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Abstract  

Catalytic ozonation has been widely applied for the treatment of municipal and 

industrial wastewaters. However, the mechanism of catalytic ozonation is still unclear 

due to the controversial results reported in the literature with this limiting the 

optimization of this technology. In this study, we extended the mechanistic 

understanding of catalytic ozonation process via investigation of organic oxidation and 

O3 decay in the presence of a wide variety of catalysts including commercially available 

Fe–impregnated activated carbon, CuO and Cu–Al layered double hydroxides. We also 

investigated the influence of salinity as well as the matrix on the performance of the 

catalytic ozonation process.  

The Fe–impregnated activated carbon catalyst enhances O3 decay with this generating 

hydroxyl which enhanced the formate oxidation at pH 3.0 compared to that observed 

in the presence of O3 alone. The involvement of hydroxyl radicals in formate oxidation 

by the catalytic ozonation process is supported by the observation that the rate and 

extent of formate oxidation decreases in the presence of tert-butanol and Cl– (which are 

known bulk hydroxyl radicals scavengers under acidic conditions). Moreover, the 

oxidation of formate mostly occurs in the solid–liquid interface and/or the bulk solution 

with adsorption playing no role in the overall oxidation. The catalyst is not active at pH 

7.3 and 8.5 suggesting that only the protonated iron oxide surface sites generated strong 

oxidant(s) on interaction with O3. A mechanistic kinetic model has been developed to 

adequately explain O3 decay and formate oxidation during catalytic ozonation process.  

In the presence of CuO and Cu–Al layered double hydroxides, oxidation of oxalate 

mostly occurs on the catalyst surface via interaction of surface oxalate complexes with 

surface−located oxidants. In contrast, the oxidation of formate occurs in the bulk 
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solution as well as on the surface of the catalyst. Measurement of O3 decay kinetics 

coupled with fluorescence microscopy image analysis corresponding to 

7−hydroxycoumarin formation indicates that while surface hydroxyl groups in Cu−Al 

layered double hydroxides facilitate slow decay of O3 resulting in the formation of 

hydroxyl radicals on the surface, CuO rapidly transforms O3 into surface−located 

hydroxyl radicals and/or other oxidants. Futile consumption of surface−located 

oxidants via interaction with the catalyst surface is minimal for Cu−Al layered double 

hydroxides; however, it becomes significant in the presence of higher CuO dosages. 

Based on our understanding of the process, a kinetic model has been built and 

adequately explains the experimental results obtained.  

In the study of influence of matrix on performance of ozonation and catalytic ozonation 

processes, our results reveal that the rate of ozone self−decay is considerably faster in 

phosphate buffer compared to carbonate buffered solution with this effect stemming 

from the differing hydroxyl radicals scavenging capacities of the buffering ions. 

Interestingly, while the nature of the buffer used affects the rate of organic oxidation in 

conventional ozonation, the overall extent of oxidation of formate and oxalate is the 

same for different buffering ions. The results obtained also indicate that the carbonate 

radicals generated as a result of carbonate ion – hydroxyl radical reaction can oxidize 

formate and oxalate however the oxidation of these organics by phosphate radicals 

appears to be minimal. The presence of phosphate ions also affects the surface 

chemistry of the two Cu–based catalysts tested here with phosphate ions inhibiting 

catalyst mediated O3 decay and sorption of the target organic compounds on the catalyst 

surface. This inhibition of organic sorption and O3 decay decreases the performance of 

the catalytic ozonation process in the presence of phosphate ions. 
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The presence of salts (particularly chloride ions) reduces the rate and extent of 

degradation of humic–like substances and low molecular weight neutrals (typical 

pollutants present in reverse osmosis concentrates of coal chemical wastewater) during 

catalytic ozonation using a commercially available Fe−loaded Al2O3 catalyst. 

Scavenging of aqueous O3 by chloride ions and/or transformation of organics 

(particularly humics) to more hydrophobic form as a result of charge shielding between 

adjacent functional groups and/or intramolecular binding by cations inhibits the bulk 

oxidation of organics to a measurable extent. While the scavenging of aqueous hydroxyl 

radicals at the salt concentrations investigated here was minimal, the accumulation of 

chloride ions in the electric double layer near the catalyst surface, particularly when 

pH<pHpzc, results in more significant scavenging of surface associated hydroxyl 

radicals, thereby decreasing the performance of the catalytic ozonation process.  

We also discuss the caveats associated with the application of tert-butanol as a hydroxyl 

radicals scavenger in ozone–related studies. Our results show that tert-butanol may not 

be able to access surface located •OH formed during catalytic ozonation. Furthermore, 

tert-butanol may also interfere with the adsorption of organics on the catalyst surface 

and decrease the adsorptive as well as concomitant oxidative removal of organics via 

non radical mediated pathways (if important). In addition, TBA scavenging results are 

inconclusive for mildly ozone reactive compounds due to switching from O3/•OH 

mediated oxidation in the absence of tert-butanol to O3 driven oxidation in the presence 

of tert-butanol. The presence of tert-butanol may also decrease the rate of O3 decay 

with the increased stability of O3 in the presence of tert-butanol facilitating (i) direct 

oxidation of ozone−reactive organics in the bulk solution and/or (ii) diffusion of O3 to 

the surface and subsequent surface−mediated oxidation of organics.  
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Overall, the results presented in thesis provide important insights into the catalytic 

ozonation process. The experimental methods and the kinetic modelling tools 

developed in this work can be used to gain mechanistic insights into catalytic ozonation 

process using other catalysts. Furthermore, the kinetic models developed here can be 

coupled with the hydrodynamics using computational fluid dynamics tools to predict 

and optimize the performance of full scale catalytic ozonation reactors. 
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(squares) by catalytic ozonation.  Symbols represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 



19 

 

Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0 ±0.5 mL/min, reactor 

volume =150 mL, [C2O4
2−] = 2.75 mM, [catalyst]0 = 20.0 g/L. ................................ 196 

Figure 7.5 Fluorescence images of catalysts following 1 h reaction with O3 and 

coumarin at pH 8.3. Experimental conditions: [O3]0 = 100.0 µM, [catalyst]0 = 0.1g L−1, 

[coumarin]0 =10.0 µM. Note that we used ground catalyst for these measurements.196 

Figure 7.6 Measured decrease in TOC (panels a & b) and COD (panels c & d) during 

conventional ozonation (panels a & c) and catalytic ozonation (panels b & d) of 

synthetic wastewater (20.0 mg C/L HA + 13.0 mg C/L TBA) in the absence (circles) 

and presence of salts (squares). Symbols represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 

Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, reactor 

volume = 150 mL, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4), [catalyst]0 = 20.0 g/L. 199 

Figure 7.7 Measured organic composition of raw (green bars) and treated synthetic 

wastewater (red bars) using catalytic ozonation in the absence and presence of salts. 

Bars represents the average of duplicate measurements; error bars represent the 

standard deviation of measurement. Experimental conditions: pH = 8.3, O3 gas flow 

rate = 9.5±0.5 mL/min, reactor volume =150 mL; [Catalyst] = 20 g/L; [salt] = 4.0 g/L 

NaCl + 8.4 g/L Na2SO4; reaction time = 60 min. ...................................................... 200 

Figure 7.8 Measured decrease in COD during catalytic ozonation of synthetic 

wastewater (20 mg C/L HA + 13 mg C/L TBA) in the absence (circles) and presence 

of 4.0 g/L NaCl (triangles), 8.4 g/L Na2SO4 (diamonds) and 4 g/L NaCl + 8.4 g/L 

Na2SO4 (squares). Experimental conditions: pH = 8.3, O3 gas flow rate = 9.5±0.5 

mL/min, reactor volume =150 mL; [catalyst]0 =20.0 g/L. ......................................... 201 

Figure 7.9 Measured decrease in COD during catalytic ozonation of synthetic 

wastewaters (containing 20.0 mg C/L HA + 13.0 mg C/L TBA) in the presence of 



20 

 

varying sulphate concentration (a) and chloride concentration (b). Symbols represents 

the average of duplicate measurements; error bars represent the standard deviation of 

measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, 

reactor volume =150 mL; [salt] = as specified in legend, [catalyst]0 = 20.0 g/L. ..... 201 

Figure 7.10 Measured removal of organics in raw wastewater (a) and pre-ozonated 

wastewater (b) as a result of sorption on the catalyst surface. Experimental conditions: 

pH = 8.3, reactor volume =150 mL; [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4 ; [catalyst]0 

=20.0 g/L. ................................................................................................................... 202 

Figure 7.11 Measured decrease in TOC (panels a & b) and COD (panels c & d) during 

conventional ozonation (panels a & c) and catalytic ozonation (panels b &d) of 33.0 mg 

C/L HA solution in the absence (circles) and presence of salts (squares). Symbols 

represents the average of duplicate measurements; error bars represent the standard 

deviation of measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 

60.0±0.5 mL/min, reactor volume = 150 mL, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4), 

[catalyst]0 = 20.0 g/L. ................................................................................................ 204 

Figure 7.12 Measured decrease in COD during catalytic ozonation of 33 mg C/L HA 

solution in the presence of varying sulphate concentration (a) and chloride 

concentration (b). Symbols represents the average of duplicate measurements; error 

bars represent the standard deviation of measurement. Experimental conditions: pH = 

8.3, O3 gas flow rate = 60.0±0.5 mL/min, reactor volume =150 mL; [salt] = as specified 

in legend, [catalyst]0 = 20.0g/L. ................................................................................. 204 

Figure 7.13 Measured decrease in COD during conventional ozonation (a) and catalytic 

ozonation (b) of 33.0 mg C/L TBA solution in the absence (circles) and presence of 

salts (squares). Panel c shows the concentration of TBA remaining after 1 h of oxidation 

by conventional ozonation and catalytic ozonation process. Symbols represents the 



21 

 

average of duplicate measurements; error bars represent the standard deviation of 

measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, 

reactor volume = 150 mL, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4, [catalyst]0 = 20.0g/L.

.................................................................................................................................... 205 

Figure 7.14 GC-MS spectrum of treated 33 mg C/L TBA solution. Experimental 

conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, reactor volume =150 mL; 

[salt] = 4 g/L NaCl +8.4 g/L Na2SO4, [catalyst]0 = 20.0g/L; reaction time = 60 min.

.................................................................................................................................... 206 

Figure 7.15 Measured O3 self–decay (a) and catalyst mediated O3 decay (b) in the 

absence (circles) and presence (squares) of salts. Experimental conditions: [O3]0 =100 

µM; [catalyst]0 = 20.0 g/L [salt] = 4.0 g/L NaCl and 8.4 g/L Na2SO4, pH = 8.3.  Panel 

c shows measured dissolved O3 concentration at O3 gas flow rate of 60.0±0.5 mL/min 

in the absence and presence of salts during conventional ozonation and catalytic 

ozonation. Symbols represents the average of duplicate measurements; error bars 

represent the standard deviation of measurement. Lines represents model values. 

Experimental conditions:  pH = 8.3, reactor volume =150 mL, O3 gas flow rate = 

60.0±0.5 mL/min; [salt] = 4.0 g/L NaCl + 8.43 g/L Na2SO4, [catalyst]0 = 20.0g/L. . 208 

Figure 7.16 EDX spectra of used catalyst following treatment of (a) synthetic 

wastewater containing no salts or (b) wastewater containing 4 g/L NaCl + 8.4 g/L 

Na2SO4. ...................................................................................................................... 212 

Figure 7.17 Measured organic composition of HA in the absence and presence of salts 

using LC-OCD. Bars represents the average of duplicate measurements; error bars 

represent the standard deviation of duplicate measurement. ..................................... 215 



22 

 

Figure 7.18 Measured hydrophobic (HPO), hydrophilic (HPI) and transphilic (TPH) 

fractions in HA in the absence (green bars) and presence of salts (blue bars) using XAD 

resin fractionating method. ........................................................................................ 215 

Figure 7.19 Influence of Mg2+ on COD removal during conventional ozonation of 33 

mg C/L HA solution by conventional ozonation (a) and catalytic ozonation process (b). 

Experimental conditions: pH = 8.3, O3 gas flow rate = and 60.0±0.5 mL/min, reactor 

volume =150 mL; [salt] as specified in the legend + 8.4 g/L Na2SO4;[TOC]0 = 33.0 

mg/L ; [catalyst]0 = 20.0 g/L. ..................................................................................... 216 

Figure 7.20 Measured organic composition of raw (green bars) and treated HA (red 

bars) in the absence and presence of salts using LC–OCD. Panels a & c show the results 

of conventional ozonation in the absence and presence of salts respectively while panels 

b & d show the results of catalytic ozonation. Bars represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 

Experimental conditions: pH = 8.3, O3 gas flow rate = 9.5±0.5 mL/min, reactor volume 

= 150 mL, [catalyst]0 = 20.0 g/L, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4, reaction time 

= 60 min. .................................................................................................................... 217 

Figure 7.21 Measured oxidation of C2O4
2− in the absence (circles) and presence of salts 

(squares) by conventional ozonation (a) and catalytic ozonation (b) at pH 8.3. Symbols 

represents the average of duplicate measurements; error bars represent the standard 

deviation of measurement. Lines represent model values. Experimental conditions: pH 

= 8.3, O3 gas flow rate = 60.0±0.5 mL/min, reactor volume = 150 mL, [C2O4
2−] = 2.75 

mM, [salt] = 3.95 g/L NaCl + 8.43 g/L Na2SO4, [catalyst]0 = 20.0g/L. .................... 218 

Figure 7.22 Model-predicted scavenging of O3 by chloride ions at varying chloride 

concentration. Dashed lines represent the chloride concentration present in the synthetic 

wastewaters. ............................................................................................................... 219 



23 

 

Figure 7.23 Measured oxidation of C2O4
2− in the absence (circles) and presence of 4.0 

g/L (squares) and 29.3 g/L (triangles) chloride ions by conventional ozonation at pH 

8.3. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, reactor 

volume =150 mL, [catalyst]0 = 20.0g/L. .................................................................... 220 

Figure 7.24 Measured O3 self-decay (a) and catalyst-mediated O3 decay (b) in the 

absence (circles) and presence (squares) of salts. Experimental conditions: [O3]0 =100 

µM; [catalyst]0 = 20.0 g/L [salt] = 4.0 g/L NaCl and 8.4 g/L Na2SO4, pH =4.0. ...... 221 

Figure 7.25 Model-predicted oxalate oxidation for varying chloride and oxalate 

concentration by conventional ozonation (a) and catalytic ozonation(b). For these 

predictions, a steady state [O3] was used. Note that since dissolution of ozone increases 

with increase in chloride concentration, varying [O3]ss at different chloride 

concentrations were used. The equation to calculate the steady state [O3] here is 

determined based on the measured effect of salt on O3 dissolution (Figure 7.15c). 

[O3]ss=[O3]0+332.3×[Cl-] and [O3]ss=[O3]0+409.3×[Cl-] was used for conventional 

ozonation and catalytic ozonation, respectively ; [O3]0 = 60.0 µM, which represents the 

[O3]ss in the absence of chloride ions, was used for these simulation. ...................... 225 

 

Figure 8.1 Measured p–CBA decay on ozonation in the absence (circles) and presence 

of 1.0 mM (squares) of TBA. Experimental conditions: [O3]0 =10.0 µM; [p–CBA] =1.0 

µM; pH =7.3 using 1.33 mM NaHCO3 solution. ....................................................... 230 

Figure 8.2 Oxidation of HCOO− by ozonation in the absence (circles) and presence of 

1.0 mM TBA (squares) at pH 7.3. Experimental conditions: [O3]0 = 10.0 µM, [HCOO−]0 

= 1.0 µM, pH 7.3 using 1.33 mM NaHCO3. Symbols represent experimental data, lines 

represent model-predicted values. ............................................................................. 232 



24 

 

Figure 8.3 Measured •OH -exposure (•OH–ct) versus the corresponding O3-exposure 

(O3–ct) for ozonation of HCOO− solution. Experimental conditions: [p–CBA]0 = 1.0 

µM, [O3]0 =100.0 µM; [HCOO−] =10.0 µM; pH =7.3 using 1.33 mM NaHCO3 solution.

.................................................................................................................................... 233 

Figure 8.4 Model-predicted fraction of organic oxidized via interaction with ozone and 

hydroxyl radicals during conventional ozonation process in the absence of TBA at pH 

7.3 (panels a and c). Model-predicted influence of 1.0 mM TBA addition on the rate 

and extent of organic oxidation during conventional ozonation process at pH 7.3 (panel 

b and d). [Org]0 = 10.0 µM, [O3]0 =100.0 µM for all predictions. ............................ 233 

Figure 8.5 Measured O3 decay in the absence (circles) and presence of 10.0 µM (squares) 

and 50.0 µM (triangles) of HCOO− solution. Experimental conditions: [O3]0 =100.0 µM; 

[HCOO−] =0-50.0 µM; pH =7.3 using 1.33 mM NaHCO3 solution. ......................... 237 

Figure 8.6 Ozone self–decay in the absence (circles) and presence of 1.0 mM TBA 

(squares) at pH 7.3 buffered using 1.33 mM phosphate solution (a) or 1.33 carbonate 

solution (b). Experimental conditions: [O3]0 = 100.0 µM, pH 7.3 using 1.33 mM 

phosphate/carbonate buffer. Symbols represent experimental data, lines represent 

model–predicted values. Note that the dashed lines represent model–predicted O3 self-

decay in the presence of 1.0 mM TBA if products formed on TBA–•OH do not 

participate in any further reaction. Solid lines represent model-predicted O3 self-decay 

in the presence of 1.0 mM TBA if products formed on TBA–•OH undergo further 

reactions as described earlier 286 (see Table 8.3 for these reactions). ........................ 240 

Figure 8.7 Fluorescence microscopy image of samples following HCO of coumarin in 

the absence (a) and presence (b) of 1.0 mM TBA after 60 min of treatment.  

Experimental conditions: [Cu–Al LDHs]0 = 0.06 g L−1, [O3]0 = 100.0 µM, [coumarin]0 

= 10.0 µM, pH 7.3 using 2.0 mM NaHCO3. .............................................................. 246 



25 

 

Figure 8.8 Fluorescence microscopy image of samples following HCO of coumarin in 

the presence of 10.0 mM (a) and 100.0 mM (b) TBA after 60 min of treatment.  

Experimental conditions: [Cu–Al LDHs]0 = 0.06 g L−1, [O3]0 = 100.0 µM, [coumarin]0 

= 10.0 µM, pH 7.3 using 1.33 mM NaHCO3. ............................................................ 247 

Figure 8.9 Fluorescence microscopy image of samples prepared by ozonation of 

coumarin in the absence (a) and presence of 1.0 mM TBA (b) for 60 min and then 

sorbed onto Cu–Al LDHs surface for 60 min.  Experimental conditions: [O3]0 = 100.0 

µM, [coumarin]0 = 10.0 µM, pH 7.3 using 1.33 mM NaHCO39. [Cu-Al LDHs]0 = 0.06 

g L−1 during the sorption step. ................................................................................... 247 

Figure 8.10 Fluorescence microscopy image of samples following HCO of coumarin 

for 60 min using CuO as the catalyst.  Experimental conditions: [CuO]0 = 0.06 g L−1, 

[O3]0 = 100.0 µM, [coumarin]0 = 10.0 µM, pH 7.3 using 1.33 mM NaHCO3. ......... 247 

Figure 8.11 (a) HCOO− adsorption on the surface of Fe–AC at pH 3.0 in the absence 

(circles) and presence (squares) of 0.1 mM TBA. Experimental conditions: [Fe–AC]0 

= 10.0 g L−1, [HCOO−]0 = 1.0 µM, pH 3.0. (b) C2O4
2− adsorption on the surface of CuO 

at pH 7.3 in the absence (circles) and presence (squares) of 0.1 M TBA. Experimental 

conditions: [CuO]0 = 0.6 g L−1, [C2O4
2−]0 = 1.0 µM, pH 7.3. .................................... 249 

Figure 8.12 Flowchart indicating the steps required following TBA addition 

experiments to correctly understand the role of  •OH in organic oxidation. ............. 251 

 

  



26 

 

List of Tables 

Table 4.1 Apparent pseudo–first order rate constant of ozone reaction with hydroxide 

(kOH
–), iron oxides (kFe)and activated carbon surface (kAC) at pH 3.0, 7.3 and 8.5. ..... 74 

Table 4.2 Comparison of oxidative and adsorptive removal of HCOOH/HCOO− during 

the catalytic ozonation process at pH 3.0, 7.3 and 8.5. ................................................ 81 

Table 4.3 Kinetic model describing ozone decay and HCOOH/HCOO− removal during 

conventional ozonation and catalytic ozonation. ......................................................... 89 

Table 4.4 Acid–base equilibria of related species during conventional ozonation and 

catalytic ozonation. ...................................................................................................... 91 

Table 4.5 Principal Component Analysis of model reactions controlling O3 decay and 

formate oxidation during ozonation and catalytic ozonation. ...................................... 99 

 

Table 5.1 Kinetic model for ozone self-decay, formate and oxalate oxidation by 

conventional ozonation. ............................................................................................. 139 

Table 5.2 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO. .......................................................................... 143 

Table 5.3 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO— bulk O3 as the main oxidant. ......................... 145 

Table 5.4 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of  CuO assuming bulk O3 as the main oxidant and O3 decay on the surface 

occuring via formation of surface intermediates. ...................................................... 146 

Table 5.5 Principal Component Analysis of model reactions controlling O3 decay and 

HCOO−/ C2O4
2− oxidation during HCO using CuO/Cu–Al LDHs at pH 7.3a. .......... 149 

 



27 

 

Table 6.1 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO in bicarbonate and phosphate buffer. ................ 177 

 

Table 7.1 Composition of real CCI concentrates and synthetic wastewater employed in 

this study. ................................................................................................................... 186 

Table 7.2 Reaction set and associated constants for ozone self–decay and catalyst 

mediated O3 decay in the absence and presence of salts. .......................................... 209 

Table 7.3 Radical scavenging reactions in the presence of Cl− and SO4
2–. ............... 210 

 

Table 8.1 Kinetic model for ozone self–decay at pH 7.3 as described in chapter 4. . 234 

Table 8.2 Reactions used for modelling of oxidation of formate and phenol during 

ozonation. ................................................................................................................... 234 

Table 8.3 List of potential compounds for which TBA scavenging experiments will 

result in inconclusive assessment............................................................................... 238 

Table 8.4: Kinetic model describing reactions with TBA. ........................................ 239 

  



28 

 

Abbreviations 

Acetonitrile: ACN 

Brunauer–Emmett–Teller: BET 

Barrett−Joyner−Halenda: BJH  

Beijing OriginWater: BOW 

Coal Coal chemical industry: CCI 

Chemical Research Institute: CCRI 

Coal chemical wastewater: CCW 

Computational fluid dynamics: CFD  

Chemical oxygen demand: COD  

Cu−Al layered double hydroxides: Cu−Al LDHs 

Cu oxide: CuO 

Electric double layer: EDL 

Electron paramagnetic resonance: EPR 

Gas chromatography−mass spectrometry: GC−MS 

Humic acid: HA 

High performance liquid-chromatography: HPLC 

Inductively coupled plasma atomic emission spectroscopy: ICP−OES 

Kinetic isotope effect: KIE 



29 

 

Liquid chromatography−organic carbon detection: LC−OCD  

Low molecular weight: LMW 

Milli−Q: MQ 

Multiwalled carbon nanotube: MWCNT  

Non−reactive products: NRP 

Ozone: O3 

Oxygen vacancies: OVs 

Heterogeneous catalytic ozonation: HCO 

Principal Component Analysis: PCA 

 para-chlorobenzoic acid: p-CBA 

Reverse osmosis: RO 

RO membrane concentrate: ROC 

Reactive oxidative species: ROS 

Scanning electron microscopy with energy dispersive X−ray spectroscopy: SEM−EDX 

tert-butanol: TBA 

Total organic carbon: TOC 

X−ray diffraction: XRD  

X−ray photoelectron spectroscopy: XPS 

Nitric acid: HNO3 



30 

 

Surface hydroxyl groups: ≡•OH  

Point of zero charge: pHpzc 

Surface atomic oxygen: O* 

Superoxide: O2
•− 

Lanthanum manganite perovskites: LMO 

Singlet oxygen: 1O2 

Surface O3: ≡O3 

Coumarin: COU 

7−hydroxyl COU: 7−HC 

Nitrone traps such as 5,5−dimethylpyrroline−N−oxide: DMPO 

5−tert−butoxycarbonyl−5methyl−1−pyrroline−N−oxide: BMPO 

Formate: HCOO− or FA 

Oxalate: C2O4
− or OA 

Hydroxyl ions: OH– 

Deuterated water: D2O 

Sodium hydroxide: NaOH 

Hydrophilic fraction: HPI 

Hydrophobic fraction: HPO 

Transphilic fraction: TPI 



31 

 

Sulfamethoxazole: SMX 

1,3 dichlorobenzene: m–DCB 

5−sulfosalicylic acid: SSal 

Rhodamine B: RhB 

 

  



32 

 

Chapter 1 Introduction 

Ozone (O3), first discovered in 1839 by the German chemist C. F. Schonbein 

(1799−1869), is a powerful oxidant with three oxygen atoms in a resonance structure 

(Fig.1.1).1 The lack of electrons on the terminal oxygen renders O3 electrophilic with 

the excess negative charge on the other oxygen confering nucleophilic character. These 

properties enable O3 to be an extremely reactive molecule towards many inorganic and 

organic compounds.2-5  

 

Figure 1.1 Resonance structure of ozone 1 

The oxidation of organic compounds in the ozonation process occurs via (1) direct 

oxidation by molecular O3 and (2) indirect oxidation by reactive oxidative species (ROS) 

such as •OH generated via O3 decay.6-10 Conventional ozonation, which mainly relies 

on the oxidation power of O3, has been extensively used for wastewater treatment and 

water purification.11-17 However, molecular O3 is quite selective and reacts with 

compounds characterized with aromatic rings, unsaturated bonds, and electron-rich 

moieties.15, 18-20 The generation of organic intermediates, such as aldehydes, ketones 

and carboxylic acid which are quite ozone-refractory, is often observed during the 

conventional ozonation process.12, 18, 21 Complete mineralization of organics is hardly 

achieved by the conventional ozonation process and tertiary treatment is usually 

required to further polish the ozonated waters.22, 23 Although hydroxyl radicals (•OH), 

a powerful and non-selective oxidant, can be generated via O3 self-decay in the 
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conventional ozonation process, this pathway is favoured under alkaline conditions 

and/or on activation by specific groups of organics only.18, 21  

To enhance the oxidation of O3-resistant organics, heterogeneous catalytic ozonation 

(HCO) has been developed where the presence of solid catalysts improves the oxidation 

of target organic compounds. In HCO, O3 is transformed into ROS, especially •OH 

which has a higher oxidation potential (2.80 vs SHE) compared to the oxidation 

potential of O3 (2.08 vs SHE).24 The •OH reacts with most organic compounds with a 

second order rate constant in the order of 108 − 1010 M−1·s−1,22 thereby increasing the 

rate and extent of organic mineralization.  

In addition to radical mediated ozonation processes, direct oxidation of adsorbed 

organics by molecular O3 has been reported to be an alternative for organic oxidation.25, 

26 Usually, adsorption of organics on the surface either improves the reactivity of the 

organics by forming surface−organic complexes or enhances the availability of 

organics towards the surface-generated oxidants.25, 26 However, it has also been 

suggested that adsorption of organics may inhibit organic oxidation due to the blockage 

of surface sites inhibiting O3−catalyst interaction and/or due to decrease in the 

availability of organics if oxidants are mainly present in the bulk solution.27-29 

According to the brief discussion above, the controversies regarding the mechanisms 

of HCO inevitably hinders the optimization and application of this technology. In this 

thesis, we investigated the mechanisms of HCO using carbon, copper and iron-based 

catalysts using a variety of target organics. We also investigated the influence of both 

salinity and the matrix composition on ozonation and HCO performance. Based on the 

results obtained, we provide important insights into the catalytic ozonation process. We 

also employ kinetic modeling tools to assist with the mechanistic understanding of 
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HCO. The mathematical kinetic models developed in this work can be used to predict 

the performance of organic oxidation under a range of conditions and can be employed 

for optimization of HCO.  

The thesis is organized into nine chapters (including this introduction chapter): 

(1) Chapter 2 contains a literature review in the field of heterogeneous catalytic 

ozonation focusing on the interaction of O3 and organics with the catalysts.  

(2) Chapter 3 describes the materials, experimental methods and setup used in this 

thesis. The kinetic modeling tool used is also described in this chapter. 

(3) Chapter 4 investigates the performance of catalytic ozonation using a commercially 

available iron-impregnated activated carbon. The results obtained in this chapter has 

been published in the following article: 

Yuting Yuan, Guowei Xing, Shikha Garg, Jinxing Ma, Xiangtong Kong, Pan Dai, T. 

David Waite, Mechanistic insights into the catalytic ozonation process using iron oxide-

impregnated activated carbon, Water Research, Volume 177, Pages 115785, 2020.  

(4) Chapter 5 explores the mechanisms of catalytic ozonation in the presence of Cu-

based catalysts. The results obtained in this chapter has been published in the following 

article:  

Yuting Yuan, Shikha Garg, Jinxing Ma and T. David Waite, Kinetic modelling-assisted 

mechanistic understanding of the catalytic ozonation process using Cu-Al layered 

double hydroxides and copper oxide catalysts, Environmental Science and Technology, 

doi: 10.1021/acs.est.1c03718. 
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(5) Chapter 6 studies the influences of buffers on the performance of conventional 

ozonation and catalytic ozonation processes for organic oxidation. The results obtained 

in this chapter has been published in the following article:  

Yuting Yuan, Mahshid Mortazavi, Shikha Garg, Jinxing Ma, and T. David Waite, 

Comparison of performance of conventional ozonation and heterogeneous catalytic 

ozonation processes in phosphate and bicarbonate buffered solutions, ACS 

Environmental Science &Technology Engineering, doi: 10.1021/acsestengg.1c00350 

(6) Chapter 7 summarizes the influence of chloride and sulphate on the performance of 

the commercial Fe-Mn Al2O3 catalyst. The results obtained in this chapter has been 

published in the following article:  

Yuting Yuan, Shikha Garg, Yuan Wang, Wenbo Li, Guifeng Chen, Minglong Gao, 

Jinlong Zhong, Jikun Wang and T. David Waite, Influence of salinity on the 

heterogeneous catalytic ozonation process: Implications to treatment of high salinity 

wastewater, Journal of Hazardous Materials (2021), 127255.  

(7) Chapter 8 discusses the caveats in use of tert-butanol as a hydroxyl radical 

scavenger in ozonation and catalytic ozonation studies.   

(8) Chapter 9 presents the general conclusions and implications obtained in this thesis.  
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Chapter 2 Literature Review 

2.1 Catalyst-O3 interaction based on active sites 

It is envisaged that the interactions of O3 and/or organics with the catalyst surface are 

key processes responsible for the primary oxidation capacity in HCO.30, 31 The catalyst–

ozone interaction and concomitant generation of ROS is dependent on the nature of the 

catalysts, pH as well as the presence of scavengers in the matrix. The following 

discussion would be focused on the involvement of various surface sites which are 

reported to play a role in the catalyst–O3 interaction.  

2.1.1 Surface hydroxyl groups   

Surface hydroxyl groups (≡OH) are present on the surface and/or formed via hydration 

of the Lewis acid sites on metal oxides in aqueous solutions.32 ≡OH have been reported 

to serve as active sites for O3 decay (and concomitant generation of ROS) and organic 

adsorption in HCO. The ≡OH formed at Mn sites in Mn–modified Al2O3 adsorb O3 and 

catalytically transform O3 into •OH with these •OH molecules contributing to oxidation 

of pharmaceuticals in the bulk solution.33 The removal of phenol in the presence of 

TiO2 increased with the concentration of ≡OH in the rutile phase due to the higher 

surface area of the rutile phase compared to other TiO2 phases with different 

morphologies and crystalinities.34 There are contradictory findings reported on the 

mechanisms of O3 transformation on ≡OH. For example, great discrepancy has been 

observed on the relationship between charge status of ≡OH and O3 decomposition in 

the HCO process. The ≡OH sites may be neutrally charged, protonated and positively 

charged (i.e., ≡OH2
+) or deprotonated and negatively charged (i.e., ≡O-) when the pH 

is equal, below or over the point of zero charge (pHpzc), respectively. Psaltou et al.35 

investigated 18 catalysts and found that the catalysts with pHpzc close or slightly over 
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the solution pH were the most effective to oxidize para–chlorobenzoic acid (p–CBA). 

Similar results were reported when ceramic honeycomb 36 and Cu–loaded cordierite 37 

were employed as the catalysts with the organic oxidation maximized at the solution 

pH where neutral ≡OH concentration was the highest. This was in agreement with the 

work by Qi et al. which reported that the uncharged ≡OH on γ–AlOOH was most 

effective in inducing O3 decay and •OH generation with the catalytic performance 

decreasing with the decrease in the concentration of ≡OH after thermal treatment.38 In 

addition, modification of pumice by Fe improved the concentration of ≡OH thereby 

resulting in effective transformation of O3 into •OH at the neutral ≡OH sites.39 Inhibition 

of p–nitrobenzene oxidation in the presence of phosphate, a strong Lewis acid which 

competes with O3 for ≡OH, also supported the involvement of ≡OH during HCO in the 

presence of Fe–modified pumice.39 However, some other studies reported that the 

positively or negatively charged ≡OH (i.e., ≡OH2
+ or ≡O-) were the main active sites in 

HCO.35, 40, 41 For example, the increase in pHpzc and positively charged ≡OH2
+ 

concentration on ceramic honeycomb by loading metal (Zn, Ni and Fe respectively) 

onto ceramic honeycomb was reported to be beneficial for the catalytic ozonation 

process.40 On the other hand, it was reported that the increase in the negatively charged 

≡•O- on MCM–48 by optimizing the Ce loading enhanced the decay of O3 and 

generation of •OH.41 Furthermore, the negatively charged SiO2 was reported to be 

effective in oxidation of p–CBA through initiating •OH generation via O3 decay with 

this observation supporting the conclusion that negatively charged ≡O- were active sites 

during HCO.35 Byun et al. and co-workers 42 found that Ti oxide coated ceramic 

membrane showed superior effect to reduce membrane fouling and improve organic 

removal compared to Fe and Mn oxide coated membranes in the hybrid catalytic 
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ozonation-membrane processes due the charge repulsion and generation of •OH at the 

negatively-charged Ti sites.  

Overall, it appears that ≡OH are important active sites during catalytic ozonation 

although the mechanism of O3 decay on ≡OH is contradictory. The activity of ≡OH on 

the catalyst is dependent on the type of active metal, the surface charge as well as the 

physio–chemical properties such morphologies and crystal phases of the catalysts. 

Moreover, the properties of ≡OH can be altered to enhance the performance of HCO.  

2.1.2 Lewis acid sites 

O3 interacts with the Lewis acid sites on metal oxides with electron–accepting 

capacities.43 The transformation of gaseous O3 into surface atomic oxygen (O*) at the 

strong Lewis acid sites has been commonly observed in the presence of metal oxides.44, 

45 Although, the interaction of O3 with Lewis acid sites is more complicated in the 

aqueous phase due to competition between water and O3 for surface sites, some studies 

have suggested Lewis acid sites on the catalysts play an important role in O3 decay.26, 

46, 47 Yan et al.48 systematically compared the behaviour of aqueous O3 transformation 

in the presence of different iron oxides and showed that that O3 interacted with Lewis 

acid sites to form ROS which enhances ibuprofen oxidation. Yu et al. reported that the 

substitution of Ce in iron–organic frameworks creates more ligand deficient defects and 

increases the Lewis acid sites where O3 is decomposed forming surface adsorbed •OH.46 

In the presence of PdO/CeO2, dissolved O3 was decomposed on PdO sites and generated 

O* with this contributing to the oxidation of sorbed oxalate on CeO2 sites.26 More 

interestingly, Bing et al. 47 suggested that by introducing different metal oxides into the 

structure of mesoporous SBA–15 silica, the decomposition of adsorbed O3 on the 

catalyst surface can be manipulated with their results showing that Al2O3 promoted O* 
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generation while Fe2O3 favoured surface •OH and superoxide (O2
•−) production.47 Yang 

and co–workers reported that chemically sorbed water at Lewis acid sites on β–FeOOH 

modified mesoporous Al2O3 enhanced O3 decay and formation of ROS thereby 

improving pharmaceuticals oxidation.49 The replacement of sorbed water by phosphate 

ions deceases the activity of  the catalyst with this observation supporting the 

conclusion that Lewis acid sites are involved in ROS generation.49  

2.1.3 Oxygen vacancies (OVs) 

The oxygen vacancies (OVs) in metal oxides usually result from the presence of surface 

defects which are rich in localized electrons.50 CeO2, due to the structure  Ce4+–OVs–

Ce3+, has been extensively used in HCO.50, 51 52 Comparison of variant nanoshapes CeO2 

in HCO indicated that CeO2 with a high proportion of defect sites (i.e., OVs) can 

effectively donate electrons to O3 and generate •OH at the surface basic sites and, as a 

result, exhibits the best performance with respect to organic oxidation.51 Esmailpour et 

al. reported that light-treated CeO2 effectively oxidizes salicylic acid.50 The OVs in 

CeO2 adsorb H2O forming ≡OH groups which act as active sites for O3 decay generating 

oxidants which enhance the oxidation of salicylic acid.50 The OVs present in lanthanum 

manganite perovskites (LMO) 52 and Mn-modified FeOOH 53 also promote O3 decay 

and generate singlet oxygen (1O2) and •OH respectively.  

2.1.4 Redox cycling of multi-valent metal ions 

The redox cycling of multi–valent metals assists in O3 decomposition and generation 

of ROS. For example, the decomposition of O3 and concomitant generation of •OH has 

been reported in the presence of Ce–MCM–48 41 and Mn2O3 modified LMO 52 as a 

result of the redox cycling of Ce(III)/Ce(IV) and Mn(III)/Mn(IV) respectively. Nawaz 

et al. measured the performance of six phases of MnO2 in HCO with their results 
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supporting the conclusion that α–MnO2 with higher ratio of Mn3+/Mn4+ exhibited the 

best 4–nitrophenol removal compared to other MnO2.
54 Zhang et al. found that 

Ce(III)/Ce(IV) cycling benefited the oxidation of phenol in the presence of CeO2.
55 In 

the hybrid catalytic ozonation-metal oxide coated ceramic membrane processes, CeOx 

was found to be more effective to remove bisphenol A, benzotriazole and clofibric acid 

compared to MnOx since more •OH was generated due to the cycling of 

Ce(III)/Ce(IV).56 Interestingly, the electron transfer from Ni2+ in the structure of 

NiFe2O4 to O3 accelerated the generation of •OH and the reversion of Ni3+ back to Ni2+ 

was assisted by the oxidation of lattice oxygen.57 Moreover, oxidation of a cobalt–

oxalate complex generates •OH as a result of Co(II)/Co(III) cycling.58 The partial 

electron donation from oxalate to Co(II) increases the reactivity of Co(II) towards O3 

compared to free Co(II). The cycling of Fe(II)/Fe(III) and Cu(I)/Cu(II) was also 

identified to play a role in organic oxidation by HCO employing Cu–Fe–O 

nanoparticles as the catalyst.59 

2.1.5 Active sites on carbon-based materials 

The carbon–oxygen functional groups with acidic and basic character in carbon 

materials play a role in HCO via anchoring O3 and/or organic compounds.60-62 The 

acidic functional groups include carboxyl, hydroxyl and carbonyl groups while the 

basic functional groups arise from the presence of pyrones, chromenes and graphene 

layers with delocalized electrons.62, 63 The electrons at the basic centres in carbon 

materials react with O3 and generate •OH.29, 63, 64 Conflicting results have been reported 

on the role of the acid groups, such as carboxyl groups, as active sites for O3 decay into 

•OH. Oulton et al. reported that carboxyl groups on multiwalled carbon nanotube 

(MWCNT) enhance •OH exposure formed via O3 decomposition with this conclusion 
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supported by the observation that the Rct value  increases with the increase in surface 

acid group density.60 Similar results were reported by Qu et al.65 However, the oxidized 

carbon surface was not effective in enhancing the generation of •OH in other studies.66 

67 The carbon surface may also scavenge •OH thereby limiting the diffusion of •OH 

from the surface into the interface and/or bulk solution and, as a result, decreasing the 

oxidation efficiency of organics.68 Functionalization of carbon materials using methods 

such as oxidation,60, 65, 66 heat treatment,67 heteroatom doping,69 and metal oxide 

modification 70, 71 has been reported to improve the performance of carbon material as 

catalysts in HCO.   

Due to the high density of functional groups, surface area and pore volume, carbon 

materials have strong affinity to most organics via interaction with oxygen containing 

groups such as carboxyl groups.62, 72, 73 Thus, in some catalyst designs, carbon materials 

are used as centres for organic adsorption to accelerate the mass transfer of organics. 

This was shown to be the case in the presence of multiwalled catalysts with Fe or Ni 

oxides impregnated on graphene–coated Al2O3.
69, 74 The graphitized layer not only acts 

as the active centres for O3 decay but also enhances the adsorption of organics.69, 74 

Note however that adsorption is not necessary to assure the catalytic effects of carbon 

materials 60 under situations where oxidation of organic proceeds in the interface and/or 

the bulk solution (see more detailed discussion in section 2.3.2).  

2.2 Oxidants generated via catalyt-O3 interaction 

2.2.1 Surface O3  

The adsorption of O3 has been observed in the presence of various catalysts, such as 

zeolites, iron silicates, pumice and iron oxides.39, 75, 76 48, 77-79 Diffusion of O3 onto the 

surface generates surface O3 (≡O3) which has been identified as the main oxidant in 
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some HCO processes.80, 81 25, 82, 83 Earlier studies employing zeolite as the catalyst in 

HCO showed that direct oxidation of the adsorbed organics by O3 occurs on the zeolite 

surface.80, 81 Though the reactivity of O3 toward many organic compounds is low, in 

some cases it is reported that complexation of organics with the metal oxides surface 

sites 84 increases their reactivity towards O3 and facilitates their oxidation via a non–

radical mediated pathway. Pines and Reckhow 83 showed that natural organic matter 

(NOM) forms surface complexes with various metal oxides such as cobalt oxide, copper 

oxide, titanium oxide and nickel oxide with these metal-NOM complexes readily 

oxidized by molecular O3. Zhang and co–workers 25, 82 also reported that Cu–

carboxylate complexes formed via bidentate bridging in the presence of CuO/CeO2 

showed higher reactivity towards O3 compared to free carboxylate groups. Ikhlaq et 

al.79 found that the Bronsted sites on the surface of zeolite4A acted as reactive centres 

for the adsorption of organics  and their concomitant oxidation via a non radical 

pathway.   

2.2.2 Hydroxyl radicals   

•OH radicals are reported to be the dominant ROS responsible for the destruction of 

O3–refractory organic compounds in catalytic ozonation.33, 46, 60, 65, 68 The contribution 

of •OH in catalytic ozonation may be assessed via scavenger tests, probe methods and 

electron paramagnetic resonance (EPR). tert–butanol (TBA) is the most widely used 

•OH scavenger since it reacts quickly with •OH (k•OH = 5.8 ×108 M–1·s–1) but slowly 

with molecular O3 (k•OH = 3.0 ×10–3 M–1·s–1).50, 85 The contribution of •OH is typically 

estimated based on the difference in the rate and extent of organic removal in the 

absence and presence of TBA. For example, TBA inhibited the oxidation of short–chain 

organic acids in CeO2–catalyzed ozonation suggesting that •OH play a role.50 However, 

TBA may interfere with the radical chain reaction and/or adsorption of organic 
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adsorption 86 which questions the reliability of the scavenger method to determine the 

contribution of •OH in catalytic ozonation processes. Carbonate is used as •OH 

scavenger in some studies however conflicting results have been reported.52, 60 For 

example, the presence of carbonate promoted the extent of p–CBA oxidation by HCO 

employing MWCNT as the catalyst even though •OH was identified to be the dominant 

ROS.60 In contrast, carbonate strongly decreased the organic oxidation in the presence 

of LMO due to the scavenging of •OH.52 Based on the discussion above, more validation 

tests should be performed in addition to scavenger tests to ascertain the role of •OH 

during HCO.  

The involvement of •OH can be quaantified by addition of chemical probes which 

specifically react with •OH generated in the system. For example, coumarin (COU) is 

used as •OH probe since COU reacts with •OH forming 7–hydroxyl COU (7–HC) which 

is fluorescent.29 Another frequently used probe is p–CBA due to its high reactivity 

towards •OH (k•OH = 5.0 ×108 M–1·s–1) and low reactivity towards O3 (k•OH = 0.5 ×10–1 

M–1·s–1).87 For example, in the iron nanoparticle coated ceramic membrane-ozonation 

processes, p-CBA was more effectively removed due to the generation of •OH via O3- 

iron oxide interaction.88 p–CBA has been extensively used to determine the Rct value 

which is defined as the ratio of exposure of •OH and O3 exposure in the target system 

(eq.2.1).89, 90 The concentration of p–CBA spiked into the system should be low to 

minimize the influence of p–CBA  on O3 decay kinetics.86, 91 Overall, the chemical 

probes added into the system should: 1) specifically react with •OH, and  2) not alter O3 

decay kinetics and associated •OH generation.  

Rct =  
∫[ OH]• dt

∫[O3]dt
=  

ln(
[𝑝 − CBA]t
[𝑝 − CBA]0

)

𝑘 OH,𝑝−CBA• ∫[O3]dt
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(2.1) 

EPR has been used as a useful tool to detect and characterize the radicals in chemical 

and biological systems (detailed review available in Davies 92). In catalytic ozonation 

systems where short–lived radicals are produced, a spin trapping agent assisted EPR is 

often utilized.29, 52, 85 Generally, the trapping agent is added to the catalytic ozonation 

system at high concentration (mM to M) which reacts with any radicals present forming 

stable adducts.92 Nitrone traps such as 5,5–dimethylpyrroline–N–oxide (DMPO), 5–

tert–butoxycarbonyl–5methyl–1–pyrroline–N–oxide (BMPO) are mostly used for the 

detection of •OH and O2
•− in catalytic ozonation systems.93 The DMOP–•OH peaks are 

characterized as an intensity ratio of 1:2:2:1. Adding alcohols such as TBA removes 

the strong DMOP–•OH peak allowing detection of O2
•− as a result of the formation of 

DMOP–•OOH.52 However, the addition of alcohols could be questionable since the 

reaction of alcohols and O3 may possibly result in the formation of other radicals.22 It 

is also recommended to use the high–purity traps to alleviate the impact of impurities 

due to the high concentration of trap used in the target systems.92 Stronger EPR peaks 

in catalytic ozonation systems compared with that in conventional ozonation without 

catalyst is usually indicative of the effectiveness of the catalyst in activating O3 decay 

into radicals. However, surface-related processes need to be taken into consideration 

when interpreting the results from EPR tests obtained in the presence of catalysts. For 

example, high affinity of traps for the catalyst surface is vital if the radicals are produced 

and constrained on the surface (more discussion on surface oxidation is available in 

section 2.3.1). Moreover, molecular O3 can oxidize nitrones via electrophilic and/or 

nucleophilic reactions, generating aldehydes or ketones with these compounds being 

reactive to O3 and further driving O3 decay and formation of radicals.94 Given that 

radicals could be generated via interaction of these intermediates with the catalyst, 
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conclusions based solely on EPR results could be erroneous. Unfortunately, such 

discussion is rarely found in the literature on catalytic ozonation processes.  

Note that although O2
•– has been identified in many ozone–based processes,9, 29, 46, 47, 52, 

54, 95-97 we are of the  opinion that it acts as a chain carrier to promote O3 decay into •OH 

rather than an oxidant for organic oxidation since it is very reactive towards O3 98 which 

is present in a higher concentration than target micropollutants during ozonation and 

HCO.  

2.2.3 Singlet oxygen and Surface atomic oxygen 

1O2 is known to oxidize dissolved organic matter 99 and has been detected in HCO.52, 95 

Wang et al. reported that the O* produced by N–doped nanocarbon materials effectively 

oxidizes oxalic acid on the surface and/or in the bulk solution.93 It is interesting to note 

that the mechanism of catalytic ozonation is also dependent on the nature of target 

organics. For example, while O* was identified as the main oxidant for oxalic acid,  

molecular O3 and 1O2 were responsible for oxidation of phenolic compounds when Co–

embedded N–doped carbon nanotubes were used as the catalyst in HCO.95 Nawaz et al. 

reported that the removal of 4–nitrophenol was inhibited in the presence of NaN3 with 

this observation supporting the conclusion that 1O2 played a role during MnO2 mediated 

HCO.54 However, NaN3 reacts quickly with O3 making it an improper probe for 1O2 

with inhibition in 4–nitrophenol oxidation possibly due to consumption of O3.
100  

In summary, (1) the reaction of catalyst and O3 is strongly dependent on the nature of 

the catalyst, (2) the mechanism of catalytic O3 decay is usually complex and generates 

various ROS, and (3) all methods for ROS measurement have some disadvantagess and 

caution should be exercised when interpreting the results obtained in the presence ROS 

probes and scavengers to avoid misleading conclusions.  
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2.3 The role of organic adsorption in HCO  

The adsorption of organic compounds onto the catalyst tends to be dependent on the 

properties of the compounds as well as the nature of the catalyst surface where 

electrostatic forces, hydrophobic interactions, dipole-dipole interactions, and van der Waal 

forces may play a role. For examples, electrostatic attraction facilitates the adsorption of 

organics with this dependent on the pHpzc of the catalysts, acid dissociation constant of 

the organics and solution pH.31  Conflicting results have been reported on the role of 

organic (including both micropollutants as well as NOM) adsorption in organic 

oxidation during HCO. Some studies have suggested that adsorption improves the 

contact efficiency of organic and oxidant on the surface thereby increasing the organic 

oxidation.25, 101 On the contrary, some studies have suggested that adsorption of 

organics occupies the surface sites thereby either inhibiting catalyst–O3 interaction and 

concomitant oxidant generation 27 or limiting oxidation of organic oxidation by bulk 

oxidants due to reduced bulk organic concentration.73 Investigation of the role of 

organic adsorption on organic oxidation is critical in determining the mechanism of 

catalytic ozonation and in identifying the major location(s) where organic oxidation 

occurs.   

2.3.1 Organic oxidation on the catalyst surface  

Findings of no influence of bulk radical scavengers on the rate and extent of organic 

oxidation as well as promotion of organic oxidation with increase in the extent of 

organic adsorption are typically assumed to suggest that the oxidation of organics is 

occurring on the surface. For example, activated carbon was suggested to facilitate the 

surface oxidation of organics based on the observation that the performance of HCO 

was not affected by bulk radical scavengers.102 Moreover, formation of organic–metal 
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complexes and/or the concentrating of organic contaminants on the surface facilitated 

organic removal in the presence of CuO/CeO2.
25 Salla and co–workers found that 

although Mn2O3 induced more significant O3 decay and generation of surface ROS, 

limited access of humic acid (HA) to the surface constrained the oxidation of HA.101 

On the other hand, it was reported that the adsorption of HA was favoured on α–Al2O3 

due to electrostatic attractive forces and high surface area of α–Al2O3 with this increase 

in HA adsorption resulting in effective HA oxidation compared to that observed in the 

presence of Mn2O3.
101 Interestingly, ROS could be generated via surface oxidation of 

sorbed organics as suggested by the interaction of ozone-soil surface that the •OH 

generation via O3 decay was related to the soil organi matters although the metal oxides 

on the soil surface seemed to be  stronger promoters.103 

During catalytic ozonation, adsorption of organics is related to the nature of surface 

sites, surface charge and the nature of the organics. The ≡OH groups present on metal 

oxide surfaces have ion exchange capacity and can be replaced by the organic anions.104  

The surfaces of metal oxides exhibit positive, neutral and negative charge depending 

on the pHpzc and the solution pH.105 Usually the positively charged surface is beneficial 

for adsorption of negatively charged organics due to electrostatic attraction.106 Thus, 

organic oxidation is dependent on pHpzc and solution pH. For example, it was reported 

that the oxidation of OA in the presence of PdO/CeO2 can be improved when operating 

at pH<pHpzc since the adsorption of oxalate increases on positively charged surfaces.26 

Similar results have been found in the presence of Fe2O3/Al2O3 modified mesoporous 

SBA–15 with higher oxidation of organic observed when pH<pHpzc compared to that 

observed at pH>pHpzc.
47 

The nature of the functional groups in organic compounds also affects the adsorption 

of organic compounds to catalyst surfaces. For example, functional groups such as 
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carboxylic, phenolic-OH, or amino groups can substitute the ≡OH on the catalyst 

surface allowing formation of metal–organic complexes.32, 104 Zhang et al.25 reported 

that OA exhibited stronger affinity towards CuO/CeO2 surface compared to formate 

due to the formation of bidentate Cu–OA complexes. The CuO–OA complex was 

oxidized on the surface of CuO/CeO2 as a result of Cu(I)/Cu(II) redox cycling. Wang 

et al. reported that Co–decorated N–-doped carbon nanotubes  facilitated oxalic acid 

oxidation due to increased oxalic acid  adsorption on the catalyst surface.95  

It should be noted that quantification of organic oxidation and/or complete 

mineralization during HCO processes is challenging due to the complexity in 

differentiating adsorptive and oxidative organic removal.  

2.3.2 Organic oxidation in the interfacial region and/or the bulk solution 

Many previous studies found that the adsorption of organic on the catalyst surface was 

minimal with this observation suggesting that the oxidation of organic was driven by 

oxidants present in the interfacial regions and/or the bulk solution.23, 29, 33, 38, 54, 60, 75 

Ernst et al.27 found that the adsorption of organics was not necessary to initiate 

oxidation of organics. Rather, adsorption of organics blocks the ≡OH sites which are 

the active sites for O3 decay and generation of •OH. Similar results were reported for  a 

MWCNT–O3 system in which enhancement in p–CBA oxidation was observed in the 

presence of oxidized MWCNT even though the adsorption of  p–CBA was inhibited in 

the presence of oxidized MWCNT.60 Similar findings were reported for MWCNT–

catalysed atrazine oxidation wherein atrazine adsorption to the catalyst surface 

decreased its oxidation via O3 and/or ROS present in the bulk solution.73 Zhang et al.29 

characterized the uneven distribution of •OH between the carbon nanotube surface and 

bulk solution using fluorescence microscopy and found that a high concentration of 
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•OH is located in the solid-liquid interface. The •OH located in the solid–liquid interface 

contributed to the oxidation of perfluorooctane which has a weak surface affinity 

towards carbon nanotubes. Slow adsorption and fast oxidation kinetics of 4–nitrophenol 

in the presence of MnO2 confirmed that the oxidation occurred mainly in bulk solution 

in the presence of MnO2.
54    

The most straightforward way to evaluate the involvement of bulk oxidant(s) in organic 

oxidation is by comparing the organic removal in the absence and presence of bulk 

oxidant scavengers. TBA has been widely used as a bulk •OH scavenger in many studies 

to probe the role of bulk •OH in organic oxidation.50, 85 The higher organic removal rate 

in the absence of TBA compared to that measured in the presence of TBA suggests that 

the oxidation of organics occurs in the bulk solution. Based on the low surface affinity 

of perfluorooctane and measurement of •OH, it was suggested that the oxidation of 

perfluorooctane occurred at the interface of carbon nanotubes. However, no influence 

of TBA addition was observed on the oxidation of perfluorooctane with this observation 

suggesting that TBA might be not able to scavenge the interfacial •OH.29 Note that the 

differentiation of organic oxidation in the interfacial regions and the bulk solution is 

not explicit. If the catalytic performance was impacted by the presence of bulk radical 

scavengers, we are of the opinion that the oxidation of organics proceeds mainly in the 

interfacial region wherein oxidants such as •OH  are present as a result of diffusion from 

the catalyst surface if catalytic–mediated O3 decay is important.22 29  
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Chapter 3 Experimental methods  

This chapter describes the reagents and experimental methods used in the thesis. For 

chapter–specific methods, detailed description is included in the relevant chapters.  

3.1 Experimental methods 

All the chemicals used in the experiments described in subsequent chapters of this thesis 

were obtained from Sigma Aldrich with analytical grade or above and used without 

further purifications. All the glassware was soaked in 5% v/v nitric acid (HNO3) and 

cleaned thoroughly with Milli–Q (MQ) water before use. The 5% nitic acid bath for 

soaking the glasses was prepared freshly each month. All the solutions were prepared 

in MQ water with 18 MΩ cm−1 and pH around 7.0 unless stated otherwise. All solutions 

were stored at 4 ℃ prior to use unless specified otherwise. 

3.1.1 Dissolved O3  

3.1.1.1 Reagents 

O3 stock solution 

O3 stock solution was prepared by sparging gaseous O3 into MQ water in a Dreschel 

bottle at room temperature for 30 min.  The equilibrium dissolved O3 concentration in 

the stock solution was standardized by measuring its absorbance at 260 nm (molar 

absorptivity = 3200 M−1·s−1);22 with a UV spectrometer (Ocean Optics 

Spectrophotometry system). The gaseous O3 was produced by an O3 generator (T4200, 

Oxyzone Oty Ltd, Australia) using pure O2 at a flow rate of 650 mL.min–1 as the feed 

gas. The UV260nm absorbance of O3 stock solution was generally around 1.0 – 1.2, 

yielding a dissolved O3 concentration of 312.5 – 375.0 μM based on the Beer–Lambert 

law (eq.3.1). 
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𝐴 = 𝜀𝑏𝑐      (3.1) 

where A is the absorbance of O3 stock solution at 260 nm; ε is the molar absorptivity 

of O3 at 260 nm, c is the molar concentration of O3, and b is the optical path length (1 

cm in this thesis).  

Indigo stock solution 

The stock solution of indigo was prepared by dissolving potassium indigo trisulfonate 

into 20.0 mM phosphate buffer. 107  Briefly, 0.6 g of potassium indigo trisulfonate and 

2.31 g of 85% H3PO4 were dissolved in 1.0 L MQ water. The indigo stock solution was 

covered with aluminium foil prior to use. The absorbance of the indigo stock solution 

was checked on a weekly–base and replaced when the absorbance at 600 nm decreased 

to less than 80% of its initial value.  

Phosphate buffer at pH 2.0 

The phosphate buffer at pH 2.0 for dissolved O3 measurement was prepared by 

dissolving 24.4 g anhydrous NaH2PO4 and 35.0 g 85% H3PO4 into 1.0 L MQ.  

3.1.1.2 Method for dissolved O3 measurement 

Dissolved O3 concentration was measured using the indigo method developed by Bader 

and Hoigne.107 Briefly, 1.0 mL of sample was added to 0.2 – 0.3 mL indigo stock 

solution and 0.8 mL of pH 2.0 phosphate buffer followed by addition of MQ water to 

achieve a final volume of 5.0 mL. The sample absorbance at 600 nm was measured 

immediately using an Ocean Optics Spectrophotometry system. Prior to measurement, 

calibration was performed by standard addition of the O3 stock solution into indigo 

solution over the concentration range of 0.0 – 26.0 M and the absorbance was 

measured using the procedure described above. A molar absorption coefficient of 
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26,890 M−1·cm−1 was obtained for indigo which is close to the reported value.107 Figure 

3.1 shows an example of a calibration curve of dissolved O3 obtained in our work.  

 

Figure 3.1 Calibration curve of dissolved ozone by indigo method. 

Note that for the measurement of O3 concentration in the presence of catalyst, samples 

were first added to indigo solution with the mixture filtered immediately using 0.22 µm 

PVDF syringe filters (Millipore). Control experiments were performed to ensure that 

the adsorption of indigo on the filter membrane and/or catalyst was negligible during 

filtration. 

3.1.2 p–CBA  

3.1.2.1 Reagents 

p-CBA stock solution  

 A 80.0 μM stock solution of p–CBA was prepared by dissolving 12.53 mg p–CBA into 

1.0 L MQ water.  

p–CBA standard solution  

A 1.2 mM standard solution of p–CBA was prepared in methanol and used to perform 

the calibration for p–CBA quantification.   
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Mobile phases for high performance liquid-chromatography (HPLC) 

The mobile phases for p–CBA detection were 10.0 mM H3PO4 and acetonitrile (ACN). 

The 10.0 mM H3PO4 solution was prepared by dilution of 85% H3PO4.  

3.1.2.2 Method for p–CBA measurement 

The concentration of p–CBA was measured by HPLC (Agilent 1200 Series, USA) 

employing UV–detection at 234 nm using 45% (v/v) 10.0 mM H3PO4 and 55% (v/v) 

ACN with flow rate of 1.0 mL/min. Calibration was performed prior to p–CBA 

measurement. A calibration curve of p–CBA is illustrated in Figure 3.2.   

 

Figure 3.2 Calibration curve of p–CBA. 

3.1.3 Formate and oxalate  

3.1.3.1 Reagents 

Radiolabelled formate and oxalate stock solutions 

Stock solutions of radiolabelled formate (HCOO−) and oxalate (C2O4
−) were prepared 

at concentrations of 90.0 μM and 0.2 mM respectively in MQ water. 

Non-radiolabelled formate and oxalate stock solutions 
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Non–radiolabelled HCOO− and C2O4
− stock solutions were prepared at the desired 

concentrations by dissolving their sodium salts in MQ water. 

3.1.3.2 Method for H14COO− and 14C2O4
− measurement 

The concentration of H14COO− and 14C2O4
− were quantified using a Packard Tri–Carb 

2100TR scintillation counter 108 following addition of 0.9 mL of sample into 10.0 mL 

of liquid scintillation cocktail (Ultima GOLD, PACKARD). 

3.2 Experimental set-up 

Most experiments for O3 decay and organic oxidation were performed at pH 3.0, 7.3 or 

8.5 unless stated otherwise. The volume of the reactors was 70ml unless otherwise 

stated. For pH 3.0 studies, a 1.0 mM HNO3 solution was used as the buffer while a 2.0 

mM NaHCO3 air-saturated solution was used for pH 8.5 experiments. For pH 7.3, a 2.0 

mM NaHCO3 solution in equilibrium with synthetic air containing 6000 ppm of CO2 

(HiQ certified calibration standards; BOC) was used. To allow equilibration of CO2 

between the solution and the gas phase, solutions were sparged in Dreschel bottles for 

2 h prior to experiments. 1.0 M HNO3 and 1.0 M NaOH stock solutions were used to 

adjust the pH of the reaction solution when required. While the pH was well controlled 

in the pH 3.0 and 8.5 experiments (with pH variations of < ± 0.1 units), the pH of the 

7.3 system increased by 0.2 – 0.3 units over the course of the ozonation study, most 

likely as a result of the decrease in the CO2 partial pressure since sparging with the 

synthetic CO2/air mixture was not continued during the experiments.  

3.2.1 O3 decay  

Investigation of aqueous O3 decay was performed in head–space free gas–tight syringe 

reactors (Figure 3.3). For measurement, aqueous ozone (~120.0 µM) was added to 
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buffer solutions in the absence and presence of catalysts. The aqueous ozone 

concentration was measured using the indigo method.107 

 
Figure 3.3 Image of head–space free syringe reactors used for measurement of aqueous 

ozone decay by conventional and catalytic ozonation processes. 

3.2.2 HCOO− and C2O4
− oxidation in batch mode 

The experimental setup and method used for simultaneous measurement of adsorption 

and oxidation of HCOO− and C2O4
2−on ozonation and catalytic ozonation are shown in 

Figure 3.4. During experiments, the ozone reactor was carefully sealed and gently 

stirred using a magnetic stirrer. Valves 1, 3 and 4 were closed to reduce the headspace 

in the reactor. Valve 2 was connected to the sample port and was opened while taking 

samples. For measurement of formate/oxalate degradation on ozonation, valves 1, 3 

and 4 were open and valve 2 was closed and the reactor sparged with N2 gas to drive 

out CO2 formed in the reactor. An appropriate volume of formate/oxalate stock solution 

was added to 70.0 mL buffer solution in the absence or presence of catalyst to yield a 

final formate/oxalate concentration of 1.0 µM (consisting of 0.1 µM radiolabelled and 

0.9 µM non-radiolabelled formate/oxalate). Subsequently, an appropriate volume of 

ozone stock solution was spiked into the reactor to initiate the reaction. At desired times, 

1.5 mL of sample was withdrawn from the reactor and 1.0 mM non–radiolabelled 

formate/oxalate was added to cease the reaction by quenching any oxidant(s) present.108, 

109 Subsequently, 10.0 µL concentrated nitric acid (~ 45 mM) was added and the 
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solution was sparged with N2 to drive out any 14CO
2
 formed from the reactor into the 

trapping solution (1.0 M NaOH). Note that HCOOH/HCOO− loss via volatization via 

N2 sparging is within 5% under the experimental conditions used in this study (Figure 

3.5). The residual H14COOH/H14COO− concentrations in the reaction vessel and 14CO
2
 

concentration in the trapping solution were measured using a Packard Tri–Carb 

2100TR scintillation counter (protocol 2, count efficiency 95%) 109 following addition 

of 0.9 mL of sample (filtered by 0.22 µm PVDF syringe filter) into 10.0 mL of liquid 

scintillation cocktail (Ultima GOLD, PACKARD).   

 
Figure 3.4 Experimental setup used for formate and oxalate removal in batch mode by 

conventional and catalytic ozonation processes. 

 
Figure 3.5 Measured formate removal in the reaction vessel during N2–sparging for 

30min. Experimental conditions: [Formate]0 =1.0 µM (0.1 µM as radiolabelled and 0.9 

µM as non–radiolabelled formate), pH =3.0. 



57 

 

3.2.3 Organic oxidation in semi-batch system 

The setup for oxidation of the selected organic compounds by conventional ozonation 

and catalytic ozonation in a semi–batch system was shown in Figure 3.6. The volume 

of the wastewater was fixed at 150 mL. The flow rate of the gas sparged into the 

wastewater was controlled at 60 mL/min with a gas-phase ozone concentration of 51 

mg/L. At predetermined time intervals (i.e., 10, 20, 30, 40 and 60 minutes), 10 mL of 

sample was withdrawn from the reactor. Following sparging with N2 gas for 1 min, the 

samples were filtered (for catalytic ozonation samples only) using 0.22 µm PVDF 

filters (Millipore) and the chemical oxygen demand (COD) and total organic carbon 

(TOC) concentrations were measured.  

 

Figure 3.6 Schematic representation of organic oxidation used for TOC/COD removal 

in semi-batch mode by conventional and catalytic ozonation processes. 

3.2.4 •OH generation 

To evaluate the rate and extent of •OH generation on ozone decay, p–CBA was used as 

the •OH probe since it has high reactivity towards •OH (k•OH, p–CBA
 = 5.0 × 109 M−1·s−1) 

but low reactivity towards ozone (kO3, p–CBA
 = 0.15 M−1·s−1 87). For measurement, 1.0 

µM p–CBA and the desired amount of ozone were added to the sealed reactor (Figure 
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3.7) to initiate the reaction. The p–CBA concentration was measured using HPLC 

(Agilent 1200 Series, USA) using the method described before. 

 
Figure 3.7 Reactor used for measurement of p–CBA oxidation by conventional and 

catalytic ozonation processes. 

3.2.4 Kinetic modelling 

Statistical analysis was performed using single-tailed student’s t–test at the 5% 

significance level. Kinetic modelling of our experimental results was performed using 

the software package Kintecus.110 Kintecus is a simulation program that enables 

prediction of the concentration of reactants and products as a function of time based on 

numerical integration of the rate equations appropriate to a hypothesized reaction 

mechanism. The rate constants used for the various reactions used in modelling were 

either obtained from literature and/or measured experimentally. Agreement (or lack 

thereof) of the predicted concentrations of reactants and products with measured 

concentrations for the same entities provides a measure of the veracity of the 

hypothesized reaction set and/or the rate constants used. An analysis of the sensitivity 

of species concentrations to perturbations to various rate constants in the model was 

undertaken by Principal Component Analysis (PCA).110 
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Chapter 4 Mechanistic insights into the catalytic 

ozonation process using iron oxide-impregnated 

activated carbon 

Some of the material in this Chapter has been drawn from a recent publication, 111 which 

has been acknowledged and detailed in the ‘inclusion of publications statement’ for this 

thesis. 

4.1 Introduction  

Ozone is a relatively strong oxidant and has been widely used in the treatment of 

drinking waters and wastewaters. However, conventional ozonation technologies are 

usually constrained by poor mass transfer of ozone from the gas phase to liquid phase, 

low ozone utilization efficiency and limited mineralization of organics.1, 22, 112 The 

addition of a catalyst has been proposed to overcome some of these problems with the 

catalyst purportedly enhancing the efficiency of the process as a result of increased 

generation of oxidants such as •OH on catalyst–ozone interaction.26, 29, 47, 60, 74, 75, 113, 114 

The nature of the oxidant(s) generated in the catalytic ozonation systems appears to 

depend on the type of catalyst used.26, 29, 47, 81, 96, 115-119 In addition to formation of 

reactive oxidants during catalytic ozonation, stabilization of ozone by adsorption onto 

the catalyst surface and/or adsorption of organics are also reported to enhance the 

oxidation efficiency in the catalytic ozonation process.26, 74, 75, 120 However, inconsistent 

results have been reported on the role of organic adsorption in catalytic ozonation with 

some studies showing that the adsorption of organics (including parent compound 

and/or intermediates formed on oxidation) on the catalyst surface increased the overall 

oxidation capacity during catalytic ozonation 25, 26, 74, 79, 81, 116, 120 while other studies 
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suggesting that the adsorption of organics was not critical 121 and even decreased the 

performance of catalytic ozonation.28, 29 

As should be clear from the above brief review, despite extensive studies on catalytic 

ozonation, the role of the catalyst is not well understood. There is continued controversy 

regarding the contribution of catalyst to organics adsorption and oxidant generation 

with the uncertainty in part ascribed to the use of complex organic compounds such as 

humic substances and aromatic compounds for which oxidation results in formation of 

a suite of intermediates and by-products.19, 120, 122 While these organic contaminants 

may be representative of real wastewaters, the coexistence of the formation of complex 

oxidized intermediates and their subsequent interaction with the catalyst and ozone 

makes it very difficult to clearly elucidate the mechanism responsible for contaminant 

degradation. Moreover, pH is not well controlled in many of the reported studies which 

makes the comparison of conventional ozonation and catalytic ozonation difficult.113 

To partially address the problems of previous studies, radiolabelled formate and oxalate 

were chosen as the target compounds in the present chapter since they have well-

defined oxidation pathways and, in both cases, result in formation of CO2 and H2O as 

the only products.123, 124 By quantifying both the loss of formate/oxalate and the 

generation of CO2 over time, we are able to explicitly differentiate removal of 

formate/oxalate by the adsorption and oxidation processes. Additionally, these short 

chain carboxylic acids are good target contaminants since they are recognized as 

important end-products on ozonation of aromatic organics such as humic and fulvic 

acids.22, 125 Moreover, the pKa of formic and oxalic acid is 3.8 and 4.3(pKa2) 

respectively which allows variance in dissociated species of the two acids with this 

possibly influencing the adsorption and oxidative  mechanisms. In order to understand 

the influence of pH on organics removal by ozonation (both conventional and catalytic), 
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we investigated the process performance under varying pH conditions in the pH range 

3.0 - 8.5.  

A commercially available iron oxide impregnated activated carbon catalyst (provided 

by Beijing OriginWater (BOW) Technology Co., Ltd, China) was used in all 

experiments. We chose a carbon–based catalyst for these studies since carbon materials 

are inexpensive and possess abundant surface sites. Based on our experimental results, 

a mathematical model has been developed that satisfactorily describes formate 

oxidation by both ozonation and catalytic ozonation processes.  

4.2 Materials and Methods 

4.2.1. Reagents 

All experiments were performed at pH 3.0, 7.3 or 8.5 using buffer solutions described 

in chapter 3. Stock solutions of radiolabelled and non–radiolabelled sodium formate, 

1.0 mM indigo stock solution, O3 stock solution and stock solution of p–CBA were 

prepared as described in chapter 3. Since formate exists as both HCOOH and HCOO− 

in the pH range investigated here, we use HCOOH/HCOO− to represent total formate 

from hereon in this chapter. 

4.2.2. Catalyst characterization 

A commercial iron oxide impregnated carbon catalyst (termed JBX) and its activated 

carbon carrier (referred to as carrier from hereon) were supplied by BOW. Upon receipt, 

the catalyst and the carrier were prewashed with MQ water until the supernatant was 

clear and then dried at 50℃ in air before use. The surface area and the pore size of the 

catalyst were acquired using N2 sorption isotherms and analysed by Brunauer–Emmett–

Teller (BET) and Barrett–Joyner–Halenda (BJH) models. The samples were degassed 
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at 150 °C for 8 h prior to the test. To further characterize the surface properties and 

composition of the catalyst and the carrier, scanning electron microscopy with energy 

dispersive X–ray spectroscopy (SEM–EDX; FEI Nova NanoSEM 230 FE–SEM) was 

performed on both the surface and core of JBX to investigate the distribution of metals 

in the catalyst. The catalyst was polished by ion milling (Hitachi Ion Milling System 

IM4000) and fixed onto a cross–section sample holder by silver glue. Both surface and 

core of JBX was examined in order to ascertain the distribution of elements through the 

catalyst. To characterise the surface charge of the catalyst, zeta potential measurements 

over a pH range of 3.0 to 10.0 were performed using a Malvern Nano ZS ZEN3600 

zetasizer. The catalysts used here are in form of pellets with length of ca. 5 mm and 3 

mm diameter. Since the catalysts were in the form of relatively large particles, the 

dosage of catalyst was set at 1.0 or 10.0 g L−1 to provide sufficient surface sites for 

ozone-catalyst and formate/oxalate-catalyst interactions.118, 126 Note that even though 

the overall dosage of the catalyst was high, the active metal concentration was very low 

(< 0.1% of the total weight of the catalyst) and comparable with the catalyst dosages 

used in various earlier studies.93, 127-129 We would also like to highlight that we used the 

activated carbon carrier as the control in all experiments to test the role of the iron oxide 

(the active site in JBX as discussed later)  associated with the carrier rather than using 

well defined iron oxides since the exact nature of the iron oxide loaded on the carrier 

cannot be determined (see section 4.3.1 for more details). 

4.2.3. Experimental setup 

4.2.3.1. Formate degradation 

The experimental setup and method used for simultaneous measurement of adsorption 

and oxidation of HCOOH/HCOO− on ozonation are described in detail in chapter 3. 
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Briefly, 1.0 µM formate (consisting of 0.1 µM radiolabelled and 0.9 µM non–

radiolabelled formate) and ozone (1.0 – 100.0 µM) were added to pH 3.0, 7.3 or 8.5 

buffer solution in the absence and presence of 1.0 or 10.0 g L−1 catalyst (or carrier). The 

concentrations of H14COOH/H14COO− remaining and 14CO2 formed following 

oxidation at various time intervals were measured. To investigate the role of •OH in the 

HCOOH/HCOO− oxidation process, TBA and Cl− (for pH 3.0 only) were used as •OH 

scavengers.  

In order to investigate the importance of formate adsorption on its overall oxidation 

during catalytic ozonation, pre–adsorption of 1.0 µM formate was performed on 10.0 g 

L−1 JBX at pH 3.0. After 4 h, when nearly 80% of the added formate was adsorbed on 

JBX, the catalysts were withdrawn and re–dispersed in fresh pH 3.0 buffer solution. 

Subsequently, 10.0 µM of O3 was added to initiate the oxidation with the concentrations 

of H14COOH/H14COO− and 14CO2 measured as described in chapter 3. 

4.2.3.2 Oxalate degradation 

In order to investigate the influence of the nature of the target organic on rate and extent 

of degradation, the oxidation of oxalate was investigated at pH 7.3. While formate can 

be oxidized by both O3 and •OH, oxalate has low reactivity towards O3 (kO3= 0.04 M–

1·s–1;1, 123, 130 with oxidation of oxalate mostly governed by its interaction with •OH (k•OH
 

= 5.6×106 M–1·s–1;123 formed on O3 decay. The experimental setup and procedure used 

for oxalate oxidation was identical to that described for formate degradation. Briefly, 

1.0 µM oxalate (consisting of 0.1 µM radiolabelled and 0.9 µM non–radiolabelled 

oxalate) and ozone (10.0 µM) were added to pH 7.3 buffer solution in the absence and 

presence of 10.0 g L−1 JBX with the concentrations of oxalate remaining and 14CO2 

formed continuously measured using the method described in chapter 3. 
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4.2.3.3. Ozone decay  

Investigation of aqueous ozone decay was performed in head–space free gas–tight 

syringe reactors (see chapter 3). For measurement, aqueous ozone (~120.0 µM) was 

added to pH 3.0, 7.3 or 8.5 buffer solution in the absence and presence of 1.0 or 10.0 g 

L−1 JBX (or carrier). We also measured the ozone decay in the presence of formate and 

H
2
O

2
 at pH 3.0, 7.3 and 8.5. For measurement of O3 decay in the presence of H2O2, 

H2O2 in the concentration range 10.0 – 100.0 µM was added to pH 3.0 and 8.5 buffer 

solution with initial ozone concentration of ~120.0 µM. For measurement of ozone 

decay in the presence of formate, 0.0 – 160.0 µM formate was added to pH 3.0, 7.3 and 

8.5 buffer solution and 120.0 µM ozone was spiked into the reactor. The aqueous ozone 

concentration remaining was measured using the indigo method 107 as described in 

detail in chapter 3. 

We would like to highlight that even though the initial ozone concentration used in 

formate/oxalate degradation studies and ozone decay studies were different due to the 

constraints on the detection limit of the method used for ozone measurement, the 

difference in initial ozone concentration has no impact on the interpretation of our 

results and conclusions made here since the measured half-lives of ozone were similar 

for various initial O3 concentrations (t1/2 = 11.7±0.2 and 10.5±0.1 min for initial O3 

concentrations of 10.0 and 120.0 µM respectively at pH 8.5) which is comparable to 

earlier reported values.131 

4.2.3.4. Hydroxyl radical measurement  

To evaluate the rate and extent of  bulk•OH generation on ozone self–decay, p–CBA 

was used as the •OH probe since it has high reactivity towards •OH (k•OH, p-CBA
 = 5.0 × 
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109 M−1s−1) but low reactivity towards ozone (kO3, p-CBA
 = 0.15 M−1·s−1;87). For 

measurement, 1.0 µM p–CBA and ozone (10.0 – 100.0 µM) were added to pH 3.0, 7.3 

and 8.5 buffer solution to initiate the reaction. The p–CBA concentration was measured 

using the method described in detail in chapter 3. Due to the strong adsorption of p–

CBA on JBX and the carrier, •OH measurement experiments were not conducted in the 

presence of catalyst (or carrier).  

4.2.4 Kinetic modelling and statistical analysis 

Kinetic modelling of the experimental results was performed using the software 

package Kintecus 132 as described in chapter 3.  

4.3. Results and Discussion 

4.3.1. Catalyst characterization 

The surface areas of both JBX and its carrier are high with values of 1640 ± 48 and 

1499 ± 36 m2 g-1 (BET model) respectively (Figure 4.1). The average pore sizes of JBX 

and the carrier are 2.8 ± 0.1 and 2.6 ± 0.1 nm (BJH model) respectively. While the 

detailed synthesis procedure for JBX is commercially confidential, it is purported that 

metals have been loaded onto the carbon to improve the catalytic activity. In view of 

the similar surface areas and average pore sizes of JBX and its carrier, we surmise that 

the metal loading process has little impact on the structural or textural properties of the 

carrier.  
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Figure 4.1 N2 adsorption isotherm of a) JBX (surface area 1640 ± 48 m2/g), b) carrier (surface 

area 1499 ± 36 m2/g). Panel c and d represent the pore size distribution of JBX (average pore 

size 2.8 ± 0.1 nm) and carrier (average pore size 2.6 ± 0.1 nm) respectively. 

SEM–EDX measurements were performed to determine the active metal(s) on the 

catalyst surface (Figure 4.2). It can be seen that Fe peaks are more evident in the JBX 

spectrum compared to its carrier. In addition to iron, a variety of elements including 

sodium, aluminium, calcium, potassium and magnesium were also present in both JBX 

and the carrier but at comparable abundances. These ubiquitous earth metals are likely 

associated with the manufacturing process of the carbon carrier rather than addition of 

these metals for catalytic purposes.127 As such, we surmise that Fe is the active element 

loaded onto to the carbon carrier with this element likely present as an iron oxide. The 

SEM–EDX measurement of the surface layer and the core shows that Fe is present 
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through the entirety of the catalyst (Figure 4.2 and 4.3) indicating that the catalyst is 

not of a “core–shell” structure. Note that aluminium oxide, present in JBX and the 

carrier, may also exhibit catalytic activity as described in some earlier studies;133, 134 

however iron oxide is expected to be a more reactive surface than alumina for the 

reaction with ozone as reported by Mitchell and co–workers 135 and also supported by 

our experimental results (discussed in detail in later sections) wherein the presence of 

even a small amount of iron oxide (as in JBX) demonstrates higher catalytic ability than 

the aluminium containing carrier.   

 

 

 

 

 

 

 

 

a) 
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Figure 4.2 SEM–EDX mapping images of JBX (panel a and b) and carrier (panel c and d), and 

EDX spectra of JBX (panel e) and carrier (panel f). 

f) 

e) 

c) d) 

b) a) 
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Figure 4.3 SEM–EDX spectrum of the core of JBX 

The pHpzc of JBX is 8.3, slightly higher than that of the carrier (7.5, Figure 4.4), 

suggesting that the presence of Fe may alter the surface properties of the activated 

carbon. Note that further characterization of the nature of the iron oxides using 

techniques such as X–ray diffraction (XRD) and X–ray photoelectron spectroscopy 

(XPS) was not feasible since the loaded Fe concentration was low (< 0.1%).  

 

Figure 4.4 Measured zeta potential of JBX and carrier under varying pH conditions.  

Experimental conditions: [NaCl] = 10.0 mM; [catalyst] = 0.5 g L–1. 

4.3.2. Ozone decay in the absence and presence of catalyst 

As shown in Figure 4.5, the rate of ozone self–decay (i.e., in the absence of JBX and 

the carrier) increases with increase in pH with nearly 12%, 40% and 85% ozone 

consumed within 30 min at pH 3.0, 7.3 and 8.5 respectively. This is in agreement with 

the mechanism that self–decay of ozone is initiated by hydroxyl ions (OH-
) resulting 
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in the formation of •OH 7, 22, 136, 137 (see eqs 4.1 – 4.7). The formation of •OH on ozone 

decay is supported by results showing the oxidation of p–CBA at pH 3.0, 7.3 and 8.5 

(Figure 4.6), which is known to react rapidly with •OH (5×109 M−1·s−1) but slowly with 

O
3
(0.15 M−1·s−1).87 The pH dependence of p–CBA oxidation supports the conclusion 

that O
3
decay to form •OH increases with increase in pH.  

O3 + OH– → HO4
–  (4.1) 

HO4
– ⇌ HO2

• + O2
•– (4.2) 

HO2
• ⇌ H+ + O2

•–, pKa = 4.8 (4.3) 

O2
•– + O3 → O2 + O3

•–   (4.4) 

HO3
• ⇌ H+ + O3

•–, pKa = 8.2 (4.5) 

HO3
• → •OH + O2 (4.6) 

•OH + O3 → HO2
• + O2 (4.7) 
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Figure 4.5 O3 decay in the absence (triangles) and presence of JBA (squares) and carrier (circles) 

at pH 3.0 (panel a), pH 7.3 (panel b) and pH 8.5 (panel c). Initial conditions: [O3]0 = 120.0 µM, 

[catalyst]0 = 10.0 g L–1. Symbols represent experimental data and lines represent modelled 

values. 
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Figure 4.6 Measured decrease in p–CBA concentration in the presence of O3 at (a) pH 3.0, (b) 

pH 7.3 and (c) 8.5 at ozone concentration of 12.9 M (solid black square) and 120 M (solid 

red dot). Symbols represent experimental data and lines represent modelled values. 

The presence of JBX facilitates the decay of aqueous ozone with the impact of JBX 

much more pronounced at pH 3.0 than at 7.3 and 8.5 (Figure 4.5). Furthermore, our 
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results show that the carrier also enhances the rate of ozone decay at pH 3.0, 7.3 and 

8.5. The overall rate of ozone decay measured here can be expressed as: 

d[O3]

dt
= −(𝑘OH− + 𝑘AC + 𝑘Fe)[O3] 

(4.8) 

where kOH−, kAC and kFe respectively represent the apparent pseudo–first order rate 

constant of ozone reacting with hydroxyl ions (i.e., self–decay), the activated–carbon 

surface and iron oxide impregnated catalyst. Based on the measured ozone 

concentration under various conditions, we calculated the values of kOH−, kAC and 

kFeunder varying pH conditions (see Table 4.1).  As shown in Table 4.1, the value of 

kOH− increases with increase in pH since the self–decay of ozone is initiated by hydroxyl 

ions. The value of kAC is similar at pH 3.0, 7.3 and 8.5 which suggests that the 

interaction of ozone with the carbon surface is not dependent on pH. This is in 

agreement with previous studies in which the catalytic activity of activated carbon was 

found to be not particularly sensitive to pH change.63, 138 The value of kFe decreases with 

increase in pH from 3.0 to 8.5 which suggests that the protonated positively charged 

iron oxide surface sites interact with ozone much more rapidly than the negatively 

charged deprotonated sites.  This is in agreement with an earlier report in which only 

uncharged >Fe–OH0 and/or positively charged >Fe–OH2
+ surface groups promote 

ozone decay when goethite was used as the catalyst.139 Detailed discussion of model 

fits is available in section 4.3.5. 
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Table 4.1 Apparent pseudo–first order rate constant of ozone reaction with hydroxide (kOH
–), 

iron oxides (kFe)and activated carbon surface (kAC) at pH 3.0, 7.3 and 8.5. 

pH pH 3.0 pH 7.3 pH 8.5 

k
OH-

 (4.3 ± 0.3) × 10−5 s–1 (2.0 ± 0.4) × 10−4 s–1 (1.1 ± 0.1) × 10−3 s−1 

k
AC

 (5.6 ± 0.2) × 10−4 s–1 (5.8 ± 0.3) × 10−4 s–1 (7.3 ± 0.2) × 10−4 s–1 

k
Fe

 (5.0 ± 0.3) × 10−3 s–1 (1.3 ± 0.2) × 10−4 s–1 0.0 ± 0.0 s–1 

 

4.3.3. Formate oxidation by ozonation 

As shown in Figure 4.7, the HCOOH/HCOO− concentration decreases with 

concomitant formation of CO2 in the absence of catalyst (Figure 4.8) with this result 

supporting the conclusion that the oxidation of HCOOH/HCOO− occurs in the presence 

of ozone alone. The rate and extent of HCOOH/HCOO− oxidation increases with 

increase in pH; for example, nearly 28.8%, 57.7% and 70.5% HCOOH/HCOO− were 

oxidized within 30 min at pH 3.0, 7.3 and pH 8.5 respectively (Figure 4.8). Note that 

the dissociation of formic acid (pKa=3.8) is dependent on pH with formic acid and 

formate dominating at pH 3.0 and 7.3/8.5 respectively. As described in earlier 

studies,140 HCOOH/HCOO− can be oxidized either by direct interaction with O3 and/or 

•OH formed on O3 decay (eqs. 4.9 – 4.12). The direct reaction of O3 can occur via 

hydride transfer (eq. 4.9) and/or H abstraction (eq. 4.10) with the latter process resulting 

in formation of HO
3

· which is a precursor for •OH formation.   
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Figure 4.7 Formate removal during ozonation at pH 3.0, pH 7.3 and pH 8.5 in the absence 

(squares) and presence (circles for TBA and triangles for NaCl) of •OH scavengers. Initial 

conditions: [O3]0 = 10.0 M, [formate]0 = 1.0 µM, [TBA]0 = 0.1 mM at pH 8.5, 1.0 mM TBA 

at pH 7.3 and 3.0 mM at pH 3.0. [NaCl]0 = 50.0 mM at pH 3.0. Symbols represent measured 

values and lines represent model results. 
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Figure 4.8 CO2 formation during conventional ozonation at (a) pH 3.0, (b) 7.3 and (c) 8.5 in the 

presence and absence of TBA or chloride.  Initial conditions: [O3]0 = 10.0 µM, [formate]0 = 1.0 

µM, [TBA]0 = 0.1 mM at pH 8.5, 1.0 mM TBA at pH 7.3 and 3.0 mM at pH 3.0. [NaCl]0 = 

50.0 mM at pH 3.0. Symbols represent measured values and lines represent model results. 
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HCOO– + O3 → CO2 + HO3
– (4.9) 

HCOO– + O3 → CO2
•– + HO3

• (4.10) 

HCOO– + •OH → CO2
•– + H2O (4.11) 

CO2
•– + O2 → CO2 + O2

•– (4.12) 

The pH dependence of oxidation of HCOOH/HCOO− should be related to the pH-

dependence of rate of generation (and consumption) of both oxidants. As discussed 

earlier, O3 undergoes decay initiated by OH− resulting in the formation of •OH (eqs 4.1 

– 4.7 7, 22, 136, 137), leading to the expectation that •OH mediated oxidation should be 

more important under alkaline conditions. However, as discussed above, 

HCOOH/HCOO− may also initiate O3 decay to form •OH (eqs. 4.10 and 4.5) and, as 

such, the pH dependence of •OH generation may not be entirely governed by O3 self–

decay. In order to elucidate the contribution of •OH to HCOOH/HCOO−  oxidation in 

ozonation, we measured the impact of TBA addition (k•OH, TBA
 = 5.0 × 108 M−1·s−1;141 

on  HCOOH/HCOO− oxidation. It can be seen from Figure 4.7 that addition of TBA 

significantly inhibited (69.2% in 30 min) HCOOH/HCOO− oxidation at pH 8.5 however 

no impact of TBA addition was observed at pH 7.3 and 3.0. Significant inhibition of 

HCOOH/HCOO− oxidation at pH 8.5 in the presence of TBA support the conclusion 

that HCOOH/HCOO− oxidation is mainly governed by •OH at pH 8.5. In agreement 

with the impact of TBA addition, we observed no impact of addition of Cl− (Figure 4.7), 

a known scavenger of •OH under acidic conditions,142 on  HCOOH/HCOO−  oxidation 

at pH 3.0. Thus, based on the observed impact of TBA and Cl−, we conclude that 

formate oxidation by conventional ozonation occurs via hydride transfer for pH 3. We 

would like to highlight that the TBA scavenging results may not be conclusive at pH 
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7.3 as a result of alteration in the oxidation pathway of HCOOH/HCOO− in the presence 

of TBA as discussed in detail in chapter 8. As discussed  in detail in chapter 8, in the 

case of compounds such as HCOO− which promotes O3 decay and are ozone reactive, 

the presence of TBA result in the alteration in the pathway of oxidation from •OH 

mediated HCOO− oxidation in the absence of TBA to O3 mediated oxidation in the 

presence of TBA.  

The mechanism of formate oxidation by ozone determined here is in agreement with 

the mechanism reported by Reisz et al.,140 however differs from that reported in an 

earlier study.143 The differences in the experimental conditions (pH, higher formate 

concentration, etc.) employed in the two studies possibly contributes to the discrepancy 

in the mechanism which, as shown here, varies considerably with pH as well as formate 

concentration (discussed in detail in later sections).  

We would like to highlight that a significant fraction of the •OH formed on O3 decay 

will be scavenged by bicarbonate ions/carbonate ions present in the buffer solution (eq. 

4.13). Note that carbonic acid is the dominant specie at pH 3.0 while bicarbonate 

dominates at pH 7.3 and 8.5 based on the pH-pKa diagram of carbonic acid. While the 

scavenging of •OH by HCO3
−/CO3

2− decreases the ozone efficiency in various earlier 

studies,144-146 the scavenging of •OH by HCO3
−/CO3

2− does not influence formate 

oxidation since carbonate radical (CO3
•−) formed from•OH – HCO3

−/CO3
2−  reaction is 

able to oxidize formate (eq. 4.14) as well.147 Instead, the scavenging of •OH by 

HCO3
−/CO3

2− prevents the futile consumption of ozone via O3 – •OH interaction (eq. 

4.7), thereby stabilizing ozone 145 and increasing the efficiency of the ozonation process. 

HCO3
– / CO3

2– + •OH → CO3
•– +H2O  (4.13) 
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HCOO– + CO3
•– → CO2

•– + HCO3
– (4.14) 

4.3.4. Formate removal by catalytic ozonation 

4.3.4.1. Formate oxidation by catalytic ozonation  

As can be clearly seen in Figure 4.9, the HCOOH/HCOO− concentration decreased on 

ozonation with concomitant formation of CO2 in the presence of JBX and carrier. The 

extent of oxidation of HCOOH/HCOO− by ozonation in the presence of JBX or carrier 

was slightly lower than that obtained by conventional ozonation at pH 7.3 and 8.5 with 

this result indicating that the presence of the catalyst and/or carrier does not improve 

the oxidation efficiency, at least under the circumneutral pH conditions investigated 

here (see Table 4.2). In contrast, the presence of JBX or carrier enhanced oxidative 

HCOOH/HCOO− removal at pH 3.0 (Figure 4.9 and Table 4.2). Note that at all pH 

conditions investigated here, HCOOH/HCOO− removal via adsorption during catalytic 

ozonation was minor (< 20%; Table 4.2). Our results further show that the impact of 

JBX on HCOOH/HCOO− oxidation at pH 3.0 was more pronounced than the carrier at 

pH 3.0. This observation supports the conclusion that the presence of iron oxides at the 

JBX surface promotes ozone decay (Figure 4.7) and, consequently, oxidant generation 

and formate oxidation at pH 3.0 (Figure 4.9). Note that no dissolved iron in ozonated 

pH 3.0 solution containing 10 g.L–1 JBX was detected by inductively coupled plasma 

atomic emission spectroscopy (ICP–OES) suggesting that homogeneous catalytic 

ozonation as a result of interaction with any leached iron from JBX was negligible. The 

carrier also improved HCOOH/HCOO− oxidation at pH 3.0; i.e., the interaction of O3 

with activated carbon alone (at this pH) also results in formation of oxidants capable of 

oxidizing HCOOH/HCOO−.  



80 

 

 

Figure 4.9 Formate removal and concomitant CO2 formation in conventional O3 (circles) and 

catalytic O3 using JBX (squares) and carrier (triangles) at pH 3.0 (panel a and b respectively), 

pH 7.3 (panel c and d respectively), and pH 8.5 (panel e and f respectively). Initial conditions: 

[O3]0 = 10.0 µM, [formate]0 = 1.0 µM, [catalyst]0 = 10.0 g L–1. 
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Table 4.2 Comparison of oxidative and adsorptive removal of HCOOH/HCOO− during the 

catalytic ozonation process at pH 3.0, 7.3 and 8.5. 

 HCOOH removal  

pH 3.0    

 % Total removal  % oxidative removal  % adsorptive 

removal 

Adsorption by JBX 28.4±8.5 0.0 28.4±8.5 

Adsorption by carrier  2.9±0.4 0.0 2.9±0.4 

O3 only 28.8±2.5 28.8±2.5 0.0 

Catalytic O3 by JBX 60.4±3.9 52.7±4.7 7.7±.4.9 

Catalytic O3 by JBX + TBA 37.0±7.4 27.1±3.0 9.9±10.4 

Catalytic O3 by JBX + Cl− 37.4±1.8 27.5±1.1 9.9±10.4 

Catalytic O3 by carrier 46.7±4.7 33.9±2.7 12.9±2.1 

Catalytic O3 by carrier + TBA 38.7±0.1 28.9±0.1 10.1±0.3 

pH 7.3    

Adsorption by JBX 15.2±1.9 0.0 15.2±1.9 

Adsorption by carrier 11.3±0.3 0.0 11.3±0.3 

O3 only 57.7±4.2 57.7±4.2 0.0 

Catalytic O3 by JBX 51.0±3.2 34.0±1.9 17.0±1.9 

Catalytic O3 by carrier 49.5±9.3 29.2±5.5 20.2±3.8 

pH 8.5    

Adsorption by JBX 7.4±1.1 0.0 7.4±1.1 

O3 only 70.50±4.01 70.50±4.01 0.0 

Catalytic O3 by JBX 57.4±1.6 54.2±1.7 3.1±0.5 

Catalytic O3 by JBX + TBA 40.8±1.8 33.3±4.2 7.5±2.4 

Catalytic O3 by carrier 57.0±5.7 55.0±5.5 2.0±0.2 

Catalytic O3 by carrier + TBA 43.0±0.7 35.8±0.3 7.2±0.4 

Note: % removal shown here were obtained at 30min. 
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Varying the catalyst dosage from 10.0 to 1.0 g.L–1 decreases the rate and extent of ozone 

decay and formate oxidation at pH 3.0 ; however no significant (p> 0.05 using single 

tailed student’s t–test) influence of varying the catalyst dosage was observed at pH 8.5 

(Figure 4.10). This observation further supports the conclusion that JBX is active in 

initiating ozone decay and oxidant generation under acidic conditions. At pH 8.5, 

however the catalyst is ineffectual with most of the ozone decay and formate oxidation 

observed under these conditions occurring via the conventional ozonation process only.  

 

Figure 4.10 Measured ozone decay (panel a and b) in the presence of variant JBX dosage at pH 

3.0 and 8.5. Initial condition: [O3]0 = 100.0 µM, JBX = 1.0 (open squares) or 10.0 g L–1 (open 

circles). Measured formate oxidation after 30 min of reaction time (panel c and d) in the 

presence of variant JBX dosage at pH 3.0 and 8.5. Initial condition: [O3]0 = 100.0 µM, JBX = 

1.0 or 10.0 g L–1 

4.3.4.2. Nature of the oxidant generated during catalytic ozonation at pH 3.0 
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In order to gain insight into the nature of the oxidant(s) generated during catalytic 

ozonation at pH 3.0, we measured the impact of TBA and Cl− addition on the oxidation 

of HCOOH/HCOO− in the presence of JBX or carrier at pH 3.0. As shown in Figure 

4.11 and Table 4.2, addition of TBA and Cl− significantly inhibits catalytic oxidation of 

HCOOH/HCOO− at pH 3.0 when JBX is used as the catalyst. Specifically, in the 

presence of 3.0 mM TBA and 50.0 mM Cl−, the extent of HCOOH/HCOO− oxidation 

decreased by 47.1% and 46.1% respectively. This is in contrast with the observed 

impact of TBA and Cl− during ozonation only (Figure 4.7) with this result supporting 

the conclusion that the oxidant involved in HCOOH/HCOO− oxidation is different for 

the conventional and catalytic ozonation processes at pH 3.0. Since, TBA and Cl− are 

both known to scavenge •OH under acidic conditions,142, 148 it appears that the oxidant 

generated during catalytic ozonation using JBX as the catalyst is •OH. This hypothesis 

is in agreement with earlier studies which reported that interaction of O3 with the iron 

oxides generates •OH.47, 139, 149 Based on the observed impact of Cl−and TBA, we 

further envisage that the majority of the oxidation of HCOOH/HCOO− occurs at the 

solid–liquid interface and/or in bulk solution.30, 150 rather than on the surface of the 

catalyst (Cl− and TBA is unlikely to scavenge surface oxidant(s)). As the short lifetime 

of •OH largely excludes the possibility of diffusion into the bulk solution (D = ~10−10 

m2·s−1 with the thickness of diffusion boundary layer being 50 – 100 μm,29 we suggest 

that oxidation of HCOOH/HCOO− occurs in the solid–liquid interface with 

HCOOH/HCOO− and oxidant concentrations near the surface determining the rate of 

HCOOH/HCOO− oxidation. The hypothesis that the majority of the oxidation occurs in 

the solid-liquid interface rather than on the surface is also in agreement with the 

exceptionally high oxidation efficiency (i.e., 55% within 5 min as shown in Figure 4.9b) 

compared to the extent of adsorption observed when no O3 was added (i.e., 28% after 
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30 min as shown in Figure 4.12a). Given that the majority of the oxidation likely occurs 

in the interfacial ozone, it appears that adsorption is not a precursor step for oxidation, 

at least for the catalyst and the experimental conditions investigated here. This 

conclusion is further supported by the observation that negligible oxidation of 

HCOOH/HCOO− was observed when formate was pre–adsorbed onto the catalyst prior 

to addition of ozone (Figure 4.13).  

 

Figure 4.11 Formate removal (panel a) and CO2 formation (panel b) during catalytic ozonation 

using JBX at pH 3.0 in the presence of TBA and NaCl. Initial conditions: [O3]0 = 10.0 µM, 

[formate]0 = 1.0 µM, [TBA]0 = 3.0 mM. [NaCl]0 = 50.0 mM. Symbols represent measured 

values and lines represent model results. 

 

Figure 4.12 (a) Formate adsorption on JBX (squares) and carrier (circles) at pH 3.0 and (b) the 

influence of pH on formate adsorption in the presence of JBX. Initial conditions: [formate]0 = 

1.0 µM, [catalyst] = 10.0 g L−1, pH 3.0, 7.3 and 8.5. 
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Figure 4.13 Measured change in formate concentration on oxidation of pre–adsorbed formate 

during catalytic ozonation using JBX at pH 3.0. Initial conditions: [formate]0 = 0.8 µM, 

[catalyst] = 10.0 g L−1. 

The mechanism of HCOOH/HCOO− oxidation by catalytic ozonation in the presence 

of the activated carbon carrier appears to differ from that occurring in the presence of 

JBX since no impact of TBA and Cl− addition on HCOOH/HCOO− oxidation was 

observed at pH 3.0 in the presence of the carrier (Figure 4.14). The exact mechanism 

and the nature of the oxidant generated on activated carbon–O3 interaction is not clear 

based on our results but may possibly include carbon-based radicals that are not readily 

scavenged by TBA and Cl−. Note that surface-mediated HCOOH/HCOO− oxidation is 

expected to be unimportant in the presence of the carrier since formate was found to 

adsorb minimally to the carrier at pH 3.0 (Figure 4.12).  
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Figure 4.14 (a) Formate oxidation and (b) CO2 formation during catalytic ozonation using 

carrier at pH 3.0 in the presence of TBA and NaCl. Initial conditions: [O3]0 = 10.0 µM, 

[formate]0 = 1.0 µM, [TBA]0 = 3.0 mM. [NaCl]0 = 50.0 mM. Symbols represent measured 

values and lines represent model results. 

4.3.5. Impact of nature of the organics on catalytic ozonation 

As discussed above, the catalyst used here is not effective in promoting oxidation of 

HCOOH/HCOO− under circumneutral pH conditions. The ineffectiveness of the 

catalyst at alkaline pH is possibly related to (i) the inability of the catalyst to promote 

oxidant generation under circumneutral pH conditions and/or (ii) rapid O3–formate 

interaction with formate oxidation not limited by •OH (or other strong oxidant(s)) 

formation at these pH conditions. As discussed previously, formate can be effectively 

oxidized by ozone. However, for ozone resistant organic compounds, •OH formation 

(via O3 self–decay and/or catalyst–O3 interaction) will be imperative to induce their 

oxidation. To probe this issue further, we measured the oxidation of oxalate (an ozone 

resistant organic compound;123 during catalytic ozonation using JBX as the catalyst at 

pH 7.3. As shown in Figure 4.15, no significant increase in oxalate oxidation was 

observed in the presence of JBX supporting the conclusion that the inefficiency of the 

catalyst is not related to the nature of the organic compound but, rather, is due to its 

inability to generate oxidants under circumneutral pH conditions. 
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Figure 4.15 Oxalate removal (solid points) and concomitant CO2 formation (open points) 

in conventional O3 (circles) and catalytic O3 (squares) process at pH 7.3. Initial 

conditions: [O3]0 = 10.0 µM, [oxalate]0 = 1.0 µM, [catalyst]0 = 10.0 g L-1. 

4.3.6. Mechanism of catalytic ozonation and kinetic modelling 

Based on the results presented, we draw the following conclusions regarding the 

mechanism underpinning HCOOH/HCOO− oxidation during conventional and 

catalytic ozonation: 

(i) The mechanism and rate of formate oxidation by ozonation are pH dependent. 

Direct oxidation of HCOOH/HCOO− by O3 via hydride transfer is important 

at pH 3.0 while both O3 and •OH are involved in HCOOH/HCOO− oxidation 

under alkaline conditions. 

(ii) For JBX, iron oxide surface sites present on the activated carbon carrier are 

the main adsorption sites for HCOO− with positively charged surface iron sites 

playing a key role in HCOO− uptake. 

(iii) The activated carbon carrier interacts with O3 resulting in formation of surface 

oxidants capable of oxidizing HCOOH/HCOO− near the carbon surface under 

acidic conditions. 
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(iv) Iron oxides on the activated carbon surface enhance ozone decay with resultant 

formation of oxidants (most likely •OH) under acidic conditions only.  

(v) The rate and extent of oxidant generation increases with increase in the catalyst 

dosage under acidic conditions. 

(vi) Impact of TBA and Cl− oxidation during catalytic ozonation at pH 3.0 supports 

the hypothesis that oxidation of HCOOH/HCOO− occurs in the solid-liquid 

interfacial region and/or bulk solution and hence is not limited by the extent 

of adsorption of the organics. 

A schematic of the various reactions potentially involved in the catalytic ozonation–

mediated oxidation of HCOOH/HCOO− is provided in Figure 4.16. Based on the 

reaction mechanism shown in Figure 4.16, we have developed a reaction set and 

associated kinetic model to account for ozone decay and formate removal by 

conventional and catalytic ozonation (Table 4.3). The reactions used to explain self-

decay of ozone (reactions 1 – 6, Table 4.3) and formate oxidation (reactions 11 – 15, 

Table 4.3) by ozonation alone are obtained from the literature with reported rate 

constants for these reactions used in almost all cases. Furthermore, as discussed earlier 

we have also included the scavenging of •OH by bicarbonate/carbonate ions and/or 

H2O2 present (reactions 7 – 10, Table 4.3) in the experimental matrix since these 

reactions also have significant influence on ozone self–decay kinetics as well as •OH 

availability for formate oxidation.  
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Figure 4.16 Reaction schematic depicting the mechanism of formate oxidation during 

catalytic ozonation. 

Table 4.3 Kinetic model describing ozone decay and HCOOH/HCOO− removal during 

conventional ozonation and catalytic ozonation. 

No Reaction Rate constant 

(M–1·s–1) 

Published value 

(M–1·s–1) 

Ref. 

Ozone self decay reactions in bulk solution 

1 O3 + OH– → HO2
• + O2

•– 70.0 70.0 151 

2 O3 + H2O2/HO2
– → HO3

• + O2
•– α0kH2O2 + α1kHO2

– a kH2O2 = 6.5×10-3;  

kHO2
– = 2.8×106 

152 

3  O3 + O2
•– → HO3

• + O2 α1kO2
•– b kO2

•– = 1.5×109 98 

4 HO3
•/O3

•– → •OH + O2 α0kHO3
• + α1kO3

•– c kHO3
• =1.4×105 s-1;  

 kO3
•– =2.1×103 s-1 

151 

5  •OH + O3 → O2
•– + O2 1.0×108 1.0×108 151 

6  O3
• + CO3

•– → H2CO3 + O2 1.0×105 1.0×105 153 

  Scavenging reactions in bulk solution 

7 •OH + H2O2/HO2
– → H2O + O2

•–  α0kH2O2 + α1kHO2
– a kH2O2 = 2.7×107;  

kHO2
– =7.5×109 

98 

8 •OH + H2CO3/ HCO3
–/CO3

2–→ OH– + CO3
•– α0kH2CO3 + α1kHCO3

– 

+ α2kCO3
2– 

d 
kH2CO3 =1.0×106; 

kHCO3
– =8.5×106; 

141 
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kCO3
2– =3.9×108 

9 CO3
•– + H2O2/HO2

– → O2
•– + H2CO3  α0kH2O2 + α1kHO2

– a kH2O2 =4.3×105; 

kHO2
– =3.7×107 

154 

10  CO3
•– + CO3

•– → CO2
4– + H2CO3 2.0×107 2.0×107 155 

Formate oxidation by O3 in bulk solution 

11 HCOOH/HCOO– + O3 →HCO3
– + HO3

– 

 

70  140 

12 HCOOH/HCOO– + O3 → CO2
•– + HO3

• 30e 0.1-100 a  3, 143 

13 HCOOH/HCOO– + CO3
•– → CO2

•– + H2CO3 1.5×105 1.5×105 147 

14 HCOOH/HCOO– + •OH → CO2
•– + H2O 3.2×109 3.2×109 141 

15 CO2
•– + O2 → O2

•– + H2CO3 4.2×109 4.2×109 124 

Ozone decay in the presence of JBX at pH 3.0 

16 O3 → O3, interface 
  ≥0.01 s–1 - In this 

chapter  

17  O3, interface + ≡Fe → ≡O3 7×10-3 s–1 f - In this 

chapter 

18 ≡O3 → NRP 5 s–1 - In this 

chapter 

19 ≡O3 + ≡Fe → ≡•OH  k19/k18= 3×10-5 M–1 - In this 

chapter 

20 ≡•OH → •OH interface 1 s–1 - In this 

chapter 

Formate removal in the presence of JBX at pH 3.0 

21 HCOOH/HCOO– → HCOOH/HCOO–
interface ≥0.01 s–1 - In this 

chapter 

22 HCOOH/HCOO–
interface + ≡Fe → ≡HCOOH/HCOO– 2×10-4 g  - In this 

chapter 

23 ≡HCOOH/HCOO– + ≡•OH  → H2CO3           3.2×109 3.2×109 141 

24 HCOOH/HCOO–
interface + •OH interface → CO2

•–
，interface 3.2×109 3.2×109 115, 141 

25 CO2
•–

，interface + O2 → H2CO3 + O2
•–

，interface 4.2×109 4.2×109 124 

26 O2
•–

，interface + O3, interface  → HO3
•
，interface α1kO2

•– 
b kO2

•– = 1.5×109 98 

27 HO3
•
，interface/O3

•–
，interface → •OH + O2 α0kHO3

• + α1kO3
•– c kHO3

• =1.4×105 s–1; 

kO3
•– =2.1×103 s–1 

151 

H2O 
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a α0, α1
 are the mole fractions of H2O2 and HO2

– respectively calculated using pKa value shown in reaction 

2, Table 4.4; reported values of kH2O2 and kHO2
– were used. 

b α1
 is the mole fraction of O2

•– respectively calculated using pKa value shown in reaction 1, Table 4.4; 

reported value of kO2
•–were used. 

c α0, α1
 are the mole fractions of HO3

• and O3
•– respectively calculated using pKa value shown in reaction 

3, Table 4.4; reported values of kHO3
• and kO3

•– were used. 

d α0, α1, α2 are the mole fractions of H2CO3, HCO3
–and CO3

2– respectively calculated using pKa values 

shown in reaction 5 and 6, Table 4.4; reported values of kH2CO3, kHCO3
–
 and kCO3

2– were used. 

e the rate constant for reaction 12 at pH 3.0 was 0.1 M–1 s–1 probably due to different reactivity of 

protonated and deprotonated HCOOH.  

f α0, α1
 are the mole fractions of HCOOH and HCOO– respectively calculated using pKa value shown in 

reaction 4, Table 4.4; kHCOOH = 0.1; kHCOO
– =10 were used.  

g rate constant determined assuming [≡Fe] =1 M  

h at pH 3.0 in the presence of JBX 

Table 4.4 Acid–base equilibria of related species during conventional ozonation and catalytic 

ozonation. 

No Reaction pKa Published pKa Reference 

Acid-base equilibria 

1 HO2
• ⇌ H+ + O2

•– pKa =10-4.8 pKa =10-4.8 98 

2 H2O2 ⇌ H+ + HO2
– pKa =10-11.5 pKa =10-11.5 156 

3  HO3
• ⇌ H+ + O3

•– pKa =10-8.2 pKa =10-8.2 151 

4 HCOOH ⇌ H+ + HCOO– pKa =10-3.8 pKa =10-3.8 143 

5 H2CO3 ⇌ H+ + HCO3
– pKa =10-6.3 pKa =10-6.3 157 

6 HCO3
– ⇌ H+ + CO3

2– pKa =10-10.3 pKa =10-10.3 158 

 

To explain the ozone decay and formate oxidation by catalytic ozonation, we have 

developed the kinetic model based on the following key processes (shown in reactions 

16 – 27, Table 4.3): 

(i) Ozone present in the bulk solution diffuses rapidly into the solid-liquid 

interfacial region, a portion of which subsequently attaches to the iron oxide surface. A 
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portion of the surface ozone results in formation of •OH on interaction with the catalyst 

which diffuses to the solid–liquid interface (reactions 16 – 20, Table 4.3). 

(ii) Formate present in the bulk solution rapidly diffuses to the solid–liquid interface 

(reaction 21, Table 4.3), a portion of which subsequently attaches to the iron oxide 

surface (reaction 22, Table 4.3).  

(iii) Rapid oxidation of formate present at the solid-liquid interface and on the 

surface of the catalyst occurs via interaction with •OH present in these zones (reactions 

23 and 24, Table 4.3).  

The reactions controlling the self – decay of ozone and the rate constants for these 

reactions (Reactions 1 – 10) were obtained from various earlier studies.98, 141, 151-155  

Please refer to these earlier studies for detailed description of these reactions. Note that 

some of the radical scavenging reactions are not included here since these were not 

important due to the low concentration of the radical species involved. Below, we 

provide brief description of the key reactions accounting for HCOOH/HCOO-

oxidation by ozonation (Reactions 11 – 15, Table 4.3) and catalytic ozonation 

(Reactions 16 – 27, Table 4.3) as well as the justification of the rate constants used. 

(i) Oxidation of HCOOH/HCOO− by O3 

Reaction 11 (Table 4.3) represents the direct oxidation of  HCOOH/HCOO− by O3 via 

hydride transfer as reported to occur in earlier studies.140 The rate constant for this 

reaction was determined based on best-fit to the measured oxidation of 

HCOOH/HCOO− by O3 only (Figure 4.7) and decrease in ozone concentration 

measured in the presence of HCOOH/HCOO− (Figure 4.17). The rate constant for this 

reaction was assumed to be constant with pH. Reaction 12 (Table 4.3) represents the 

direct oxidation of HCOOH/HCOO− by O3 via H abstraction as reported to occur in 
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earlier studies.3, 143 The rate constant for reaction 12 varies with pH with a value of 0.1 

M–1s–1  and 30 M–1·s–1   determined for pH 3.0 and 7.3/8.5 respectively.   

The overall rate constant for formate–O3 reaction determined here lies within the range 

1.5 – 100 M–1 ·s–1 of reported values 3, 143 of the rate constants for this reaction. 
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Figure 4.17 Measured decrease in ozone concentration when ~120 µM ozone is added to (a) 

pH 3.0, (b) pH 7.3 and (c) 8.5 solutions containing formate. Symbols represent measured values, 

lines represent model results. 
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Figure 4.18 Measured decrease in ozone concentration when ~120.0 µM ozone is added to (a) 

pH 3.0 and (b) pH 8.5 solutions containing H2O2. Symbols represent measured values, lines 

represent model results. 

(ii) Oxidation of HCOOH/ HCOO− by carbonate radicals and hydroxyl radicals  

Reactions 13 – 14 (Table 4.3) represent the oxidation of HCOOH/HCOO− by CO3
•− 

and •OH respectively as reported to occur in earlier studies.141, 147 We used the reported 

values of the rate constants for these reactions in the kinetic model proposed here.  

Reaction 15 (Table 4.3) represents the oxidation of CO2
•− which is formed on oxidation 

of HCOOH/HCOO− in reactions 13 and 14, resulting in formation of CO2 and O2
•−. We 

have used the reported values of the rate constant for this reaction in the model. Note 

that this is an important reaction since the O2
•− produced in this reaction plays an 

important role in controlling the O3 decay rate . 

(iii) Catalytic ozone decay  

Reaction 16 (Table 4.3) represents the diffusion of bulk ozone to the solid–liquid 

interface. The rate constant for this reaction was assumed to be rapid. Reaction 17 

(Table 4.3) represents the interaction of ozone with the catalyst resulting in formation 

of surface ozone, a small portion of which is transformed to surface •OH (reaction 19, 
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Table 4.3) while the rest of the surface ozone decays to form non–reactive product 

(NRP; reaction 18, Table 4.3). The surface •OH formed in reaction 19 diffuses to the 

solid-liquid interface (reaction 20, Table 4.3). The rate constant for reaction 17 was 

determined based on the best-fit to the measured ozone decay rate in the presence of 

catalyst (Figure 4.5). The yield of •OH on ozone-catalyst interaction is determined to 

very low based on our experimental results.   

Reactions 18 and 19 control the yield of •OH available for HCOOH/HCOO− oxidation 

during catalytic ozonation. While the individual rate constants for these reactions are 

not constrained by our experimental results, the ratio k18 /k19 is determined based on 

best–fit to the measured HCOOH/ HCOO− oxidation during catalytic ozonation (Figure 

4.7). 

We would like to highlight that while we have assumed •OH is formed on the surface 

via catalyst–O3 interaction, an alternate pathway wherein superoxide is formed on the 

surface which subsequently diffuses into the bulk solution and results in formation •OH 

upon reaction with ozone as reported earlier is also a possibility.115 While there is no 

direct experimental evidence to reject this mechanism of •OH generation during the 

catalytic ozonation process, we were not able to explain the rate and extent of formate 

oxidation observed in our experiments based on this mechanism and hence is not 

discussed further here.  Furthermore, the scavenging of •OH generated by the catalyst 

surface was assumed to be unimportant in the kinetic model developed here given that 

increasing the catalyst dosage increased •OH generation (Figure 4.10.).  

(iv) Adsorption of formate on the catalyst surface 

Reactions 21 and 22 (Table 4.3) represent the two-step process to explain the observed 

adsorption of HCOOH/HCOO− on the catalyst surface (Figure 4.12).  Reaction 21 
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represents the diffusion of HCOOH/HCOO− from the bulk solution to the solid–liquid 

interface and was assumed to occur rapidly.  

Reaction 22 represents the attachment of HCOOH/HCOO− to the solid surface. The 

rate constant for this reaction was determined based on best–fit to the measured 

HCOOH/HCOO− adsorption to the catalyst surface (Figure 4.12) at pH 3.0. 

(v) Oxidation of surface   

Reactions 23 and 24 (Table 4.3) represent the oxidation of adsorbed HCOOH/HCOO− 

and HCOOH/HCOO− present at the solid–liquid interface by surface •OH and •OH 

present at the solid–liquid interface respectively. The oxidation of adsorbed 

HCOOH/HCOO− to CO2 with surface •OH is expected to proceed via formation of 

CO2
•− which is further oxidized by surface O2 to yield CO2 and O2

•− (eqs 4.15-4.16); 

i.e., 

HCOOH/HCOO–
interface + •OH interface → CO2

•–
，interface (4.15) 

CO2
•–

，surface + O2 → H2CO3 + O2
•–

，surface (4.16) 

The  O2
•− so formed may be consumed by the catalyst surface or surface ozone and/or 

may diffuse into the bulk solution and accelarate aqueous O3 decay forming •OH. Given 

that diffusion of  O2
•− to bulk solution is unlikely due to the short–lifetime of this 

species, especially under acidic conditons, we have assumed that surface O2
•− formed 

on CO2
•− oxidation at the surface is not involved in any reaction. To simplify, we have 

represented the oxidation of adsorbed HCOOH/HCOO− to CO2 to occur in a single step. 

Another possibility is the diffusion of O2
•− to the solid–liquid interface. Due to the slow 

kinetics of formate adsorption on the catalyst, the concentration of O2
•− derived from 

the oxidation of surface formate and ozone was low and contributes insignificantly to 
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the model results. For the oxidation of HCOOH/HCOO− by •OH in the interface, we 

have assumed that CO2
•− is formed on oxidation of HCOOH/HCOO− which initiated 

decay of ozone and generation of •OH at the interface (Reaction 25 – 27, Table 4.3). 

The rate constant for oxidation of HCOOH/HCOO− by surface •OH and interfacial •OH 

were assumed to be the same as that reported for •OH mediated oxidation of 

HCOOH/HCOO− in the bulk solution.  

Note that for the catalytic ozonation process, modelling of formate oxidation was only 

performed at pH 3.0 since the catalyst was determined to be active under this pH 

condition only. It should be noted that the model predictions are not based on empirical 

fitting; rather, the model output is calculated by solving the rate equations obtained for 

a comprehensive reaction set that accounts for all key processes operating in the system 

of interest. As shown in Figures 4.5 – 4.12 and 4.17 – 4.18, the kinetic model developed 

here provides good description of experimental results obtained at pH 3.0, 7.3 and 8.5. 

The sensitivity analysis of the model (Table 4.5) using PCA shows that the model 

output (i.e., formate and ozone concentration) is not sensitive to perturbations in the 

rate constant for reactions 3, 4, 9, 14 and 19 (Table 4.3) with this result suggesting that 

these reactions are not critical to ozone degradation or formate oxidation. While the rate 

constants used to account for formate oxidation by ozone only are well–constrained 

based on the literature evidence, the deduced rate constants for the dominant catalytic 

ozonation reactions (i.e., reactions controlling O3–catalyst interaction (reaction 17) and 

•OH yield at the solid-liquid interface (reactions 18,19 and 20, Table 4.3) are also well 

constrained, as evidenced by the relatively deep and narrow minima observed in the 

plot of the relative residual values against a range of possible rate constant values 

(Figure 4.19).  
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Table 4.5 Principal Component Analysis of model reactions controlling O3 decay and formate 

oxidation during ozonation and catalytic ozonation. 

Eigen value 
Dominant reactions in principal components (relative contribution of the 

component to system response is shown in parentheses 

pH 3.0 

1.91×101 11 (0.92), 13 (0.27), 8 (-0.24),  

9.08×10−2 8 (-0.61), 15 (0.52), 13 (0.44), 11 (-0.35) 

8.67×10−3 6 (0.73), 13 (-0.47), 2 (0.37), 8 (-0.26) 

pH 7.3 

1.77×102 15 (0.64), 11 (0.63), 13 (0.34), 8 (-0.23) 

2.20 1 (0.65), 8 (-0.58), 6 (0.32), 11 (-0.26), 13 (0.25) 

3.00×10−1 1 (0.60), 13 (-0.57), 8 (0.38), 11 (0.29), 7 (0.20) 

1.74×10−2 2 (0.94), 6 (0.21) 

8.01×10−3 6 (-0.67), 1 (0.44), 13 (0.34), 8 (0.32), 15 (-0.30), 2 (0.22) 

pH 8.5 

1.77×102 13 (0.67), 8 (-0.55), 15 (0.26), 11 (0.26), 12 (0.23), 5 (-0.22)  

2.20 1 (0.98) 

2.98×10−1 12 (0.78), 5 (-0.50), 8 (0.23), 13 (-0.22) 

1.52×10−2 6 (-0.72), 8 (0.51), 5 (0.28), 13 (0.22), 11 (0.21) 

5.81×10−3 5 (-0.53), 11 (0.49), 10 (0.43), 12 (-0.35), 15 (0.28), 8 (0.24)  

JBX at pH 3.0  

1.46×104 21 (0.91), 16 (-0.41)  

1.46×104 16 (0.91), 21 (0.41) 

1.28×102 17 (0.98), 19 (0.13) 

35.1 19 (-0.50), 22 (0.48), 18 (0.41), 26 (-0.39), 20 (-0.29), 23 (0.28), 17 (0.19) 

18.5 19 (0.74), 22 (0.67) 

2.65 22 (0.56), 19 (-0.43), 18 (-0.40), 26 (0.39), 20 (0.30), 23 (-0.29) 
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Figure 4.19 Relative residual calculation of the fitted reaction rate constants for reactions 16 , 

17, 18, 19 and 20. 

We have used the kinetic model to determine the efficiency of ozone usage in ozonation 

as function of initial organic concentration and pH. As shown in Figure 4.20a, at low 

organic concentrations, the ozone utilization efficiency is relatively low under alkaline 

pH conditions due to rapid self-decay of ozone and low selectivity of any •OH formed. 

However, at higher organic concentrations (a condition more representative of 

wastewaters), the ozone utilization efficiency is nearly constant with pH since most of 

the ozone is consumed due to its interaction with the organics rather than self–decay. 

Overall, these results show that the impact of pH on the rate and extent of oxidation 

should be taken into consideration, especially for wastewaters containing low organic 

concentrations, when designing the premixing stage (either as an integrated unit in 
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catalytic ozonation or in a multi-stage ozonation reactor) in order to maximize ozone 

utilization during this treatment step. Since, the ozone utilization efficiency increases 

with increase in organic concentration at all pHs, concentrating the organics in 

wastewaters prior to ozonation will significantly enhance the process efficiency.  

As discussed earlier, HCOOH/HCOO− oxidation may occur via direct O3 interaction 

and/or via reaction with •OH. Note that the HCOOH/HCOO− oxidation by •OH also 

includes the contribution from CO3
•−

 which is formed on •OH scavenging by 

bicarbonate/carbonate ions. We have used the kinetic model developed here to predict 

the contribution of O3 and •OH over a range of organic concentrations and pHs.  This 

will be useful in predicting the influence of the matrix on the performance of the 

ozonation process. For example, if the oxidation is driven by O3 only, the influence of 

inorganic and organic entities capable of scavenging •OH (and resulting in formation 

of non-reactive product) will not be important. In contrast, entities impacting the 

stability of O3 (such as carbonate as discussed earlier) will be important for O3–driven 

oxidation of organic compounds. As shown in Figure 4.20b, the extent of oxidation of 

formate occurring via a non-radical pathway varies considerably as function of pH and 

organic concentration. As shown, while increase in the formate concentration increases 

the contribution of the non-radical pathway in formate oxidation, the impact of pH on 

the contribution of the O3-mediated oxidation pathway is not straightforward. At low 

pH (i.e., ≤3.0), most of the oxidation occurs via a non-radical pathway while at high pH 

(i.e., ≥ 10.0), oxidation of formate occurs via interaction with •OH and CO3
•− but, in the 

intermediate pH range, the trend is variable. The contribution of O3, •OH and CO3
•− to 

formate oxidation in the pH range 4.0 – 10.0 varies as result of the complex influence 

of carbonate concentration (which varies with pH) on O3 self–decay and •OH and CO3
•− 
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generation as well as due to variation in the rate constant for O3–formate reaction with 

variation in pH. Overall, this result highlights that the mechanism of formate (and 

possibly other organics) oxidation by ozone varies markedly with pH and organic 

concentration. 

 

Figure 4.20 (a) Model predicted ozone usage efficiency (i.e., moles of formate oxidized 

for each mole of O3 consumed) as function of pH and formate concentration. (b) Model 

predicted contribution of non–radical mediated pathway (i.e., direct oxidation by O3) to 

formate oxidation as function of pH and formate concentration. Note that an initial O3 

concentration of 100.0 µM was used for these predictions. 

4.4. Conclusions 

In this chapter, HCOOH/HCOO− was used as a probe compound in order to gain 

mechanistic insight into the catalytic ozonation process using a commercially available 

carbon–based catalyst. We simultaneously analysed the adsorptive and oxidative 

removal of HCOOH/HCOO− with results indicating that adsorption is not an important 

precursor step for the subsequent oxidation of this simple target compound. 

Experimentation and modelling results show that catalytic oxidation proceeds via both 

homogeneous oxidation in the bulk solution and heterogeneous oxidation at the solid–

liquid interface. The solution pH also influences the catalytic ozonation performance as 

a result of changes in catalyst surface properties and surface iron oxide speciation that 



103 

 

determines the extent of generation of surface oxidants. The influence of JBX on 

ozonation performance determined in the present chapter is in contrast to the results 

obtained in various previous studies employing iron oxide and manganese oxide-based 

catalysts.42, 88, 103, 135, 159-164 The discrepancy in the role of iron oxides as catalyst in the 

present chapter and various earlier work is possibly related to: 

i. Difference in the nature of the organics used. Most of the previous studies 

use complex organic target species 88, 103, 161, 162 which results in formation of a 

suite of intermediate products however only removal of the parent compound is 

typically measured in these studies. The nature and influence of intermediate 

by-products on ozone decay and •OH formation is not investigated in these 

earlier studies.88, 103, 161, 162 Furthermore, the overall removal of parent 

compound is measured with no differentiation made regarding the removal of 

parent compound by adsorption and oxidation in most of these earlier studies.88, 

103, 161, 162 In comparison, here we use simple target compounds which do not 

form any intermediate products (in both cases with direct oxidation to CO2) with 

quantification of the proportions of the target compounds removed (separately) 

by adsorption and oxidation in the presence of ozone. It is also possible that the 

difference in the adsorptive behaviour of formate and oxalate compared to the 

organics used in various earlier studies 82, 165, 166 contributes to the discrepancy 

in the results obtained regarding the influence of the catalyst. 

ii. Difference in the nature of iron oxide. It is possible that the nature and 

reactivity of the iron oxide used here differs to that of the iron oxides employed 

in various earlier studies.88, 103, 135 Since the procedure used for JBX preparation 

is not available, we are not able to determine the major factors influencing the 

difference in the nature of iron oxide though we would like to highlight that 
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employing ferrihydrite and an Fe–silicate composite shows similar results to 

those measured in the presence of JBX in the present chapter. 

iii. Difference in pH and various other solution conditions. In some of the earlier 

studies 51, 161, 167-169 in which the ozonation and catalytic ozonation processes 

were compared, pH was not well controlled and not the same for the ozonation 

and catalytic ozonation processes under investigation. Comparison of the 

performance of the ozonation and catalytic ozonation processes at different pH 

is likely to produce false results since the ozonation performance is strongly 

dependent on pH as depicted clearly in this chapter and various earlier studies.1, 

22 Furthermore, either no buffer or phosphate buffer was used in some earlier 

studies 75, 160 rather than the carbonate buffer used in this chapter The presence 

of a high phosphate concentration in the buffer solution enhances ozone 

decay,131 thereby decreasing the efficiency of the ozone-only process. In 

contrast, as mentioned here the presence of carbonate ions stabilizes ozone 170 

thereby increasing the efficiency of the ozone–only process. Hence, in this 

chapter, the catalyst did not enhance •OH generation beyond what was observed 

in the absence of catalyst (which is already very rapid in bicarbonate buffered 

solution).  

Our results showed that effective formate oxidation occurs by ozonation alone with this 

result suggesting that conventional ozonation technologies may be effective for organic 

abatement in alkaline wastewaters. Conventional ozonation technologies are often 

limited by the mass transfer of gaseous ozone into the liquid phase and, as such, 

optimization of reactor design, including the ozone injection system and reactor 

geometry, should be the focus of future studies. The kinetic model for formate oxidation 

developed here could be coupled with fluid dynamics models to predict the spatial 
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concentration of organic compounds and oxidants which would assist in optimizing 

reactor design.  

It is also worth noting that iron oxide impregnated activated carbon significantly 

enhanced formate oxidation at pH 3.0 suggesting that catalytic ozonation could be a 

potential solution for treatment of acidic wastewaters. For treatment of acidic 

wastewaters, Fenton processes are often used however catalytic ozonation using iron 

oxide coated or impregnated activated carbon might be a “cleaner” option since no 

sludge would be produced. However, the cost of treatment for the two technologies 

needs to be compared under various scenarios prior to application of catalytic ozonation 

for treatment of acidic wastewaters. Furthermore, even though leaching of Fe from the 

catalyst was shown to be minimal at time scales investigated here, it may become 

important during long–term operation. Dissolved iron leached from the catalyst may 

contribute to homogeneous catalytic ozonation, but this also inevitably deteriorates the 

longevity and efficiency of the catalyst. Thus, testing the long–term performance of 

catalyst in acidic conditions is imperative prior to its application for treatment of acidic 

wastewaters.  

We would like to highlight that even though the current study presents results for a 

commercial carbon–based catalyst which is not effective under pH conditions similar 

to most wastewaters, the results of the present chapter provide important insights with 

regard to the influence of pH on formate oxidation by the conventional ozonation 

process. Furthermore, this work provides an approach to test the effectiveness of other 

catalysts (commercial and/or laboratory synthesized). As shown here, systematic 

measurement of ozone decay, removal of the parent compound as well as formation of 

the oxidized product(s) under well controlled conditions are required for clearly 

elucidating the mechanism of catalytic ozonation. pH has a significant influence on 
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both the mechanism and rate of conventional ozonation and hence pH needs to be 

properly controlled when comparing the effectiveness of any catalytic ozonation 

process with ozonation only.  For example, comparing the performance of a catalytic 

ozonation process at ~ pH 8.5 with an ozone-only process operating at pH 7.3 for 

formate removal (see Figure 4.9) would produce erroneous conclusions regarding the 

effectiveness of the catalyst.   

Overall, this work provides important insight into the formate removal mechanism 

during conventional and catalytic ozonation using iron oxide impregnated carbon 

catalysts under varying pH conditions. 
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Chapter 5 Kinetic modelling-assisted mechanistic 

understanding of the catalytic ozonation process using 

Cu-Al layered double hydroxides and copper oxide 

catalysts  

Some of the material in this Chapter has been drawn from a recent publication,171  which 

has been acknowledged and detailed in the ‘inclusion of publications statement’ for this 

thesis. 

5.1. Introduction 

In this chapter, we examine the performance of laboratory synthesized Cu–Al layered 

double hydroxides (Cu–Al LDHs) in HCO. LDHs are widely used as adsorbents for 

contaminant removal 172-174 and hence are expected to facilitate adsorption and, 

potentially, concomitant oxidation of organics in the presence of O3. For comparison, 

we also tested the performance of a Cu oxide (CuO) to determine the influence of the 

layered structure of Cu–Al LDHs (if any) on the adsorption and oxidation of organics 

by HCO. We use Cu as the active metal in LDHs since Cu is known to effectively 

complex carboxylic and phenolic moieties forming reactive surface complexes 25, 175 

which may readily be oxidized by oxidants generated during catalytic ozonation. The 

performance of the Cu catalysts synthesized here was tested using low molecular 

weight organic acids, formate and oxalate, as the target contaminants. We use formate 

and oxalate as the target compounds since these are identified as the important end–

products on ozonation of aromatic compounds and exhibit substantially different 

reactivities towards O3 and •OH.22, 82, 122, 125 Additionally, these short chain carboxylic 

acids exhibit well defined oxidation pathways and, in both cases, form CO2 and H2O as 
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the only products.123, 124 Based on our experimental results, we provide important 

insights into the role of the catalyst in oxidation of these organics. We have also 

developed a mechanistically based mathematical model as an aid to identifying key 

chemical processes involved in the oxidation of oxalate and formate in the presence of 

these Cu–based catalysts under circumneutral pH conditions. 

5.2. Materials and Methods 

5.2.1. Reagents 

Most experiments were performed at pH 7.3 using a 2.0 mM NaHCO3 solution as 

described in chapter 3. Additional kinetic isotope effect (KIE) experiments in 

deuterated water (D2O) and aqueous solution were also performed at pH 8.5 (pD 8.8) 

in air–saturated 2.0 mM NaHCO3 solution. The KIE studies were performed at pH 8.5 

(pD 8.8) and not at pH 7.3 since it was difficult to maintain pD at 7.6 in D2O solution, 

possibly due to slow dissolution of CO2 in D2O. Stock solutions of radiolabelled and 

non-radiolabelled sodium formate, radiolabelled and non–radiolabelled sodium oxalate, 

indigo, p–CBA and O3 were prepared as described in chapter 3. A 1.3 mM stock 

solution of COU was prepared in MQ water.  

Since formate and oxalate mostly exist as HCOO− and C2O4
2− at the pH value 

investigated here, we use HCOO− and C2O4
2− to represent total formate and total oxalate 

from hereon in this chapter. 

5.2.2. Catalyst synthesis and characterization 

We synthesized CuO and Cu–Al LDHs by slightly modifying the previously reported 

method.176-178 Briefly, for Cu–Al LDHs synthesis, a 200.0 mL mixture of 25.0 mM of 

Cu(NO3)2 and Al(NO3)3 (100.0 mL of each, denoted as solution A) and 200.0 mL of 
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50.0 mM Na2CO3 (denoted as solution B) were prepared. Subsequently, solution A was 

added dropwise into solution B while keeping the solution pH constant at pH 10.0 by 

adding 0.2 M NaOH. The as–formed gel was aged at 80 °C for 24 h and the mixture 

was washed with MQ water and centrifuged successively three times. The slurry was 

then dried at 40 °C overnight in air and ground using pestle and mortar. The ground 

catalyst was kept in a desiccator prior to use. The preparation procedure of CuO and 

the reference Al hydroxide (confirmed by XRD in Figure 5.1) was exactly the same as 

that used for Cu–Al LDHs but did not include Al(NO3)3 or Cu(NO3)2 addition 

respectively.  

 

Figure 5.1 XRD pattern of reference Al hydroxide. 

The catalysts were characterized using XRD and SEM–EDX. The surface area of the 

catalyst was quantified using N2 sorption isotherms and analysed by BET model. The 

catalysts were degassed at 60 °C for 8 h prior to the analysis. The pHpzc and density of 

surface hydroxyl groups of CuO and Cu–Al LDHs were measured using acid–base 

titration and saturated–protonation respectively.166, 179, 180 Briefly, for pHpzc 

measurement, two suspensions of 0.3 g catalysts in 30.0 mL NaNO3 were prepared. 

After 10 min (to attain pH equilibrium), titrations were carried over the pH range 5.0 – 

11.0 to avoid any dissolution of catalyst under acidic or alkaline conditions. One 
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suspension was titrated with NaOH while the other one was titrated with HNO3. During 

titration, N2 was bubbled into the suspension to avoid the influence of atmospheric CO2 

on pH. For surface hydroxyl groups measurement, 0.3 g catalyst was mixed with 50.0 

mL of 0.01-0.1M NaOH and the suspension was filtered using 0.22 μm PVDF filters 

after 24 h of shaking. The filtrates were titrated with 0.1 M HNO3 to determine the 

residual NaOH. The concentration of acidic surface hydroxyl groups was equal to the 

concentration of NaOH consumed and the total surface hydroxyl groups was equal to 

twice the amount of acidic hydroxyl groups based on charge balance. ICP–OES was 

used to measure the leaching of Cu from the catalyst when exposed to O3.  

5.2.3. Experimental setup 

5.2.3.1. Formate and oxalate degradation 

The experimental setup and method used for simultaneous measurement of adsorption 

and oxidation of HCOO− and C2O4
2−on ozonation are the same as those presented in 

chapter 3 with formate and oxalate concentration measured in the filtered and unfiltered 

samples. The HCOO−/C2O4
2− concentration measured for filtered samples represents 

the HCOO−/C2O4
2− concentration remaining in solution, noted as 

[HCOO−/C2O4
2−]solution. The HCOO−/C2O4

2− concentration measured for unfiltered 

samples represents the sum of HCOO−/C2O4
2− concentration remaining in solution and 

on the surface, if any. The difference of HCOO−/C2O4
2− concentration between the 

filtered and unfiltered samples depicted the fraction of HCOO−/C2O4
2− removed by 

adsorption during the HCO process. The sum of the total residual H14COO−/14C2O4
2− 

concentration (i.e H14COO−/14C2O4
2− for unfiltered samples) and 14CO2 concentration 

formed is close to the initial H14COO−/14C2O4
2− concentration confirming that any 

H14COO−/14C2O4
2− oxidized is transformed to 14CO2. The [14CO2] at various times was 
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quantified using the difference of initial H14COO−/14C2O4
2− concentration and total 

residual H14COO−/14C2O4
2− concentration.  

TBA was used as a bulk •OH scavenger in the HCOO− and C2O4
2− oxidation 

experiments. The influence of phosphate (a strong Lewis base which inhibits sorption 

and interaction of organics with surface groups 139) addition on HCOO− oxidation was 

also investigated. Measurement of oxidation of HCOO− and C2O4
2− was also performed 

in D2O and H2O solutions at pH 8.5 (pD 8.8) in order to determine the KIE on both 

conventional and catalytic ozonation processes using the same procedure as described 

above. Fourier Transform Infrared Spectroscopy measurements (FTIR, Perkin Elmer 

Frontier IR spectrometer) were conducted in the presence or absence of ozone to 

characterize the surface adsorption and concomitant degradation of C2O4
2− on the 

catalyst surface. To measure C2O4
2− adsorption, 1.0 - 10.0 mM C2O4

2− was added to pH 

7.3 solution containing 0.6 g L−1 catalysts. To measure the C2O4
2− oxidation, the C2O4

2− 

and catalyst suspension was continuously sparged with gaseous ozone (concentration 

51.0 mg L−1, flow rate 100.0 mL min−1) for over 10 min. The obtained suspensions 

following adsorption and oxidation experiments were centrifuged and washed with MQ 

three times to remove any C2O4
2− in the solution. An aliquot of catalyst paste was placed 

on the 3 mm diamond/ZeSe crystal and blow dried using a gentle N2 stream (0.4 Lmin−1) 

prior to the measurement of FTIR spectra. Spectra were collected at a resolution of 4 

cm−1 using 4 scans accumulations over the range of 650 to 4000 cm−1.   

The adsorption isotherms of HCOO− and C2O4
2− on Cu-Al LDHs and CuO was 

measured at Cu–Al LDHs and CuO dosage of 0.6 g L−1 (in term of CuO mass) since 

the adsorption of HCOO−/ C2O4
2− is discernible to measure. For measurement, 1.0 – 

1000.0 μM HCOO−/ C2O4
2− (containing 100 nM H14COO−/14C2O4

2−) and 0.6 g L−1 
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catalyst was mixed in pH 7.3 buffer solution and 1.5 mL sample were taken from the 

reactor after 2 h. The samples were filtered using 0.22 μm PVDF filters and the residual 

H14COO−/14C2O4
2− in the filtered samples was quantified as described above.  The 

adsorption capacity was calculated using eq. 5.1. 

𝑞𝑒 =
(𝐶0 − 𝐶𝑒)𝑉

𝑚
 

 (5.1) 

where qe is the amount of HCOO−/C2O4
2− removed per gram of catalyst (mg.g–1), m is 

the mass of the catalyst (g), V is the volume of HCOO−/C2O4
2− solution (mL), C0 and 

Ce are the initial and equilibrium concentration of HCOO−/C2O4
2− (mg/L). The 

adsorption data was fitted using Langmuir isotherm employing OriginPro 8.5.  

5.2.3.2. Ozone decay  

Measurement of aqueous O3 decay in the absence and presence of catalyst at pH 7.3 

was performed in gas-tight reactors as described in chapter 3. Measurement of ozone 

decay was also performed in D2O and H2O solutions at pH 8.5 (pD 8.8) in order to 

determine the KIE on ozone self–decay and catalyst-mediated ozone decay. For 

measurement of ozone decay, an appropriate volume of the ozone stock solution was 

added to pH 7.3 buffer solution in the absence and presence of catalyst and organics 

(C2O4
2−) resulting in an initial ozone concentration of ~ 120.0 µM. At pre–determined 

time intervals, 1.0 mL sample was withdrawn from the reactor and was filtered using 

0.22 µm PVDF filters. The concentration of ozone in the filtrate was measured using 

the indigo method as described earlier in chapter 3.107 For KIE, measurement of O3 

decay in the absence and presence of catalyst was performed in D2O and aqueous 

solution at pH 8.5 (pD 8.8) using the same procedure as described above. 
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To investigate the influence of adsorbed organics on catalyst-O3 reaction, C2O4
2− was 

pre-sorbed on Cu–Al LDHs and CuO surface by adding appropriate amount of catalyst 

(0.6 g L–1 for Cu-Al LDHs and 0.12 g L–1 for CuO) to pH 7.3 solution containing C2O4
2− 

(10.0 – 100.0 μM). After 2 h, the catalyst was separated by centrifugation the catalyst 

and was re–dispersed into fresh pH 7.3 buffer. Subsequently, 120.0 μM O3 was added 

to initiate the experiment and the measurement of O3 decay was performed as described 

above. Note to account for any loss of catalyst that may occur during centrifugation, 

the results of catalyst–mediated O3 decay with sorbed C2O4
2− was compared with the 

results from the control experiments performed exactly in the same manner except that 

the catalyst was added to pH 7.3 solution with no C2O4
2− during the pre-sorption step. 

5.2.3.3. Hydroxyl radical generation 

We measured the oxidation rate of p–CBA, which is a widely used •OH probe,87, 181, 182 

in order to evaluate the rate and extent of •OH generation on O3 decay during catalytic 

ozonation. Note that since p–CBA adsorption on the catalyst surface was negligible 

(Figure 5.2) only the extent of bulk •OH generation was measured using p–CBA 

oxidation experiments. Detailed description of the experimental setup used for 

measurement of p–CBA oxidation is provided in chapter 3.  
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Figure 5.2 Fraction of p–CBA remaining in the solution in the presence of Cu–Al LDHs 

(circles) and CuO (triangles) at pH 7.3. Experimental conditions: [p–CBA]0 = 1.0 µM, 

[catalyst]0 = 0.06 g L−1 (in terms of CuO mass). 

To measure the generation of surface associated •OH during HCO, we used 

fluorescence microscopy image analysis using coumarin (COU) as the probe. As 

described in earlier studies, COU interacts with •OH via hydroxylation forming 7-

hydroxyl coumarin (7–HC), a strongly fluorescent compound under UV excitation.29, 

80, 183 An inverted fluorescence microscope (OLYMPUS CKX53) coupled with a 

mercury lamp (to tune excitation wavelength into UV region) was used to capture the 

fluorescent images corresponding to 7–HC on the catalyst surface. For fluorescence 

measurement of 7–HC, 100.0 µM O3 was added to 0.06 g L−1 catalyst suspension 

containing 10.0 µM COU. After 1 h, 10.0 mL of sample was withdrawn for capturing 

the fluorescence images. The same experiment was repeated in the presence of 1.0 mM 

TBA to exclude the contribution from the 7–HC which is formed via COU and •OH in 

the bulk solution and subsequently adsorbs to the catalyst surface. Control experiments 

were also performed in order to determine whether 7–HC formation occurred on 

homogeneous ozonation of coumarin. For these measurements, 100.0 µM O3 and 10.0 

µM coumarin were added to pH 7.3 buffer solution to initiate the reaction of COU with 

O3 and/or •OH formed on O3 self–decay. To eliminate the contribution of •OH in 7–HC 

formation in the bulk, ozonation of COU was also performed in the presence of 1.0 mM 

TBA to scavenge any bulk •OH formed. Due to the low sensitivity of the technique for 

measurement of bulk 7–HC, additional measurements were performed wherein 0.06 

g.L–1 of Cu–Al LDHs was added to 1 h ozonated solution to adsorb any 7–HC formed 

in the solution with samples for microscopic images analysis taken after 1 h. For 

capturing the fluorescence images, 10 mL of each sample was pipetted into a Corning 

cell culture flask and the image was taken.  
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5.2.4 Kinetic modelling  

Kinetic modelling of our experimental results was performed using the software 

package Kintecus as described in chapter 3. 110  

5.3. Results and Discussion 

5.3.1. Catalyst characterization 

Figure 5.3 illustrates the morphologies and the element mapping results of Cu–Al LDHs 

and CuO. As shown, Cu–Al LDHs are mostly present as nano-sized fine flakes which 

are the typical morphology of layered double hydroxides.184-187 In contrast, CuO is 

mostly present as spherical particles of diameter <4 µm. The element mapping results 

(Figure 5.3) reveal that Cu and O are evenly distributed on the surface of the Cu–Al 

LDHs and CuO. The XRD spectra of Cu–Al LDHs and CuO also confirm that Cu–Al 

LDHs and CuO have been successively fabricated with the main mineral phases 

identified to be Cu–Al carbonate hydroxide hydrate (ICDD 00–037–0630) and tenorite 

(ICDD 00–048–1548) respectively (Figure 5.3b and g). The density of surface hydroxyl 

groups on the Cu–Al LDHs and CuO catalysts was determined to be 36.7 and 150.6 

μM g–1 respectively. The higher surface hydroxyl content of CuO compared Cu–Al 

LDHs is possibly due to the higher surface area of CuO (71.4 m2 g–1) compared to that 

of Cu–Al LDHs (38.7 m2 g–1) which facilitates exposure of more surface sites to 

aqueous solution with concomitant hydroxylation of these sites. The pHpzc values of 

Cu–Al LDHs and CuO are 8.0 and 7.7 respectively (Figure 5.4) indicating that both 

catalysts carried positive charge at pH 7.3 (the investigated condition in this study). As 

such, it is expected that the adsorption of negatively charged organics onto the catalyst’s 

surface will be facilitated by electrostatic attraction.106 No dissolved Cu was detected 

by ICP-OES with the detection limit of 0.1 mg L–1when the catalyst suspension was 
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continuously sparged with O3 gas for 1 h at pH 7.3 suggesting that the Cu catalysts 

synthesized here are stable in the presence of O3. 

 

 

Figure 5.3 SEM images and XRD patterns of Cu-Al LDHs and CuO. Panel a shows the 

secondary electron image while panel b shows the XRD patterns of Cu–Al LDHs with 

panels c, d, and e showing the element maps of Al, Cu and O respectively. Panel f 

shows the secondary electron image while panel g shows the XRD patterns of CuO 

with panels h and I showing the element maps of O and Cu respectively. 
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Figure 5.4 Measurement of pHpzc of Cu–Al LDHs and CuO. Experimental conditions: 

[catalyst]0 = 10.0 g L-1 in 0.1 M NaNO3. 

5.3.2. Oxidation of oxalate by HCO using Cu-Al LDHs and CuO as the 

catalysts 

As shown in Figure 5.5a, the presence of Cu–Al LDHs as well as CuO increased the 

rate and extent of C2O4
2− oxidation considerably compared to that observed by the 

conventional ozonation process. Nearly 20%, 88% and 89% of 10.0 µM C2O4
2− was 

oxidized within 30 min in the absence and presence of Cu–Al LDHs and CuO 

respectively (Figure 5.5a). Note that C2O4
2− removed here was mostly via oxidation as 

confirmed by the concentration profile of CO2 formed on C2O4
2− oxidation (see Figures 

5.5b). At an initial O3 concentration of 10.0 µM and catalyst concentration of 0.06 g 

L−1, increasing the C2O4
2− concentration decreased the extent of C2O4

2− oxidation due 

to ozone limitation (Figures 5.5a & 5.6); however, the overall O3 usage efficiency (i.e., 

moles of C2O4
2− oxidized per mole of O3 consumed) increases with an increase in 

C2O4
2− concentration. Employing the data shown in Figures 5.5 and 5.6, we calculate 

that O3 usage efficiency is ~0.1, 0.8 and 0.9 at an initial C2O4
2− concentration of 1.0, 

10.0 µM and 100.0 µM respectively for both Cu–Al LDHs and CuO suggesting that 

stoichiometric constraints (close to 1:1) have been achieved at higher C2O4
2− 

concentrations. The similarity in O3 usage efficiency for Cu–Al LDHs and CuO 
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confirms that the stoichiometry of the O3–C2O4
2− reaction is the same for both catalysts. 

Note that control experiments using Al(OH)3 as the catalyst showed that oxidative 

removal of C2O4
2− in the presence of Al(OH)3 is similar to that observed during the 

conventional ozonation process (Figure 5.7) with this result confirming that Al(OH)3  

is not an effective catalyst for C2O4
2− oxidation. 

 

Figure 5.5 Removal of dissolved C2O4
2− (panel a) and concomitant CO2 (panel b) 

formation in the absence (squares) and presence of Cu–Al LDHs (circles) and CuO 

(triangles) at pH 7.3. Removal of dissolved HCOO− (panel c) and concomitant CO2 

(panel d) formation in the absence (squares) and presence of Cu–Al LDHs (circles) and 

CuO (triangles) at pH 7.3. Experimental conditions: [catalyst]0 = 0.06 g L−1 (in terms 

of CuO mass), [O3]0 = 10.0 µM, [C2O4
2−]0/[HCOO−]0 = 10.0 µM, pH 7.3 using 2.0 mM 

NaHCO3. Note CO2 production during conventional O3 shown here represents the 

difference between initial C2O4
2−/HCOO− concentration and C2O4

2−/ HCOO− 

concentration remaining at various times shown in Figure 5.5a. CO2 production during 

catalytic ozonation here represents the difference of initial C2O4
2−/ HCOO− 

concentration and C2O4
2−/ HCOO− concentration remaining at various times measured 

in unfiltered samples following the dissolution of the catalysts. Symbols represent 

experimental data and the lines represent model values. 
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Figure 5.6 Fraction of C2O4
2− removed (panels a and c) and oxidized (panel b and d) in 

the absence (squares) and presence of Cu–Al LDHs (circles) and CuO (triangles) at pH 

7.3 at an initial [C2O4
2−] of 1.0 µM (panels a and b) and 100.0 µM (panels c and d). 

Experimental conditions: [catalyst]0 = 0.06 g L−1 (in terms of CuO mass), [O3]0 = 10.0 

µM, [C2O4
2−]0 = 1.0 – 100.0 µM, pH 7.3 using 2.0 mM NaHCO3. Note CO2 production 

during conventional O3 shown here represents the difference between initial C2O4
2 

concentration and C2O4
2 concentration remaining at various times. CO2 production 

during catalytic ozonation here represents the difference of initial C2O4
2− concentration 

and C2O4
2−concentration remaining at various times measured in unfiltered samples. 

Symbols represent experimental data and the lines represent model values. 
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Figure 5.7 (a) Fraction of C2O4
2− oxidized and removed in the absence (circles) and 

presence of Al(OH)3 (oxidative removal: triangles; total removal: squares). 

Experimental conditions: [catalyst]0 = 0.1 g L−1 (in terms of Al(OH)3 mass), [C2O4
2−]0 

= 1.0 μM, [O3]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3. (b) Measured O3 decay in 

the absence (circles) and presence (triangles) of Al(OH)3. Experimental conditions: 

[O3]0 = 120.0 µM, [catalyst]0 = 0.1g L−1 (in terms of Al(OH)3  mass), pH 7.3 using 2.0 

mM NaHCO3. 

5.3.2.1. Influence of catalyst dosage 

As shown in Figures 5.8a and 5.9a, minimal influence of the catalyst dosage was 

observed on C2O4
2− oxidation by HCO in the presence of Cu–Al LDHs and CuO. Note 

that at an initial C2O4
2− concentration of 10.0 M, a slightly lower (8.2% and 21.7% for 

Cu–Al LDHs and CuO respectively) removal efficiency was observed at a lower 

catalyst dosage, though no significant (p > 0.05 using single tailed student’s t–test) 

influence of increasing the catalyst dosage above 0.02 g.L−1 was observed. This might 

also suggested that excessive active sites might exist when catalyst dosage exceeded 

0.02 g.L−1. The minimal influence of catalyst dosage on C2O4
2− oxidation suggests that 

the futile consumption of oxidant (i.e., O3 and/or species formed on O3 decay) by the 

catalyst was minor, at least in the presence of C2O4
2−. Furthermore, it appears that the 

generation of oxidant(s) is possibly limited by the O3 concentration and not influenced 

by the catalyst dosage, except at low catalyst dosage (≤ 0.02 g L−1). 
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Figure 5.8 Fraction of C2O4
2− and HCOO− oxidized in the presence of Cu–Al LDHs 

(circles) and CuO (triangles) at varying catalyst dosages. Experimental conditions: 

[catalyst]0 = 0.006 – 0.6 g L−1 (in terms of CuO mass), [C2O4
2−]0 = 10.0 (panel a) and 

[HCOO−] = 10.0 µM (panel b), [O3]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3, 

reaction time 2 h. Symbols represent experimental data and the lines represent model 

values. 

 

Figure 5.9 Fraction of C2O4
2− and HCOO− oxidized in the presence of Cu–Al LDHs 

(circles) and CuO (triangles) at varying catalyst dosage. Experimental conditions: 

[catalyst]0 = 0.006 – 0.6 g L−1 (in terms of CuO mass), [C2O4
2−]0 = 1.0 µM (panel a) 

and [HCOO−]0 = 1.0 µM (panel b), [O3]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3, 

reaction time 2 h. Symbols represent experimental data and the lines represent model 

values. 

5.3.2.2. Role of hydroxyl radicals  
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As shown in Figure 5.10, addition of TBA (a bulk •OH scavenger 87) has no influence 

on C2O4
2− oxidation by HCO (for both Cu–Al LDHs and CuO) suggesting that •OH in 

bulk solution are not involved in C2O4
2− oxidation.  

 

Figure 5.10 Measured influence of 1.0 mM TBA addition on C2O4
2−oxidation (panels 

a & b) and HCOO− oxidation (panels c & d) by HCO in the presence of Cu–Al LDHs 

(panel a & c) and CuO (panel b &d) at pH 7.3. Experimental conditions: [C2O4
2−]0/ 

[HCOO−]0 = 1.0 µM, [catalyst]0 = 0.06 g.L−1 (in terms of CuO mass), [O3]0 = 10.0 µM, 

[TBA]0 = 1.0 mM. Symbols represent experimental data, lines represent model values. 

The model results in the absence and presence of TBA are same for C2O4
2−oxidation. 

Model results for HCOO− oxidation in the absence and presence of TBA are same for 

Cu-Al LDHs. 

5.3.3. Oxidation of formate by HCO using Cu-Al LDHs and CuO as the 

catalyst 

As shown in Figure 5.5c, the presence of Cu–Al LDHs has no effect on the rate and 

extent of HCOO− oxidation compared to that observed by the conventional ozonation 
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process while CuO has minimal effect on HCOO− oxidation rate at early times but 

reduces the extent of oxidation at later times. Nearly 74%, 76% and 60% of 10.0 µM 

HCOO− was oxidized in 60 min in the absence and presence of Cu–Al LDHs and CuO 

respectively. As found to be the case for C2O4
2−, the removal of HCOO− was also 

mostly via oxidation as confirmed by the CO2 concentration formed on HCOO− 

oxidation after 60 min (see Figure 5.6d). The difference in the influence of catalyst on 

the oxidation rates of HCOO− and C2O4
2− suggests that the nature of the organic 

compound impacts the efficiency of HCO. Since C2O4
2− is an ozone resistant compound 

(kO3/C2O4
2−

 = 0.04 M–1·s–1 123), it is not readily oxidized by the conventional ozonation 

process. In comparison, HCOO− is an ozone reactive compound (kO3/HCOO− = 1.5 – 100.0 

M-1·s–1 3, 140) and undergoes rapid oxidation by ozone alone. Hence, no significant 

enhancement in HCOO− oxidation by HCO compared to the ozone only process is 

observed. 

5.3.3.1. Influence of catalyst dosage  

Increasing the Cu–Al LDHs concentration caused a slight decrease in the extent of 1.0 

and 10.0 µM HCOO− oxidation however increasing the CuO concentration had a more 

pronounced impact on HCOO− oxidation (Figure 5.8b and 5.9b). This observation 

suggests that significant futile consumption of the oxidant involved in HCOO− 

oxidation occurs via interaction with CuO. In contrast, the consumption of the oxidant(s) 

by Cu–Al LDHs is minor, at least at the conditions investigated here. This is an 

important observation and suggests that Cu–Al LDHs results in more efficient O3 usage 

compared to CuO, at least for organic compounds such as HCOO−.  

5.3.3.2. Role of hydroxyl radicals  
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As shown in Figure 5.10, no significant (p > 0.05 using single tailed student’s t–test) 

influence of addition of TBA was observed on HCOO− oxidation in the presence of 

Cu–Al LDHs and CuO though note that the involvement of bulk •OH cannot be rejected 

based on this observation. In the case of compounds such as HCOO− which promotes 

O3 decay and are ozone reactive, the presence of TBA may result in the alteration in 

the pathway of oxidation from •OH mediated HCOO− oxidation in the absence of TBA 

to O3 mediated oxidation in the presence of TBA as explained in detail in chapter 8.  

5.3.4. Mechanistic aspects of oxalate and formate oxidation by HCO 

5.3.4.1. Catalyst - ozone interaction 

In order to understand the mechanism of C2O4
2− and HCOO− oxidation by HCO, we 

first investigated the mechanisms of O3 and catalyst interaction. As shown in Figure 

5.11a, in the presence of Cu–Al LDHs, the rate of O3 decay is slightly higher than that 

observed in the absence of catalyst which suggests that Cu–Al LDHs catalyse O3 decay, 

albeit slowly. Furthermore, the strong fluorescence signals corresponding to 7–HC on 

the surface of Cu–Al LDHs particles (Figure 5.11b) confirms the generation of ≡•OH 

via O3 and Cu–Al LDHs interaction.29, 80, 183 Note that no influence of TBA addition 

(Figure 5.11c) was observed on the formation of surface 7–HC confirming that (i) 7–

HC formation occurs via COU and •OH interaction on the surface rather than the 

sorption of 7–HC formed in bulk solution and (ii) scavenging of ≡•OH by TBA is 

unimportant. No 7-HC formation occurred during conventional ozonation (Figure 5.12) 

with this result confirming that 7–HC formation via interaction with O3 and/or bulk 

•OH is unimportant which agrees with the results reported earlier.29 The futile 

consumption of the surface oxidants (i.e., O3 and •OH) via interaction with the catalyst 

surface is minimal, at least in the presence of C2O4
2−, since the extent of C2O4

2− 
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oxidation was nearly constant over a wide range of Cu–Al LDHs dosages (Figure 5.8a 

and 5.9a) and the ozone usage efficiency in the presence of C2O4
2− was ~1.0. However, 

some decrease in the extent of HCOO− oxidation with increase in Cu–Al LDHs dosage 

was observed (Figure 5.8b and 5.9b), suggesting that a small portion of oxidants is 

consumed via interaction with the surface sites with this process particularly important 

at a higher catalyst dosage and in the absence of organics such as C2O4
2−.  

 

 

Figure 5.11 (a) O3 decay in the absence (squares) and presence of Cu–Al LDHs (circles) 

and CuO (triangles) at pH 7.3. Panels b and c show fluorescence images of Cu–Al 

LDHs in the absence and presence of TBA respectively following 1 h reaction with O3 

at pH 7.3 while panel d shows fluorescence image for CuO samples following 1 h 

reaction with O3 at pH 7.3. Experimental conditions for O3 decay: [O3]0 = 120.0 µM, 

[catalyst]0 = 0.06g L−1 (in terms of CuO mass). Experimental conditions for 

fluorescence images: [O3]0 = 100.0 µM, [catalyst]0 = 0.06 g L−1 (in terms of CuO mass), 

[COU]0 =10.0 µM, [TBA]0 = 1.0 mM. 

a) 
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Figure 5.12 Panels a & b: Fluorescence microscopy images of samples prepared by 

conventional ozonation in the absence (a) and presence (b) of TBA after 1 h exposure 

to O3 at pH 7.3. Experimental conditions: [O3]0 = 100.0 µM, [TBA]0 = 1.0 mM, [COU]0 

=10.0 µM. Panels c & d: Fluorescence microscopy image of samples prepared by 

conventional ozonation of coumarin in the absence (a) and presence of 1.0 mM TBA 

(b) for 1 h and then sorbed onto Cu–Al LDHs surface for 1 h.  Experimental conditions: 

[O3]0 = 100.0 µM, [COU]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3. [Cu–Al LDHs]0 

= 0.06 g L−1 during the sorption step. 

In contrast to Cu–Al LDHs, the presence of CuO increases the O3 decay rate 

considerably compared to that observed in the absence of catalyst (Figure 5.11a). This 

observation suggests that in the presence of CuO, O3 undergoes rapid decay forming 

reactive oxidants and/or non-reactive products (such as O2). No fluorescence signal for 

7–HC was observed in the presence of CuO (Figure 5.11d), possibly be due to the rapid 

scavenging of ≡•OH by CuO outcompeting the ≡•OH−COU reaction. While a similar 

extent of COU sorption was observed in the presence of CuO and Cu–Al LDHs (Figure 

5.13), more rapid scavenging of ≡•OH by CuO compared to that in case of Cu–Al LDHs 

(which is supported by the observation that HCOO− oxidation decreases with increasing 

catalyst dosage; Figure 5.8b) possibly inhibits 7–HC formation in the case of CuO.  
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Though no 7–HC formation was observed, even at a higher COU dosage (Figure 5.14), 

the possibility of formation of ≡•OH still cannot be rejected since increasing COU 

concentration may facilitate COU–O3 bulk reaction, thereby decreasing CuO–mediated 

O3 decay and concomitant generation of ≡•OH. Overall, it appears that the CuO–O3 

interaction results in formation of surface-located oxidants (such as  ≡•OH,37, 188 surface 

atomic oxygen or species formed via electron-transfer between Cu(I)/Cu(II) and O3
25, 

189-192 ) as well as non-reactive products (such as O2). As explained in the case of Cu-

Al LDHs, the formation of non-reactive products is expected to be minimal, at least in 

the presence of C2O4
2−, since the extent of C2O4

2− oxidation was nearly constant at 

varying CuO dosage and the O3 usage efficiency was ~1.0 (Figure 5.8a and 5.9a). 

However, a major portion of O3 is transformed to non-reactive product(s) in the absence 

of C2O4
2− at higher CuO dosage with this conclusion supported by the influence of CuO 

dosage on HCOO− oxidation (Figure 5.8b and 5.9b). 

 

Figure 5.13 Fraction of COU remaining in solution in the presence of Cu–Al LDHs and 

CuO at pH 7.3. Experimental conditions: [COU]0 = 10.0 µM, [catalyst]0 = 0.06 g L−1 

(in terms of CuO mass). 
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Figure 5.14 Fluorescence images of CuO samples after 1 h exposure for O3 at pH 7.3. 

Experimental conditions: [O3]0 = 100.0 µM, [catalyst]0 = 0.06 g L−1 (in terms of CuO 

mass), [COU]0 =130.0 µM. 

Note that diffusion of the surface oxidant formed on ozone decay in the presence of 

Cu–Al LDHs and/or CuO to the interfacial zone and/or bulk solution can be rejected 

based on the measured oxidation rates of p–CBA. As shown in Figure 5.15, the rate and 

extent of oxidation of p–CBA in the presence of Cu–Al LDHs and CuO is lower than 

that observed during use of ozone alone suggesting that •OH/other oxidants generated 

on the catalyst surface do not diffuse into the interfacial zone and/or bulk solution. Note 

that CuO and Cu–Al LDHs significantly inhibited p–CBA oxidation (which mainly 

occurs in the bulk solution) due to the futile consumption of O3 and/or bulk •OH 

generated on O3 self-decay.  
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Figure 5.15 Measured p–CBA oxidation in the absence (squares) and presence of 0.06 

g L–1 Cu–Al LDHs (circles) and CuO (triangles) at pH 7.3. Experimental conditions: 

[O3]0 = 100.0 µM, [p–CBA]0 = 1.0 µM, [catalyst]0 = 0.06 g L−1 (in terms of CuO mass). 

To sum up, the decomposition mechanism of O3 on CuO and Cu–Al LDHs is similar. 

Briefly, O3 interacts with the surface hydroxyl groups in CuO and Cu–Al LDHs 

resulting in formation of an unkonwn surface oxidant and surface •OH, respectively. 

The involvement of surface hydroxyl groups in catalyst–mediated O3 decay agrees with 

the observation that O3 decay in the presence of catalyst is inhibited in the presence of 

phosphate related species (strong Lewis bases that adsorbs on the surface of catalysts 

and inhibits O3 sorption and decay;193 Figure 5.16) and also with the mechanism of 

catalytic ozonation employing metal oxides reported in various earlier studies.40, 48, 49, 

166, 194-197 These surface oxidants/•OH entities are consumed via interaction with 

adsorbed organics and/or surface sites with this conclusion supported by effective 

catalyst–mediated C2O4
2–/ HCOO– oxidation (Figure 5.5 and 5.6) and the decrease in 

HCOO– oxidation (Figure 5.8b and 5.9b) at higher catalyst dosage respectively. The 

faster O3 decay in the presence of CuO compared to Cu–Al LDHs is due to the 

difference in the nature and concentration of the hydroxyl groups on the surface of the 

two catalysts. A higher concentration of surface hydroxyl groups is present on the 

surface of CuO (150.6 μM/g) compared to that on the surface of Cu–Al LDHs (36.7 
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μM/g) and, hence, the rate of catalyst-mediated O3 decay is faster in the presence of 

CuO compared to that measured in the presence of Cu–Al LDHs. Furthermore, the 

surface hydroxyl groups in CuO are expected to exhibit a stronger acidic character 

compared to those in Cu–Al LDHs due to the replacement of Cu2+ by Al3+ and steric 

shielding of metal cations by carbonate ions.198 Additionally, in Cu–Al LDHs, the Cu 

atoms are distributed among Al atoms in the brucite layers and hence O3 and/or oxidants 

generated on O3 decay possibly migrate to and are stabilized by the Al sites (note that 

no increase in O3 decay was observed in the presence of Al(OH)3; Figure 5.7b) with 

interaction between sorbed organics and oxidants occurring at Al sites. A similar 

mechanism was reported for PdO/CeO2 wherein O3 was transformed into ROS on the 

PdO sites while sorption of C2O4
2– and concomitant oxidation occurred on the CeO2 

sites.26 In the case of CuO, the oxidants can only migrate to the ambient Cu centre and 

are scavenged by Cu due to its strong acidic character. 

 

Figure 5.16 Measured O3 decay in the bicarbonate (squares) and phosphate (circles) 

buffered solution in the presence of Cu–Al LDHs/CuO at pH 7.3 (panel a Cu–Al LDHs 

and panel b CuO). Experimental conditions: [Cu-Al LDHs]0 = 0.6 g L−1, [CuO]0 = 0.06 

g L−1 (in term of CuO mass), [O3]0 = 100.0 μM, [phosphate]0/[HCO3]0 = 1.33 mM. 

We would also like to highlight that the sorption of organics on the Cu–Al LDHs and 

CuO surfaces had minimal influence on the catalyst–O3 interaction, at least under the 

conditions investigated here. As shown in Figure 5.17, the O3 decay rate in the presence 
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of Cu–Al LDHs with pre-sorbed C2O4
2− is slightly higher than that measured in the 

presence of catalyst with no sorbed C2O4
2− with this small difference most likely due 

to rapid reaction of sorbed C2O4
2−with surficial O3 rather than due to the influence of 

sorbed C2O4
2− on the catalyst-O3 interaction. In the case of CuO, similar (p>0.05 using 

single tailed student’s t–test) O3 decay rates were observed in the absence and presence 

of sorbed C2O4
2−. Minimal influence of sorption of organics on the CuO–O3 interaction 

is consistent with the minor extent of sorption of organics on the CuO surface observed 

under the conditions investigated in this study (Figure 5.18). 

 

Figure 5.17 Measured O3 decay in the presence of Cu–Al LDHs (panel a) and CuO 

(panel b) in the absence and presence of pre-sorbed oxalate on the catalyst surface at 

pH 7.3. Experimental conditions: [Cu-Al LDHs]0 = 0.6 g L−1 (in terms of CuO), [CuO]= 

0.12 g L−1 (in terms of CuO), [O3]0 = 100.0 μM, [C2O4
2−]0 = 20.0 μM (for CuO) and 

100.0 μM for Cu–Al LDHs, pH 7.3 using 2.0 mM NaHCO3. 
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Figure 5.18 Fraction of C2O4
2− (panels a & c) and HCOO− (panels b & d) remaining in 

the presence of varying Cu–Al LDHs (panels a & b) and CuO (panels c & d) dosage at 

pH 7.3. Experimental conditions: [C2O4
2−]0 = 1.0 µM, [HCOO−]0 =1.0 µM, [catalyst]0 

= 0.006 – 0.6 g L−1 (in terms of CuO mass). Symbols represent experimental data, lines 

represent model values. 

5.3.4.2 Catalyst-organic interaction in the absence of ozone  

As shown in Figure 5.18, a small but significant fraction of C2O4
2− is rapidly adsorbed 

onto the Cu–Al LDHs/CuO surface and reaches steady–state within 5 min with the 

surface C2O4
2− concentration increasing with the increase in Cu–Al LDHs/CuO dosage. 

The adsorption of  C2O4
2− in the presence of Cu–Al LDHs/CuO was also confirmed by 

FTIR analysis (Figure 5.19) with a peak corresponding to C2O4
2− evident at 1650 – 

1700 cm−1.199 The adsorption of C2O4
2− possibly occurs via binding of C2O4

2− to the 

surface Cu sites. The formation of surface Cu-oxalate complexes has been reported in 

earlier studies with the surface Cu-oxalate complex reported to be potentially more 

reactive than free C2O4
2−.25, 82 The extent of adsorption of HCOO− on the Cu–Al 
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LDHs/CuO surface was lower than that observed for C2O4
2−(Figure 5.18), possibly due 

to the higher binding capacity of C2O4
2− as a result of the presence of two carboxylic 

binding sites compared to one carboxylic group in HCOO−.82 

 

Figure 5.19 FTIR spectra of Cu–Al LDHs (panel a) and CuO (panel b) in the absence 

and presence of C2O4
2− and O3. Experimental conditions: [C2O4

2−]0 = 1.0 – 10.0 mM, 

[catalyst]0 = 0.06 g L−1 (in terms of CuO mass), [O3]0,gas =51.0 g m-3, flow rate 0.65 mL 

min-1, t = 10.0 min. 

The adsorption of C2O4
2−/ HCOO− on Cu–Al LDHs and CuO can be well described by 

Langmuir isotherms with the maximum adsorption capacities of Cu–Al LDHs and CuO 

for C2O4
2− calculated to be 3.44±0.16 mg g−1 (KL=1.72±0.48) and 1.42±0.05 mg g−1 

(KL=0.28±0.04) respectively (Figure 5.20a). Similarly, the maximum adsorption 

capacities for HCOO− were 0.49±0.03 mg g−1 (KL=0.0106±0.0002) and 0.20±0.02 

mg g−1(KL=0.0026±0.0006) for Cu–Al LDHs and CuO respectively (Figure 5.20b). 

The higher adsorption capacity of Cu–Al LDHs compared to CuO is likely due to the 

Al content in the layered structure of Cu–Al LDHs with this hypothesis supported by 

the observation that significant sorption of C2O4
2− occurs on Al(OH)3 surfaces (Figure 

5.7a).  
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Figure 5.20 Adsorption isotherms of Cu–Al LDHs and CuO for (a) C2O4
2− and (b) 

HCOO−. Experimental conditions: [Catalysts]0 = 0.6 g L−1 (in terms of CuO mass), 

[C2O4
2−]0 /[HCOO−]0 = 1.0 – 1000.0 μM, sorption time 2 h, pH = 7.3 buffered by 2.0 

mM NaHCO3. 

5.3.4.3 Oxidation of organics by HCO  

The oxidation of C2O4
2− in the presence of both Cu–Al LDHs and CuO occurs on the 

surface of these catalysts since bulk/interfacial •OH are not involved (no influence of 

TBA addition; Figure 5.10) and the reaction of aqueous O3 and C2O4
2− is very slow, at 

least at the O3 and C2O4
2−concentrations examined here (Figure 5.5). The decrease in 

the peak corresponding to adsorbed C2O4
2− at 1650 -1700 cm−1 in the presence of O3 

(Figure 5.19) also supports the conclusion regarding surface oxidation of C2O4
2−. Hence, 

in the case of Cu–Al LDHs, surface-located O3 and •OH are expected to play a role 

however the role of surface-located O3 is expected to be more prominent than that of 

•OH since the oxidation rate of C2O4
2− is much higher than the rate of ozone decay (and 

associated rate of •OH formation). The oxidation of surface oxalate complexes by O3 

has been reported previously.25, 82 

In the case of CuO, surficial O3 and/or other oxidant(s) generated on O3 decay are 

expected to play a role in surface oxalate complex oxidation. The high O3 usage 

efficiency (~0.8 for 10.0 µM C2O4
2−; Figure 5.5) for C2O4

2− oxidation in the presence 
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of both CuO and Cu-Al LDHs compared to usage efficiency for aqueous O3 (~ 0.2 for 

10.0 µM C2O4
2−; Figure 5.5) further suggests that the presence of the readily oxidizable 

surface oxalate complex minimizes O3 loss in the bulk solution and achieve high O3 

usage efficiency.  

In the presence of Cu–Al LDHs, a significant concentration of O3 is present in the bulk 

solution which can drive HCOO− oxidation in the bulk solution in addition to surface-

mediated oxidation of sorbed HCOO−. However, limited O3 is present in the bulk 

solution in the case of CuO confirming that the oxidation of HCOO− predominantly 

occurs on the surface. The oxidation of HCOO− on the surface of CuO is in agreement 

with the observed decrease in HCOO− oxidation in the presence of phosphate ions 

(Figure 5.21b), a strong Lewis base 139 that adsorbs on the surface of catalysts and 

inhibits organic sorption. In contrast, no influence of phosphate ions (mainly 

dihydrogen phosphate and hydrogen phosphate under the conditions in this thesis) was 

observed on HCOO− oxidation in the case of Cu–Al LDHs (Figure 5.21a) confirming 

that the oxidation of HCOO− occurs in the bulk solution for Cu–Al LDHs.  

 

Figure 5.21 Fraction of HCOO− oxidized in the absence and presence of 1.33 mM 

phosphate by HCO using Cu–Al LDHs (panel a) and CuO (panel b) as the catalyst at 

pH 7.3. Experimental conditions: [HCOO−]0 = 1.0 µM, [catalyst]0 = 0.06 g L−1 (in terms 

of CuO mass), [O3]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3, [phosphate]0 = 1.33 

mM. 
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To provide further insight on the mechanism of catalytic ozonation, the effect of using 

D2O on ozone decay and organic oxidation in the presence of catalyst was also 

evaluated. No significant KIE was observed in the absence of catalyst with this result 

in accord with findings of the study by Sein and co–workers.200 For catalytic ozonation 

processes (using Cu–Al LDHs or CuO), no KIE was observed on catalyst-mediated O3 

decay and/or HCOO− oxidation (Figure 5.21a – d). However, the rate of C2O4
2− 

oxidation was significantly lower in D2O solution compared to that observed H2O in 

the presence of both Cu-Al LDHs and CuO. The decreased C2O4
2− oxidation in D2O 

solution could be due to weaker ≡OD-O3 and/or ≡OD–oxalate interaction compared to 

≡•OH–O3 and/or ≡•OH–oxalate interaction respectively. Since similar catalyst–

mediated O3 decay was observed in D2O and H2O solutions (Figure 5.21), it appears 

that the ≡OD-oxalate interaction is weaker than that of the ≡•OH–oxalate interaction. 

This hypothesis is supported by the observation that decreased C2O4
2− adsorption was 

observed in D2O solution compared to that observed in H2O solution (Figure 5.21). The 

decreased sorption of C2O4
2− on the catalyst surface in D2O solution supports the 

hypothesis that surface hydroxyl groups are the active sites for C2O4
2− adsorption and 

subsequent oxidation. 
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Figure 5.22 Measured O3 decay (a &b), HCOO− oxidation (c&d), C2O4
2−( e &f) 

oxidation on HCO in the presence of Cu–Al LDHs (panel a, c and e) and CuO (panel 

b, d and f) in H2O and D2O solution at pH 8.5 (pD 8.8). Panels g & h represents C2O4
2− 

adsorption by Cu–Al LDHs and CuO respectively in H2O and D2O solution at pH 8.5 

(pD 8.8). Experimental conditions: [Catalysts]0 = 0.06 g L−1 (in terms of CuO mass), 

pH 8.5 (pD 8.8) buffered by 2.0mM NaHCO3. Panel a and b: [O3]0 = 100.0 μM; panel 

c and d: [HCOO−]0 = 1.0 μM, [O3]0 = 10.0 μM; panel e and f: [C2O4
2−]0 = 1.0 μM, [O3]0 

= 10.0 μM; panel g and h: [C2O4
2−]0 = 1.0 μM. 
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Overall, based on the discussion presented above, we draw the following main 

conclusions regarding the mechanism of the catalytic ozonation process employing Cu 

based catalysts: 

(1) Catalyst and O3 interaction results in the formation of surface oxidants which 

are consumed via interaction with adsorbed organics and/or surface sites. In the 

case of Cu–Al LDHs, the surface oxidant was identified to be surface-located 

•OH.  

(2) The diffusion of the surface oxidant(s) generated on O3-catalyst interaction into 

the interface and/or bulk solution is negligible. 

(3) Rapid binding of C2O4
2− and HCOO− by the surface hydroxyl sites occurs in the 

presence of the catalysts however the extent of HCOO− binding is less than that 

observed for C2O4
2−. 

(4) Oxidation of C2O4
2− occurs on the surface of the catalysts with the Cu-oxalate 

surface complex readily oxidized by O3 and •OH (in case of Cu–Al LDHs) and 

O3 and/or surface oxidants (in case of CuO).  

(5) Oxidation of HCOO− mainly occurs on the surface of CuO, however, in the case 

of Cu–Al LDHs, oxidation of HCOO− mainly occurs in the bulk solution.  

(6) Surface hydroxyl groups are the main sites for O3 decay, organic sorption and 

organic oxidation. The differences in the concentration and nature of the surface 

hydroxyl groups between Cu–Al LDHs and CuO correlate well with the 

differences in the O3 decay and organic oxidation rates observed in the presence 

of Cu–Al LDHs and CuO. 

5.3.4.4 Kinetic modelling 

Based on the reaction mechanisms proposed here, we have developed a mathematical 

kinetic model to describe the HCOO− and C2O4
2− oxidation rates in the presence of 
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catalysts. Table 5.1 describes the reactions for self-decay of O3 and oxidation of 

HCOO− and C2O4
2− by conventional ozonation. The reactions describing the self-decay 

of O3 (reactions 1 – 10, Table 5.1) and HCOO− oxidation by conventional ozonation 

(reactions 11 – 15, Table 5.1) are same as that determined in chapter 4. The reactions 

controlling the oxidation of C2O4
2− by conventional ozonation (reactions 16 – 20, Table 

5.1) were determined based on the best fit to our experimental results on C2O4
2− 

oxidation by conventional ozonation (Figure 5.5 and 5.6) and O3 decay in the presence 

of C2O4
2− (Figure 5.23). Table 5.2 describes the reactions controlling oxidation of 

HCOO− and C2O4
2− by HCO in the presence of Cu–Al LDHs and CuO. Detailed 

description of these reactions is provided below.  

Table 5.1 Kinetic model for ozone self-decay, formate and oxalate oxidation by 

conventional ozonation. 

No Reaction Rate constant 

(M-1·s-1) 

Published value 

(M-1·s-1) 

Reference 

Ozone self decay reactions in bulk solution 

1 O3 + OH– → HO2
• + O2

•– 1.0×102 7.0×10 151 

2 O3 + H2O2/H2O– → HO3
• + O2

•– 1.7×102a 1.7×102 152 

3  O3 + O2
•– → HO3

• + O2 1.5×109 1.5×109 98 

4 HO3
•/O3

•– → •OH + O2 1.4×105b 1.4×105  151 

5  •OH + O3 → O2
•– + O2 1.0×108 1.0×108 151 

6  O3 + CO3
•– → H2CO3 + O2 1.0×105 1.0×105 153 

Scavenging reactions in bulk solution 

7 •OH + H2O2/H2O– → H2O + O2
•– 2.7×107a 2.7×107 98 

8 •OH + H2CO3/HCO3
–/CO3

2– → OH– + CO3
•–    8.2×106c 8.2×106 141 

9 CO3
•– + H2O2/H2O– → O2

•– + H2CO3 4.3×105a 4.3×105  154 

10  CO3
•– + CO3

•– → CO4
2– + H2CO3 2.0×107 2.0×107 155 

Formate oxidation by conventional O3  

11 HCOO– + O3 → HCO3
– + HO3

– 7.0×10  140 

12 HCOO– + O3 → CO2
•– + HO3

• 3.0×10 1.5-1.0×102a  3, 143 

H2O 
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13 HCOO– + CO3
•– → CO2

•– + HCO3
– 1.5×105 1.5×105 147 

14 HCOO– + •OH → CO2
•– + H2O 3.2×109 3.2×109 141 

15 CO2
•– + O2 → O2

•– + HCO3
– 4.2×109 4.2×109 124 

C2O4
2− oxidation by conventional O3  

16 C2O4
2– + CO3

•– → C2O4
•– + HCO3

– 6.0×104 -  

17 C2O4
2– + •OH → C2O4

•– + H2O 7.7×106 7.0×106 141, 201 

18 C2O4
•– → CO2

•– + HCO3
– 1.0×109 Rapid  

a calculated value at pH 7.3 using the reported rate constant for H2O2/HO2
− and the mole fraction of 

H2O2/ HO2
−  at pH 7.3. 

b calculated value at pH 7.3 using the reported rate constant for  HO3
•− / O3

•−and the mole fraction of  

HO3
•− / O3

•− at pH 7.3. 
c Calculated value at pH 7.3 using the reported rate constant for H2CO3/HCO3

− /CO3
2−  and the mole 

fraction of for H2CO3/HCO3
− /CO3

2−  at pH 7.3. 

 

Figure 5.23 Measured O3 decay in the presence of C2O4
2− in the absence (panel a) and 

presence of Cu–Al LDHs (panel b) at pH 7.3. Experimental conditions: [O3]0 = 120.0 

µM, [C2O4
2−]0 = 0.0 – 100.0 µM, [Cu-Al LDHs]0 = 0.06 g L−1 (in terms of CuO mass). 

Symbols represent experimental data, lines represent model values. 

(i) O3 adsorption by Cu–Al LDHs/CuO 

Reactions 1 (Table 5.2) represent the adsorption-desorption of O3 onto/from the Cu–Al 

LDHs/CuO surface. The actual values of the forward sorption of O3 and the backward 

desorption of O3 rate constants do not affect the model prediction as long as the rate of 

reaction 1 exceeds the self-decay rate of O3 and the ratio of the rate constants for 

reactions 1 and 2 is 150 for Cu-Al LDHs and 4000 for CuO.  

(ii) O3 transformation on the Cu–Al LDHs/CuO surface 
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Reaction 2 (Table 5.2) represents the decay of adsorbed ozone forming surface •OH 

(for Cu–AL LDHs) and another surface oxidant (for CuO). The rate constants for 

reaction 2 was determined based on best-fit to the measured O3 decay in the presence 

of Cu–Al LDHs/CuO (Figures 5.11 and 5.23).  Reaction 3 (Table 5.2) represents the 

decay of adsorbed O3 via interaction with surface sites resulting in non-reactive 

products (NRP). Reaction 4 (Table 5.2) represents the decay of surface •OH/oxidant via 

interaction with the surface sites resulting in formation of NRP. The rate constant for 

reaction 3 and 4 was determined based on best-fit to the influence of Cu–Al LDHs/ 

CuO dosage on the measured oxidation of adsorbed HCOO− and C2O4
2− (Figures 5.8 

and 5.9).  

(iii) Adsorption of C2O4
2−/ HCOO− on the Cu–Al LDHs/CuO surface 

Reactions 5 and 6 (Table 5.2) represent the adsorption and desorption of HCOO− and 

C2O4
2− on the Cu–Al LDHs/CuO surface respectively. Note that the individual values 

of the forward adsorption and backward desorption rate constants for reactions 5 and 6 

do not affect the model prediction as long as their ratio is the same. The ratio of the rate 

constants for forward adsorption of organics and desorption of organics (i.e., the 

adsorption equilibrium constants; K) was determined based on best-fit to the measured 

adsorption of these organics in the presence of Cu–Al LDHs/CuO (Figures 5.18). 

(iv) Oxidation of surface HCOO− 

Reactions 7 and 8 (Table 5.2) represent the oxidation of adsorbed HCOO− by surface 

O3 and surface oxidant respectively. The rate constants for the oxidation of adsorbed 

HCOO− by surface O3 and/or surface oxidants (formed on surface O3 decay) were 

determined based on best–fit to the experimental results on HCOO− oxidation in the 

presence of varying organic and catalyst concentrations (Figures 5.5-5.6 and 5.8-
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5.9).We have assumed that the oxidation of adsorbed HCOO− by surface O3 to CO2 

occurs via hydride transfer with no intermediates formed with the rate constant for 

surface HCOO− oxidation similar to that determined for bulk O3 - HCOO− reaction. 

However, we would like to highlight that the rate constant for this reaction is not well 

constrained by our experimental results due to minor contribution of this reaction in 

HCOO− oxidation in case of both Cu–Al LDHs and CuO. The oxidation of adsorbed 

HCOO− to CO2 with surface •OH/surface oxidant is assumed to proceed via formation 

of CO2
•− which is further oxidized by surface O2 to yield CO2 and O2

•− (reaction 9, 

Table 5.2). The O2
•− so formed may be consumed by the catalyst surface and/or may 

diffuse into the bulk solution and accelarate aqueous O3 decay forming •OH. Since Cu 

is known to rapidly disproportionate O2
•−,202 we have assumed that surface O2

•− formed 

on CO2
•− oxidation at the surface is consumed by the catalyst surface and is not involved 

in any reaction. However, note that a model including interaction of surface O2
•− with 

surface O3 and/or diffusion of surface O2
•− and its interaction with aqueous O3 produces 

same results. 

(v) Oxidation of surface C2O4
2− 

Reactions 10 and 11 (Table 5.2) represent the oxidation of adsorbed C2O4
2− by surface 

O3 and surface •OH respectively. The rate constants for the oxidation of adsorbed 

C2O4
2− by surface O3 and/or surface oxidants were determined based on best-fit to the 

experimental results on C2O4
2− oxidation in the presence of varying organic and catalyst 

concentrations (Figures 5.5 – 5.6 and 5.8 – 5.10) and O3 decay in the presence of 

organics and catalyst (Figure 5.23).We have assumed that the oxidation of adsorbed 

C2O4
2− to CO2 with surface •OH/O3 proceeds via formation of C2O4

•− which dissociates 

to form CO2 and CO2
•− (Reaction 12, Table 5.2). CO2

•−, as described above, is further 

oxidized by surface O2  to yield CO2 and O2
•− (reaction 10, Table 5.2).  
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Table 5.2 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO. 

No Reaction 
Rate constant for Cu–Al LDHs  

(M-1·s-1) 

Rate constant for CuO  

(M-1·s-1) 

1 O3 + ≡ ⇌ ≡ O3 K =1.5×101a,b K= 4.0×103a,b 

2 ≡ O3 → ≡ •OH / ≡ Ox 
5.0×10-3 1.0×10-1 

3 ≡ O3 + ≡ → NRP + ≡ c 3.0 5.0×102 

4 ≡ •OH/ ≡ Ox + ≡ → NRP + ≡ c 1.0×106 5.0×105 

5 HCOO– + ≡ ⇌ ≡ HCOO– K=3.5×102a,b K=1.0×102a,b
 

6 C2O4
2– + ≡ ⇌ ≡ C2O4

2– K=2.0×103a,b
 

K=8.0×102a,b
 

7 ≡ HCOO– + ≡ O3 → CO2 + HO3
– + ≡ 4.0×101d 4.0×101 

8 ≡ HCOO– + ≡ •OH / ≡ Ox → ≡ CO2
•– + ≡ 1.0×109d 1.0×109 

9 ≡ CO2
•– → CO2 + ≡ O2

•– 1.0×109d 1.0×109 

10 ≡ C2O4
2– + ≡ O3 → ≡ C2O4

•– + HO3
– + ≡ 1.0×106 1.0×106 

11 ≡ C2O4
2– + ≡ •OH / ≡ Ox → ≡ C2O4

•– + ≡ 1.0×109d 1.0×109 

12 ≡ C2O4
•– → CO2 + ≡ CO2

•– 1.0×109 1.0×109 
a
 based on surface site concentration of 1.7 mmoles.g-1 CuO in Cu–Al LDHs and CuO 

b
 K represents the ratio of the forward adsorption rate constant and back desorption rate constant 

c
 NRP represents non reactive product 

d rate constants are not well constrained by our experimental results since these reactions are not 

important 

 

Note that for the oxidation of the surface oxalate complex and surface HCOO− complex 

by O3, we have assumed that only surficial O3 (rather than bulk O3) is involved. A small 

but constant concentration of surficial O3 is maintained via rapid adsorption/desorption 

of O3 onto/from the Cu–Al LDHs/CuO surface. An alternate mechanism wherein bulk 

O3 also oxidizes the surface oxalate/surface formate complex cannot explain all our 

experimental observations, particularly in the case of CuO. Similarly, an alternate 

modelling scheme in which the oxidation of the surface-complexes via interaction with 

both surficial O3 and bulk O3 cannot explain our experimental results. Detailed 

description of the two other modelling schemes are provided below.  

O2 

O2 
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(i) Modelling scheme involving oxidation of surface oxalate and surface formate 

complex by bulk ozone  

In this modelling scheme, we use bulk O3 as the main oxidant for surface oxalate and 

surface formate complexes. As shown in Table 5.3, interaction of O3 with the catalyst 

results in formation of surface oxidant (reaction 1) as well as non–reactive products 

(reaction 2). The scavenging of surface oxidant by the catalyst (reaction 3, Table 5.3) 

also occurs. The rate constant for reactions 1 – 3 were determined based on best-fitting 

to the measured O3 decay rates (Figure 5.11) as well as influence of catalyst dosage on 

the extent of  HCOO− and C2O4
2− oxidation (Figures 5.8 and 5.9). The  adsorption of 

HCOO− and C2O4
2− (reactions 4 and 5, Table 5.3) on the catalyst surface occur as 

described in the model shown in Table 5.2. However, the oxidation of surface 

C2O4
2−/HCOO− occcurs via interaction with bulk ozone and/or surface oxidants 

(reactions 6 – 11, Table 5.3).  For Cu–Al LDHs, the model with bulk O3 as the major 

oxidant of surface oxalate/formate complex provides excellent description of our 

experimental results. However, this model significantly overestimates the fraction of  

HCOO− oxidized in the presence of varying CuO dosage (Figure 5.24). Since in this 

model, both generation and scavenging of oxidant by CuO increases with CuO dosage, 

there is no significant influence of CuO dosage on the oxidation of organics. An 

alternative scheme wherein the generation of surface oxidant occurs via formation of 

an intermediate on CuO–O3 interaction, which subsequently decays to form surface 

oxidant and/or is consumed by the catalyst (Table 5.4), was also used to model our 

experimental results. In this scheme, the rate of oxidant generation decreases with 

increase in the catalyst dosage and can explain the decrease in the extent of HCOO− 

oxidation with the increase in the catalyst dosage however this also results in the  

decrease in the  C2O4
2− oxidation which is not in agreement with our observed results 
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(Figure 5.8).  Overall, the kinetic model where bulk O3 was able to oxidize the surface 

oxalate and formate complexes was not able to correctly predict the influence of CuO 

dosage on the extent of  HCOO− and C2O4
2− oxidation (Figure 5.24).  

Table 5.3 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO— bulk O3 as the main oxidant. 

No Reaction Rate constant for Cu–Al LDHs  

(M-1·s-1) 

Rate constant for CuO  

(M-1·s-1) 

1 O3 + ≡ → ≡ •OH / ≡ Ox 0.1a 2.5×101a 

2 O3 + ≡ → NRP + ≡  0.3a 3.0a 

3 ≡ •OH / ≡ Ox + ≡ → NRP + ≡ 1.0×105 4.0×103 

4  HCOO– + ≡ ⇌ ≡ HCOO– K=3.5×102a,b K=1.0×102a,b
 

5  C2O4
2– + ≡ ⇌ ≡ C2O4

2– K=2.0×103a,b
 

K=8.0×102a,b
 

6 ≡ HCOO– + ≡ O3 → CO2 + HO3
– + ≡ 4.0×10d 4.0×10 

7 ≡ HCOO– + ≡ •OH / ≡ Ox → ≡ CO2
•– + ≡ 1.0×109d 1.0×109 

8 ≡ CO2
•– → CO2 + ≡ O2

•– 1.0×109d 1.0×109 

9 ≡ C2O4
2– + ≡ O3 → ≡ C2O4

•– + HO3
– + ≡ 4.0×103 4.0×103 

10 ≡ C2O4
2– + ≡ •OH / ≡ Ox → ≡ C2O4

•– + ≡ 1.0×109 1.0×109 

11 ≡ C2O4
•– → CO2 + ≡ CO2

•– 1.0×109 1.0×109 

a
 based on surface site concentration of 1.7 mmoles.g-1 CuO in Cu–Al LDHs and CuO 

b
 K represents the ratio of the forward adsorption rate constant and back desorption rate constant 

c
 NRP represents non reactive product  

d rate constants are not well constrained by our experimental results 

 

  

O2 

O2 
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Table 5.4 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of  CuO assuming bulk O3 as the main oxidant and O3 decay on the surface 

occuring via formation of surface intermediates. 

No Reaction Rate constant (M-1·s-1) 

1 O3 + ≡ → Int 2.3×101a 

2 ≡ + Int → O2 + ≡ + ≡ 8.0×107 

3 Int → ≡ •OH / ≡ Ox 8.0×103 

4 ≡ Ox + ≡ → NRP + ≡ 4.0×105   

5 HCOO– + ≡ ⇌ ≡ HCOO– K=1.0×102a,b
 

6 C2O4
2– + ≡ ⇌ ≡ C2O4

2– K=8.0×102a,b
 

7 ≡ HCOO– + ≡ O3 → CO2 + HO3
– + ≡ 4.0×10 

8 ≡ HCOO– + ≡ •OH / ≡ Ox → ≡ CO2
•– + ≡ 1.0×109 

9 ≡ CO2
•– → CO2 + ≡ O2

•– 1.0×109 

10 ≡ C2O4
2– + ≡ O3 → ≡ C2O4

•– + HO3
– + ≡ 4.0×103 

11 ≡ C2O4
2– + ≡ •OH / ≡ Ox → ≡ C2O4

•– + ≡ 1.0×109 

12 ≡ C2O4
•– → CO2 + ≡ CO2

•– 1.0×109 
a
 based on surface site concentration of 1.7 mmoles.g-1 CuO in Cu–Al LDHs and CuO 

b
 K represents the ratio of the forward adsorption rate constant and back desorption rate constant 

 

 

 

  

O2 

O2 
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Figure 5.24 Fraction of HCOO− (panel a and b) and C2O4
2− (panel c and d) oxidized in 

the presence of CuO (triangles) at varying catalyst dosage. Experimental conditions: 

[catalyst]0 = 0.006 – 0.6 g L−1 (in terms of CuO mass), [HCOO−] = 1.0 (panel a) or 10.0 

µM (panel b), [C2O4
2−]0 = 1.0 (panel c) or 10.0 (panel d) and [O3]0 = 10.0 µM, pH 7.3 

using 2.0 mM NaHCO3, reaction time 2 h. Symbols represent experimental data and 

the lines represent model values. 

(ii) Modelling scheme with no involvement of surficial ozone in oxalate oxidation  

In this modelling scheme, the oxidation of surface formate/oxalate complex by surface 

O3 (reaction 7 and 10 in Table 5.2) was neglected. From Figure 5.25, the modelled 

C2O4
2− without contribution of surface O3 significantly underestimated C2O4

2− 

oxidation in the presence of both Cu–Al LDHs and CuO. The oxidation of surface 

C2O4
2− complexes by surface O3 is needed to explain the experimental results obtained.  
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Figure 5.25 Modelled oxidation of C2O4
2− in the presence of Cu–Al LDHs (panel a) 

and CuO (panel b). Experimental conditions: [catalyst]0 = 0.06 g L−1 (in terms of CuO 

mass), [O3] = 10.0 µM [C2O4
2−]0 = 10.0 µM, pH 7.3 using 2.0 mM NaHCO3. 

As shown in Figures 5.5 – 5.6, 5.8 – 5.11 and 5.18, the model presented in Table 5.1 

and 5.2 provides reasonable description (R2 > 0.9) of C2O4
2− and HCOO− oxidation as 

well as O3 decay in the presence of Cu–Al LDHs and CuO. While there is some 

discrepancy between the experimental results and model-predicted data, the model 

describes the general trend of the experimental data very well. The sensitivity analysis 

of the model (Table 5.5) using PCA shows that all the surface reactions shown in Table 

5.2 are important for correctly predicting the time varying C2O4
2−, HCOO− and O3 

concentrations in the presence of CuO. However, in the case of Cu–Al LDHs, reactions 

controlling surface oxidation of HCOO− are not important. The model predicted rate 

constants for oxidation of surface oxalate complexes by surficial O3 is similar for CuO 

and Cu–Al LDHs (Table 5.2) suggesting that similar types of complexes were formed 

in the presence of these catalysts.   
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Table 5.5 Principal Component Analysis of model reactions controlling O3 decay and 

HCOO−/ C2O4
2− oxidation during HCO using CuO/Cu–Al LDHs at pH 7.3a. 

Oxalate oxidation in the presence of CuO 

Eigenvalue Dominant reactions in principal components (relative contribution of the 

component to system response is shown in parentheses) 

3.9×1010  1(1.0) 

6.3×104  -6(0.31), 6(-0.28), 3(0.25)  

1.7×104 -6(0.31), 3(0.24) 

8.9×102 -6(0.30), 6(-0.25) 

4.8×102 -6(-0.32), 6(0.24) 

2.4×102 10(-0.62), 2(0.51), 3(-0.39), 6(0.38), -6(0.22), 4(-0.22) 

Reactions 6,7 and 19 (Table 5.1) have no impact on the model results. 

Formate oxidation in the presence of CuO 

Eigenvalue Dominant reactions in principal components (relative contribution of 

the component to system response is shown in parentheses) 

4.1×106 1(1.0) 

1.2×106  

8.0×103 3(-0.57), 5(0.48), -5(0.47), 4(-0.43), 8(0.41), 1(-0.37) 

3.0×103 2(1.0), 4(-0.63) 

4.4×102 5(-0.44), -5(-0.42), 8(0.25) 

3.3×102 5(-0.44), -5(-0.43), 7(0.33) 

Reactions 6 and 7 (Table 5.1) have no impact on the model results. 

Oxalate oxidation in the presence of Cu–Al LDHs 

Eigenvalue Dominant reactions in principal components (relative contribution of 

the component to system response is shown in parentheses) 

7.1×104 10(0.94), -6(-0.75), 6(0.71), 1(-0.66), -1(-0.63) 

1.5×103 1(-0.22), 2(0.21) 

6.2×102 2(-0.81), 1(0.76), -1(0.72), 6(0.43), -6(0.39), 4(0.23), 10(-0.21) 

3.5×102  

2.1×102 12(0.61), 10(0.50), 11(-0.48), -6(0.44), 6(-0.42), 2(0.42) 

1.1×102 12(-0.23) 

Reactions 6 and 7 (Table 5.1) have no impact on the model results. 
a Only the highest Eigenvalues are shown here and only the relative contribution of the surface 

reactions (shown in Table 1 in the main manuscript) are shown here. 
b Eigenvalues of formate oxidation in the presence the Cu–Al LDHs are not shown here since 

formate oxidation predominantly occurs in the bulk solution (see detailed discussion in section 

5.3.4.3 in the main manuscript).  
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We have used the model to predict the contribution of bulk as well as surface reactions 

in the oxidation of C2O4
2− in the presence of Cu–Al LDHs and CuO (Figure 5.26). As 

shown in Figure 5.26a and 5.26c, C2O4
2− oxidation predominantly occurs on the surface 

of Cu–Al LDHs/CuO with some contribution from bulk oxidation at very low catalyst 

dosages and higher C2O4
2− concentrations. Furthermore, as shown in Figure 5.26b, only 

O3 is involved in C2O4
2− oxidation in the case of Cu–Al LDHs. For CuO, the radical-

mediated process is important at lower C2O4
2− and catalyst concentrations (Figure 

5.26d). Since most of the oxidation occurs on the CuO surface under these conditions 

(Figure 5.26c), these results suggest that surface radicals formed on O3 decay play an 

important role under these conditions. However, for higher C2O4
2− and higher catalyst 

concentrations, surficial O3 is the dominant oxidant.  
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Figure 5.26 Model-predicted % C2O4
2− oxidation occurring on the surface in the 

presence of Cu–Al LDHs (a) and CuO (c). Panels (b) and (d) show % C2O4
2− oxidation 

occurring via direct reaction with O3 (including both surface and bulk) in the presence 

of Cu–Al LDHs and CuO respectively. [O3]0 = 100.0 µM was used for these predictions. 

The contributions of surface reactions as well as the non-radical mediated process in 

HCOO− oxidation are shown in Figure 5.27. As shown in Figure 5.27a and 6b, HCOO− 

oxidation in the presence of Cu–Al LDHs predominantly occurs in bulk solution via a 

radical-mediated process, except at low HCOO− concentration. In the case of CuO, 

HCOO− oxidation principally occurs via a radical mediated process in the presence of 

CuO. At a lower HCOO− concentration, oxidation occurs principally via interaction 

with the surface oxidant(s) while at higher HCOO− concentration, oxidation occurs in 

the bulk solution via reaction with bulk •OH as well as CO3
•− formed as a result of •OH 

scavenging by carbonate ions. The variation in the contributions of radical and non-

radical mediated processes with the nature and concentration of target organic as well 

as the catalyst dosage may contribute to the discrepancies in the mechanisms of the 
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HCO process reported in various earlier studies.25, 26, 169, 203 The significant variability 

in controlling processes as a function of reaction conditions is particularly evident for 

degradation of HCOO− in the presence of CuO where surface reaction control is evident 

at higher catalyst loadings and low HCOO− concentrations while degradation reactions 

in solution dominate at higher HCOO− concentrations. 

 

Figure 5.27 Model-predicted % HCOO− oxidation occurring on the surface in the 

presence of Cu–Al LDHs (a) and CuO (c). Panels (b) and (d) show % HCOO− oxidation 

occurring via direct reaction with O3 (including both surface and bulk) in the presence 

of Cu–Al LDHs and CuO respectively. [O3]0 = 100.0 µM was used for these predictions. 

While probe methods employing compounds such as p–CBA and TBA can be used to 

investigate the generation of radicals and the rate and extent of organics oxidation for 

conventional ozonation,89, 204-206 quantitative analysis of surface–related reactions with 

any probe compound is challenging due to the varying surface affinity of probes 

towards different catalysts and the difficulty in quantifying the extent of oxidation of 
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probe compounds located on the catalyst surface. Hence, for HCO, where surface-

mediated processes dominate, we are of the opinion that the kinetic modelling approach 

used here will be of value in providing mechanistic insight, though more careful 

validation of these kinetic models is needed prior to their application to complex real 

wastewater matrices. The kinetic model developed in this study can be easily extended 

to other catalysts though will require determination of particular rate constants 

appropriate to the catalyst being used. 

5.4. Conclusions 

Our results show that Cu based materials function as efficient catalysts for HCO, 

particularly for ozone resistant compounds such as C2O4
2−. The catalytic activity of Cu-

Al LDHs is mostly attributed to the layered structure of the material that facilitates 

adsorption of organics as well as generation of surface •OH on O3 decay. As such, it is 

expected that target organic compounds with high surface affinity will be degraded by 

this catalyst. While Cu–Al LDHs also result in removal of HCOO−, the enhancement 

in ozone usage efficiency is not as significant as observed in the case of C2O4
2− since 

HCOO− can be easily oxidized by O3. Thus, we suggest that the design of the ozonation 

process should be modified according to the nature of the organic compounds present 

in the water to be treated. The organic compounds can also be classified based on their 

reactivity towards O3. For organic compounds that can be readily oxidized by O3, a 

homogeneous ozonation process is expected to be more cost-effective than a catalytic 

ozonation process. In contrast, a catalytic ozonation process is required for oxidation of 

organic compounds that are refractory to direct ozone oxidation. In general, a multi–

stage ozone process employing a separate homogeneous ozone reactor followed by a 
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catalytic ozone process is recommended for efficient usage of ozone and catalyst for 

treatment of wastewaters containing complex organic mixtures. 

Overall, this chapter provides important insights into HCO employing Cu based 

catalysts under circumneutral pH conditions. Further work on the influence of the 

physicochemical properties of Cu–Al LDHs and CuO needs to be performed to 

correlate the physiochemical properties with the catalyst performance and to optimize 

the catalyst synthesis. While these catalysts work well for enhancing oxidation of 

simple carboxylic acids in a simple matrix, the influence of pH as well as various matrix 

constituents (such as dissolved organic matter and anions) on the efficacy of HCO and 

the oxidation of a range of other ozone-resistant compounds requires further 

investigation.  
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Chapter 6 Comparison of performance of conventional 

ozonation and heterogeneous catalytic ozonation 

processes in phosphate and carbonate buffered 

solutions  

Some of the material in this Chapter has been drawn from a recent publication,207 which 

has been acknowledged and detailed in the ‘inclusion of publications statement’ for this 

thesis. 

6.1. Introduction 

The degradation of organic compounds during ozonation and heterogenous catalytic 

ozonation mostly occurs as a result of interaction with O3 and/or other oxidants 

(particularly hydroxyl radicals, •OH) generated on O3 decay.89, 116, 182, 197, 208 The overall 

process efficiency is highly dependent on pH due to the influence of pH on O3 self–

decay kinetics, surface charge of the catalyst and organic speciation.8, 26, 34, 36, 37, 47, 87, 

209, 210 Research on the ozonation and HCO processes is commonly performed under 

circumneutral pH conditions (i.e., pH 6.5 – 8.5) with the pH controlled using phosphate 

and/or carbonate buffered solution.11, 14, 20, 211-214 While carbonate, the major buffer in 

natural waters and many wastewaters,211, 215, 216 is recognised to stabilize O3 by 

scavenging •OH and inhibiting radical chain reactions,170, 217 there are contradictory 

reports on the influence of phosphate ions on O3 decay.131, 218-220 Some studies 

suggested that the addition of phosphate also decreased the rate of O3 decay by 

scavenging •OH and inhibiting radical chain reactions in a manner similar to carbonate 

220 while others observed promotion of O3 decay.131, 218, 219 Use of phosphate buffers 

may also have a significant impact on the surface chemistry of catalysts and efficacy of 
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HCO in organic removal since phosphate is a strong Lewis base that adsorbs on the 

surface of catalysts thereby inhibiting catalyst–O3 interaction 121, 139, 221 and/or organic 

sorption on the catalyst surface.52, 139, 195, 222-224 Most studies report decrease in organic 

oxidation during HCO in the presence of phosphate ions due to inhibition of interaction 

of O3 and/or organics with the catalyst as a result of phosphate sorption on surface 

hydroxyl sites,39, 49, 51, 188, 225-228 some contrasting results are also reported that phosphate 

did not hamper organic oxidation in HCO.35, 121 In addition, contradictory results have 

been reported on the impact of carbonate ions on organic oxidation by HCO with 

carbonate stabilizing O3 to promote oxalate oxidation 25  while scavenging  bulk •OH 

to inhibit p-nitrophenol removal.51  

Based on the discussion above, there appears to be contradictory reports on the 

influence of buffering ions on the performance of the ozonation and HCO processes. 

Furthermore, due to the difference between the reactivity of buffering ions towards •OH 

and their affinity towards the catalyst surface, the performance of the ozonation and 

HCO processes may vary depending on the nature of the buffer employed. While earlier 

studies have investigated the influence of the solution matrix on the oxidation of 

organics during HCO,25, 35, 39, 169 to our knowledge, no systematic evaluation of the 

influence of choice of buffer on O3 decay or on the efficacy of degradation of organic 

target compounds has been performed. Thus, in this chapter, we compare the influence 

of two buffer solutions, phosphate and carbonate, on O3 decay (including self–decay 

and catalyst mediated O3 decay), •OH generation and associated oxidation of selected 

organic compounds during the ozonation and HCO processes. The oxidation of three 

different organics, namely oxalate (OA), formate (FA) and p–CBA was measured. We 

chose OA and FA as the target compounds since these organic compounds have well 

defined oxidation pathways and result in formation of CO2 and H2O as the only 



157 

 

products.123 p–CBA was used to probe the extent of bulk •OH generation 87, 182 in 

phosphate and carbonate buffered solutions. To investigate the influence of buffers on 

the HCO process, Cu–Al LDHs and CuO were used as the catalysts. The catalytic 

mechanism of these catalysts in carbonate buffered solution was described in chapter 

5. Based on the experimental results obtained here, we provide important mechanistic 

insights into the role of buffers on O3 decay and associated oxidation of these organic 

compounds. We have also developed a mathematical model to accurately predict the 

O3 decay and OA/FA removal in phosphate and bicarbonate buffered solutions.  

6.2. Material and Methods 

6.2.1 Reagents  

All experiments were performed at pH 7.3 or 8.5 using carbonate, phosphate and/or 

borate buffered solution. The concentration of carbonate and phosphate buffers were 

1.3 mM and 2.0 mM at pH 7.3 and 8.5, respectively. For borate buffer, a concentration 

of 5.0 mM was used for pH 7.3 and 8.5 experiments. The initial pH was adjusted using 

1.0 M HNO3 and 1.0 M sodium hydroxide (NaOH) if required. The carbonate buffered 

solution at pH 7.3 was prepared as described in chapter 3. To avoid atmospheric CO2 

dissolution in phosphate buffer, phosphate buffered solutions were prepared in CO2–

free Milli–Q water by sparging Milli–Q water with N2 for 2 h prior to addition of 

phosphate salts. A maximum pH variation of ± 0.2 units was allowed during 

experiments. Stock solutions of radiolabelled and non–radiolabelled sodium 

formate/oxalate, indigo, p–CBA, TBA and O3 stock solution were prepared as 

described in chapter 3. Cu–Al LDHs and CuO were prepared as reported in chapter 5. 

6.2.2. Experimental setup for O3 decay 
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O3 decay experiments were conducted in sealed reactors shown in chapter 3. For 

measurement of O3 decay, 100.0 µM of dissolved O3 was added into the phosphate or 

carbonate buffered solutions containing 0 - 0.6 g.L–1 of catalyst (in terms of CuO mass 

concentration). Subsequently, samples were taken at designated time intervals and the 

dissolved O3 concentration was measured using the indigo method.107 Since the pH of 

the indigo solution used for O3 measurement is strongly acidic (pH < 2), it dissolves 

any catalyst present in the samples. Hence, the concentration of O3 measured in the 

presence of catalyst represents the sum of O3 in the bulk solution and O3 sorbed on the 

catalyst surface. We also measured dissolved O3 concentration wherein samples were 

filtered using 0.22 µm PVDF filters (Millipore) prior to indigo addition. The measured 

O3 concentrations were similar in filtered and non–filtered samples indicating that the 

concentration of O3 sorbed onto the catalyst surface was minimal.  

6.2.3 Experimental setup for organic oxidation 

Measurement of oxidation of FA, OA and p–CBA was conducted in a sealed reactor as 

shown in chapter 3. For catalytic ozonation, the dosage of the catalyst was 0.06 gL–1 

(in terms of CuO mass concentration).  Note that for measurement during catalytic 

ozonation, since rapid dissolution of the catalysts occurred during acidification of 

samples, the FA/OA concentration measured represents the total non–oxidized FA/OA 

concentration including FA/OA concentration remaining in the bulk solution and 

FA/OA concentration sorbed onto the surface of the catalyst.  

p–CBA oxidation experiments were conducted for ozonation only since p–CBA does 

not sorb onto the catalysts surface and hence was not effective in trapping surface 

associated •OH. For measurement, 1.0 µM p–CBA and 10.0 µM O3 were added into the 

carbonate or phosphate buffered solutions and samples were taken at regular time 
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intervals. Subsequently, samples were sparged with N2 to remove any residual O3 

present and cease the reaction. The concentration of p–CBA remaining was quantified 

using HPLC as described in chapter 3.  

We also measured the Rct value (which is ratio of the •OH exposure to O3 exposure) 

during the ozonation process in carbonate and phosphate buffered solutions.89, 90 To 

minimize the influence of p–CBA on O3 decay, these measurements were performed at 

a lower p–CBA: O3 concentration ratio. For Rct measurement, 1.0 µM p–CBA and 100.0 

µM O3 were added into the carbonate or phosphate buffered solution and samples were 

taken over time for measurement of dissolved O3 concentration and p–CBA 

concentration using the methods described above.  As described earlier,89, 90 the Rct 

value was calculated using eq. 6.1  

Rct =  
∫[ OH]• dt

∫[O3]dt
=  

ln(
[𝑝 − CBA]t
[𝑝 − CBA]0

)

𝑘 OH,𝑝−CBA• ∫[O3]dt
 

 

(6.1) 

6.2.4 Kinetic modelling  

Kinetic modelling of our experimental results was performed using the software 

package Kintecus 110 as described in detail in chapter 3.  

6.3 Results and Discussion 

6.3.1 Influence of buffering ions on pure ozonation performance 

6.3.1.1. Ozone self-decay and associated •OH generation 

Figure 6.1 demonstrates that ozone self-decay is substantially more rapid in the 

phosphate buffered solution at pH 7.3. As reported in various earlier studies 7, 22, 136, 137 

and also explained in detail in chapter 4, ozone self–decay kinetics can be described by 
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the reactions shown in eqs. 6.2 – 6.5. In the absence of any •OH scavengers, •OH formed 

reacts with O3 forming superoxide (O2
•–, eq. 6.4) which further propagates O3 decay. 

However, in the presence of •OH scavengers such as carbonate and/or phosphate ions 

(eqs. 6.6 – 6.7,141, 145, 218, 229, 230 the generation of O2
•– (the key chain carrier) via O3–

•OH reaction is inhibited, thereby stabilizing O3. Since O3 decay is slower in the 

carbonate buffered system than in the phosphate buffered system, it appears that the 

rate and extent of scavenging of •OH by HCO3
−/ CO3

2− is higher than the •OH 

scavenging by phosphate ions. This agrees with the reported rate constant for •OH 

reaction with HCO3
−/CO3

2− (8.5×106 and 3.9×108 M–1·s–1;137, 141) and •OH scavenging 

by phosphate ions (2×104 – 1.5×105 M–1·s–1
;
 137, 141).    

O3 + OH– → HO2
• + O2

•– (6.2) 

O3 + O2
•– → HO3

• + O2 (6.3) 

HO3
• → HO• + O2 (6.4) 

•OH + O3 → O2
•– + O2 (6.5) 

•OH + HCO3
– → CO3

•– + H2O       (6.6) 

•OH + HPO4
2– → PO4

•– + H2O (6.7) 
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Figure 6.1 (a) Measured O3 ([O3]0 = 100.0 µM) self-decay kinetics at pH 7.3 buffered 

using phosphate (squares) and carbonate (circles) solution. Panels b, c and d represent 

the measured oxidation of p–CBA, OA and FA respectively on ozonation at pH 7.3 

with pH buffered using phosphate (squares) and carbonate (circles) solution. Symbols 

represent measured values; lines represent model results. Experimental conditions for 

OA/ FA oxidation: [O3]0 = 10.0 µM; [OA]0 /[ FA]0 /[p–CBA]0=1.0 µM. 

Addition of TBA (a bulk •OH scavenger 29, 231) had no influence on O3 decay in 

carbonate buffered solution confirming that all •OH radicals formed on O3 self-decay 

are scavenged by HCO3
−/CO3

2− (Figure 6.2). In contrast, inhibition of O3 decay is 

observed in the presence of TBA in phosphate buffered solution (Figure 6.2), 

suggesting that a significant fraction of •OH interacts with O3 in this system, 

propagating O3 decay via radical chain reactions (eqs. 6.2 – 6.5). Decrease in the ozone 

decay rate with increase in the phosphate buffer concentration (Figure 6.3) also supports 

the conclusion that significant scavenging of •OH by O3 occurs in the phosphate 

buffered solution, at least at the lower phosphate concentration employed here. Increase 

in phosphate concentration increases the scavenging of •OH by phosphate ions, thereby 
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preventing the O3 – •OH reaction and stabilizing O3. This is in line with the results 

reported in various earlier studies which also showed that increase in phosphate 

concentration inhibited O3 decay.220, 232 Note that the O3 decay rate in phosphate 

buffered and borate buffered solutions at pH 7.3 is similar (Figure 6.4) confirming that 

the rate of •OH scavenging by both these buffering ions is comparable, at least under 

circumneutral pH conditions.  

 

Figure 6.2 Measured O3 decay rate in the absence (circles) and presence(squares) of 1.0 

mM TBA at pH 7.3 buffered using 1.3 mM carbonate (panel a) or 1.3 mM phosphate 

(panel b) solution. 

 

Figure 6.3 Measured O3 decay rate in pH 7.3 buffered solution using 1.3 mM phosphate 

(circles) and 10.0 mM (squares) phosphate. Symbols represent average experimental 

data; lines represent model results. 
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Figure 6.4 Measured O3 decay rate at pH 7.3 in phosphate and borate buffered solution. 

Symbols represent average experimental data; lines represent model results. 

While the kinetics of O3 self–decay in the carbonate and phosphate buffer solutions 

differs, the overall exposure of target organics to •OH appears to be similar in the two 

buffer systems at pH 7.3 with similar extents of oxidation of p–CBA (Figure 6.1b), a 

widely used •OH probe,87, 89, 182 in the two cases. The initially higher rate of p–CBA 

oxidation in the phosphate buffered solution than in the carbonate buffered solution is 

consistent with the higher rate of ozone decay (and concomitant •OH generation) in 

phosphate buffered solution compared to that observed in the carbonate buffered system 

(Figure 6.1a). The Rct value was calculated using the measured p–CBA oxidation data 

and O3 decay rates in phosphate and carbonate buffered solutions (see Figure 6.5). The 

measured Rct value in carbonate buffered solution is 2.3×10-8 however a value > 10-7 is 

obtained for the phosphate buffered solution. Note that p–CBA oxidation in the 

phosphate buffered solution is too fast to quantify accurately with p–CBA completely 

oxidized within 30 s at the p–CBA to O3 molar concentration ratio (1:100) employed 

here for Rct measurement (results not shown). This observation suggests that while the 

yield of •OH is higher for phosphate buffered solution in the initial stages due to rapid 

O3 decay, the total •OH exposure is the same for the two buffer solutions as confirmed 
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by the similarity in overall p–CBA oxidation at higher p–CBA to O3 concentration ratio 

(molar ratio 1:10, Figure 6.1b).  

Overall, it appears that the buffering ions impact O3 self–decay kinetics however did 

not show significant influence on the •OH exposure over the full duration of the 

experiment.   

  

  

Figure 6.5 Panels a and b show measurement of O3 decay and p–CBA oxidation 

respectively in carbonate buffer solution at pH 7.3.  Panel c shows the plot of •OH 

exposure vs O3 exposure in carbonate buffered solution with •OH exposure and O3 

exposure values calculated based on the data shown in panels and b. Panel d shows O3 

decay in phosphate buffered solution at pH 7.3. Experimental conditions: [p–CBA]0 = 

1.0 µM, [O3]0 = 100.0 µM, pH =7.3. 
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6.3.1.2 Oxidation of organics by ozonation  

As shown in Figure 6.1c, only a small fraction (< 30%) of OA is oxidized by ozonation 

at pH 7.3 with a lower extent of OA oxidation observed in the phosphate buffered 

system (12 ± 2%) compared to that in carbonate buffered solution (26 ± 5%) after 60 

min. Since oxidation of OA proceeds mainly via interaction with •OH (eq. 6.8; OA is 

an ozone resistant compound kC2O4
2–/O3=0.04 M–1·s–1 123), it appears that significant 

scavenging of •OH by HCO3
−/CO3

2− and phosphate ions (mainly dihydrogen phosphate 

and hydrogen phosphate under conditions investigated here) occurs, even in the 

presence of OA, due to the low concentration of OA and its slow rate of reaction with 

•OH  (kC2O4
2–/•OH=7.7×106 M–1·s–1 123). Based on the measured O3 decay in the two buffer 

solutions (Figure 6.1a), we had earlier suggested that the scavenging of •OH by 

HCO3
−/CO3

2− is much more prominent compared to •OH scavenging by phosphate ions. 

The faster scavenging of •OH by HCO3
−/CO3

2− but still slightly higher OA oxidation in 

the carbonate buffered solution suggests that the carbonate radicals formed on 

scavenging of •OH by HCO3
−/CO3

2− (eq. 6.6) also oxidize OA (eq. 6.9), albeit slowly. 

In contrast, the phosphate radicals formed on •OH – phosphate ions reaction (eq. 6.7) 

are not able to oxidize OA (at least on the time scale investigated here), thereby 

resulting in lower OA oxidation rates in phosphate buffered solution. While the 

oxidation of aromatic compounds by phosphate radicals was reported in some earlier 

studies,233 the oxidation of low-molecular weight acids by these radicals appears to be 

unimportant. We would also like to highlight that while OA oxidation in phosphate 

buffer solution is lower compared to that observed in carbonate buffered solution at the 

OA and buffer concentrations used here, it is expected that at higher OA concentrations 

(i.e., [OA]/[total phosphate] > 0.07 at which OA–•OH reaction outcompetes phosphate 

ions–•OH reactions), OA oxidation will be faster in phosphate buffered solution 
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compared to carbonate buffered solution due to the higher rate of scavenging of •OH in 

carbonate buffered solution. 

C2O4
2– + •OH → C2O4

•– + HO–                                                (6.8) 

C2O4
2– + CO3

•– → C2O4
•– + HCO3

–                                         (6.9) 

For mildly O3 reactive compounds such as FA, 140 no significant difference in the extent 

of FA oxidation is observed in carbonate and phosphate buffered systems, even though 

the rate of FA oxidation by ozonation is slower in the carbonate buffered system (Figure 

6.1d). As described in chapter 4, FA oxidation in carbonate buffered solution occurs 

via interaction with O3 with some contribution from •OH under circumneutral pH 

conditions. In contrast, since rapid O3 decay is observed in phosphate buffered solution, 

FA oxidation is expected to mostly occur via reaction with •OH in this system. Hence, 

the observed difference in the kinetics of FA oxidation in carbonate and phosphate 

buffered solution is due to the difference in the nature and concentration of the oxidants 

(i.e., O3 and •OH) as well as the difference in rate constants for the reaction of these 

oxidants with FA (kO3-FA =1.5 – 100 M–1·s–1and k•OH-FA = 1.2×109 M–1·s–1;140). The 

model results (the lines) provided good description of the experimental data and 

detailed discussion about the model could be available in section 6.3.2.3. 

Overall, we conclude that buffering ions have a significant impact on the kinetics of 

organic oxidation by the ozonation process. The fast kinetics of organic oxidation in 

phosphate buffered solution may help in reducing the hydraulic retention time of the 

ozonation reactors. The extent of organic oxidation may be affected as well due to the 

scavenging of •OH by buffering ions, though this is dependent on the relative rates of 

organic oxidation by •OH and scavenging of •OH by buffering ions. Furthermore, the 

scavenging of •OH by buffering ions may not have any impact on the extent of oxidation 
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of organics that are oxidizable by radical products formed on •OH scavenging however 

the kinetics of organic oxidation may be impacted since the radicals formed on •OH 

scavenging are expected to be less reactive than •OH.  

6.3.2 Influence of buffering ions on HCO performance 

6.3.2.1 Catalytic ozone decay 

As shown in Figure 6.6a, little difference in the catalyst mediated O3 decay rate in the 

presence of Cu–Al LDHs in phosphate and carbonate buffered system is observed at 

pH 7.3. In comparison, in the presence of CuO, a slower rate of O3 decomposition is 

observed in the phosphate buffered system compared to that observed in carbonate 

buffered solution (Figure 6.6b). As described in chapter 5, while rapid catalyst mediated 

O3 decay occurs in the presence of CuO, O3 decay via interaction with Cu–Al LDHs 

occurs very slowly with surface hydroxyl groups facilitating O3 decay in both cases. 

The inhibition of CuO–catalysed O3 decay in the phosphate buffered system is possibly 

due to occupation of surface hydroxyl groups responsible for O3 decay by phosphate 

ions, thereby inhibiting surface decomposition of O3 as has been reported in various 

earlier studies.49, 188, 225-228 The influence of occupation of surface sites by phosphate 

ions on the O3 decay kinetics, if any, is not apparent in the case of Cu–Al LDHs since 

surface catalysed O3 decay is very slow in the presence of Cu–Al LDHs, at least at the 

Cu–Al LDHs concentration investigated here. Note that measurement of O3 decay 

kinetics at 10–fold higher concentration of Cu–Al LDHs (where catalyst mediated O3 

decay becomes important) in phosphate and carbonate buffered solution clearly shows 

lower O3 decay kinetics in the phosphate buffered solution compared to carbonate 

buffered solution (Figure 6.7) confirming the hypothesis that occupation of surface 
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hydroxyl sites by phosphate ions inhibits catalyst mediated O3 decay in the presence of 

Cu–Al LDHs as well. 

 

Figure 6.6 Measured O3 ([O3]0 = 100.0 µM) decay kinetics in the presence of 0.06 g.L-

1 Cu–Al LDHs (a, in terms of CuO mass concentration) or CuO (b) at pH 7.3 with pH 

buffered using phosphate (squares) and carbonate (circles) solution. Panels c and d 

represent the measured oxidation of OA on HCO using Cu–Al LDHs and CuO 

respectively at pH 7.3 with pH buffered using phosphate (squares) and carbonate 

(circles) solution. Panels e and f represent the measured oxidation of FA on HCO using 

Cu–Al LDHs and CuO respectively at pH 7.3 with pH buffered using phosphate 

(squares) and carbonate (circles) solution. Initial conditions for OA/FA oxidation by 

HCO: [O3]0 = 10.0 µM; [OA]0 /[FA]0 =1.0 µM. Symbols represent measured values; 

lines represent model results. 
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Figure 6.7 Measured O3 decay rate in the presence of 0.6 g.L-1 (in term of CuO mass 

concentration) Cu–Al LDHs at pH 7.3 buffered using 1.3 mM carbonate (circles) or 1.3 

mM phosphate (squares) solution. Symbols represent average experimental data; lines 

represent model results. 

For both CuO/Cu–Al LDHs, the rate of catalyst mediated O3 decay is slower than the 

rate of ozone self–decay in the phosphate buffered system (Figure 6.8). As explained 

above, if the catalyst mediated O3 decay is completely inhibited in phosphate buffered 

solution due to the unavailability of surface sites, the measured O3 decay in phosphate 

buffered solution is via solution phase reactions even in the presence of catalyst. The 

significant inhibition of bulk O3 decay in the presence of catalyst is possibly due to 

scavenging of bulk •OH by Cu–Al LDHs/CuO with the catalysts outcompeting the 

scavenging of •OH by phosphate ions (mianly dihydrogen phosphate and hydrogen 

phosphate, weak •OH scavengers) resulting in slower O3 decay kinetics in the phosphate 

buffered system. In the carbonate buffered solution, however, due to rapid scavenging 

of bulk •OH by HCO3
−/CO3

2−, the scavenging of bulk •OH by Cu–Al LDHs/CuO is not 

important. 
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Figure 6.8 Measured O3 decay rate in the absence (circles) and presence of 0.06 g.L-1 

(in terms of CuO mass concentration) Cu–Al LDHs (squares) or CuO (triangles) in pH 

7.3 solution buffered using 1.3 mM phosphate (panel a) or 1.33mM carbonate (panel 

b). Symbols represent average experimental data; lines represent model results. 

6.3.2.2. Oxidation of organics by HCO  

A significantly lower rate of OA oxidation by HCO was observed in phosphate buffered 

solution compared to that observed in carbonate buffered solution (Figures 6.6c & d) 

which agrees with the observed influence of buffering ions on catalyst mediated O3 

decay (Figures 6.6a & b). As described in detail in chapter 5, the oxidation of OA in 

the presence of Cu–Al LDHs and CuO mainly occurs on the catalyst surface via 

interaction of surface oxalate complexes with surface located O3 and/or surface 

oxidants generated on O3 decay. Significant inhibition of O3 sorption and catalyst 

mediated O3 decay as well as lower adsorption of OA onto Cu–Al LDHs/CuO surface 

(Figure 6.9) because of blocking of surface sites decreases the rate and extent of OA 

oxidation in the phosphate buffered solution.  Note that the rate of OA oxidation by 

HCO using Cu–Al LDHs in borate buffer solution (Figure 6.10a), which has the same 

bulk •OH scavenging capacity as the phosphate buffer (Figure 6.4) but facilitates OA 

sorption (Figure 6.10b), is similar to that observed in carbonate buffered solution. This 

observation further supports the conclusion that the inhibition of OA oxidation by HCO 

in phosphate buffered solution is due to occupation of the surface sites by phosphate 
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ions inhibiting OA adsorption and concomitant oxidation and not due scavenging of 

bulk •OH by phosphate ions.  

 

Figure 6.9 Measured OA sorption in the presence of 0.6 g.L–1 (in terms of CuO mass 

concentration) Cu–Al LDHs (a) or CuO (b) at pH 7.3 buffered using 1.3 mM phosphate 

(squares) and carbonate (circles) solution. 

 

Figure 6.10 Measured OA oxidation (panel a) by HCO in the presence of 0.06 g.L–1 (in 

terms of CuO mass concentration) Cu–Al LDHs at pH 7.3 buffered using 5.0 mM 

borate (squares) and 1.3 mM carbonate (circles) solution. Measured OA adsorption 

(panel b) in the presence of 0.06 g.L–1 (in terms of CuO mass concentration) Cu–Al 

LDHs at pH 7.3 buffered using 5.0 mM borate (squares) and 1.3 mM carbonate (circles) 

solution. 

No difference in FA oxidation by HCO using Cu–Al LDHs was observed between 

carbonate and phosphate buffered solution (Figure 6.6e) which agrees with the 

mechanism of FA oxidation reported in the presence of Cu–Al LDHs in chapter 5. FA 

oxidation in the presence of Cu-Al LDHs mainly occurs in bulk solution via interaction 

with bulk O3 and •OH. Since no difference in the bulk oxidation of FA was observed 



172 

 

between phosphate and carbonate buffered solutions (Figure 6.1d), it is not surprising 

that no influence of buffers was observed in the catalytic system as well. In comparison, 

significantly lower FA oxidation by HCO using CuO was observed in phosphate 

buffered solution compared to carbonate buffered solution (Figure 6.6f). Since, in the 

case of CuO, FA oxidation mostly occurs on the surface of the catalyst via interaction 

with surface oxidants formed on O3 decay (see discussion in chapter 5), significant 

inhibition of catalyst mediated O3 decay (Figure 6.6b) as well as inhibition of FA 

sorption (Figure 6.11) accounts for the lower FA oxidation in phosphate buffered 

solution.  

 

Figure 6.11 Measured FA sorption in the presence of 0.6 g.L–1 (in terms of CuO mass 

concentration) Cu–Al LDHs (a) or CuO (b) at pH 7.3 buffered using 1.3 mM phosphate 

(squares) and carbonate (circles) solution. 

Overall, our results confirm that catalyst mediated ozone decay is inhibited in the 

presence of phosphate ions with this inhibition expected to have significant influence 

on the surface associated oxidation of organics. Moreover, the oxidation of organics in 

bulk solution may also be impacted as a result of the rapid scavenging of bulk •OH by 

the catalyst with this effect more prominent in phosphate buffered solution compared 

to carbonate buffered solution, particularly if the catalyst is present in excess and 

outcompetes organic – •OH interaction. Our results also show that the influence of 

buffers on HCO efficiency is not only dependent on the nature of the organics but also 
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the mechanism of oxidation of these organics during HCO. For example, the influence 

of buffers on FA oxidation in the presence of Cu–Al LDHs and CuO differs due to 

difference in the mechanism of oxidation of FA in the two systems. 

6.3.2.3 Kinetic Modelling  

We have extended the kinetic model developed in chapter 5 in carbonate buffered 

solution to predict the FA and OA oxidation in phosphate buffered solution during 

ozonation and HCO employing Cu–Al LDHs and CuO. Note that the same kinetic 

model was used to explain O3 decay and organic oxidation rates in carbonate and 

phosphate buffered solutions with changes made to the rate constant for certain 

reactions due to difference in reactivity of carbonate and phosphate ions. Detailed 

description of the kinetic model and justification of the rate constants used are provided 

below.  

(i) O3 self–decay  

Reactions 1-10 (Table 6.1) describe O3 self–decay (Figures 6.1a, 6.2 – 6.4) in carbonate 

and phosphate buffered solution. The rate constants for these reactions are well reported 

in the literature 98, 141, 151-155 and were used here. Note that the faster •OH scavenging by 

carbonate/bicarbonate ions (reaction 8, Table 1) compared to phosphate ions explains 

the difference in O3 self-decay kinetics in carbonate and phosphate buffered solution.   

(ii) Formate oxidation by ozonation 

Reactions 11 – 15 (Table 6.1) describes formate oxidation by ozonation as described in 

chapter 5. The rate constants were determined based on best–fit to the measured formate 

oxidation rate (Figure 6.1d and 6.12d). Carbonate radicals formed via scavenging of 
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•OH by carbonate/bicarbonate ions also contribute to FA oxidation; however, phosphate 

radicals formed on •OH-phosphate reaction do not play a role in FA oxidation.  

 

Figure 6.12 (a) Measured O3 ([O3]0 = 100.0 µM) self-decay kinetics at pH 8.5 buffered 

using phosphate (squares) and carbonate (circles) solution. Panels b, c and d represent 

the measured oxidation of p–CBA, OA and FA respectively on ozonation at pH 8.5 

with pH buffered using phosphate (squares) and carbonate (circles) solution. Symbols 

represent measured values; lines represent model results. Experimental conditions for 

p–CBA/FA oxidation: [O3]0 = 10.0 µM; [p–CBA]0/[FA]0 =1.0 µM. For OA oxidation: 

[O3]0 = 100.0 µM; [OA]0 =1.0 µM, [phosphate]0/[carbonate]0 = 2.0 mM 

(iii) Oxalate oxidation by ozonation 

Reactions 16 – 20 (Table 6.1) explains the oxalate oxidation by ozonation as described 

in chapter 5. As in the case of FA, while carbonate radicals oxidize OA, no involvement 

of phosphate radicals in OA oxidation was observed based on our experimental results.  

(iv)Catalyst mediated O3 decay using Cu-Al LDHs and CuO 
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The catalyst mediated O3 decay reactions in the presence of Cu–Al LDHs (reactions 21 

– 24, Table 6.1) and CuO (reactions 21A – 24A, Table 6.1) were described in detail in 

chapter 5. Briefly, O3 adsorbed onto the surface hydroxyl groups (reaction 21/21A) and 

was transformed into oxidants (reaction 22/22A; for Cu–Al LDHs surface •OH was 

produced). The oxidants and/or surface O3 are consumed by the catalysts (reactions 23 

– 24) with the rate constant for scavenging of oxidants by CuO higher compared to that 

determined for Cu – Al LDHs. The rate constants for catalyst mediated O3 decay were 

determined based on best–fit to the measured O3 decay rates in the presence of catalyst 

(Figure 6.6a and 6.7-6.8). Due to the occupation of surface hydroxyl sites by phosphate 

ions, the rate constant for catalyst mediated O3 decay and scavenging of oxidants by 

the catalysts in phosphate buffered solution are lower compared to the value used in 

carbonate buffered solution.  

(v) Formate/oxalate adsorption onto Cu-Al LDHs and CuO 

Reactions 25 – 26 (Table 6.1) describes FA /OA onto the surface hydroxyl sites of the 

catalysts with Cu–Al LDHs displaying higher affinity to FA/OA compared to CuO. The 

adsorption equilibrium constants of FA/OA were determined based on the adsorption 

data (Figure 6.7 and 6.11). Since phosphate can compete with the organics for the 

surface hydroxyl sites, the equilibrium constant for adsorption of FA/OA was lower in 

phosphate buffered solution compared to the value used in carbonate buffered solution.  

(vi) Formate oxidation by HCO in the presence of Cu-Al LDHs and CuO 

The reactions controlling FA/OA oxidation in the presence of Cu–Al LDHs and CuO 

were described in detail in chapter 5. As described, FA oxidation by HCO in the 

presence of CuO occurs via interaction with surface O3 (reaction 27, Table 6.1) and 

surface oxidant (reaction 28, Table 6.1). The rate constants for these reactions were 
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determined based on the measured FA oxidation rate in the presence of CuO (Figure 

6.6d). The rate constant for oxidation of FA on the CuO surface by surficial O3/surface 

oxidant was same in carbonate and phosphate buffered solution. The decrease in the 

rate and extent of FA oxidation in phosphate buffered solution was mainly due to the 

slower generation of oxidant and inhibition of FA adsorption in this system.  

As described in chapter 5, FA oxidation in the presence of Cu–Al LDHs mainly occur 

via interaction with bulk O3 and hydroxyl radicals (reactions 11 – 15, Table 6.1). Note 

that even though the reactions of surface oxidation of FA by surficial O3 and surface 

hydroxyl radicals (reactions 27 – 28, Table 6.1) are included here, these reactions do 

not play an important in FA oxidation in the presence of Cu–Al LDHs, at least at the 

conditions investigated here. 

(vii) Oxalate oxidation by HCO in the presence of Cu–Al LDHs and CuO 

The reactions controlling OA oxidation in the presence of Cu–Al LDHs and CuO was 

described in chapter 5. As discussed, OA oxidation occurs via surface O3 (reaction 30, 

Table 6.1) with some contribution from surface oxidant (reaction 31, Table 6.1). The 

rate constant for surface oxidation of OA for both CuO and Cu–Al LDHs was similar 

in carbonate and phosphate buffered solution. The inhibition of OA oxidation in 

phosphate buffered solution was mainly due to the slower generation of oxidant and 

oxalate adsorption.  

(viii) Scavenging of bulk •OH by Cu–Al LDHs and CuO 

Reaction 33 (Table 6.1) represent the scavenging of bulk •OH by catalysts. The rate 

constant for this reaction is based on the best-fit to measured catalyst mediated O3 decay 

in phosphate buffered solution (Figure 6.6b). 
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Table 6.1 Kinetic model for ozone decay, formate and oxalate oxidation by HCO in the 

presence of Cu–Al LDHs and CuO in carbonate and phosphate buffer. 

No Reaction 
Rate constant in 

 carbonate buffer 

Rate constant in 

 phosphate buffer 
Ref. 

Ozone self–decay reactions 

1 O3 + OH– → HO2
• + O2

•– 1.0×102 1.0×102 151 

2 O3 + H2O2/HO2
– → HO3

• + O2
•– 1.7×102 a 1.7×102 a 152 

3 O3 + O2
•– → HO3

• + O2 1.5×109 1.5×109 98 

4 HO3
•/O3

•– →•OH + O2 1.4×105 b 1.4×105 b 151 

5 •OH + O3 → O2
•– + O2 1.0×108 1.0×108 151 

6 O3 + CO3
•– → H2CO3 + O2 1.0×105 1.0×105 153 

7 •OH + H2O2/HO2
– → H2O + O2

•– 2.7×107 a 2.7×107 a 98 

8 •OH + HCO3
–/ HPO4

2– → H2O + CO3
•–/ PO4

•– 8.2×106 c 5.0×104 c 55 

9 CO3
•– + H2O2/HO2

– → O2
•– + H2CO3 4.3×105 a 4.3×105 a 154 

10 CO3
•– + CO3

•– → CO4
2– + H2CO3 2.0×107 2.0×107 155 

Formate oxidation by ozonation 

11 HCOO– + O3 → HCO3
– + HO3

– 70.0
 

70.0
 

140 

12 HCOO– + O3 → CO2
•– + HO3

• 30.0 30.0 3, 143 

13 HCOO– + CO3
•– →CO2

•– + HCO3
– 1.5×105 - 147 

14 HCOO– + •OH → CO2
•– + H2O 3.2×109 3.2×109 141 

15 CO2
•– + O2 → O2

•– + HCO3
– 4.2×109 4.2×109 124 

Oxalate oxidation by ozonation 

16 C2O4
2– + O3 → C2O4

•– + HO3
– 0.04

 
0.04

 
123 

17 C2O4
2– + O3 → C2O4

•– + HO3
• 0.04 0.04 216 

18 C2O4
2– + CO3

•– →C2O4
•– + HCO3

– 6.0×104 -  

19 C2O4
2– + •OH → C2O4

•– + H2O 7.7×106 7.7×106 141, 201 

20 C2O4
•– → CO2

•– + HCO3
– 1.0×109 1.0×109  

Catalytic O3 decay using Cu–Al LDHs 

21 O3 + ≡ ⇌ ≡ O3 K =15×101 d,e K =15×101 d,e In chapter 5 



178 

 

22 ≡ O3 →≡•OH  5×10-3 1.5×10-3 In chapter 5 

23 ≡ O3 + ≡→ NRP + ≡ f 3.0 1.0 In chapter 5 

24 ≡
•
OH  + ≡ → NRP + ≡ f 1.0×106 3×105 In chapter 5 

Catalytic O3 decay using CuO 

21A O3 + ≡ ⇌ ≡ O3 K =4.0×103 d,e K =4.0×103 d,e In chapter 5 

22A  ≡ O3 → ≡ Ox 1.0×10-1 1.0×10-3 In chapter 5 

23A ≡ O3 + ≡ → NRP + ≡ f 500.0 5.0 In chapter 5 

24A ≡ Ox + ≡ → NRP + ≡ f 5.0×105 5.0×105 In chapter 5 

FA/OA sorption on Cu–Al LDHs surface 

25 HCOO– + ≡ ⇌ ≡HCOO– 3.5×102 d,e 7.0×101 d,e In chapter 5 

26 C2O4
2– + ≡ ⇌ ≡C2O4

2– 2.0×103 d,e 2.0×102 d,e In chapter 5 

FA/OA sorption on CuO surface 

25A HCOO– + ≡ ⇌ ≡HCOO– 1.0×102 d,e 1.0×101 d,e In chapter 5 

26A C2O4
2– + ≡ ⇌ ≡C2O4

2– 5.0×102 d,e 5.0×101 d,e In chapter 5 

FA oxidation by HCO using Cu-Al LDHs/CuO 

27 ≡ HCOO– + ≡ O3 → CO2 + HO3
– + ≡ 4.0×101 g 4.0×101g In chapter 5 

28 ≡ HCOO– + ≡
•
OH  / ≡ Ox → ≡ CO2

•– + ≡ 1.0×109 g 1.0×109 g In chapter 5 

29 ≡ CO2
•– + O2 → CO2 + ≡ O2

•– 1.0×109 g 1.0×109 g In chapter 5 

OA oxidation by HCO using Cu–Al LDHs/CuO 

30 ≡ C2O4
2– + ≡ O3 → ≡ C2O4

•– + HO3
– + ≡ 1.0×106 1.0×106 In chapter 5 

31 ≡ C2O4
2– + ≡

•
OH  / ≡ Ox → ≡ C2O4

•– + ≡ 1.0×109 g 1.0×109 In chapter 5 

32 ≡ C2O4
•– → CO2 + ≡ CO2

•– 1.0×109 1.0×109 In chapter 5 

Scavenging of bulk •OH by catalyst 

33 ≡ + •OH → ≡ + H2O 1.0×107
, 1.0×109 h,i 1.0×107

, 1.0×109 h In chapter 5 

a calculated value at pH 7.3 using the reported rate constant for H2O2/HO2
− and the mole fraction of 

H2O2/ HO2
− at pH 7.3. 

b calculated value at pH 7.3 using the reported rate constant for HO3
•−/O3

•−and the mole fraction of 

HO3
•−/O3

•− at pH 7.3. 
c calculated value at pH 7.3 using the reported rate constant for H2CO3/HCO3

− /CO3
2− and the mole 

fraction of for H2CO3/HCO3
− /CO3

2− at pH 7.3. 
d based on surface site concentration of 1.7 mmoles.g-1 CuO in Cu–Al LDHs and CuO 
eK represents the ratio of the forward adsorption rate constant and back desorption rate constant 
f
 NRP represents non-reactive product 

g rate constants are not well constrained by our experimental results since these reactions are not 

important 
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h1.0×107 for Cu-Al LDHs and 1.0×109 for CuO. 
i rate constant is not well-constrained since this reaction is not important in carbonate buffered solution. 

 

As shown in Table 6.1, employing a lower rate constant for scavenging of •OH by 

phosphate ions (mainly dihydrogen phosphate and hydrogen phosphate) compared to 

HCO3
−/CO3

2− (reaction 8, Table 6.1) explains the difference in the ozone self-decay 

kinetics in the phosphate and carbonate buffered systems. The rate constant for 

scavenging of •OH by phosphate ions and HCO3
−/CO3

2− used here agrees with the 

values reported in earlier studies.98, 141, 143 The difference in the rate constants for 

scavenging of •OH by buffering ions also explains the faster kinetics of FA oxidation 

in the phosphate buffered solution. Furthermore, our modelling results clearly 

demonstrate that carbonate radicals formed on scavenging of •OH by HCO3
−/CO3

2− play 

an important role in FA and OA oxidation (reactions 13 and 18, Table 6.1). For HCO, 

the lower rate constant for catalyst mediated O3 decay (reactions 23 and 24, Table 6.1) 

as well as lower sorption of OA (reaction 25, Table 6.1)/ FA (reaction 26, Table 6.1) 

on the catalyst surface in the phosphate buffered solution accounts for the difference in 

the O3 decay rate as well as OA/FA oxidation rate by catalytic ozonation in the two 

buffer systems. 

As shown in Figures 6.1 – 6.4, 6.6 – 6.9 and 6.11 – 6.13, the kinetic model presented 

here describes our experimental results in both carbonate and phosphate buffered 

solution very well. Using the kinetic model presented here, we also predicted the 

influence of buffering ions on OA oxidation for a wide range of organic and buffer 

concentrations. To predict the influence of buffers on the efficacy of ozonation and 

HCO for organics oxidation, we simulate results in a continuous flow reactor with a 

hydraulic retention time of 60 min in which a constant dissolved O3 concentration of 

100.0 µM is maintained via continuous sparging of gaseous ozone since this setup is 
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more representative of real conditions. Note that we show the results for OA oxidation 

only since no influence of buffering ions is observed on FA oxidation with complete 

removal of FA observed under all conditions investigated. As shown in Figure 6.13, the 

influence of buffers on ozonation efficiency is quite variable with higher OA removal 

observed in carbonate buffered solution compared to phosphate buffered solution at 

higher buffer concentration. In contrast, the oxidation of OA is higher in phosphate 

buffered solution at lower buffer concentration and lower organic concentration. At 

higher buffer concentration, significant scavenging of •OH by buffering ions occur. 

While the carbonate radicals formed in carbonate buffered solution via •OH scavenging 

contribute to OA oxidation, phosphate radicals formed in phosphate buffered solution 

cannot oxidize OA and hence lower OA oxidation is observed in phosphate buffered 

solution. During HCO employing Cu–Al LDHs, OA oxidation is lower in phosphate 

buffered solution for all OA and buffer concentrations due to inhibition of surface 

mediated reactions in the presence of phosphate ions.  
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Figure 6.13 Model predicted OA oxidation under varying OA and buffer concentration. 

Panels a and b show the OA oxidation during ozonation process at pH 7.3 in carbonate 

and phosphate buffered solution respectively. Panels c and d show the OA oxidation 

during HCO process using Cu–Al LDHs at pH 7.3 in carbonate and phosphate buffered 

solution respectively. Note that for these predictions [O3]ss =100.0 µM was used. The 

z-axis shows the % OA removal observed in carbonate buffered and phosphate buffered 

after 60 min of reaction time. 

6.4 Conclusions 

Our results clearly demonstrate that the nature of the buffering ions present has a 

significant influence on ozone decay kinetics during ozonation due to the differing •OH 

scavenging capacity of particular buffering ions. Thus, caution should be exercised in 

comparing O3 decay data obtained in different buffering solutions. The difference in 

the O3 decay rates significantly affects the kinetics of organic oxidation, however, has 

no influence on the overall extent of organic oxidation by ozonation unless the relative 

rate of organic oxidation by bulk •OH is small compared to overall scavenging of •OH 
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by buffering ions. However, in flow systems, where wastewaters have limited residence 

time in the reactor, the influence of buffering ions on the kinetics of organic oxidation 

will be key determinant of the efficacy of the oxidation process.  Our results further 

highlight that carbonate radicals are involved in oxidation of low molecular organic 

acids (i.e., FA and OA) however the oxidation of these organics by phosphate radicals 

appears to be unimportant. This is an important insight since in most of the earlier 

studies 51, 234 it is assumed that •OH scavenging by carbonate ions decreases the 

oxidation efficiency of organics however this may not be the case if the target organics 

are reactive towards carbonate radicals. The presence of phosphate ions also affects the 

surface chemistry of the catalyst inhibiting catalyst mediated O3 decay and organic 

sorption and hence is likely to have a significant impact on the surface oxidation of 

organics by HCO. Thus, the catalytic performance of a catalyst may be underestimated 

if measured in phosphate buffered solution, particularly if surface reactions are 

prominent. Our results clearly show that the influence of buffering ions on the oxidation 

efficiency of organics is not only dependent on the nature of the organics but also the 

mechanism of the catalytic ozonation process. While we have performed detailed 

investigation of influence of buffers on the ozonation and HCO performance at pH 7.3 

here, similar results on O3 decay and oxidation of organics were observed at pH 8.5 as 

well (Figure 6.12) with these results supporting the conclusion that the influence of 

buffering ions determined here is valid for a wide range of pHs in the circumneutral pH 

range. Overall, the mechanistic insights into the influence of buffering ions on ozone 

decay and associated sorption and oxidation of organics presented here are critical to 

proper understanding of the efficacy of the ozonation and HCO processes.  
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Chapter 7 Influence of salinity on the heterogeneous 

catalytic ozonation process: Implications to treatment 

of high salinity wastewater  

Some of the material in this Chapter has been drawn from a recent publication,235 which 

has been acknowledged and detailed in the ‘inclusion of publications statement’ for this 

thesis. 

7.1 Introduction 

The coal chemical industry (CCI) produces large amounts of wastewater containing 

highly toxic and refractory organic compounds, including phenolic, heterocyclic and 

low molecular weight neutral organics.236-238 The disposal of coal chemical wastewater 

(CCW) poses a serious challenge around the world. Recently, multi-stage reverse 

osmosis (RO) has been used for the treatment of CCW with this process capable of 

producing desalinated effluents that are suitable for internal reuse in production and 

cooling. However, this practice inevitably results in the accumulation of salts and 

refractory organic matter in the RO membrane concentrate (ROC). Heterogeneous 

catalytic ozonation (HCO) has shown promising results for the treatment of ROC from 

the coal chemical industry.239-242 However, large amounts of salts (particularly Na+, 

Cl− and SO4
2− salts) in ROC may potentially impact the efficacy of the HCO process as 

a result of scavenging of O3 
243 and bulk and/or surface hydroxyl radicals formed on O3 

decay by Cl− and/or SO4
2− forming less reactive and more selective oxidants (Cl•, Cl2

•−, 

ClO• and SO4
•−).244, 245 Furthermore, deposition of salts on the catalyst surface has been 

reported to decrease the specific surface area of catalyst,246, 247 hindering the 

performance of HCO. In contrast, in some other studies no  influence of  Cl− was 
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observed on organic oxidation in the presence of a variety of catalysts such as MnO2, 

MgO, molecular sieve and Fe3O4 loaded PAC.248-251 Based on the discussion above, 

understanding and quantification of the severity of the “salt effect” on HCO 

performance is required  before application of HCO for treatment of CCW.  

In this chapter, we investigate the influence of salts on the performance of both 

conventional ozonation and catalytic ozonation processes for treatment of ROC 

obtained from CCI. The pH of a variety of CCI concentrates was determined to be 

largely circumneutral with Na+ being the dominant cation and Cl− and SO4
2– being the 

dominant anions (see Table 7.1). Furthermore, liquid chromatography–organic carbon 

detection (LC–OCD) analysis of a variety of CCI concentrate samples showed that 

humic-like substances and low molecular weight (LMW) neutral compounds (such as 

alcohols, aldehydes and ketones) were the dominant organic components in all CCI 

concentrates (see Figure 7.1). Hence, synthetic wastewater prepared using a mixture of 

humic acid (HA) and TBA (a representative LMW neutral compound) at circumneutral 

pH was used for investigating the influence of salts on conventional ozonation and HCO 

performance. We chose to use synthetic wastewaters rather than real CCI concentrate 

since the salinity of the synthetic wastewaters can be readily varied over the range of 

concentrations of major interest (i.e., from very low concentrations to concentrations 

representative of the highest concentrations experienced in real concentrates). In this 

way, proper controls (with low salt concentration) can be undertaken with results 

obtained in increasing salt concentration compared. The TOC concentration and Cl− 

and SO4
2–  of the synthetic wastewater were comparable to that of CCI concentrate 

obtained from a coal gasification wastewater treatment plant in China (Xintian) as 

shown in Table 7.1. The method for parameter test in table 7.1 was provided as below. 

The wastewater was filtered with 0.45μm membrane and the remaining solids after 
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evaporation were measured as the dissolved solids. TOC and soluble COD were 

quantified in the filtered (0.45μm) wastewater samples. Alkalinity is measured by 

alkalinity meter. Na+ is measured by flame atomic adsorption spectrophotometry. Cl– 

and SO4
2– were measured by ion chromatography. Ion strength is measured by ion 

strength meter. LC and GC are performed by Agilent LC and GC systems. 

Note that we use TBA as the representative LMW neutral compound in these studies 

since the COD and TOC removal during ozonation of TBA containing synthetic 

wastewater and COD/TOC removal for LMW neutrals in real CCI concentrates was 

comparable.252 Furthermore, RO membranes used in coal chemical wastewater 

treatment are expected to exhibit a very high rejection (99%) for LMW alkanes such as 

TBA, resulting in their accumulation in the concentrate. Thus, the LMW neutral 

compounds in CCI concentrates are expected to have structure similar to TBA making 

TBA a reasonable representative of LMW neutral compounds present in CCI 

concentrates.  

Based on our results, we provide important insights into the influence of salts on the 

conventional ozonation and catalytic ozonation processes. We have also developed a 

mathematical kinetic model which can predict “salt effect” on the ozone decay and 

oxidation of oxalate under a range of conditions by both conventional ozonation and 

catalytic ozonation process.  

 

 

 

 



186 

 

 

 

Table 7.1 Composition of real CCI concentrates and synthetic wastewater employed in 

this study. 

Items Unit Real wastewater 
Synthetic 

wastewater 

pH  7.8 − 8.0 8.3 

Ionic Strength M NA 0.21 

Dissolved solids mg/L 8208 ± 1895 12425 

TOC mg/L 41.2±1.0 33  

Soluble COD mg/L 112 ± 30 100 

Alkalinity  mg/L as CaCO3 203 ± 11 200  

Na+ mg/L 2138 ± 788 4290 

Cl− mg/L 1640 ± 338 2427 

SO4
2− mg/L 4455 ± 1190 5679 

Note that there are other cations with concentration below 200 mg/L present in the real wastewater such 

as Mg2+, Ca2+ and K+ which are not listed.  

 

Figure 7.1 LC–OCD analysis of the organic components of various CCI concentrate 

samples (adapted from Kong et al.252 CCW1 represents coking wastewater samples 

from the Qian-an treatment plant, CCW2 and CCW3 represents the RO concentrate 

from a coal gasification wastewater treatment plant (Xintian), CCW4 represents 

another RO concentrate sample from a treatment facility for coal gasification 



187 

 

wastewater.CCW5 represents a combined stream of concentrates from the ion exchange 

and RO units used for treatment of methanol synthesis wastewater (Zhongmei 

Yuanxing), which was further treated using coagulation and ultrafiltration prior to 

collection. 

7.2 Experimental Methods 

7.2.1 Reagents 

All experiments were performed at a constant pH of 8.3 or 4.0 with a maximum pH 

variation of ± 0.3 units observed during experiments. In the case of studies at pH 8.3, 

solutions were maintained at this pH by NaHCO3 buffered solutions as described in 

chapter 3. For pH 4.0 studies, 0.1 mM HNO3 solution was used as the buffer solution. 

We have used Aldrich humic acid as the representative of humic substances present in 

the CCI concentrates.  A 1.0 g/L stock solution of HA sodium salts was prepared in 

MQ water and filtered using 0.22 µm PVDF filters (Millipore) prior to use. The TOC 

of the filtered HA stock solution was around 220 mg L−1 with pH of 9.0. A 1.1 M stock 

solution of TBA was prepared in MQ by dilution of 10.5 M TBA solution. A 20.0 mM 

stock solution of oxalate (C2O4
2−) was prepared in MQ water by dissolution of 268.0 

mg sodium oxalate in 100 mL of MQ. A 1.3 mM stock solution of coumarin was 

prepared in MQ water. Gas phase ozone was produced from an ozone generator (T4000, 

5.0 g L−1, Oxyzone Pty Ltd, Australia) with pure oxygen used as the gas source. The 

preparation of O3 stock solution and 1.0 mM indigo solution were described in chapter 

3. Synthetic wastewater was prepared using a mixture of 20.0 mg C/L HA, 13.0 mg 

C/L TBA (total TOC = 33 mg/L and total COD = 60 mg/L), 4.0 g/L NaCl and 8.4 g/L 

sodium sulphate at pH 8.3 in 2.0 mM NaHCO3 solution. To determine the influence of 

salts on the performance of the ozonation and catalytic ozonation processes, control 

experiments were performed using solutions containing 20.0 mg C/L HA and 13.0 mg 

C/L TBA at pH 8.3 in 2.0 mM NaHCO3 solution. Additional experiments were also 
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performed using synthetic wastewaters containing varying concentrations of NaCl or 

Na2SO4 to determine the influence of varying salt concentration on the ozonation and 

catalytic ozonation processes. To test the influence of cations, synthetic wastewaters 

containing 20.0 mg C/L HA, 13.0 mg C/L TBA (total TOC = 33 mg/L and total COD 

= 60 mg/L), 0.5 g/L MgCl2, 3.4 g/L NaCl and 8.4 g/L sodium sulphate at pH 8.3 in 2.0 

mM NaHCO3 solution was used. Note that higher MgCl2 concentrations were not 

investigated here since Mg2+ precipitates as MgCO3 precipitates above 0.5 g/L at pH 

8.3. 

7.2.2 Catalyst Characterization 

The Fe–loaded Al2O3 catalyst was provided by the Coal Chemical Research Institute 

(CCRI, China) using a proprietary preparation procedure. Upon receipt, the catalyst 

was prewashed with MQ water and then dried at 60ºC prior to use. To characterise the 

surface properties and composition of the catalyst, SEM–EDX (FEI Nova NanoSEM 

230 FE–SEM) was performed. Catalysts were also characterized using XRD 

(Empyrean II XRD Diffractometer, Malvern Panalytical). The pHpzc was measured 

using acid–base titration.179 

7.2.3 Organic characterization 

The concentration of organics present in synthetic wastewater was quantified using total 

organic carbon (TOC) and chemical oxygen demand (COD) measurement. TOC and 

COD were measured using a Shimadzu TOC analyser and Hach COD reactor 

respectively. Note that the presence of Cl− and SO4
2− did not interfere with the COD 

measurement with similar COD calibration curves obtained in the absence and presence 

of salts (see Figure 7.2) at the salt concentrations used here. LC–OCD (DOC Labor, Dr. 

Huber, Germany) analysis of the raw and treated wastewaters was performed to identify 
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the dominant organic components in raw/treated wastewater in the absence and 

presence of salts using pH 6.85 phosphate buffer as the mobile phase. Note that in LC–

OCD, the fractionation is based on steric interaction over a wide range of molecular 

weights.253 LC–OCD separates DOC into five different fractions that are routinely 

referred to as biopolymers (MW > 20000 g·mol−1), humic substances (MW ≈ 50 to 

1000 g·mol−1), building blocks (MW ≈ 300−500 g·mol−1), low molecular weight 

(LMW) acids (MW < 350 g·mol−1) and LMW neutrals (MW < 350 g·mol−1). The sum 

of these five fractions is termed as chromatographable DOC. The hydrophobic DOC 

content was also calculated based on the difference between measured DOC and 

chromatographable DOC. The fractionation of HA into hydrophilic and hydrophobic 

fractions in the absence and presence of salts was also performed using XAD resin 

adsorption techniques as reported earlier.254, 255 Briefly, 0.5 L of 33.0 mg C/L HA 

solution at pH 2.0 with and without salts was passed sequentially through XAD–7HP 

and XAD–4 resins. The organics eluted from the resin represents the hydrophilic 

fraction (HPI). Subsequently, XAD–7HP and XAD–4 resin were back–eluted with 100 

mL of 0.1 M NaOH to desorb the retained organics in each column. Organic compounds 

retained by the XAD–7HP resin represents the hydrophobic fraction (HPO) while those 

retained by the XAD–4 resin corresponds to transphilic fraction (TPI). Note that while 

XAD resin adsorption techniques measure various fractions of organics for an acidic 

humic solution (pH 2), LC-OCD fractionation was performed at the in-situ pH of the 

wastewater samples (i.e pH 8.3) and hence quantitative comparison of various organic 

fractions from the two methods may not be correct. However, both these methods can 

be used for qualitative comparison of the changes in organic fractionation in the absence 

and presence of salts. 



190 

 

 

Figure 7.2 COD calibration curve in the absence and presence of salts. 

7.2.4 Measurement of oxidation of organics 

Oxidation of the organic compounds present in synthetic wastewater by conventional 

ozonation and catalytic ozonation was carried out in a semi-batch system (as shown in 

chapter 3). Note that as 10 mL of sample is withdrawn each time, the volume of 

wastewater in the reactor decreases over time. This decrease in the wastewater volume 

will have some influence on the kinetics of oxidation of organics, particularly during 

the later stages of the experiment. However, since all the experiments investigating the 

influence of salts on TOC/COD removal were conducted under the same conditions 

with same sampling volume, any difference in the TOC/COD removal observed in the 

absence and presence of salts is expected to be related to the “salt effect” and not due 

to the changes in the wastewater volume. 

The same experimental setup was used for examination of the oxidation of HA, TBA 

and C2O4
2− solutions individually.  The removal of HA and TBA was quantified by 

measuring the TOC and COD of the samples that were periodically removed from the 

reaction vessel. In the case of TBA, the decrease in TBA concentration and various 

oxidation products formed after 1 h of reaction were also measured by gas 

chromatography-mass spectrometry (GC–MS) employing the method described by 
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Dorubet et al.256 An Agilent mass spectrometer interfaced to a gas chromatograph (GC) 

and headspace sampler was operated in electron impact GC–MS mode, scanning m/z 

34 – 320 at a rate of 4.9 scans/sec for all analyses. The removal of C2O4
2− was quantified 

by measuring the C2O4
2− concentration remaining overtime. The C2O4

2− concentration 

was measured using high performance liquid chromatography (HPLC, Agilent 1200 

series, USA) employing 10.0 mM H3PO4 (20%) and acetonitrile (80%) at a flow rate 

of 1.0 mL/min as the mobile phase.   

7.2.5 Measurement of ozone dissolution 

The measurement of O3 dissolution was performed in the semi-batch system shown in 

chapter 3. The volume of the synthetic wastewater was fixed at 150 mL (note that the 

addition of organics was omitted in these experiments to minimize decay of O3 due to 

interaction with organics). The flow rate of the gas sparged into the wastewater was 

controlled at 60.0 ± 0.5 mL/min with a gas-phase ozone concentration of 51 mg/L. At 

predetermined time intervals (i.e., 10, 20, 30, 40, 60 and 120 min), 1 mL of sample was 

withdrawn from the reactor and the dissolved O3 concentration was measured using the 

indigo method as described in chapter 3.107 

7.2.6 Measurement of ozone decay 

The measurement of O3 decay was conducted in batch mode as described in detail in 

chapter 3. Note that the measurement of O3 decay was performed in batch–mode using 

a fixed concentration of dissolved O3 rather than in semi-batch mode to avoid any 

influence of changes in O3 dissolution with variation in the solution conditions. For 

measurement of catalyst-mediated O3 decay, a known volume of ozone stock solution 

was spiked into the air-tight reactor containing pH 8.3 or pH 4.0 buffer solution, 20.0 

g/L catalyst, 4.0 g/L NaCl and 8.4 g/L Na2SO4. For measurement of O3 self-decay, the 
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experiment was performed in the absence of catalyst. Subsequently, 1.0 mL of sample 

was withdrawn at regular time intervals and the residual ozone concentrations in the 

sample was measured using the indigo method.107 To determine the influence of salts, 

control experiments (for both catalyst mediated O3 decay and O3 self–decay) were 

performed in pH 8.3 (2.0 mM NaHCO3) or pH 4.0 (0.1 mM HNO3) solution in the 

absence of salts.  

7.2.7 Fluorescence microscopy image analysis 

We used fluorescence microscopy image analysis to measure the generation of surface 

associated •OH during HCO using coumarin as the probe. The detailed method was 

described in chapter 5. For measurement, 100.0 µM of dissolved O3 was added to pH 

8.3 buffer solution containing 0.1 g/L of ground catalyst, 4.0 g/L NaCl and 8.4 g/L 

Na2SO4. Note that ground catalyst was used in these experiments to enhance the 

adsorption of coumarin on the catalyst surface.  

7.2.7 Kinetic modelling 

Kinetic modelling of ozone decay and oxalate oxidation was performed employing the 

software package Kintecus 257 by extending the kinetic model for ozone self–decay and 

oxalate oxidation described in chapter 4 and chapter 5 respectively .  

7.3 Results and Discussion 

7.3.1 Catalyst characterization 

Figure 7.3 shows the morphology and elemental distribution of the catalyst. As shown, 

the catalyst is mainly composed of Al, Mn and Fe oxides with Al: Mn: Fe mass 

concentration ratio of ~ 31.3:2.5:17.8. The cross–sectional analysis of the catalyst using 

SEM–EDX shows that elements are distributed throughout the catalyst structure and 
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the catalyst is not of core-shell structure. The XRD patterns reveal the presence of 

hematite (01–084–9870), Al2O3 (00–046–1131) and MnO2 (04–009–8106) which 

correlate well with the elements detected by SEM–EDX. The pHpzc of the catalyst was 

around 8.4 indicating that the catalyst surface should be slightly positively charged at 

pH 8.3.  
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Figure 7.3 Secondary electron image (a), element map of Al, Fe, Mn and O (panels b-

e) and EDX spectrum (f) of catalyst using SEM-EDX.  Panel g shows the XRD 

spectrum of the catalyst. Panel h shows surface charge as function of pH. Experimental 

conditions for surface charge measurement: [catalyst]0 = 10.0 g L-1 in 0.1 M NaNO3. 
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7.3.2 Mechanism of catalytic ozonation in the absence of salts 

In order to gain insights into the effect of salts on the catalytic ozonation process, it is 

firstly necessary to understand the mechanism of catalytic ozonation process in the 

absence of salts. Thus, we investigated the mechanism of the catalytic ozonation prior 

to investigating the influence of salinity on the process. To probe the mechanism of 

catalytic ozonation in the absence of salts, we measured the oxidation of C2O4
2−, an 

ozone resistant compounds 258 which has a well-defined oxidation pathway and results 

in formation of CO2 and H2O as the only products. As can be seen in Figure 7.4, the 

rate and extent of C2O4
2− oxidation in the presence of the catalyst is higher than that 

measured in the absence of the catalyst suggesting that the catalyst facilitates generation 

of oxidants (such as •OH) that are capable of oxidizing C2O4
2−.  Our results further 

show that complete inhibition of C2O4
2− oxidation was observed in the presence of TBA 

(a bulk •OH scavenger 80 confirming that the oxidation of C2O4
2− occurs in the bulk 

solution.  Due to short lifetime of •OH, it is also possible that the oxidation of C2O4
2− 

occurs in the interfacial boundary layer with •OH present in this region as a result of 

diffusion from the surface. Although TBA has a weak affinity for the catalyst surface,259, 

260 it may scavenge the •OH present in the interfacial region. Overall, it appears that O3 

decays on the catalyst surface forming surface–located •OH which then diffuse away 

from the surface and interact with organic compounds present in the interfacial 

boundary layer and/or bulk solution. The strong fluorescence signals corresponding to 

7–HC on the surface of catalyst (Figure 7.5) confirms the generation of surface •OH 

resulting from O3 and catalyst interaction. However, the contribution of surface 

associated •OH in oxalate oxidation is minimal due to low surface affinity of oxalate. 
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Figure 7.4 Oxidation of C2O4
2− in the absence (circles) and presence of 10.0 mM TBA 

(squares) by catalytic ozonation.  Symbols represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 

Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0 ±0.5 mL/min, reactor 

volume =150 mL, [C2O4
2−] = 2.75 mM, [catalyst]0 = 20.0 g/L. 

 

Figure 7.5 Fluorescence images of catalysts following 1 h reaction with O3 and 

coumarin at pH 8.3. Experimental conditions: [O3]0 = 100.0 µM, [catalyst]0 = 0.1g L−1, 

[coumarin]0 =10.0 µM. Note that we used ground catalyst for these measurements. 

7.3.3 Influence of salts on the catalytic ozonation process 

7.3.3.1 COD and TOC removal on oxidation of synthetic wastewater  

As shown in Figure 7.6, 33.1±3.7% and 41.1±5.5% of TOC and COD were removed 

respectively following 60 mins of conventional ozonation of the synthetic wastewater 

with no added salts. Furthermore, the presence of salts (Na+, Cl− and SO4
2−) had no 

influence (p> 0.05 using single tailed student’s t-test) on the TOC and COD removal 
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by conventional ozonation (Figure 7.6a and 7.6c). During catalytic ozonation of the 

synthetic wastewater in the absence of added salts (other than the NaHCO3 buffer), 

higher COD removal (72.0±6.1%) was achieved (Figure 7.6d) over the same time 

period compared to that observed during the conventional ozonation process 

(41.1±5.5%) with these results suggesting that the catalyst is effective in enhancing the 

oxidation of the organic compounds present (i.e., HA and TBA). However, the presence 

of salts inhibited COD removal by the catalytic ozonation process with the COD 

removal in high salinity waters (39.5±5.9%; Figure 7.6d) similar to that measured 

during the conventional ozonation process. No influence of salts on TOC removal by 

catalytic ozonation was observed (Figure 7.6b). This lack of influence of salts on TOC 

removal but significant influence on COD removal suggests that while the total carbon 

mineralized in the absence and presence of salts is similar, different intermediate 

oxidation products are formed with these products exhibiting differing susceptibility to 

attack by the dichromate oxidant used in COD measurement. This hypothesis agrees 

with the difference in the organic fractions present following oxidation of synthetic 

wastewaters by the catalytic ozonation process in the absence and presence of salts 

(Figure 7.7). As shown, while compounds classified as “building blocks” are the main 

fraction remaining following treatment in the absence of salts, LMW neutral 

compounds are the dominant organic fraction remaining in the presence of salts with 

this difference in the nature of the oxidation products responsible for the difference in 

the COD measurements. We would also like to highlight that at the salt concentration 

investigated here (i.e., 4g/L NaCl and 8.4 g/L Na2SO4), the observed effect of salts on 

COD removal during catalytic ozonation is due to the presence of chloride ions since 

(i) the observed COD removal in the presence of chloride ions alone is similar to that 

observed in the presence of chloride and sulphate ions and (ii) no significant influence 
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of sulphate ions was observed on COD removal (Figure 7.8). However, increasing the 

sulphate ion concentration to ≥ 20 g/L causes slight inhibition of COD removal 

following oxidation by catalytic ozonation (Figure 7.9a). In contrast, increasing the 

chloride ion concentration beyond 2 g/L did not result in further inhibition of COD 

removal (Figure 7.9b). No influence of higher chloride and/or sulphate concentration 

was observed on TOC removal. Our results further show that higher adsorption of 

untreated (HA and TBA) and treated organics on the catalyst surface was observed in 

the presence of salts (Figure 7.10) with this effect most likely a result of compression 

of the electric double layer (EDL), thereby facilitating adsorption of organics to the 

catalyst surface. This observation confirms that the decrease in COD removal in the 

presence of salts during the catalytic ozonation process is not due to inhibition of 

sorption of organics on the catalyst surface. 
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Figure 7.6 Measured decrease in TOC (panels a & b) and COD (panels c & d) during 

conventional ozonation (panels a & c) and catalytic ozonation (panels b & d) of 

synthetic wastewater (20.0 mg C/L HA + 13.0 mg C/L TBA) in the absence (circles) 

and presence of salts (squares). Symbols represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 

Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate = 

51 mg/L, reactor volume = 150 mL, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4), [catalyst]0 

= 20.0 g/L. 
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Figure 7.7 Measured organic composition of raw (green bars) and treated synthetic 

wastewater (red bars) using catalytic ozonation in the absence and presence of salts. 

Bars represents the average of duplicate measurements; error bars represent the 

standard deviation of measurement. Experimental conditions: pH = 8.3, O3 gas flow 

rate = 60.0±0.5 mL/min, flow rate = 51 mg/L, reactor volume =150 mL; [Catalyst] = 

20 g/L; [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4; reaction time = 60 min. 
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Figure 7.8 Measured decrease in COD during catalytic ozonation of synthetic 

wastewater (20 mg C/L HA + 13 mg C/L TBA) in the absence (circles) and presence 

of 4.0 g/L NaCl (triangles), 8.4 g/L Na2SO4 (diamonds) and 4 g/L NaCl + 8.4 g/L 

Na2SO4 (squares). Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 

mL/min, flow rate = 51 mg/L, reactor volume =150 mL; [catalyst]0 =20.0 g/L. 

 

Figure 7.9 Measured decrease in COD during catalytic ozonation of synthetic 

wastewaters (containing 20.0 mg C/L HA + 13.0 mg C/L TBA) in the presence of 

varying sulphate concentration (a) and chloride concentration (b). Symbols represents 

the average of duplicate measurements; error bars represent the standard deviation of 

measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, 

flow rate = 51 mg/L, reactor volume =150 mL; [salt] = as specified in legend, [catalyst]0 

= 20.0 g/L. 
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Figure 7.10 Measured removal of organics in raw wastewater (a) and pre-ozonated 

wastewater (b) as a result of sorption on the catalyst surface. Experimental conditions: 

pH = 8.3, reactor volume =150 mL; [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4 ; [catalyst]0 

=20.0 g/L. 

We also measured the TOC and COD removal of HA and TBA solutions in order to 

determine the influence of salts on the oxidation of these organic compounds separately. 

As shown in Figure 7.11, slower COD removal of pure HA solution by both 

conventional ozonation and catalytic ozonation processes in the presence of salts was 

observed however no influence of salts on TOC removal was apparent. One important 

point to note here is that while COD is completely removed following the oxidation of 

HA for 1 h by the ozonation/catalytic ozonation process, a significant amount of TOC 

is still present (Figure 7.11) suggesting that some of the oxidation products of HA 

cannot be oxidized using the COD reagents. The trend of varying chloride and sulphate 

concentrations on TOC/COD removal of HA solution (Figures 7.12) is the same as that 

observed in the case of the synthetic wastewaters containing a mixture of HA+TBA 

(Figure 7.9); however, the effect of salts on oxidation of pure HA solution is more 

prominent. Slower COD removal of pure TBA solution was observed in the presence 

of salts during conventional ozonation and catalytic ozonation (Figure 7.13a and 7.13b) 

confirming that the rate of oxidation of TBA and/or its oxidation products is also 

influenced by salts. Measurement of TBA concentration after 1 h (Figure 7.13c) shows 



203 

 

that there was no influence of salts on TBA oxidation by conventional ozonation, 

however, significant influence (p> 0.05 using single tailed student’s t–test; 67.3±4.4% 

and 52.2±8.8% TBA removal in the absence and presence of salts, respectively) of salts 

on TBA removal by catalytic ozonation was observed suggesting that the influence of 

salts on the extent of TBA oxidation is unimportant in the case of conventional 

ozonation but is significant during the catalytic ozonation process.  As shown in Figure 

7.14, the same oxidation products (i.e., methanol, acetaldehyde, formaldehyde and 

acetone) are formed after 1 h of oxidation of TBA by conventional ozonation in the 

absence and presence of salts with this result in accord with the minimal difference 

observed in COD removal observed after 1h in the absence and presence of salts. 

During the catalytic ozonation process, there is a difference in the oxidation products 

formed with no formation of methanol observed in the absence of salts. Overall, these 

results show that the conventional ozonation process is also affected by the presence of 

salts, at least for organic compounds such as humic acids and TBA. Interestingly, while 

the influence of salts on the conventional ozonation process is not discernible when 

synthetic wastewater containing a mixture of TBA and HA is used, the effect of salts is 

quite evident when HA and TBA are treated separately by conventional ozonation.   
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Figure 7.11 Measured decrease in TOC (panels a & b) and COD (panels c & d) during 

conventional ozonation (panels a & c) and catalytic ozonation (panels b &d) of 33.0 mg 

C/L HA solution in the absence (circles) and presence of salts (squares). Symbols 

represents the average of duplicate measurements; error bars represent the standard 

deviation of measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 

60.0±0.5 mL/min, flow rate = 51 mg/L, reactor volume = 150 mL, [salt] = 4.0 g/L NaCl 

+ 8.4 g/L Na2SO4), [catalyst]0 = 20.0 g/L. 

 

Figure 7.12 Measured decrease in COD during catalytic ozonation of 33 mg C/L HA 

solution in the presence of varying sulphate concentration (a) and chloride 

concentration (b). Symbols represents the average of duplicate measurements; error 

bars represent the standard deviation of measurement. Experimental conditions: pH = 

8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate = 51 mg/L, reactor volume =150 

mL; [salt] = as specified in legend, [catalyst]0 = 20.0g/L. 
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Figure 7.13 Measured decrease in COD during conventional ozonation (a) and catalytic 

ozonation (b) of 33.0 mg C/L TBA solution in the absence (circles) and presence of 

salts (squares). Panel c shows the concentration of TBA remaining after 1 h of oxidation 

by conventional ozonation and catalytic ozonation process. Symbols represents the 

average of duplicate measurements; error bars represent the standard deviation of 

measurement. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, 

flow rate = 51 mg/L, reactor volume = 150 mL, [salt] = 4.0 g/L NaCl + 8.4 g/L Na2SO4, 

[catalyst]0 = 20.0g/L. 
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Figure 7.14 GC-MS spectrum of treated 33 mg C/L TBA solution. Experimental 

conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate = 51 mg/L, reactor 

volume =150 mL; [salt] = 4 g/L NaCl +8.4 g/L Na2SO4, [catalyst]0 = 20.0g/L; reaction 

time = 60 min. 

The decreased COD removal in high salinity waters is possibly due to: 

(i) Scavenging of bulk oxidants (O3 and hydroxyl radicals) by salt anions; 

(ii) Decrease in the dissolution of O3(g);  

(iii) Inactivation of active sites (for O3 decay) due to salt sorption; 

(iv) Alteration in the nature of the organics as a result of the presence of salts; 

(v) Scavenging of surface oxidants (i.e., surficial O3 and/or oxidants generated 

on catalyst–O3 interaction) by salts.  

Results from a variety of control experiments that were undertaken to ascertain the 

reasons for the inhibition of COD removal in the presence of salts are presented in the 

following sections. The studies undertaken included investigation of the impact of salts 

on O3 decay, O3 dissolution, raw and treated organic characteristics and catalyst 

structure. 

7.3.3.2 Influence of salts on ozone decay 
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As shown in Figure 7.15a, the rate of ozone self-decay slightly increases in the presence 

of salts. The slight increase in O3 decay in the presence of salts is possibly due to 

reaction of O3 with chloride ions (eqs. 7.1-7.4 243): 

     O3 + Cl– 
          
→   O2 +OCl–                                                                                          (7.1) 

O3 + OCl– 
          
→   2O2 +Cl–                                                                                        (7.2) 

O3 + OCl– 
          
→   O2 +ClO2

–                                                                                      (7.3) 

O3 + ClO2
– 
          
→   O2 +ClO3

–                                                                                     (7.4) 
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Figure 7.15 Measured O3 self–decay (a) and catalyst mediated O3 decay (b) in the 

absence (circles) and presence (squares) of salts. Experimental conditions: [O3]0 =100 

µM; [catalyst]0 = 20.0 g/L [salt] = 4.0 g/L NaCl and 8.4 g/L Na2SO4, pH = 8.3.  Panel 

c shows measured dissolved O3 concentration at O3 gas flow rate of 60.0±0.5 mL/min 

in the absence and presence of salts during conventional ozonation and catalytic 

ozonation. Symbols represents the average of duplicate measurements; error bars 

represent the standard deviation of measurement. Lines represents model values. 

Experimental conditions:  pH = 8.3, reactor volume =150 mL, flow rate = 51 mg/L, O3 

gas flow rate = 60.0±0.5 mL/min; [salt] = 4.0 g/L NaCl + 8.43 g/L Na2SO4, [catalyst]0 

= 20.0g/L. 

Combining the kinetic model developed for O3 self–decay in chapter 4 with the 

reactions shown in eqs. 7.1 – 7.4, we modelled the effect of salts on ozone self-decay 

(Table 7.2 and 7.3). As shown in Figure 7.15a, the slightly enhanced O3 decay in the 
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presence of salts can be explained by the reactions shown in eqs. 7.1 – 7.4. This futile 

decay of ozone via interaction with the chloride ions may have significant influence on 

the oxidation of organics during both the conventional ozonation and catalytic 

ozonation processes. Note that based on the kinetic model presented here, the 

scavenging of bulk hydroxyl radicals by salt anions is unimportant at pH 8.3 which 

agrees with the earlier report 261 and suggests that scavenging of bulk hydroxyl radical 

by salt anions is not responsible for the decrease in the conventional ozonation/catalytic 

ozonation performance in the presence of salts. 

Table 7.2 Reaction set and associated constants for ozone self–decay and catalyst 

mediated O3 decay in the absence and presence of salts. 

No Reaction 
Rate Constant (M-1·s-1) 

pH 8.3                      pH 4.0 

1 O3 + OH
−
          
→  HO2

• + O2
•− 70.0 70.0 

2 O3 +H2O2/HO2
−
          
→  HO3

• + O2
•− 1.7×103a 8.9×10-2a 

3 O3 + O2
•−
          
→  HO3

• + O2  1.5×109 2.1×108 

4 HO3
•/O3

•−           →  OH• + O2  6.3×104b 1.4×105b 

5 OH• + O3
          
→  O2

•− + O2  1.0×108 1.0×108 

6 CO3
•− + O3

          
→  H2CO3 + O2  1.0×105 1.0×105 

7 OH• + H2O2/HO2
−
          
→  H2O + O2

•− 3.2×107a 2.7×107a 

8 OH• + H2CO3/HCO3
−/CO3

2−
          
→  H2O+ CO3

•− 1.2×107c 1.1×106c 

9 CO3
•− + H2O2/HO2

−
          
→  H2CO3 + O2

•− 4.3×105a 4.3×105a 

10 CO3
•− + CO3

•−
          
→  H2CO3 + CO4

2− 2.0×107 2.0×107 

 O3 loss via interaction with salts262   

11 O3 + Cl
−           
→  OCl− + O2  3.0×10-3 3.0×10-4 

12 O3 + OCl
−           
→  Cl− + 2O2  1.1×102 1.1×102 

13 O3 + OCl
−           
→  ClO2

− + O2  3.0×101 3.0×101 

14 O3 + ClO2
−
          
→  ClO3

− +O2  4.0×106 4.0×106 

Bulk scavenging of hydroxyl radicals by salts 

See Table 7.3d 

O3 decay in the presence of catalyst 

15 O3 + ≡ ↔≡ O3 K=7.5×101b K=7.5×101b 

16 ≡ O3 + ≡
  
→  ≡ OH•  8.0×10-3 1.6×10-3 

17 ≡ O3 +≡ Cl
−           
→  ≡ OCl− + O2  3.0×10-3d 3.0×10-4d 

18 ≡ O3 +≡ OCl
−           
→  ≡ Cl− + 2O2  1.1×102 1.1×102 
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19 ≡ O3 +≡ OCl
−           
→  ≡ ClO2

− + O2  3.0×101 3.0×101 

20 ≡ O3 +≡ ClO2
−
          
→  ≡ ClO3

− + O2  4.0×106 4.0×106 

≡HO
•  decaye 

21 ≡ OH• +≡
  
→  NRP >0.1  

22 ≡ OH•  +≡ Cl−
  
→  ≡ HOCl

•− ≡  → NRP k21/0.2  

23 ≡ OH•  
  
→   OH+≡•  k21/10.0  

Oxalate oxidation in the bulk solution 

   24 C2O4
2− + OH•   

→   C2O4
•− + H2O 7.7×106  

   25 C2O4
2− + CO3

•−  
  
→   C2O4

•− + H2CO3 6.0×103  

   26 C2O4
•−  

  
→   CO2

•− + H2CO3 1.0×109  

a calculated value at pH 8.3 /4.0 using the reported rate constant for H2O2/HO2
− and the mole fraction 

of H2O2/ HO2
−  at pH 8.3/4.0. 

b calculated value at pH 8.3/4.0 using the reported rate constant for  HO3
•− / O3

•−and the mole fraction 

of  HO3
•− / O3

•− at pH 8.3/4.0. 
c calculated value at pH 8.3/4.0 using the reported rate constant for H2CO3/HCO3

− /CO3
2−  and the mole 

fraction of for H2CO3/HCO3
− /CO3

2−  at pH 8.3/4.0. 
d radical scavenging reactions by Cl− and SO4

2− are shown in Table 7.3 however these reactions have no 

influence on the model output. 
e the surface chloride ions concentration was determined based on best fit to the measured O3 decay 

rates. A 10-fold and ~70 fold higher surface chloride ion concentration compared to bulk 

concentration at pH 8.3 and 4.0 respectively is determined based on best-fit to our results.  

 

Table 7.3 Radical scavenging reactions in the presence of Cl− and SO4
2–.263-265 

No Reaction Rate constant 

(M-1·s-1) 

1 SO4
•− (+H2O) → •OH + H+ + SO4

2− 4.6 × 102 s−1 

2 SO4
•− + SO4

•− → S2O8
2− 6.1 × 108 

3 SO4
•− + H2O2 → SO4

2− +HO2
•  1.2 × 107 

4 Cl• + H2O2 → Cl− + H+ +HO2
•  2.0 × 109 

5 Cl2
•− + H2O2 → 2 Cl− + H+ +HO2

•  1.4 × 105 

6 •OH + S2O8
2− → OH− + S2O8

•− 1.2 × 107 

7 SO4
•− + S2O8

2− → SO4
2− + S2O8

•− 5.5 × 104 

8 Cl• + S2O8
2− → Cl− + S2O8

•− 8.8 × 106 

9 Cl2
•− + S2O8

2− → 2 Cl− + S2O8
•− 1 × 104 

10 SO4
•− + Cl− → SO4

2− + Cl• 3.2 × 108 

11 •OH + Cl− → ClOH•− 4.3 × 109 

12 ClOH•− + Cl− → Cl2
•− + OH− 1.0 × 104 
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13 ClOH•− → Cl− + •OH 6.1 × 109 

14 ClOH•− + H+ → Cl• + H2O 2.1 × 1010 

15 Cl• + Cl− → Cl2
•− 6.5 × 109 

16 Cl• + OH− → ClOH•− 1.8 × 1010 

17 Cl• + Cl• → Cl2 1.0 × 108 

18 Cl• (+H2O) → HClOH• 2.5 × 105 s−1 

19 Cl2
•− → Cl• + Cl− 1.1 × 105 s−1 

20 Cl2
•− + O2

•− → 2 Cl− + O2 1.0 × 109 

21 Cl2
•− + OH− → ClOH•− + Cl− 4.5 × 107 

22 Cl2
•− + Cl2

•− → Cl2 + 2 Cl− 8.3 × 108 

23 Cl2
•− (+H2O) → HClOH• + Cl− 1.3 × 103 s−1 

24 Cl2
•− + •OH → HOCl + Cl− 1.0 × 109 

25 HClOH• → ClOH•− + H+ 1.0 × 108 s−1 

26 HClOH• → Cl• + H2O 1.0 × 102 s−1 

27 HClOH• + Cl− → Cl2
•− + H2O 5.0 × 109 

28 Cl3
− + O2

•− → Cl2
•− + Cl− + O2 3.8 × 109 

29 Cl2 + O2
•− → Cl2

•− + O2 1.0 × 109 

30 HOCl + •OH → ClO• + H2O 8.0 × 109 

31 HOCl + O2
•− → Cl• + OH− + O2 1.7 × 108 

32 Cl− + Cl2 → Cl3
− 2.0 × 104 

33 Cl3
− → Cl2 + Cl− 1.1 × 105 

34 Cl− + HOCl → Cl2OH− 1.5 × 104 

35 Cl2 (+H2O) → Cl2OH− + H+ 1.5 × 101 s−1 

36 Cl2OH− → HOCl + Cl− 5.5 × 109 s−1 

37 Cl2OH− + H+ → Cl2 + H2O 2.0 × 1010 

38 Cl2 + H2O2 → 2 HCl + O2 1.3 × 104 

39 HOCl + H2O2 → HCl + H2O + O2 1.5 × 105 

 

The catalyst-mediated ozone decay rate was also slightly higher in the presence of salts 

compared to that observed in the absence of salts (Figure 7.15b). Characterization of 

the catalyst surface by SEM–EDX did not show any significant extent of salt sorption 
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on the catalyst surface (Figure 7.16), at least during the short-term studies performed 

here. This result suggests that the small effect of salts on O3 decay observed in the 

presence of catalyst is also due to scavenging of bulk O3 by the salts rather than the 

inactivation of surface sites. Kinetic modelling of catalyst mediated O3 decay 

(Reactions 15 – 20, Table 7.2) in the presence and absence of salts also confirms that 

the small change (8.8%) in catalyst mediated O3 decay rate observed in the presence of 

salts is due to scavenging of O3 by the salts with no inhibition of catalyst activity 

apparent in the presence of salts. Note that the reactions used to describe catalyst 

mediated O3 decay in the absence of salts is same as that used for other catalysts used 

in our work and described in detail in earlier chapters (chapters 4 and 5). 

 

Figure 7.16 EDX spectra of used catalyst following treatment of (a) synthetic 

wastewater containing no salts or (b) wastewater containing 4 g/L NaCl + 8.4 g/L 

Na2SO4. 

7.3.3.3 Influence of salts on ozone dissolution  

The difference in Henry’s law constant and/or ozone bubble size due to variation in salt 

concentration may impact gas-phase O3 dissolution 243, 266-268 and concomitant 
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oxidation of organics. As shown in Figure 7.15c, the measured dissolved O3 

concentration is slightly higher in the absence of catalyst (65.2 ± 1.7 µM) compared to 

that measured in the presence of catalyst (48.6 ± 1.1 µM) due to the  enhanced O3 decay 

in the presence of the catalyst (kO3 =0.05 ± 0.03 s-1 and kO3-cat =0.14 ± 0.04 s-1 where kO3 

and kO3-cat represents the pseudo-first order O3 decay rate constant in the absence and 

presence of catalyst calculated using the data shown in Figure 6a and 6b). In both cases 

(i.e., with and without catalyst), higher dissolved O3 concentrations are measured in the 

presence of salts compared to that measured in the absence of salts. Since the measured 

O3 decay rate in the presence of salts is slightly higher compared to that measured in 

the absence of salts (Figure 7.15a and 7.15b), the higher dissolved O3 concentration in 

the presence of salts suggests that the dissolution of O3(g) increases in the presence of 

salts. The increased dissolution of O3(g) is in agreement with the results of recent 

studies 267, 269 and is possibly due to the change in the O3(g) bubble size in the presence 

of chloride ions.267 Moreover, based on an earlier study,243 the influence of salt on 

Henry’s law constant of O3(g) at the salt concentration investigated here was considered 

to be minimal. However, this was contradictory to various earlier studies which 

suggesting the “salt out” effect on ozone dissolution.270-273 More controlled experiments 

are required to draw conclusion on the salting out effect on ozone dissolution.  

A higher dissolved O3 concentration in the presence of salts should result in higher 

COD removal, however opposite trend is observed here. This observation suggests that 

the concentration and/or nature of the main oxidant involved in organic oxidation is 

affected in the presence of salts, thereby resulting in a reduced extent of oxidation of 

organics, even in the presence of higher O3 concentration. For example, futile 

scavenging of O3 by chloride ions (eqs. 7.1 – 7.4) may decrease the formation of •OH 

(which is the main oxidant for ozone resistant organics such as TBA present in 
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wastewaters). Furthermore, scavenging of surface •OH by chloride ions may transform 

surface •OH to chlorine–based radicals 244, 245 which are less reactive than •OH, thereby 

decreasing the rate and extent of oxidation of organics present in wastewaters. 

Alternatively, it is also possible that the nature of the organics is altered in the presence 

of salts with this change rendering them less oxidizable. We further discuss these 

possibilities in detail in the following sections.  

7.3.3.4 Transformation of organics in the presence of salts 

To determine if there is a difference in the nature of organics in the absence and 

presence of salts, LC–OCD analysis of HA and TBA solutions was performed. As 

shown in Figure 7.17, the hydrophobic DOC content of the HA increases in the 

presence of salts with this effect possibly associated with a change in structure of 

humics in the wastewater. Measurement of the hydrophobic fraction of HA using the 

XAD resin fractionating method also showed that the presence of salts slightly 

increased the hydrophobic fraction (Figure 7.18) in agreement with the LC–OCD 

results. The changes in the hydrophobic fraction of HA is consistent with the results of 

an earlier study in which it was reported that humic substances have a branched open 

structure in low salinity waters but have a more compact structure in high salinity 

waters 274 with this change in structure associated with the ability of cations (especially 

divalent species such as Ca2+ and Mg2+) to either shield the negatively charged repulsive 

effects of adjacent functional groups and/or act as bridging cations in inducing 

intermolecular binding. This hypothesis agrees with the observation that addition of 

Mg2+ had more significant influence on HA oxidation during conventional 

ozonation/catalytic ozonation compared to that observed in the presence of Na+ (Figure 

7.19). The increased charge shielding between adjacent functional groups in the 
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presence of Mg2+ compared to that observed in the presence of Na+,274 results in 

increased transformation of HA to more compact and more hydrophobic assemblages.  

 

Figure 7.17 Measured organic composition of HA in the absence and presence of salts 

using LC-OCD. Bars represents the average of duplicate measurements; error bars 

represent the standard deviation of duplicate measurement. 

 

Figure 7.18 Measured hydrophobic (HPO), hydrophilic (HPI) and transphilic (TPH) 

fractions in HA in the absence (green bars) and presence of salts (blue bars) using XAD 

resin fractionating method. 
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Figure 7.19 Influence of Mg2+ on COD removal during conventional ozonation of 33 

mg C/L HA solution by conventional ozonation (a) and catalytic ozonation process (b). 

Experimental conditions: pH = 8.3, O3 gas flow rate = and 60.0±0.5 mL/min, flow rate 

= 51 mg/L, reactor volume =150 mL; [salt] as specified in the legend + 8.4 g/L 

Na2SO4;[TOC]0 = 33.0 mg/L ; [catalyst]0 = 20.0 g/L. 

The transformation of humics to more compact hydrophobic DOC may inhibit the rate 

of oxidation of humics with this result potentially explaining the observed decrease in 

the rate of HA oxidation in the presence of salts in the first 10 – 20 minutes of exposure 

to O3 (Figure 7.11). Comparing the LC–OCD fractions of raw and treated HA for both 

conventional ozonation and catalytic ozonation in the absence and presence of salts, we 

observe one major difference. As shown in Figure 7.20, humics are transformed to 

LMW neutral compounds in the presence of salts but building blocks are identified as 

the main fraction following oxidation in the absence of salts during both the 

homogeneous ozonation and heterogeneous catalytic ozonation processes.  It is possible 

that the more compact humics in the presence of salts oxidize to LMW neutrals while 

in the absence of salts, the more branched humics are transformed to other readily 

oxidizable organic fractions (i.e., building blocks, LMW acids). The formation of LMW 

neutrals on humics oxidation in saline waters is expected to prevent further breakdown 

of organics (in accord with the lower extent of removal of TBA – a typical LMW neutral 

– in the presence of salts; Figure 7.13), thereby resulting in overall lower organic 

removal.  

(b) With catalyst 

g/L 



217 

 

 

Figure 7.20 Measured organic composition of raw (green bars) and treated HA (red 

bars) in the absence and presence of salts using LC–OCD. Panels a & c show the results 

of conventional ozonation in the absence and presence of salts respectively while panels 

b & d show the results of catalytic ozonation. Bars represents the average of duplicate 

measurements; error bars represent the standard deviation of measurement. 

Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate = 

51 mg/L, reactor volume = 150 mL, [catalyst]0 = 20.0 g/L, [salt] = 4.0 g/L NaCl + 8.4 

g/L Na2SO4, reaction time = 60 min. 

While a significant influence of salts on the HA structure was observed, no effect of 

salt is expected on the structure of TBA (as confirmed by LC-OCD analysis) with this 

result confirming that factors other than transformation of organics in the presence of 

salts also play a role in inhibiting the oxidation of organics (such as TBA) in high 

salinity waters. 

7.3.3.5 Scavenging of surface O3 and/or surface hydroxyl radicals by chloride and 

sulphate ions 
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In order to determine the influence of salts on the extent of hydroxyl radical generation, 

we measured the rate and extent of C2O4
2− oxidation in the absence and presence of 

salts. As shown in Figure 7.21a, no influence of salts on C2O4
2− oxidation was observed 

during conventional ozonation which suggests that the there is no influence of salts on 

bulk hydroxyl radical generation and consumption, at least at the salt concentration 

used here. There is a significant decrease in the oxidation of C2O4
2− during catalytic 

ozonation in the presence of salts (Figure 7.21b) with 50.9±1.9 % and 34.5 ± 1.7 of 

C2O4
2− oxidized after 3 h of catalytic ozonation in the absence and presence of salts 

respectively.  

 

Figure 7.21 Measured oxidation of C2O4
2− in the absence (circles) and presence of salts 

(squares) by conventional ozonation (a) and catalytic ozonation (b) at pH 8.3. Symbols 

represents the average of duplicate measurements; error bars represent the standard 

deviation of measurement. Lines represent model values. Experimental conditions: pH 

= 8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate = 51 mg/L, reactor volume = 150 

mL, [C2O4
2−] = 2.75 mM, [salt] = 3.95 g/L NaCl + 8.43 g/L Na2SO4, [catalyst]0 = 

20.0g/L. 

Given that the oxidation of C2O4
2− during catalytic ozonation occurs mostly via 

interaction with hydroxyl radicals in the bulk solution (see Figure 7.4), it appears that 

the concentration of hydroxyl radicals formed on the catalyst surface and released into 

the bulk solution decreases in the presence of salts, possibly due to scavenging of 

surface hydroxyl radicals by chloride ions.  It is also possible that the scavenging of 

ozone by chloride ions at the catalyst surface inhibits catalyst–O3 interaction, thereby 
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decreasing the rate of hydroxyl radical generation.  The concentration of chloride ions 

within the EDL at the catalyst-solution interface is expected to be higher than the bulk 

chloride concentration if the catalyst surface sites are positively charged (which will be 

the case if the solution pH is lower than that of the pHpzc). If this is the case, more 

extensive scavenging of O3 and/or surface hydroxyl radicals is expected to occur during 

catalytic ozonation compared to that observed during conventional ozonation. 

Employing the kinetic model for O3 self-decay presented here (Table 7.2), we show 

that at chloride concentration > 0.2 M, more than 50% of O3 is scavenged by chloride 

ions (Figure 7.22). Hence, if the concentration of chloride ions near the catalyst surface 

increases up to 0.2 M as a result of counter ion attraction, significant scavenging of O3 

may occur by salt ions resulting in futile consumption of O3 and decrease in the catalyst 

performance.  

 

Figure 7.22 Model-predicted scavenging of O3 by chloride ions at varying chloride 

concentration. Dashed lines represent the chloride concentration present in the synthetic 

wastewaters. 

The observation that significant inhibition of C2O4
2− oxidation by conventional 

ozonation occurs in the presence of 10-fold higher chloride ions concentration (Figure 

7.23) also supports the hypothesis that accumulation of chloride ions in the EDL (at > 

10–fold higher concentrations in the bulk solution) may result in more significant 
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scavenging of surficial O3/surficial hydroxyl radicals. As the concentration of chloride 

ions within the EDL at the catalyst-solution interface would be expected to be higher at 

solution pH<pHpzc, we expect to see a more dramatic salt effect at lower pH. Studies of 

the salt effect on O3 decay in the absence and presence of catalyst at pH 4.0 (i.e., 

pH<pHpzc) confirms that the influence of salts on catalyst–mediated O3 decay is greater 

at pH 4.0 compared to that at pH 8.3. As shown in Figure 7.24, no influence of salts on 

O3 self–decay is observed at pH 4.0; however, catalyst mediated O3 decay increases in 

the presence of salts suggesting that scavenging of O3 by bulk chloride ions is trivial 

but scavenging of O3 by chloride ions accumulated in the EDL is important at pH 4.0. 

In comparison, the salt-effect on O3 decay rate in the absence and presence of catalyst 

is similar at pH 8.3 (Figure 7.15a and 7.15b) in accord with expected limited 

accumulation of chloride ions at the catalyst surface when the solution pH is similar to 

the pHpzc of the catalyst.   

Overall, it appears that scavenging of surficial ozone and hydroxyl radicals by salts 

results in decreased catalytic ozonation performance. 

 

Figure 7.23 Measured oxidation of C2O4
2− in the absence (circles) and presence of 4.0 

g/L (squares) and 29.3 g/L (triangles) chloride ions by conventional ozonation at pH 

8.3. Experimental conditions: pH = 8.3, O3 gas flow rate = 60.0±0.5 mL/min, flow rate 

= 51 mg/L, reactor volume =150 mL, [catalyst]0 = 20.0g/L. 
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Figure 7.24 Measured O3 self-decay (a) and catalyst-mediated O3 decay (b) in the 

absence (circles) and presence (squares) of salts. Experimental conditions: [O3]0 =100 

µM; [catalyst]0 = 20.0 g/L [salt] = 4.0 g/L NaCl and 8.4 g/L Na2SO4, pH =4.0. 

7.3.4 Mechanism of inhibitory effect of salt on conventional ozonation and 

catalytic ozonation processes 

Based on the discussion presented above, the inhibitory effect of salt on organic 

oxidation by the conventional ozonation and catalytic ozonation process is due to: 

(i) Scavenging of dissolved ozone by chloride ions present in the bulk solution. 

(ii) Transformation of humics to more compact hydrophobic DOC due to charge 

shielding by cations between adjacent functional groups. 

(iii) Scavenging of surface O3 and surface hydroxyl radicals by chloride ions 

accumulated in the EDL. 

To further verify the mechanism of the inhibitory effect of salts on organic oxidation, 

we have developed a kinetic model to describe the oxidation of oxalate by both the 

conventional ozonation and catalytic ozonation processes in the absence and presence 

of salts. The kinetic model was developed by extending the kinetic model for O3 decay 

(Table 7.2, reactions 1-20) that we have previously described in chapter 4. The 

additional reactions included to explain oxalate oxidation are (i) reactions describing 
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surficial hydroxyl radical decay and its diffusion into the bulk solution (Reactions 21 – 

23, Table 7.2) (ii) oxidation of oxalate via interaction with hydroxyl radicals in the bulk 

solution (Reactions 24 – 26, Table 7.2). Detailed description of the reactions and 

justification of the rate constants used is provided below: 

(i) O3 self-decay 

Reactions 1 – 10 (Table 7.2) describes the reactions controlling the self-decay of ozone. 

The rate constants for these reactions (Reactions 1 – 10, Table 7.2) were same as that 

used in chapter 4.  

(ii) Bulk O3 loss via interaction with salts 

The reactions describing scavenging of bulk O3 by chloride ions (reactions 11 – 14, 

Table 7.2) were obtained from Levanov et al.243  

(iii) Bulk hydroxyl radical scavenging via interaction with salts 

Reactions in Table 7.3 describes the scavenging of bulk hydroxyl radicals by salts based 

on previous studies;141, 263, 275 however these reactions have no influence on the overall 

ozone decay or the oxidation of organics by ozonation and catalytic ozonation process. 

(iv) Catalyst-mediated O3 decay 

Reactions 15 – 20 in Table 7.2 describes the catalyst mediated O3 decay. Reaction 15 

represents the diffusion of bulk ozone to the catalyst surface. Reaction 16 represents 

the interaction of ozone with the catalyst resulting in formation of surface •OH. To 

simplify the modelling process, we have assumed that for each mole of O3 decayed on 

reaction with the catalyst, one mole of •OH is formed. The rate constant for these 

reactions were determined based on best–fit to the measured ozone decay in the 



223 

 

presence of catalyst (Figure 7.15 and 7.24) with no salts present. Reactions 17-20 

(Table 7.2) represents the scavenging of surficial O3 by chloride ions accumulated in 

EDL. The rate constant for the scavenging of O3 by chloride ions and other chloride 

radicals is assumed to be the same as that reported for bulk O3. The concentration of 

chloride ions in the EDL is determined based on fit to the measured ozone decay in the 

presence of catalyst (Figure 7.15 and 7.24) with salts present. 

(v) Decay and diffusion of surface hydroxyl radical into the bulk solution 

Reactions 21 – 22 (Table 7.2) represents the decay of surface-generated hydroxyl 

radical via interaction with catalyst surface and chloride ions accumulated in the EDL, 

respectively. The reaction of surface-generated hydroxyl radical with the catalyst 

surface results in the formation of non-reactive product (such as H2O) while the reaction 

of chloride ions with hydroxyl radicals results in the formation of HOCl
•−

 which is 

presumed to decay to form non-reactive product via interaction with the catalyst surface. 

Reaction 23 (Table 7.2) represents the diffusion of surface hydroxyl radical to the 

interface/bulk solution. The rate constant for these reactions were determined based on 

the best-fit to oxalate oxidation by catalytic ozonation process in the absence and 

presence of salts (Figure 7.17b). Note that the exact values of the rate constants for 

these reactions cannot be determined based on our experimental results with any value 

of k21, k22 and k23 describing the data as long the k21/k22 and k21/k23 ratio shown in Table 

7.2 is met.  Note that for simplification, we have assumed that most of surface hydroxyl 

radical diffuses into the bulk solution and oxidation of oxalate occur in the bulk solution; 

however, a mathematical model where diffusion of surface hydroxyl radical to the 

interface occur with concomitant oxidation of oxalate present in the interfacial zone 

produces the same result as well if the interfacial zone composition is same as the bulk 

composition. The model can be easily extended to describe interfacial oxidation of 
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oxalate by including same series of reactions that occur in the bulk solution (i.e., 

reactions 1 – 14 and reactions 24 – 26 in Table 7.2) for the interfacial zone and diffusion 

of surface hydroxyl radicals (reaction 23, Table 7.2) to the interface. 

(vi) Oxalate oxidation in the bulk solution 

Reactions 24 – 26 (Table 7.2) describes oxalate oxidation via reaction with bulk 

hydroxyl radicals as described in chapter 5.  

As shown in Figure 7.21, the model provides excellent description of the oxalate 

oxidation in the absence and presence of salts for both the conventional ozonation and 

catalytic ozonation processes supporting the mechanism of inhibitory effect of salts 

proposed here. Employing the kinetic model presented here (Table 7.2), we have also 

predicted the influence of chloride ions on oxalate oxidation by conventional ozonation 

and catalytic ozonation under varying chloride and oxalate concentrations. As shown 

in Figure 7.25a, there is a small (≤8%) influence of chloride ions on oxidation of 

oxalate by conventional ozonation with the influence of chloride ions more prominent 

at higher oxalate concentrations. A more significant influence (~15 – 20%) of chloride 

ions was observed on oxalate oxidation in the presence of catalyst (Figure 7.25b) as a 

result of scavenging of surface O3/hydroxyl radicals by salts.  
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Figure 7.25 Model-predicted oxalate oxidation for varying chloride and oxalate 

concentration by conventional ozonation (a) and catalytic ozonation(b). For these 

predictions, a steady state [O3] was used. Note that since dissolution of ozone increases 

with increase in chloride concentration, varying [O3]ss at different chloride 

concentrations were used. The equation to calculate the steady state [O3] here is 

determined based on the measured effect of salt on O3 dissolution (Figure 7.15c). 

[O3]ss=[O3]0+332.3×[Cl-] and [O3]ss=[O3]0+409.3×[Cl-] was used for conventional 

ozonation and catalytic ozonation, respectively ; [O3]0 = 60.0 µM, which represents the 

[O3]ss in the absence of chloride ions, was used for these simulation. 

7.4 Conclusions 

Based on the results presented here, it appears that the presence of salts in high salinity 

wastewaters influences the oxidation of organic contaminants by both conventional 

ozonation and catalytic ozonation processes. The inhibition effect of salt during 

conventional ozonation is partly attributed to the transformation of humic-like 

substances, present in the wastewater, to more compact hydrophobic organic 

compounds that are more resistant to oxidation. In addition, scavenging of O3 by Cl− 

also contributes to the inhibition of oxidation of organic contaminants during the 

conventional ozonation process. During catalytic ozonation, in addition to the 

aforementioned factors, it appears that scavenging of surface O3 and surface hydroxyl 

radicals by salts further increases the inhibition effect of salts on the oxidation 

performance using the Fe oxide- based catalyst for which oxidation mainly proceeds in 

the solid-liquid interfacial region and /or bulk solution. The scavenging of the surficial 
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ozone/ •OH could possibly be minimized by operating at pHs above the pHpzc of the 

catalyst since the accumulation of chloride ions in the electrical double layer 

surrounding the particle (which results in enhanced scavenging of O3 and •OH) will be 

prevented in this case.  

It should be noted that the use of synthetic wastewater containing HA and TBA in this 

study might have limitations since the composition of real wastewater from coal 

chemical industry is very complex. More typical contaminants from coal chemical 

wastewater such as polycyclic poly aromatic hydrocarbons and riverine humic substance 

should be investigated in the future to extend our understanding of the salt effects on 

treatment of coal chemical wastewater via ozone-related technologies.  



227 

 

Chapter 8 Caveats in the use of tertiary butyl alcohol 

(TBA) as a probe for hydroxyl radical involvement in 

conventional ozonation and catalytic ozonation 

processes 

8.1 Introduction 

The oxidation of organic contaminants by ozonation (including both conventional 

ozonation and/or HCO processes) occurs via radical–mediated and/or direct ozonation 

processes.63 In the radical mediated process, ROS, predominantly •OH, derived from 

ozone decay are involved in the oxidation of organic contaminants while in the direct 

ozonation process, direct oxidation of organics occurs via interaction with O3. In the 

past decade, researchers have focussed on the development of catalysts wherein the 

radical-governed process dominates since ROS formed on ozone decay are more 

reactive than O3. The contribution of radical mediated oxidation of organics is usually 

probed using TBA as a scavenger of •OH 33, 47, 276-280 due to its relatively high reaction 

rate constant with •OH (5×108 M–1·s–1)141 but low reaction rate constant with O3 (3×10-

3 M–1·s–1).4 The observed decrease in the rate and extent of oxidation of organic 

compounds in the presence of TBA is usually assumed to represent the contribution of 

•OH mediated organic oxidation during ozonation. However, due to the low surface 

affinity of TBA259, 260 and/or its interference with the sorption of organic compounds 

on the catalyst surface,149, 281 the results from TBA scavenging experiments during 

HCO may not correctly predict the contribution of •OH to organic oxidation. 

Furthermore, researchers have reported that the presence of TBA alters the ozone decay 

rate 86, 192, 229, 282-284 as a result of inhibition of radical chain reactions 86 and hence has 
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an impact on the rate of •OH generation and associated oxidation of organics via the 

radical mediated pathway. Researchers also employ TBA as a •OH scavenger to 

determine the second–order rate constant for organic-ozone reaction by monitoring the 

decrease in organic and/or ozone concentration;140, 229 however, variation in the O3 

decay kinetics in the presence of TBA may influence the value of the rate constant 

determined. The influence of intermediates/products formed on TBA–•OH reaction on 

ozone decay and oxidation of organics is assumed to be negligible,4, 140 though no clear 

evidence is typically provided to support this hypothesis. Given the rapidly increasing 

research on application of HCO and selection of catalysts based on the purported 

mechanism of reaction, it is our strong view that clarification regarding the correct use 

of TBA in gaining mechanistic insight is urgently needed. 

In this chapter, we discuss the various caveats associated with the use of TBA to probe 

the contribution of •OH in catalytic as well as conventional ozonation processes. For 

HCO, we have used three types of catalysts including a commercially available Fe–

loaded activated carbon (Fe–AC) catalyst, laboratory synthesized Cu–Al LDHs and 

CuO. We used formate HCOO− and oxalate C2O4
2− as the target contaminants since 

both these compounds have well defined oxidation pathway and forms CO2 and H2O 

as the only products.123 p–CBA and coumarin were employed as probe compounds to 

measure the yield of bulk hydroxyl radical and generation of surface hydroxyl radical, 

respectively.29, 89 Based on our experimental results, we highlight that caution needs to 

be exercised when interpreting the observations made in the presence of TBA. 

Furthermore, we describe the additional experiments required to conclusively 

determine the role of •OH depending on the results obtained when using TBA as the 

probe compound.  
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8.2 Materials and Methods 

8.2.1 Reagents 

Experiments were performed at pH 3.0 or 7.3 with a maximum pH variation of ±0.1 

with reagents prepared as described in chapter 3. Note that both carbonate and 

phosphate buffer at pH 7.3 were used to determine if the influence of TBA varies in 

matrix with different •OH scavenging capacity. While carbonate/bicarbonate ions are 

known scavenger of •OH,285 the scavenging of •OH by phosphate ions (mainly 

dihydrogen phosphate and hydrogen phosphate) is relatively small compared to 

carbonate/bicarbonate ions though dihydrogen phosphate and hydrogen phosphate may act 

as secondary promoter of ozone decay.229 Stock solutions of radiolabelled and non–

radiolabelled sodium formate, radiolabelled and non-radiolabelled sodium oxalate, p–

CBA, indigo and O3 stock solution were prepared as described in chapter 3. Stock 

solutions of 1.3 mM coumarin and 1.0 M TBA were prepared in MQ water. The 

procedures used for synthesis of the Cu–Al LDHs and CuO catalysts are described in 

chapter 5. The Fe–loaded activated carbon catalyst is same as that used in chapter 4 and 

was provided by BOW using a proprietary preparation procedure.  

8.2.2 Ozone measurement 

Measurement of O3 self–decay in the absence and presence of 1.0 mM TBA was 

performed in pH 7.3 phosphate buffered and/or carbonate buffered solutions in gas–

tight reactors as described in chapter 3 with the concentration of O3 measured using the 

indigo method.107 For measurement of ozone decay in the presence of HCOO−, O3 at 

an initial concentration of 100.0 µM was added to pH 7.3 phosphate/carbonate buffered 

solutions containing 10.0 – 50.0 µM HCOO− and the concentration of ozone was 

measured overtime as described above.  
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8.2.3 Organic adsorption and oxidation 

Adsorption of HCOOH on the Fe-AC surface at pH 3.0 was measured in the absence 

and presence of 0.1 mM TBA. The sorption of C2O4
2− on the CuO surface in the absence 

and presence of 0.1 M TBA was measured in pH 7.3 carbonate buffered solution. The 

oxidation of 1.0 µM HCOO− /p–CBA by ozone alone in the absence and presence of 

1.0 mM TBA was performed in pH 7.3 carbonate buffered solution. The experimental 

setup and method used for measurement of adsorption of HCOO−/ C2O4
2− and oxidation 

of HCOO−/p–CBA on ozonation is identical to that described in chapter 4. Note that a 

final TBA concentration of 1.0 mM was used in all experiments investigating the role 

of •OH in organic oxidation during ozonation since the results of control experiments 

(i.e., influence of TBA addition on p–CBA oxidation, a bulk •OH probe;182 see Figure 

8.1) confirm that a TBA concentration of 1.0 mM is sufficient to scavenge all bulk •OH, 

at least under the conditions investigated in this study. TBA of a higher concentration 

(10.0 – 100.0 mM) was employed for some HCO studies to ensure that TBA 

concentration is not limiting to scavenge surface •OH. 

 

Figure 8.1 Measured p–CBA decay on ozonation in the absence (circles) and presence 

of 1.0 mM (squares) of TBA. Experimental conditions: [O3]0 =10.0 µM; [p–CBA] =1.0 

µM; pH =7.3 using 1.33 mM NaHCO3 solution. 
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8.2.4 Fluorescence microscopy image analysis 

We characterized the surface associated •OH originating from HCO using fluorescence 

microscopy image analysis as described in detail in chapter 5. The fluorescent images 

in the absence and presence of CuO and Cu–Al LDHs were captured in the absence and 

presence of 1.0 mM TBA. Control experiments were also performed in order to 

determine whether 7–HC formation occurred on homogeneous ozonation of coumarin 

as described in chapter 5.  

We would like to highlight that the fluorescence imaging method was employed only 

to illustrate the presence of surface-associated •OH in the presence and absence of TBA 

with no attempt made to use this method to quantify the surface •OH generation rate. 

Inner filter effects due to coumarin absorbance and/or variation in surface affinity 286, 

287 are expected to be the same in the presence and absence of TBA and, as such, are 

not expected to influence the conclusions reached based on the fluorescence imaging 

results.  

8.2.5 Kinetic modelling 

Kinetic modelling of ozone self-decay and oxidation of various organics on ozonation 

was performed using kinetic modelling software Kintecus.257 The mathematical model 

describing ozone self–decay kinetics and organic oxidation was described in detail in 

chapters 4 and 5. 

8.3 Results and Discussion 

8.3.1 Limitations associated with the use of TBA in ozonation 

Inconclusive assessment of  •OH involvement for ozone reactive compounds 
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As shown in Figure 8.2, minimal influence of TBA addition was observed on HCOO− 

oxidation during ozonation at pH 7.3 suggesting that HCOO− oxidation by bulk •OH is 

not important. However a Rct (i.e., •OH  radical exposure/O3 exposure;89 see section 

2.2.2 in chapter 2 for calculation of Rct) value of 3.5×10–8 was calculated for this system 

(Figure 8.3) which suggest that the contribution of •OH in HCOO− oxidation (f•OH; 

calculated using eq. 8.1) should be around 29.6% based on the reported rate constant of 

HCOO− oxidation by •OH (1.2×109 M−1·s−1; 141) and O3 (100.0 M−1·s−1 ; 4).   
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Figure 8.2 Oxidation of HCOO− by ozonation in the absence (circles) and presence of 

1.0 mM TBA (squares) at pH 7.3. Experimental conditions: [O3]0 = 10.0 µM, [HCOO−]0 

= 1.0 µM, pH 7.3 using 1.33 mM NaHCO3. Symbols represent experimental data, lines 

represent model-predicted values. 
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Figure 8.3 Measured •OH -exposure (•OH–ct) versus the corresponding O3-exposure 

(O3–ct) for ozonation of HCOO− solution. Experimental conditions: [p–CBA]0 = 1.0 

µM, [O3]0 =100.0 µM; [HCOO−] =10.0 µM; pH =7.3 using 1.33 mM NaHCO3 solution. 

 

Figure 8.4 Model-predicted fraction of organic oxidized via interaction with ozone and 

hydroxyl radicals during conventional ozonation process in the absence of TBA at pH 

7.3 (panels a and c). Model-predicted influence of 1.0 mM TBA addition on the rate 

and extent of organic oxidation during conventional ozonation process at pH 7.3 (panel 

b and d). [Org]0 = 10.0 µM, [O3]0 =100.0 µM for all predictions. 
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Table 8.1 Kinetic model for ozone self–decay at pH 7.3 as described in chapter 4. 

No Reaction Rate constant (M–1·s–

1) 

Published value (M–1·s–1) 

1 O3 + OH– → HO2
• + O2

•– 100.0 70.0 

2 O3 + H2O2/HO2
– → HO3

• + O2
•– 1.7×102a 1.7×102 

3  O3 + O2
•– → HO3

• + O2 1.5×109 1.5×109 

4 HO3
•/O3

•– → •OH + O2 1.4×105b 1.4×105  

5  •OH + O3 → O2
•– + O2 1.0×108 1.0×108 

6  O3
• + CO3

•– → H2CO3 + O2 1.0×105 1.0×105 

7 •OH + H2O2/HO2
– → H2O + O2

•– 2.7×107a 2.7×107 

8 •OH + H2CO3/ HCO3
–/CO3

2–→ OH– + 

CO3
•– 

8.2×106c 8.2×106 

9 CO3
•– + H2O2/HO2

– → O2
•– + H2CO3 4.3×105a 4.3×105  

10  CO3
•– + CO3

•– → CO2
4– + H2CO3 2.0×107 2.0×107 

a calculated value at pH 7.3 using the reported rate constant for H2O2/HO2
− and the mole fraction of 

H2O2/ HO2
−  at pH 7.3. 

b calculated value at pH 7.3 using the reported rate constant for  HO3
•− / O3

•−and the mole fraction of  

HO3
•− / O3

•− at pH 7.3. 
c calculated value at pH 7.3 using the reported rate constant for H2CO3/HCO3

− /CO3
2−  and the mole 

fraction of for H2CO3/HCO3
− /CO3

2−  at pH 7.3. 

 

Table 8.2 Reactions used for modelling of oxidation of formate and phenol during 

ozonation. 

No Reaction Rate constant 

 (M–1·s–1) 

Ref. 

Formate (O3 decay promoter) 

1 HCOO– + O3 → CO2 + HO3
– 70.0 In chapter 4 

2 HCOO– + O3 → CO2
•– + HO3

• 30.0 In chapter 4 

3 HCOO– + •OH → CO2
•– + H2O 1.2×109 141 

4 CO2
•– + O2 → O2

•– + H2CO3 1.0×109  

5 HCOO– + CO3
•– → CO2

•– + HCO3
– 1.5×105  

Phenol (O3 decay promoter)288 

1 Phe + O3 → Phe• + HO3
• 1.0×106 288 

2 Phe + •OH → Phe• 1.0×1010 141 

3 Phe• + O2 → Prod + O2
•– ~1.0×109  
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This discrepancy in the expected role of •OH and the observed influence of TBA on 

HCOO− oxidation is due to the involvement of both O3 and •OH in HCOO− oxidation. 

In the absence of TBA, •OH (formed on O3 self-decay; eqs. 8.2-8.7) oxidizes HCOO− 

(eq. 8.8) with the CO2
•− formed on HCOO− oxidation facilitating O2

•− (eq. 8.9) and 

subsequent •OH generation (eqs. 8.4 – 8.7), which drives further HCOO− oxidation by 

•OH. In the presence of TBA however, HCOO− is instead oxidized by O3 (eq. 8.13) 

with the rate and extent of HCOO− oxidation similar and/or slightly lower than that 

observed in the absence of an •OH scavenger, particularly when [O3]>>[HCOO−]. This 

behaviour is quantitatively shown in Figures 8.4a and 8.4b using mathematical 

modelling developed by combining the mathematical model for O3 self-decay kinetics 

reported in chapter 4 with the reaction for HCOO− oxidation by O3 and •OH using the 

reported rate constants for these reactions (see Table 8.2). As shown, the oxidation of 

HCOO− is driven by both •OH and O3 in the absence of TBA however, in the presence 

of TBA, HCOO− is oxidized by ozone at a comparable rate to that observed in the 

absence of TBA, thereby resulting in flawed conclusions regarding involvement of •OH 

in HCOO− oxidation. Note that the modelling approach used here is reasonable, at least 

for the simple matrix tested here, since the model-predicted f•OH for HCOO− oxidation 

is the same as that calculated using Rct measurements (29.6%). Additionally, the model 

describes both the ozone decay in the absence and presence of HCOO− (Figure 8.5) and 

HCOO− oxidation (Figure 8.2) reasonably well. This alteration in the oxidation pathway 

in the presence of TBA possibly explains the apparent lack of involvement of •OH in 

oxidation of phenol, a compound recognized to react rapidly with •OH and to promote 

subsequent O3 decay,289 even under highly alkaline conditions.290-292 Since the f•OH 

value for phenol cannot be reliably determined experimentally using the Rct approach 
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due to rapid decay of O3 and p–CBA in the presence of phenol, we used the 

mathematical modelling approach to predict the f•OH for phenol oxidation (see Table 8.2 

for model reactions). As shown in Figures 8.4c and 8.4d, the modelling results show 

that the oxidation of phenol is driven by both •OH and O3 in the absence of TBA 

however, in the presence of TBA, phenol is oxidized by ozone at a comparable rate to 

that observed in the absence of TBA, thereby resulting in flawed conclusions regarding 

involvement of •OH in phenol oxidation. We would like to highlight that while earlier 

work by Elovitz and von Gunten 89 showed that there is no involvement of  •OH in the 

oxidation of organic compounds with kO3 ≥105 M-1·s-1and Rct ≤10-6; however since 

phenol promotes O3 decay, the Rct value in the presence of phenol is expected to be 

higher than 10-6  289 and hence •OH-mediated oxidation of phenol is important even 

though kO3 =106 M-1·s-1 for phenol under circumneutral pH conditions. Thus, it appears 

that for compounds that are (i) reactive with ozone and (ii) promotes O3 decay (i.e., 

convert •OH into superoxide ( 2O•−
), TBA scavenging experiments will be inconclusive. 

Table 8.3 provides a potential list of compounds for which TBA scavenging results may 

not be conclusive under circumneutral pH conditions in determining the role of •OH in 

organic oxidation, particularly if O3 is present in excess. Based on our calculations, it 

appears that for compounds which promote O3 decay and have k•OH/kO3 in the range 

~103−106 (for k•OH in a range of (0.05 − 5.0)×1010 M−1·s−1), TBA scavenging results 

cannot be used to correctly determine the contribution of •OH.   

O3 + OH– → O2
•– + HO2

•       (8.2) 

HO2
• ⇌ O2

•– + H+                      (8.3) 

O3 + O2
•– → O3

•– + O2                              (8.4) 
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HO3
• ⇌ O3

•– + H+        (8.5) 

HO3
• → •OH + O2        (8.6) 

O3 + •OH → O2 + O2
•–                              (8.7) 

HCOO– + •OH → CO2
•– + H2O                              (8.8) 

CO2
•– + O2 → O2

•– + H2CO3                   (8.9) 

HCOO– + O3 → CO2 + O2 + OH–      (8.10) 

 

Figure 8.5 Measured O3 decay in the absence (circles) and presence of 10.0 µM (squares) 

and 50.0 µM (triangles) of HCOO− solution. Experimental conditions: [O3]0 =100.0 µM; 

[HCOO−] =0-50.0 µM; pH =7.3 using 1.33 mM NaHCO3 solution. The symbols 

represent the experimental data and the lines represent the model results.  
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Table 8.3 List of potential compounds for which TBA scavenging experiments will 

result in inconclusive assessment. 

Compounds kO3 (M−1·s−1)  

Olefins  Initiates O3 decay and 

promotes O3 decay via 

H2O2 formation22 

cis-1,2-Dichloroethene 310-540 22 

trans-1,2-Dichloroethene 6.5× 103 22 

Maleic acid  ~6.5× 103 22 

Muconic acid ~7.0× 103 22 

Aromatics  Olefins formed on 

breakage of aromatic ring 

promotes O3 decay via 

H2O2 formation182 

Phenol 1.3×103- 1 × 109a 22 

Chloro phenol  1100- 2 × 108a 22 

Dimethyl phenol 2.0 × 104 – 10× 104 22 

Naphthalene 1500-3000 22 

Xylene 100 22 

Bezafibrate 590 22 

Catechol 5.2× 105 22 

1,4-Benzoquinone  2.5 × 103 22 

Salicylic acid 500 – 3.0×104a 4 

Aliphatic acids  Promotes O3 decay 91 

Formic acid 1.5 –100.0 140, 143 

Glyoxalic acid 20.0 293 
a Lower and upper limits represent the rate constants for the protonated and deprotonated forms 

respectively. 
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Table 8.4: Kinetic model describing reactions with TBA. 

No Reaction Rate constant 

(M-1·s-1) 

Ref. 

1 •OH + (CH3)3COH → H2O + •CH2C(CH3)2OH 6 × 108  141 

2 2•CH2C(CH3)2OH → HO(CH3)2CH2CH2C(CH3)2OH 6.5 × 108  294 

3 •CH2C(CH3)2OH + O2 →
•OOCH2C(CH3)2OH 1.8 × 109  295 

4 
2•OOCH2C(CH3)2OH → [HOC(CH3)2CH2OO]2 

k = (4 ± 1) × 

108  

294 

5 [HOC(CH3)2CH2OO]2 → O2 + HOC(CH3)2 CH2OH + HOC(CH3)2 

CHO 
R = 0.2a 

295 

6 [HOC(CH3)2CH2OO]2 → H2O2 + 2HOC(CH3)2 CHO R = 0.3a 295 

7 [HOC(CH3)2CH2OO]2 → O2 + 2CH2O + 2•C(CH3)2OH R = 0.25a 295 

8 [HOC(CH3)2CH2OO]2 → O2 + HOC(CH3)2CCH2OOCH2C(CH3)2OH R = 0.25a 295 

9 •C(CH3)2OH + O2 → •OOC(CH3)2OH 2 × 109  295 

10 •OOC(CH3)2OH → (CH3)2C=O + HO2
• 6 × 102  295 

11 CH2O + •OH → •HCO 1 × 109 296 

12 CH2O + O3 → •HCO + HO3
• 0.1 296 

decay of tetroxide intermediate is assumed to be rapid; a value of R ×106 s–1 was adopted, with the 

proportions (R) taken Reisz et al.295 

8.3.1.1 Inhibition of ozone decay kinetics  

As shown in Figure 8.6a, the presence of TBA impacts ozone self-decay kinetics at pH 

7.3 in phosphate buffered solution. In comparison, no significant (p>0.05 using single 

tailed student’s t–test) influence of TBA addition on O3 self–decay is observed in 

carbonate–buffered solution (Figure 8.6b). Scavenging of •OH by TBA prevents 

ozone–•OH interaction (eq. 8.10) and subsequent radical chain reactions, thereby 

decelerating the ozone self–decay rate in phosphate buffered solution. In carbonate 

buffered solution, HCO3
−/CO3

2− rapidly scavenges most of the •OH formed, preventing 

ozone–•OH interaction and hence no influence of TBA addition was observed on ozone 

self–decay in carbonate buffered solution. The stabilization of O3 in the presence of 

TBA, particularly in systems where •OH scavenging by the matrix is minimal, may 

facilitate the bulk oxidation of organics via direct interaction with O3. Such an effect 

was observed in an earlier study wherein higher removal of sulfamethoxazole (SMX) 
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was observed in the presence of TBA during HCO using a ceria based catalyst due to 

stabilization of O3 in solution favouring the reaction between SMX and O3, which is 

more selective than •OH for the degradation of SMX.283  

 

Figure 8.6 Ozone self–decay in the absence (circles) and presence of 1.0 mM TBA 

(squares) at pH 7.3 buffered using 1.33 mM phosphate solution (a) or 1.33 carbonate 

solution (b). Experimental conditions: [O3]0 = 100.0 µM, pH 7.3 using 1.33 mM 

phosphate/carbonate buffer. Symbols represent experimental data, lines represent 

model–predicted values. Note that the dashed lines represent model–predicted O3 self-

decay in the presence of 1.0 mM TBA if products formed on TBA–•OH do not 

participate in any further reaction. Solid lines represent model-predicted O3 self-decay 

in the presence of 1.0 mM TBA if products formed on TBA–•OH undergo further 

reactions as described earlier 295 (see Table 8.3 for these reactions). 

While the data presented here is for ozone self–decay kinetics, the stabilization of O3 

in the presence of TBA has previously been reported to occur during HCO employing 

CuAl2O4 based mixed oxides 192 and bauxites.284 The stabilization of dissolved O3 may 

facilitate O3 diffusion and subsequent reaction with active sites on the catalyst surface 

thereby aiding the surface associated oxidation of organics as reported earlier.192, 297, 298 

Furthermore, as aforementioned, the stabilization of dissolved O3 in the presence of 

TBA may also facilitate the bulk oxidation of organics via direct interaction with O3. 

Overall, stabilization of O3 in the presence of TBA is likely to lead to inconclusive 

results in the case of ozone reactive compounds, either due to facilitation of surface 

mediated oxidation and/or bulk oxidation of organics by O3. However, it may have no 
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impact on the overall validity of TBA addition experiments for ozone-resistant 

compounds unless surface oxidation of these compounds is facilitated in the presence 

of TBA. For ozone–resistant compounds, even though TBA addition decreases O3 

decay, TBA addition will still result in inhibition of organic oxidation in agreement 

with the role of  •OH in organic oxidation in this system. The increased concentration 

of O3 in the presence of TBA will not have any impact on the oxidation of ozone–

resistant organics. Recently, Guo et al.86 suggested that TBA is not a good probe 

compound to determine the role of •OH in oxidation of 1,3 dichlorobenzene (m–DCB; 

an ozone resistant compound) based on the observation that TBA addition significantly 

inhibited ozone decay in the presence of MnO2. However, their underlying assumption 

that an increase in the steady state dissolved O3 concentration is problematic is not 

correct as explained above. Our argument is supported by the observation that •OH is 

determined to be the main oxidant in m–DCB oxidation using other probe compounds 

in their work,86 which agrees with the complete inhibition of oxidation of m–DCB in 

the presence of TBA observed in their study. Similarly, even though the presence of 

TBA resulted in higher residual ozone concentration during ozonation of atrazine (a 

relatively ozone resistant compound; kO3=2.3 M−1·s−1 299 and k•OH=3.0×109 M−1·s−1 300), 

TBA addition caused nearly complete inhibition of oxidation of atrazine in accordance 

with the role of •OH in the oxidation of these organics moieties.216 Note that if 2O•−
, 

formed via chain reactions initiated on •OH mediated oxidation of organics is directly 

involved in the oxidation of organics, then addition of TBA will inhibit superoxide–

mediated oxidation of organics and lead to erroneous conclusions. However, direct 

oxidation of organics via interaction with 2O•−
 is unlikely as 2O•−

 is expected to react 

with O3 rather than the organics since (i) the rate constant for O3 and 2O•−
 reaction 



242 

 

(1.6×109 M−1·s−1)301 is much higher than the reported rate constants for 2O•−
reaction 

with various organics, and (ii) the concentration of O3 is usually higher than the 

micropollutants concentration. As reported in an earlier study, any role of 2O•−
 in 

organic oxidation reported in various earlier studies is due to generation of •OH via O3 

and 2O•−
reaction and not due to direct oxidation of organics by 2O•−

.29   

8.3.1.2 Involvement of TBA derived radicals in O3 decay 

Another important limitation with the use of TBA which has not been carefully 

considered and may potentially be important is related to the influence of radicals 

formed on TBA–•OH reaction on ozone decay and associated oxidation of organics. 

Earlier studies have reported that the •OH–mediated oxidation of TBA is initiated by 

hydrogen–atom abstraction with the resultant alkyl radicals transforming to peroxyl 

radicals on reaction with O2 (eqs. 8.14 – 16).258, 295 

3 3 2 2 3 2HO (CH ) COH H O CH C(CH ) OH• •+ ⎯⎯→ +                         (8.14) 

2 3 2 3 2 2 2 3 22 CH C(CH ) OH HO(CH ) CH CH C(CH ) OH• ⎯⎯→             (8.15) 

2 3 2 2 2 3 2CH C(CH ) OH O OOCH C(CH ) OH• •+ ⎯⎯→              (8.16) 

2 3 2 3 2 2 22 OOCH C(CH ) OH [HOC(CH ) CH OO]• ⎯⎯→              (8.18) 

3 2 2 2 2 3 2 2 3 2[HOC(CH ) CH OO] O HOC(CH ) CH OH HOC(CH ) CHO⎯⎯→ + +        (8.18) 

3 2 2 2 2 2 3 2[HOC(CH ) CH OO] H O 2HOC(CH ) CHO⎯⎯→ +              (8.19) 

3 2 2 2 2 2 3 2[HOC(CH ) CH OO] O 2CH O 2 C(CH ) OH•⎯⎯→ + +              (8.20) 
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3 2 2 2 2 3 2 2 2 3 2[HOC(CH ) CH OO] O HOC(CH ) CCH OOCH C(CH ) OH⎯⎯→ +            (8.21) 

3 2 2 3 2C(CH ) OH O OOC(CH ) OH• •+ ⎯⎯→                (8.22) 

3 2 3 2 2OOC(CH ) OH (CH ) C=O HO• •⎯⎯→ +                             (8.23) 

The peroxyl radicals so formed undergo a series of reactions (eqs. 8.17 – 23) ultimately 

forming formaldehyde and acetone which oxidize further to form a variety of low 

molecular weight products.295 In the presence of ozone, alkyl and peroxyl radicals so 

formed also undergo reaction with O3 forming oxyl radicals with earlier report 

suggesting that ~ 10% of the TBA radicals (alkyl and peroxyl radical) produced are 

transformed into oxyl radicals.295 

2 3 2 3 2 3 2 2CH C(CH ) OH O OCH C(CH ) OH +O• •+ ⎯⎯→            (8.24) 

2 3 2 3 2 3 2 2OOCH C(CH ) OH O OCH C(CH ) OH +2O• •+ ⎯⎯→            (8.25) 

These oxyl radicals also undergo rapid rearrangement in aqueous solution ultimately 

forming second and third generation peroxyl radicals.258, 295 Though peroxyl radicals 

have lower reactivity than •OH, the lifetime of these radicals is higher than •OH and 

may play a role in the oxidation of various organic compounds.302 Furthermore, peroxyl 

radicals may initiate O3 decay 295 and/or undergo dismutation forming H2O2 and O2
•− 

(see eqs. 8.17 – 23) 303 which facilitates O3 decay. While direct and/or indirect 

measurement of peroxyl radicals in the ozonation system using probe compounds (such 

as p–aminobenzoic acid 302) and/or scavengers is not feasible due to the rapid reaction 

of most probe compounds and/or scavengers with O3 and/or •OH, we used the 

modelling approach developed here to determine the role of TBA–associated radicals 

in O3 decay.  As shown in Figure 8.6a and b, the model-predicted ozone decay in the 
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presence of TBA, if the radicals/products formed on TBA–•OH reaction are inert 

(shown by the dashed line), slightly underpredicts the ozone decay rate. However, when 

the decay of TBA radicals (ultimately resulting in formation of formaldehyde and 

acetone based on the mechanism reported earlier 295 and shown in eqs. 8.14 – 23) is 

included in the kinetic model, we observe improved description of O3 self–decay in the 

presence of TBA, thereby supporting the hypothesis that TBA associated radicals and 

products slightly influence O3 decay. While the role of TBA associated radicals in 

organic oxidation is not clear and will be dependent on the nature of the organics, it is 

unlikely to exert a strong influence on the oxidation of organics given that only small 

influence of these radicals on ozone self-decay is observed. Nevertheless, TBA 

scavenging results should be carefully considered and proper control experiments 

should be performed to ensure that the role of TBA associated radicals is minimal, 

particularly if enhancement in the O3 decay rate and/or organic oxidation is observed 

in the presence of TBA. 

8.3.2 Limitations associated with the use of TBA in HCO 

The limitations described in the previous section for ozonation also apply to HCO. In 

addition, there are several other drawbacks associated with the use of TBA during HCO. 

These are described in the following sections.  

8.3.2.1 No access to surface hydroxyl radicals generated during HCO 

One of the major limitations with the use of TBA as •OH probe in HCO is that TBA 

may not scavenge surface generated •OH due to the low surface affinity of TBA.260 As 

shown in Figures 8.7a and b, the formation of fluorescent 7–HC occurs on the surface 

of Cu-Al LDHs on HCO of coumarin, even in the presence of TBA, confirming that (i) 

surface •OH are formed during HCO employing Cu-Al LDHs as the catalyst and (ii) 
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TBA is not able to quench the surface •OH. Increasing the TBA concentration to 100.0 

mM had no influence on the formation of fluorescent 7–HC (Figure 8.8) confirming 

that the inability of TBA to scavenge surface •OH is not due to limited TBA 

concentration. Note that no formation of 7–HC was observed on ozonation of coumarin 

in the absence and presence of 1.0 mM TBA (Figure 8.9) confirming that 7–HC 

formation via direct reaction between O3 (and/or bulk •OH) and coumarin is negligible 

with only surface •OH contributing to 7–HC formation during Cu–Al LDHs-mediated 

ozonation of coumarin. As explained in detail in chapter 5, minimal contribution of 

bulk •OH (formed on O3 self-decay) to 7–HC formation is  in agreement with the results 

of earlier work 29 and was possibly due to (i) limited concentration of bulk •OH formed, 

(ii) rapid oxidation of coumarin by O3 (rather than bulk •OH) in the absence of catalyst 

and/or (iii) rapid further oxidation of any 7–HC formed by bulk O3 and/or •OH. We 

would also like to highlight that the evidence of 7–HC formation in the case of Cu–Al 

LDHs is not an artefact of sample preparation and/or imaging procedure since no 

evidence of surface 7–HC formation was observed when CuO was used as the catalyst 

instead of Cu–Al LDHs (Figure 8.10).  Since TBA is not able to quench surface •OH, 

the conclusion regarding insignificance of •OH-mediated processes in HCO solely 

based on TBA quenching experiments reported in many earlier studies26, 79, 80, 96, 97, 130, 

161, 169, 290, 304-311 may not be correct. For example, Ikhlaq and Kasprzyk-Hordern310 

excluded the involvement of •OH in HCO employing zeolites as the catalyst based on 

the observed lack of influence of TBA on the catalytic ozonation performance even 

though some other studies have shown that zeolites facilitate the generation of •OH via 

O3 decay.78, 312 Furthermore, the partial inhibition of oxidation of organics by HCO in 

the presence of TBA observed in some earlier studies may possibly be due to 
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involvement of both surface and bulk •OH rather than the hypothesized bulk •OH, O2
•− 

and/or O3 mediated oxidation in these studies.169, 282, 313-318 The partial inhibition of 

oxalate and ketoprofen oxidation by HCO in the presence of TBA in recent studies may 

possibly be due to involvement of both bulk and surface •OH rather than due to reaction 

with bulk O3 and •OH as proposed.169, 282  Similarly, in the study by Dai et al313, surface 

•OH may play a partial role since TBA addition only partially decreases the oxidation 

of 5–sulfosalicylic acid (SSal) by HCO, however the involvement of surface •OH was 

not considered by these investigators. In view of these potentially compromised results, 

it is recommended that alternate techniques such as fluorescence microscopy imaging 

using coumarin be employed to probe the generation of surface •OH in case no/partial 

influence of TBA addition on the catalytic activity in HCO is observed.  

 

Figure 8.7 Fluorescence microscopy image of samples following HCO of coumarin in 

the absence (a) and presence (b) of 1.0 mM TBA after 60 min of treatment.  

Experimental conditions: [Cu–Al LDHs]0 = 0.06 g L−1, [O3]0 = 100.0 µM, [coumarin]0 

= 10.0 µM, pH 7.3 using 2.0 mM NaHCO3. 
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Figure 8.8 Fluorescence microscopy image of samples following HCO of coumarin in 

the presence of 10.0 mM (a) and 100.0 mM (b) TBA after 60 min of treatment.  

Experimental conditions: [Cu–Al LDHs]0 = 0.06 g L−1, [O3]0 = 100.0 µM, [coumarin]0 

= 10.0 µM, pH 7.3 using 1.33 mM NaHCO3. 

 

Figure 8.9 Fluorescence microscopy image of samples prepared by ozonation of 

coumarin in the absence (a) and presence of 1.0 mM TBA (b) for 60 min and then 

sorbed onto Cu–Al LDHs surface for 60 min.  Experimental conditions: [O3]0 = 100.0 

µM, [coumarin]0 = 10.0 µM, pH 7.3 using 1.33 mM NaHCO39. [Cu-Al LDHs]0 = 0.06 

g L−1 during the sorption step. 

 

Figure 8.10 Fluorescence microscopy image of samples following HCO of coumarin 

for 60 min using CuO as the catalyst.  Experimental conditions: [CuO]0 = 0.06 g L−1, 

[O3]0 = 100.0 µM, [coumarin]0 = 10.0 µM, pH 7.3 using 1.33 mM NaHCO3. 
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8.3.2.2 Interference with the adsorption of organic compounds during HCO 

Though some earlier studies have reported that TBA does not compete with organics 

for surface adsorption sites,306, 307, 319 our results show that the presence of TBA may 

interfere with the adsorption of organics on the catalyst surface. As shown in Figure 

8.11a, the addition of 0.1 mM TBA decreased HCOO− adsorption on the Fe-loaded 

activated carbon surface at pH 3.0 (note that HCOO− represents the total formate 

concentration including both protonated and deprotonated concentrations). Similarly, 

inhibition of C2O4
2− sorption on the CuO surface at pH 7.3 was observed in the presence 

of TBA, albeit at a very high TBA concentration (Figure 8.11b). The inhibition of 

adsorption of organics in the presence of TBA is likely to influence the surface 

oxidation (if important) of organics. A similar impact of TBA addition was observed 

on the adsorption of oxalic acid on the Fe–SBA–15 surface.149 The effect of TBA 

addition was also observed on rhodamine B (RhB) adsorption and subsequent 

degradation by HCO employing an Fe based metal-organic framework as the 

catalyst.281 As reported by Yu et al.,281 the presence of TBA at a concentration of 2 

g.L−1 facilitated RhB adsorption (and subsequent oxidation) on the catalyst surface by 

increasing the porosity of the catalysts however increasing the TBA concentration to 

60 g.L−1 led to a decrease in the RhB adsorption due to occupation of surface sites by 

TBA. The impact of TBA addition on the adsorption of organic compounds suggests 

that caution should be taken when interpreting the results obtained in the presence of 

TBA since the impact of TBA observed in the HCO process may not be entirely due to 

scavenging of •OH but due to decrease in the adsorption and concomitant oxidation of 

organics via a non–radical mediated pathway.  
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Figure 8.11 (a) HCOO− adsorption on the surface of Fe–AC at pH 3.0 in the absence 

(circles) and presence (squares) of 0.1 mM TBA. Experimental conditions: [Fe–AC]0 

= 10.0 g L−1, [HCOO−]0 = 1.0 µM, pH 3.0. (b) C2O4
2− adsorption on the surface of CuO 

at pH 7.3 in the absence (circles) and presence (squares) of 0.1 M TBA. Experimental 

conditions: [CuO]0 = 0.6 g L−1, [C2O4
2−]0 = 1.0 µM, pH 7.3. 

8.4 Conclusions 

The results presented here clearly show that observations of the impact of TBA addition 

on HCO and/or conventional ozonation may not lead to the correct deduction 

concerning the contribution of •OH in organic oxidation since TBA (i) may not be able 

to access surface located •OH, (ii) results in alteration of the oxidation pathway from 

O3/•OH mediated oxidation in the absence of TBA to O3 driven oxidation in the 

presence of TBA, (iii) decreases O3 decay rate, and (iv) interferes with the adsorption 

of organic contaminants to the catalyst surface.  

We would like to highlight that even though the impact of a single TBA concentration 

is investigated here, the conclusions presented here are valid at higher TBA 

concentrations as well. Use of lower TBA concentrations may mitigate some of the 

effects discussed here though, usually, excess TBA (in the concentration range 0.3 mM 

- 0.1 M) 169, 320 is used to facilitate scavenging of all •OH present. As such, the TBA 

concentration used here is reasonably representative of the concentrations used in TBA 

scavenging studies by other investigators. Note that while we have highlighted the 
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limitations associated with the use of TBA, these limitations also apply, to varying 

degrees depending on surface affinity, to other organic and/or inorganic scavengers of 

•OH (such as sodium azide and/or sodium bicarbonate and sodium silicate) used in 

various earlier studies.  

To summarize, the flow chart shown in Figure 8.12 should be used to determine 

whether TBA addition results can conclusively determine the role of •OH in HCO 

and/or conventional ozonation processes. As highlighted, the current interpretation of 

TBA scavenging results in most studies (shown in the inset in Figure 8.12) is 

significantly flawed with the need for further testing required to convincingly determine 

the role of •OH in the oxidation of organic compounds. As shown in the flowchart, TBA 

scavenging results are inconclusive for organic compounds that are ozone reactive and 

promote decay. Furthermore, if surface sorption of organics decreases in the presence 

of TBA, TBA scavenging results can be misleading. For the former case, other methods 

such as Rct approach should be used determine the role of •OH in organic oxidation.  

For the latter case, further investigation using other probe methods and/or measurement 

of oxidation products of TBA should be performed to verify if the decreased removal 

of organics in the presence of TBA is due to the inhibition of oxidation or sorption of 

organics. TBA scavenging results are inconclusive even for ozone resistant compounds 

if (i) partial inhibition of oxidation of organics and (ii) decreased ozone decay rate is 

observed in the presence of TBA. In this case, while on one hand TBA addition inhibits 

•OH–mediated oxidation of organics, it also decreases O3 decay with the higher O3 

concentration in solution facilitating surface associated oxidation via direct interaction 

with O3 and/or other oxidant(s) (generated on O3 decay) thereby resulting in partial 

decrease in the oxidation of organics.  
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Overall, based on the results shown here, TBA is best employed as a bulk •OH 

scavenger for ozone resistant compounds.  Thus, there is an immediate need to develop 

other simple methods to determine the role of •OH (including both surface and bulk) in 

organic oxidation during ozonation and HCO. In the interim, TBA scavenging results 

should be interpreted in conjunction with other measurement including fluorescence 

imaging method, Rct method and quantification of TBA oxidation products.  

 

Figure 8.12 Flowchart indicating the steps required following TBA addition 

experiments to correctly understand the role of  •OH in organic oxidation 
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Chapter 9 Conclusions and implications  

This thesis investigated the mechanism of catalytic ozonation using carbon, copper and 

iron-based catalysts by quantifying the rate of decay of O3 and oxidation of various 

organics in the presence of these catalysts. In addition, we have investigated the 

influence of salinity and matrix on the performance of catalytic ozonation.  

Our results show that the presence of iron-impregnated activated carbon enhanced O3 

decay and formate oxidation at pH 3.0 compared to that observed in the presence of O3 

alone due to the generation of oxidants via O3–Fe oxide interaction. The decrease in the 

rate and extent of formate oxidation in the presence of TBA and Cl– (which are known 

bulk •OH scavengers under acidic conditions) confirmed that the oxidant generated 

during the catalytic ozonation process employing Fe-oxide/AC catalyst is •OH. 

Moreover, these results confirmed that the oxidation of formate mostly occurs in the 

solid–liquid interface and/or the bulk solution with surface adsorption of organics 

playing no role in the overall oxidation of organics. The catalyst was not active at pH 

7.3 and 8.5 suggesting that only protonated iron oxide surface sites generate strong 

oxidant(s) on interaction with O3. We also developed a mathematical kinetic model 

which describes the ozone decay and oxidation of formate by this catalyst over a range 

of conditions.  

When CuO and Cu–Al LDHs were employed as the catalyst in the catalytic ozonation 

process, oxidation of oxalate mostly occurred on the catalyst surface via interaction of 

surface oxalate complexes with surface–located oxidants. In contrast, the oxidation of 

formate occurred in the bulk solution as well as on the surface of the catalyst. 

Measurement of O3 decay kinetics coupled with fluorescence microscopy image 

analysis corresponding to 7–hydroxycoumarin formation indicated that while surface 
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hydroxyl groups in Cu−Al LDHs facilitate slow decay of O3 resulting in the formation 

of hydroxyl radicals on the surface, CuO rapidly transforms O3 into surface-located 

hydroxyl radicals and/or other oxidants. Futile consumption of surface-located oxidants 

via interaction with the catalyst surface was minimal for Cu−Al LDHs; however, it 

becomes significant in the presence of higher CuO dosages. Based on the mechanistic 

insights provided, we have also developed a mathematical kinetic model which 

describes the O3 decay kinetics and organic oxidation in the presence of these catalysts 

very well and can be used to optimize the process conditions such that contaminant 

degradation by the catalytic ozonation process is maximized. 

The influence of the matrix on the performance of ozonation and catalytic ozonation 

processes employing CuO and Cu–Al LDHs as catalyst was also investigated. Our 

results reveal that the rate of ozone self-decay was considerably faster in phosphate 

buffered solution compared to that in carbonate buffered solution with this effect 

resulting from differing •OH scavenging capacities of the buffering ions. Interestingly, 

while the nature of the buffers used affected the rate of O3 self–decay, there was 

minimal effect on the overall extent of oxidation of the formate and oxalate by 

conventional ozonation. The results obtained indicated that the carbonate radicals 

generated as a result of carbonate – •OH reaction are capable of oxidizing the low 

molecular weight acids such as formate and oxalate however the oxidation of these 

organics by phosphate radicals appears to be minimal. In the catalytic ozonation process, 

the presence of phosphate ions affects the surface chemistry of the Cu–based catalysts 

with phosphate ions inhibiting catalyst mediated O3 decay and sorption of the target 

organic compounds on the catalyst surface, thereby decreasing the overall rate and 

extent of oxidation of target organics. Overall, our results show that the performance of 
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the catalytic ozonation process will be underestimated in phosphate buffered solution 

particularly if surface reactions play an important role in the oxidation of organics. 

We also investigated the performance of commercially available Fe-loaded Al2O3 

catalyst in treating synthetic reverse osmosis concentrate and measured the influence 

of salinity on the overall performance. Our results show that the scavenging of aqueous 

O3 by chloride ions and/or transformation of organics (particularly humics) to more 

hydrophobic form as a result of charge shielding between adjacent functional groups 

and/or intramolecular binding by cations inhibits the bulk oxidation of organics to a 

measurable extent. While the scavenging of aqueous hydroxyl radicals at the salt 

concentrations investigated here was minimal, the accumulation of chloride ions in the 

electric double layer near the catalyst surface, particularly when pH< pHpzc, results in 

more significant scavenging of surface associated hydroxyl radicals. Overall, our 

results showed that the presence of salts (particularly chloride ions) has a significant 

influence on the performance of both conventional and catalytic ozonation processes.  

We also discussed the caveats associated with use of TBA as a •OH scavenger in the 

ozonation and catalytic ozonation processes. Our results show that TBA may not be 

able to access surface located •OH formed during HCO. Furthermore, TBA may also 

interfere with the adsorption of organics on the catalyst surface and decrease the 

adsorptive as well as concomitant oxidative removal of organics via non radical 

mediated pathways (if important). Moreover, TBA scavenging results are inconclusive 

for mildly ozone reactive compounds due to switching from O3/•OH mediated oxidation 

in the absence of TBA to O3 driven oxidation in the presence of TBA. The presence of 

TBA may also decrease the rate of ozone decay with the increased stability of O3 in the 

presence of TBA facilitating (i) direct oxidation of ozone-reactive organics in the bulk 
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solution and/or (ii) diffusion of O3 to the surface and subsequent surface-mediated 

oxidation of organics.  

Overall, the results of this study show that the performance of the catalytic ozonation 

process is highly dependent on the nature of the catalyst as well as the organics as a 

result of their influence on (i) generation and decay of oxidants, (ii) adsorption of 

organics on the catalyst surface, and (iii) importance of surface versus bulk oxidation. 

For example, Fe-impregnated activated carbon drove the oxidation of formate mainly 

in the solid-liquid interface with adsorption playing no role in formate oxidation. In 

contrast, CuO and Cu–Al LDHs favoured the oxidation of oxalate on the surface with 

adsorption enhancing organic oxidation. The bulk oxidation is expected to more 

sensitive towards the constituents of the matrix (such as Cl–) compared to surface 

mediated oxidation of organics. The influence of the nature of the organics on the 

efficacy of the catalytic ozonation process suggests that the design of the ozonation 

process should be modified according to the nature of the organic compounds present 

in the wastewater to be treated. For organic compounds that can be readily oxidized by 

O3, a homogeneous ozonation process is expected to be more cost-effective than a 

catalytic ozonation process. In contrast, a catalytic ozonation process is required for the 

oxidation of organic compounds that are refractory to direct ozone oxidation. In general, 

a multistage ozone process employing a separate homogeneous ozone reactor followed 

by a catalytic ozone process is recommended for the efficient usage of ozone and 

catalyst for the treatment of wastewaters containing complex organic mixtures.  

Careful attention should be paid to the experimental design of the catalytic ozonation 

process, especially in studies designed to provide insights into the oxidation pathway(s) 

during the ozonation and catalytic ozonation processes. Moreover, the pH should be 

well controlled since the difference in pH between ozonation and catalytic ozonation 
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processes will result in erroneous conclusions regarding the efficacy of the catalysts. 

Lastly, caution should be exercised when selecting the buffer that will be used in 

investigations of the conventional ozonation and catalytic ozonation processes as a 

result of varying surface affinity and ROS scavenging capacity of buffering ions. 

The mechanism-based mathematical kinetic models developed here are very useful 

tools for providing important insights into the ozonation and catalytic ozonation 

processes employing a range of catalysts. While probe methods employing compounds 

such as p–CBA and TBA can be used to investigate the generation of radicals and the 

rate and extent of organics oxidation for conventional ozonation, quantitative analysis 

of surface–related reactions with any probe compound is challenging due to the varying 

surface affinity of probes toward different catalysts and the difficulty in quantifying the 

extent of oxidation of probe compounds located on the catalyst surface. Hence, for the 

catalytic ozonation process, where surface-mediated processes are likely to dominate, 

we are of the opinion that the kinetic modeling approach used here will be of value in 

providing mechanistic insight, though more careful validation of these kinetic models 

is needed prior to their application to complex real wastewater matrices. The kinetic 

models developed in this study can be readily extended to other catalysts though the 

determination of certain rate constants appropriate to the particular catalyst of interest 

will be required. Moreover, the kinetic models developed in this thesis can also be used 

to optimize the full–scale reactor design for ozonation and catalytic ozonation processes 

by combining these kinetic models with hydrodynamics using modelling tools such as 

computational fluid dynamics (CFD).    
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