short lifetime of the •OH species which was insufficient to induce •OH → 

SO4
•-, a volcano-shaped trend in the plot of -rPHENOL, 0 versus X of MnX was 

consistent with the degradation of phenol (Figure 3-5B). 

Of interest was the smallest -rPHENOL, 0 value of Mn3 among the catalysts, 

which suggested the importance to avoid severe phase transition during SO4
2- 

functionalization (i.e., Mn3O4 → MnSO4), as also observed previously on 

Fe2O3 and NiO modified with SO4
2- species.[25, 39] The catalysts other than 

Mn3 showed such a trend of the -rPHENOL, 0 values as to be opposite to the 

trends of their -QST, CO and -QST, CO2 values, yet, be con-current to the trends 

of their surface SO4
2- concentrations (Figure 3-3 and 3-4). Of additional 

interest was that the -rPHENOL, 0 value for Mn1.5 was 3-5 times larger than the 

-rPHENOL, 0 values for the other catalysts at electric potentials of at least 1-3 V, 

whereas Mn1.5 leached the smallest quantities of metal species during the 

reaction runs at 3 V (0.06 mol.% for Mn1.5; ≥ 0.08 mol.% for the other 

catalysts). Notably, the -rPHENOL, 0 value for Mn1.5 was ~18 fold larger than 

those for Fe2O3 or NiO functionalized with SO4
2- at their optimum 

temperatures (500 °C for Fe2O3 denoted as Fe (S);[39] 400 °C for NiO 

denoted as Ni (S)).[25] All the kinetic results supported our argument that the 

use of bimetallic oxide as a platform to accommodate SO4
•- precursors (SO4

2-) 
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is compelling strategy to promote the degradation efficiency of aqueous 

recalcitrants. 

It should be noted that a quantification of the sulfur leached from the catalysts 

during the reactions at 3 V was attempted, although it was challenging 

because of the use of Na2SO4 as a supporting electrolyte throughout the 

reaction runs. Hence, NaNO3 served as an alternative supporting electrolyte 

for additional reaction runs at 3 V, when the conditions were identical to 

those of the reaction runs using the Na2SO4 electrolyte. The -rPHENOL, 0 values 

of the catalysts were also obtained in addition to the quantities of sulfur 

leached from the surfaces. The volcano-shaped trend in the plot of -rPHENOL, 

0 versus X of MnX was retained even with the use of the NaNO3 electrolyte 

(Figure 3-5B). Meanwhile, Mn3 leached 0.12 mol.% of sulfur, whereas the 

other catalysts leached similar numbers of sulfur (0.03-0.05 mol.%) during 

the reactions. This might suggest that the degradation of phenol on surface-

unbound SO4
•- species, produced by •OH-mediated radicalization of free 

SO4
2-, could be insignificant. Interestingly, although the catalysts leached 

lesser amounts of metals (•OH producer) upon the alteration of the 

supporting electrolyte from Na2SO4 to NaNO3, the -rPHENOL, 0 values of the 

catalysts in the NaNO3 electrolyte were smaller than those in the Na2SO4 

counterpart (Figure 3-5B). This could be ascribed to the quenching of SO4
2- 

radicalizer (•OH) by NO3
- when using the NaNO3 electrolyte, as reported 

elsewhere.[160] In addition, this could also be ascribed to the fouling of the 

anode surface,[161] on which H2O oxidations were hampered to make the 

evolution of H+/O2/e- species used for producing H2O2 on the cathode be 

sluggish. This was corroborated by the H2O2 evolution runs on the catalysts 

in the NaNO3 electrolyte at 3 V, whose NH2O2 values were appromately half 

those observed during the H2O2 evolution runs in the Na2SO4 analogue at 3 

V. 

It should be noted that the conclusion concerned with the rate-determining 

stage of •OH → SO4
•- was derived by analysing the -rPHENOL, 0 values for Mn0, 
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Mn1.5 and Mn3 at 1-3 V. Larger electric potentials could exert larger energies 

on the catalyst surfaces.[24, 25, 39, 47] Hence, if catalytic H2O2 cleavage were 

the rate-determining stage of •OH → SO4
•-, one should observe a retention 

of the -rPHENOL, 0 value regardless of the change in the electric potential.[24, 

39, 47] In contrast, if H2O2 adsorption or •OH desorption were the rate-

determining stage of •OH → SO4
•-, one should observe a smaller or a larger 

-rPHENOL, 0 value at a larger electric potential. [24, 39, 47]  As shown in Figure 

3-5B, the increase in electric potentials gave rise to the increase in the -rPHENOL, 

0 values for the catalysts, which could provide concrete evidence that the •OH 

desorption stage does dominate the overall •OH → SO4
•- cycles. 

Indeed, the electric potential was an efficient means to alter the surface energy 

of the catalyst, thereby tuning the •OH liberation stage. However, the electric 

potential could only be increased up to 3 V to avoid severe release of catalyst 

particles or their metal constituents during the reactions. Hence, the 

temperature was considered as an additional measure to adjust the surface 

energies of the catalysts, whereas Mn0, Mn1.5, and Mn3 were selected for the 

identical reasons discussed above. Additional CO2 isotherm experiments on 

the catalysts were carried out at 30~60 °C because the temperature domain 

of 35~55 °C was selected to conduct the phenol degradation control runs at 

3 V, as discussed below. The CO2 isotherms of the catalysts at 30 °C, 45 °C, 

and 60 °C were fitted using methods identical to those utilized for fitting their 

CO2 isotherms at -20~20 °C. This could provide the -QST, CO2 values of Mn0, 

Mn1.5, and Mn3 at near-zero coverage of CO2 at 30~60 °C, all of which were 

slightly smaller than the -QST, CO2 counterparts at -20~20 °C (-QST, CO2 values 

of ~30.8 kJ molCO2
-1 → ~25.0 kJ molCO2

-1 for Mn0; ~3.3 kJ molCO2
-1 → ~1.9 

kJ molCO2
-1 for Mn1.5; ~23.0 kJ molCO2

-1 → ~18.6 kJ molCO2
-1 for Mn3 upon 

the change in the temperature domain of -20~20 °C → 30~60 °C). The 

increase in the temperatures used to adsorb CO2 on the catalyst surfaces also 

led to a decline in the amounts of CO2 adsorbed at ~1 bar. All of these results 

could provide the direct proof that the binding affinity between CO2 (or •OH) 
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and the Lewis acidic metals was reduced at elevated temperatures, thus 

expediting CO2 (or •OH) release from the Lewis acidic Fe2+/Mn2+/Mn3+ sites 

at the higher temperature domain. 

It was anticipated that the catalysts conformed to Arrhenius behavior. We 

thus carried out phenol degradation runs under the conditions identical to 

those used to perform electric potential-assisted phenol degradation runs at 

3 V except that the temperatures were varied from 25 °C to 35 °C, 45 °C, 

or 55 °C. Apparently, the increase in the temperatures could favor the 

liberation of •OH from the Lewis acidic sites and subsequently improve the 

-rPHENOL, 0 values for the catalysts. The kAPP values of the catalysts at 25-55 °C 

were then utilized to construct the Arrhenius plots of ln kAPP versus (1/T) (T: 

temperature) to extract the pre-factors (kAPP, 0) and energy barriers (EBARRIER) 

of the catalysts for the •OH → SO4
•-pathway, as shown in Figure 3-5C. In 

addition, the surface area per CO-accessible Lewis acidic site innate to Mn0, 

Mn1.5, or Mn3 (m2
CO molCO

-1; denoted as SCO) was determined by dividing the 

CO-accessible BET surface area of the catalyst (m2
CO gCAT

-1) by the amount 

of CO adsorbed at ~1 bar and -15 °C (molCO gCAT
-1). The SCO values of the 

catalysts increased considerably when Mn0 was used (~3.8 X105 m2
CO molCO

-

1 for Mn0; ~0.7 X105 m2
CO molCO

-1 for the others). This suggested that the 

Lewis acidic sites included in Mn0 had a greater chance to interact with H2O2 

per unit time than the other catalysts. The trend of the SCO values for the 

catalysts were in partial agreement with the trend of their kAPP, 0 values, whose 

magnitudes were ~2.2 X 103 min-1, ~0.8 X 103 min-1, and ~0.4 X 103 min-1 

for Mn0, Mn1.5, and Mn3, respectively. 

Notably, Mn1.5 provided the second largest values of the surface S/(Fe+Mn) 

and surface SO4
2- concentrations among the Mn0, Mn1.5, and Mn3 catalysts 

(Figure 3-4A). Therefore, the chance of SO4
2- innate to Mn1.5 colliding with 

•OH per unit time might likely be moderate; thus, it could partially contribute 

to providing the second greatest pre-factor for Mn1.5. Meanwhile, the EBARRIER 

values of the catalysts increased in the following order of Mn1.5 → Mn0 → 
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Mn3, which demonstrated that bimetallic, equimolar Mn-Fe oxo-spinel 

required the smallest energy for the liberation of •OH species from its Lewis 

acidic sites. Mn1.5 did provide the second largest kAPP, 0 value and the smallest 

EBARRIER value among the catalysts, which corroborated that Mn1.5 possessed 

the Lewis acidic sites most conducive to prompt •OH → SO4
•- by furthering 

•OH desorption. The amounts of •OH species required to effectively 

radicalize the SO4
2- functionalities on the surfaces were considered to present 

additional proof that Mn1.5 is the optimized catalyst for the •OH → SO4
•-

pathways. Hence, the averaged amounts of H2O2 evolved during the H2O2 

production runs on the catalysts at 3 V were analyzed along with the H2O2 

conversions by the catalysts after an hour of H2O2 scission runs at 3 V. Values 

of 3 V and an hour were chosen because they caused the largest differences in 

the NH2O2 and XH2O2 values for the catalysts under the reaction-limited 

domains utilized to extract their kAPP values. Noteworthily, •OH was 

identified as the major product of H2O2 scission on the surfaces (as opposed 

to O2
•- and •OOH), which was supported by a series of scavenging runs 

described in the sub-section of 3.3.4 below. This allowed for the presumption 

that the amounts of •OH evolved after an hour of the phenol degradation 

runs on the catalysts (N•OH, 1 hour) was identical to the multiplication of the 

values of NH2O2, 3 V and XH2O2, 1 hour. The bulk sulfur contents of the catalysts 

used for the reaction (0.2 g of the catalysts; NS) could be then divided by their 

N•OH, 1 hour values to determine the efficiencies of the catalysts in •OH → SO4
•- 

(denoted as ηRADICALIZATION) under the assumption that NS fully served to form 

the surface SO4
•- species. Mn1.5 and Mn1 provided the greatest ηRADICALIZATION 

value among the catalysts studied. In addition to the kinetic parameters most 

desired to proceed with the •OH → SO4
•- transfer (i.e., EBARRIER and kAPP, 0), 

the ηRADICALIZATION value of Mn1.5 apparently proved Mn1.5 as the optimized 

catalyst for the •OH → SO4
•-. 
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3.3.4. Feasibility of •OH → SO4
•- 

Detailed elaboration of •OH → SO4
•- on the catalyst surfaces, however, 

could only remain partially tangible, unless solid proofs were presented with 

regard to the evolution of •OH and/or supported SO4
•- species and their 

functions in fragmenting phenol. It is widely accepted that H2O2 can be 

heterolytically cleaved to produce •OH/OH- through the oxidation of 

Mn2+/Mn3+ or Fe2+ species via e- donation to H2O2,[9, 162] whereas H2O2 is 

also prone to scission on the catalyst surfaces to generate H2O and 1/2O2, as 

reported elsewhere.[163-165] Evidently, the reaction of ‘H2O2 → H2O + 

1/2O2’ is highly likely under the reaction environments used in this study. This 

could be identified in terms of its feasibility with the use of scavengers with 

distinct rates to quench O2
•- during the catalytic phenol degradation runs at 

3 V. This suggestion was based on the properties of the Mn2+/Mn3+ or Fe2+ 

species, both of which tend to donate e- to O2 for the formation of O2
•- 

(Mn2+/Mn3+ + O2 → Mn3+/Mn4+ + O2
•-; Fe2+ + O2 → Fe3+ + O2

•-).[9, 162-

165] If the production of O2 via catalytic H2O2 scission were phenomenal 

during the reactions, the quantity of O2
•- evolved by the reduction of O2 (e- 

acceptance from Mn2+/Mn3+ or Fe2+) could be significant. However, the 

resulting O2
•- produced during the reactions could be terminated by the 

scavengers, leading to a decline in the -rPHENOL, 0 values for the catalysts, whose 

magnitudes should be directed by the secondary rate constants of the 

scavengers in quenching O2
•- (kO2•-). Therefore, the control runs were 

performed following the identical protocols used to conduct the phenol 

degradation runs at 3 V with the exception that scavengers such as 1,4-

benzoquinone or guaiacol were added to the reaction mixtures. Noteworthily, 

the amounts of the scavengers utilized for the reactions were twice the possible 

concentrations of O2 present in the reaction mixtures according to the 

postulates that the amount of O2 produced by H2O2 scission obey the 

stoichiometry defined by H2O2 → H2O + 1/2O2 and that O2 dissolved in de-

ionized H2O (~0.25 mmol L-1) could also serve to generate O2
•- on the 
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Mn2+/Mn3+ or Fe2+ species. Meanwhile, Mn3 provided the comparable -

rPHENOL, 0 values even with the change in the type of the scavengers utilized; 

thus it was excluded from the discussion on the scavenging runs. In contrast, 

Mn0 and Mn1.5 were chosen for the scavenging runs for the identical reasons 

stated above in conjunction with providing -rPHENOL, 0 (and kAPP) values 

discernable one another when the type of the scavengers was altered (Figure 

3-6A and 3-6C). The catalysts showed the considerable decrease in their -

rPHENOL, 0 values upon the addition of the scavengers because of the quenching 

of O2
•- and/or •OH. However, phenol degradation did not halt in the 

presence of the scavengers tentatively due to the continuous evolution of H2O2 

(precursor of •OH or O2
•-) on/near the cathode under electric environments, 

as discussed above.[118, 119] However, the catalysts declined their -rPHENOL, 

0 values in the following order of ‘without scavenger → 1,4-benzoquinone → 

guaiacol’ (Figure 3-6E). It should be stressed that the trend found in the -

rPHENOL, 0 values for the catalysts was con-current to the increasing trend of 

the secondary rate constants for the scavengers in terminating •OH (k•OH) 

rather than the trend of their kO2•- values (k•OH of 1.0 X 109 M-1 sec-1 for 

1,4-benzoquinone and 2.0 X 1010 M-1 sec-1 for guaiacol; kO2•- of 1.0 X 109 

M-1 sec-1 for 1,4-benzoquinone and 2.5 X 103 M-1 sec-1 for guaiacol).[47] 

Apparently, this corroborated that H2O2 could be dissected on the Mn2+/Mn3+ 

or Fe2+ species to form •OH/OH- and O2/H2O as the major and minor 

products, respectively. 
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Figure 3-6. Fittings of the reaction data to the pseudo-1st-order kinetics model (regression factors of ≥ 

0.94) for the determination of the apparent reaction rate constants (kAPP) for Mn1.5 (A and B) and Mn0 (C 

and D) and their background-subtracted initial phenol consumption rates (-rPHENOL, 0) in the absence or 

the presence of a scavenger (1,4-benzoquinone/guaiacol for (E); catechol/hydroquinone for (F)) at 3 V. 

In (E)-(F), the kAPP values of the catalysts are displayed in the inset tables with error bars. The reaction 

data was obtained from background-subtracted degradation profiles of phenol (phenol conversion 

(XPHENOL) versus time) for the catalysts without or with scavengers at 3 V. 

  

It should be noted that the H2O2 adsorbed on the catalyst surfaces might be 

oxidized to form H+ and •OOH via e- transfer from H2O2 to the Mn4+ and/or 

Fe3+ species, as reported previously by others (Mn4+/Fe3+ + H2O2 → Mn3+/Fe2+ 

+ H+ + •OOH).[42, 166] To verify if •OOH was the main product of H2O2 

scission on the surfaces, additional scavenging runs on Mn1.5 or Mn0 were 

conducted under conditions identical to those discussed above except for 

utilizing catechol or hydroquinone with different secondary rate constants to 

terminate •OH and •OOH (k•OOH). The amounts of scavengers used were 
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twice those of H2O2 evolved on the catalysts coupled with their bulk sulfur 

contents according to the postulates that one mole of H2O2 served to form 

two moles of •OH or two moles of •OOH and that bulk sulfur components 

served to anchor SO4
2- functionalities on the surfaces. Again, the decrease in 

the -rPHENOL, 0 (and kAPP) values on Mn1.5 and Mn0 was obvious when the 

scavengers were added to the reaction mixtures (Figure 3-6B and 3-6D), yet, 

were comparable even with the change in the kind of the scavengers (Figure 

3-6F). This was not in alignment with the trend of the k•OOH values for the 

scavengers, which differ by three orders of magnitude (1.7 X 107 M-1 sec-1 of 

hydroquinone; 4.7 X 104 M-1 sec-1 for catechol). Meanwhile, the -rPHENOL, 0 

values in the presence of the scavengers conformed to their k•OH values, which 

are similar each other (5.2 X 109 M-1 sec-1 of hydroquinone; 1.1 X 1010 M-1 

sec-1 for catechol). All the results of the scavenging runs provided evidence 

that H2O2 scission on the catalysts afforded •OH as the major product rather 

than O2
•- or •OOH. 

Additional control runs were carried out using the reaction mixtures that only 

comprised MnX, H2O2, and de-ionized H2O, while utilizing DMPO 

(C6H11NO) as a spin trapper of •OH and SO4
•-.[101, 103, 140, 141] EPR 

spectroscopy was then utilized to confirm the presence of •OH and supported 

SO4
•- species in the reaction mixtures (solid (catalyst) + liquid) or reaction 

solutions (liquid) for the catalysts except for Mn3 because of its vigorous, 

uncontrollable reaction with an excess amount of H2O2 (Figure 3-7). The 

EPR spectra of the reaction mixtures were featured by large quartet signals 

with intensity ratios of 1:2:2:1 and the hyperfine splitting constants of 

a(14N)= a(1H)= ~14.8 G.[101] This indicated that •OH species adducted by 

DMPO to form DMPO-OH were present in the reaction mixtures. In 

addition, DMPO-OH was oxidized by •OH to form HDMPO-OH as a by-

product, which also appeared in the EPR spectra of the reaction mixtures.[140, 

141] Furthermore, the EPR spectra of the reaction mixtures also showed 

sextet signals with hyperfine splitting constants of a(14N)=  ~13.8 G and 
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a(1H)= ~9.5 G. This validated that SO4
•- species adducted by DMPO to form 

DMPO-SO4
- were also present in the reaction mixtures.[101] 

Meanwhile, the three S-O bonds of the SO4
2- functionalities were coordinated 

to the catalyst surfaces via tri-dentate configurations, which was again 

corroborated by their in situ DRIFT spectra under SO2/O2 atmosphere, as 

discussed above (Figure 3-4C). This was also demonstrated by our previous 

computational works to demonstrate that SO4
2- is of energetically favorable 

in ligating with Fe2O3 and NiO surfaces via tri-dentate array.[25, 39] It was 

also likely that the supported SO4
2- species were radicalized by •OH to form 

supported SO4
•- analogues, whose free S-O bond was in turn bound to 

DMPO to form DMPO-SO4
- anchored on the catalyst surfaces.[39] If these 

hypotheses held impeccably, the EPR spectra of the reaction solutions (not 

reaction mixtures) should only show the signals assigned to DMPO-OH or 

HDMPO-OH, whereas the signals assigned to DMPO-SO4
- should be 

missing because SO4
•- precursors (SO4

2-) were bound to the catalyst surfaces. 

However, the EPR spectra of the reaction solutions for the catalysts showed 

DMPO-OH, HDMPO-OH, and DMPO-SO4
- (Figure 3-7). It should be 

noted that the simulated EPR spectra of DMPO-OH, HDMPO-OH, and 

DMPO-SO4
- [101-103, 140-143] were superimposed with the experimental 

EPR spectra, revealing good agreement, as shown in Figure 3-7. This could 

validate the accurate assignment of the signals observed in the EPR spectra. 

Importantly, this study aims to decompose phenol with the main use of the 

SO4
•- species supported on the catalyst surfaces. However, the results of the 

EPR experiments did pose the likelihood that unsupported SO4
•- or •OH 

might roam in the reaction mixtures and contribute toward decomposing 

phenol. 
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Figure 3-7. EPR spectra of intact reaction aliquots (solid (catalyst) + liquid; black lines) or reaction 

aliquots subjected to the filtration (liquid; red lines) for the catalyst: (A) Mn2, (B) Mn1.5, (C) Mn1, and (D) 

Mn0. Black circles, red squares, and green triangles denote DMPO-OH, DMPO-SO4
-, and HDMPO-OH 

adducts, respectively. Blue squares indicate simulated EPR spectra. 

  

To elucidate the significance of phenol degradation by unsupported SO4
•- 

species, we performed filtration runs, whose conditions were comparable to 

those utilized to conduct the electric potential-assisted phenol degradation 

runs at 3 V. Exceptions existed for these reactions such as the substitution of 

the catalyst-uncoated (bare) cathode for a catalyst-coated one together with 

vacuum filtration of the reaction mixtures after an hour of the reaction runs. 

The resulting reaction solutions were then immediately used to soak the bare 

anode and cathode and were further monitored in regard to the conversions 
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of phenol (XPHENOL) up to 8 hours (Figure 3-8). The blank run (without 

catalyst) could fragment phenol primarily via anodic oxidation and showed 

the XPHENOL value of ~18.6 (± 2.2) % at 1-8 hours of the reaction runs. 

Filtration runs in the presence of the catalysts showed such XPHENOL values 

with magnitudes similar to that of the blank run during an identical period of 

the reaction runs (1-8 hours). This could provide solid evidence related to the 

insignificance of unsupported SO4
•- species in decomposing phenol, thereby 

leaving •OH and supported SO4
•- species as tentative main sources utilized 

for fragmenting phenol. 
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Figure 3-8. Degradation profiles of phenol (phenol conversion (XPHENOL) versus time) in the absence (blank) 

or the presence of the catalysts at 3 V. Cathodes coated with the catalyst were removed after an hour of 

the reaction runs (shown with a grey rectangle) and was exchanged with catalyst-uncoated analogues. 

Reaction conditions: 0.2 g of catalyst with diameters (d) of < 50 μm; 0.2 mol of Na2SO4; 100 mL of de-

ionized H2O; 0.1 mmol of phenol; 25 °C; and 300 rpm.  

  

To compare the relative significance of •OH and supported SO4
•- in 

decomposing phenol, scavenging runs were performed under such 

environments that were identical to those used to perform catalytic phenol 

degradation runs at 3 V except for mixing the reaction mixtures with 
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scavengers (Figure 3-9). Tert-butanol (TBA), 1, 4-dioxane, iso-propanol 

(IPA), and tetrahydrofuran (THF) served as scavengers because their 

secondary rate constants in terminating •OH (k•OH) and SO4
•- (kSO4•-) are 

dissimilar to one another. Notably, the amounts of scavengers utilized for the 

scavenging runs were determined according to two major assumptions. One 

presumption was that one mole of H2O2 was cleaved homolytically to provide 

two moles of •OH, albeit the Lewis acidic site typically splits H2O2 

heterolytically. The second presumption was that the bulk sulfur components 

of the catalysts were exploited to form surface SO4
2- functionalities. Of note, 

Mn0 and Mn1.5 were chosen for the scavenging runs for the identical reasons 

discussed above. Of additional note, we hypothesized that Mn0 and Mn1.5 

could degrade phenol with the primary use of the supported SO4
•- species. 

For comparison, Fe3O4 and Mn1.5Fe1.5O4 (precursors of Mn0 and Mn1.5 

respectively) were also utilized as controls for the scavenging runs because 

these catalysts could fragment phenol with the main utilization of •OH 

generated via catalytic H2O2 scission on Lewis acidic metals. 

In the case of Mn1.5 and Mn1.5Fe1.5O4 (Figure 3-9A, 3-9C, and 3-9E), the -

rPHENOL, 0 values of Mn1.5Fe1.5O4 decreased in the following order of ‘without 

scavenger → TBA → IPA →1,4-dioxane → THF’, whose sequence was in 

exact line with the increasing trend of the k•OH values for the scavengers (3.8-

7.6 X 108 M-1 sec-1 for TBA; 1.9 X 109 M-1 sec-1 for IPA; 3.1 X 109 M-1 sec-

1 for 1,4-dioxane; 4.0 X 109 M-1 sec-1 for THF). Meanwhile, the -rPHENOL, 0 

values of Mn1.5 decreased in the following order of ‘without scavenger → TBA 

→ 1,4-dioxane → IPA →THF’, which was in accurate accordance with the 

increasing order of the kSO4•- values for the scavengers (4.0-9.1 X 105 M-1 

sec-1 for TBA; 7.3 X 107 M-1 sec-1 for 1,4-dioxane; 8.2 X 107 M-1 sec-1 for 

IPA; 2.8 X 108 M-1 sec-1 for THF). This strongly suggested that Mn1.5 and 

Mn1.5Fe1.5O4 could exploit supported SO4
•- and •OH as the main decomposer 

of phenol, respectively. 
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Figure 3-9. Fittings of the reaction data to the pseudo-1st-order kinetics model (regression factors of ≥ 

0.87) for the determination of the apparent reaction rate constants (kAPP) for Mn1.5Fe1.5O4 (A), Fe3O4 (B), 

Mn1.5 (C), and Mn0 (D) and their background-subtracted initial phenol consumption rates (-rPHENOL, 0) in 

the absence or the presence of scavenger (TBA, 1,4-dioxane, IPA, or THF) at 3 V ((E) and (F)). In (E)-

(F), the kAPP values of the catalysts are displayed in the inset tables with error bars. The reaction data was 

obtained from background-subtracted degradation profiles of phenol (phenol conversion (XPHENOL) versus 

time) for the catalysts without or with scavengers at 3 V. 

  

In addition, the amount of scavenger utilized during the scavenging runs on 

Mn1.5 (0.8 mmol) was approximately twice that of Mn1.5Fe1.5O4 (0.34 mmol). 

Nonetheless, the -rPHENOL, 0 values of Mn1.5 were consistently larger than those 

of Mn1.5Fe1.5O4 when using the identical scavengers (Figure 3-9E). If Mn1.5 

deployed •OH as the main source in fragmenting phenol, the -rPHENOL, 0 values 

of Mn1.5 should be similar to or even far smaller than those of Mn1.5Fe1.5O4 

when exposed to the identical scavengers, which again was not the case for 

the -rPHENOL, 0 values of Mn1.5 and Mn1.5Fe1.5O4 in the presence of scavengers. 
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This again could corroborate the insignificance of •OH in degrading phenol 

on Mn1.5. Furthermore, the -rPHENOL, 0 values of Mn1.5 and Mn1.5Fe1.5O4 were 

differed by ≤ ~7.4 min-1 and ≤ ~2.0 min-1, respectively, in the presence of 

scavengers (Figure 3-9E). This was in great alignment with the differences of 

the kSO4•- and k•OH values for the scavengers (≤ ~103 M-1 sec-1 for kSO4•-; 

≤ ~10 M-1 sec-1 for k•OH). The trends of the -rPHENOL, 0 values for Mn0 and 

Fe3O4 in the presence of scavengers were identical to those found in the 

scavenging runs on Mn1.5 and Mn1.5Fe1.5O4, as shown in Figure 3-9B, 3-9D, 

and 3-9F. All of these results could prove the statement that the SO4
2--

modified MnX catalysts do accelerate the •OH → SO4
•- and deploy supported 

SO4
•- as the prime agent in the degradation of phenol. 

 

3.3.5. Practicability of •OH → SO4
•- 

The investigations on the phenol degradation efficiencies of the catalysts per 

Lewis acidic site was central to deeply understand the vitalness of the 

supported SO4
•- and •OH → SO4

•- kinetics. However, the catalysts were not 

studied in terms of their practical applicability, wherein the phenol 

degradation efficiencies of the catalysts per mass basis could be greatly 

informative. Hence, Mn0, Mn1.5, and Mn3 were exposed to phenol 

degradation environments at 3 V multiple times, throughout which the 

catalysts coated on the cathode were rinsed solely with de-ionized H2O only 

and dried at 110 °C prior to conducting the next recycle runs. The number 

of moles of phenol consumed per unit time per gram of the catalysts (denoted 

as -r’PHENOL, 0) were calculated with background corrections during each of 

the recycle runs in order to contrast their reusability in phenol degradation 

(Figure 3-10A). All the catalysts exhibited a decrease in their -r’PHENOL, 0 values 

throughout each of the recycle runs. However, Mn3 provided minute -r’PHENOL, 

0 values of ≤ 0.1 μmolPHENOL gCAT
-1 min-1 up to the 4th cycle and terminate its 

lifetime as a phenol decomposer from the 5th cycle, as evidenced by its -

r’PHENOL, 0 values of ~0 μmolPHENOL gCAT
-1 min-1. This could have resulted from 
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the severe leaching of the •OH producers (Mn2+/Mn3+) innate to Mn3 

throughout the recycle runs (0.11-0.18 mol.%). In addition, Mn0 showed 

such -r’PHENOL, 0 values that were approximately half of those observed for 

Mn1.5 up to the 2nd cycle, which further plummeted from the 3rd cycle, and 

were one tenth of the -r’PHENOL, 0 value for Mn1.5 at the 5th cycle. This was 

likely due to the leaching of Fe2+ components (•OH producer) during the 

recycle runs, where the amounts of Fe leached from Mn0 were larger than 

those of Fe/Mn released from Mn1.5 up to the 2nd run (0.08-0.11 mol.% for 

Mn0; 0.05-0.06 mol.% for Mn1.5), thus hindering the occurrence of •OH → 

SO4
•- on the Mn0 surface. Meanwhile, although the Mn1.5 surface leached the 

smallest quantities of •OH producers (Mn2+/Mn3+/ Fe2+) among the catalysts 

up to the 2nd cycle, Mn1.5 showed moderate leaching of the metals, which was 

comparable to those of Mn0 during the remaining cycles (≤ 0.05 mol.%). This 

was likely caused by the inclusion of Mn species in the Mn1.5 architecture, 

whose Mn components were less tolerant against the leaching during the 

recycle runs in comparison with the Fe counterparts. This was supported by 

the continuous decrease in the bulk molar ratios of Mn to Fe innate to Mn1.5 

during the recycle runs (Mn/Fe of 0.92 → 0.79 via XRF), which was in good 

agreement with the surface concentration ratios of Mn to Fe species inherent 

to Mn1.5 (Mn/Fe of 1.01 → 0.89 via XP spectroscopy). The liberation of Mn 

species from Mn1.5 during the recycle runs also led to the evolution of the 

sulfur element, as evidenced by the XRD patterns of the used Mn1.5 catalysts 

showing bulk facets indexed to those of monoclinic sulfur (Figure 3-11F). 

Nonetheless, the surfaces of the used Mn1.5 catalysts exhibited diffractions that 

were indexed to those of Mn1.5Fe1.5O4 rather than those of elemental sulfur 

(Figure 3-11A to 3-11E). This suggested that Mn1.5 can retain a catalytic 

phase that promotes the production of the •OH species used for sustaining 

the •OH → SO4
•- pathway on the surface scale. This allowed for the 

recyclable utilization of Mn1.5, albeit Mn1.5 showed a moderate decrease in the 

-r’PHENOL, 0 values throughout each of the recycle runs (Figure 3-10A). Again, 
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the results of the recycle runs provided evidence associated with the 

appreciable recyclability of Mn1.5 in fragmenting phenol. 

 

 
Figure 3-10. (A) Background-subtracted initial phenol degradation rates (-r’PHENOL, 0) of the catalysts 

obtained through recycle runs at 3 V. (B) Background-subtracted initial degradation rates of phenol 

/aniline (-rPHENOL, 0/-rANILINE, 0) for the catalysts at 3 V. (C) Mineralization efficiencies (selectivities to COA 

(ηC; A=1 or 2) or NOA/N2O (ηN)) for the catalysts obtained after 8 hours of the reaction runs in the 

absence of an electric potential. Reaction conditions of (C): 0.2 g of catalyst with diameters (d) of < 50 

μm; 0.2 mol of Na2SO4; 100 mL of de-ionized H2O; 0.1 mmol of phenol/aniline; 30 mmol of H2O2; 

25 °C; and 300 rpm. 

 

Aniline then served as a model compound to represent NH2-functionalized 

aromatic contaminants and therefore was exposed to degradation 

environments.[156, 157] Experimental conditions were comparable to those 

utilized to degrade phenol in the presence of the catalysts at 3 V, whereas their 

initial aniline degradation rates (-rANILINE, 0) were calculated using the method 

analogous to that of –rPHENOL, 0.[24, 39, 47] The degradation of phenol 

(C6H5-OH) and aniline (C6H5-NH2) by the supported SO4
•- species might 

be initiated by ring opening and -NH2 oxidation to populate -OH and ring 

fragments in the reaction mixtures, respectively. This was postulated based on 

the literature resources to deal with the clarify the •OH-mediated 

degradation pathways of phenol/aniline.[100, 167, 168] Meanwhile, 

supported SO4
•- might preferentially oxidize -NH2 rather than attack the ring 

due possibly to the energetic favor achieved during -NH2 oxidation in 

comparison with ring oxidation, as reported in the literatures.[100, 167, 168] 

However, this was in partial line with the -rANILINE, 0 values of the catalysts, 

which were similar to or slightly larger than the -rPHENOL, 0 values (Figure 3-
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10B). This suggested that the affinity of Lewis acidic metals to the -OH or -

NH2 groups of phenol or aniline respectively, might rely on the type of the 

catalysts employed. Nevertheless, Mn1.5 provided the largest -rANILINE, 0 value 

among the studied catalysts, which demonstrated the adaptability of Mn1.5 in 

decomposing refractory contaminants.  

 

 
Figure 3-11. HRTEM images of the used Mn1.5 catalysts ((A) post the 1st run; (B) post the 2nd run; (C) 

post the 3rd run; (D) post the 4th run; and (E) post the 5th run) and their XRD patterns (F). In (A)-(E), the 

distances of the lattice fringes for the used Mn1.5 catalysts were measured and assigned to the surface facets 

of Mn1.5Fe1.5O4 (JCPDF No. of 01-075-0034). See the contents marked in green. In (F), the solid red and 

blue circles indicate the diffractions indexed to those of Mn1.5Fe1.5O4 and sulfur (JCPDF No. of 01-074-

2106), respectively. 
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The organic components of phenol and aniline that remained after 

experiencing •OH → SO4
•- for a certain amount of time were finally assessed 

via TOC (for phenol/aniline) and TN (for aniline) techniques.[47] For this 

investigation, the catalysts were exposed to ambient, electric potential-free 

conditions, most of which were identical to those used for degrading aniline 

at 3 V, whereas 30 mmol of •OH precursor (H2O2) was vigorously mixed 

with the catalysts vigorously. Notably, the electrodes were inadequate because 

carbon species were leached from the electrodes in the presence of H2O2, 

possibly resulting from their erosion by Oα oxidation (anodic oxidation).[47] 

The two backgrounds, namely, the adsorption of phenol/aniline on the 

catalyst surfaces and the oxidation of phenol/aniline by H2O2 (not •OH) were 

not negligible and were therefore were used to correct the reaction data. The 

conversions (X) of phenol/aniline after 8 hours of the reaction runs on the 

catalysts were then assessed via HPLC and TOC/TN analysis to obtain ratios 

of XCARBON, TOC to XHPLC (ηC) or ratios of XNITROGEN, TN to XHPLC (ηN), each of 

which indicated the selectivities of the catalysts to COA (ηC; A=1 or 2) or 

NOA/N2O (ηN) during the degradation of contaminants (i.e., mineralization 

efficiencies in Figure 3-10C). The ηC values of the catalysts were larger for 

the decomposition of phenol than those for the degradation of aniline. This 

might be attributed to the degradation pathway of aniline, which was more 

complicated and lengthier than that of phenol, as reported elsewhere.[100, 

167, 168] Nonetheless, Mn1.5 revealed the greatest ηC and ηN values among 

the studied catalysts, which again could corroborate the superiority of Mn1.5 

over the other catalysts in its adaptability and practical degradation of 

recalcitrant pollutants. 
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3.4. Conclusions 

This study has pioneered the use of bimetallic oxo-spinel MnXFe3-XO4 as a 

striking reservoir of Lewis acidic metals and SO4
2- species acting as •OH 

producers and surface SO4
•- precursors in prompting the •OH → SO4

•- 

pathway. The MnXFe3-XO4 materials were chosen based on a host of 

rationales and exposed to thermal gas media including SO2/O2 to anchor 

SO4
2- functionalities on the surfaces. The composition of the metals innate to 

the resulting MnX catalysts (X of 0-3) was verified as the prime descriptor to 

regulate the Lewis acidic strengths (-QST) of the metals and the surface SO4
2- 

concentrations desired for the •OH → SO4
•-route. The catalysts revealed a 

concave trend in the Lewis acidic strength of the metals versus the X of MnX 

with the minimum located at an equimolar metal composition (X~ 1.5). This 

was corroborated by the results of the CO/CO2 isotherm experiments and 

suggested that Mn1.5 could lower the energy required to dismantle •OH from 

the surface, thus prompting the rate-determining stage (•OH desorption) of 

the •OH → SO4
•-. In addition, the catalysts exhibited a volcano-shaped 

trend in the plot of SO4
2- concentration versus X of MnX with the maximum 

placed at X~ 1.5 (except for Mn3). This suggested that Mn1.5 could provide 

the surface SO4
2- species with a greater probability to interact with •OH per 

unit time in comparison with the other catalysts. Therefore, Mn1.5 improved 

the productivity of the supported SO4
•- species used for degrading aqueous 

refractory aromatics.  

The efficiencies of the •OH → SO4
•- cycles for the catalysts were then tested 

by performing the control runs utilized to decompose aqueous phenol in the 

presence of an electric potentials. Indeed, the catalysts did accelerate the •OH 

→ SO4
•-pathway, as evidenced by their EPR spectra demonstrating the 

presence of •OH and SO4
•- under aqueous environments analogous to those 

of the reaction runs. The role of supported SO4
•- as the primary decomposer 

of phenol was also substantiated by the filtration runs or scavenging runs, 

each of which could substantiate the insignificance of unsupported SO4
•- or 
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•OH in degrading phenol. Of note, the kinetics of the •OH → SO4
•- on the 

catalysts were also assessed via control runs to provide compelling proof that 
•OH release from the surfaces is the rate-determining step. In addition, Mn1.5 

provided the smallest energy barrier in desorbing •OH and the second greatest 

collision frequency (pre-factor) between H2O2 and the Lewis acidic metals or 

between •OH and SO4
2-, thus achieving the greatest initial phenol 

consumption rate (-rPHENOL, 0) among the catalysts. Of additional note, the -

rPHENOL, 0 of Mn1.5 was ~20 times larger than those of the SO4
2--functionalized 

Fe2O3 and NiO catalysts, which we reported previously. Consequently, Mn1.5 

could provide the greatest reusability, adaptability, and mineralization 

efficiency in degrading recalcitrant pollutants among all the catalysts we 

discovered so far. 
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Chapter 4 

Deciphering evolution pathway of 

supported NO3
• enabled via radical 

transfer from •OH to surface NO3
- 

functionalized on MnO2 for oxidative 

degradation of aqueous contaminants 
 

The essence of Chapter 4 has been published in JACS Au. Reprinted with permission from [18]. 

 

4.1. Introduction 

Radical-enabled oxidative fragmentation of aqueous electron (e-)-rich 

moieties is primarily dictated by the radical’s traits such as the lifespan (half-

life, t1/2), electro-philicity (standard reduction potential, E0), and resistance to 

background radical scavengers present in H2O matrices (e.g., HCO3
-, CO3

2-, 

and Cl-, etc.).[109, 169] The •OH is deemed as an omnipotent radical and 

exploited owing to its large E0 value (2.7 V), yet, it is short-lived (t1/2 of < 1 

μsecond) and vulnerable to background scavengers, thereby revealing 

noticeable efficiencies in degrading contaminants only under a restricted pH 

span of 3-5.[111, 115, 170-172] Meanwhile, SO4
•- is comparable to •OH 

in terms of E0 (2.6 V), but is longer-lived (t1/2 of ~35 μsecond), and shows 

a greater tolerance to quenching by backgrounds than •OH over a wide pH 

range.[111, 115] Thus, SO4
•- is garnered as an alternative to •OH. As an 

additional substitute for •OH, NO3
• has gained attractions because of its E0 

(~2.4 V) and t1/2 (~60 μsecond) values along with its lesser propensity to 

accept e- from background scavengers in compared to •OH and SO4
•-.[111, 

173] NO2
• was reported to react with ozone (O3) to evolve NO3

• in the 

absence of sunlight (NO2
• + O3 → NO3

• + O2), yet, exhibits a moderate 

secondary rate constant (k) of 2.1 X 104 M-1 sec-1 and can be viable only after 
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the issues concerning low O3 solubility in an aqueous medium coupled with 

NO2
• isolation/transportation are resolved.[174] In contrast, aqueous NO3

- 

can be converted to NO3
• via pulse radiolysis (NO3

- → NO3
• + e-), for which 

the e- source should be highly accelerated up to a wavelength of ≤ ~10-2 nm 

in the presence of a radio-active element (U and Pu).[175, 176] Alternatively, 

aqueous NO3
- can be subjected to flash photolysis in the presence of a high-

power light source (e.g., excimer (hv) with a wavelength (λ) of ~200 nm), 

leading to the generation of •OH via NO3
- + H+ + hv → NO2

• + •OH.[177, 

178] In addition, •OH formation is enabled by heterolytic H2O2 scission using 

a Lewis acidic d-block metal ion (liquid-phase Mδ+; M: metal; δ: 2 or 3) 

or metal oxide (solid-phase Mδ+) as a catalyst, whose details are discussed 

below.[179] Notably, the resulting •OH produced via catalysis (or photolysis) 

can radicalize NO3
- to produce NO3

• (NO3
- + •OH → NO3

• + OH-; •OH 

→ NO3
•) with a k of 1.4 X 108 M-1 sec-1 (or 5.0 X 105 M-1 sec-1) utilizing 

HNO3 (or NaNO3) as a NO3
- shuttle.[180, 181] The use of HNO3, however, 

drastically acidifies the aqueous medium to a pH of 0-1,[180, 181] thus 

tentatively resulting in severe leaching of Mδ+ species from the metal oxide. 

Moreover, the utilization of NaNO3 can release basic Na+ ions, which poison 

H2O2 activators (Mδ+) via coordination.[59, 182] Thus, HNO3 (or NaNO3) 

can only incur a finite number of utilization for Mδ+ species ionized or 

embedded on metal oxides as H2O2 scissors (•OH producer) for activating 
•OH → NO3

•. Indeed, the •OH → NO3
• route is barely deployed because 

of the grand demands on catalytic (or photolytic) •OH evolution. 

Nonetheless, NO3
- is photo-sensitive and thereby also functions as the 

precursors of NO2
• and NO•.[183] In general, NO3

- is dissociated into NO2
- 

(NO3
- → NO2

- + 1/2O2) or transforms into NO2
• (NO3

- → NO2
• + O•-) 

upon hv excitation (λ of < 250 nm), while evolving •OH (O•- + H2O →•OH 

+ OH-).[183, 184] In turn, •OH acts as a NO2
--attacking radical to generate 

additional NO2
• via NO2

- + •OH → NO2
• + OH- (•OH → NO2

•) with a 

large k of 1.0 X 1010 M-1 sec-1.[183] However, NO2
• possesses moderate E0 



 

 １０４ 

(1.0 V) and small t1/2 (1.4 μsecond) values and therefore cannot be as efficient 

as NO3
• in degrading pollutants.[185, 186] Interestingly, NO2

- experiences 

further dissection into O•- and NO.[183] Despite having a long lifetime (t1/2 

of 107 μsecond), NO• is inactive in degrading contaminants (E0 of -0.4 

V).[187, 188] In addition, NO• functions as a •OH sink (NO• + •OH → 

HNO2),[183, 189] thereby reducing the probability associated with NO2
• 

production via •OH → NO2
•. Apparently, the •OH → NO2

• route is 

kinetically favorable, yet, imparts NO2
• with a moderate oxidizing power and 

is disruptive owing to the presence of NO• used to quench •OH. 

Inspection of previous studies concerning NO3
•/NO2

•/NO• boosts the 

preferential usage of NO3
• as a pollutant degrader over the other two radicals 

and motivates us to envisage a novel route to readily form, sustain, and exploit 

aqueous NO3
• under circum-neutral pH and alkali metal-free environments. 

We previously envisioned a unique •OH → supported SO4
•- (SO4

•-
SUP) 

pathway under an e--abundant electric condition, for which SO4
2- 

functionalities are anchored on d-block metal oxide surfaces (e.g., Fe2O3, 

NiO, and Fe-substituted Mn3O4) to expedite H2O2 scission and radical 

transfer from •OH to supported SO4
2- (SO4

2-
SUP) via a series of elementary 

steps (Figure 4-1A and 4-1C).[25, 39, 107] Initially, a lone pair of electrons 

on H2O2 binds with a Lewis acidic surface Mδ+ species (Fe2+, Ni2+, or Mn2+/3+) 

to produce Mδ+•••H2O2 prior to heterolytic H2O2 splitting to form surface 

M(δ+1)+••••OH and surface-unbound -OH (Figure 4-1A). [25, 39, 107] 

M(δ+1)+••••OH then desorbs •OH, by which SO4
•- productivity via the 

•OH → SO4
•-

SUP route is directed. This indicates that the •OH desorption 

stage dominates the overall •OH → SO4
•-

SUP route as the rate-determining 

step (red arrow in Figure 4-1A).[25, 39, 107] Finally, the M(δ+1)+ on the 

surface is reduced to Mδ+ via e- reduction for recycling the H2O2 scission 

cycle.[25, 39, 107] Meanwhile, surface-unbound •OH migrates to and 

interacts with the SO4
2-

SUP functionality and undergoes the transitions from 

SO4
2-••••OH and SO4

•-•••OH- to SO4
•- upon the release of OH- to 
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the aqueous medium (SO4
2-/SO4

•- in exchange for NO3
-/NO3

• in Figure 4-

1C).[25, 39, 107] SO4
•-

SUP can radicalize or destabilize the contaminant via e- 

exchange prior to the recovery of SO4
2- for reactivating radical 

interconversion of •OH ↔ SO4
•-

SUP .[25, 39, 107] Of note, •OH → SO4
•-

SUP 

can be activated at a circum-neutral pH of 5.5-7.0 with the exclusion of Mδ+ 

poisons (alkali metals).[25, 39, 107] Of additional note, SO4
•-

SUP can 

outperform conventional •OH in decomposing contaminant in an 

efficient/recyclable fashion.[25, 39, 107] 

Herein, we postulated that NO3
- functionalities can be grafted on a metal 

oxide in proximity to surface Mδ+ species, substitute for SO4
2- functionalities, 

and do activate the •OH → supported NO3
• (NO3

•
SUP) route (Figure 4-1C). 

It should be stressed that H2O2 can be continuously generated and fed to the 

surface Mδ+/M(δ+1)+ species for H2O2 scission/Mδ+ recovery in the presence 

of an electric potential.[25, 39, 107] Nonetheless, this study rules out the 

utilization of an electric environment and serves an excess amount of H2O2 as 

the •OH precursor to substantiate the tangibility of •OH → NO3
•

SUP by 

simplifying the reaction environments. Moreover, even with the absence of an 

abundant amount of e- generated under an electric condition, surface Mδ+ 

species can be readily recovered via alternative pathways.[190, 191] For 

instance, M(δ+1)+ is bound to H2O2 to form M(δ+1)+•••H2O2, which in turn 

dissects H2O2 vie e- donation from H2O2 to M(δ+1)+, leading to the recovery 

of Mδ+ with the emission of a proton (H+) and •OOH to the aqueous medium 

(Figure 4-1A).[190, 191]  Moreover, •OOH can be further cleaved to H+ 

and O2
•-. The O2

•- species is then coordinated to M(δ+1)+ to form 

M(δ+1)+•••O2
•-, where e- is transferred from O2

•- to M(δ+1)+ to recover 

Mδ+ with the liberation of O2 (Figure 4-1A).[190, 191] Furthermore, in this 

part of the study, H2O2 also served in this study to minimize the separation of 

NO3
- species from the surface. This is because NO3

- intrinsically possesses 

low binding affinity to the surface[192, 193] and thereby might be detached 

easily from the surface if the surface were heated by an electric energy. This 
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raises the need to select the metal oxide properly to afford a large amount of 

NO3
- functionalities on its surface. Importantly, given the exothermic nature 

of •OH → SO4
•-

SUP or •OH → NO3
• in the aqueous medium,[25, 39, 107, 

180, 181] •OH → NO3
•

SUP was presumed to be energetically favorable. 

 

 
Figure 4-1. Schematic representation of (A) H2O2 scission cycle on surface Mnn+ species (n= 2 or 3) and 

radical transfer from surface-unbound •OH to NO2
- or NO3

- species supported on α-/β-/γ-MnO2 

surfaces (NO2
-

SUP or NO3
-

 SUP), leading to the production of supported NO2
• (NO2

•
SUP in B) or NO3

• 

(NO3
•

SUP in C) utilized for degrading aqueous pollutants. Illustration of porous architectures for α-MnO2 

(D), β-MnO2 (E), and γ-MnO2 (F), whose surfaces afford NO2
- or NO3

- species with various binding 

configurations. In (D)-(F), * denotes defective Mn species accessible to H2O2, whereas **, ***, and **** 

indicate labile O species allowing for the formation of mono-dentate NO2
-, bi-dentate NO3

-, and mono-

dentate NO3
- on α-/β-/γ-MnO2 surfaces. 

 

Overall, the surface should favor NO3
- adsorption, contain a large quantity 

of Lewis acidic Mδ+ species with the strengths desired to desorb •OH to lower 

the energy barrier of the tentative rate-determining stage for •OH → NO3
•

SUP. 

Mn oxides are classified as one of reducible oxides with structural 

flexibility,[194, 195] by which Mn4+ (or Mn3+) readily accepts e- from the 

adjacent O2-, liberates oxygen, and transforms into defective, Lewis acidic 

Mn3+ (or Mn2+; Mnn+; n= 2 or 3),[196] as highlighted with the blue box in 

Figure 4-1. Mnn+ can be in access to H2O2 and cleave H2O2 to evolve •OH. 



 

 １０７ 

Meanwhile, a portion of Mnn+ species may act as anchoring spots of NOY
- 

(Y= 2 or 3) formed via chemical fusion of NO/O2 on or near the Mnn+ species, 

as reported previously.[197, 198] In addition, labile oxygens (Oα) bound to 

the surface Mnn+ species are also prone to bind with NO/O2 and generate 

NO2
-/NO3

- functionalities with a mono- or bi-dentate configuration along 

with the reductive transition of Mnn+ to Mn(n-1)+.[199, 200] (See boxes 

highlighted in yellow/red/orange in Figure 4-1.) It should be noted that NO2
- 

functionalities can be radicalized via •OH → NO2
•

SUP route (Figure 4-1B), 

yet, cannot be desirable in decomposing contaminants owing to the demerits 

of NO2
• stated above.[183, 185, 186, 201] Nevertheless, these can suggest the 

merits of Mn oxides in activating •OH → NO3
•

SUP and poses the necessity to 

select the Mn oxide suitable to disperse Mnn+/Oα species with the desired 

properties. Mn species are multi-valent in nature (Mn2+/Mn3+/Mn4+) and 

therefore offer a variety of architectures including MnO, Mn3O4, Mn2O3, and 

MnO2. Among them, MnO2 was reported to provide the largest quantities of 

Oα and/or Mnn+ species,[202, 203] and was thus chosen in this part of the 

study. Notably, MnO2 offers a series of polymorphs such as α-/β-/γ-/δ-

/ε-/λ-MnO2, wherein δ-/ε-/λ-MnO2 are meta-stable under aqueous 

or ambient environments[204, 205] and thus, they are excluded in this study. 

The α-/β- and γ-MnO2 polymorphs are defined by crystal systems of 

tetragonal and orthorhombic crystal systems, respectively, across which 

octahedral [Mn4+-(O2-)6]8- motifs could provide H2O2-inaccessible Mn4+ 

species only if α-/β-/γ-MnO2 were defect-free (Figure 4-1D to 4-1F). 

[202-205] However, poly-crystalline α-/β-/γ-MnO2 can be deformed to 

possess meso-porosities and ample Mnn+/Oα species,[206, 207] whose 

numbers and strengths are presumably distinct due to the difference in their 

cell edges, albeit with identical cell angle of 90°. Of interest, α-/β-/γ-

MnO2 bear 1.9 A"  X 1.9 A"-sized tunnels inaccessible to H2O2, NO2
-, and NO3

- 

(2.3-2.9 A"  in Figure 4-1D to 4-1F).[202-207] Of interest, this holds true in 

β-MnO2 with a single tunnel of 1.9 A"  X 1.9 A" , yet, should be re-considered 
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in α-/γ-MnO2. Both α- and γ-MnO2 provide additional tunnels with 

the sizes of 4.6 A"  X 4.6 A"  and 2.3 A"  X 4.6 A" , respectively, into which H2O2 

and NO3
- can be diffused (Figure 4-1D to 4-1F).[202-207] It may be 

reasonable to conjecture that α-MnO2 has pores with the biggest size, which 

are the most amicable for H2O2 and NO/O2 to diffuse into the Mnn+ and Oα 

species present in the pores; thus, they may exhibit the highest efficiencies for 

the production of •OH and NO3
• among the α-/β-/γ-MnO2 polymorphs 

considered. The hypothesis stated above, however, could be valid only when 

the numbers/strengths of Mnn+/Oα species were alike across α-/β-/γ-

MnO2. Of significance, this hypothesis could be coupled with the textural 

traits of α-/β-/γ-MnO2, which regulation is challenging even after 

amending the synthetic methodologies. This highly suggests that NO3
• 

productivities on NO3
--functionalized α-/β-/γ-MnO2 should be tested 

under diffusion-free environments and compared in terms of site basis rather 

than gram or area basis for rigorous comparison. 

Again, in order to compensate for the aforementioned demerits of 

unsupported •OH/SO4
•-/NO•/NO2

•/NO3
• as a decomposer of pollutants, 

it is necessary to discover a unique yet easy way to produce and sustain NO3
• 

species. This study first reports the viability and impact of •OH → NO3
•

SUP 

to generate NO3
•

SUP deployed for contaminants’ degradation, for which α-

/β-/γ-MnO2 serve as platforms to accommodate Mnn+/Oα. The α-/β-

/γ-MnO2 polymorphs and their NO3
--modified analogues were synthesized 

for comparison and subjected to spectroscopic analysis (EPR and XANES) 

and DFT calculations to simulate and corroborate the plausibility of H2O2 

splitting and •OH → NO3
•

SUP. In addition, the catalysts were examined by 

degrading a model compound of aqueous pollutants (phenol) and/or textile 

wastewater. Furthermore, kinetics of •OH → NO3
•

SUP on the catalysts were 

assessed to elaborate the significance of their geometric differences on the 

properties of Mnn+, NO3
-, and NO3

• along with the extraction of the kinetic 

parameters. 
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4.2. Experimental Section 

4.2.1. Chemicals 

All chemicals were delivered from the vendors and used without further 

purifications: MnCl2•4H2O (Sigma-Aldrich, ≥ 99.0%), KMnO4 (Sigma-

Aldrich, 99.0%), MnSO4•H2O (Sigma-Aldrich, ≥ 99.0%), (NH4)2S2O8 

(JUNSEI, 99.0%), ethanol (C2H5OH, DAEJUNG, 94.5%), FeSO4•7H2O 

(Sigma-Aldrich, ≥ 99.0%), NiSO4•7H2O (Sigma-Aldrich, ≥ 99.0%), oxalic 

acid (C2H2O4•2H2O, Sigma-Aldrich, ≥ 99.0%), 5,5-dimethyl-1-pyrroline 

N-oxide (C6H11NO, DMPO, Sigma-Aldrich, ≥ 98.0%) 2,9-dimethyl-1,10-

phenanthroline (Neocuproine, C14H12N2, Sigma-Aldrich, ≥ 98.0%), H2O2 

(DAEJUNG, 30.0 wt.% in H2O), phenol (C6H5OH, DAEJUNG, 99.0%), 

methanol (CH3OH, Sigma-Aldrich, 99.8%), CuSO4•5H2O (Sigma-Aldrich, 

≥ 98.0%), phosphate buffer (SAMCHUN, pH of 7.2), 1,4-benzoquionone 

(C6H4O2, Sigma-Aldrich, ≥ 98.0%), guaiacol (C7H8O2, Sigma-Aldrich, ≥ 

99.0%), catechol (C6H6O2, Sigma-Aldrich, ≥ 99.0%), hydroquinone 

(C6H6O2, Sigma-Aldrich, ≥ 99.0 %), tert-butanol (C4H10O, TBA, Alfa-aesar, 

99.0 %), 1,4-dioxane (C4H8O2, DAEJUNG, > 99.0%), tetrahydrofuran 

(C4H8O, THF, DAEJUNG, > 99.0 %), textile wastewater (DYETEC, TOC of 

52.7 (± 0.4) mmolCARBON L-1; TN of 5.6 (± 0.1) mmolNITROGEN L-1; pH of 

11.0 (± 0.5)), and H2SO4 (KANTO CHEMICAL CO., 96.0%). Air (≥ 

99.99%), N2 (≥ 99.999%), Ar (≥ 99.999%), He (≥ 99.999%), CO (≥ 

99.999%), CO2 (≥ 99.999%), 5 vol. % NH3/N2 (≥ 99.99%), 5 vol. % NO/N2 

(≥ 99.99%), 5 vol. % SO2/N2 (≥ 99.99%), 3 vol. % O2/Ar (≥ 99.99%), 3 

vol. % O2/N2 (≥ 99.99%), 10 vol. % H2/Ar (≥ 99.99%), and liquid N2 

(99.9999%) were purchased from SHINYANG and used as-received. 
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4.2.2. Catalysts 

The catalysts were synthesized via hydro-thermal techniques, whose 

protocols were slightly modified based on those reported elsewhere.[109, 169] 

For the synthesis of α-MnO2, 20 mmol of MnCl2•4H2O, 20 mmol of 

KMnO4, and 200 mL of de-ionized H2O were placed into a 250 mL Teflon 

acid digestion sleeve, stirred at room temperature for 30 minutes, placed in a 

stainless steel reactor vessel, exposed to hydro-thermal conditions at 160 °C 

for 6 hours, and cooled to room temperature. The resulting α-MnO2 was 

collected via vacuum filtration, rinsed with 750 mL of de-ionized H2O and 

750 mL of ethanol, and dried overnight at 90 °C. In addition, for the 

synthesis of β- or γ-MnO2, 32 mmol of MnSO4•H2O, 32 mmol of 

(NH4)2S2O8, and 160 mL of de-ionized H2O were placed into a 250 mL Teflon 

acid digestion sleeve, stirred at room temperature for 30 minutes, placed in a 

stainless steel reactor vessel, and exposed to hydro-thermal conditions at 

140 °C for 12 hours (for β-MnO2) or at 90 °C for 12 hours (for γ-MnO2) 

prior to being cooled to room temperature. The resulting β- or γ-MnO2 

was collected via vacuum filtration, rinsed with 750 mL of de-ionized H2O 

and 750 mL of ethanol, and dried overnight at 90 °C. The surface of α-, 

β-, or γ-MnO2 was then modified by NO/O2, as follows: Typically, 1 g of 

α-, β-, or γ-MnO2 was loaded in a quartz reactor, placed inside a tube 

furnace, and exposed to a N2-balanced feed gas stream consisting of 5,000 

ppm NO and 3 vol. % O2 at 150 °C for an hour with a ramping rate of 

10 °C min-1 and the total flow rate of 500 mL min-1. This resulted in the 

production of NOY
--functionalized α-, β-, or γ-MnO2, each of which is 

denoted as α-MnO2-N, β-MnO2-N, or γ-MnO2-N (Y=2 or 3), 

respectively. Moreover, Fe2O3 and NiO were synthesized and modified by 

SO2/O2 by following the procedures reported in our previous papers.[111, 

115, 170] Typically, 20 mmol of FeSO4•7H2O (or NiSO4•7H2O), 20 mmol 

of C2H2O4•2H2O, and 100 mL of de-ionized H2O were stirred at 50 °C for 

an hour, cooled to room temperature, and vacuum-filtered using 750 mL of 
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de-ionized H2O and 750 mL of ethanol. The resulting synthetic mixture was 

calcined at 300 °C for an hour to produce Fe2O3 (or NiO). Next, 1 g of 

Fe2O3 (or NiO) was then loaded in a quartz reactor, placed inside a tube 

furnace, and exposed to a N2-balanced feed gas stream composed of 500 ppm 

SO2 and 3 vol. % O2 at 400 °C for an hour (for NiO) or at 500 °C for an 

hour (for Fe2O3) with the ramping rate of 10 °C min-1 and the total flow 

rate of 500 mL min-1. This led to the generation of SO4
2--functionalized Fe2O3 

or NiO, each of which is denoted as Fe2O3-S or NiO-S, respectively. 

 

4.2.3. Characterizations 

A D8 Advance instrument (Bruker) was implemented to collect X-ray 

diffraction (XRD) patterns of the catalysts using monochromatic Cu Kα 

radiation (wavelength of 1.54 A" ) at the step size and the scan speed of 0.02° 

per step and 2 seconds per step, respectively. A ZSX Primus II (Rigaku) and 

a FLASH 2000 (Thermo Fisher Scientific) were utilized to acquire bulk 

compositional information of the catalysts via X-ray fluorescence (XRF) and 

elemental analysis (EA) technique, respectively. A Titan 80-300TM electron 

microscope (FEI) was used to collect high resolution transmission electron 

microscopy (HRTEM) images and selected area electron diffraction (SAED) 

patterns of the catalysts at 300 keV. An Inspect F50 microscope (FEI) was 

implemented to collect scanning electron microscopy (SEM) images of the 

catalysts at 10 kV. A in Via Raman Microscope system (Renishaw) equipped 

with 532 nm excitation laser, 2400 lines/mm grating, and X 50 objective lens 

was implemented to acquire surface concentrations of the oxygen vacancies 

inherent to the catalysts with a resolution of 0.3 cm-1. A PHI 5000 Versa Probe 

instrument (Ulvac-Phi) was implemented to acquire the information of 

surface compositions and phases for the catalysts via X-ray photoelectron 

spectroscopy (XPS) technique with the resolution of 0.05 eV, while using an 

adventitious carbon peak with the binding energy centered at ~284.6 eV as a 

reference. The XP spectra were deconvoluted using Gaussian function. An 
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Autochem II instrument (Micromeritics) was implemented to quantify the 

amounts of CO-accessible sites included per gram of the catalysts via CO-

pulsed chemisorption technique at 40 °C.[111, 115, 170-173] In addition, 

an Autochem II instrument (Micromeritics) was also utilized to collect H2 

temperature-programmed reduction (H2-TPR) profiles of the catalysts (H2 

thermal conductivity detection (TCD) signal versus temperature) at 

50~800 °C. Typically, the catalyst surfaces were purged with 3 vol.% O2/Ar 

at 110 °C for an hour, cooled to 50 °C under an Ar, and heated to 800 °C 

under 10 vol.% H2/Ar with the ramping rate of 10 °C min-1. The H2-TPR 

profiles were deconvoluted using Gaussian function. An ICS 3000 system 

(Thermo Fisher Scientific) and a total nitrogen content (TN) analyzer (TNM-

L, Shimadzu) were implemented to quantify the amounts of metal and 

nitrogen species leached from the catalysts during the reaction runs via 

inductively coupled plasma (ICP) and TN technique, respectively. A 10D 

(XAS KIST) beamline in Pohang Light Source was used to collect the X-ray 

absorption near edge structure (XANES) spectra of the catalysts in the top-

up mode at the energy, the storage current, and the resolution of 3 GeV, 250 

mA, and 0.2 eV, respectively, under an ultra-high vacuum (~10-9 

mmHg).[111] The XANES spectra were deconvoluted using Gaussian 

function. A NOVA 2200e instrument (Quantachrome Instruments) was 

implemented to collect N2 isotherms, CO isotherms, and CO2 isotherms of the 

catalysts at -196 °C, -30 °C, and -20~20 °C, respectively. N2-accessible 

pore volumes of the catalysts were assessed using Barrett-Joyner-Halenda 

(BJH) theory. N2- or CO-accessible surface areas of the catalysts were 

evaluated using Brunauer-Emmett-Teller (BET) theory with the 

consideration of the amounts of N2 or CO adsorbed per gram of the catalysts 

under the partial pressure range (P/P0) of 0.05~0.3. CO2 isotherms of the 

catalysts were fitted using the Toth equation, wherein NCO2 and A indicate the 

amount of CO2 adsorbed per gram of the catalyst (μmolCO2 gCAT
−1) and the 

maximum amount of CO2 adsorbed per gram of the catalyst (μmolCO2 gCAT
−1), 
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respectively.[170, 173-175] In addition, B, C, and P denote the constant 

(bar−1), the constant accounting for surface heterogeneity (dimensionless), 

and the pressure (bar), respectively. 

 
The Clausius-Clapeyron equation was then utilized to determine the isosteric 

heats of CO2 adsorption (-QST, CO2) for the catalysts.[170, 173-176] In 

Equation (S2), T1 and T2 denote the temperatures (K), whereas P1/P2 and R 

indicate the pressures (bar) at T1/T2 and the ideal gas constant (8.3145 J mol−1 

K−1). 

 
An FT/IR/is20 Fourier transform infrared spectrometer (Omnic) equipped 

with a KBr optics and a mercury–cadmium–telluride (MCT) detector was 

implemented to collect background-subtracted in situ diffuse reflectance 

infrared Fourier transform (DRIFT) spectra of the catalysts with a resolution 

of 4 cm-1. Typically, the catalyst was placed in a reaction cell (Harrick 

Scientific), purged with 3 vol.% O2/N2 at 110 °C for an hour, and cooled to 

50 °C (or heated to 150 °C) under a N2 for the subtraction of the 

background spectra under a N2 from the DRIFT spectra of the catalyst under 

a dynamic feed gas stream composed of NH3 or NO/O2. The catalyst was 

then exposed to a N2-balanced feed gas stream composed of 1,000 ppm NH3 

at 50 °C or 1,000 ppm NO/3 vol.% O2 at 150 °C for collecting in situ 

DRIFT spectra, whose analytical conditions are also detailed in the figure 

captions. An EMX-plus (Bruker) was implemented to observe the evolution 

of •OH, •OOH, O2
•-, NO2

• (supported), or NO3
• (supported) during the 

H2O2 scission runs on the catalysts via electron paramagnetic resonance (EPR) 

technique, for which C6H11NO (DMPO) served as a spin trapping agent for 

the radical species stated above.[177-180] Typically, a reaction mixture 

composed of 2 mg of the catalyst, 3 mmol of DMPO, 0.3 mmol of H2O2, and 

1 mL of de-ionized H2O was shaken vigorously with the use of vortex for 2 

minutes. A reaction aliquot collected from the reaction mixture (solid (catalyst) 
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+ liquid) or from the reaction mixture filtered using a 0.45 μm-sized PES 

syringe filter (i.e., reaction solution (liquid)) served to collect EPR spectra at 

the center magnetic field, the resonance frequency, the microwave power, the 

modulation amplitude, the sweep width, and the sweep time of 3435 G, 9.64 

GHz, 2.95 mW, 1 G, 120 G, and 48 seconds, respectively.[111, 170] In 

addition, EPR spectra of the catalyst were also collected at the resonance 

frequency, the microwave power, and the modulation amplitude of 9.64 GHz, 

1 mW, and 10 G, respectively. Furthermore, EPR spectra were simulated using 

the EasySpin software package (version 5.2.28). 

 

4.2.4. Computations 

The CAmbridge Serial Total Energy Package (CASTEP) program in Materials 

Studio was first utilized to construct the (110) facet for α-, β-, or γ-MnO2 

with a cell size of 2 X 2 X 2 and the vacuum gap of 15 A" . In the geometric 

optimization of α-, β-, or γ-MnO2, a plane-wave basis set coupled with 

the ultra-soft pseudopotential and Perdew-Burke-Ernzerhof (PBE) 

generalized gradient approximation (GGA) functional were used.[59, 182] 

The total system energy convergence, the force on the atom, the maximum 

stress, the maximal displacement, and the cut-off energy were regulated to 

2.0 X 10-6 eV atom-1, 5.0 X 10-2 eV, 1.0 X 108 Pa, 2.0 X 10-3 A" , and 3.0 X 

102 eV, respectively, In contrast, the self-consistent calculation of the 

irreducible Brillion k point 7×7×1 was produced by the program 

automatically with the Broyden-Fletcher-Goldfarb-Shanno (BFGS) 

algorithm used for geometry optimization and surface relaxation. To compute 

the interactions between the NO3
- (or NO3

•) species and the surface on the 

(110) facet for α-MnO2, the cluster approach was harnessed by initially 

cutting the (110) facet on or near the α-MnO2 surface before the NO3
- (or 

NO3
•) species settled on the α-MnO2 surface. Noteworthily, given the 

calculations reported in a group of previous papers,[115, 183, 184] the cluster 

approach, using local electronic wave functions, was anticipated to provide 
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the Coulombic electron energies of NO3
- and NO3

• molecules, more 

efficiently and reliably than the use of plane wave functions. Hence, the 

coordinates of the surface (110) facet for α-MnO2 were utilized, whereas 

additional optimization combined with frequency calculations for NO3
- or 

NO3
• relaxed on the fixed model structure of α-MnO2 were conducted using 

the Gaussian 16 package.[185] In addition, the B3LYP functional was 

implemented with the LANL2DZ basis set for Mn and a 6-31G* basis set 

for N, O, and C (Figure 4-8). 

 

4.2.5. Reactions 

Typically, 0.2 g of the catalyst was initially placed into 100 mL of de-ionized 

H2O (pH of 7.0) and stirred at 300 rpm and 25 °C for 3 minutes prior to 

being mixed with 30 mmol of H2O2 for initiating H2O2 scission. Next, 0.7 mL 

of the reaction aliquot was collected from the reaction mixture at a specific 

reaction time, quenched with 1 μL of methanol, filtered using a 0.45 μm-

sized PES syringe filter (Whatman®), and mixed with CuSO4•5H2O, 

C14H12N2, and phosphate buffer to determine the H2O2 concentration via the 

C14H12N2 method. (See the details in the Analysis section.) Phenol 

decomposition runs were performed following the procedures identical to 

those used to conduct the H2O2 scission runs, except for using 100 mL de-

ionized H2O to dissolve 0.1 mmol of phenol (pH of 7.0). Subsequently, 1.0 

mL of the reaction aliquot was collected from the reaction mixture at a 

specific reaction time, quenched with 1 μL of methanol, and filtered using a 

0.45 μm-sized PES syringe filter to analyze the phenol concentration through 

reverse phase high performance liquid chromatography (HPLC) method, 

whose details are found in analysis section. In addition, 10.0 mL of a reaction 

aliquot was taken from a reaction mixture after 480 minutes of reaction run, 

and filtered using a 0.20 μm-sized mixed cellulose ester filter (HYUNDAI 

Micro Co., LTD) to determine the carbon concentration by the total organic 

carbon content (TOC) method. Meanwhile, textile wastewater was vacuum-
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filtered using a 1.2 μm-sized GF/C filter (Whatman®) to remove the 

suspended solids before the pH of the resulting filtrate was adjusted to 7.0 (± 

0.1) with the use of H2SO4. Next, 2 g of the catalyst was placed into 200 mL 

of the filtrate and stirred at 300 rpm and 25 °C for 3 minutes prior to being 

mixed with 150 mmol of H2O2 for initiating textile wastewater degradation. 

Finally, 10.0 mL of the reaction aliquot was collected from the reaction 

mixture at a specific reaction time and filtered using a 0.20 μm-sized mixed 

cellulose ester filter to analyze the carbon and nitrogen concentrations using 

TOC/TN methods. 

 

4.2.6. Analysis 

A UV/Vis spectrometer (Cary 100, Shimadzu) was implemented to quantify 

the amounts of H2O2 included in the reaction mixtures during the H2O2 

scission runs using the C14H12N2 method, whose protocols were reported 

elsewhere.[170, 186] Typically, a solution consisting of 1 mL of 0.01 M 

CuSO4•5H2O and 1 mL of 0.01 M C14H12N2 was added to 0.7 mL of de-

ionized H2O for the blank solution, 0.7 mL of de-ionized H2O with 0.1-50.0 

mmol H2O2 for the H2O2 calibration solution, or 0.7 mL of a reaction aliquot 

(mixed with 1 μL of methanol) for the analytical solution. The solutions 

stated above were then mixed with phosphate buffer to regulate the total 

volume of the final solutions to 10 mL. The blank and H2O2 calibration 

solutions were used to construct the calibration curve of “the difference in 

absorbance between the blank and H2O2 calibration solutions at 454 nm 

(ΔA454)” versus “H2O2 concentration (CH2O2)”. The plot of ΔA454 versus CH2O2 

provided the slope utilized to determine the CH2O2 values of the analytical 

solutions. Conversion of H2O2 (XH2O2) was calculated using Equation (S3), in 

which CH2O2, 0 and CH2O2 denote the initial H2O2 concentration and the H2O2 

concentration at a specific reaction time, respectively.[111, 115, 170-173] 

 
The initial H2O2 scission rate (-rH2O2, 0) of the catalyst was assessed using 



 

 １１７ 

Equation (S4), in which NH2O2, 0 and kAPP indicate the initial H2O2 quantity 

and the apparent reaction rate constant (slope of -ln (CH2O2/ CH2O2, 0) versus 

time), respectively.[111, 115, 170-173] In addition, NCO, 0.2 g indicates the 

amount of CO-accessible surface Mn species included in 0.2 g of the catalyst. 

 
A LC-20A system (Shimadzu) equipped with a Shim-pack GIS C18 column 

(5 μm, 4.6 X 150 mm, Shimadzu), an automatic injector (SIL-20A, 

Shimadzu), a pump (LC-20AT, Shimadzu), and an UV/Vis detector (SPD-

20A, Shimadzu) was implemented to quantify phenol through reverse phase 

HPLC technique.[111, 115, 170-173] Typically, a mixture of methanol and 

de-ionized H2O with the volumetric ratio of 6:4 served as the mobile phase 

at the flow rate of 1.0 mL min-1 for quantifying the phenol concentrations, 

whereas the injection volume of the sample was 10-5 L. Conversion of phenol 

(XPHENOL) was calculated using Equation (S5), in which CPHENOL, 0 and CPHENOL 

denotes the initial phenol concentration and the phenol concentration at a 

specific reaction time, respectively..[111, 115, 170-173] 

 
The initial phenol decomposition rate (-rPHENOL, 0 or -r’PHENOL, 0) was assessed 

using Equation (S6) or Equation (S7), in which NPHENOL, 0 and kAPP indicate 

the initial phenol quantity and the apparent reaction rate constant (slope of -

ln (CPHENOL/ CPHENOL, 0) versus time), respectively.[111, 115, 170-173] 

 

 
The energy barrier (EBARRIER) and pre-factor (kAPP, 0) of the catalyst needed to 

dissect H2O2 or decompose phenol were assessed using the Arrhenius plot of 

ln (kAPP) versus 1/T (Equation (S8)), where kAPP, R, and T denote the apparent 

reaction rate constant, the ideal gas constant, and the temperature, 

respectively.[170, 187, 188] 

 
A TOC analyzer (TOC-L, Shimadzu) and a TN analyzer were utilized to 
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quantify the carbon and nitrogen components of the reaction mixtures. 

Mineralization of phenol or textile wastewater was assessed by conversions 

with regard to carbon (XCARBON in Equation (S9)) or nitrogen species 

(XNITROGEN in Equation (S10)) species, in which CCARBON, 0 (or CNITROGEN, 0) and 

CCARBON (or CNITROGEN) denote the initial carbon (or nitrogen) concentration 

and the carbon (or nitrogen) concentration at a specific reaction time, 

respectively.[170, 173] 

 

 
The initial degradation rate of textile wastewater (-rC, -r’C, -rN, or -r’N) was 

assessed using Equations (S11)-(S14), in which NCARBON, 0 (or NNITROGEN, 0) and 

kAPP indicate the initial carbon (or nitrogen) quantity and the apparent 

reaction rate constant, respectively.[111, 115, 170-173] In addition, NCO, 2 g 

indicates the amount of CO-accessible surface Mn sites included in 2 g of the 

catalyst. 
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4.3. Results and Discussion 

4.3.1. Properties of α-/β-/γ-MnO2 

One of our primary goals was to validate the advantages of •OH → NO3
•

SUP 

on NOY
--functionalized α-/β-/γ-MnO2 (denoted as α-/β-/γ-

MnO2-N; Y= 2 or 3) in degrading aqueous contaminants relative to •OH 

production on α-/β-/γ-MnO2. Hence, α-/β-/γ-MnO2 were first 

isolated via hydrothermal synthesis, during which multiple, equimolar Mn 

precursors of the Mn2+/MnO4
- or Mn2+ oxidant of (NH4)2S2O8 served to 

preferentially crystallize α-/β-/γ-MnO2 architectures at 90-160 ◦C.[208, 

209] The porosities of α-/β-/γ-MnO2 were analyzed via N2 isotherm 

techniques, by which α-/β-/γ-MnO2 were verified to possess diverse BET 

surface areas (SBET) of 10-160 m2 gCAT
-1 and BJH pore volumes (VBJH) of 0.1-

0.2 cm3 gCAT
-1 with β-MnO2 being almost non-porous. This suggested that 

the amounts of Mnn+/Oα species exposed to the H2O2/NOY
- precursor 

(NO/O2) were severely limited in β-MnO2, thereby potentially resulting in 

the smallest •OH → NO3
•

SUP efficiency on β-MnO2-N per gram basis. 

Conversely, α-/γ-MnO2 showed moderate SBET values of ≥ 50 m2 gCAT
-1, 

including that they might have larger quantities of Mnn+/Oα species (NOY
--

anchoring spot) available to conduct •OH → NO3
•

SUP compared to β-MnO2. 

Nevertheless, the •OH → NO3
•

SUP efficiencies on α-/γ-MnO2-N per gram 

basis could be directed by the number of moles of Mnn+ species were present 

in the pores with sizes of ≥ 2.7 (± 0.2) A"  (kinetic diameter of H2O2[25]). 

This was because •OH → NO3
•

SUP can be initiated by catalytic H2O2 cleavage 

on the Mnn+ species. These results suggested that the •OH → NO3
•

SUP 

efficiencies on α-/β-/γ-MnO2-N could be drastically affected by their 

textural features or diffusional artifacts originating from H2O2. This again 

justified the necessity to evaluate the •OH → NO3
•

SUP efficiencies per site basis 

under diffusion-free environments to precisely investigate the geometrical 

effect of α-/β-/γ-MnO2-N on the •OH → NO3
•

SUP efficiencies. 

Interestingly, α-/β-/γ-MnO2 lacked micro-porosities. Micro-porosities 
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were anticipated to be observed across the catalysts, as conjectured based on 

their tunnel sizes illustrated in Figure 4-1D to 4-1F. These might be due in 

part to the hydrothermal synthetic technique utilized or structural collapse of 

the α-/β-/γ-MnO2 hosts upon the removal of the guest synthetic solvents, 

as reported elsewhere.[210, 211] Nonetheless, this could indicate that a 

significant portion of Mnn+/Oα species was deposited in the pores with sizes 

of ≥ 20 A" , thereby helping improve the access of the NO3
•

SUP species on α-

/β-/γ-MnO2-N to phenol with a size of ~6.7 A" [212] or textile wastewater. 

Bulk crystallographic features of α-/β-/γ-MnO2 were explored using their 

XRD patterns, where the diffractions were in close alignment with those 

simulated for tetragonal α-/β-MnO2 and orthorhombic γ-MnO2 with no 

collateral diffractions assigned. Bulk structural characteristics of the catalysts 

were maintained on their surfaces. This was proved by the SAED patterns of 

the catalysts, wherein all spots were indexed to those simulated for α-/β-

/γ-MnO2 (Figure 4-2G to 4-2I). Morphological traits of the catalysts were 

then inspected using their HRTEM images, in which α-/β-/γ-MnO2 were 

composed of 1-5 μm-sized chunks (Figure 4-2A to 4-2C) with the lattice 

fringes (d) of 1.4 A" , 3.1 A" , and 2.3 A" , respectively (Figure 4-2D to 4-2F). 

These were assigned to surface facets of (002) for tetragonal α-MnO2, (110) 

for tetragonal β-MnO2, and (400) for orthorhombic γ-MnO2, respectively, 

all of which were also indexed in the SAED patterns of the catalysts. All the 

analytic results suggested that α-/β-/γ-MnO2 were bulk/surface phase-

pure, synthesized as targeted, and could be such platforms as to bear Mnn+/Oα 

species for •OH → NO3
•

SUP.  

Numbers and strengths of Lewis acidic Mnn+ (n=2 or 3) species (Lewis 

acidities) are pivotal to prompt •OH production, whose rate-determining 

stage could be •OH desorption from the Mnn+ species, as discussed in the 

Introduction. Hence, surface traits of α-/β-/γ-MnO2 were investigated 

using the XPS technique. The resultant XP spectra exhibited two broad bands 

in the Mn 2p 3/2 and Mn 2p 1/2 domains. These bands stated above were de-
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convoluted to provide three sub-bands with binding energies centered at 

~640.3 eV, ~641.3 eV, and ~642.3 eV in the Mn 2p 3/2 domains, each of 

which could be respectively assigned to the Mn2+, Mn3+, and Mn4+ species 

with a separation of 12.0 eV from those present in the Mn 2p 1/2 domains.[213] 

 

 
Figure 4-2. HRTEM images of α-MnO2 (A and D), β-MnO2 (B and E), and γ-MnO2 (C and F). In 

(D)-(F), lattice fringes with d values of 1.4 A$ , 3.1 A$  and 2.3 A$  are indexed to (002), (110), and (400) facets 

for tetragonal α-MnO2 (JCPDF No. of 01-072-1982), tetragonal β-MnO2 (JCPDF No. of 00-024-

0735), and orthorhombic γ-MnO2 (JCPDF No. of 01-082-2169), respectively. SAED patterns of α-

MnO2 (G), β-MnO2 (H), and γ-MnO2 (I), where dots indicate surface facets assigned to those of α-, 

β-, or γ-MnO2. (J) Atomic concentrations of Mn2+/Mn3+ species present in or near the catalyst surfaces 

and the amounts of CO-accessible Mn species included per gram of the catalysts (NCO). (K) average 

oxidation states (AOS) of Mn2+/Mn3+/Mn4+ species present in or near the catalyst surfaces and the isosteric 

heats of CO2 adsorption (-QST, CO2) for the catalysts at small CO2 coverages (~5.1 μmol gCAT
-1 for α-

MnO2 and γ-MnO2; ~3.7 μmol gCAT
-1 for β-MnO2). 

 

Again, the Mnn+ species adjacent to the oxygen vacancies were defective: thus, 

they can bind with H2O2,[196] as discussed earlier. However, the relative 

abundances of the surface Mnn+ species were similar for all the catalysts 

(20.3-25.2% in Figure 4-2J). In addition, CO, which is comparable to H2O2 

in size (3.2 A" ),[214] can only bind with Lewis acidic species, and therefore 

served as a probe to quantify the amounts of Lewis acidic sites included in 

one gram of α-/β-/γ-MnO2 (NCO) using CO-pulsed chemisorption 

technique at 40 °C (near ambient temperature).[25, 39, 107] The NCO values 
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of the catalysts retained similar magnitudes (~0.5 μmolCO gCAT
-1) and were in 

good agreement with their surface Mnn+ concentrations. The relative 

abundance of surface Mnn+ defects innate to the catalysts was further 

inspected using their Raman spectra, by which oxygen vacancies vicinal to 

the Mnn+ species were quantifiable using the locations/intensities of the bands 

centered at Raman shifts of 628.7-630.2 cm-1. These bands could result from 

symmetric stretching vibrations of the Mn-O bonds innate to the octahedral 

[Mn4+-(O2-)6]8- sub-units for the α-/β-/γ-MnO2 architectures.[215, 216] 

These bands, however, were alike in terms of their locations and intensities, 

which suggested similar concentrations of oxygen vacancies (Mnn+ species) 

across the catalysts.[215, 216] EPR spectra of the catalysts were also collected 

at -223 °C to quantify the concentrations of oxygen vacancies included in 

the catalysts with improved amplitude and resolution. The resulting EPR 

spectra revealed symmetric signals with g-factor values of 2.004-2.007, 

which could originate from free electrons trapped in the paramagnetic oxygen 

vacancies adjacent to the Mnn+ species inherent to the catalysts.[213, 217] 

Interestingly, the EPR signal of γ-MnO2 was broader than those of α-/β-

MnO2, which was caused by the transition of magnetic properties for γ-

MnO2 from para-magnetism to antiferro-magnetism at ≤ -181 °C.[218] 

Nonetheless, the areas under the EPR signals of α-/β-MnO2 were 

comparable and thus further corroborated the similar concentrations of 

oxygen vacancies included in α-/β-MnO2.[213, 217] Apparently, the 

XP/Raman/EPR spectra of the catalysts provide evidence that the geometrical 

difference among α-/β-/γ-MnO2 could hardly diversify the quantities of 

the Lewis acidic Mnn+ species included per gram of the catalysts. 

This, however, provided an impetus to explore the H2O2 scission efficiencies 

per site basis, whose •OH productivities could be mainly dictated by the 

Lewis acidic strengths of the surface Mnn+ sites. In this regard, XP spectra of 

α-/β-/γ-MnO2 in the Mn 3s regimes were explored. The XP spectra were 

de-convoluted to provide two sub-bands,[200, 219] with a peak splitting 
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(ΔEBINDING ENERGY) was 4.50 eV, 4.48 eV, or 4.55 eV for α-, β-, or γ-MnO2, 

respectively. The ΔEBINDING ENERGY values could be converted to average 

oxidation state (AOS) of the surface Mn species using the relationship of AOS 

= 8.956 - 1.126 X ΔEBINDING ENERGY.[200, 219]  The AOS values of α-/β-

/γ-MnO2 were ≥ 3.8, which was expected given the surface concentrations 

of Mn4+ species (≥ ~ 75.0%) for the catalysts. However, the AOS of γ-

MnO2 (3.83) was smaller than those of α-/β-MnO2 (~3.90), which 

suggests the lowest Lewis acidic strength of Mnn+ species inherent to γ-

MnO2 (Figure 4-2K). In addition to the similarity in size observed for the 

H2O2, CO, and CO2 molecules (3.3 A" ),[134] the lone pair of e- present in CO2 

can be coordinated to the Lewis acidic metals;[47, 107] thus, it served as an 

additional probe to quantify the Lewis acidic strengths of the Mnn+ species 

inherent to the surfaces. For this purpose, CO2 isotherms of the catalysts were 

collected at -20 °C~20 °C (near ambient temperature) and subjected to 

Toth fittings in order to extract the isosteric heats of CO2 adsorption for the 

catalysts (-QST, CO2) at a near-zero coverage of CO2 with the use of the 

Clausius-Clapeyron equation.[220, 221] Interestingly, the -QST, CO2 values of 

β-MnO2 was ~5.0 kJ molCO2
-1 (Figure 4-2K). This might be ascribed to the 

low porosity of β-MnO2 (~10 m2 gCAT
-1) amicable to enhance the lateral 

CO2•••CO2 interactions rather than the CO2•••Mnn+ interactions[47, 

222] and therefore, it remained challenging to accurately quantify the 

CO2•••Mnn+ interactions through -QST, CO2. However, the -QST, CO2 value 

of γ-MnO2 (~42.9 kJ molCO2
-1) was smaller than that of α-MnO2 (~51.1 

kJ molCO2
-1). In conjunction with the AOS values, the -QST, CO2 values highly 

suggested that Lewis acidic Mnn+ species could be the most desirable in 

expediting •OH desorption, when being deposited on the γ-MnO2 surface. 

Noteworthily, the lone e- pair innate to CO2 can also bind with the proton of 

the surface Brönsted acidic sites (-OH), as reported previously.[223, 224] 

Indeed, α-/β-/γ-MnO2 surfaces afforded Brönsted acidic (B) and Lewis 

acidic (L) sites, as supported by their background-subtracted, in situ DRIFT 



 

 １２４ 

spectra. B/L bands resulting from asymmetric or symmetric stretching (or 

bending) vibrations of the N-H bonds of NH3 coordinated to B/L sites were 

developed under an NH3 atmosphere at 50 °C (near ambient 

temperature).[59, 90, 200, 225, 226] Nevertheless, the areas under the L bands 

were greater than those of the B bands across the catalysts. This could indicate 

that the -QST, CO2 values of the catalysts mainly originated from 

CO2•••Mnn+ interactions, although the contributions of the CO2•••B 

interactions to the -QST, CO values could not be ruled out entirely. Nevertheless, 

AOS and -QST, CO2 analysis on α-/β-/γ-MnO2 could aid in establishing 

the hierarchy with regard to the Lewis acidic strengths of the Mnn+ species 

adequate to desorb •OH, to be in the following order of α-MnO2 ~ β-

MnO2 < γ-MnO2. 

In contrast, the surface area of Lewis acidic Mnn+ species (SCO) can be closely 

related to the frequency of H2O2•••Mnn+ collisions, thereby directing the 

pre-factor (kAPP, 0) of the catalyst in H2O2 scission or the •OH-mediated 

pollutant degradation run, as we suggested in previous studies.[107, 200] 

Hence, the SCO (SBET, CO divided by NCO) values of the catalysts were quantified 

using their CO isotherms, all of which provided CO-accessible BET surface 

areas (SBET, CO) along with the amounts of CO adsorbed per gram of the 

catalysts at 1 bar (NCO).[107, 200]  It should be noted that the CO2 isotherm 

experiments could also provide the SCO2 values of the catalysts analogous to 

their SCO counterparts, yet, were not considered owing to CO2 adsorption on 

the Brönsted acidic sites. We attempted to collect CO isotherms of the 

catalysts at near-ambient temperature. However, the CO isotherms revealed 

minute differences in terms of the SBET, CO and NCO values throughout the 

catalysts range at temperatures ≥ -20 °C due to the limitation of the 

instrument used[107] (not shown) and therefore were collected at -30 °C 

only. The SCO values of the catalysts increased in the following order of γ-

MnO2 (~3.0 X 105 mCO
2 molCO

-1) < α-MnO2 (~3.9 X 105 mCO
2 molCO

-1) < 

β-MnO2 (~6.6 X 105 mCO
2 molCO

-1). This suggested that β-MnO2 might be 
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the most desirable in producing •OH among the studied catalysts, in spite of 

its greatest intimacy with •OH (evidenced by AOS analysis). 

 

4.3.2. H2O2 scission kinetics on α-/β-/γ-MnO2 

H2O2 scission/pollutant degradation runs on the catalysts were then 

conducted at 25 °C. Of note, it was reported that H2O2 can be dissected on 

surface-unbound Mn2+ and Mn3+ to produce •OH and regenerate Mn2+ with 

moderate k values of ~1.3 X 101 M-1 sec-1 and ~2.8 X 103 M-1 sec-1, 

respectively.[190, 191] Moreover, in spite of having a longer lifespan (t1/2 of 

2.0 X 106 μsecond), •OOH possesses a lower electro-philicity (E0 of 1.8 V) 

than that of •OH.[48, 190, 191] Thus, •OOH might not likely serve to 

fragment the contaminant (Figure 4-1A). Of additional note, •OOH can also 

be cleaved to form O2
•- with the smallest electro-philicity among the radicals 

considered (E0 of -0.2 V).[190, 191, 227] Given the reaction of Mn3+ 

(surface-unbound) + O2
•- → Mn2+ (surface-unbound) + O2 with a large k 

of ~7.0 X 107 M-1 sec-1,[191] O2
•- might be utilized to recover surface Mnn+ 

species, as illustrated in Figure 4-1A. The potential functions of 
•OH/H2O2/•OOH/O2

•- depicted above could suggest their vitalness in 

decomposing the pollutant (via •OH) and/or regenerating surface Mnn+ 

species (via H2O2 or •OOH/O2
•-). This thus rationalized the use of an excess 

amount of H2O2 (30 mmol) relative to that of the Mnn+ species inherent to 

the catalyst (~0.5 μmolCO gCAT
-1) throughout the reaction runs. 

Of additional note, H2O2 can experience self-decomposition under aqueous 

environments to evolve •OOH/O2
•- even in the absence of the catalysts[25, 

39, 107, 228] and therefore should be regarded as backgrounds. Thus, the 

reaction data were corrected using backgrounds and fitted using the pseudo-

1st-order kinetic model to extract the apparent reaction rate constants of the 

catalysts (kAPP).[25, 39, 107] Moreover, the change in the type of MnO2 

polymorphs did not alter their NCO values, yet, did vary their -QST, CO2 values 

along with the AOS values of the surface Mn species. This indicated that H2O2 
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scission efficiencies on the catalysts could rely mainly on the Lewis acidic 

strengths of the Mnn+ species. Therefore, the initial H2O2 scission rates of the 

catalysts were evaluated from a site basis and defined as the amounts of H2O2 

cleaved per CO-accessible Lewis acidic site per unit time (-rH2O2, 0 in Equation 

(S4)).[25, 39, 107] The -rH2O2, 0 values of α-/β-MnO2 were comparable 

(~25 min-1), yet, were smaller than that of γ-MnO2 (~35 min-1 in Figure 4-

3A), which indicated that Mnn+ species innate to γ-MnO2 possessed Lewis 

acidic strength most desirable to generate •OH/•OOH/O2
•-. The trend 

found in the -rH2O2, 0 values of α-/β-/γ-MnO2 was in exact and partial 

alignments with those found in the AOS values of surface Mn species and -

QST, CO2 values of the catalysts, respectively. All the results were gathered to 

demonstrate that Mnn+ species with smaller Lewis acidic strengths could 

accelerate •OH desorption (rate-determining step) more efficiently and thus 

resulted in a higher -rH2O2, 0 of the catalyst, as also proven in our previous 

studies on the •OH → SO4
•-

SUP route for NiO and Fe-modified Mn3O4.[25, 

107] The evolution of •OH/•OOH/O2
•- during catalytic H2O2 dissection on 

α-/β-/γ-MnO2 was apparent. This was evidenced by the EPR spectra of 

reaction mixtures and solutions collected upon the filtration of the reaction 

mixtures, whose compositions were identical to those used to perform H2O2 

scission runs except for adding DMPO as a spin trapper of •OH/•OOH/O2
•-.  
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Figure 4-3. (A) Background-subtracted initial H2O2 scission rates (-rH2O2, 0) and initial phenol 

decomposition rates (-rPHENOL, 0) of α-, β-, or γ-MnO2, for which particle size or stirring speed was 

varied during phenol decomposition runs. (B) Change in -rPHENOL, 0 values for α-, β-, or γ-MnO2 in 

the absence or the presence of quencher (tert-butanol, 1,4-dioxane, or tetrahydrofuran) (C) Arrhenius 

plots (ln (kAPP) versus 103/T) for α-, β-, or γ-MnO2, whose apparent reaction rate constants (kAPP) 

were obtained from phenol decomposition runs at 25~55 °C. Reaction conditions: 0.2 g of the catalysts 

with the sizes of ≤ 50 μm (H2O2 scission (A), (B), and (C)) or < 20 μm/20-45 μm/≤ 50 μm (phenol 

decomposition (A)); 100 mL of de-ionized H2O; 30 mmol of H2O2; 0 mmol (H2O2 scission (A)) or 0.1 

mmol of phenol (phenol decomposition (A), (B), and (C)); 0 mmol ((A) and (C)) or 60 mmol of quencher 

(B); pH of 7.0; 25 °C (A and B) or 25~55 °C (C); 300 rpm (H2O2 scission (A), (B), and (C)) or 400 

rpm (phenol decomposition (A)). 

 

It was reported that DMPO can be rapidly coordinated to •OH or •OOH 

for its transition to DMPO-OH or DMPO-OOH adducts (Figure 4-4A), 

whose lifetimes are sufficiently long enough to be detected and are thus 

qualitatively analyzed through EPR spectroscopy experiments.[229, 230] 

Interestingly, DMPO can also bind with O2
•- to produce the DMPO-O2 

intermediate, which in turn interacts with H+ in the aqueous medium to finally 

transform into the DMPO-OOH adduct, as reported elsewhere.[231] Indeed, 
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the EPR spectra revealed large quartet signals with hyperfine splitting 

constants of 14.8 G for a(14N)/a(1H) and intensity ratios of 1:2:2:1,[229, 230] 

which typically indicated the presence of DMPO-OH (black squares in Figure 

4-4B to 4-4D). In addition, the EPR spectra also exhibited sextet signals with 

hyperfine splitting constants of 14.4 G and 11.2 G for a(14N) and a(1H), 

respectively,[229, 230] which could demonstrate the presence of DMPO-

OOH (red circles in Figure 4-4B to 4-4D). Of importance, EPR spectroscopy 

was reported to be particular challenging for the precise quantification of 

multiple paramagnetic adducts, owing to overlap and/or broadness of their 

spectral signals.[232-234] Hence, although the relative abundance of 

DMPO-OH (80-95%) and DMPO-OOH (5-20%) is quantifiable upon the 

simulation of the EPR spectra, it should only be utilized for rough comparison. 

Of additional importance, the EPR spectra observed and simulated did show 

good agreement post the inclusion of DMPO-OOH species in the simulated 

EPR spectra, albeit with their small relative abundance. This suggested that 

the evolution of •OOH might be as phenomenal as that of •OH during 

catalytic H2O2 scission. Interestingly, in spite of the challenge associated with 

the accurate quantification of the adducts, the EPR spectra of reaction 

mixtures (solid (catalyst) + liquid) were comparable to those of reaction 

solutions (liquid; Figure 4-4B to 4-4D). This could indicate that 
•OH/•OOH/O2

•- species were mostly present in reaction solutions and 

thereby demonstrated the liberation of •OH/•OOH/O2
•- species from the 

catalyst surfaces to liquid phases, as depicted in Figure 4-1A. 

Meanwhile, phenol is one of aromatics with -OH functionality, both of 

which are particularly arduous to be fragmented under aqueous medium.[25, 

39, 107] Therefore, phenol was utilized as a model compound of aqueous 

contaminants. Phenol decomposition runs on the catalysts were conducted 

under the identical conditions to those utilized to perform H2O2 scission runs 

except for adding 0.1 mmol of phenol to reaction mixtures. It should be 

stressed that phenol adsorption on α-/β-/γ-MnO2 surfaces was not trivial 
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and was as considerable as phenol degradation mediated by 
•OH/•OOH/O2

•- evolved via H2O2 self-decomposition (not shown). Hence, 

phenol adsorption on the catalyst surfaces was also deemed as backgrounds 

utilized for correcting reaction data. This could provide initial phenol 

decomposition rates of the catalysts (-rPHENOL, 0 in Equation (S6)), whose 

definition was analogous to that of -rH2O2, 0.[25, 39, 107] 

 

 
Figure 4-4. (A) Formation mechanisms of DMPO-OH and DMPO-OOH adducts. EPR spectra of 

reaction aliquots (liquid) taken from reaction mixtures (solid (catalyst) + liquid) that underwent filtration 

using a 0.45 μm-sized PES syringe (B-D). Reaction mixtures included DMPO as a spin trapper for 

•OH/•OOH/O2
•- and α-MnO2 (B), β-MnO2 (C), or γ-MnO2 (D) as a catalyst. In (B)-(D), black 

solid lines and empty purple circles indicate raw and simulated EPR spectra, respectively. Black solid 

squares and red solid circles indicate DMPO-OH and DMPO-OOH adducts, respectively, whose relative 

abundance was simulated and exhibited in (B)-(D). Reaction mixture: 2 mg of the catalyst with the sizes 

of ≤ 50 μm; 1 mL of de-ionized H2O; 0.3 mmol of H2O2; 3 mmol of DMPO; pH of 7.0; 25 °C; vortex 

for 2 minutes. 
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It should be also emphasized that to rigorously assess the -rPHENOL,0 values 

(activities) of the catalysts, it is imperative to ensure the -rPHENOL,0 values are 

evaluated under reaction-limited regimes, in which the -rPHENOL,0 values are 

not affected or directed by diffusional artifacts,[235, 236] such as the 

transport of phenol (or •OH) from aqueous phase to NO3
• (or NO3

-) grafted 

on exterior surfaces of the catalysts (denoted as external diffusion) and the 

transport of phenol (or •OH) from exterior surfaces of the catalysts to NO3
• 

(or NO3
-) anchored inside the catalyst pores (denoted as inter-(or 

intra-)particle diffusion; internal diffusion).[25] In this regard, SEM analysis 

of the catalysts were performed to evaluate their particle sizes, most of which 

were ≤ 50 μm. Hence, the catalysts were sieved to vary their particle sizes of 

< 20 μm, 20-45 μm, or ≤ 50 μm and subjected to phenol degradation runs 

to inspect the significance of internal diffusional artifacts on the -rPHENOL,0 

values.[25] In addition, the stirring speed of the reaction mixtures during 

phenol degradation runs was also altered to investigate the significance of 

external diffusional artifacts on the -rPHENOL,0 values (300 rpm or 400 rpm).[25] 

The resulting -rPHENOL, 0 values of the catalysts, however, were invariant even 

with the alteration of the reaction conditions mentioned above (catalyst 

particle sizes or stirring speeds). This could provide evidence that -rPHENOL, 0 

values were evaluated under diffusion-free environments. In addition, -

rPHENOL, 0 values of the catalysts were smaller than those of the corresponding 

-rH2O2, 0 counterparts, which was due possibly to short lifetime of •OH or 

O2
•- (Figure 4-3A). Nonetheless, the trends found in -rH2O2, 0 and -rPHENOL, 0 

values for the catalysts were identical (i.e., -rPHENOL, 0 of ~0.6 min-1 for α-

/β-MnO2; ~0.8 min-1 for γ-MnO2). Moreover, γ-MnO2 leached 

moderate amount of Mn species after 8 hours of phenol decomposition runs 

(~2.5 mol.% for α-MnO2; ~0.1 mol.% for β-MnO2; ~0.5 mol.% for γ-

MnO2). All of the results helped suggest that Mnn+ species innate to γ-MnO2 

could desorb •OH most proficiently. 

Our claim stated above could be partially convincing, unless the solid proof 
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on the role of •OH as the main degrade of phenol were presented. In this 

regard, a series of scavengers with distinct secondary rate constants in 

quenching •OH (k•OH) were selected such as tert-butanol (~6.0 X 108 M-1 

sec-1), 1,4-dioxane (~3.1 X 109 M-1 sec-1), and tetrahydrofuran (~4.0 X 109 

M-1 sec-1. The conditions utilized for scavenging runs were identical to those 

used to perform phenol decomposition runs, except for adding scavengers, 

whose quantities were twice that of H2O2 utilized.[25, 39, 107] It was 

expected that -rPHENOL, 0 of a catalyst decreased upon the addition of a 

scavenger. However, -rPHENOL, 0 should be higher in the presence of a scavenger 

with a smaller k•OH, if the phenol degradation were primarily directed by 
•OH. The reduction of -rPHENOL, 0 values for α-/β-/γ-MnO2 was more 

pronounced in the following order of ‘with tert-butanol → with 1,4-dioxane 

→ with tetrahydrofuran’, which was con-current to the hierarchy on the k•OH 

values for the scavengers (Figure 4-3B). This suggested that •OH could 

function as the main degrader of phenol upon H2O2 splitting on α-/β-/γ-

MnO2 surfaces. In addition, tert-butanol was reported to barely quench 
•OOH (k•OOH of ~7.1 X 101 M-1 sec-1) or O2

•- and thereby should not 

decline -rPHENOL, 0 of a catalyst if •OOH or O2
•- acted as a major decomposer 

of phenol. However, the reduction of -rPHENOL, 0 values was substantial across 

the catalysts in the presence of tert-butanol, which could corroborate that 
•OOH or O2

•- was hardly exploited to decompose phenol with α-/β-/γ-

MnO2 in use as catalysts. In addition to the nature of O2
•- almost inactive in 

decomposing phenol,[237] scavenging runs could provide concrete evidence 

that •OH was deployed to fragment phenol. In addition to EPR spectra of the 

catalysts validating the evolution of •OOH and/or O2
•- during H2O2 scission 

runs (Figure 4-4), scavenging runs validated that •OOH and/or O2
•- were 

major species acting as a reductant of M(δ+1)+ for the recovery of Mδ+. 

Additional control runs were performed to inspect if Mnn+ species could 

produce •OH via heterogeneous catalytic scission of H2O2. The reaction 

conditions were identical to those utilized to perform phenol decomposition 
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runs except for vacuum filtration of reaction mixtures to collect reaction 

solutions after an hour of reaction runs. Phenol conversions (XPHENOL) of the 

resulting reaction solutions then kept being monitored up to 8 hour of reaction 

runs.[25, 39, 107] In addition, H2O2 self-decomposition run in the absence 

of the catalyst was conducted and monitored with regard to XPHENOL values 

up to 8 hours, for comparison. H2O2 self-decomposition run showed the 

increase in XPHENOL values of 4.3 (± 0.5) % at 1-8 hours (ΔXPHENOL, BLANK), 

which could be attributed to •OOH or O2
•- indispensably evolved, as 

reported previously.[25, 39, 107, 228] Interestingly, ΔXPHENOL, BLANK obtained 

during H2O2 self-decomposition run was in similar magnitude to ΔXPHENOL 

values obtained during filtration runs at 1-8 hours (5.2 (± 0.8) % for α-

MnO2; 4.3 (± 0.4) % for β-MnO2; 4.7 (± 1.2) % for γ-MnO2). This 

clearly indicated that unsupported, leached Mnn+ species tentatively present in 

reaction solutions did play a marginal role in producing •OH used to 

decompose phenol. Filtration runs validated that α-/β-/γ-MnO2 could 

degrade phenol with the main use of •OH species generated via heterogeneous 

catalytic H2O2 scission on surface Mnn+ species. 

Again, -rH2O2, 0/-rPHENOL, 0 values of α-/β-/γ-MnO2 could increase at a 

higher temperature. This was because a larger heat energy was delivered to 

the catalyst surface and helped overcoming the energy barrier (EBARRIER) 

required to desorb •OH from surface Mnn+ species at a greater 

temperature.[25, 39, 107] This indicated that the reactions should conform to 

Arrhenius behavior.[25, 39, 107] Hence, additional control runs were 

performed identically to phenol decomposition runs except for altering the 

temperatures from 25 °C to 55 °C, at which kAPP values of the catalysts 

were obtained. The resulting kAPP values served to establish Arrhenius plots of 

ln (kAPP) versus 1/T for the catalysts, whose slopes and y-intercepts were used 

to extract kinetic parameters of EBARRIER values and pre-factors (kAPP, 0), 

respectively (Figure 4-3C).[25, 39, 107] EBARRIER values of the catalysts 

increased in the following order of γ-MnO2 (~19.7 kJ mol-1) < α-MnO2 ~ 
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β-MnO2 (~22.7 kJ mol-1). This was in close line with the hierarchy of Lewis 

acidic strengths identified via AOS of Mn species and -QST, CO2 values for the 

catalysts (Figure 4-2K). This again demonstrated that •OH desorption could 

dominate H2O2 scission cycle on α-/β-/γ-MnO2. In addition, kAPP, 0 values 

of the catalysts increased in the following sequence of γ-MnO2 (~2.3 X 103 

min-1) < α-MnO2 (~4.8 X 103 min-1) < β-MnO2 (~6.7 X 103 min-1), which 

was in exact agreement with the hierarchy found in their SCO values, as 

discussed above. This also indicated that β-MnO2 surface provided the 

greatest probability for H2O2 to collide with Mnn+ per unit time. Nonetheless, 

γ-MnO2 showed the greatest -rPHENOL, 0 values throughout all temperatures 

considered, which clarified that small Lewis acidic strength of Mnn+ species 

was pivotal to achieve high •OH productivity on α-/β-/γ-MnO2 surfaces 

via H2O2 scission.  

 

4.3.3. Properties of α-/γ-MnO2-N 

α-/β-/γ-MnO2 were subjected to NOY
- functionalization to form α-

/β-/γ-MnO2-N upon their exposure to NO/O2 stream for an hour, for 

which NO concentration and temperature were adjusted to 5,000 ppm and 

150 °C through the optimization for achieving the greatest quantities of N 

species deposited on the resulting α-/γ-MnO2-N surfaces. Interestingly, 

β-MnO2 surface was attempted to be modified with NOY
- species under a 

variety of conditions, yet, could not afford NOY
- functionalities. Again, this 

could be due in part to small porosity of β-MnO2, by which Mnn+ and Oα 

species were in limited access to NOY
- and NO/O2 even under an optimized 

environment used to settle down NOY
- functionalities in α-/γ-MnO2 

surfaces. The properties of α-/γ-MnO2-N were characterized using a host 

of techniques and compared with those of α-/γ-MnO2. Crystallographic 

and morphological traits of α-/γ-MnO2 were unchanged post their 

modification with NOY
- species. This was evidenced by XRD patterns, SAED 

patterns, and lattice fringes (d) in HRTEM images of α-/γ-MnO2-N, 
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whose details were illustrated in figure captions. Conversely, SBET and VBJH 

values of α-/γ-MnO2-N were smaller than those of α-/γ-MnO2 by 10-

20 m2 gCAT
-1 and ~0.1 cm3 gCAT

-1, as clarified by N2 isotherm experiments. 

This could be ascribed to the occupation of NOY
- functionalities inside the 

pores of α-/γ-MnO2-N. 

In addition, the amounts of Lewis acidic sites present in α-/γ-MnO2 

decreased post NOY
- functionalization. This was corroborated by de-

convoluted XP spectra of α-/γ-MnO2 and α-/γ-MnO2-N in the Mn 2p 

domains,[213] where relative abundance of Mnn+ species were reduced from 

25.2% to 18.0% for α-MnO2 and from 20.3% to 16.5% for γ-MnO2 post 

the modification with NOY
- functionalities (Figure 4-5A). This was in close 

agreement with CO-pulsed chemisorption analysis of the catalysts,[25, 39, 

107] wherein NCO values were also declined from ~0.5 μmolCO gCAT
-1 to ~0.4 

μmolCO gCAT
-1 for α-/γ-MnO2 after NOY

- functionalization (Figure 4-5A). 

Raman spectra of α-/γ-MnO2-N also revealed the bands with Raman 

shifts centered at 631.5 cm-1 and 632.0 cm-1, respectively, whose intensities 

were similar to those of α-/γ-MnO2, whereas locations were blue-shifted 

relative to those of α-/γ-MnO2 (628.7 cm-1 for α-MnO2; 630.2 cm-1 for 

γ-MnO2). This could indicate the reduction of oxygen vacancies upon the 

functionalization of α-/γ-MnO2 with NOY
- species, leading to enhanced 

symmetric stretching vibrations of Mn-O bonds of [Mn4+-(O2-)6]8- sub-units 

for α-/γ-MnO2-N architectures.[215, 216] Moreover, this was in close 

alignment with the EPR spectra of α-/γ-MnO2-N collected at -223 °C, 

in which g-factor values were almost unchanged even post NOY
- 

functionalization (2.004). The areas under the EPR signals for α-/γ-

MnO2-N were reduced markedly in comparison with those of α-/γ-MnO2, 

which resulted from the decrease in the concentrations of oxygen vacancies 

innate to α-/γ-MnO2 architectures modified with NOY
- species.[213, 217] 

All of the analytic results stated above could corroborate that in addition to 

Oα species allowing for an access to NO/O2, Mnn+ species on α-/γ-MnO2 
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could be also grafted by gaseous NOY
- species that were formed in proximity 

to Mnn+ sites during the synthesis of α-/γ-MnO2-N, which was also 

suggested and computed elsewhere.[197-200] Of importance, the amounts of 

Lewis acidic sites were comparable across the catalysts subjected to NOY
- 

modification, which again posed the need to compare -rH2O2, 0/-rPHENOL, 0 

values of α-/γ-MnO2-N per site basis for clarifying their geometrical effect 

on •OH → NO3
•

SUP route. 

Furthermore, Lewis acidic strengths of Mnn+ species inherent to α-/γ-

MnO2 were also altered in such a way as to improve •OH desorption from 

Mnn+ species upon NOY
- modification. This was substantiated by XP spectra 

of the catalysts in the Mn 3s domains,[200, 219] in which ΔEBINDING ENERGY 

values of α- and γ-MnO2 increased by ~0.35 eV and ~0.25 eV post NOY
- 

functionalization. This led to the decrease in the resulting AOS values of 

surface Mn species of 3.89 for α-MnO2 → 3.51 for α-MnO2-N and 3.83 

for γ-MnO2 → 3.55 for γ-MnO2-N (Figure 4-5B). This was also in close 

line with -QST, CO2 values of the catalysts obtained via CO2 isotherm 

experiments.[220, 221] Interestingly, α-MnO2 showed a greater decrease in 

-QST, CO2 from ~51.1 kJ molCO2
-1 to ~24.7 kJ molCO2

-1 at a near-zero coverage 

of CO2 post NOY
- modification in comparison with that of γ-MnO2 (~42.9 

kJ molCO2
-1 for γ-MnO2; ~36.2 kJ molCO2

-1 for γ-MnO2-N), as depicted 

in Figure 4-5B. The analytic results on Lewis acidic strengths for the catalysts 

highly suggested that α-MnO2-N could outperform γ-MnO2-N in 

cleaving H2O2 (or producing •OH), thus degrading phenol better than γ-

MnO2-N based on a higher efficiency to produce NO3
•

SUP species. 
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Figure 4-5. (A) Atomic concentrations of Mn2+/Mn3+ species present in or near the surfaces of α-MnO2-

N and γ-MnO2-N and their NCO values. (B) AOS values of Mn2+/Mn3+/Mn4+ species present in or near 

the surfaces of α-MnO2-N and γ-MnO2-N and their -QST, CO2 values with small CO2 coverages (~5.1 

μmol gCAT
-1 for α-MnO2-N and γ-MnO2-N). (C) Molar ratios of N to Mn (N/Mn) innate to α-

MnO2-N and γ-MnO2-N analyzed via XRF/EA (for bulk) and XP spectroscopy (XPS; for surface). (D) 

Relative abundance of labile O species (Oα) inherent to α-MnO2, α-MnO2-N, γ-MnO2, and γ-

MnO2-N analyzed via XPS and H2-TPR. 

 

It should be stressed that NCO values of α-/γ-MnO2 (~0.5 μmolCO gCAT
-1) 

were reduced to show ~0.4 μmolCO gCAT
-1 upon NOY

- modification. This 

again could suggest that NOY
- functionalities were anchored on α-/γ-

MnO2-N based on the interplays between Mnn+ and gaseous NOY
- species. 

Meanwhile, the formation of surface NOY
- species based on the interactions 

between NO/O2 and Oα species was left unclarified, thus being inspected 

using XPS and H2-TPR experiments. XP spectra of the catalysts in the O 1s 

regimes showed a broad band, which was de-convoluted into three sub-

bands assigned to lattice O (Oβ), O chemically-susceptible (Oα), and O of 

H2O chemisorbed (O’α) with binding energies centered at ~529.8 eV, ~530.6 



 

 １３７ 

eV, and ~531.9 eV, respectively.[107, 200] β-MnO2 with SBET of ~10 m2 

gCAT
-1 provided the smallest concentration of surface Oα species (~30%) 

among α-/β-/γ-MnO2. Therefore, β-MnO2 surface could be barely 

modified by NOY
- species and showed negligible N contents. This was 

evidenced by EA/XPS analytic results, all of which showed background level 

of N compositions (~0) in the resulting β-MnO2-N (not shown). We thus 

did not explore the properties of β-MnO2-N. In contrast, α-/γ-MnO2 

with SBET values of ≥ ~50 m2 gCAT
-1 afforded larger concentrations of surface 

Oα species (≥ 40.6%) than β-MnO2.  Indeed, α-/γ-MnO2 reduced their 

surface Oα concentrations by 5.0-6.5% during NOY
- functionalization 

(Figure 4-5D). This indicated that Oα species could bind with NO/O2 and 

acted as an additional source used to immobilize NOY
- species on α-/γ-

MnO2 surfaces. 

As a complementary technique of XPS, H2-TPR experiments were performed 

to collect the profiles of H2 consumption versus temperature for the catalysts. 

H2-TPR profiles showed a broad band over a wide temperature range of 50-

800 °C. This could be de-convoluted into four sub-bands with temperatures 

centered at ~215 °C, ~300 °C, ~385 °C, and ~465 °C, each of which 

could result from Oα species and reductive transition of Mn4+ → Mn3+, Mn3+ 

→ Mn2+/3+, Mn2+/3+ → Mn2+.[200, 238] The areas under the sub-bands 

assigned to Oα species were quantified for the catalysts and utilized to grasp 

their Oα concentrations. β-MnO2 contained negligible Oα contents (~1.9%), 

which was in agreement with the analytic result on XPS experiment discussed 

above. Conversely, α-/γ-MnO2 included Oα contents of 10-12% and 

utilized Oα components of 3.5-4.5% for synthesizing α-/γ-MnO2-N 

(Figure 4-5D), which again could originate from the fusion between Oα and 

NO/O2 to immobilize NOY
- species on the surfaces. Apparently, CO-pulsed 

chemisorption, XPS, and H2-TPR experiments demonstrated that the 

generation of NOY
- functionalities on α-/γ-MnO2 surfaces was of great 

likelihood and could originate from multiple sources such as Mnn+/NOY
- and 
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Oα/NO/O2. 

In this regard, EA/XRF (bulk) and XPS (surface) technique served to better 

quantify the amounts of NOY
- species on α-/γ-MnO2-N surfaces with the 

use of their N contents (Figure 4-5C). The molar ratios of N to Mn (N/Mn) 

innate to α-MnO2-N were twice and ~1.5 times those inherent to γ-

MnO2-N in the bulk and surface scale, respectively. This highly suggested 

that the generation of NO3
•

SUP species could be more efficient in α-MnO2-

N surface than γ-MnO2-N surface per unit time, if •OH productivity of 

α-MnO2-N were similar to or greater than that of γ-MnO2-N. It should 

be also stressed that binding configurations of NOY
- functionalities and their 

populations on α-/γ-MnO2-N surfaces are essential factors to consider 

and therefore were analyzed via DRIFT and XPS/XANES spectroscopy, 

respectively. Background-subtracted in situ DRIFT spectra of α-/γ-MnO2 

were collected by exposing the surfaces to NO/O2 stream at 150 °C for an 

hour to simulate the conditions utilized to functionalize α-/γ-MnO2 

surfaces with NOY
- species (Figure 4-6A).[200] The catalysts showed large 

bands, which resulted from N-O bond of NO3
- coordinated to Mnn+/Oα 

with mono- or bi-dentate configuration.[200] The catalysts also exhibited 

bands, originating from N-O bond of NO2
- bound to Mnn+/Oα with minute 

intensities.[200] The area under in situ NO/O2-DRIFT spectrum of α-MnO2 

was greater than that of γ-MnO2. This corroborated that α-MnO2 surface 

had a greater inclination to be modified by NOY
- species than γ-MnO2, 

which was also in close alignment with N/Mn ratios of α-/γ-MnO2-N 

elucidated above (Figure 4-5C). XP spectra of α-/γ-MnO2-N in the N 1s 

domains were further explored via de-convolution to reveal two sub-bands 

with binding energies centered at ~407.4 eV and ~403.6 eV, each of which 

was assigned to surface NO3
- and NO2

- species (Figure 4-6B and 4-6D).[239] 

The XP spectral results in the N 1s domains suggested that α-MnO2-N 

surface could provide a higher NO3
- concentration (80.2%) than γ-MnO2-

N counterpart (49.6%). However, the XPS results discussed above did show 
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low ‘signal to noise’ ratios due possibly to low concentrations of surface N 

species (Figure 4-5C) and thus were only partially convincing. 

 

 
Figure 4-6. (A) Background-subtracted, in situ NO/O2-DRIFT spectra of α-MnO2 and γ-MnO2 at 

150 °C. The surfaces were initially purged with 3 vol. % O2/N2 at 110 °C for an hour prior to the 

collection of their background signals under a N2 at 150 °C. The spectra of the catalysts were then 

recorded under 1,000 ppm NO/3 vol. % O2/N2 at 150 °C for an hour upon the subtraction of the 

background signals. The ramping rate and total flow rate were 10 °C min-1 and 200 mL min-1, respectively. 

In (A), NO2
- and NO3

- indicate vibrations of N-O bonds of NO2
- and NO3

- coordinated to the surface 

with distinct binding configuration of mono- (denoted as mono) or bi-dentate (denoted as bi). XP spectra 

of α-MnO2-N (B) and γ-MnO2-N (D) in the N 1s domains. In (B) and (D), grey solid lines and black 

empty circles indicate raw and fitted XP spectra, respectively, whereas purple empty circles denote 

backgrounds. Numbers shown with arrows denote relative abundance of surface NO2
-/NO3

- species 

innate to the catalysts. XANES spectra of α-MnO2-N (C) and γ-MnO2-N (E) at the N K-edges, in 

which π* (a and b) and σ* resonances (a’, b’, and b’’) of surface NO2
-/NO3

- species were observed at 

photon energies of ≤ 407 eV and > 407 eV, respectively. 

 

Hence, XANES at the N K-edges also served as an alternative to accurately 

quantify surface NOY
- concentrations innate to α-/γ-MnO2-N. The 

XANES curves were divided into two domains of π* and σ* resonance at 

photon energies of ≤ 407 eV and > 407 eV, respectively.[240, 241] Intense 

bands found in π* resonance was de-convoluted into NO2
- (a in Figure 4-
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6C and 4-6E) and NO3
- (b in Figure 4-6C and 4-6E) with photon energies 

centered at 402.5 eV and 406.2 eV, respectively.[240, 241] NO2
- and NO3

- 

were caused by electronic transition of 1s → 2b1 and 1s → 2a2’’, 

respectively,[240, 241]  with the latter area being larger in α-MnO2-N 

(32.1% relative to 2.5%) compared to γ-MnO2-N (17.6% relative to 26.4%). 

Additional intense bands found in σ* resonance were also de-convoluted 

into NO2
- (a’ in Figure 4-6C and 4-6E) and NO3

- (b’ and b’’ in Figure 4-

6C and 4-6E) with photon energies centered at 413.0 eV and 416.0 eV/418.1 

eV, respectively.[240, 241] NO2
- and NO3

- were caused by electronic 

excitation to empty orbitals of 1s → 7a1/5b2 and 1s → 5a1’/5e1’, 

respectively,[240, 241] with the latter area again being greater in α-MnO2-

N (50.0% relative to 15.4%) compared to γ-MnO2-N (34.0% relative to 

22.0%). XP and XANES spectra provided sound evidence that α-MnO2-N 

provided a higher concentration of NO3
- than γ-MnO2-N. When 

considering that NO2
• is less electro-philic and shorter-lived than NO3

•,[185, 

186, 201] α-MnO2-N could potentially degrade phenol better than γ-

MnO2-N by having a higher chance to evolve NO3
•

SUP species via •OH → 

NO3
•

SUP route. Overall, α-MnO2-N was anticipated to outperform γ-

MnO2-N in degrading phenol because of multiple merits including smaller 

Lewis acidic strength of Mnn+ species for promoting •OH desorption 

(potential rate-determining stage of •OH → NO3
•

SUP route) and larger N 

contents/higher NO3
- concentration for furthering the collisions between 

•OH and NO3
•

SUP species per unit time. 
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4.3.4. Viability of •OH→NO3
• on α-/γ-MnO2-N 

EPR spectra of reaction mixtures and solutions were then inspected to identify 

a group of radicals generated such as •OH, •OOH/O2
•-, and NOY

•
SUP under 

such environments that could mimic •OH → NOY
•

SUP on α-/γ-MnO2-N 

with the inclusion of DMPO as a spin trapper. (see the details in Figure 4-7 

caption.)  

 

 
Figure 4-7. (A) Formation mechanisms of HDMPO-ONOZ adduct (Z= 1 or 2). EPR spectra of reaction 

aliquots taken from reaction mixtures (solid (catalyst) + liquid; B and C) or reaction solutions (liquid; D 

and E). Reaction mixtures contained DMPO as a spin trapper for •OH/•OOH/O2
•-/NO2

•
SUP/NO3

•
 SUP 

and α-MnO2-N (B and D) or γ-MnO2-N (C and E) as a catalyst. Reaction solutions were obtained 

from the filtration of reaction mixtures using a 0.45 μm-sized PES syringe (D and E). In (B)-(E), black 

solid lines and empty purple circles indicate raw and simulated EPR spectra, respectively. Black solid 

squares, red solid circles, and blue solid diamonds indicate DMPO-OH, DMPO-OOH, and HDMPO-

ONOZ adducts, respectively, whose relative abundance was simulated and exhibited in (B)-(E). Reaction 

mixture: 2 mg of the catalyst with the sizes of ≤ 50 μm; 1 mL of de-ionized H2O; 0.3 mmol of H2O2; 3 

mmol of DMPO; pH of 7.0; 25 °C; vortex for 2 minutes. 
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Of note, given the literatures on the transition of DMPO upon its coordination 

to Fe3+,[242] a series of steps were proposed to account for the production of 

NOY
•

SUP species. Catalytic H2O2 scission on surface Mnn+ sites initially form 
•OH species, some of which can migrate into supported NOY

- functionalities 

to generate NOY
•

SUP species. In addition, the remaining •OH species are also 

coordinated to DMPO to produce DMPO-OH adducts (black squares in 

Figure 4-7A).[101, 229, 230] Furthermore, catalytic H2O2 scission on surface 

Mnn+ sites also produce •OOH/O2
•- species, both of which are also adducted 

by DMPO to form DMPO-OOH (red circles in Figure 4-7A), [101, 229-

231] as illustrated in Figure 4-4. Meanwhile, DMPO-OH adducts provide 

lone e- pair of O species allowing for the coordination to surface Mn3+ species, 

liberate H+, exchange e- with vicinal Mn3+ species for their reduction to Mn2+ 

analogues, and are detached from the resulting Mn2+ species. This can lead to 

the evolution of surface-unbound HDMPO adduct, as highlighted with green 

in Figure 4-7A. The resulting HDMPO species are finally bound to NOY
•

SUP 

species (ONOZ
• on α-/γ-MnO2-N in Figure 4-7A, where Z= 1 or 2) to 

evolve HDMPO-ONOZ species supported on α-/γ-MnO2-N surfaces 

(blue diamonds in Figure 4-7A). 

Of additional note, a number of six-membered spin adducts, where -H on 

β-carbon is replaced by -CH3, were reported to reveal hyperfine splitting 

constants (a(14N)) of 16.1-17.3 G in their EPR spectra. The spin adducts 

stated above also exhibited trio signals with the intensity ratios of 1:1:1, as 

might be the case with supported HDMPO-ONOZ. In addition, it was also 

found in previous literatures on spin adducts with partial structural similarity 

to supported HDMPO-ONOZ that a greater decrease in a(14N) was observed 

in a five-membered spin adduct, in which a bulkier substituent was replaced 

for -H on β-carbon, -H on γ/γ’-carbons, or -CH3 on β’-carbon. Hence, 

HDMPO-ONOZ species bound to ‘bulky α-/γ-MnO2-N’ were envisaged 

to show a(14N) of ~14.7 G, in addition to assuming a(1H) of ~1.1 G for -H 

on γ-carbon. Indeed, the signals originating from DMPO-OH, DMPO-
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OOH, and supported HDMPO-ONOZ were detected throughout the EPR 

spectra (Figure 4-7B to 4-7E). This did indicate that the evolution of NOY
•

SUP 

on α-/γ-MnO2-N was of great plausibility via •OH → NOY
•

SUP route. The 

predicted EPR signals of supported HDMPO-ONOZ were then coupled with 

those of DMPO-OH/DMPO-OOH and utilized to simulate the EPR spectra. 

Again, the consideration of DMPO-OOH was imperative to attain good fits 

between EPR spectra observed and simulated, despite relative abundance of 

DMPO-OOH is only 2-8% across the simulated EPR spectra. In addition, 

although EPR spectra can only allow for rough comparison of relative 

abundance among paramagnetic species detected/simulated,[232-234] the 

intensities of signals assigned to supported HDMPO-ONOZ species were 

more pronounced in the EPR spectra of reaction mixtures (solid (catalyst) + 

liquid; 22-50%) compared to those of the corresponding reaction solutions 

(liquid; 6-10%), as shown in Figure 4-7. This indicated that HDMPO-

ONOZ species were present in α-/γ-MnO2-N surfaces, which could also 

provide sound evidence concerning the evolution of NOY
•

SUP species via •OH 

→ NOY
•

SUP. It should be noted that reaction solutions also exhibited signals 

assigned to supported HDMPO-ONOZ species. This could be due to the 

inclusion of α-/γ-MnO2-N particulates with sizes of < 0.45 μm in reaction 

mixtures because a 0.45 μm-sized PES syringe served to isolate reaction 

solutions from reaction mixtures. Again, the EPR spectral results substantiated 

that •OH → NOY
•

SUP route on α-/γ-MnO2-N surfaces was highly tangible. 

The feasibility of •OH → NO3
•

SUP route was further investigated via DFT 

calculations with thermodynamic energy analysis on supported NO3
- (or 

NO3
•) species via cluster model.[39] Herein, NO3

• (or NO3
-) was chosen 

because of its merits over NO2
• in terms of reduction potential and 

lifetime,[185, 186, 201] as stated above. On the other hand, (110) facet was 

selected due to its thermodynamic stability and ubiquity across α-/β-/γ-

MnO2 architectures. Initially, gaseous NO3
- was attempted to be intercalated 

into the pores normal to (110) facets for relaxed α-/β-/γ-MnO2 structure 
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models. The diffusion of NO3
- species into the pores of MnO2, however, was 

readily achievable in α-MnO2 architecture, thus rationalizing the selection 

of α-MnO2 for further calculations. The surface-terminated (110) facet of 

α-MnO2 was then subjected to the removal of an O atom coordinated to 

two surface Mn species and optimized. This led to the creation of two Mn 

defects utilized to interact with an O atom of NO3
-, as shown in Figure 4-

8A. The energy required for two O atoms of NO3
- to bind with defective Mn 

species (blue dashed circles in Figure 4-8) was highly exothermic, as 

evidenced by calculated adsorption energy of -3.0 X 103 kJ mol-1 (ΔENO3- 

ADSORPTION = ENO3- ON α-MnO2-N - (ENO3- + Eα-MnO2)). It was also identified via 

calculations that NO3
- could settle down in the surface-terminated (110) 

facet for α-MnO2 via bridging bi-dentate configuration in the most stable 

fashion, while leaving an O atom highly active in degrading pollutants. This 

could be coupled with in situ NO/O2-DRIFT spectral results on α-/γ-

MnO2 (Figure 4-6A), in which the bands originating from surface NO3
- 

species with bi-dentate arrays were more pronounced in α-MnO2 surface, 

thereby deriving the tentative conclusion that α-MnO2-N outperformed γ-

MnO2-N in accelerating •OH → NO3
•

SUP per unit time. 

 

 
Figure 4-8. Computed surface (110) facet of α-MnO2 with defective Mn species (shown with blue dashed 

circles) coordinated to NO3
- (A) or NO3

• (B) via bi-dentate configurations. 

 

Of interest, the length of N-O bonds for surface-unbound NO3
- was 

calculated to 1.44 A" , yet, was reduced to ~1.27 A"  upon the adsorption of 

NO3
- on α-MnO2 and retained during the radicalization of NO3

- on α-

MnO2-N upon structural relaxation (Figure 4-8B). This indicated e- 
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extraction from supported NO3
- could incur only a little structural 

deformation in the resulting NO3
•

SUP. This also suggested •OH → NO3
•

SUP 

could be highly favorable, which was in partial line with rapid •OH-

mediated radicalization of NO3
- ion (•OH → NO3

•) with a k of ~105-108 

M-1 sec-1.[180, 181] Of additional interest, the radicalization of supported 

NO3
- could shorten the lengths of N-O bonds bound to defective Mn species 

from 2.18-2.21 A"  to 2.09-2.15 A" . This highly suggested that NO3
• species 

could be coordinated to α-MnO2 more rigidly than NO3
- counterparts. 

Indeed, the energy released for the radicalization of NO3
- on α-MnO2-N 

was computed to unveil 234.7 kJ mol-1 (ΔERADICALIZATION ~ (ENO3• on α-MnO2-N 

+ EOH-) - (ENO3- on α-MnO2-N + EOH•) in Figure 4-8). 

 

 
Figure 4-9. (A) Background-subtracted -rH2O2, 0 and -rPHENOL, 0 values of α-MnO2-N and γ-MnO2-N, 

for which particle size or stirring speed was varied during phenol decomposition runs. Change in -rPHENOL, 

0 values for the catalysts in the absence or the presence of quencher (guaiacol, catechol, hydroquinone, or 

1,4-benzoquinone for B; tert-butanol, 1,4-dioxane, or tetrahydrofuran for D) (C) Arrhenius plots (ln 

(kAPP) versus 103/T) for α-MnO2-N and γ-MnO2-N, whose apparent reaction rate constants (kAPP) 

were obtained from phenol decomposition runs at 25~55 °C. Reaction conditions: 0.2 g of the catalysts 

with the sizes of ≤ 50 μm (H2O2 scission (A), (B), (C), and (D)) or < 20 μm/20-45 μm/≤ 50 μm 

(phenol decomposition (A)); 100 mL of de-ionized H2O; 30 mmol of H2O2; 0 mmol (H2O2 scission (A)) 

or 0.1 mmol of phenol (phenol decomposition (A), (B), (C), and (D)); quencher of 0 mmol ((A) and (C)), 

60.0 mmol for α-MnO2 and γ-MnO2, 60.2 mmol for α-MnO2-N, and 60.1 mmol for γ-MnO2-N 

((B), and (D)); pH of 7.0; 25 °C ((A), (B), and (D)) or 25~55 °C (C); 300 rpm (H2O2 scission (A), (B), 

(C), and (D)) or 400 rpm (phenol decomposition (A)).  
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In conjunction with the EPR spectral results discussed above, the calculation 

results could prove that the formation of NO3
•

SUP species was of substantial 

energetic favor. In addition to our validation that •OH desorption was the 

rate-determining step of H2O2 scission cycle on α-/β-/γ-MnO2, 

exothermic nature of NO3
•

SUP production could also prove that •OH 

desorption from α-/γ-MnO2-N was the rate-determining stage of •OH 

→ NO3
•

SUP route which H2O2 scission cycle is part of. This was in close 

alignment with the conclusion derived in our previous studies concerning 
•OH → SO4

•-
SUP route, where •OH desorption was endothermic and thus 

directed the overall •OH → SO4
•-

SUP route as the rate-determining step, 

whereas SO4
•-

SUP formation was exothermic.[25, 107] 

 

4.3.5.•OH→NO3
• kinetics on α-/γ-MnO2-N 

H2O2 scission/phenol decomposition runs on α-/γ-MnO2-N were then 

performed identically to those on α-/β-/γ-MnO2, whereas the resulting -

rH2O2, 0/-rPHENOL, 0 values were corrected using backgrounds specified 

above.[25, 39, 107] -rH2O2, 0 values of α-/γ-MnO2-N were 1.5-2.5 fold 

higher than those of α-/γ-MnO2 (Figure 4-9A). This could validate the 

merit of NOY
- functionalities potentially acting as e- donators to vicinal Mnn+ 

species, which could in turn weaken their Lewis acidic strengths, resulting in 

the promotion of •OH desorption efficiency per unit time. In addition, -rH2O2, 

0 of α-MnO2-N was ~10 min-1 greater than that of γ-MnO2-N (~55 min-

1). This might suggest α-MnO2-N enhance •OH → NO3
•

SUP efficiency over 

γ-MnO2-N, as also anticipated based on AOS values of surface Mn species 

and -QST, CO2 values for α-/γ-MnO2-N.  

-rPHENOL, 0 values of α-/γ-MnO2-N were also assessed with the variation 

of catalyst particle sizes and/or stirring speeds to ensure negligible effects of 

internal/external diffusions on -rPHENOL, 0 values (Figure 4-9A).[25] Similar to 

-rPHENOL, 0 values of α-/β-/γ-MnO2 (Figure 4-3A), -rPHENOL, 0 values of 
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α-/γ-MnO2-N were invariant even with the change in reaction conditions 

mentioned above. This indicated that the interactions between H2O2 and Mnn+, 
•OH and supported NO3

-, NO3
•

SUP and phenol were not limited by 

diffusional artifacts across the catalysts. In addition to exothermic nature of 

radical interconversion stages on •OH ↔ NO3
•

SUP elucidated via DFT 

calculations, this could leave •OH desorption as the rate-determining stage 

of overall •OH → NO3
•

SUP route for α-/γ-MnO2-N. Of significance, -

rPHENOL, 0 values of α-/γ-MnO2-N were 2.5-5.0 fold higher than those of 

α-/γ-MnO2 (Figure 4-9A), which demonstrated that NO3
•

SUP could 

outperform conventional •OH in degrading phenol. Although α-/γ-

MnO2-N barely leached N species (≤ 10-4 mol.%) after 8 hours of reaction 

runs, α-MnO2-N lost Mn species markedly (~5.2 mol.%) compared to γ-

MnO2-N (~0.1 mol.%). This posed the need of synthetic amendment used to 

reduce Mn leaching from α-MnO2-N surface. Nonetheless, -rPHENOL, 0 of 

α-MnO2-N was ~1.0 min-1 higher than that of γ-MnO2-N and showed 

the largest -rPHENOL, 0 among the catalysts studied. This suggested that α-

MnO2 could be most suitable to desorb •OH and afford surface NO3
- species, 

which were combined to improve •OH → NO3
•

SUP efficiency on α-MnO2-

N, as also supported by computations, EA/XRF, XPS, XANES experiments, 

etc. 

Filtration runs on α-/γ-MnO2-N were carried out following the identical 

protocols to those used to conduct filtration runs on α-/β-/γ-MnO2, 

whose details were discussed above.[25, 39, 107] Again, the objective of 

filtration runs was to verify the significance of surface-unbound, leached Mn 

species (•OH producer) present in reaction solutions on phenol degradation 

performance. Thus, ΔXPHENOL values of reaction solutions (liquid) were 

evaluated at 1-8 hours of reaction runs upon their separation from reaction 

mixtures (solid (catalyst) + liquid) via vacuum filtration after an hour of 

reaction runs. ΔXPHENOL of reaction solution in the absence of the catalyst was 

4.3 (± 0.5) % (ΔXPHENOL, BLANK), which again primarily resulted from H2O2 
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self-decomposition.[25, 39, 107, 228] ΔXPHENOL, BLANK value was comparable 

to ΔXPHENOL value of reaction solution separated from reaction mixture 

including α-MnO2-N (5.3 (± 0.6) %) or γ-MnO2-N (4.3 (± 1.0) %). 

This did suggest that α-MnO2-N (or γ-MnO2-N) could decompose 

phenol with the main use of NO3
•

SUP species instead of surface-unbound 
•OH tentatively produced via H2O2 scission on leached Mn species, albeit the 

amount of Mn species leached from α-MnO2-N was not trivial. 

To clearly identify the major degrader of phenol on α-/γ-MnO2-N, 

scavenging runs were performed identically to those on α-/β-/γ-

MnO2 .[25, 39, 107] The quantities of quenchers used during the reactions 

were around twice the amounts of H2O2 coupled with N species of the 

catalysts present in reaction mixtures.[25, 39, 107] Guaiacol, catechol, 

hydroquinone, or 1,4-benzoquinone served as a quencher to terminate •OH, 
•OOH, O2

•-, NO3
•

SUP, or NO2
•

SUP with a wide range of secondary rate 

constants in terminating the radicals stated above. If the prime degrader of 

phenol were NO2
•

SUP, -rPHENOL, 0 values of α-/γ-MnO2-N should be 

maintained even with the addition of hydroquinone (kNO2• of 0 M-1 sec-1) 

into reaction mixtures. However, α-/γ-MnO2-N reduced their -rPHENOL, 0 

values markedly in the presence of hydroquinone (Figure 4-9B), which 

allowed for the conclusion that NO2
•

SUP functioned as minor species in 

decomposing phenol. In addition, hydroquinone (k•OOH of 1.7 X107 M-1 sec-

1) can terminate •OOH around ~103 faster than catechol (k•OOH of 4.7 X104 

M-1 sec-1). -rPHENOL, 0 values of α-/γ-MnO2-N stayed under similar 

magnitudes upon the change in the type of scavengers from catechol to 

hydroquinone (Figure 4-9B), which indicated that the function of •OOH as 

the main phenol decomposer was highly unlikely. Furthermore, the difference 

in terminating O2
•- was quite dissimilar across the scavengers utilized, as 

evidenced by the difference in their kO2•- values of ~6 orders of magnitude. 

Hence, if O2
•- were the prime decompose of phenol, -rPHENOL, 0 values of α-

/γ-MnO2-N should be significantly distinct and decrease in the following 
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order of guaiacol (2.5 X 103 M-1 sec-1) → catechol (2.7 X 105 M-1 sec-1) → 

hydroquinone (1.7 X 107 M-1 sec-1) → 1,4-benzoquinone (1.0 X 109 M-1 sec-

1). Nonetheless, -rPHENOL, 0 values of α-/γ-MnO2-N varied by less than an 

order of magnitude only, regardless of altering the type of scavengers utilized 

(Figure 4-9B), which validated that O2
•- acted as minor species in degrading 

phenol. This left •OH or NO3
•

SUP as the tentative main degrader of phenol. 

It should be noted that guaiacol, catechol, and hydroquinone could be barely 

distinct in quenching •OH or NO3
•

SUP species because their k•OH or kNO3• 

values only differ by less than an order of magnitude. 

Therefore, tert-butanol, 1,4-dioxane, or tetrahydrofuran served as additional 

quenchers to identify the prime decomposer of phenol by monitoring their 

effects on -rPHENOL, 0 values for α-/γ-MnO2-N, whereas -rPHENOL, 0 values 

of α-/γ-MnO2 were also presented in Figure 4-9D for comparison with 

those of α-/γ-MnO2-N. It was found that -rPHENOL, 0 values of α-/γ-

MnO2 were reduced in the following order of tert-butanol → 1,4-dioxane → 

tetrahydrofuran, which was in exact agreement with the increasing trend of 

k•OH or kNO3• values for the quenchers utilized (Figure 4-9D). Of note, k•OH 

of tert-butanol, 1,4-dioxane, or tetrahydrofuran was 102-104 fold larger than 

its kNO3• counterpart. Hence, if •OH were the main degrader of phenol, -

rPHENOL, 0 of α- or γ-MnO2-N could be of similar magnitude to or even 

smaller than that of α-or γ-MnO2 in the presence of the quencher 

mentioned above. However, -rPHENOL, 0 of α- or γ-MnO2-N was always 

higher than that of α- or γ-MnO2 in the presence of the identical scavenger 

(Figure 4-9D). This suggested that NO3
•

SUP species could play a major role 

in degrading phenol on α-/γ-MnO2-N. Of additional note, -rPHENOL, 0 

values of α-/γ-MnO2 in the presence of scavengers (Δ-rPHENOL, 0) only 

differed by 0.5-0.7 min-1, which was highly anticipated given the difference 

among k•OH values of the scavengers used (less than an order of magnitude). 

Conversely, Δ-rPHENOL, 0 of α-/γ-MnO2-N was 1.8-2.8 min-1and far larger 

than that of α-/γ-MnO2 (Figure 4-9D). Considering the difference among 
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kNO3• values of the scavengers utilized (3 orders of magnitude), one could 

conclude that NO3
•

SUP species were the prime degrader of phenol. 

Arrhenius plots of α-/γ-MnO2-N were finally constructed to compare 

their kinetic parameters (Figure 4-9C).[25, 39, 107] Again, Lewis acidic 

strength of Mnn+ species inherent to α-MnO2-N was smaller than that innate 

to γ-MnO2-N. Thus, α-MnO2-N was expected to accelerate the rate-

determining stage (•OH desorption) more readily than γ-MnO2-N. Indeed, 

this could be corroborated by smaller EBARRIER of α-MnO2-N (~13.2 kJ mol-

1) compared to that of γ-MnO2-N (~16.8 kJ mol-1). 

 

 
Figure 4-10. (A) Mineralization efficiencies (η) of the catalysts in decomposing phenol (B) Background-

subtracted initial degradation rates of textile wastewater for α-MnO2-N, Fe2O3-S, and NiO-S in terms 

of carbon (-rC) or nitrogen component (-rN). (C) Background-subtracted initial phenol decomposition 

rates (-r’PHENOL, 0) for as-synthesized (1st cycle) or used α-MnO2-N catalysts (2nd~5th cycles). (D) 

Background-subtracted initial degradation rates of textile wastewater (-r’C and -r’N) for as-synthesized 

(1st cycle) or used α-MnO2-N catalysts (2nd~4th cycles). Reaction conditions for (C): 0.2 g of α-MnO2-

N (as-synthesized or used) with the sizes of ≤ 50 μm; 100 mL of de-ionized H2O; 30 mmol of H2O2; 

0.1 mmol of phenol; pH of 7.0; 25 °C; 300 rpm. Reaction conditions for (B) and (D): 2 g of the catalysts 

(as-synthesized or used) with the sizes of ≤ 50 μm; 200 mL of textile wastewater undergoing vacuum-

filtration with 1.2 μm GF/C filter paper; 150 mmol of H2O2; pH of 7.0; 25 °C; 300 rpm.  

 

Meanwhile, the collision frequency between H2O2 and Mnn+ could be greater 

in γ-MnO2-N in comparison with α-MnO2-N. This could be evidenced 

by a larger surface area of Lewis acidic Mnn+ species innate to γ-MnO2-N 
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(SCO of ~3.0 X 105 mCO
2 molCO

-1) than that of α-MnO2-N (SCO of ~2.0 X 

105 mCO
2 molCO

-1). Conversely, α-MnO2-N could enhance the collision 

frequency between •OH and NO3
- over γ-MnO2-N, as supported by a 

greater N contents (via EA/XRF/XPS) and a larger concentration of NO3
- 

relative to that of NO2
- (via XPS/XANES) in conjunction with a higher •OH 

productivity (via -rH2O2, 0). However, pre-factor (kAPP, 0) of γ-MnO2-N 

(~1.6 X 103 min-1) was larger than that of α-MnO2-N (~0.5 X 103 min-1). 

This suggested that H2O2•••Mnn+ interactions could outweigh 
•OH•••NO3

- counterparts in improving the recurrence of •OH → 

NO3
•

SUP per unit time. Nonetheless, -rPHENOL, 0 values of α-MnO2-N were 

consistently greater than those of γ-MnO2-N throughout all temperature 

domains considered. This made it persuasive that the core in promoting •OH 

→ NO3
•

SUP route is to facilitate •OH desorption for lowering EBARRIER and 

that α-MnO2 geometry is the optimum to exploit •OH → NO3
•

SUP route 

upon NO3
- functionalization. 
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4.3.6. Merits of NO3
•

SUP over •OH/SO4
•-

SUP 

NO3
•

SUP on α-/γ-MnO2-N did reveal a higher -rPHENOL, 0 than •OH 

liberated from α-/γ-MnO2, albeit α-/γ-MnO2-N leached a larger or 

comparable quantity of Mn species compared to α-/γ-MnO2. Hence, the 

advantage of NO3
•

SUP over conventional •OH was further explored using the 

conversion (X) ratios of XCARBON to XPHENOL (XCARBON/XPHENOL analyzed via 

TOC/HPLC techniques in Equations (S10) and (S5)).[47, 107] This 

corresponded to mineralization efficiencies of the catalysts (η) to assess the 

portions of phenol that underwent mineralization after 8 hours of reaction 

runs (Figure 4-10A).[47, 107] η values of α-/γ-MnO2-N (~0.35) were 

5-7 fold larger than those of α-/β-/γ-MnO2 (< 0.1), thereby 

corroborating that NO3
•

SUP outperformed conventional •OH in the 

mineralization of phenol. α-/γ-MnO2-N exhibited comparable η values, 

yet, could be distinct in terms of Lewis acidic strength of Mnn+ (•OH 

producer), concentration of NO3
- (NO3

•
SUP precursor), -rPHENOL, 0, and 

EBARRIER, leading to the conclusion that α-MnO2 could be better than γ-

MnO2 in bearing Mnn+/NO3
- species and deploying •OH → NO3

•
SUP route 

upon NO3
- functionalization. α-MnO2-N was thus subjected to phenol 

decomposition multiple times to test the recyclability of NO3
•

SUP species, for 

which α-MnO2-N was rinsed with de-ionized H2O and dried prior to 

performing next recycle run. In addition, phenol decomposition efficiencies 

were evaluated per mass basis to diagnose the practicability of α-MnO2-N 

(-r’PHENOL, 0 in Equation (S7)). -r’PHENOL, 0 of α-MnO2-N was ~1.2 

μmolPHENOL gCAT
-1 min-1 at the 1st cycle, yet, steadily decreased to ~0.6 

μmolPHENOL gCAT
-1 min-1 at the 5th cycle (Figure 4-10C). This could suggest 

moderate recyclability of α-MnO2-N (or NO3
•

SUP) in degrading phenol. In 

the meantime, the amount of Mn species leached from α-MnO2-N was also 

moderate and varied dynamically such as ~5.2 mol.%, ~0.8 mol.%, ~1.4 

mol.%, and ~5.2 mol.% at the 1st, 2nd/3rd, 4th, and 5th cycle, respectively, with 

negligible quantities of N species leached (≤ 10-4 mol.%). However, the trend 
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found in the amounts of •OH producer (Mn) or NO3
• precursor (N) leached 

from α-MnO2-N during recycle run was discrepant to the trend found in its 

-r’PHENOL, 0 values observed. In conjunction with the result on the filtration run 

of α-MnO2-N, this could suggest that phenol degradation on α-MnO2-N 

could be mainly directed by NO3
•

SUP species. 

To further demonstrate the significance of NO3
•

SUP species in degrading 

phenol throughout each of the recycle runs, XRF/EA and XPS techniques 

served to inspect bulk and surface molar ratios of N to Mn (N/Mn) for the 

used catalysts. Bulk N/Mn values of the catalysts (0.06 (± 0.01)) were 

retained even post experiencing multiple phenol degradation runs. This was 

in exact alignment with surface N/Mn counterparts of the catalysts exhibiting 

0.14 (± 0.02) throughout the recycle runs. Meanwhile, surface NO3
- 

concentrations of the used catalysts were also explored using their XP spectra 

in the N 1s domains, in which relative abundance of NO3
- species were alike 

throughout the recycle runs (78.8-80.2%). These were combined with minute 

leaching of N contents from the used catalysts to suggest high likelihood of 

surface NO3
- species radicalized by •OH to produce NO3

•
SUP species during 

the recycle runs. In contrast, NCO values of the (used) catalysts were 

continuously declined post each of the recycle runs (~0.39 μmolCO gCAT
-1 for 

pristine → ~0.16 μmolCO gCAT
-1 after the 4th cycle). This were in agreement 

with XP spectra of the (used) catalysts in the Mn 2p 3/2 regimes, where surface 

concentration of Mn2+/3+ species were steadily declined (~14.7% for pristine 

→ ~8.6% after the 4th cycle). This could highly suggest that the evolution of 

NO3
•

SUP species can be sustainable during multiple recycle runs, yet, is limited 

by •OH species produced via catalytic H2O2 scission. This raised the need to 

tune the synthetic conditions for dispersing ample H2O2 activators (Mn2+/3+) 

on α-MnO2-N surface. 

Textile wastewater with initial TOC, TN, and pH values of ~53 mmolCARBON 

L-1, ~6 mmolNITROGEN L-1, and ~11 further served to compare the 

practicability of α-MnO2-N along with SO4
2--functionalized Fe2O3 (Fe2O3-
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S) and NiO (NiO-S), whose synthetic protocols were optimized to enable 
•OH → SO4

•-
SUP route and utilize SO4

•-
SUP as the main degrader of phenol.[25, 

39, 107] Notably, textile wastewater was initially subjected to vacuum-

filtration to eliminate suspended solids (≥ 1.2 μm) acting as notorious 

poisons of catalyst surfaces,[243, 244] whereas pH of textile wastewater was 

set to ~7 using H2SO4 for the removal of CO3
2-/HCO3

- ions functioning as 
•OH scavenger.[245, 246] Textile wastewater degradation runs on α-

MnO2-N, Fe2O3-S, and NiO-S were conducted to evaluate their initial 

degradation rates (-rC/-rN in Equations (S11) and (S12)). -rC/-rN values were 

defined as the moles of C/N contents consumed per Lewis acidic site per unit 

time upon the correction using backgrounds such as H2O2 self-decomposition 

and pollutants’ adsorption.[25, 39, 107] Importantly, NO3
•

SUP was 

demonstrated to degrade textile wastewater far more efficiently than SO4
•-

SUP. 

This was evidenced by -rC (~65 min-1) and -rN values (~4 min-1) of α-

MnO2-N, both of which were higher than those of Fe2O3-S and NiO-S (-rC 

values of ≤ ~20 min-1; -rN values of ≤~ 1 min-1 in Figure 4-10B), while 

similarly leaching metal components during half an hour of reaction runs (≤ 

~0.5 mol.%). This could prove the superiority of NO3
•

SUP relative to SO4
•-

SUP 

in decomposing real wastewater. Finally, α-MnO2-N was exposed to 

degradation environments of textile wastewater multiple times to examine its 

recyclability with the use of initial degradation rates assessed per mass basis 

(-r’C/-r’N in Equations (S13) and (S14)). The resulting -r’C/-r’N values of 

α-MnO2-N were gradually reduced to show a sixth and half of their initial 

values at the 4th cycle (Figure 4-10D), respectively. This could be due in part 

to suspended solids (< 1.2 μm) present in textile wastewater subjected to 

vacuum filtration, which were continuously accumulated on/near Mnn+ and 

NO3
- species throughout each of the recycle runs, resulting in severe decline 

in their access to H2O2 and •OH/phenol, respectively, at the 4th cycle. This 

could be partially substantiated by the continuous decrease in NCO values of 

the (used) catalysts throughout each of the recycle runs (~0.39 μmolCO gCAT
-
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1 for pristine; ~0.20 μmolCO gCAT
-1 after the 1st cycle; ~0.13 μmolCO gCAT

-1 

after the 2nd cycle; ~0.11 μmolCO gCAT
-1 after the 3rd cycle). Nevertheless, α-

MnO2-N leached negligible quantities of Mn species from the 2nd cycle (for 

30 minutes; ~0.5 mol.% and ~0.1 mol.% at the 1st and the 2nd-4th cycles). A 

series of reaction runs were gathered to derive the conclusion that in 

comparison with conventional •OH and SO4
•-

SUP, NO3
•

SUP is particularly 

promising as the decomposer of refractory aqueous contaminants. 
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4.4. Conclusions 

This study has exploited polymorphic MnO2 as a platform to bear Lewis 

acidic Mn2+/3+ species and NO3
- functionalities on the surfaces. Mn2+/3+ species 

served to cleave H2O2 for the production of surface-unbound •OH species, 

which in turn could interact with NO3
- functionalities in proximity, enabled 

radical interconversion of •OH ↔ NO3
• (or denoted as •OH → NO3

•), 

resulting in the evolution of supported NO3
• (NO3

•
SUP) species deployed to 

fragment aqueous pollutants (phenol or textile wastewater). 

α-/β-/γ-MnO2 polymorphs provide distinct structural traits. Hence, α-

/β-/γ-MnO2 poly-crystallites synthesized herein were hypothesized to 

afford defective Mn2+/3+ species with diverse Lewis acidic strengths, which are 

vital to direct the rate-determining step (•OH desorption) of H2O2 scission 

cycle and initial reaction rates in cleaving H2O2 (-rH2O2, 0) or decomposing 

phenol (-rPHENOL, 0). Indeed, Mn2+/3+ species inherent to α-/β-/γ-MnO2 

acted as major species in cleaving H2O2, resulting in the liberation of 
•OH/•OOH/O2

•- into aqueous environments, as evidenced by EPR spectra 

observed/simulated. Of note, filtration runs corroborated that surface-

unbound Mn2+/3+ species leached from α-/β-/γ-MnO2 surfaces did 

function as minor species in producing •OH/•OOH/O2
•-, among which 

•OH was identified to primarily decompose phenol, as substantiated by 

scavenging runs. Of additional note, Mn2+/3+ species innate to γ-MnO2 were 

verified to possess the smallest Lewis acidic strengths, thus exhibiting the 

greatest -rH2O2, 0 and -rPHENOL, 0 values among α-/β-/γ-MnO2. 

Meanwhile, α-/β-/γ-MnO2 surfaces might exhibit high affinity to NO3
- 

species and therefore were modified by NO/O2 to immobilize surface NO3
- 

functionalities on α-/γ-MnO2, denoted as α-/γ-MnO2-N. It should be 

stressed that β-MnO2 barely underwent the modification with NO3
- species 

due to its small pore size, as also demonstrated by DFT calculations, thus 

being excluded for further inspection. XPS and CO2 isotherm experiments 

provided evidence that Mn2+/3+ species innate to α-/γ-MnO2-N were less 
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Lewis acidic than those inherent to α-/γ-MnO2, thus enhancing -rH2O2, 0 

values for α-/γ-MnO2-N. In addition, α-MnO2-N provided smaller 

Lewis acidity than γ-MnO2-N and thus could expedite the rate-determining 

stage of •OH → NO3
• route (•OH desorption) better than γ-MnO2-N. 

This was demonstrated by a smaller energy barrier needed to enable •OH → 

NO3
• route for α-MnO2-N in comparison with that for γ-MnO2-N. 

On the other hand, α-MnO2 imparted Mn2+/3+ and labile O, both of which 

were more adequate to disperse NO3
- functionalities compared to those of 

γ-MnO2. This led to higher N contents (via EA/XRF and XPS) and higher 

NO3
- concentration (via XPS/XANES) in the resulting α-MnO2-N in 

comparison with γ-MnO2-N, all of which again could allow for the 

tentative conclusion that α-MnO2 is the optimum architecture to proceed 

with •OH → NO3
• route upon NO3

- functionalization. Apparently, •OH → 

NO3
• route could be activated by α-/γ-MnO2-N surfaces to generate 

•OH/•OOH/O2
•-/NO2

•
SUP/NO3

•
SUP, as substantiated by EPR spectra 

observed/simulated. Of significance, the formation of NO3
•

SUP via radical 

transfer from •OH to NO3
- was highly tangible and exothermic across α-

/γ-MnO2-N surfaces, as proved by EPR spectra observed/simulated and 

DFT calculations, respectively. Of additional significance, NO3
•

SUP on α-

/γ-MnO2-N played a major role in decomposing phenol, as validated by 

scavenging and filtration runs. 

Overall, α-MnO2-N outperformed γ-MnO2-N in decomposing phenol 

and textile wastewater with the prime utilization of NO3
•

SUP species. The 

efficiency of NO3
•

SUP on α-MnO2-N in decomposing phenol or textile 

wastewater was higher than those of conventional •OH and/or supported 

SO4
•- species generated via radical interconversion of •OH ↔ SO4

•- on Fe2O3 

or NiO we discovered previously. This study has demonstrated the impact of 

NO3
•

SUP as a potent degrader of aqueous contaminants, yet, opens an 

additional study on how to increase the amount of NO3
•

SUP precursors (NO3
-) 

deposited on the catalyst surface. 
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Chapter 5 

Deploying radical inter-transition from 
•OH to supported NO3

• on mono-

dentate NO3
--modified ZrO2 to sustain 

fragmentation of aqueous contaminants 
 
The essence of Chapter 5 has been published in Separation and Purification Technology. Reprinted with permission from [247]. 

 

5.1. Introduction 

Tetragonal/monoclinic ZrO2 polymorphs are chemically robust[248, 249] 

and consist of [(Zr4+)-(O2-)8]12-/[(Zr4+)-(O2-)7]10- sub-units, whose Zr4+ 

cations octa-fold/hepta-fold connected to O2- anions are coordinatively-

saturated and confined in Zr4+-O2--Zr4+-O2--Zr4+ channels.[250, 251] Of 

interest is the alteration of electronic feature for Zr4+-O2--Zr4+-O2--Zr4+ 

channels on ZrO2 surface terminated. Albeit with non-reducibility and void 

d-orbitals of Zr4+ cations, these cations can be defective upon the loss of 

vicinal O2- anions.[196, 251, 252] This can create Lewis acidic surface Zr4+• 

(LAI in Figure 5-1A) and/or •Zr4+• (LAII in Figure 5-1A) species with O2- 

species being reduced to form O•- analogues bound to adjacent Zr4+ cations 

(* in Figure 5-1A), where • denotes a free electron trapped in surface Zr4+ 

cation.[196, 251, 252] For instance, monoclinic ZrO2 terminated on major 

surface facets can bear Zr4+ species with coordination numbers of 7 (closed), 

6 (LAI), and 5 or less (LAII).[196, 251, 252] Of additional interest is distinct 

adsorptive properties of LAI and LAII. LAI interacts with unpaired electron of 

a reactive molecule through the formation of covalent bond (NO, NO2, and 
•OH),[253, 254] whereas LAII binds with lone electron pairs of a reactive 

molecule through the generation of coordinative bond (CO, CO2, NH3, and 

H2O2) in addition to enabling to form covalent bonds with 
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NO/NO2/•OH.[252-255] Moreover, surface Zr4+-O2--Zr4+-O2--Zr4+ 

channels adsorb/dissociate H2O spontaneously under aqueous environments 

to evolve H+ and OH-, which are bound to surface O2- and LAII, respectively, 

and generate two Brönsted acidic sites (BA in Figure 5-1A).[256-259] It is 

also feasible that O•- bound to surface Zr4+ cation (* in Figure 5-1A) 

interplays with aqueous hydrogen (H•) to yield BA site.[256-259] It should 

be stressed that H and O atoms of BA sites can bind with O atom of CO2 and 

H atom of H2O2, respectively.[256, 257, 260] Meanwhile, the transition of 

LAII to BA via dissociative H2O adsorption[256-259] makes it unavoidable 

that ZrO2 surface is BA-rich, LAII-limited, and thereby should possess weak 

affinity to H2O for reducing additional loss of LAII sites via H2O 

adsorption/dissociation. 

Our discussions mentioned earlier pose tentative merits of ZrO2 as an 

activator for aqueous-phase catalysis directed by LAII/BA sites with LAII 

leaching to an aqueous phase evaded. Homolytic H2O2 dissection 

(H2O2→2•OH) is mediated by BA and LAII sites (•Zr4+•, •Nb5+•, 

•Ta5+•, etc.),[261-263] whereas •OH species evolved can 

radicalize/destabilize aqueous refractory pollutants mineralized to yield 

H2O/CO2.[9, 42] Notably, homolytic H2O2 dissection provides ample 

advantages over heterolytic H2O2 counterpart mediated by reducible, Lewis 

acidic metals (H2O2+e-→•OH+OH-; e- provided from Fe2+, Ni2+, Mn2+/3+, 

etc.)[25, 39, 107] such as higher •OH productivity, no need to regenerate 

metals via e- (electron) reduction, negligible metal leaching, etc.[261-263] We 

thus revisited and inspected homolytic H2O2 dissection on ZrO2 with regard 

to its kinetics, energetics, and rate-determining step,[264] while proposing 

elementary stages of H2O2 adsorption, H2O2 distortion, H2O2 scission, and 
•OH desorption (Figure 5-1B).[256, 257, 262, 264] Initially, H atoms of 

H2O2 interplay with O atoms of BA sites for exothermic H2O2 adsorption on 

the surface.[256, 257, 262, 264] Surface H2O2 species then experience 

endothermic distortion, whose energy required can decrease under such 
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environments that hydrogen bonds  between H atoms of H2O2 and O atoms 

of BA sites are rigid (BA strength; EBA↓), while LAII site vicinal to BA sites 

possesses high coordinative affinity to lone electron pairs of H2O2 (LAII 

strength; ELA↑).[256, 257, 262, 264] The surface H2O2 species twisted did 

undergo exothermic scission to generate two •OH species, whose O atoms 

are covalent-bonded to LAII sites, whereas H atoms are hydrogen-bonded to 

O atoms of BA sites.[256, 257, 262, 264] Two surface •OH species finally 

experience endothermic desorption, whose facilitation is achievable by 

elevating EBA (deprotonation↑) and ELA (electron-sharing tendency↓) of 

BA/LAII sites.[253, 254, 264] Of significance, •OH desorption is verified as 

the rate-directing stage,[264] which suggests the necessity to escalate EBA/ELA 

values of BA/LAII sites for reducing energy barrier (EBARRIER) of homolytic 

H2O2 dissection. Moreover, its collision frequency can be escalated by 

enlarging the area of BA or LAII site (SBA or SLA) given that larger SBA and SLA 

values can promote the interplays of BA•••H2O2 for H2O2 adsorption and 

LAII•••H2O2 for H2O2 distortion, respectively.[256, 257, 262, 264] In our 

previous study, Lewis basic N/S dopants acting as electron donors were 

located near LAII/BA sites of ZrO2 particulates dispersed on carbon 

scaffolds.[264] This was in success to improve EBA/SBA values of ZrO2 clusters 

modified with N/S dopants, yet, declined their ELA/SLA values.[264] Herein, 

we suggested the use of NOY
- species (Y=2 or 3) as modifiers of ZrO2 surface 

for elevating its EBA, ELA, SBA, or SLA with an aim to promote homolytic H2O2 

dissection efficiency (•OH productivity). Based on literatures concerning 

NOY
- adsorption on metal oxide surfaces,[18, 200, 225] it was speculated that 

under low thermal energies (≤150 °C), O•- bound to surface Zr4+ cation (* 

in Figure 5-1A) can initially interplay with NO to form NO2
- supported on 

ZrO2 (NO2
-

SUP in Figure 5-1A), which in turn can react with O2 co-fed to 

produce supported NO3
- (NO3

-
SUP in Figure 5-1A). The evolution of NO2

-
SUP 

functionalities is imperative, yet, can be beneficial owing to electronic trait of 

NO2
- acting as an electron acceptor.[265] Hence, NO2

-
SUP species may 
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withdraw electrons from proximal LAII sites and potentially elevate their ELA 

values. Furthermore, NO3
- acts as an electron donator[266] and therefore is 

expected to elevate EBA/SBA values of ZrO2 surface modified with NO3
-

SUP 

functionalities, which is conjectured given our study concerning ZrO2 

particulates on N/S-doped carbons,[264] as depicted above. Interestingly, 

NO3
-

SUP was reported to reveal peculiar trait to elevate ELA of surface Zr4+ site 

in proximity[267] and thus can allow for our speculation concerning the 

increase in ELA of ZrO2 surface modified with NO3
-

SUP functionalities. 

Again, ZrO2 surface exposed to aqueous conditions is BA-rich yet LAII-

limited[256-259] and thereby should not be further damaged by NOY
-

SUP and 

H2O, both of which possess lone electron pairs and may bind with LAII sites 

through the formation of coordinative bonds.[252, 255] Nonetheless, the 

distances between two Zr4+ cations innate to Zr4+-O2--Zr4+ channels (dZr-Zr) 

for ZrO2 polymorphs are 3.4-3.6 A" .[250, 251] The dZr-Zr values can be 

maintained even post the loss of O2- anion positioned at the middle of Zr4+-

O2--Zr4+ channels due possibly to structural robustness of ZrO2.[248, 249] 

Importantly, the dZr-Zr values are greater than kinetic diameters of NOY
- 

species (2.3-2.4 A" )[268] and thereby can hardly allow O atoms of NOY
-

SUP 

species to interact with adjacent LAII sites. This makes it sound that NOY
-

SUP 

species are anchored on ZrO2 surface preferentially via mono-dentate array 

(Figure 5-1A), while avoiding NOY
-

SUP-mediated loss of LAII sites through 

the formation of bi-dentate NOY
-

SUP species. Furthermore, steric hindrance 

imparted by mono-dentate NOY
-

SUP species may also limit the access of H2O 

to adjacent LAII sites and may help them intact post the exposure of NOY
-

SUP-

modified ZrO2 (ZrO2-N) to wet environments. Overall, ZrO2-N is predicted 

to provide plentiful merits in enhancing homolytic H2O2 dissection efficiency 

over ZrO2 by lowering EBARRIER (NO3
-

SUP for EBA/ELA↑; NO2
-

SUP for 

ELA↑)[264, 265, 267] or elevating pre-factor (kAPP, 0; NO3
-

SUP for SBA↑)[264] 

with the minimization of LAII loss (mono-dentate NOY
-

SUP[250, 251, 268] 

coupled with its steric hindrance↑). 
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It should be emphasized that NOY
- (unsupported) can be rapidly radicalized 

by •OH to yield OH- and NOY
• (•OH→NOY

•) with secondary rate 

constants (k) of 105-108 M-1 sec-1 for NO3
• and ~1010 M-1 sec-1 for 

NO2
•.[180, 181, 183] In particular, NO3

• outweighs NO2
• in terms of half-

life (t1/2 of ~60 μseconds for NO3
•; ~1 μsecond for NO2

•) and ability to 

radicalize a contaminant via e- elimination (standard reduction potential (E0) 

of ~2.4 V for NO3
•; ~1.0 V for NO2

•).[111, 185, 201, 269] Moreover, 

despite a high E0 (~2.7 V) of •OH, NO3
• can substitute for •OH because 

NO3
• has a greater resistance to be quenched by itself (t1/2 of ~10-3 μsecond 

for •OH) or by ubiquitous aqueous scavengers (CO3
2-, Cl-, etc.) compared 

to •OH.[111, 173] Nevertheless, NO3
• typically requires a radioactive 

element, hard-to-isolate NO2
•, or nitric acid for its evolution via 

radiolysis/photolysis.[18] However, we substantiated that NO3
•

SUP can be 

readily yielded, sustained, and regenerated via radical transfer from •OH to 

NO3
-

SUP (•OH→NO3
•

SUP).[18] Elementary stages of •OH→NO3
•

SUP were 

proposed such as NO3
-

SUP••••OH formation, NO3
•

SUP•••-OH 

formation, OH- desorption, and NO3
-

SUP recovery from NO3
•

SUP via e- 

acceptance (Figure 5-1C).[18] All the stages were verified exothermic and 

energetically favorable on MnO2 functionalized with NO3
-

SUP species (α-

MnO2-N), on which •OH→NO3
•

SUP was proved to outperform •OH in 

degrading phenol or mineralizing textile wastewater.[18] 

Herein, we hypothesized that •OH→NO3
•

SUP can also be viable on ZrO2-N 

surface. Overall •OH→NO3
•

SUP route is comprised of H2O2 dissection (Figure 

5-1B) and •OH→NO3
•

SUP (Figure 5-1C) cycles and can be initiated with 

H2O2 fed to the catalyst. Of significance, overall •OH→NO3
•

SUP route can be 

dictated by endothermic •OH desorption stage, at which ZrO2-N can 

outperform ZrO2 based on ample rationales stated earlier, thus potentially 

showing improved efficiencies in contaminant degradation and/or 

mineralization. Of additional significance, •OH initially radicalizes phenol 

(contaminant) via •OH addition to produce dihydroxy-cyclohexadienyl 
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radical or via H• abstraction to form phenoxyl radical, whereas dihydroxy-

cyclohexadienyl radical is dehydrated to also transform into phenoxyl 

radical.[114, 270, 271] Phenoxyl radical was reported to be polymerized via 

couplings to produce oligomeric compounds functioning as surface poisons 

(ZrO2 reusability↓).[264, 272] In contrast, the evolution of NO3
•

SUP via 
•OH→NO3

•
SUP cycle was indeed recurrent, as evidenced by noticeable 

contaminant degradation rates on α-MnO2-N.[18] Notably, NO3
•

SUP may 

initiate phenol degradation via NO3
•

SUP addition or H• abstraction to 

generate NO3
-

SUP coordinated to monohydroxy-cyclohexadienyl radical or 

HNO3 SUP, either of which cannot serve to recur •OH→NO3
•

SUP cycle, thus 

leading to severe decrease in phenol degradation efficiency on NO3
•

SUP. This 

leaves electron transfer as feasible initial phenol degradation route on NO3
•

SUP 

for the production of monohydroxy-cyclohexadienyl radical. Noteworthily, 

electron transfer route was reported to reduce/evade the generation of 

oligomeric compounds (poisons) on the catalyst surface (ZrO2-N 

reusability↑).[270] Moreover, α-MnO2-N leached Mn species significantly 

under aqueous phases and possessed bi-dentate NO3
-

SUP with only one O 

atom available to the radicalization via •OH→NO3
•

SUP.[18] Bi-dentate NO3
-

SUP also incurred the loss of H2O2 dissector (Mn2+/3+) via its coordination to 

NO3
-

SUP,[18] thus reducing heterolytic H2O2 dissection efficiency. This can be 

in contrast to ZrO2-N, whose mono-dentate NO3
-

SUP imparts two O atoms 

deployed to the radicalization via •OH→NO3
•

SUP (orange circles in Figure 5-

1C) in tandem with minute Zr leaching under aqueous phases. This study 

validated/highlighted the merits concerning the use of NO3
-

SUP functionality 

on non-reducible ZrO2 as a decomposer of aqueous refractory pollutants via 

microscopy, spectroscopy, chemisorption, and computation techniques 

alongside with a host of control runs/kinetic assessments under regulated 

environments. 
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Figure. 5-1. (A) Illustration of ZrO2 surface composed of Zr4+-O2--Zr4+-O2--Zr4+ channels, where non-

reducible, coordinatively-saturated Zr4+ cations are inter-connected to O2- anions. Zr4+ cation located at 

the middle of Zr4+-O2--Zr4+-O2--Zr4+ channel is disconnected from one and two O2- anions in proximity, 

leading to the production of Lewis acidic •Zr4+ (LAI) and •Zr4+• (LAII) open to •OH and •OH/H2O2, 

respectively. Meanwhile, O•- bound to Zr4+ (*) reacts with NO/NO coupled with oxygen (1/2O2) to 

generate supported NO2
- (NO2

-
SUP)/NO3

- (NO3
-

SUP) or interplays with hydrogen roaming on the surface 

(H•; 1/2H2) to yield Brönsted acidic -OH (BA). (B) Proposed elementary steps of homolytic H2O2 

dissection on ZrO2 surface mediated by LAII and BA: H2O2 adsorption, H2O2 distortion, H2O2 scission, 

and •OH desorption, wherein •OH desorption stage dictates the efficiency of homolytic H2O2 dissection 

as the rate-determining step. (C) Proposed elementary steps of radical transfer from •OH to NO3
-

SUP to 

yield supported NO3
• (NO3

•
SUP) on ZrO2 surface, where surface-unbound oxygens of NO3

-
SUP 

(highlighted with orange circles) interact with •OH for bearing radicals, whereas NO3
•

SUP is recovered to 

NO3
-

SUP via electron (e-) acceptance from a pollutant (denoted as electron transfer).  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5.2. Methods 

5.2.1. Catalysts 

Zirconium oxide (ZrO2) and that modified with NO2
-/NO3

- functionalities 

(ZrO2-N) were synthesized using the protocols we reported elsewhere with 

minor modifications.[248, 249] Typically, 20 mmol of ZrOCl2•8H2O (Kanto, 

99.0%) was dissolved in 50 mL of de-ionized H2O, mixed with 40 mmol of 

C2H2O4•2H2O (oxalic acid dihydrate, Junsei, 99.5-100.2%) dissolved in 50 

mL of de-ionized H2O, stirred at 50 °C for half an hour, subjected to rotary 

evaporation for the elimination of H2O, dried at 70 °C for 18 hours, and 

calcined at 400 °C for 2 hours with a ramping rate of 5 °C min-1.[248, 249] 

The led to the formation of ZrO2. In addition, 1 g of ZrO2 was loaded in a 

quartz reactor, situated in a tube furnace, and exposed to 5,000 ppm NO/3 

vol.% O2/N2 stream at 100 °C for an hour with a ramping rate of 10 °C 

min-1 and a total flow rate of 500 mL min-1.[250] This resulted in the 

generation of ZrO2-N. 

 

5.2.2. Characterizations 

A Regulus 8230 (Hitachi) and a Titan 80-300™ (FEI) served to acquire 

scanning electron microscopy (SEM) and high-resolution transmission 

electron microscopy (HRTEM) images of the catalysts at 15 kV and 300 keV, 

respectively, post their surfaces were purged under vacuum. An Ultim max 

170 (Oxford) was utilized to acquire energy-dispersive X-ray spectroscopy 

(EDX) mapping images of the catalysts at 15 kV. A D8 Advance (Bruker) 

served to acquire X-ray diffraction (XRD) patterns of the catalysts with the 

utilization of monochromatic Cu Kα radiation (λ= 1.54 A" ) under analytic 

conditions of the step size and the scan speed of 0.02° per step and 2 seconds 

per step, respectively. A PHI 5000 Versa Probe (Ulvac-Phi) served to acquire 

X-ray photoelectron (XP) spectra of the catalysts with the resolution of 0.1 

eV post their surfaces were purged under vacuum. XP spectra were curve-

fitted using Gaussian functions, whereas binding energies of the resulting sub-
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bands were corrected using an adventitious carbon band with a binding 

energy centered at ~284.6 eV. A ZSX Primus II (Rigaku) and a FLASH 2000 

(Thermo Fisher Scientific) served to quantify Zr and N contents included in 

the catalysts via X-ray fluorescence (XRF) and elemental analysis (EA) 

techniques, respectively. An iCAP 6500 duo (Thermo Fisher Scientific) and a 

total organic nitrogen (TN) analyzer served to quantify Zr and N contents 

leached from the catalyst surfaces during reaction runs via inductively coupled 

plasma-optical emission spectroscopy (ICP-OES) and TN techniques, 

respectively. A NOVA 2200e (Quantachrome Instruments) and a BELSORP-

MAX (MicrotracBEL) served to acquire N2 isotherms (at -196 °C)/CO 

isotherms (at 0/20/40 °C)/CO2 isotherms (at 0/20/40 °C) and H2O 

isotherms (at 20/30/40 °C) for the catalysts, respectively, post their surfaces 

were purged under vacuum at 100 °C.[196, 248-255] N2/CO/CO2-

accessible surfaces areas (SBET, N2/CO/CO2) and N2-accessible pore volumes (VBJH, 

N2) of the catalysts were assessed using Brunauer-Emmett-Teller (BET) and 

Barrett-Joyner-Halenda (BJH) methods, respectively.[196, 248-255] The 

numbers of N2/CO/CO2 adsorbed (NN2/CO/CO2) at partial pressure (P/P0) 

domains of 0.05-0.30 were implemented to acquire SBET, N2/CO/CO2 values of the 

catalysts.[196, 248-255] Surface areas of CO/CO2-accessible sites (SCO/CO2) 

for the catalysts were evaluated by dividing SBET, CO/CO2 values by NCO/CO2 ones 

at P/P0 of ~1.0 under the assumption that lateral interactions among CO (or 

CO2) molecules adsorbed on the surfaces are negligible.[196, 248-255] 

H2O/CO/CO2 isotherms were simulated using Toth equation (Equation S1), 

in which A indicates the maximum amount of H2O/CO/CO2 adsorbed on the 

catalyst per a gram basis (molH2O/CO/CO2 gCAT
-1), whereas B and C indicate the 

coefficients directed by the catalyst surface (bar-1) and its heterogeneity (unit-

less), respectively.[196, 248-255] Note in H2O isotherms of the catalysts that 

the numbers of H2O adsorbed on the surfaces could be analyzed under P/P0 

domains of 0-0.8 and 0-0.4 at 30 °C and 40 °C, respectively, owing to the 

instrumental limitations, thereby only allowing for the simulation of H2O 
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isotherms for the catalysts under P/P0 regimes of 0-0.4 at 20-40 °C.  

 
Isosteric heats of H2O/CO/CO2 adsorption at near-zero surface coverages 

(EH2O/CO/CO2) were assessed using Clausius-Clapeyron equation (Equation S2), 

where PA/PB and R indicate the pressures (bar) at temperatures of TA/TA (K) 

and the ideal gas constant (8.3145 J mol-1 K-1), respectively.[196, 248-255] 

 
An Autochem II (Micromeritics) equipped with an on-line mass spectrometer 

(HPR20, Hiden Analytical) served to acquire NH3 temperature-programmed 

desorption (NH3-TPD) profiles (signal of NH3 evolved (m/z~17) versus 

temperature) for the catalysts.[253-256] Typically, the catalyst surfaces were 

purged with a He at 100 °C for an hour, cooled to 50 °C under a He, 

exposed to 5 vol. % NH3/He at 50 °C for an hour, exposed to a He at 50 °C 

for an hour, and finally heated to 700 °C under a He with a ramping rate 

(β) of 10 °C min-1, 15 °C min-1, or 20 °C min-1.[253-256] The resulting 

NH3-TPD profiles were implemented to evaluate binding energies of the 

surfaces with NH3 (ENH3) via TPD theory (Equation S3), where νn and n 

denote the lumped constants indigenous to the catalyst surfaces.[253-256] 

NH3-TPD profiles were de-convoluted using Gaussian functions to reveal 

four sub-bands with peak temperatures (TM). Slopes of the plots of ln (β/TM
2) 

versus (1/TM) are identical to -ENH3/R values for the catalysts with the 

presumption that ENH3 values do not rely on surface NH3 coverages at TM (i.e., 

θM).[253-256] 

 
An FT/IR/4200 (Jasco) equipped with KBr optics and a mercury-cadmium-

telluride (MCT) detector served to acquire background-subtracted, in situ 

diffuse reflectance infrared Fourier transform (DRIFT) spectra of the catalysts 

under a dry/wet NH3 or NO/O2 streams with the resolution of 4 cm-1.[253-

256] The catalysts were loaded in a reaction cell (Harrick Scientific) and 

purged with a N2 at 100 °C for an hour prior to in situ DRIFT spectroscopy 
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experiments.[253-256] Detailed protocols concerning in situ DRIFT 

spectroscopy experiments are depicted in Figure 5-2 and 5-3 captions. A 10D 

(XAS KIST) beamline in Pohang Light Source (South Korea) operated in top-

up mode did serve to acquire X-ray absorption near edge structure (XANES) 

spectrum of ZrO2-N under analytic conditions of the energy of 3 GeV, the 

storage current of 250 mA, and the resolution of 0.2 eV post ZrO2-N was 

purged under vacuum.[250] XANES spectrum was curve-fitted using 

Gaussian function.[250] A Zetasizer Nano ZS ZEN3602 (Malvern) equipped 

with a 633 nm He-Ne laser and a MPT-2 auto-titrator served to acquire the 

plots of zeta potential versus pH for aqueous mixtures including the catalysts 

and Na2SO4, for which pH values of aqueous mixtures were adjusted using 

aqueous NaOH (Daejung, 97.0%) and/or HCl (J. T. Baker, 36.5-38.0 wt.% 

in H2O) solutions, whereas zeta potentials were determined using 

Smoluchowski equation.[257] An MX-plus (Bruker) served to acquire 

electron paramagnetic resonance (EPR) spectra of reaction mixtures/solutions 

for assessing relative abundance of •OH, •OOH, O2
•-, or supported ONOZ

• 

(Z=1 or 2).[250, 258-262] 5,5-dimethyl-1-pyrroline N-oxide (C6H11NO, 

DMPO, Sigma-Aldrich, ≥98.0%) was used as a spin trapping agent[250, 

258-262] under analytic conditions of the center magnetic field of 3435 G, 

the resonance frequency of 9.64 GHz, the microwave power of 2.95 mW, the 

modulation amplitude of 1 G, the sweep width of 120 G, and the sweep time 

of 48 seconds. 
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5.2.3. Computations 

Given the calculation literature concerning ZrO2 cluster interacting with •OH, 

all the calculations were conducted using Gaussian 16 (Revision C.01) 

package with B3LYP level of density functional theory (DFT).[263] Initially, 

tetragonal ZrO2 was terminated on the (1 0 1) facet with the inclusion of [4 

X 3] Zr atoms along with the saturation of edges with hydrogens to achieve 

good computational performance on a relatively small ZrO2 cluster (Figure 

5-5).[9, 42] Moreover, basis sets of 6-311+G (d,p) and LanL2DZ were 

adopted for C/H/O/N and Zr atoms with the inclusion of effective core 

potentials and associated pseudo-potentials, whereas an ultra-fine grid was 

utilized for the atomic integrals with symmetry being turned-off via external 

command. Furthermore, unrestricted DFT on an open shell system served to 

precisely evaluate the energy change involved in the adsorption of NO3
- on 

ZrO2 cluster (to form NO3
-

SUP in Figure 5-5) or the radicalization of 

supported NO3
- (to form NO3

•
SUP in Figure 5-5).[39] Harmonic frequency 

analysis of all the ZrO2 clusters considered herein was performed at the same 

level of theory to ensure their successful structural relaxation with minimum 

energies.[25] Indeed, all stationary points in the potential energy surfaces were 

proven to be the local minima. (No imaginary frequency was found across 

the frequency calculations.) Notably, a solvation model of density served to 

inspect the viability of NO3
•

SUP evolution under an aqueous environment. 

Reactions were conducted by following the procedures depicted in our 

previous studies with minor modifications.[196, 248, 249, 251, 252] Typically, 

N-Methyl-2-pyrrolidone (46.5 g, C5H9NO, Sigma-Aldrich, ≥99.0%) and 

poly(vinylidene fluoride) (3.5 g, (CH2CF2)n, average Mw~180,000, Sigma-

Aldrich) were mixed to form a binder solution.[196, 248, 249, 251, 252] The 

binder solution (0.2 g) was then mixed with the catalyst (0.2 g) to form a 

catalyst slurry.[196, 248, 249, 251, 252] The catalyst slurry was coated on a 

graphite plate (3 cm × 4 cm, grade 2124, Groupe Carbone Lorraine), dried 

at 100 °C, and served as a cathode, whereas a bare graphite plate served as 
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an anode.[196, 248, 249, 251, 252] The anode/cathode were vertically 

positioned with the gap of 3.0 cm and loaded in aqueous reaction mixtures 

including Na2SO4 (supporting electrolyte, Sigma-Aldrich, ≥99.0%), H2O2 

(•OH/•OOH/O2
•- source, Daejung, 30.0 wt.% in H2O), H2O2, or phenol 

(model compound of refractory contaminants, Daejung, 99.0%),[196, 248, 

249, 251, 252] as detailed in Figure 5-6 and 5-7. Reaction mixtures were 

stirred at 300 (or 400) rpm and 25 °C (or 35-55 °C) in the presence (or 

absence) of an electric potential of 1 V (~30 mA), 2 V (~24 mA), or 3 V (~15 

mA).[196, 248, 249, 251, 252] Details concerning reaction environments can 

also be found in the figure captions and texts, where necessary. Reaction 

aliquots (1 mL) were taken at time intervals of 10, 20, 30, 40, 50, and 60 

minutes, quenched with methanol (1 μL, Sigma-Aldrich, 99.8%), and filtered 

using a 0.45 μm-sized PES syringe filter (Whatman®).[196, 248-252] The 

resulting aliquots were finally analyzed in terms of H2O2 or phenol 

concentration with the use of UV-Visible spectroscopy (Cary 100, Agilent 

Technologies) or reverse-phase high-performance liquid chromatography 

(HPLC, LC-20A, Shimadzu) technique, in which LC-20A was equipped with 

a Shim-pack GIS C18 column (5 μm, 4.6 X 150 mm, Shimadzu), an 

automatic injector (SIL-20A, Shimadzu), a pump (LC-20AT, Shimadzu), and 

an UV/Vis detector (SPD-20A, Shimadzu).[196, 248-252] Details concerning 

protocols for UV-Visible spectroscopy and reverse-phase HPLC techniques 

can be found in our previous studies.[196, 248-252] Initial H2O2 dissection 

rate of the catalyst (-rH2O2) was assessed using Equation S4, where kAPP 

denotes the apparent reaction rate constant (slope of -ln (CH2O2/CH2O2, 0) 

versus time), whereas CH2O2, 0 and CH2O2 indicate the H2O2 concentration 

initially fed and that monitored at a specific reaction time, respectively.[196, 

248-252] In addition, NH2O2, 0 and NCO, 0.2g indicate the H2O2 quantity initially 

fed and the number of CO-accessible sites contained in 0.2 g of the catalyst 

(quantified using CO isotherm at 20 °C), respectively.[196, 248-252] 
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Initial phenol degradation rates of the catalyst (-rPHENOL and -r’PHENOL) was 

assessed using Equation S5 and S6, where kAPP denotes the apparent reaction 

rate constant (slope of -ln (CPHENOL/CPHENOL, 0) versus time), whereas CPHENOL, 

0 and CPHENOL indicate the phenol concentration initially fed and that 

monitored at a specific reaction time, respectively.[196, 248-252] In addition, 

NPHENOL, 0 and NCO, 0.2g indicate the phenol quantity initially fed and the number 

of CO-accessible sites contained in 0.2 g of the catalyst (quantified using CO 

isotherm at 20 °C), respectively.[196, 248-252] 

 

 
In phenol degradation runs, energy barriers (EBARRIER in Equation S7) and pre-

factors mediated by CO-accessible sites (kAPP, 0 in Equation S7) for the 

catalysts were evaluated using their Arrhenius plots of ln (-rPHENOL) versus 1/T 

(Equation S7), where T indicates the reaction temperature.[196, 250, 252] 
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5.2.4. Reactions: textile wastewater degradation 

Textile wastewater (DYETEC, total organic carbon (TOC) of 52.7 (± 0.4) 

mmolC L-1; total organic nitrogen (TN) of 5.6 (± 0.1) mmolN L-1; pH of 11.0 

(± 0.5)) was initially vacuum-filtered using a 1.2 μm-sized GF/C filter 

(Whatman®) to remove suspended solids.[250] The pH of the resulting 

filtrate was then adjusted to 7.0 (± 0.1) using H2SO4 (Kanto Chemical, 

96.0%). 2 g of the catalyst was then put into 200 mL of the filtrate, stirred at 

300 rpm and 25 °C for 3 minutes, and mixed with 150 mmol of H2O2 to 

start off with textile wastewater degradation.[250] Details concerning 

reaction environments can also be found in Figure 5-7. Reaction aliquots (10 

mL) were taken at time intervals of 5, 10, 15, 20, 25, and 30 minutes and 

filtered using a 0.20 μm-sized mixed cellulose ester filter (Hyundai 

Micro.).[250] The resulting aliquots were finally analyzed in terms of C/N 

contents with the use of TOC (TOC-L, Shimadzu)/TN analyzers.[250] Initial 

degradation rates of textile wastewater for the catalyst (-r’C and -r’N) were 

assessed using Equation S8 and S9, where kAPP denotes the apparent reaction 

rate constant (slope of -ln (CC/CC, 0) versus time or slope of -ln (CN/CN, 0) 

versus time), whereas CC, 0 (or CN, 0) and CC (or CN) indicate the carbon (or 

nitrogen) concentration initially fed and that monitored at a specific reaction 

time, respectively.[250] In addition, NC, 0 (or NN, 0) indicates the carbon (or 

nitrogen) quantity initially fed.[250] 
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5.3. Results and Discussion 

5.3.1. Generic properties of ZrO2/ZrO2-N 

ZrO2 was synthesized via precipitation technique,[25, 39] during which oxalic 

acid served to isolate ZrO(C2O4) intermediate prior to its calcination utilized 

to produce porous ZrO2 architecture. The use of oxalic acid was because 

(C2H4)2- anion present in ZrO(C2O4) can act as a pore-generating agent 

through its oxidative transition to evolve and liberate CO/CO2/H2O from 

ZrO2 particulates during calcination.[25, 39] ZrO2-N was then synthesized 

by exposing ZrO2 to NO/O2 stream,[18] for which 100 °C was selected 

because a larger bulk N constituent (NOY
-

SUP composition↑) was observed 

in the resulting ZrO2-N at 100 °C in comparison with those at 50 °C 

and/or ≥150 °C (not shown). Textural properties of the catalysts were 

assessed using their N2 isotherms at -196 °C. Although N2-accessible BJH 

pore volumes of the catalysts were comparable (~0.1 cmN2
3 gCAT

-1), N2-

accessible BET surface area of ZrO2 (~95 mN2
2 gCAT

-1) was ~10 mN2
2 gCAT

-1 

higher than that of ZrO2-N, which could result from NOY
-

SUP species grafted 

inside pores of ZrO2-N. Apparently, ZrO2-N surface bore NOY
-

SUP modifiers, 

as evidenced by its molar ratio of N to Zr (surface N/Zr via XP spectroscopy) 

of ~0.10, which was around two-fold larger than bulk N/Zr analogue of 

~0.06 (via EA/XRF). 

Macroscopic morphological characteristics of the catalysts were examined 

using their SEM images, where the catalysts were comprised of shapeless 

agglomerates with similar sizes of 36 (± 10) μm for ZrO2 and 32 (± 10) 

μm for ZrO2-N. Irregular particle shapes of the catalysts in macroscopic 

scale were consistent to microscopic scale, as demonstrated by their HRTEM 

images. HRTEM images of the catalysts also revealed lattice fringes of 2.95 A"  

and 3.16 A" , which could be assigned to surface diffractions of (1 0 1) for 

tetragonal ZrO2 and (-1 1 1) for monoclinic ZrO2, respectively. This was in 

exact agreement with XRD patterns of the catalysts, whose bulk diffractions 

were indexed to those of tetragonal ZrO2 and/or monoclinic ZrO2. 
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Polymorphic nature of the catalysts was further confirmed by their XP spectra 

in the Zr 3d regimes. These were curve-fitted to four sub-bands, among 

which sub-bands with binding energies centered at 181.8 eV/184.2 eV and 

with those centered at 182.7 eV/185.1 eV were indexed to surface Zr4+ species 

belonging to monoclinic and tetragonal ZrO2, respectively, with peak 

separations (∆BE) of ~2.4 eV.[273, 274] SEM, HRTEM, XRD, and XP 

spectroscopy experiments demonstrated that crystallographic traits of the 

catalysts were polymorphic yet alike and that ZrO2 retained its 

morphological/structural features even post the modification with NOY
-

SUP 

species.  

 

5.3.2. Acidic properties of ZrO2/ZrO2-N 

Dissociative H2O adsorption on the catalyst surfaces can induce the loss of 

LAII (•Zr4+•) sites alongside with the evolution of additional BA sites.[256-

259] (See the Introduction section.) In this regard, H2O isotherms of the 

catalysts were collected at 20-40 °C and subjected to Toth fittings,[18, 107, 

200, 225, 264, 275, 276] as detailed in the Methods section. The objective of 

H2O isotherm experiments was to evaluate binding strengths of the catalyst 

surfaces with H2O using their isosteric heats of H2O adsorption at near-zero 

H2O coverage at 20-40 °C.[18, 107, 200, 225, 264, 275, 276] The surfaces 

displayed EH2O values of <20 kJ molH2O
-1 (Figure 5-2C), which indicated that 

the surfaces could bind with H2O weakly via physisorption. 

On the other hand, NH3 binds with LAII and BA (-OH) sites through the 

formation of LAII•••NH3 and -O-NH4
+, respectively, and thereby can 

provide venue as a probe to inspect the quantitative alteration of LAII and/or 

BA sites innate to the surface with H2O fed.[200, 225, 226, 264, 275, 276] In 

this regard, in situ DRIFT spectra of the catalysts were collected under 

controlled conditions, where the catalyst surfaces were purged and exposed 

to a dry N2 at 50 °C, a dry N2 at 150 °C, or a humid N2 at 150 °C for 

collecting background signals.[200, 225, 226, 264, 275, 276] The surfaces 



 

 １７５ 

were then exposed to a dry NH3 at 50 °C or a dry NH3 at 150 °C to monitor 

their in situ NH3-DRIFT spectra upon the elimination of corresponding 

backgrounds (Figure 5-2A to 5-2B).[200, 225, 226, 264, 275, 276] The 

surfaces showed a group of bands assigned to symmetric (or asymmetric) 

stretching (or wagging) vibrations of N-H bonds of NH3 coordinated to BA 

(BA bands) or LAII sites (LA bands) across all the spectra collected.[246, 277] 

However, the in situ DRIFT spectra showed such BA/LA bands that 

significantly overlapped in addition to revealing skewed baselines, thereby 

barely allowing for precise quantification of BA/LA sites using the areas under 

the spectral signals.[200, 225, 226, 264, 275, 276] 

 

 
Figure 5-2. Background-subtracted, in situ NH3-DRIFT spectra of the catalysts at 50/150 °C (ZrO2 for 

(A); ZrO2-N for (B)). The catalyst surfaces were purged under a dry N2 at 100 °C for an hour, exposed 

to a dry N2 at 50/150 °C or a wet N2 at 150 °C for collecting background signals. Background-corrected 

DRIFT spectra of the catalysts were then recorded under dry 1,000 ppm NH3/N2 at 50/150 °C with a 

ramping rate and a total flow rate of 10 °C min-1 and 200 mL min-1, respectively. In (A-B), BA and LA 

denote NH3-accessible Brönsted acidic and Lewis acidic sites, respectively, whereas SYM/ASYM and 

STR/WAG stand for symmetric/asymmetric and stretching/wagging vibrations of N-H bonds for NH3 

coordinated to BA and/or LA sites, respectively. (C) Binding energies (EADSORBATE) of the catalyst surfaces 

with H2O at 20-40 °C, CO at 0-40 °C, CO2 at 0-40 °C, and NH3 at 50 °C in tandem with surface 

areas of CO (or CO2)-accessible sites innate to the catalysts (SADSORBATE in inset table). 

 

Nonetheless, one could observe the quantitative changes in individual BA 

and/or LA bands upon the variation of surface temperatures and/or wetness. 

Of note, the intensities of BA/LA bands were reduced with the elevation of 

surface temperature from 50 °C to 150 °C. This could originate from the 

escalation of surface energies to prevent the coordinative interactions of -O-
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NH4
+/LAII•••NH3 from being developed.[226, 264, 275, 278] Of 

additional note, the intensities of BA and LA bands became enlarged and 

weakened at 150 °C, respectively, with the inclusion of H2O into a N2 feed 

stream prior to collecting in situ NH3-DRIFT spectra. This could provide 

concrete evidence concerning the production of additional BA sites and the 

loss of LAII sites mediated by dissociative H2O adsorption on the surfaces,[226, 

264, 275, 278] albeit with their EH2O values of <20 kJ molH2O
-1 at 20-40 °C. 

This also unveiled the nature of wet catalyst surfaces, where BA and LAII sites 

were abundant and deficient, respectively. Contemplating that the rate-

determining step of homolytic H2O2 dissection or overall •OH→NO3
•

SUP 

route can be •OH desorption stage directed by BA/LAII sites and that the 

catalyst surface soaked in an aqueous phase could be LAII-limited, the 

reaction efficiencies should be assessed in a per-LAII site basis rather than in 

a per-BA site basis. (See the sub-sections below.) 

Numbers and strengths (acidities) of BA and LAII sites inherent to the catalyst 

surface are central because these sites dictate binding affinity of O of 

BA•••H of •OH (hydrogen bond) or LAII•••O of •OH (covalent 

bond), thus directing the energy needed to desorb •OH from the surface 

(EBARRIER of rate-determining step).[252-255, 264] In addition, larger areas of 

BA and LAII sites are also essential in elevating collisional chances of O of 

BA••• H of H2O2 (hydrogen bond) and LAII•••O of H2O2 

(coordinative bond) for H2O2 adsorption and H2O2 distortion stages, 

respectively (kAPP, 0↑).[256, 257, 262, 264] CO, CO2, and NH3 are accessible 

to LAII and/or BA sites,[18, 107, 264] have similar kinetic diameters (2.6-3.2 

A" ) to those of H2O2/•OH (2.4-2.7 A" ),[25, 134, 214] and therefore served as 

probes to explore Brönsted/Lewis acidities of the catalysts by quantifying the 

moles of probes adsorbed in a per-gram basis for the catalysts (NXX, where 

XX: CO, CO2, or NH3), their binding energies with probes (EXX), etc. 

It was reported that lone electron pair of C atom for CO binds with LAII site 

only.[252, 255] CO was thus utilized as a probe to investigate Lewis acidities 
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of the catalysts via CO isotherm experiments at 0-40 °C.[18, 107, 200, 225, 

264, 275, 276] The analytic techniques used to fit CO isotherms of the 

catalysts and extract their isosteric heats of CO adsorption at near-zero CO 

coverage (ECO) at 0-40 °C were analogous to those used for H2O isotherm 

experiments.[18, 107, 200, 225, 264, 275, 276] Interestingly, NCO (~NLA) 

values of the catalysts at ~1 bar were comparable. This provided sound proofs 

concerning our hypotheses that the production of coordinative bonds between 

O of NO3
-

SUP and LAII can be of little likelihood for ZrO2-N and that NO3
-

SUP functionalities can be featured by mono-dentate binding configuration, as 

stated in the Introduction section. Moreover, ECO (~ELA) of ZrO2-N was 

about 1.5-fold higher than that of ZrO2 (Figure 5-2C), which could 

demonstrate the merits associated with the immobilization of NO2
- (electron 

acceptor)[265] and NO3
- (electron donator; unique electronic trait reported 

elsewhere)[266, 267] functionalities on ZrO2-N surface, as also detailed 

earlier. Meanwhile, the area in a per-CO-accessible site basis (SCO) for the 

catalyst can be assessed by dividing its CO-accessible BET surface area (SBET, 

CO) by NCO.[264, 275] SCO (~SLA) of ZrO2 (0.08 X 106 mCO
2 molCO

-1) was two-

fold larger than that of ZrO2-N (Figure 5-2C), in spite of desired ECO (~ELA) 

for ZrO2-N. This might result from steric effect incurred by NOY
-

SUP 

functionalities adjacent to LAII sites and indicated that collision frequency of 

LAII•••O of H2O2 on ZrO2-N surface could be smaller than that on ZrO2 

during H2O2 distortion stage. 

On the other hand, CO2 can bind with LAII and BA sites through the 

formation of coordinative bond (LAII•••O of CO2) and hydrogen bond (H 

of BA•••O of CO2), respectively.[252, 255, 260] Hence, CO2 isotherms of 

the catalysts were collected at 0-40 °C for assessing their NCO2/ECO2/SCO2 

values, while using such analytic methodologies that were analogous to those 

utilized to evaluate NCO/ECO/SCO values for the catalysts.[18, 107, 200, 225, 

264, 275, 276] Similar to NCO (~NLA) values of the catalysts, their NCO2 values 

(~NLA coupled with NBA) at ~1 bar were verified alike. This indicated that the 
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number of LAII or BA sites innate to ZrO2 was invariant even post NOY
-

SUP 

functionalization. This was in close line with XP spectra of the catalysts in the 

O 1s domains, which were curve-fitted to two sub-bands positioned with 

binding energies centered at 530.4 eV and 531.9 eV. These were assigned to 

surface O species belonging to Zr-O and Zr-OH (BA site), respectively,[279, 

280] whose relative concentrations were almost identical across the catalysts. 

Interestingly, SCO2 values of the catalysts were similar in magnitude (Figure 5-

2C) yet distinct from their SCO analogues with regard to hierarchy (SCO (~SLA) 

of ZrO2>ZrO2-N). This could indicate that the area in a per-BA site basis 

(SBA) of ZrO2-N was higher than that of ZrO2, which suggested that ZrO2-

N could attain a higher collision frequency of O of BA•••H of H2O2 during 

H2O2 adsorption stage compared to ZrO2. Again, the catalyst surfaces could 

be BA-rich and LA-limited even under a dry environment (e.g., formation of 

additional BA sites via interactions of O•- bound to Zr4+•••H• wandering 

on the surface[256-259]). BA-rich trait of the catalyst surfaces made it 

convincing that CO2 could preferentially bind with BA sites rather than with 

LAII counterparts at near-zero CO2 coverage. This highly suggested that ECO2 

could be identical to EBA. Importantly, ECO2 (~EBA) of ZrO2-N (~35 kJ 

molCO2
-1) was ~11 kJ molCO2

-1 greater than that of ZrO2 (Figure 5-2C). This 

could be ascribed to the merit provided by NO3
-

SUP functioning as electron 

donators (EBA↑) and was in good agreement with our previous study 

concerning ZrO2 on N/S-doped carbons,[264] as mentioned in the 

Introduction section. 

NH3 also binds with LAII and BA sites and thereby served as additional 

adsorbate utilized to perform NH3-TPD experiments.[18, 107, 200, 225, 226, 

264, 275, 276] The catalyst surfaces were purged and subjected to NH3 

chemisorption at 50 °C, and heated up to 700 °C with various ramping 

rates (β) of 10-20 °C min-1 for collecting NH3-TPD profiles.[18, 107, 200, 

225, 226, 264, 275, 276] The areas under NH3-TPD profiles of the catalysts 

then served to quantify their NNH3 values at 50 °C.[18, 107, 200, 225, 226, 
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264, 275, 276] NNH3 values of the catalysts were of comparable magnitude, 

which again suggested that BA/LAII sites included in ZrO2 were intact during 

NOY
-

SUP functionalization. Moreover, NH3-TPD profiles were de-convoluted 

to show four sub-bands with dissimilar peak temperatures. Plots of (β/TM
2) 

versus 1/TM for individual sub-bands of the catalysts provided a bunch of 

slopes that are identical to (-ENH3/R) values, where ENH3 and R stand for NH3 

binding energy of the surface and ideal gas constant, respectively, according 

to TPD theory.[18, 107, 200, 225, 226, 264, 275, 276] The hierarchy of ENH3 

values for the catalysts were identical to that of ECO2 analogues (Figure 5-2C). 

Again, NH3 and CO2 can be bound to BA/LAII sites,[18, 107, 264] whose 

relative concentration on the catalyst surfaces was greater in BA sites than in 

LAII counterparts, as discussed earlier. Hence, it was logically impeccable that 

NH3 could prefer interacting with BA to binding with LAII (ENH3~EBA), as 

could also be the case with CO2 isotherm experiments depicted above. All of 

these were gathered to add weight on the claims that EBA values of the catalysts 

were quantifiable by utilizing their ECO2/ENH3 values and that ZrO2-N 

possessed a greater Brönsted acidity than ZrO2. In sum, compared to ZrO2, 

ZrO2-N was anticipated to be more proper to accelerate homolytic H2O2 

dissection cycle (Figure 5-1B) because of a higher ELA (~ECO; EBARRIER↓), a 

higher EBA (~ECO2/ENH3; EBARRIER↓), and a larger SBA (kAPP, 0↑) imparted by 

ZrO2-N, albeit ZrO2-N provided a smaller SLA (~SCO; steric hindrance of 

NOY
-

SUP). 



 

 １８０ 

5.3.3. Properties of NOY
-

SUP functionalities  

Compositions of NOY
-

SUP species on ZrO2-N surface were then explored 

using XP and XANES spectroscopy. XP spectrum of ZrO2-N in the N 1s 

region was de-convoluted to two sub-bands with binding energies centered 

at 403.6 eV and 407.4 eV (Figure 5-3A). These could be indexed to N species 

inherent to NO2
- and NO3

- functionalities, respectively,[281, 282] whereas 

relative abundance of NO3
- (65.6%) was about two-fold greater than that of 

NO2
- (34.4%). Moreover, XANES spectrum of ZrO2-N at the N K-edge was 

further collected to ensure relative NO2
-/NO3

- concentrations explored via 

XP spectroscopy. XANES domain with photon energies of ≤410 eV can be 

indexed to π* resonance regime and was curve-fitted to unveil two sub-

bands with photon energies centered at 402.5 eV (a in Figure 5-3B) and 406.2 

eV (b in Figure 5-3B), respectively.[18, 240, 241] Sub-bands marked with a 

and b originate from electronic transitions of 1s→2b1 for NO2
- and 1s→2a2’’ 

for NO3
-, respectively,[18, 240, 241] with relative abundances of the former 

and the latter being 15.4% and 47.7%. In addition, XANES domain with 

photon energies of >410 eV can be indexed to σ* resonance regime.[18, 240, 

241] σ* resonance region was curve-fitted to show three sub-bands marked 

with a’, b’, and b’’, whose peaks were located at photon energies of 413.0 eV, 

416.0 eV, and 418.0 eV, respectively (Figure 5-3B).[18, 240, 241] a’ and b’/b’’ 

result from electronic excitations of 1s→7a1/5b2 for NO2
- and 1s→5a1’/5e1’ 

for NO3
-, respectively,[18, 240, 241] with relative abundances of the former 

and the latter being 20.4% and 16.5%. Importantly, it was identified via 

XANES spectroscopy that relative abundances of NO2
- and NO3

- were 35.8% 

and 64.2%, respectively, both of which were alike to those obtained via XP 

spectroscopy. Indeed, ZrO2-N surface bore a greater number of NO3
-

 SUP 

functionalities in comparison with NO2
-

 SUP counterparts.  

Furthermore, ZrO2 was subjected to in situ DRIFT spectroscopy experiment 

with the simulation of synthetic conditions used to form ZrO2-N (Figure 5-

3C).[18] 
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Figure 5-3. (A) XP spectrum of ZrO2-N in the N 1s regime, in which gray solid line, black empty circle, 

and cyan empty circle indicate raw XP spectrum, fitted XP spectrum, and background, respectively, 

whereas red and green empty circles indicate surface NO2
- and NO3

- species, respectively. (B) XANES 

spectrum of ZrO2-N at the N K-edge, in which a/b and a’/b’/b’’ stand for π* and σ* resonances of 

surface NO2
-/NO3

- functionalities with photon energies of 407 eV or below and above 407 eV, respectively. 

(C) Background-subtracted, in situ NO/O2-DRIFT spectrum of ZrO2 at 100 °C. ZrO2 surface was 

purged under a dry N2 at 100 °C for an hour, exposed to a dry N2 at 100 °C for collecting background 

signal. Background-corrected DRIFT spectrum of ZrO2 were then recorded under a dry 1,000 ppm NO/3 

vol. % O2/N2 at 100 °C with a ramping rate and a total flow rate of 10 °C min-1 and 200 mL min-1, 

respectively. SYM/ASYM and STR stand for symmetric/asymmetric and stretching vibrations of N-O 

bonds for gaseous N2O3/N2O4 physisorbed on the surface. MONO/BI indicate vibrations of N-O bonds 

for NO3
- coordinated to the surface via mono-dentate/bi-dentate binding configurations, whereas NO2

- 

denotes vibrations of N-O bonds for NO2
- coordinated to the surface. 



 

 １８２ 

The objective of this experiment was to monitor the type and binding 

configurations of NOY
-

SUP functionalities present in ZrO2-N surface.[18] 

For this purpose, ZrO2 surface was purged, exposed to a dry N2 at 100 °C 

for collecting background signal, and fed with NO/O2 stream at 100 °C post 

the removal of background.[282] The resulting in situ NO/O2-DRIFT 

spectrum of ZrO2 showed three broad bands highlighted with orange/cyan 

arrows. These were ascribed to symmetric or asymmetric stretching vibrations 

of N-O bonds for gaseous N2O4 and N2O3 physisorbed on the surface.[267, 

283] Apparently, NO2
- species were anchored on the surface. This was 

demonstrated by blue arrows, resulting from the vibrations of N-O bonds for 

NO2
-

SUP species.[267, 283] Moreover, it was identified that NO3
- species were 

also grafted on the surface with mono-dentate and bi-dentate arrays, as 

highlighted with gold arrows.[267, 277, 283] It should be stressed that the 

bands located at wavenumber domains of 1,210-1,260 cm-1 and 1,600-1,650 

cm-1 could be indexed to N-O vibrations of bi-dentate NO3
-

SUP species, yet, 

substantially overlapped with those of gaseous N2O3, NO2
-

 SUP, or mono-

dentate NO3
-

 SUP,[267, 277, 283] thus making it persuasive that the majority 

of NO3
-

 species on ZrO2-N surface could be characterized by mono-dentate 

binding configuration. All the results suggested that ZrO2-N could 

outperform ZrO2 in degrading pollutants with the use of mono-dentate 

NO3
•

SUP decomposers, whose evolution enabled by •OH→NO3
•

SUP cycle 

could be accelerated by enhanced •OH productivity of ZrO2-N over that of 

ZrO2. 
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5.3.4. Proofs of •OH→NO3
•

SUP  

Aside from producing •OH, homolytic H2O2 dissection also evolves •OOH 

and O2
•- on LAII sites via LAII-•OH+H2O2→LAII-•OOH+H2O and LAII-

•OOH→LAII-O2
•-+H+, respectively, in which the latter can occur at pH 

values of >4.8, whereas the resulting LAII-O2
•- could tend to liberate O2

•- to 

an aqueous environment, if the surface were negatively-charged.[261-263, 

284] To inspect surface charges (zeta-potentials) of the catalysts exposed to 

reaction-limited domains considered below, aqueous mixtures of the catalysts 

and Na2SO4 (supporting electrolyte) were subjected to pH alteration of 3-7 

for collecting profiles of zeta potential versus pH for the catalysts.[264] 

Notably, reaction mixtures rapidly dropped their pH values from 7.0 to 4.9 

(± 0.1) within 10 minutes and retained their pH values of ~4.9 up to the 

termination of reaction runs. Surface charges of ZrO2 and ZrO2-N were 

proved to be negative and positive at pH domains of 4.9 (± 0.1), respectively, 

which indicated that O2
•- species could be anchored on ZrO2-N surface only 

during the reaction runs. 

Meanwhile, EPR spectroscopy experiments were conducted for reaction 

mixtures (catalysts mixed with reaction solutions) and reaction solutions 

(H2O2 and water) used to simulate homolytic H2O2 dissection cycle for ZrO2 

and overall •OH→NO3
•

SUP cycle (homolytic H2O2 dissection cycle coupled 

with •OH→NO3
•

SUP cycle) for ZrO2-N.[18, 101, 140, 141, 229, 230] DMPO 

were added to reaction mixtures and served as a spin trapping agent of •OH, 
•OOH, O2

•-, or NOY
•

SUP, whose evolution was enabled by H2O2 fed to the 

catalyst surfaces, whereas reaction solutions were isolated via syringe filtration 

of reaction mixtures.[18, 101, 140, 141, 229, 230] 
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Figure 5-4. (A) Proposed transformation routes of DMPO to DMPO-OH, DMPO-OOH, HDMPO-OH, 

and HDMPO-ONOZ SUP (Z= 1 or 2). EPR spectra of reaction mixtures (ZrO2 for (B); ZrO2-N for (C)) 

and reaction solution (ZrO2-N for (D)) collected through the filtration of reaction mixture with the use 

of a 0.45 μm-sized PES syringe. Reaction mixture was comprised of the catalyst (2 mg; sizes of <60 μm), 

de-ionized H2O (1.0 mL), H2O2 (0.3 mmol), and 5,5-dimethyl-1-pyrroline N-oxide (DMPO; spin 

trapper; 3 mmol) and stirred using vortex for 2 minutes at 25 °C prior to the analysis (B-C) or the 

filtration (D). Gray solid lines and violet empty circles indicate raw EPR spectra and those simulated. Black 

solid squares and red solid circles denote DMPO adducted to •OH (DMPO-OH) and •OOH/O2
•- 

(DMPO-OOH), respectively, whereas green solid upper triangles and blue solid diamonds indicate 

HDMPO adducted to •OH (HDMPO-OH) and supported ONOZ
• (HDMPO-ONOZ SUP), respectively. 

Relative abundances of adducts stated above were also assessed and exhibited in inset tables. 

 

Moreover, the resulting EPR spectra were computed to identify or quantify 

the radicals present in reaction mixtures and solutions. Of note, unpaired 

electron adjacent to β-H of DMPO can bind with •OH and •OOH/O2
•- 

via electron sharing to yield DMPO-OH (black solid square in Figure 5-4) 

and DMPO-OOH (red solid circle in Figure 5-4), respectively, where the 

latter’s production is realized by two routes such as DMPO directly adducted 

to •OOH and DMPO initially adducted to O2
•- to generate DMPO-O2

- 

followed by its protonation with the use of roaming, aqueous H+.[18, 229-

231, 264] Of additional note, a portion of DMPO-OH adducts were 

hypothesized to undergo coordination to LAII (•Zr4+•) site, H+ release, free 

electron confinement adjacent to LAII site (•Zr4+••), and •Zr4+•• 

liberation to finally evolve HDMPO.[18] The resulting HDMPO in turn can 
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potentially shares electron with aqueous •OH to produce HDMPO-OH 

(green solid upper triangle in Figure 5-4) or is adducted by NOY
•

SUP to 

generate HDMPO-ONOZ SUP (Z= 1 or 2) on ZrO2-N (blue solid diamond in 

Figure 5-4).[18] 

The EPR spectra of reaction mixtures were characterized by quartet signals 

with intensity ratios of 1:2:2:1, sextet signals with intensity ratios of 

1:1:1:1:1:1, and trio signals with intensity ratios of 1:1:1 for DMPO-OH, 

DMPO-OOH, and HDMPO-OH (Figure 5-4B to 5-4C), respectively.[18, 

229-231, 264] This apparently validated the evolution of •OH, •OOH, and 

O2
•- via homolytic H2O2 evolution. Interestingly, ZrO2-N also showed trio 

signals with intensity ratio of 1:1:1 and hyperfine splitting constants of 14.7 

G for a(14N) and 1.1 G for a(1H).[18] This could indicate the evolution 

NOY
•

SUP adducted to HDMPO (HDMPO-ONOZ SUP), whose hyperfine 

splitting constants and signal traits were postulated based on those of a group 

of reported five-/six-membered spin adducts with multi, bulky substituents, 

as specified in our previous study.[18] 

Relative abundances of spin adducts stated above were then computed in the 

EPR spectra of reaction mixtures for comparison. It should be emphasized 

that homolytic H2O2 dissection efficiency was potentially higher in ZrO2-N 

compared to ZrO2, as postulated in the sub-section concerning acidic 

properties of the catalysts. Hence, the numbers of •OH/•OOH/O2
•- released 

from the surface could be larger in ZrO2-N than in ZrO2 (DMPO-

OH/DMPO-OOH of ZrO2-N>ZrO2; 1st scenario). However, DMPO-OH 

near ZrO2-N surface could possess a higher tendency to coordinate to LAII 

site because of its greater ELA compared to that of ZrO2. This could lead to 

the formation of a larger amount of HDMPO (Figure 5-4A) near ZrO2-N 

surface in comparison with ZrO2 counterpart, as corroborated by a larger 

abundance of HDMPO for ZrO2-N (15.0%) than that for ZrO2 (5.4%), in 

addition to producing a moderate quantity of HDMPO-ONOZ SUP for ZrO2-

N (10.0%). Again, ZrO2-N could consume a greater number of DMPO-OH 
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for the generation of HDMPO, thus possibly showing a smaller abundance of 

DMPO-OH (35.0%) compared to ZrO2 (53.5%). Meanwhile, in comparison 

with ZrO2-N surface, ZrO2 counterpart was negatively-charged during 

homolytic H2O2 dissection, could liberate a greater number of O2
•- species to 

an aqueous medium, and thus potentially formed a larger quantity of DMPO-

OOH by way of DMPO-O2
- production (DMPO-OOH of ZrO2-N<ZrO2; 

2nd scenario). Two scenarios contradicting each other might bring about the 

evolution of DMPO-OOH with similar quantities across reaction mixtures 

(40-41.1%).  

The EPR spectra of reaction solutions were also featured by DMPO-OH, 

DMPO-OOH, HDMPO-OH, or HDMPO-ONOZ SUP (Figure 5-4D). In the 

case of ZrO2, the EPR spectrum simulated for reaction solution was 

comparable to that for reaction mixture in terms of relative abundances of 

spin adducts. This suggested that most of •OH/•OOH/O2
•- species evolved 

via homolytic H2O2 dissection did migrate from ZrO2 surface to an aqueous 

medium. In the case of ZrO2-N, a small amount of HDMPO-ONOZ SUP 

(1.7%) were detected in the EPR spectrum simulated for reaction solution. 

This could be responsible for few ZrO2-N particulates with sizes of <0.45 

μm, which passed through a 0.45 μm-sized syringe filter utilized to isolate 

reaction solution.[18] On the other hand, ZrO2-N surface was positively-

charged, attracted O2
•- species, potentially released only a few O2

•- species 

to an aqueous medium, and thus generated a small number of DMPO-OOH 

species originating from DMPO-O2
- intermediates. Indeed, the amount of 

DMPO-OOH was smaller in reaction solution (24.2 %) than in reaction 

mixture (40.0%). All the results on the EPR spectroscopy experiments could 

corroborate the feasibility of homolytic H2O2 dissection and •OH→NO3
•

SUP 

cycles on the catalyst surfaces. 

DFT calculation techniques were utilized to further substantiate 
•OH→NO3

•
SUP cycle on ZrO2-N (Figure 5-5), for which tetragonal ZrO2 

was terminated on the surface (1 0 1) facet for the creation of ZrO2 cluster 
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including [4 X 3] Zr atoms with hydrogens being bound to oxygens 

positioned at cluster edges. Surface (1 0 1) facet possesses the lowest surface 

energy among all the diffractions defined for tetragonal ZrO2 architecture 

(JCPDF No. of 01-080-0965) and thus was expected to help precisely 

simulating the change in thermodynamic energies (ΔE) involved in 
•OH→NO3

•
SUP cycle at 300 K. In addition, hydrogens present in ZrO2 cluster 

edges were anticipated to improve calculational performance and accuracy 

for •OH→NO3
•

SUP cycle, as reported elsewhere.[285, 286] Moreover, NO2
• 

is inferior to NO3
• with regard to E0 and t1/2 values.[111, 185, 201, 269] NO3

- 

and NO3
• thus served to simulate adsorption step and •OH-mediated 

radicalization step under aqueous phase, respectively, with the confirmation 

that the surfaces computed were in local-energy-minima. 

 

 
Figure 5-5. Computations concerning the energies released/up-taken for the adsorption of gaseous NO3

- 

on the surface terminated at the (1 0 1) facet for tetragonal ZrO2 to form supported NO3
- (NO3

-
SUP) with 

mono-dentate binding array and its radicalization to produce supported NO3
•(NO3

•
SUP) under aqueous 

phase at 300 K. Bond lengths of O-O innate to NO3
-/NO3

-
SUP/NO3

•
SUP, Zr-Zr inherent to ZrO2, and O-

Zr indigenous NO3
-

SUP/NO3
•

SUP on ZrO2 were also computed for comparison.   

 

Gaseous NO3
- was verified to preferentially bind with ZrO2 cluster via mono-

dentate configuration rather than bi-dentate counterpart. This was proved by 

exothermicity of ZrO2 cluster functionalized with mono-dentate NO3
- (NO3

-

SUP), as quantified by ΔE of -1171.5 kJ mol-1 (ΔE~ΔENO3-SUP ON ZrO2-(ΔENO3-

+ΔEZrO2)). This was in close agreement with in situ NO/O2-DRIFT spectrum 

of ZrO2 surface (Figure 5-3C), where NO3
-

SUP species were grafted on the 

surface primarily via mono-dentate binding array. Meanwhile, the distance 

of oxygens (dO-O) for gaseous NO3
- was 2.18 A"  and maintained post its 
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transformation into NO3
-

SUP (orange circle in Figure 5-5). Interestingly, 

oxygen of NO3
-

SUP was 3.21 A"  distant from lattice zirconium of ZrO2 cluster 

(dO-Zr), whereas the distance of two lattice zirconium atoms (dZr-Zr) for ZrO2 

cluster was 3.59 A" . Considering dZr-Zr was slightly longer than dO-Zr, the 

formation of bi-dentate NO3
- functionalities could be of high likelihood on 

ZrO2 cluster, yet, was demonstrated energetically unfeasible. This could 

provide additional evidence concerning mono-dentate NO3
-

SUP species as 

prime functionalities for ZrO2 surface. In addition, •OH-assisted 

radicalization of NO3
-

SUP to produce NO3
• analogue (NO3

•
SUP) and OH- was 

also verified exothermic, as demonstrated by ΔE involved of -155.8 kJ mol-

1 (ΔE~(ΔENO3•SUP ON ZrO2+ΔEOH-)-(ΔENO3-SUP ON ZrO2+ΔEOH•)) in addition to 

the maintenance of dO-O/dO-Zr values and mono-dentate binding 

configuration even post the production of NO3
•

SUP species via radicalization. 

This was con-current to the energetics on •OH→NO3
•

SUP cycle for MnO2 

polymorphs modified with NOY
-

SUP species in conjunction with •OH-

mediated, rapid transformation of NO3
- (unsupported) to NO3

• 

(•OH→NO3
•; k of 105-108 M-1 sec-1), as reported elsewhere.[18, 180, 181, 

183] DFT calculations validated that •OH→NO3
•

SUP cycle on ZrO2-N was 

exothermic and made it persuasive that endothermic •OH desorption was the 

rate-determining step to dictate the efficiency of overall •OH→NO3
•

SUP cycle 

on ZrO2-N. 
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5.3.5. Kinetics of homolytic H2O2 dissection and •OH→NO3
•

SUP cycles 

Control reaction runs were performed under reaction-limited domains to 

further explore the tangibility of homolytic H2O2 dissection cycle on ZrO2 

and overall •OH→NO3
•

SUP cycle on ZrO2-N. Their efficiencies, 

recyclabilities, and practicabilities in degrading aqueous contaminants were 

assessed using kinetic parameters such as initial reaction rates (-r), energy 

barriers (EBARRIER), or pre-factors (kAPP, 0).[25, 39, 107, 264] Phenol is feature 

by sp2-hybridized aromatics with -OH substituent and thereby was reported 

to possess high resistance against decomposition enabled by radicals.[25, 39, 

107, 264] In addition, phenol can undergo initial degradation via radical 

(•OH/NO3
•

SUP) addition, H• abstraction, or electron transfer, where •OH 

addition and H• abstraction can facilitate the accumulation of oligomeric 

compounds (poisons) on/near the catalyst surface through the formation of 

phenoxyl radical and reduce the recyclability of the surface in degrading 

phenol, as opposed to electron transfer.[114, 264, 270-272] Phenol was thus 

utilized as a model of refractory contaminants with the assumption that •OH 

(from ZrO2) and NO3
•

SUP (from ZrO2-N) could initiate phenol degradation 

via distinct routes. 

Meanwhile, electro-Fenton configuration was used to degrade phenol owing 

to continuous H2O2 generation in the presence of electric potential, thus 

rendering the amount of H2O2 fed to the catalyst surface to barely affect its 

efficiency to recur homolytic H2O2 dissection or overall •OH→NO3
•

SUP cycle 

per unit time.[25, 39, 107, 264] For this purpose, a graphite coated with the 

catalyst and a graphite uncoated were used as the cathode and the anode, 

respectively, and were situated vertically under an aqueous phase including 

phenol prior to the initiation of its degradation by applying electric potential 

across the electrodes.[25, 39, 107, 264] Of note, H2O is oxidized on the anode 

via H2O→2H++1/2O2+2e- and H2O→H++•OH+e-, where the former 

produces H+, O2, and e-, all of which migrate to the cathode for the 

continuous H2O2 evolution on/near the catalyst surface via 2H++O2+2e-
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→H2O2.[25, 39, 107, 264] In addition, anodic H2O oxidation also generates 
•OH on/near the anodic surface, whereas the anodic surface in turn can 

interact with •OH to produce surface O species prone to degrade phenol via 

anodic oxidation.[25, 39, 107, 264] Phenol degradation mediated by anodic 

oxidation should be deemed as a background and thus served to correct the 

reaction data for assessing •OH or NO3
•

SUP-mediated phenol degradation 

efficiency in accurate fashion.[25, 39, 107, 264] Of additional note, electric 

potentials were varied from 1 V to 3 V for phenol degradation runs. This can 

alter the energies exerted on the catalyst surfaces and helps verify the 

significance of •OH desorption stage as the rate-determining step for 

homolytic H2O2 dissection (on ZrO2) or overall •OH→NO3
•

SUP cycle (on 

ZrO2-N).[25, 39, 107, 264] The selection of 1-3 V was owing to the 

similarity of kinetic data for the catalysts to that for background (anodic 

oxidation) at <1 V and substantial detachment of the catalyst particles from 

the cathode at >3 V, as also observed elsewhere.[25, 39, 107, 264] 

Again, homolytic H2O2 dissection cycle was deployed for ZrO2 and ZrO2-N 

to evolve •OH and NO3
•

SUP, respectively, both of which potentially acted as 

the main degraders of phenol. The amounts of H2O2 evolved on/near the 

catalysts in the presence of electric potential (NH2O2) were assessed under the 

identical conditions to those used to conduct phenol degradation runs at 1-3 

V and 25 °C except for the exclusion of phenol.[25, 39, 47, 107, 264] NH2O2 

values of the catalysts were comparable at an identical electric potential, 

increased rapidly to 0.07-0.12 mmol within 10 minutes, yet, were unaltered 

up to 8 hours of reaction runs. NH2O2 values of the catalysts hardly increased 

upon the elevation of electric potential applied (surface energy↑) and/or the 

alteration of the catalysts utilized, which suggested their main role as H2O2 

scissors.  

To simulate electric potential-assisted H2O2 dissection cycle on the catalysts, 

these were exposed to the identical environments to those utilized to perform 

phenol degradation runs at 1-3 V and 25 °C except for the exclusion of 
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phenol and electric potential along with the addition of H2O2 to reaction 

mixtures.[25, 39, 47, 107, 264] Noteworthily, H2O2 can be self-decomposed 

in the absence of the catalysts to produce •OH, •OOH, or O2
•-, all of which 

can serve to degrade phenol.[18, 25, 39, 47, 107, 264]  H2O2 self-

decomposition was thus regarded as a background[18, 25, 39, 47, 107, 264] 

and used to correct the reaction data considered up to an hour of reaction 

runs, whose H2O2 conversions were <25% and unlikely to be affected by 

internal/external diffusions. Background-subtracted pseudo-1st-order 

kinetic models of -ln (CH2O2/CH2O2, 0) versus time for the catalysts served to 

extract their apparent reaction rate constants utilized to calculate initial H2O2 

dissection rates (-rH2O2)[18, 25, 39, 47, 107, 264], as detailed in the Methods 

section. -rH2O2 is defined as the moles of H2O2 consumed in a per-LAII site 

basis per unit time (Equation S4).[18, 25, 39, 47, 107, 264] -rH2O2 values of 

ZrO2-N (~0.10 min-1) were ~0.04 min-1 higher than those of ZrO2 across all 

the NH2O2 considered (Figure 5-6A), which could result from a higher ELA 

(EBARRIER↓), a higher EBA (EBARRIER↓), or a larger SBA (kAPP, 0↑) for ZrO2-N in 

comparison with the corresponding value for ZrO2, as demonstrated above. 

In addition, -rH2O2 values of the catalysts were invariant under such conditions 

that could simulate electric potential-assisted H2O2 dissection cycle on the 

catalysts. This suggested that the catalysts retained their H2O2 scission abilities 

at all the electric potentials varied and that H2O2 scission stage could not 

direct H2O2 dissection cycle on ZrO2 and overall •OH→NO3
•

SUP cycle on 

ZrO2-N as the rate-determining step. 
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Figure 5-6. (A) Backgrounds-subtracted initial H2O2 dissection rates per CO-accessible site basis (-rH2O2) 

for the catalysts with the variation of the amount of H2O2 fed (0.07-0.12 mmol) at 0 V and 25 °C. 

Backgrounds-subtracted initial phenol degradation rates per CO-accessible site basis (-rPHENOL) for the 
catalysts with the variation of an electric potential (1-3 V) at 25 °C. (B) -rPHENOL values of the catalysts 

with the variation of a catalyst particle size and/or a stirring speed at 3 V and 25 °C. (C) -rPHENOL values 

of the catalysts in the absence or the presence of a scavenger (hydroquinone, catechol, tert-butanol, or 

guaiacol) at 3 V and 25 °C. (D) Arrhenius plots (logarithmic apparent reaction rate constant (kAPP) versus 

reciprocal of reaction temperature with regression factors (R2) of ≥0.96) for the catalysts to assess their 

energy barriers (EBARRIER in inset table) and pre-factors directed by CO-accessible sites (kAPP, 0 in inset table) 

at 3 V and 25-55 °C. In (D), slopes and y-intercepts correspond to -EBARRIER/R X 10-3 and ln (CPHENOL, 

0 X kAPP, 0), respectively, where CPHENOL, 0 denotes the initial phenol concentration (1.0 X 10-3 mol L-1).  

 

Phenol degradation efficiencies of the catalysts were then assessed in the 

presence of electric potential with the use of background-subtracted, initial 

phenol degradation rates (-rPHENOL), whose definition is analogous to that of 

-rH2O2 values, as depicted in Equation S5.[18, 25, 39, 47, 107, 264] Moreover, 

the methodologies used to assess -rPHENOL values were also comparable to 

those utilized to evaluate -rH2O2 counterparts[18, 25, 39, 47, 107, 264], as 

specified in the Methods section. Phenol degradation runs were initially 

performed at 3 V with the alteration of the catalyst particulate sizes (<20 μm, 

20-45 μm, or <60 μm) and/or stirring speeds (300 rpm or 400 rpm) for 

ensuring that internal/external diffusional artifacts were absent across all 
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phenol degradation runs.[18, 25, 39, 47, 107, 264] The resulting -rPHENOL 

values of the catalysts were indeed consistent regardless of the changes in the 

catalyst particle sizes and/or stirring speeds (Figure 5-6B), which validated 

the reactions were performed under reaction-limited domains. -rPHENOL values 

of the catalysts were further assessed upon the change in electric potentials of 

1-3 V, at which the catalysts showed greater -rPHENOL values at a higher 

electric potential (Figure 5-6A). Again, H2O2 adsorption on the surfaces could 

be hindered to greater extent at a higher electric potential because the energies 

acting on the catalyst surfaces were larger. This could decline -rPHENOL values 

of the catalysts at a higher electric potential, if H2O2 adsorption stage were 

the rate-determining step. This was counter-current to the trends found in -

rPHENOL values of the catalysts at dissimilar electric potentials. In conjunction 

with the retention of -rH2O2 values for the catalysts under the conditions 

utilized to simulate phenol degradation runs at 1-3 V (Figure 5-6A), -rPHENOL 

values of the catalysts at 1-3 V suggested that •OH desorption stage could 

direct homolytic H2O2 dissection cycle on ZrO2 and overall •OH→NO3
•

SUP 

cycle on ZrO2-N as the rate-determining step. 

It should be emphasized that -rH2O2 values of the catalysts were always higher 

than their -rPHENOL counterparts (Figure 5-6A). This could originate from 

short lifetime of •OH species (t1/2 of 10-3 μsecond) to limit the chances 

utilized to degrade phenol for ZrO2 and to function as NO3
-

SUP radicalizers 

for the formation of NO3
•

SUP species on ZrO2-N. In addition, •OOH and 

O2
•- could also be evolved on the catalysts via homolytic H2O2 dissection 

cycle, as evidenced by their EPR spectroscopy experiments. Despite having 

smaller E0 values of ≤1.8 V than that of •OH,[18, 227] •OOH and O2
•- 

might primarily contribute to degrade phenol. Furthermore, while ZrO2-N 

displayed higher -rPHENOL values than ZrO2 at 1-3 V (Figure 5-6A), it was 

inconclusive concerning whether •OH and NO3
•

SUP could function as major 

species utilized to decompose phenol for ZrO2 and ZrO2-N, respectively. In 

this regard, phenol degradation runs were performed at 3 V and 25 °C with 
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the inclusion of a scavenger exhibiting distinct secondary rate constants to 

terminate •OH, •OOH, O2
•-, NO2

•, or NO3
•. Given k•OOH/O2•- values of 

scavengers, -rPHENOL values of the catalysts should be reduced in the order to 

without scavenger>with tert-butanol (or with guaiacol)>with catechol>with 

hydroquinone, if phenol degradation were dictated primarily by •OOH or 

O2
•-. The resulting -rPHENOL values of the catalysts, however, were of similar 

magnitude in the presence of all the scavengers depicted above for ZrO2 and 

in the presence of hydroquinone, catechol, and guaiacol for ZrO2-N (Figure 

5-6C). This indicated that phenol degradation efficiencies of the catalysts 

were not directed by •OOH or O2
•-. Meanwhile, if NO2

•
SUP functioned as 

the main degrader of phenol, -rPHENOL of ZrO2-N should not decrease in the 

presence of hydroquinone because of its kNO2• of ~0 M-1 sec-1. However, -

rPHENOL of ZrO2-N was severely reduced in the presence of hydroquinone 

(Figure 5-6C), which indicated that NO2
•

SUP played a minor role in degrading 

phenol on ZrO2-N. Importantly, •OH can be quenched similarly in the 

presence of scavengers stated above (k•OH values of 108-1010 M-1 sec-1), by 

which -rPHENOL values of the catalyst should not be distinct in the presence of 

scavengers, if •OH acted as the main decomposer of phenol. ZrO2 exhibited 

similar -rPHENOL values, irrespectively of the type of scavengers utilized (Figure 

5-6C). This indicated that homolytic H2O2 dissection cycle on ZrO2 could 

provide •OH as the main decomposer of phenol. On the other hand, NO3
•

SUP 

can be quenched moderately in the presence of tert-butanol (kNO3• of 104-

105 M-1 sec-1) and should be scavenged severely yet similarly in the presence 

of hydroquinone, catechol, or guaiacol (kNO3• values of 108-109 M-1 sec-1). 

This was in exact alignment with the trend found in -rPHENOL values of ZrO2-

N in the presence of scavengers (Figure 5-6C). This indicated overall 
•OH→NO3

•
SUP cycle on ZrO2-N could provide NO3

•
SUP as the main 

degrader of phenol.  

Despite it was identified that •OH and NO3
•

SUP were the prime species to 

decompose phenol for ZrO2 and ZrO2-N, respectively, •OH and NO3
• 
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(unsupported) might be generated by BA/LAII or NO3
- species leached from 

the catalyst surfaces. Their filtration runs were thus carried out under the 

identical environments to those used to perform phenol degradation runs at 3 

V except for removing the catalysts after an hour for collecting reaction 

solutions via vacuum filtration.[18, 25, 39, 47, 107, 264] The resulting 

reaction solutions were then monitored with regard to the amount of phenol 

consumed (C*PHENOL) versus time up to 8 hours.[18, 25, 39, 47, 107, 264] The 

profile of C*PHENOL versus time in the absence of the catalyst (blank run) could 

be dictated by H2O2 self-decomposition and was also monitored for 

comparison.[18, 25, 39, 47, 107, 264] Blank run revealed C*PHENOL of 200 

(±30) μM at 1-8 hours, which was comparable to those of filtration runs 

at 1-8 hours (180 (±10) μM for ZrO2; 180 (±15) μM for ZrO2-N), 

mainly resulting from phenol decomposition mediated by the products of 

H2O2 self-decomposition (•OH, •OOH, or O2
•-). This apparently validated 

that BA/LAII sites of the catalysts could cleave H2O2 to form •OH via 

heterogeneously catalysis and that ZrO2-N deployed supported NO3
• 

(NO3
•

SUP) to decompose phenol. 

It was demonstrated that homolytic H2O2 dissection and overall 
•OH→NO3

•
SUP cycles could escalate their efficiencies (-rPHENOL) by lowering 

EBARRIER needed to desorb •OH (EBA↑ or ELA↑) in tandem with the elevation 

of collision frequency (kAPP, 0) for BA↔H2O2 (SBA↑ for H2O2 adsorption) or 

LAII↔H2O2 (SLA↑ for H2O2 distortion). In spite of having smaller SLA, ZrO2-

N possessed larger EBA, ELA, and SBA values compared to ZrO2 and thereby 

was hypothesized to increase -rPHENOL values with EBARRIER and kAPP, 0 being 

tentatively reduced and escalated. To demonstrate the postulation mentioned 

above, phenol degradation runs on the catalysts were performed identically to 

those at 3 V and 25 °C with the exception of altering reaction temperature 

to 35-55 °C, across which -rPHENOL values of ZrO2-N were consistently 

higher than those of ZrO2. The energy acting on the catalyst surface can be 

elevated at a higher temperature, at which •OH desorption from the surface 
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is more pronounced (EBARRIER↓).[18, 25, 39, 47, 107, 264] This indicates that 

-rPHENOL values of the catalyst should conform to Arrhenius behavior.[18, 47, 

107] Arrhenius plots of logarithmic -rPHENOL (ln (-rPHENOL)) versus reciprocal 

of reaction temperature (1/T) were constructed for the catalysts (Figure 5-

6D), showed good fits (regression factors (R2) of ≥0.96), and provided 

EBARRIER (slopes) and kAPP, 0 values (y-intercepts) of the catalysts (Equation S7). 

Interestingly, in spite of providing a higher SBA, ZrO2-N exhibited a smaller 

kAPP, 0 than that of ZrO2. This might be attributed to steric hinderance caused 

by NO3
-

SUP functionalities vicinal to LAII sites, which could severely hamper 

the collisions of LAII ↔H2O2 needed for geometric distortion of H2O2. In 

contrast, as anticipated, ZrO2-N unveiled a smaller EBARRIER than that of ZrO2. 

This demonstrated the merits of mono-dentate NO2
-

SUP (ELA↑) and NO3
-

SUP 

(EBA/ELA↑) functionalities, both of which made LAII/BA sites intact, aided in 

accelerating •OH productivity, and ultimately led to enhancing -rPHENOL 

values of ZrO2-N over those of ZrO2 via •OH→NO3
•

SUP route.  
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5.3.6. Recyclability and practicability of ZrO2/ZrO2-N 

Recyclabilities of the catalysts were then examined by exposing them to 

phenol degradation environments at 3 V multiple times, across which the 

catalyst-coated cathode subjected to the reaction run was rinsed with 

H2O/ethanol and dried overnight at 80° C under vacuum prior to 

conducting the next reaction run.[18, 25, 39, 47, 107, 264] Phenol 

degradation efficiency of the (used) catalyst was assessed using -r’PHENOL, 

which is defined as the moles of phenol consumed in a per-gram basis per 

unit time subjected to background subtraction for diagnosis in terms of 

commercial availability.[18, 25, 39, 47, 107, 264] The catalysts leached 

minute quantities of Zr and/or N contents throughout the recycle runs. This 

could indicate the retention of BA/LAII and/or NO3
-

SUP species included in the 

catalysts, which were essential to activate homolytic H2O2 scission and/or 
•OH→NO3

•
SUP cycles, respectively. Nonetheless, ZrO2 continuously declined 

its -r’PHENOL values during each of the recycle runs (Figure 5-7A). This 

potentially resulted from the accumulation of oligomeric compounds (poisons) 

on LAII/BA sites, which could be incurred by phenoxyl radicals (precursors of 

oligomeric compounds) generated via •OH addition to and/or H• abstraction 

from phenol, as discussed earlier.[114, 264, 270-272, 276] Conversely, ZrO2-

N outperformed ZrO2 in recycling phenol degradation. This was corroborated 

by -rPHENOL values of ZrO2-N, which were consistently higher than those of 

ZrO2 during each of the recycle runs (Figure 5-7A). In addition, ZrO2-N 

maintained its -r’PHENOL values throughout the recycle runs. This tentatively 

originated from the circumvention of phenoxyl radical formation with the 

deployment of electron transfer as a primary pathway to initiate phenol 

degradation on NO3
•

SUP species.[270] Meanwhile, the intermediates evolved 

via NO3
•

SUP addition to and H• abstraction from phenol could severely limit 

the recurrence of phenol degradation on NO3
•

SUP species per unit time (-

r’PHENOL of ~0 μmolPHENOL gCAT
-1 min-1), as was not the case with phenol 

degradation recycle runs on ZrO2-N. 



 

 １９８ 

 
Figure 5-7. (A) -rPHENOL values of the catalysts exposed to recycle environments at 3 V and 25 °C. (B) 

Fittings of background-subtracted phenol degradation data to pseudo-1st-order kinetic model (-ln 

(CPHENOL/CPHENOL, 0) versus time with regression factors (R2) of ≥0.99) for assessing apparent phenol 

degradation rate constants (kH for phenol; kD for phenol-d6 in inset table) of the catalysts and their kH/kD 

values at 3 V and 25 °C. kH/kD values served to identify the significance of hydrogen (H•) abstraction to 

initially degrade phenol mediated by •OH (for ZrO2) or NO3
•

SUP (for ZrO2-N). In (B), background 
originates from the transition of H2O2 into •OH/•OOH/O2

•- in the absence of the catalyst, whereas 

CPHENOL, 0 and CPHENOL denote phenol concentration initially fed and that monitored at a specific reaction 

time, respectively. Reaction conditions for (B): 0.2 g of catalyst with sizes of <60 μm; 0.1 mmol of phenol 

or phenol-d6; 100 mL of de-ionized H2O; 0.05 mmol of Na2SO4; 0 mmol of H2O2; 3 V; 25 °C; 300 

rpm. (C) Backgrounds-subtracted initial textile wastewater mineralization rates per mass basis (-r’C/-r’N) 

for ZrO2-N exposed to recycle environments in the presence of H2O2 at 0 V and 25 °C.  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This again suggested that electron transfer primarily initiated phenol 

degradation on NO3
•

SUP species and could evade the accumulation of surface 

poisons, as claimed elsewhere.[270] Nevertheless, NO3
• (unsupported) was 

reported to start off with phenol degradation via H• abstraction with k of 

~109 M-1 sec-1.[271] Moreover, although the production of phenoxyl radicals 

via •OH addition or H• abstraction route was highly likely for ZrO2, this 

opened the question concerning which route should outweigh the other to 

account for •OH-mediated generation of phenoxyl radicals on/near ZrO2. 

Phenol-d6 has O-deuterium (D) bond with a lower vibrational frequency 

compared to that of O-H bond innate to phenol.[287, 288] Phenol-d6 thus 

needs a higher energy for O-D cleavage via D• abstraction to generate 

deuterated phenoxyl radical (apparent reaction rate constant↓) in 

comparison with an energy required for O-H cleavage of phenol via H• 

abstraction.[288, 289] In this regard, phenol and phenol-d6 were degraded 

on the catalysts at 3 V for evaluating their apparent reaction rate constants 

referred to as kH and kD, respectively, post the correction of reaction data 

using backgrounds (Figure 5-7B). The resulting ratios of kH to kD (kH/kD) 

were merely 1.2-1.4 for the catalysts. Given previous literatures arguing that 

H• (or D•) abstraction becomes significant at kH/kD values of >2,[290, 291] 

kH/kD values assessed herein could indicate that H• (or D•) abstraction route 

was insignificant to initially dictate phenol (or phenol-d6) degradation, where 
•OH (for ZrO2) or NO3

•
SUP (for ZrO2-N) served as the major degrader of 

phenol. This also clarified that phenol degradation could be initiated by •OH 

addition and electron transfer on/near ZrO2 and ZrO2-N, respectively. 

To present additional proofs concerning primary pathways to initiate phenol 

degradation on the catalysts, EDX mapping images of the catalysts subjected 

to the 1st, 3rd, and 5th recycle runs for 8 hours (Figure 5-7A) were collected to 

explore their surface elemental ratios of N/Zr or C to Zr (C/Zr). ZrO2-N 

highly dispersed surface N species and displayed N/Zr of 0.09 prior to the 1st 

cycle, which was in close line with N/Zr (0.10) of ZrO2-N analyzed via XP 
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spectroscopy. Moreover, N/Zr of ZrO2-N was maintained up the 5th cycle, 

which was also in agreement with negligible N leaching of ZrO2-N up to the 

5th cycle, as discussed earlier. Noteworthily, ZrO2-N exhibited C/Zr values 

of 0.09 post the 1st cycle, 0.10 post the 3rd/5th cycles, all of which were a third-

a sixth of C/Zr values for ZrO2 (0.30/0.37/0.63 post the 1st/3rd/5th cycles). 

This apparently unveiled •OH addition-mediated accumulation of poisons 

on ZrO2 surface via •OH addition. This was opposed to NO3
•

SUP-enabled 

circumvention of poison deposition on ZrO2-N surface via electron transfer, 

although few •OH in excess relative to NO3
-

SUP served to trigger phenol 

degradation via •OH addition rather than to radicalize NO3
-

SUP for the 

production of NO3
•

SUP (C/Zr of ≤0.10 up to the 5th cycle). 

α-MnO2 modified with NOY
- functionalities (α-MnO2-N) could afford 

NO3
•

SUP species evolved via overall •OH→NO3
•

SUP route, whose rate-

determining step was to desorb •OH from reducible Mn2+/3+ species, whereas 
•OH desorption could be accelerated to greater extent at a smaller ELA.26 ELA 

of Mn2+/3+ species innate to α-MnO2-N was far smaller than that of LAII 

counterparts inherent to ZrO2-N. This was evidenced by minute NCO values 

of α-MnO2-N, which were obtained from its CO isotherm experiments at 

≥-20 °C.[18] This highly suggested that EBARRIER of overall •OH→NO3
•

SUP 

route could be lower in α-MnO2-N than in ZrO2-N. In addition, although 

α-MnO2-N and ZrO2-N contained similar bulk (or surface) N contents 

relative to metals, α-MnO2-N provided a larger number of NO3
•

SUP 

precursors (NO3
-

SUP) than ZrO2-N, as corroborated by their XP/XANES 

spectroscopy experiments.[18] This also suggested that α-MnO2-N could 

enhance collision frequencies of •OH↔NO3
-

SUP or NO3
•

SUP↔pollutant over 

ZrO2-N. All of these were coupled to allow us to postulate that α-MnO2-

N can outperform ZrO2-N in mineralizing pollutants by lowering EBARRIER yet 

elevating kAPP, 0 better than ZrO2-N. 

To verify the hypothesis stated above, ZrO2-N were subjected to textile 

wastewater mineralization runs multiple times, during which the reaction 
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conditions were regulated identically to those on α-MnO2-N we reported 

previously, while using an excess amount of H2O2 species as •OH precursors 

in the absence of electric potential.[18] Moreover, suspended solids and •OH 

scavengers (CO3
2-/HCO3

-) were removed from textile wastewater identically 

via vacuum filtration and pH regulation, respectively.[18] Notably, the 

resulting textile wastewater and that utilized previously were verified to have 

TOC/TN values almost identical each other, as detailed in the Methods 

section. In addition, mineralization efficiencies of textile wastewater on α-

MnO2-N and ZrO2-N were assessed using -r’C/-r’N values, whose 

definitions are the moles of carbon/nitrogen mineralized in a per-gram basis 

per unit time (Equation S8 and S9) post the correction of reaction data using 

backgrounds such as H2O2 self-decomposition and wastewater adsorption on 

the surface.[18] Apparently, -r’C/-r’N values of α-MnO2-N were about 2-

fold/1.3-fold greater than the corresponding values of ZrO2-N during the 1st 

cycle (Figure 5-7C), as predicted earlier. However, throughout the recycle 

runs, α-MnO2-N continuously leached moderate quantities of Mn species, 

whose nature was proved Lewis acidic, as we reported elsewhere.[18] This 

resulted in considerable reduction of -r’C and -r’N values for α-MnO2-N 

subjected to the 4th cycle, which were only a sixth and a half of the 

corresponding values for α-MnO2-N at the 1st cycle.[18] In contrast, ZrO2-

N leached negligible quantities of Zr species and retained -r’C/-r’N values 

throughout the recycle runs. Importantly, -r’C/-r’N values of ZrO2-N were 

larger than those of α-MnO2-N from the 2nd cycle. This apparently 

demonstrated that in comparison with α-MnO2-N, ZrO2-N could exploit 

overall •OH→NO3
•

SUP route in more sustainable fashion and that non-

reducible metal oxide (ZrO2) could be particularly conducive to deploy 

NO3
•

SUP as the prime degrader/mineralizer of aqueous refractory pollutants. 
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5.4. Conclusions 

This study has deployed radical transfer from •OH to surface NO3
- 

functionality (NO3
-

SUP) to generate NO3
• analogue (•OH→NO3

•
SUP), for 

which a catalytic scaffold utilized to activate H2O2 dissection and 
•OH→NO3

•
SUP (denoted as overall •OH→NO3

•
SUP) was altered from 

reducible metal oxide to non-reducible counterpart. The primary motivation 

of this study was the centrality of catalytic H2O2 dissection, whose •OH 

productivity could direct the efficiency of NO3
•

SUP formation via 
•OH→NO3

•
SUP. Additional impetus of this study was the benefits of 

homolytic H2O2 dissection (H2O2→2•OH) relative to heterolytic counterpart 

(H2O2+electron→•OH+OH-) such as a higher •OH productivity, minute 

leaching of H2O2 scissors (Lewis acidic metal (LA) or Brönsted acidic -OH 

(BA)) alongside with intermolecular electron exchange between LA and H2O2 

being uninvolved. Thus, overall •OH→NO3
•

SUP on non-reducible metal 

oxides was expected to advance degradation or mineralization efficiency of 

aqueous refractory contaminants (phenol or textile wastewater) via 

sustainable manner with the use of NO3
•

SUP species. 

In this regard, ZrO2 served as a representative of non-reducible metal oxides 

activating homolytic H2O2 dissection to evolve •OH, whereas ZrO2 

functionalized with NO3
- species (ZrO2-N) served to activate overall 

•OH→NO3
•

SUP to evolve NO3
•

SUP. In conjunction with DFT calculations, in 

situ NO/O2-DRIFT, XP, and XANES spectroscopy experiments provided 

evidence that NO3
- functionalities were grafted on ZrO2-N surface with 

mono-dentate binding array only. Moreover, DFT calculations and EPR 

spectroscopy experiments demonstrated that ZrO2 and ZrO2-N could evolve 
•OH and •OH/NO3

•
SUP, respectively, with •OH→NO3

•
SUP on ZrO2-N 

being exothermic and spontaneous. This left endothermic •OH desorption as 

the rate-determining step of homolytic H2O2 dissection and overall 
•OH→NO3

•
SUP, as also substantiated by a series of kinetic runs to dissect 

H2O2 or degrade phenol with the variation of energies exerted on ZrO2 
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surfaces.  

Of note, strong acidic strengths of BA/LA sites (EBA/ELA) are desired to decline 

energy barriers (EBARRIER) needed to desorb •OH for homolytic H2O2 

dissection and overall •OH→NO3
•

SUP. Meanwhile, large areas of BA/LA sites 

(SBA/SLA) are beneficial to elevate collision frequencies of BA↔H2O2 (for H2O2 

adsorption) and LA↔H2O2 (for H2O2 distortion), resulting in the increase in 

pre-factors (kAPP, 0) for homolytic H2O2 dissection and overall •OH→NO3
•

SUP. 

CO/CO2 isotherms and NH3-TPD experiments validated that compared to 

ZrO2, ZrO2-N with mono-dentate NO3
-

SUP species provided larger EBA/ELA 

values and a higher SBA, where the formers were identified to reduce EBARRIER 

of ZrO2-N, albeit the latter hardly elevated kAPP, 0 of ZrO2-N due possible to 

steric hindrance incurred by NO3
- functionalities vicinal to BA sites, as 

evidenced by Arrhenius plots of the catalysts. 

Of additional note, filtration/scavenging runs demonstrated that •OH and 

NO3
•

SUP functioned as primary decomposers of contaminants for ZrO2 and 

ZrO2-N, respectively. NO3
•

SUP was verified to enhance efficiencies (-rPHENOL) 

in recycling phenol degradation over •OH. In particular, •OH initiated 

phenol degradation via •OH addition, continuously accumulated poisons on 

LA/BA sites of ZrO2 across the recycle runs, thereby gradually declining its -

rPHENOL values throughout the recycle runs. Conversely, NO3
•

SUP initiated 

phenol degradation via electron transfer and evaded the 

generation/accumulation of poisons on ZrO2-N surface, as evidenced by the 

retention of its -rPHENOL values throughout the recycle runs. Furthermore, 

ZrO2-N functioned as a scaffold to immobilize NO3
•

SUP species better than a 

representative of reducible metal oxides (α-MnO2-N) we reported 

previously, as proved by their efficiencies (-r’C/-r’N) in recycling textile 

wastewater mineralization. -r’C/-r’N values of ZrO2-N were maintained 

throughout the recycle runs and higher than those of α-MnO2-N from the 

2nd cycle with the numbers of Zr leached from ZrO2-N being marginal in 

comparison with those of Mn leached from α-MnO2-N.  



 

 ２０４ 

Chapter 6 

Summary and Future Work 
 

6.1. Summary 

This dissertation reports a study on pursuing several primary objectives with 

the functionalized metal oxide catalysts, as shown below. 

(1) The types of advanced oxidation processes and the Fenton reaction are 

discussed in Chapter 1. Particularly, radical chemistry has been the core of 

environmental catalysis because radicals with high oxidation potentials (•OH 

and SO4
•-) can degrade aqueous contaminants (such as phenol) via oxidation. 

Furthermore, the rationales for using metal oxides in water treatment are 

suggested. 

(2) Chapter 2 proposed and pioneered a novel methodology to accommodate 

SO4
•- on the surface of the NiO platform, wherein Niδ+ species (δ ≤ 2) and 

SO4
2- functionalities are dispersed and act as a H2O2 decomposer (•OH 

producers) and SO4
•- precursors, respectively The key part of the Chapter 2 

describes the radical transfer from •OH to SO4
•- (•OH → SO4

•-), which 

occurred as long as the SO4
2- functionalities were immobilized on the NiO 

surface. Additionally, the supported SO4
•- species generated via the •OH → 

SO4
•- route outperformed traditional •OH species in efficiently and 

sustainably decomposing aqueous pollutants. 

The surface reaction dynamics/energetics of •OH → SO4
•- were clarified via 

a kinetic assessment and DFT calculations, both of which have never been 

implemented in previous studies on the radical-mediated oxidation of 

recalcitrant contaminants. Importantly, NiO served as a platform to afford 

Niδ+ and SO4
2-. This was motivated by our previous study on metal sulfides, 

in which the use of Niδ+ helped determine the Lewis acidity most desired to 

fragment H2O2 among Peroid-4 elements, such as Mnδ+, Feδ+, Coδ+, Niδ+, 

and Cuδ+. 
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(3) In Chapter 3, the aforementioned •OH → SO4
•- pathway was discussed 

as a unique, and significant route, thereby motivating a study on altering the 

platform used to accelerate this pathway better than NiO. The radical (•OH 

or SO4
•-)-assisted degradation of aqueous refractory pollutants faces two 

conundrums: such as 1) periodic demand of the radical precursor (H2O2 or 

HSO5
-/S2O8

2-) upon the exhaustion of the radical to compensate for its short 

lifespan, and 2) limited number/strength of the Lewis acidic metal innate to 

the catalyst for cleaving the radical precursor. These issues can be resolved 

mostly by positioning a bare anode and a cathode coated with a SO4
2-- 

functionalized metal oxide catalyst in an aqueous electric environment, as 

pioneered in this study and demonstrated in Chapter 2. This can permit 

continuous evolution of H2O2 on/near the cathode, sustainable catalytic H2O2 

cleavage on the Lewis acidic metal for evolving •OH, consistent recovery of 

the Lewis acidic metal by e- reduction, and recurrent radicalization of the 

SO4
2- functionality by •OH to generate supported SO4

•- (•OH → SO4
•-), all 

of which are coupled to enhance the contaminant-degrading activity and 

reusability of supported SO4
•- over those of conventional •OH. 

However, NiO should only include a coordinatively-saturated Ni2+ species 

that is inaccessible to the •OH precursor (H2O2), as indicated by their crystal 

structures. Hence, NiO can significantly accelerate •OH → SO4
•- if it is 

synthesized under conditions that favor the formation of numerous Lewis 

acidic Ni2+ defects. The Lewis acidic strength of surface metals is critical in 

promoting the •OH → SO4
•- pathway because it is primarily directed by •OH 

desorption from the Lewis acidic metals as the rate-determining stage. 

Additionally, oxo-spinels are a fascinating class of metal oxides that 

intrinsically bears H2O2-accessible/open metal sites, whose quantity, Lewis 

acidic strength, accessibility, or stability in an aqueous electric environment 

can be tuned according to changes in the properties of the metals used such 

as their type and compositions. 
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(4) In Chapter 4, we pioneered the use of α-/β-/γ-MnO2 polymorphs as 

they contain Lewis acidic Mn2+/3+ species, which can be exploited for 

heterolytic scission of excess H2O2 to produce large quantities of 
•OH/•OOH/O2

•-, among which the abundant •OOH and O2
•- can 

regenerate Mn2+/3+ species for the recurrence of •OH evolution. Additionally, 

α-/β-/γ-MnO2 exhibit high intimacy with NO3
- species and thus 

immobilize NO3
- functionalities (the NO3

• precursor) on their surfaces. 

Oxidative degradation of aqueous pollutants is conventionally enabled by 

surface-unbound •OH and SO4
•-, both of which can readily deprive of 

contaminants of electrons (e-) for their rapid mineralization. However, •OH 

and SO4
•-, have short lifetimes and/or a high inclination to being quenched 

by the background scavengers present in water matrices. Interestingly, NO3
• 

has a lengthy lifetime and a strong resistance to being scavenged by water 

matrices despite having a moderate oxidizing power. However, the generation 

of NO3
• is arduous owing to requirements such as the presence of a labile O3 

coupled NO2
• in the absence of sunlight, an element exhibiting activity in 

high-energy e--beam-assisted radiolysis, and a high-power laser for 

radicalizing NO3
- ions in an acidic environment. 

Consequently, we envisioned that the radical transfer from surface-unbound 
•OH species to the NO3

- functionalities supported on α-/β-/γ-MnO2 

surfaces was energetically favorable (exothermic) and highly tangible under a 

circumneutral pH environment (denoted as •OH → NO3
•

SUP). Of additional 

significance, we hypothesized that the •OH → NO3
•

SUP efficiency on α-/β-

/γ-MnO2 is influenced by their geometrical traits. Through a series of kinetic 

runs performed using a model compound (phenol) and/or real (textile) 

wastewater, NO3
•

SUP was confirmed to be superior to conventional •OH and 

SO4
•-

SUP (produced via •OH → SO4
•-

SUP) in degrading pollutants. 
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(5) In Chapter 5, as detailed below, an altered methodology was presented to 

catalyze the •OH produced via heterolytic H2O2 dissection on a reducible 

metal oxide (MnO2) to its homolytic counterpart on a nonreducible metal 

oxide (ZrO2). •OH acts as a powerful trigger (standard reduction potential 

(E0) of 2.7 V) to radicalize aqueous refractory pollutants (such as phenol) via 
•OH addition/•H abstraction and forms intermediates (such as the phenoxyl 

radical) that are susceptible to evolving oligomeric compounds via couplings. 

However, these compounds function as surface poisons and are deposited 

onto/near surface H2O2 activators, which produce •OH via H2O2 cleavage, 

thereby reducing the efficiency of catalysts used in cyclic pollutant 

degradation or mineralization. Although, NO3
• is considered a moderate 

initiator of pollutant radicalization (E0 of 2.4 V), it can substitute •OH owing 

to its longer half-life (6 μseconds) than that of •OH (10-3 μsecond) and a 

greater tolerance against aqueous backgrounds. Nevertheless, NO3
• has rarely 

been used as a contaminant degrader primarily owing to the requirement of a 

radioactive element, unstable NO2
•, HNO3, or highly excited electrons for 

NO3
• generation via photolysis/radiolysis. 

The overall •OH→NO3
•

SUP reaction and the MnO2 polymorphs serving as 

scaffolds that include H2O2 activators (Mn2+/3+) and anchoring spots for NO3
- 

species were discussed in Chapter 4. However, the resulting NO3
--

functionalized MnO2 (MnO2-N) suffered from the severe leaching-induced 

loss of the surface Mn2+/3+ species, decreasing the•OH productivity. 

Additionally, MnO2-N primarily bore bi-dentate NO3
- functionalities rather 

than mono-dentate counterparts. However, the bi-dentate NO3
- species led 

to the loss of Mn2+/3+ species (decreased •OH productivity) and provided only 

one O atom in a per-NO3
- functionality available for activating •OH→ 

NO3
•

SUP. Therefore, conclusions were drawn that ZrO2 modified with NO3
- 

functionalities (ZrO2-N) was more efficient and stable than MnO2-N in the 

cyclic textile-wastewater mineralization, as evidenced by the recycle runs and 

quantities of leached Zr/Mn. 
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6.2. Future work and perspectives 

To achieve higher activities than those of the aforementioned functionalized 

metal oxide catalysts, one can suggest the further modification of the 

functionalities (e.g., phosphate functional group). The H3-XPO4
•(X-1)- species 

and their precursors (H3-XPO4
X-) can be grafted onto the surface exclusively 

via mono-dentate binding arrays, for instance, by utilizing (NH4)2HPO4 as 

H3-XPO4
X-

SUP precursors and exploiting the thermal transition of H3PO4SUP (to 

H2PO4
-

SUP, HPO4
2-

SUP, and eventually PO4
3-

SUP at 250-450 °C). Importantly, 

all H3-XPO4
•(X-1)- species have standard reduction potentials (E0 of 2.3-2.5 V) 

and lifespans (t1/2 values of <~102 μseconds) that are similar to and longer 

than those of their SO4
•-/NO3

• counterparts, respectively (E0 of 2.4-2.6 V; 

t1/2 values of ~101 μseconds). 

Additionally, an identical platform should preferentially be established to 

conduct a fair comparison. This dissertation proposed various monometallic- 

and bimetallic-oxide-immobilized SO4
2-/NO3

- functionalities. To ensure a 

fair comparison between the activities and performances of the catalysts and 

functionalities, further studies should employ an identical platform for 

modification with different functional groups and modulated the Lewis acidic 

sites and strengths. 
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Abstract 
  

본 학위논문에서는 근래 강화되는 수질 규제 및 국민의 눈높이에 부응하기 

위한 수계의 오염도 조절의 핵심인 하•폐수의 효율적 안정적 처리를 위한 

고도산화공정에 관련된 방법을 제시한다. 고도산화공정이란 •OH와 같은 

강력한 산화제를 이용하여 유기물을 산화•광물화시키는 방법을 일컫는다. 

•OH의 경우, addition이나 H abstraction 방법으로 유기물을 광물화하되, 

광물화에 가장 큰 활성(환원전위가 가장 큼)을 가지는 화합물로 알려져 

있으나, 그 수명이 매우 짧다는 한계점을 갖는다. 반면 SO4
•-, NO3

•의 경우, 

환원전위가 •OH 대비 다소 작음에도 불구하고, 수명이 획기적으로 길다는 

장점을 갖는다. 중요하게도, SO4
•-, NO3

•는 electron transfer가 가능하므로, 

이들이 유기물로부터 전자를 제공받아 SO4
2-, NO3

-로 변환된 후, 다시 

라디칼화제에 의하여 SO4
•-, NO3

•로 재변환 될 수 있다면, 그리고 상술한 

라디칼들의 산화환원 현상이 안정적으로 지속될 수 있다면, •OH와 달리 

유기물 분해를 위한 라디칼의 사용횟수가 기하급수적으로 늘어날 수 있다. 

다시 말해 제한된 또는 극한의 조건에서만 생성되는 라디칼들(예를 들어, 

SO4
•-, NO3

•)을 용이하게 생성시킬 수 있는 방법론에 관한 것이다. 

구체적으로 •OH 대비 상대적으로 작은 산화-환원전위(redox potential)를 

가짐에도 불구하고, 획기적으로 향상된 수명(lifespan)을 지니는 SO4
•-, 

NO3
•을 금속산화물 표면에 고정시키기 위하여 이들의 전구체인 SO4

2-, 

NO3
- 기능기들을 금속산호물 표면에 안정적으로 anchoring시키고, 이들이 

라디칼 전이 기작(radical transfer mechanism)에 의하여 전자(electron)를 

하나 잃고, 라디칼화(radicalization)되는 방법론에 관한 것이다. 

따라서 본 학위논문은 생성된 표면고정화 라디칼인 SO4
•-, NO3

•를 

고정화하기 위한 지지체로써 다양한 종류의 금속산화물을 사용하여 표면을 

기능화 한 뒤, 이를 이용하여 하•폐수의 오염물을 광물화 

(mineralization)하는 효율을 향상시키는 방법론을 제시함과 동시에 실제 

상용화 될 수 있음을 시사한다. 
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