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ABSTRACT 

 

Manganese is a commonly occurring mineral found in soil and sediments that 

takes part in chemical reactions in groundwater and soil systems. It plays a significant 

role in controlling the environmental fate and transport of organic and inorganics by 

facilitating redox reactions. The reactivity of manganese oxides with some emerging 

contaminants like 4-tert octylphenol (OP) in aqueous systems is yet to be explored. 

Additionally, manganese's use within treatment systems designed to remove trace 

organics is yet to be fully developed. 

This research work explores the reactivity of manganese oxide to degrade OP in 

aqueous systems. The rate equation has been determined by conducting experiments at 

various conditions of oxide and organic loading as well as different pH's. The reaction 

order was found to be ≈ 1.1 for both oxide as well as the organic. The reactivity was 

much higher under acidic conditions. The presence of metals and humic acids greatly 

reduced the reactivity. The primary reaction by-product observed in the system was 4-

(2,4,4-trimethylpentan-2yl)benzene-1,2-diol. Magnetic manganese ferrites were further 

created in the laboratory using a novel combustion method in order to blend the catalytic 

properties of manganese with the magnetic and structural properties of ferrites. These 

laboratory prepared catalysts were thoroughly characterized using XRD, SEM, TEM, 

HR-TEM, and BET. Their magnetic properties have also been studied. These manganese 

ferrites offer the potential to enhance hydroxyl radical production within catalytic 

ozonation systems.  Thus their catalyst effectiveness was determined by measuring Rct, 
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ozone exposure, hydroxyl radical production, and ozone decomposition. The effect of 

catalyst type, catalyst dosage, pre-ozonation, pH, and presence of dissolved organic 

matter (DOM) on the hydroxyl radical production during catalytic ozonation was also 

explored.  An increase in ozone dosage, catalyst dosage, and PVA content enhanced 

organic removal in the system.  Organic removal was lower at a decreased system pH, in 

the presence of DOM, and with increasing levels of Mn incorporated into the catalyst.  

Pre-ozonation of the catalyst at lower dosages did not have an effect on the system, 

though extensive pre-ozonation greatly reduced catalyst activity.  Overall, Rct and 

organic removal were not correlated.   
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NOMENCLATURE 

 

pCBA p-chlorobenzoic acid 

PVA Polyvinyl alcohol 

CI Confidence Interval 

SOP Standard Operating Procedure 

XPS X-ray photoelectron spectroscopy 

XRD X-Ray Diffraction 

SEM Scanning electron microscope 

TEM Tunneling electron microscope 

UV/Vis Ultraviolet–visible spectroscopy 

FTIR Fourier Transform Infrared Spectroscopy 

BET Brunauer-Emmett-Teller  

GC Gas chromatography 

LC Liquid chromatography 

ICP Inductively coupled plasma 

MS Mass spectrometry 

QTOF Quadrupole time-of-flight mass 

HPLC High-performance liquid chromatography 

OP Octylphenol 

AP Alkylphenol 

APEO Alkylphenol ethoxylate 
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NP Nonylphenol 

OPEO Octylphenol ethoxylate 

NPEO Nonylphenol ethoxylate 

DI Water Deionized water 

WWTP Waste water treatment plant 

MnFe2O4 Manganese ferrite 

NaMnO4 Sodium manganate 

NaOH  Sodium hydroxide 

MnCl2 Manganese chloride 

MnO2 Manganese oxide 

N2 Nitrogen 

NaNO3 Sodium nitrate 

Ca2+ Calcium (II) ions 

Fe3+ Iron (II) ions 

Mg2+ Magnesium(II) ions 

Cu2+  Copper (II) ions 

Mn2+ Manganese (II) ions 

Zn2+ Zinc(II) ions 

Cr3+ Chromium(III) ions 

TiO2 Titanium dioxide 

Al2O3 Aluminium oxide 

CeO2 Cerium(II) oxide 
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SiO2 Silica 

O3 Ozone 

rinit Initial reaction rate 

pHzpc  pH of zero point charge  

Mn(NO3)2 Manganese nitrate  

Fe(NO3)3 Iron nitrate  

HCl Hydrochloric acid 

H3PO4 Phosphoric acid 

NOM Natural organic matter 

Rct 
∫[∙OH]dt 
∫[O3]dt

 

ZFC Zero field-cooling 

FC Field-cooling 
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1. INTRODUCTION 

 

Manganese is a commonly occurring mineral found in soil and sediments that 

takes part in chemical reactions in groundwater and soil systems (1). Manganese is 

found in several oxidation states in the environment (including +2, +3 and +4) and plays 

a significant role in controlling the environmental fate and transport of organic and 

inorganics by facilitating redox reactions.  

Catalytic and non-catalytic manganese based oxidative treatment technologies 

are demonstrated to oxidize phenols (2), aniline (3), triclosan (4), chlorophene (4), 

fluoroquinoline antibacterial agents (5), antibacterial N-oxides (6), 17-alpha-

ethinylestradiol (7), estradiol (8),  lincosamide (9),  atrazine (10), bisphenol A (11), 

tetrabromobisphenol A (12), oxytetracycline (13), estrogens (14), chlorophenols (15), 

pentachlorophenols (16), tetrachlorophenols (17) and trichlorophenols (17) within 

aqueous systems.  

Additionally, manganese based catalysts enhance ∙OH radical production in 

ozonation systems (18-34). Enhancing ∙OH radical production in ozonation systems 

provides the benefit of being able to target organics that are recalcitrant to molecular 

ozone alone.   

With the discovery of low amounts of pharmaceuticals and personal care 

products in drinking water, wastewater effluents, and environmental waters, there is an 

increased interest in developing catalytic and non-catalytic manganese based treatment 

systems to target trace organic removal.  Therefore, the goal of this PhD research was to 
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develop a greater understanding of manganese based technologies for removal of trace 

organics from aqueous solutions.  Specifically, this research centered on the use and 

development of heterogeneous manganese based catalysts for aqueous phase 1) removal 

of a model recalcitrant trace organic (4-tert alklyphenol) and 2) enhancement of ∙OH 

radicals production during catalytic ozonation (which applies to a broader range of trace 

organics).  Three topics were explored to meet the established goal of this dissertation.  

The three topics included: 

Topic 1: aqueous phase oxidation of 4-tert-octylphenol by manganese oxides  

Topic 2: synthesis and characterization of manganese ferrites; and 

Topic 3: effectiveness of manganese ferrites as ozonation catalysts 

While the three topics stand alone as individual lines of research, the three 

lines are linked together through the use of manganese based treatment 

technologies.  As a whole, the collective results of this research aid in developing 

a better understanding of manganese’s use within treatment systems designed to 

remove trace organics.  Additionally, each investigation helps clarify the 

underlying science behind each topic of exploration.  A brief description of the 

activities and hypothesis explored within each topic are presented below.  Full 

details of carried out research within each topic are found in the subsequent 

chapters within this dissertation.  

Topic 1 research explored oxidation of 4-tertiary octylphenol (octylphenol, OP) 

within an aqueous system in the presence of manganese oxide.   Topic 1 research was 

carried out in order to set a foundation for future experimental approaches, while also 
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addressing the efficacy of using manganese oxides as a treatment technology to remove 

OP from aqueous systems.  OP was selected as the model trace organic target compound 

for Topic 1 research because OP is an endocrine active detergent metabolite that has 

been widely observed and reported in treated effluents and environmental waters.   

The primary hypothesis explored during Topic 1 research is that manganese 

oxide removes OP from aqueous systems through oxidation and the removal is 

dependent on various factors including pH, temperature and ionic strength.   Therefore, 

the effect of pH, temperature, ionic strength, reaction kinetics, and metabolite formation 

when OP reacts with manganese oxides was evaluated.  Finally, the effect of co-solutes 

(humic acid and metals) on the reaction was examined.  Topic 1 research will be 

submitted as a paper to Chemosphere entitled, “Oxidation of 4-tertiary octylphenol by 

manganese oxides in aqueous solutions” in Chapter 2.   

Topic 2 research explored the synthesis and characterization of magnetic 

manganese ferrites.  The purpose of creating the magnetic manganese ferrites was for 

their planned use as ozonation catalysts.  Their magnetic properties allow for their 

recovery from the treatment system.   Magnetic manganese ferrites were prepared by 

mixing manganese nitrate and iron nitrate in a stoichiometric ratio of 1:2.  Polyvinyl 

alcohol was added to the mixed metal salt solution and the ratio of PVA: total nitrate salt 

added was varied from 1:1 up to 1:2 by weight.    

The primary hypothesis explored during Topic 2 research is that PVA is required 

to create magnetic manganese ferrites.  The resulting particles were characterized by X-

Ray diffraction (XRD), X-ray photoelectron spectroscopy (XPS), scanning electron 
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microscope (SEM), tunneling electron microscope (TEM), and Ultraviolet–Visible 

spectroscopy (UV/Vis).  Topic 2 research will be submitted as a paper to the Journal of 

Nanoparticle Research entitled, “Synthesis and characterization of magnetic manganese 

ferrites using a combustion method” in Chapter 3.  A four page extended abstract for 

Topic 2 research was submitted to and presented at the TechConnect World Summit and 

Innovation Conference 2013 in Washington DC in May of 2013.  

Research carried out in support of Topic 3 evaluated the effectiveness of the use 

of the prepared magnetic manganese ferrites as ozonation catalysts by exploring the ratio 

of ∙OH exposure to the O3 exposure [∫[∙OH]dt 
∫[O3]dt

] (also referred to as Rct) generated in an 

ozonation system with and without the catalysts present. The research postulated that 

generation of higher Rct values using the catalysts would demonstrate higher rates of 

hydroxyl radical production. Therefore, the primary hypothesis explored during Topic 3 

research is that the magnetic manganese ferrites increase Rct.  

Topic 3 research focused on the ability of novel magnetic manganese ferrite 

catalysts to transform ozone into hydroxyl radicals and evaluated the effect of catalyst 

type, catalyst dosage, pre-ozonation of the catalysts, system pH, and humic acid on the 

transformation efficiency using parachlorobenzoic acid (pCBA) as a probe compound.  

pCBA is resistant to degradation by ozone, but degrades slowly in the presence of  ∙OH.   

Topic 3 research will be submitted as a paper to Environmental Science & Technology 

entitled, “Magnetic manganese ferrites as catalysts during aqueous solution ozonation” 

in Section 4. 



 

5 

 Section 2, 3, and 4 of this dissertation contain complete papers which will be 

submitted for external publication following peer review.  Section 5 presents the overall 

summary of the combined research, key findings, and interpretations of the research 

outcomes concerning the initially stated hypotheses explored in this dissertation 

research. 
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2. OXIDATION OF 4-TERT-OCTYLPHENOL BY MANGANESE OXIDES IN 

AQUEOUS SOLUTION (TOPIC 1) 

2.1 Introduction 

Alkylphenol ethoxylates (APnEO) are a class of non-ionic surfactants that are 

widely use in the production of plastics, elastomers, textiles, agricultural chemicals, 

paper, cleaners, and laundering products. Nonylphenol ethoxylate (NPnEO) and 

octylphenol ethoxylate (OPnEO) are the two most significant groups of APnEOs. 

Octylphenol (OP) is the main biodegradation product of OPnEO. OP enters the 

environment predominantly through the degradation and disposal of OPnEO based 

products. Reported concentrations of OP in environmental waters range from non-

detectable to as high as 1440 ng/L in river water (35) and 1700 ng/L in treated effluents 

(36) .   

 Presence of OP in environmental systems is of concern because OP is a 

biologically active compound that is known to mimic the action of natural hormones in 

exposed organisms (37). In vitro studies have demonstrated the ability of OP to bind 

with estrogen receptors and alter their functioning in fish, birds and mammals (38-42). 

OP also caused a prolonged suppression of testosterone synthesis and an increase in 

uterine weight in exposed rats (43, 44). Sharpe and his coworkers (45) observed the 

malfunction and malformation of testicular size and sperm production in rats whose 

mothers were exposed to OP via drinking water during periods of gestation and 

lactation.  
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 Presence of OP in the environment has led to observed effects on the 

reproductive systems of aquatic organisms living in water bodies receiving estrogenic 

wastewater effluents and/or runoff. OP was found to reduce reproductive success of 

male fish and alter the mating behavior by acting on the neuroendocrine system (46). OP 

was shown to be both genotoxic and estrogenic in fish. The exposed fish showed 

spermatogenesis with some fish developing oocytes in their testes (40). In vitro studies 

have revealed that OP is 10-20 fold more potent than all the other alkylphenols (38). 

Therefore, developing an understanding of the fate and degradation of OP in the 

environment is an area of interest because of the noted adverse effects of OP on exposed 

organisms. 

 Due to this surfactants low aqueous solubility and a high octanol-water partition 

coefficient (log Kow = 4.12), OP has a tendency to sorb to soils and sediments (47, 48).  

OP has also been shown to degrade through hydroxide radical reaction, photolysis, UV-

photodegradation, and photocatalyic interaction with mineral surfaces. Ning et al. 

studied the reaction kinetics of OP with both molecular ozone and hydroxyl radical and 

identified reaction products (49, 50). OP photolysis was also explored using a solar 

simulator (51). Transformation of OP under UV irradiation is also reported (52). 

Oxidation of OP by photoinduced Fe(III) (53), UV/TiO2 and UV/TiO2/S2O8
2- (54) and  

ferrate(VI) (55) is also demonstrated in the literature.   

 While iron and titanium oxides have been demonstrated to oxidize OP, the 

interaction of OP with manganese oxides is currently not known.  However, manganese 

oxides have been shown to degrade a number of other organic compounds including 
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phenols (2) and substituted phenols (15, 16, 56), aniline (3, 57), triclosan (4), 

chlorophene (4), fluoroquinoline antibacterial agents (5), antibacterial N-oxides (6) , 

steroid hormones (7, 14, 58, 59), lincosamide (9), atrazine (10), bisphenol A (11), 

tetrabromobisphenol A (12), and oxytetracycline (13). The reaction products from these 

studies were oxidized organic and reduced manganese (Mn2+).  Manganese oxides are 

one of the strongest oxidants available in natural waters, soils, and sediments. Therefore, 

evaluating the interaction of OP with manganese oxides is important in order to 

understand the fate and transformation of OPs in environmental waters.  

 The objective of this study was to evaluate reaction kinetics of manganese oxides 

with OP. Influence of pH, temperature, and ionic strength on the reaction rate was also 

evaluated. The effect of humic acid and metal co-solutes on the reaction of OP and 

manganese oxide was also examined. Finally, research was carried out to identify 

byproducts of the reaction of OP with manganese oxides.  

 

2.2 Materials and Methods 

2.2.1 Chemicals 

Sodium permanganate monohydrate (≥97% purity), sodium hydroxide (97% 

purity), manganese chloride (98% purity), 4-(tert-octyl) phenol (97% purity), and L- 

ascorbic acid (reagent grade) were purchased from Sigma-Aldrich and used as received. 

Dichloromethane (OmniSolv, ACS, high purity grade) and methanol (EMD Chemicals, 

ACS, HPLC Grade) were used for preparing GC/MS standards and spiking solution 
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respectively. All experiments were performed using reagent-grade water (>18 MΩ-cm 

resistivity). Solution pH was maintained using acetate (pH 4-5);  3-(N-

morpholino)propanesulfonic acid (MOPS) (pH 6.5-8) and  2-

(Cyclohexylamino)ethanesulfonic acid (CHES) (pH 9-10) buffer systems. 

 

2.2.2 Preparation and characterization of manganese oxide 

Manganese oxide was prepared according to the method described in Murray et 

al. (60). Their method details the preparation of the oxide using sodium permanganate 

and manganese chloride under basic conditions to create a kinetically favored reaction. 

Briefly, 160 mL of 0.1 M NaMnO4 and 320 ml of 0.1 M NaOH were mixed with 3.28 L 

of N2 purged reagent water. 240 mL of 0.1 mM MnCl2 was then added dropwise to this 

mixture. Manganese oxide particles formed during the reaction were allowed to settle 

and the supernatant was washed several times and replaced with reagent grade water 

until the supernatant conductivity fell below 2 µS cm-1. The oxide particles were then 

stored in suspension within a glass amber bottle at 4°C.  

In order to determine the concentration and composition of the oxide particle in 

suspension, three 1 mL samples were heated until dried and the weight of the particles 

was recorded. A subsample of the dried oxide was analyzed by an X-ray diffractometer 

(XRD) and a BET surface analyzer.  A Bruker D8 XRD (CuKα radiation; 40 kV, 40 

mA) fitted with a LynxEYE detector was used for data collection. The BET surface area 

was determined by N2 adsorption using a Beckman Coulter SA 3100 surface area and 

pore size analyzer. 
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2.2.3 Analytical methods 

The concentration of 4-tert octylphenol (OP) in reaction solutions was 

determined using a HPLC (Thermo Electron Corporation) equipped with a diode-array 

detector operating at a UV wavelength of 224 nm. Chromatography was performed on a 

Hypersil Green PAH (5 µm, 4.6 mm x 100 mm) at a flow rate of 1 mL/min under 

isocratic conditions with the solvent in the ratio of 70:30 acetonitrile: reagent water 

containing 0.2% glacial acetic acid. Quantitation was achieved using a five point 

external calibration curve.  Blanks, calibration check standards, and matrix spikes were 

utilized to ensure quality assurance/quality control of generated concentration data.  

For product identification, samples were injected into an Accela Ultra-High Pressure 

Liquid Chromatography (UPLC) system coupled to a heated electrospray ionization 

source (HESI) LTQ Discovery Ion-Trap/Orbitrap mass spectrometer (Thermo Scientific, 

San Jose, CA).    UPLC analysis was performed using a C18 column (Thermo Hypersil 

50x2.1 cm, 1.9um) at a column temperature of 26 oC with an injection volume of 75 µL.  

A gradient mixture was applied as a mixture of acetonitrile, methanol and 0.02% formic 

acid or 10 mM ammonium hydroxide in DI water at a variable flow rate.  Separate 

conditions were selected based on the ionization method utilized during the mass 

analysis.  UPLC conditions are summarized in Table 2-1.  

Reaction byproducts were identified based upon fragmentation patterns from 

multiple mass spectra analyses (MSn).  XCalibur (version 2.0.7) was used for data 

acquisition and for identifying unknowns.  An initial chromatographic scan was 

performed in full MS-only mode for each unknown sample solution to identify 
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chromatographic peaks of interest.  Isolated mass peaks from the initial chromatographic 

scan were then subjected to a series of collision-induced dissociation (CID) experiments 

using a peak-picking algorithm.  The most intense chromatographic peak mass was 

isolated and fragmented by applying a collision energy.  An appropriate collision energy 

was determined iteratively prior to further analysis.  MS3 CID analysis was then 

performed on the most intense and second most intense daughter fragment masses. 

Further MSn experiments were performed until no further detection of fragment ions 

could be observed. 

 

 

Table 2- 1 UPLC conditions 
 

Negative Ionization Mode 
 

Positive Ionization Mode 
Solvent A: 10 mM NH4OH 

 
Solvent A: 0.02% Formic acid 

Solvent B: Methanol 
 

Solvent B: Methanol 
Solvent C: Acetonitrile 

 
Solvent C: Acetonitrile 

Gradient Table 
 

Gradient Table 

No Time 
(min) A% B% C% 

Flow 
Rate 

(µL/min)  No Time 
(min) A% B% C% 

Flow 
Rate 

(µL/min) 

0 0.00 55.0 35.0 10.0 400.0 
 

0 0.00 55.0 35.0 10.0 400.0 
1 1.00 40.0 45.0 15.0 450.0 

 
1 1.00 40.0 45.0 15.0 450.0 

2 4.50 20.0 65.0 15.0 500.0 
 

2 4.50 20.0 65.0 15.0 500.0 
3 9.50 5.0 80.0 15.0 500.0 

 
3 9.50 5.0 80.0 15.0 500.0 

4 10.00 35.0 50.0 15.0 500.0 
 

4 10.00 35.0 50.0 15.0 500.0 
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The concentration of Mn2+ ions in reaction solutions was determined using a Perkin 

Elmer DRCII inductively coupled plasma mass spectrometry (ICP-MS).  All the samples 

were digested with 1% (v/v) HNO3 prior to analysis and stored at 4°C in vials.  The 

concentration of Mn2+ in solution was evaluated using a five point external calibration 

curve.  

 

2.2.4 Batch reactor setup   

All glassware was washed with 2% (v/v) HNO3 and carefully rinsed with 

reagent-grade water. A 3 mM OP stock solution was prepared in methanol due to the 

high solubility of OP in the solvent. The stock solution of the organic was stored in a 

glass bottle and preserved in a freezer at -10°C.  Preliminary experiments were 

performed to assess the effect of laboratory light on the reaction and to determine the 

effect of dissolved O2 on the reaction rates. The preliminary results indicated that within 

the reaction time laboratory lighting and dissolved oxygen did not have any effect on the 

reaction rates. Therefore, all of the experiments were performed in triplicate in 250 mL 

glass amber bottles in the presence of O2 and under ambient light conditions.  

Each batch reactor used within the experiments consisted of an Erlenmyer flask 

filled with buffered reagent grade water at a fixed ionic strength of 0.01 M NaNO3. The 

vessel was then spiked with manganese oxide to achieve a specified oxide concentration.  

The reactor solution was stirred using a Teflon coated magnetic stirrer for an hour before 

the reaction’s initiation. This process ensured that oxide surfaces were equilibrated at the 



 

13 

specified pH and ionic strength conditions. The reaction was initiated by adding a spiked 

solution of OP into the flask to achieve an initial specified OP concentration.  

Subsamples were drawn at intermediate time points and quenched using excess 

0.1 M  L-ascorbic acid. L-ascorbic acid converts the oxide to Mn2+ ions in order to stop 

the reaction and this quenching method releases both the adsorbed OP and Mn2+ 

generated in the process into the solution. Additional experiments were also carried out 

to evaluate the extent of adsorption of OP on the oxide surface.  In these adsorption 

experiments, the reaction was also quenched by micro-centrifuging the sample at a speed 

of 14,000 rpm for 2 minutes to separate out the oxide particles from the reaction 

solution. The supernatant from this quenching method was separated out and analyzed 

and the difference in OP concentrations observed between the two quenching methods 

gave us the percent adsorption of the organic onto the surface of manganese oxide.  

In separate control experiments OP solutions with and without L-ascorbic acid were 

examined in absence of any manganese oxide at different time intervals to assess OP 

stability in the solutions.  OP was stable throughout the timeframes evaluated in this 

study with and without the presence of ascorbic acid.  All experiments were performed 

with at least three replicated samples per analysis point.  
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2.3 Results and Discussion 

2.3.1 Manganese oxide characterization  

The concentration of the oxide solution was found to be ~ 0.01 M. A portion of 

the suspension was freeze-dried and characterized using X-Ray Diffraction (XRD). The 

XRD spectra indicated that the particles were MnO2 and resembled the natural mineral, 

birnessite. The particles had significant amorphous character. The BET surface area of 

the created MnO2 was 355 m2/g.    

 

2.3.2 Determination of order of the reaction with respect to organic, oxide, and pH 

During our initial evaluation of OP reaction with excess MnO2 at a pH of 4.6, OP 

adsorption onto the manganese oxide surface was found to account for < 2% of the total 

organic present in the solution. Such low surface coverage was also reported for phenol 

compounds onto both manganese oxide and iron oxide (2, 61). Therefore, ascorbic acid 

quenching was used throughout the batch kinetic experiments.  This initial evaluation 

also indicated that the reaction between the oxide and organic was fast in the initial 

stages but deviated from the pseudo first order conditions as the reaction proceeded. This 

finding indicates that few active sites exist on the oxide or the active sites are altered as 

the reaction proceeds. This observed behavior of manganese oxide with other organics is 

reported in the literature (2-4).  

The mechanism behind the oxidation of OP in this study was inferred by 

measuring the generation of [Mn2+] ions in the reaction solution.  The results 
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demonstrate that there was an increase in the concentration of [Mn2+] ions in the solution 

as the reaction proceeded indicating that OP is oxidizing through reductive dissolution of 

Mn(IV) oxides.   During the experiments, however, the concentration of [Mn2+] ions did 

not increase proportionately to OP removal.  This finding indicates that [Mn2+] ions 

generated in the process are either adsorbed to the surface of the manganese oxides or 

the reaction did not follow a 1:1 stoichiometry.  

Stone et al. (2) presents a reaction scheme for the dissolution process of 

manganese oxides in presence of organics, which can be briefly summarized as the 

diffusion of organic into the boundary of the oxide layer and a momentary formation of 

an organic-oxide complex. During the dissolution process electron transfer takes place at 

the surface of the complex and then the subsequent separation of oxidized and reduced 

products evolve into the solution.  Because this reaction chemistry was also anticipated 

for the reaction between OP and manganese oxides, an initial rate method was used to 

determine the reaction order. One advantage of using this method to determine reaction 

order is that complications arising due to product interferences as the reaction proceeds 

are avoided (62).  

The reaction orders were determined by carrying out experiments at a pH of 4.6 

and ionic strength of 0.01 M NaNO3 at three different loadings of MnO2 (100 µM, 300 

µM and 500 µM) and OP (40 µM, 30 µM and 20 µM). The slope of the plot of ln(initial 

reaction rate) versus ln[OP] gave the reaction order with respect to the oxide. Similarly 

the slope of the plot of ln(initial reaction rate) versus ln [oxide] gave the reaction order 

with respect to OP.  
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Figure 2- 1 Determination of order with respect to organic 
 

 
 

 

As can be observed from Figures 2-1 and 2-2, the average order with respect to 

both the organic and oxide is 1.13 and 1.16, respectively. 
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Figure 2- 2 Determination of order with respect to oxide 
 

 
 

 

Results presented in Figure 2-3 demonstrate how the initial reaction rates 

decreased linearly as the pH increased. By evaluating the slope of the linear decrease, 

the order with respect to pH was found to be constant with a value of 0.65. 

Stone et al. (2) in their study with substituted phenols had reported that their 

order with respect to pH was not constant, but had decreased from 1.3 to 0.45 between 

pH 7 and pH 4.4. This study had used an organic:oxide ratio between 1.6 and 2.8. 
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Figure 2- 3 Determination of order with respect to pH 
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as a function of pH within our experimental range. Moreover, the observed trend can be 

explained by the changes in speciation of both OP and manganese oxides with pH. These 

changes affects not only the interaction between them, but also the redox potentials of 

the reacting species (57). OP has a pKa value close to 10.7 (62) and over the entire range 

of experimental pH the protonated OP is the dominant species.  At a pH value close to 

4.6 the concentration of protonated OP is 6 orders of magnitude more than the 

concentration of unprotonated OP. The pHzpc of MnO2 has been determined to be close 

to 2.4 (60). Thus, MnO2 exhibits positive charge below this pH value and the surface 

becomes increasingly more negative as the pH increases. The decrease in pH from 8 to 

4, results in reduction potential of MnO2 half-reaction increasing from 0.76 to 0.99V as 

shown in Equation 2-1 

 

1
2

MnO2(s) +  2H+ +  e− →  1
2

Mn2+(aq) +  H2O                                                      (2-1) 

 

The difference of surface charges will result in different electrostatic interaction 

between the oxide and the organic and an observed difference in rates during the 

process. Therefore, the highest rates are observed at lower pH’s due to interaction 

between negatively charged oxide surface and the protonated organic species. As the pH 

increases, OP becomes less protonated and hence the interaction between the surfaces 

decreases.  

To summarize the initial reaction rate of OP oxidation by MnO2 can be described 

by the following equation: 
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rinit = kinit[OP]1.13[MnO2]1.16[H+]0.65                                                                     (2-2) 

 

2.3.3 Effect of co-solutes on the reaction rates  

Metal co-solutes are known to inhibit the interaction of organic with mineral 

surfaces (Figure 2-4).  Co-solute experiments were carried out for each of the metals at 

concentration of 0.01 M, pH of 4.6, [OP] = 40 µM, [MnO2] = 100 µM and ionic strength 

= 0.01 M NaNO3. At pH 4.6 the MnO2 surface is negatively charged and the positively 

charged metals can bind electrostatically to block the active sites for the organic 

oxidation. The inhibition effect for the metals follows the trend [Mn2+]> [Fe3+] > [Cu2+] 

> [Ca2+] > [Mg2+].  During the ascorbic acid quenching step a white precipitate formed 

only in the presence of Cu2+ and not with any of the other metal co-solutes.  This 

precipitation reaction is extensively reported in the literature and is caused by the 

reduction of Cu2+ to Cu+1. For Cu2+ as a co-solute, the effect of the precipitate on OP 

removal was not evaluated, but the system followed the same analytical procedures as 

the other experimental runs.  

Mn2+ ions inhibited OP oxidation by as much as 83% in the first 15 minutes, 

providing evidence for the argument that the reaction of OP with MnO2 deviated from 

pseudo first order conditions due to blocking of active sites by the Mn2+
 ions generated 

in the process. Fe3+ ions also had a pronounced effect on the reaction rates and the 

removal of OP reduced by as much as 67% in first 15 minutes. Ca2+ showed a reduction 
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of 30% followed by Mg2+, which inhibited the oxidation of OP by almost 25% in the 

same time frame.  

 

 

Figure 2- 4 Effect of metal ions on OP removal 
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the initial reaction rate decreased by 20% and 55%, respectively. Xu et al. (14) report 

that the oxidation of 17β-estradiol by MnO2 is facilitated due to possible complexation 

of the humic acids with the Mn2+ ions.  In another study of the oxidation of substituted 

anilines by MnO2, humic acid was also found to suppress oxidation (57).  

However, the Lin et al. (11) study exploring the reaction between Bisphenol-A 

and MnO2 showed very weak inhibition of humic acid on organic removal. They 

suggested that either inhibition did not occur or that two interactions (facilitation and 

suppression) may have counterbalanced each other leading to negligible effect.  Our data 

clearly demonstrates that suppression effect is predominant compared to facilitation (if 

facilitation even is present). 

 

Figure 2- 5 Effect of humic acid on OP removal 
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2.3.4 Reaction products  

The identification of chemical transformation byproducts is an integral part of 

understanding the fate of chemicals during reaction processes. Liquid chromatography 

(LC) followed by accurate mass – mass spectroscopy (MS) is a detection technique used 

for screening byproducts. Identification of reaction byproducts is based upon 

observations of compound fragmentation patterns from multiple MS/MS analyses (MSn).  

Only one byproduct peak not caused by background signal was observed in the system.   

 

 

Figure 2- 6 LC/MS chromatography of the sample and background 
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Figure 2-6 presents the resulting chromatogram observed when the system was 

operated in negative ionization mode using a full scan from 50-1000 m/z.  Scans in the 

positive mode did not generate identifiable byproducts from the reaction. Analysis of the 

peak at 3.63 min (Figure 2-6) showed the byproduct to be a hydroxylation of the 

oxidized parent compound with a composition of C14H21O2. Figure 2-7,  provides the 

two potential structural compositions for the by-product.  As the para position is already 

blocked by a large alkyl group (-C8H17), the most likely addition will take place at the 

ortho position due to steric hindrance at para position. 

 

 
Figure 2- 7 Proposed structures of identified byproducts 
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The reaction mechanisms identified based upon the observed byproduct are listed 

in Figure 2-8.  These reactions are similar to reactions of phenols with Mn-oxides as 

described by Stone et al.(2)  The mechanism starts by the deprotonation of OP.  The 

deprotonated OP then reacts with Mn+4 to from a phenoxy radical and Mn3+.  The 

formed phenoxinium ion reacts with Mn3+ to form major and minor OP byproducts and 

Mn2+.  The major and minor OP byproducts undergo hydrolysis to form the final 

byproducts observed in our reactions. 

 

 
 

Figure 2- 8 Reaction mechanism 
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2.4 Conclusion 

This study shows the reactivity of manganese oxide to degrade OP in aqueous 

systems. Abiotic degradation of OP in natural systems especially in soils where 

manganese oxides are present is a ubiquitous reaction pathway in the environment. 

Reaction rates increase under acidic conditions. The presence of metals and humic acids 

decreases the reactivity of manganese oxide in OP removal due to the competitive 

binding of the co-solutes for the active sites on the oxide. The disappearance of OP from 

the system is mainly due to a phenoxy radical formation and subsequent transformation 

by the transfer of electrons between the radical and the manganese oxides.  Because 

estrogenicity is imparted to OP by the phenolic moiety, additional research should be 

carried out to determine whether the reaction byproducts will exhibit endocrine 

disruption in exposed organisms.   
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3. SYNTHESIS AND CHARACTERIZATION OF MAGNETIC  

MANGANESE FERRITES (TOPIC 2) 

3.1 Introduction 

Manganese ferrite particles are of interest because of their large surface to 

volume ratio and their many uses in the areas of biosensors (63)  , electronics (64), and 

pharmaceutical delivery (65).  Because the structural characteristics of manganese ferrite 

particles are controlled by their synthesis approach, different preparation methods have 

been explored.  Reported synthesis methods include ceramic, co-precipitation, sol-gel, 

spray drying, freeze drying, and high temperature and pressure hydrothermal methods 

(66-69).  In the ceramic method, metal oxides are mixed together by mechanical milling. 

This method does not yield fine particles and results in a wide distribution of particle 

sizes. Also, significant impurities are introduced due to the process of milling. Co-

precipitation methods result in creating particles that are homogeneous, have defined 

stoichiometry, and a narrow distribution of particle size. Sol-gel techniques control 

particle size and size-distribution, but also help to control the shape of the particle. 

Spray-drying involves precipitation of concentrated cation solution by solvent 

evaporation, whereas in free-drying the concentrated solution is atomized into fine 

droplets (70).  Hydrothermal methods are very promising methods to create manganese 

ferrites where particles are made from much smaller particles, such as clusters, 

molecules, ions, and atoms (71).  
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Manganese ferrite belongs to the class of ferrospinel, which are represented by 

the general formula AB2O4. Manganese ferrites also occur naturally as jacobsite. 

Different electrical, magnetic, and catalytic properties of ferrospinels are governed by 

the distribution of metals between the octahedral and tetrahedral sites. Manganese based 

ferrospinels show interesting catalytic properties in the oxidative dehydrogenation of 

hydrocarbons (72), oxidative gas phase CO oxidation (73), decomposition of peroxides 

(74), and oxidation of alkenes (75).  

The purpose of this research was to synthesize and characterize manganese 

ferrite using a novel combustion method. This paper reports on the developed synthesis 

method involved mixing Mn and Fe salts with PVA followed by calcination.  

Characterization of the created manganese ferrites is also reported. 

 

3.2 Methods and Materials 

3.2.1 Preparation of magnetic manganese ferrites 

Magnetic manganese ferrite was prepared by mixing Mn(NO3)2 and Fe(NO3)3 in 

the stoichiometric ratio of 1:2 within a ceramic crucible. Poly-vinyl alcohol (PVA) was 

added to the mixture according to NO3:PVA ratios of 10:1; 5:1; 10:3; 2:1; 1:1; 1:1.5 and 

1:2. The total weight of NO3 in each NO3:PVA composition was 10 g. Therefore, a 

prepared manganese ferrite with a label ‘MnFe2O4 PVA10’ refers to a composition 

prepared with 10 g of total NO3 salts, a Mn:Fe ratio of 1:2, and 10 g of added PVA.  
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100 mL DI water was added to dissolve the NO3 salts. The solution was allowed 

to stand for 8 hours to ensure dissolution. 20 mL DI water was then added and the 

solution was mixed. The mixture was fired in a muffle furnace at 773K for a period of 

60 minutes. After 60 minutes the furnace was turned off and allowed to cool.  Once the 

furnace cooled down, the crucible was removed and the particles within the crucible 

were transferred into a 40 mL glass vial, capped, and stored at room temperature. 

Particles with different stoichiometric ratios of the two NO3 salts were also created by 

varying the Mn percentage.  

 

3.2.2 Characterization of magnetic manganese ferrites 

All prepared samples were characterized using X-Ray Diffraction (XRD), X-ray 

photoelectron spectroscopy (XPS), Scanning electron microscope (SEM), Tunneling 

electron microscope (TEM), magnetic analysis, X-ray photoelectron 

spectroscopy (XPS), carbon analysis, pHzpc and BET surface area.   

A PANalytical Xpert Pro theta-two theta diffractometer with Cu Kα radiation at 

45kV and 40 mA (λ= 1.5406 Å) was used to identify the crystal phase of the created 

manganese ferrites. XRD pattern analysis was performed using the Jade+ software 

(version 7, MDI, Inc., Livermore, CA) according to ASTM D934-80 and using ICDD 

reference patterns (2002 PDF-2 release, International Center for Diffraction Data, 

Newtown Square, PA).  The Brunauer-Emmett-Teller (BET) surface area, porosity and 

pore size distribution of ferrite nanoparticles were measured using a Tristar 3000 BET 
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surface analyzer (Micromeritics). The isoelectric point was determined with a zetasizer 

(3000HSA, Malvern).  

A high-resolution transmission electron microscopy (HR-TEM, JEM-2010F, 

JEOL) with field emission-transmission gun at 200 kV was applied to analyze the 

morphology and crystallinity of the nanoparticles. The particles were dispersed in Milli-

Q water using an ultrasonicator (2510R-DH, Bransonic) for more than 15 minutes and 

fixed on a carbon-coated copper grid (FCF400-Cu, EMS). Surface morphology of the 

ferrites was assessed using an environmental scanning electron microscope (ESEM, 

Philips XL 30 ESEM-FEG) at an accelerating voltage of 10-30 kV.  

Magnetic measurements were performed using a Quantum Design SQUID 

magnetometer MPMS-XL in an applied field of 100 Oe in the 5-300 K temperature 

range. Magnetization data were measured at 300 K with the magnetic field varying from 

0 to 7 T. Hysteresis were measured at 5 K with the magnetic field varying from 2 to -2 

T. AC measurements were performed at 5 Oe oscillating magnetic field 5-300 K 

temperature range. 

 

3.3 Results and Discussion 

3.3.1 X-Ray diffraction 

X-Ray diffraction (Figure 3-1) indicates that PVA was required to form pure 

manganese ferrite.  
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Figure 3- 1 XRD patterns at different PVA compositions 
 

 

 

 

PVA acts as a fuel during synthesis helping to crystallize the manganese ferrite 

structure. At nitrates: PVA ratios above 1:1 peaks of a mixture of  Fe2O3 and Mn-oxides 

were observed.  Nitrates: PVA ratios below 1:1 resulted into complete conversion to 

MnFe2O4. Above this ratio (i.e. MnFe2O4 PVA10, MnFe2O4 PVA15 and MnFe2O4 

PVA20), the XRD pattern observed matches Jacobsite (Figure 3-2). Observed peaks 

occur at 2θ = 30.195⁰, 35.543⁰, 43.217⁰, 53.60⁰, 57.067⁰, 62.665⁰ and 71.15⁰ which 
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represent the Bragg reflections from the (220), (311), (400), (422), (511), (440) and 

(533) planes, respectively.  

 

 

Figure 3- 2 XRD patterns showing complete conversion to manganese ferrites for 
different catalysts. (a) MnFe2O4 PVA10 (b) MnFe2O4 PVA15 and (c) MnFe2O4 
PVA20 
 

 

 
 

For further characterization, only compositions where there was a complete 

transformation to manganese ferrite were evaluated. The compositions are summarized 

in the Table 3-1. 

 
 

(a)

(b)

(c)
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Table 3-1 Summary of prepared catalysts 
 
 

 

 
 
Table 3-2 Carbon content of prepared catalysts 
 
 

 

 

3.3.2 Carbon composition and BET surface areas of synthesized manganese ferrites  

Table 3-2 presents the carbon content analysis. A slight increase in the 

percentage of carbon was observed as PVA content increased. However, the carbon 

content was always less than 0.2% by weight. The BET surface area of the prepared 

catalysts is reported in Table 3-3.  The BET surface area ranged from 46 m2/g  to 58 

m2/g depending upon the PVA amounts used during synthesis.   

  

MnFe2O4 10PVA 8.2 1.8 10
MnFe2O4 15PVA 8.2 1.8 15
MnFe2O4 20PVA 8.2 1.8 20

Mn0.5Fe2.5O4 15PVA 0.9 9.1 15
Mn2.5Fe0.5O4 15PVA 3.12 6.88 15

Catalyst Mn(NO3)2.xH2O 
(gm)

Fe(NO3)2.9H2O 
(gm)

PVA   
(gm)

MnFe2O4 10PVA Non Detectable 48.8
MnFe2O4 15PVA 0.14 57.4
MnFe2O4 20PVA 0.22 39.9

Catalyst % Carbon BET 
Area    



 

34 

Table 3- 3 BET surface area of prepared catalysts 
 

 

 

 

3.3.3 SEM-EDX analysis 

Figure 3-3 shows the SEM images of  (a) MnFe2O4 10PVA (b) MnFe2O4 15PVA 

(c) MnFe2O4 20PVA (d) Mn0.5Fe2.5O4 15PVA (e) Mn2.5Fe0.5O4. 15PVA. Prepared 

manganese ferrites were agglomerated and formed dense, flake-like structures ranging in 

size from nanometers to micrometers.  

  

MnFe2O4 10PVA 48.8
MnFe2O4 15PVA 57.4
MnFe2O4 20PVA 39.9

Mn0.5Fe2.5O4 15PVA 46.4
Mn2.5Fe0.5O4 15PVA 50.9

BET Area    
(m2/g)

Catalyst
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Figure 3- 3 SEM images of prepared catalysts. The different catalyst images are (a) 
MnFe2O4 10PVA, (b) MnFe2O4 15PVA, (c) MnFe2O4 20PVA, (d) Mn0.5Fe2.5O4 
15PVA, and (e) Mn2.5Fe0.5O4 15PVA. 
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The formation of MnxFe3-xO4 was again confirmed with energy dispersive x-ray 

analysis (EDX) and is shown in Figure 3-4. Peak heights of manganese and iron vary 

according to the different stoichiometric ratios used in their preparation.  

 

Figure 3- 4 EDX spectra at different Mn:Fe ratios. The three different catalysts are 
(a) Mn0.5Fe2.5O4 15PVA, (b) MnFe2O4 15PVA, (c) Mn2.5Fe0.5O4 15PVA 
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3.3.4. TEM analysis 

TEM was used to analyze the particle size and shape.  TEM images of the 

produced catalysts are shown in Figure 3-5. While the catalysts were variable in shape 

and size, the majority were spherical in nature with size ranging from 20 to 100 nm.   

 

 

Figure 3- 5 TEM images of prepared catalysts. The different catalysts shown are (a) 
MnFe2O4 10PVA, (b) MnFe2O4 15PVA, (c) MnFe2O4 20PVA, (d) Mn0.5Fe2.5O4 
15PVA, and (e) Mn2.5Fe0.5O4 15PVA 
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For both MnFe2O4 PVA10 and MnFe2O4 PVA15 samples, diffraction patterns of (111), 

(220), (311), (400), (411), and (440) plane for MnFe2O4 were observed by selected area 

electron diffraction (SAED) analysis.  Therefore, the formation of magnetic MnFe2O4 

nanoparticles is confirmed (76).  The lattice spacing of the synthesized materials was 

investigated with HR-TEM analysis (Figure 3-6). The measured lattice spacing was 0.48 

nm for (111) plane and 0.212 nm for (400) plane of MnFe2O4 PVA15 which provides 

another confirmation of the SAED analysis findings (77). 

 

 

Figure 3- 6 HR-TEM and diffraction pattern of catalysts. The two catalysts shown 
are  (a) MnFe2O4 10PVA, (b) MnFe2O4 15PVA 
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3.3.5 X-ray photoelectron spectroscopy 

Figure 3-7 shows the XPS spectra for a representative sample of MnFe2O4 

PVA15 catalyst.  Figure 3-7(a) shows the C1s core level spectra measured by XPS. Two 

main peaks appeared at 284. 6 and 288.5 eV for C-C/C-H bonds and C-O bonds, 

respectively (78). Figure 3-7(b) shows two peaks of the O1s spectra at 529.9 and 531.5 

eV corresponding to O2- and OH-, respectively. For MnFe2O4 PVA10, three peaks of the 

O1 spectra at 529.7, 530.5, and 532.5 eV were observed which indicate the binding 

energies of O2-, O-, and O2
2-, respectively (79).  

The peak of Fe (2p3/2) at 710.5 eV was observed for all samples. The satellite 

peak between Fe(2p3/2) (710.9 eV) and Fe(2p1/2) (724.8 eV), indicates Fe2O3 (80). The 

Mn (2p3/2) peak was observed for all samples around 641.7 eV of Mn3+ spectrum (81). 

The Fe(2p) and Mn(2p) spectra in Figure 3-6  clearly show defined peaks associated 

with the MnFe2O4 formation. The Fe(2p3/2) and Fe(2p1/2) binding energies appear at 

711.9 eV and 725.1 eV in the XPS spectra, respectively. Furthermore, the Mn(2p3/2) and 

Mn(2p1/2) binding energies appear at 641.7 eV and 654.0 eV, respectively. These results 

are consistent with those in a previous study (82) and support the MnFe2O4 formulation. 

Furthermore, the presence of both Mn and Fe in the nanoparticles is confirmed by the 

results from energy dispersive X-ray (EDX) analysis. 
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Figure 3- 7 XPS analysis of MnFe2O4 15PVA catalyst. The peaks for 4 different 
elements shown are a) C(1s),  b) O(1s),  c) Fe(2p), and  d) Mn(2p).  The presented 
results are characteristic of the XPS analysis observed for all samples.  Differences 
in observed spectra between catalysts are discussed in the text 
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3.3.6 Magnetic analysis 

The plot of magnetization versus field at T =300 K shown in Figure 3-8 reveals 

superparamagnetism for all the particles. The saturation magnetization values (Table 3-

4) show that the values for most particles range between 46 and 52 emu/g except the 

Mn2.5Fe0.5O4 15PVA composition which shows lower saturation magnetization (19.6 

emu/g). This indicates lower concentration of metal ion in this catalyst than in previous 

ones.  

 

 
Table 3- 4 Saturation magnetization 
 

 
  

52
49.6
46.9
52

19.6
Mn0.5Fe2.5O4 15PVA
Mn2.5Fe0.5O4 15PVA

Saturation 
magnetization (Ms) 

emu/g
Catalyst

MnFe2O4 10PVA
MnFe2O4 15PVA
MnFe2O4 20PVA
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Figure 3- 8 Magnetization versus magnetic field (Oe) at T =300 K. The different 
catalysts shown are (a) MnFe2O4 10PVA, (b) MnFe2O4 15PVA, (c) MnFe2O4 
20PVA, (d) Mn0.5Fe2.5O4 15PVA, and (e) Mn2.5Fe0.5O4 15PVA 
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Figure 3- 9 Temperature dependence of the real χ’ (full symbols) and imaginary χ” 
(open symbols) components of the AC susceptibility with oscillating field of 5 Oe at 
different frequencies. The different catalyst shown are  (a) MnFe2O4 10PVA, (b) 
MnFe2O4 15PVA, (c) MnFe2O4 20PVA, (d) Mn0.5Fe2.5O4 15PVA, (e) Mn2.5Fe0.5O4 
15PVA 

 

 

The AC magnetic measurement in which an AC field is applied to a sample and 

the resulting AC moment is measured indicates presence of two types of nanoparticle for 
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the MnFe2O4 10PVA sample with blocking temperature 150K and over 300K (Figure 3-

9).  This is clearly visible from the temperature dependent AC susceptibility which 

shows a peak at about 150K and continual increase of χ” (imaginary component of AC 

magnetic susceptibility) over 300K (Figure 3-9).  

Non-zero remnant magnetization and non-superposition of field-cooling (FC) 

and zero field-cooling (ZFC) curves also indicate the existence of nanoparticles with 

blocking temperature over 300K (Figure 3-10).  

 

 

Figure 3- 10 Temperature dependence of magnetization in the zero-field-cooling 
(ZFC) and field-cooling (FC) regime at magnetic field of 100 Oe, and remnant 
magnetization measurements (RM) of the prepared catalyst. The different catalyt 
shown are (a) MnFe2O4 10PVA, (b) MnFe2O4 15PVA, (c) MnFe2O4 20PVA, (d) 
Mn0.5Fe2.5O4 15PVA, (e) Mn2.5Fe0.5O4 15PVA 
 

 



 

45 

No hysteresis has been found at 300K for the catalysts. Generally such behavior 

is attributed to the formation of ferro/ferri-magnetic nanoparticles. The MnFe2O4 10PVA 

catalyst shows a hysteresis at 5K with coercive field 520 Oersted (Oe) (Figure 3-11). 

According to AC measurements of the MnFe2O4 15PVA samples the data 

indicates that it contains one type of nanoparticles with blocking temperature at about 

200K. This is clearly visible from the peak at about 200K on temperature dependent AC 

susceptibility plot and a maximum on ZFC curve.  The sample also shows a hysteresis at 

5K with coercive field 520 Oe.  

The AC measurements of the MnFe2O4 20PVA catalyst, indicates that it contains 

three types of nanoparticles with blocking temperature 10K, 100K and over 300K. This 

is clearly visible as two peaks at about 10 and 100K on temperature dependent AC 

susceptibility and continual increase of χ” over 300K. Non-zero remnant magnetization 

and non-superposition of FC and ZFC curves also indicate the existence of nanoparticles 

with blocking temperature over 300K. The sample shows a hysteresis at 5K with 

coercive field 500 Oe.  

The Mn0.5Fe2.5O4 15PVA contains one type of nanoparticles with blocking 

temperature over 300K. There is no peak observed on the temperature dependent AC 

susceptibility, but just a continual increase of χ” over 300K. Non-zero remnant 

magnetization and non-superposition of FC and ZFC curves also indicate the existence 

of nanoparticles with blocking temperature over 300K.The sample shows a hysteresis at 

5K with coercive field 400 Oe.  

 



 

46 

Figure 3- 11 Hysteresis at 5K of the prepared catalysts. The different catalyst 
shown are (a) MnFe2O4 10PVA, (b) MnFe2O4 15PVA, (c) MnFe2O4 20PVA, (d) 
Mn0.5Fe2.5O4 15PVA, and (e) Mn2.5Fe0.5O4 15PVA 
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The Mn2.5Fe0.5O4 15PVA particles contain one type of nanoparticles with 

blocking temperature at about 200K. This is clearly visible from the peak at about 200K 

on temperature dependent AC susceptibility and a round maximum on ZFC curve. The 

sample shows a hysteresis at 5K with coercive field 400 Oe.  

3.4 Conclusions 

A simple combustion method was developed and verified to create magnetic 

manganese ferrite.  It was clear that only above total nitrates: PVA ratios of 1:1, a total 

conversion of particles to manganese ferrites is observed. Moreover PVA is essential in 

making the particles magnetic. The created manganese ferrites were thoroughly 

characterized using XRD, SEM, TEM techniques. BET suraface area, carbon content 

and, pHzpc of the particles were also determined. The magnetic property of the prepared 

catalysts has been obtained by field dependent magnetization measurements. The 

particles were created for the purpose of creating reactive surfaces that could easily be 

separated within by a magnetic field when used within water and water treatment 

processes. The simplified combustion method used to make managenese ferrites results 

in the creation of reactive surfaces that offer a wide range of applications while being 

easily scalable. 
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4. MAGNETIC MANGANESE FERRITES AS OZONATION CATALYSTS 

(TOPIC 3) 

4.1 Introduction 

 Ozonation has been widely used for disinfection purposes over the past two 

decades.  Recent observations indicate ozonation is also effective for treating trace 

organics in aqueous systems; which has renewed interest in the technology. However, 

ozone by itself is selective in nature and many trace organics are recalcitrant to 

molecular ozone alone.  Therefore, catalytic ozonation processes were developed to 

increase the removal of recalcitrant organics by promoting ∙OH radical formation during 

ozonation. Both homogeneous and heterogeneous ozonation catalysts are reported in the 

literature.  Homogeneous catalysis, including Mn(II), Fe(III), Fe(II), Co(II), Cu(II), 

Zn(II), and Cr(III), enhance ozone decomposition into hydroxyl radicals or form 

complexes that easily decompose into hydroxyl radicals (83-86).  Heterogeneous 

catalytic systems, including metal oxides (MnO2, TiO2, Al2O3, FeOOH, and CeO2), 

metals (Cu, Ru, Pt, and Co) on supports (SiO2, Al2O3, TiO2, CeO2, and activated 

carbon), zeolites modified with metals, and activated carbon are also effective ozonation 

catalysts (18, 19, 87-98).  

Manganese based catalysts rapidly enhance hydroxyl radical production during 

ozonation. The use of Mn(II) as an ozonation catalyst was first reported by Tyupalo et 

al. (99). In an investigation of Mn(II) catalyzed ozonation of oxalic acid in aqueous 

solution Andreozzi and co-workers found that manganese formed an intermediate 
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product with ozone which was easier to degrade (29). Gracia et al. (18), in their work on 

catalytic ozonation of humic acid using various transition metals, showed that Mn(II) 

most effective in reducing TOC in drinking water.  Their study also demonstrated the 

ability of Mn(II) catalytic ozonation to eliminate chlorination byproducts. Gracia et al. 

proposed that oxidation of Mn(II) to Mn(IV) during catalytic ozonation results in a 

MnO2 structural analog that could be easily removed from treatment plants in 

subsequent stages using precipitation, sorption or coagulation. Ma and Graham (21) 

demonstrated that Mn(II) facilitiated the catalytic removal of atrazine during ozonation 

due to hydroxyl radical formation. In-situ formed hydrous manganese oxides were 

determined to be the active catalysts in the Ma and Graham study.  

Heterogeneous (solid) manganese based catalysts are also effective ozonation 

catalysts. Manganese loaded activated carbon removed 1.5-2 times more nitrobenzene 

compared to activated carbon alone during ozonation (25). von Gunten et al.(27) 

prepared manganese doped carbon aerogels that showed higher hydroxyl radical 

production compared to carbon aerogels alone. Zhao et al. (26) prepared manganese 

based honeycomb catalysts and demonstrated their use to remove nitrobenzene from 

aqueous systems. Martins et al. (100) produced Mn-Ce bimetallic oxides for use as 

ozonation catalysts, testing several commercially available and laboratory prepared 

manganese based mixed oxides. Mn-Ce based mixed oxides were identified as the most 

promising in treatment of phenolic effluents.  

Pereira and co-workers (93) synthesized manganese based catalysts on activated 

carbon, Mn-Ce mixed oxides, Mn-Co mixed oxides, and manganese oxide-carbon 



 

50 

composites for the effective removal of organics including oxalic acid.  A number of 

pharmaceuticals have also been treated using manganese based ozonation catalysts.  

Pharmaceutical removal is reported for ciprofloxacin removal on carbon nanotube 

supported manganese oxides (101); phenazone, ibuprofen, diphenhydramine, phenytoin, 

and diclofenac sodium using mesoporous alumina supported manganese oxide (33); and  

fenofibric acid using alumina supported manganese oxide (102).  

A major challenge in using catalytic ozonation for water/wastewater treatment is 

catalyst recovery. Designing magnetic catalysts overcomes this challenge.  While 

magnetic catalysts are widely applied in biotechnology and biomedicine, only a few 

studies have examined the application of magnetic catalysts for contaminant removal 

during water and wastewater treatment. Lv et al. (103) tested cobalt and manganese 

doped γ-Fe2O3 for degradation of 2,4-dichlorophenol. Ren and colleagues (104) explored 

the use of magnetic ferrospinels in form of NiFe2O4 for the removal of di-n-butyl 

phthalate. These early reports demonstrate the remarkable structural, electronic, 

magnetic and catalytic properties of manganese-iron mixed oxides for catalytic 

ozonation.  

This research further investigates the use of manganese-iron based ferrites for 

catalytic ozonation by studying magnetic manganese ferrospinels created using a novel 

combustion method.  The developed catalysts blend the catalytic properties of 

manganese with the magnetic and structural properties of ferrospinels. The objective of 

this study was to test the efficacy of the new catalysts to enhance hydroxyl radical 

production during ozonation.  Catalyst effectiveness was determined by measuring Rct; a 
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concept developed by Elovitz and von Gunten (105) which is defined as the ratio of ∙OH 

exposure to the O3 exposure [∫[∙OH]dt 
∫[O3]dt

] during ozonation. Para-chlorobenzoic acid 

(pCBA) was used as a hydroxyl radical probe to investigate effect of catalyst type, 

catalyst dosage, pre-ozonation, pH and presence of DOM on hydroxyl radical production 

during catalytic ozonation.  

 

4.2 Methods 

4.2.1 Reagents  

Reagent grade iron nitrate, manganese nitrate, poly(vinyl) alcohol, phosphoric 

acid, indigo trisulfonate, para-chlorobenzoic acid (pCBA), sodium hydroxide, 

hydrochloric acid, dipotassium phosphate, potassium dihydrogen phosphate, potassium 

tertraborate, and tert-butanol were purchased from Sigma-Aldrich (St. Louis, MO). 

Stock solutions were prepared in ultrapure de-ionized (DI) water (>18 MΩ-cm) 

produced using a laboratory Millipore DI water system. The ozone stock solution was 

prepared by dissolving ozone produced by an Ozone Solutions TG-10 ozone generator 

(Hull, IA) in DI water.  All ozone stock solutions were prepared in an ice bath inside a 

chemical fume hood.  
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4.2.2 Catalyst preparation 

Magnetic manganese ferrite (MnFe2O4) was prepared by a ‘combustion 

synthesis’ method described in Desai et al. (106). Briefly, manganese nitrate 

(Mn(NO3)2) and iron nitrate (Fe(NO3)3) were mixed together to achieve a 1:2 Mn:Fe 

ratio with 10 grams of total nitrate.   10, 15, or 20 grams of poly-vinyl alcohol (PVA) 

was added to nitrates mixture and the solution was heated in a muffle furnace for a 

period of 1 hour. A complete and detailed characterization of each produced catalyst is 

reported in Desai et al. (106).  X-ray Photospectroscopy (XPS) analysis was used to 

analyze the fresh (unused) catalyst as well as catalyst after ozonation experiments 

(spent). A Surface Science Labs SSX-100 instrument was used to perform the XPS 

analysis. Each sample for analysis was prepared by distributing a small amount of the 

powder on a piece of copper adhesive tape so as to achieve uniform and complete 

coverage.  The nominal x-ray beam diameter for this analysis was 600 µm.  Two spots 

were analyzed on each sample.   

 

4.2.3 Experimental system 

A sacrificial reactor approach was used throughout the experiments. This 

approach prevented ozone degassing from solution by eliminating headspace in the 

reactor and maintained a constant solid:liquid ratio within each reactor. Full details of 

the experimental approach including the number of replicates sampled at each time 

point, the total number of samples, and timing of sampling are found in the Quality 
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Assurance Project Plan governing this research (107).  Briefly, catalyst performance was 

investigated using individual time series experiments designed to determine the effect of: 

catalysts PVA content and Mn mass percentage; catalytic and non-catalytic ozonation; 

catalyst dosage; ozone dosage; pre-ozonation; DOM; and pH on catalytic enhancement 

of hydroxyl radical generation.  All experiments were performed in a 40 mL glass vial 

capped with septa caps.  

For ozone only experiments, individual reaction vials were filled with 10 mM 

borate or phosphate pH buffered DI water.  The vials were then spiked to a final 

concentration of 2 μM pCBA and 100 μM tert-butanol. The reaction was initiated by 

spiking a known amount of ozone into each vial, which varied depending upon the 

experiment.  For experiments containing a catalyst, a known amount of catalyst was 

added to each vial and the vial was filled with DI water.  The vials were then spiked to a 

final concentration of 2 μM pCBA and 100 μM tert-butanol.  Because preliminary 

studies indicated that both borate and phosphate salts interacted with the catalyst, pH 

buffering could not be used to maintain a desired pH. Preliminary experiments without 

the buffers showed that the nascent pH of most catalyst, DI, pCBA and tert-butanol 

systems was ~8.5-8.8 depending on the catalyst type and dose. Addition of ozone 

typically resulted in a pH drop of 0.3 to 0.7 pH units depending on catalyst type and 

dose. Through trial and error it was determined a requisite amount of 0.01 N NaOH or 

HCl to be added to the reactors prior to ozone addition such that upon ozone addition the 

initial pH would be 8.3. As detailed later, this addition of NaOH or HCl only established 

an initial pH upon ozone addition required to bring the initial pH within the reactor to 
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8.3 for each catalyst.  The same amount of NaOH or HCl was then added to the reactors 

used within the experiment.  Finally, a known amount of ozone was added to initiate the 

experiment. 

It should be noted here that the tert-butanol is a radical scavenger  (kO3 =

0.003 M−1s−1;  k∙OH = 5.9 × 108 M−1s−1 ).  The addition of excess of tert-butanol with 

respect to pCBA ensures that all of the pCBA added does not disappear within the time-

frame of our experiment. Table 4- 1 shows the selected second-order rate constants for 

the relevant reaction species and the total calculated first-order ∙OH scavenging rates 

(k∙OH [S]) for reaction at pH 8 and room temperature (≈ 23ᴏ C).  The 

bicarbonate/carbonate scavenging rates are shown at the two different pH’s where we 

ran our experiments.  

For the pre-ozonation experiments, a known amount of catalyst was first taken in 

the vial and filled with a pre-specified amount of DI water. The sample was then dosed 

with a given dosage of ozone (3 mg/L or 20 mg/L as required) and the vial capped. After 

24 hours the ozone concentration was confirmed to be exhausted. Thereafter, each vial 

was spiked with pCBA and tert-butanol and the pH adjusted with 0.01 M NaOH or HCl. 

The reaction is then initiated by spiking the ozone into the vials. For the NOM 

experiments, the NOM used in the experiments was collected from the Ohio River and 

concentrated in the laboratory as described in Pressman (108). A working stock solution 

was prepared by diluting the NOM in DI water mixing on a magnetic stirrer and raising 

the pH close to a value of 10 by adding 0.01M NaOH. This ensures that the NOM 
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dissolves in the water. For the ozonation experiments, the pH of this solution is brought 

down to get a final value of pH 8.3 and the solution filtered to remove any precipitate.  

All vials were placed on a rotary shaker. At a specified time point a vial was 

pulled from the shaker and sacrificed. 3 mL samples were drawn from each vial using a 

gas-tight syringe.  The sample was then passed through a Teflon filter into a vial 

containing 200 μL of indigo dye to quench the reaction.  Preliminary experiments 

demonstrated that filtering had no effect on the ozone or pCBA determination. 

 

 

Table 4- 1 Scavenging capacities of model compounds and scavengers 
 

 

 

 

4.2.4 Analytical measurements and Rct determination 

One aspect of catalyst efficiency is determined by calculating Rct within the 

system.  Rct is the ratio of ∙OH exposure to the O3 exposure during ozonation.  Therefore, 

calculating Rct requires simultaneous measurement of hydroxyl radical (used to 

tert-butanol 0.003 5.9 X 108 1.0 X 10-4 5.9 X 104

pCBA 0.15 5.0 X 109 2.0 X 10-6 1.0 X 104

DOC 2.5 X 104 L/mg/s 2.6 mg/L 6.5 X 104

3.16 X 10-5/ 1.12 X 10-8 2.7 X 102 pH 6.8

1.0 X 10-3/ 1.12 X 10-5 1.3 X 104 pH 8.3
HCO3

-/CO3
2- <<0.01/<0.01 8.5 X 106/ 4 X 108

[S] (M)
Scavenging 
Capacity: 

k∙OH[S] (s-1)      
Compound kO3 (M

-1s-1) k∙OH  (M
-1s-1)
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determine ∙OH exposure) and molecular ozone concentrations (used to determine ozone 

exposure) within the reaction system.  Dissolved ozone was analyzed using the indigo 

method (Bader and Hoigne´, 1982).  pCBA was analysed using a HPLC (Agilent 1200 

series) equipped with a diode-array UV detector operating at a wavelength of 234 nm 

equipped with a Discovery C18 HPLC column (5μm; 2.1 mm x 100 mm). 250 μL of the 

quenched sample was injected into the head of the column and eluted with 30:70 of 

acetonitrile: reagent water containing 0.1% glacial acetic acid at a flow rate 0.5 mL/min 

under isocratic conditions. Quantitation of ozone concentration and pCBA was achieved 

using a five point external calibration curve. 

 Ozone exposure at each time point (𝑂3𝐶𝑇) is calculated according to the 

trapezoidal rule based upon the average concentration of ozone measured in each 

replicate at two successive time points and contributions from previous time points as 

shown in the following equation: 

 

O3CTi = O3t=i−1+ O3t=i
2

(ti − ti−1) +  O3CTi−1                                                                        (4-1) 

 

A plot of ln �[pCBAt]
[pCBA0]

�  versus O3CT at each time point results in a straight line.  

The slope of the resulting line is divided by the rate constant for pCBA reaction with 

hydroxyl radical (k = 5.2 × 109 M−1s−1 ).  The result of this calculation is the Rct.  
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4.3 Results and Discussion 

One important aspect of these reaction systems is the use of tert-butanol to 

provide a constant background scavenger capacity. tert-butanol is frequently used in this 

capacity as it has low reactivity with ozone, but moderate reactivity with hydroxyl 

radicals (kO3 = 0.003 M−1s−1;  k∙OH = 5.9 × 108 M−1s−1 ) (105).  Moreover tert- 

butanol is thought to behave predominantly as an inhibitor in the ozone decomposition 

cycle, though some promotion via H2O2 production is possible (109).  The addition of 

excess tert-butanol with respect to pCBA ensures that all of the pCBA added does not 

disappear within the time-frame of our experiment.   

The addition of this synthetic hydroxyl radical scavenger will affect the absolute 

value of Rct of any system. Together with the ambient carbonate species (HCO3
- and 

CO3
2-) the overall scavenging capacity of the system is dictated by the concentration of 

these constituents.   Calculation of the total initial kinetic scavenging capacity (e.g. the 

DaI values) of both tert-butanol and pCBA show that tert-butanol out-competes pCBA 

by a factor of 6, and both outcompete carbonate by a factor of 5 at pH 8.3 and 218 at pH 

6.3 (Table 4-1).  The loss of both tert-butanol and pCBA during the course of the 

reaction will result in a change in the overall scavenging capacity of the system.  The 

degree of change depends on the magnitude of loss of tert-butanol and pCBA, assuming 

no change in carbonate scavenging, and no contribution to scavenging from tert-butanol 

or pCBA reaction products.    For example, we see that when pCBA C/Co drops to 0.6 

the total loss in scavenging is about 10.9% and about 33% when C/Co drops to 0.1 (Table 

4-2). 
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Table 4- 2 Percent loss of scavenging capacities 
 

 

 

 

It is important to point out that tert-butanol and pCBA were added at the same 

concentrations in each reaction vial.  Therefore, by using the same total scavenging 

capacity for each reaction, Rct values can be compared in a relative sense between 

experiments.  Table 4-1 also provides estimated bicarbonate or DOC concentrations that 

would achieve similar ∙OH scavenging capacity.  The concentrations of DOC in natural 

waters range from < 1 mg/L to > 50 mg/L (110). The bicarbonate ion concentrations of 

natural waters lie largely within the range 1 x 10-3 to 5 x 10-3 M (111). Thus the 

scavenging capacity used in our systems is representative of natural waters which have 

DOC and bicarbonate/carbonate scavengers.  

  Finally, tests were performed to evaluate the degree of pCBA sorption on the 

catalysts; and it was found to sorb negligibly at all experimental conditions performed 

based upon preliminary studies.  The negative charge of the deprotonated pCBA and the 

fact that pH range in this study was above the pHpzc (below) suggests charge repulsion 

limiting sorption. 

 pCBA tert-butanol

0.6 0.94 10.9
0.5 0.92 14.1
0.25 0.85 23.7
0.1 0.76 33.3

C/C0 % loss of total 
scavenging
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Experiments involving catalyst were run without the use of any pH buffers, as 

both borate and phosphate buffers were shown to affect the system within the pH region 

investigated (data not shown).  The reaction matrix pH prior to ozone addition was 

established with mineral acid/base addition, such that upon ozone addition the initial pH 

of the system was approximately 8.3.  Due to the lack of pH buffers, the pH of systems 

run with catalyst drifted downward (towards neutral), typically 0.3 to 0.7 pH units.  It is 

uncertain the exact influence of the pH depression on pCBA removal.  Elovitz et al. 

(105) showed that within the bulk aqueous phase, a lower pH decreases the rate of ozone 

decomposition to ∙OH via the classical decomposition model, and hence pCBA loss is 

slower, Rct values are smaller, but overall, the same amount of pCBA removal is 

achieved (112).  However, those studies were performed in the absence of carbonate, 

whose contribution to scavenging capacity changes dramatically with pH. The pH effect 

on the chemistry occurring at the surface of the catalyst (e.g. ozone reaction with surface 

sites to produce ∙OH, potential reactions of ∙OH, and any redox cycling within the 

catalyst metal centers) is not known due to the unknown nature of the surface sites and 

the complexity of mixed metal species.  However, pH experiments discussed later 

demonstrate that lower pH leads to slower and overall less pCBA removal in both 

ozone-alone and catalytic ozone systems.  This discussion is relevant in that it suggests 

that under the impact of pH depression, the pCBA loss observed in the unbuffered 

systems is likely conservative relative to that which would be achieved if pH remained 

constant.  pH buffering achieved from natural constituents may, however, impact  the 
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system in other ways (for example the negative effect of the presence of DOM).   As 

such full catalyst evaluation is best done in the specific system of interest. 

The BET surface area and pHzpc for each catalyst are reported in Table 4-3.  

pHzpc is the pH where the net surface charge is zero. When the aqueous solution pH is 

below the pHzpc then we have the condition [≡MOH2
+] > [≡MO-], the net surface charges 

being positive. At pH’s above pHzpc we have [≡MO-] > [≡MOH2
+], the net surface 

charges being negative.  

One general observation made in all catalytic systems is the presence of both a 

fast initial phase, corresponding to rapid loss of O3 and pCBA, and second phase with 

slower loss of both.  This phenomenon is frequently seen in systems of natural waters 

containing various O3 and ∙OH reactive species. The observation of the fast initial phase 

in these catalyst systems is interesting and is discussed later.  However, it is mentioned 

now such that its presence can be noted in the subsequent figures. 

 

 

Table 4- 3 BET surface area and pHzpc of the catalysts 
 

 

MnFe2O4 10PVA 48.8 3.1
MnFe2O4 15PVA 57.4 3.8
MnFe2O4 20PVA 39.9 3.6

Mn0.5Fe2.5O4 15PVA 46.4 3.0
Mn2.5Fe0.5O4 15PVA 50.9 3.7

pHzpc
BET Area    

(m2/g)
Catalyst
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4.3.1 Effect of catalyst dosage 

Experiments were conducted at three different dosages of MnFe2O4 15PVA 

catalyst to observe the effect of catalyst dosage on hydroxyl radical production.  Catalyst 

dosages of 75 mg/L, 150 mg/L and 250 mg/L were investigated with an ozone dosage of 

3 mg/L.  Figure 4-1 indicates that presence of the catalyst resulted in increased removal 

of pCBA compared to ozone alone. However, increasing the catalyst dose did not result 

in an observed increase in pCBA removal within the first 5.5 minutes (~ 67% removal). 

Higher catalyst dosages resulted in faster ozone decay rate. It took 4.5 minutes at a 

catalyst dose of 250 mg/L to decompose 92% of ozone in the system as compared to 6.5 

minutes for a 150 mg/L dose and 10 minutes for a 75 mg/L dose.   If we compare the 

pCBA removal at this same extent of ozone decay (92% O3 loss), we see that the pCBA 

removals were 63%, 66% and, 71% with catalyst dosages of 250 mg/L, 150 mg/L and, 

75 mg/L, respectively. If it is assumed that there is the same stoichiometric conversion 

of O3 to ∙OH at the catalyst surface in all three systems, then the lower effective ∙OH -

CT in the bulk phase (where the reaction is presumed to take place) seemingly suggests 

greater quenching of ∙OH at the catalyst surface with increasing catalyst dose.  Hence, it 

could be as simple as the catalyst itself adds to the scavenging ∙OH capacity of the 

system, and a larger catalyst dose adds a larger scavenging capacity.  Alternatively, 

higher ∙OH formation with increased catalyst dose (consistent with the higher rate of O3 

decay) could allow for ∙OH -∙OH quenching to take place.   Finally, with the assumption 

that the catalyst itself does not quench radicals, there could be a shift in the 

stoichiometry of O3 to ∙OH conversion, with the higher catalyst dose having a less 
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efficient stoichiometry.  This finding implies that either there is an additional generation 

of radicals being quenched in the system (likely on the catalyst surface) or the effective 

yield for hydroxyl radicals is lower at a higher catalyst dosage.  

 

 

Figure 4- 1 Effect of catalyst dosage. Conditions: pH= 8.3; [O3] = 3mg/L; [pCBA] = 
2µM; [t-BuOH] = 100µM; T=25ᴏC 
 

 

 

Additionally, the data indicate that the number of active catalytic sites at the 

lowest dosage (75 mg/L) is sufficient to decay the 3 mg/L of ozone dosage to its 

maximum hydroxyl radical yield within the three dosages tested.   
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Figure 4- 2 Rct values for different catalyst dosages 
 

 

 

 

Rct values for different catalyst dosages are shown in Figure 4-2. Ozone decay 

was then fitted as a pseudo-first order reaction in order to gain further insight into the 

reaction system (Figure 4-3). The plot clearly showed two reaction phases. Such an 

observance is common in wastewaters as well as natural waters which contain dissolved 

organic matter (DOM) that has multiple reaction sites for ozone. The initial phase is 

often referred to as the ‘instantaneous ozone demand (IOD)’ and this rate does not 

follow apparent first-order kinetics (113).  The second phase follows first-order kinetics 

and proceeds at a slower rate.   It is generally considered that the fast reacting sites of 

DOM (and potentially some inorganic compounds) correspond to the IOD, and the less 

reactive sites of DOM combine to demonstrate first-order behavior (114).  Given the 

presence of a two-phase behavior in the absence of DOM in our system, in analogy to a 

DOM system, it appears that there are limited number of fast reacting sites on the 

catalyst surface, and a larger number of less reactive sites.  

Rct R2Condition

Ozone alone borate buffer 6.9 X 10-9 0.99

 MnFe2O4 15PVA 75 mg/L 1.3 X 10-8 0.97

 MnFe2O4 15PVA 150 mg/L 2.2 X 10-8 0.97

 MnFe2O4 15PVA 250 mg/L 3.6 X 10-8 0.95
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Comparing the ozone decay rate (kd) as a function of catalyst dose for the second 

phase of the reaction, the pseudo-first order ozone decay rate increases as the catalyst 

dosage increases  which is consistent with literature which reports increasing DOM or 

catalyst dose result in increasing kd. When we normalize the kd by the dose we see the 

values ranging from (1.06 ± 0.11) x 10-3 min-1mg-1 for a dose of 250 mg/L to (1.74 ± 

0.17) x 10-3 min-1mg-1 for a dose of 75 mg/L (Table 4-4). A one-way ANOVA test 

showed that the normalized kd values did not differ significantly (p=0.13).  A calculation 

for dose normalized kd for catalytic ozonation of Lake Zurich waters using carbon 

aerogels from data provided in their paper by von Gunten et al showed that their values 

were also constant (27). 

 

 

Figure 4- 3 Ozone decay rate 
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Table 4- 4  Ozone decay (kd) per catalyst dose 
 

 

 

Thus conversion of O3 to ∙OH may not lead to ∙OH exposure that is effective in reacting 

with pCBA.  

 

4.3.2 Effect of PVA variation 

Experiments were conducted at three different PVA contents to determine the 

impact of PVA on the resulting catalyst efficiency.  PVA: nitrate ratios of 1:1 (MnFe2O4 

10PVA); 1.5:1 (MnFe2O4 15PVA) and 2:1 (MnFe2O4 20PVA) were investigated at a 

total catalyst dosage of 250 mg/L.  All three compositions of the catalyst resulted in 

improved removal of pCBA when compared to ozone alone (Figure 4-4). pCBA removal 

during the first 5.5 minutes of the reaction trended from MnFe2O4 20PVA (68%) ≅ 

MnFe2O4 15PVA (66%) > MnFe2O4 10PVA (49%) and no PVA (41%).  

Mean pCBA loss observed for MnFe2O4 20PVA and MnFe2O4 15PVA was not 

statistically different (p=0.35 at 95% C.I) indicating that these two PVA compositions  



 

66 

Figure 4- 4 Effect of PVA variation. Conditions: pH= 8.3; [O3] = 3mg/L; [pCBA] = 
2µM; [t-BuOH] = 100µM; T=25ᴏC 
 

 

 

had the same hydroxyl exposure.   Ozone decay and the Rct of the secondary phase in 

each system followed the same trend observed in pCBA removal.  The observed ozone 

decay rate constants ranged from 1.07 x 10-3 min-1mg-1 for MnFe2O4 20PVA and 

MnFe2O4 15PVA to 0.67 x 10-3 min-1mg-1 for MnFe2O4 10PVA.  Rct ranged from 3.0 x 

10-8 for MnFe2O4 20PVA and MnFe2O4 15PVA to 1.05 x 10-8 for MnFe2O4 10PVA, and 

0.69 x 10-8 for ozone alone. 

Interestingly, the decreasing trend observed as a function of PVA content for 

pCBA removal, ozone decay, and Rct was not correlated to BET surface.  While 

increasing PVA content from MnFe2O4 10PVA to MnFe2O4 15PVA did enhance 
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hydroxyl radical production, an observed increase of carbon content within the catalyst 

also resulted from increasing PVA content.  Therefore, the observed trend may reflect 

the presence of increased carbon (shown in Section 3) instead of an impact of changes to 

the structure of Mn and Fe on the surface of the catalyst.  In order to examine the impact 

of Mn and Fe composition on the surface in more detail, the next set of experiments 

were investigated. 

 

4.3.3 Effect of Mn:Fe stoichiometric ratio 

Three different compositions with varying Mn:Fe ratios were synthesized and 

tested for their activity to enhance hydroxyl radical production within the ozonation 

system (Figure 4-5).  Differences in catalyst performance were immediately observed 

when stoichiometric ratios of Mn and Fe were varied while producing the catalyst.  

Following an ozone dosage of 3mg/L, greater than 90% of the ozone decomposed within 

1 minute for the Mn2.5Fe0.5O4 15PVA composition (Figure 4-5).  The same level of 

ozone decomposition spanned 3.5 minutes for the MnFe2O4 15PVA composition. For the 

Mn0.5Fe2.5O4 15PVA composition, only 80% of ozone was degraded during the entire 14 

minute reaction duration (Figure 4-5).  
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Figure 4- 5 Ozone consumptions as a function of time 
 

 

 

 

Examining pCBA removal for each Mn:Fe composition provided additional 

insight into the complicated relationship between ozone exposure, Rct, and organic 

removal (Figure 4-6).  

While >90% of ozone degraded in the first minute for the Mn2.5Fe0.5O4 15PVA 

composition, pCBA removal was only 18%.  For MnFe2O4 15PVA, 3.5 minutes was 

required to achieve >90% ozone decomposition within the system.  However, 61.7% of 

pCBA removal occurred. The highest pCBA removal was observed with the 

Mn0.5Fe2.5O4 15PVA catalyst where 72% pCBA removal occurred in 14 minutes 

although only 80% of ozone decomposed.  The data indicate that lower Mn:Fe ratios 
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promote greater pCBA removal despite having lower Rct values and ozone decay rates 

(Table 4-5).   

 

Figure 4- 6 Effect of Mn:Fe stoichiometric variation on pCBA removal. Conditions: 
pH= 8.3; [O3] = 3 mg/L; [pCBA] = 2 µM; [tert-butanol] = 100 µM; T=25ᴏC 
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catalysts, catalysts with a higher Mn percentage are hypothesized to contain a higher 
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could be greater radical-radical interactions leading to more radical quenching rather 

than pCBA reaction. 

 

Table 4- 5 Ozone decay rates and Rct values 
 

 

 

These results exemplify several different points regarding AOP design and the 

description of a system’s efficacy.  The general goal of an ozone-based AOP is the 

conversion of O3 to ∙OH.  However, the rate at which ∙OH exposure is generated may be 

a consideration when the reaction time (residence time) in the reactor is limited.  

Comparing short reaction times of < 5 min for the MnFe2O4 15PVA and Mn0.5Fe2.5 O4 

15PVA catalysts shows that the MnFe2O4 15PVA catalyst was more effective at 

eliminating pCBA (there are insufficient data for < 1 minute to compare the results for 

the Mn2.5Fe0.5O4 15PVA catalyst).  On the other hand, given long enough reaction times, 

the Mn0.5Fe2.5 O4 15PVA formulation is more effective.   

Rct value may be another way to assess an AOP.  However, Rct alone only 

informs on the ratio of ∙OH exposure to O3 exposure, and not on the absolute value of 

the ∙OH exposure. Moreover, Rct does not provide any measurement of a stoichiometric 

Catalyst kd (s
-1) Rct R2

Ozone alone (3.01 ± 0.18) X 10-3 6.9 X 10-9 0.99
Mn0.5Fe2.5O4 15PVA (1.14 ± 0.14) X 10-3 5.8 X 10-9 0.93

MnFe2O4 15PVA (5.14 ± 0.50) X 10-3 3.6 X 10-8 0.95
Mn2.5Fe0.5O4 15PVA (5.68 ± 0.12) X 10-3 2 X 10-8 0.89
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conversion of O3 to ∙OH.  That is, higher Rct values for a given ozone dose does not 

necessarily result in greater ∙OH exposure in the bulk phase. This aspect of 

stoichiometric efficiency may not be the most important design criterion, but the concept 

of the stoichiometry of O3 conversion to ∙OH may explain some of the results.    

An interesting observation from the above experiments is that rapid decay of 

ozone (i.e. with higher Mn:Fe ratios) does not lead to commensurately higher ∙OH 

exposure in the bulk phase.  AOPs may be designed with the goal of rapid conversion of 

O3 to ∙OH.  If the stoichiometric ratio of the conversion of O3 to ∙OH remains the same 

under the influence of this accelerating factor, then one would observe faster loss of 

pCBA with fast O3 decomposition but equal overall loss of pCBA, in all systems.  Such 

effects were putatively observed in Elovitz et al. (112) for pH and temperature 

variations.  In the case of a peroxone AOP, relative to a system with no peroxide, there is 

faster decomposition of ozone and both faster and greater pCBA loss due to a more 

favorable stoichiometric conversion of O3 to ∙OH (115).  The experiments described 

above demonstrate yet a different trend of enhanced ozone decomposition, but lower 

overall pCBA loss.  Whether this is a result of the quenching of ∙OH at the catalyst 

surface (∙OH -catalyst interactions, or ∙OH -∙OH interactions), or a change in O3-to-∙OH 

stoichiometry with changes in Mn:Fe formulations is not certain.   

Additionally, the varied Mn:Fe compositions could produce different 

stoichiometric yields of hydroxyl radicals based upon differences in structural 

composition.  The latter concept has some theoretical backing from various literature 
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reports.  Brillas et al.(116) explored the reactivity of Fe2+ with ozone as presented in the 

following reactions:  

 

O3 + Fe2+                    FeO2+ + O2∙                                                                                (4-2) 

FeO2+ + H2O                       Fe3+ + OH∙ + OH-                                                             (4-3) 

FeO2+ + Fe2+ + 2H+                       Fe3+ + H2O                                                              (4-4) 

 

The authors hypothesize that at lower Fe2+ concentrations reaction (5) is predominant.  

However, at higher Fe2+ concentrations reaction (6) becomes predominant.  Therefore, 

an increase in Fe2+ concentration limits hydroxyl radical production. Similar chemistry 

has also been observed with Mn2+ ions as shown below (117): 

 

O3 + Mn2+                          MnO2+ + O2                                                                        (4-5) 

MnO2+ + H2O                    Mn3+ + OH∙ + OH-                                                             (4-6) 

2Mn3+ + 2H2O                   MnO2 + Mn2+ + 4H+                                                                                        (4-7) 

 

Additionally, based on the redox potentials the following reactions can take place (118) 
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Fe3+ + e-                     Fe2+   (E0 = 0.77V)                                                                     (4-8) 

Mn3+ + e-                     Mn2+   (E0 = 1.51V)                                                                  (4-9) 

 

Thus thermodynamically the following reaction is possible: 

 

Mn3+ + Fe2+                     Fe3+ + Mn2+   (E0 = 0.73V)                                                 (4-10) 

 

A redox cycle between the Mn and Fe may thus also occur in the system. XPS 

analysis performed to understand the oxidation state of the Mn and Fe on the surface of 

the catalyst showed that both the metals were present in multiple oxidation states both 

before and after ozonation (Table 4-6). The peaks of Mn2+/Mn3+ and Fe2+/Fe3+ differ by 

just 1eV. Thus, it is hard to state conclusively from the data which oxidation changes 

took place in the ozonation process.  

As stated earlier, the distribution of manganese in the tetrahedral and octahedral 

sites governs the capability of the catalyst. A number of reports have found the 

tetrahedral sites to be inactive and attribute the octahedral sites as responsible for any 

catalytic activity. Moreover, the tetrahedral sites are not accessible to the reactants (74).   
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Table 4- 6 Peak binding energy values as determined from high resolution XPS 
scans 
After ozonation 

Sample Fe 2p3/2 (eV) Mn 2p3/2 (eV) 
   
Mn2.5Fe0.5O4   
  - 1 710.9 642.5 
  - 2 711.0 642.5 
Mn0.5Fe2.5O4   
  - 1 711.0 642.2 
  - 2 710.8 642.1 
MnFe2O4 PVA10   
  - 1 710.7 642.0 
  - 2 710.7 641.9 
MnFe2O4 PVA15   
  - 1 710.9 642.0 
  - 2 711.0 642.3 
MnFe2O4 PVA20   
  - 1 710.9 642.0 
  - 2 710.8 642.0 
   
FeO 709.8 ± 0.7(1)  
Fe2O3 711.0 ± 0.2(1)  
MnO  641.0 ± 0.5(1) 
MnO2  642.0 ± 0.2(1) 

 

Before ozonation 

Sample Fe 2p3/2 (eV) Mn 2p3/2 (eV) 
   
Mn2.5Fe0.5O4   
  - 1 710.6 642.2 
Mn0.5Fe2.5O4   
  - 1 710.6 641.7 
MnFe2O4 PVA10   
  - 1 710.9 641.8 
MnFe2O4 PVA15   
  - 1 710.8 641.9 
MnFe2O4 PVA20   
  - 1 710.4 642.1 

 

1. Values from Handbook of X-Ray Photoelectron Spectroscopy, Perkin-Elmer Corp., Eden Prairie MN (1979) 
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Thus it can be said that the octahedral sites are the actual surface sites where the reaction 

takes place. Hence, it is the distribution of Mn and Fe in the octahedral sites that will 

govern the reaction chemistry. Given the very presumed similar chemistry of Fe and Mn 

it should have made no difference in the reactivity given the distributions based on 

stoichiometry. The differences in reactivity observed in our experiments are hard to 

explain with the given data and we need to do a detailed catalyst characterization in 

order to understand the distribution of the metals in the octahedral sites to explain the 

particular trend for pCBA removal.   

 

4.3.4 Effect of ozone dosage 

Two different dosages of ozone (3mg/L and 5mg/L) were evaluated for their 

impact on the catalytic activity of the PVA15 catalysts at a dosage of 150 mg/L (Figure 

4-7).  As could be expected data indicate that pCBA removal is enhanced by increasing 

ozone dosage. Additionally, pCBA removal is enhanced in the presence of the catalysts 

compared to when ozone is present alone. 

Without the catalyst pCBA removal increased from 47.2% to 62.3% with an 

increase in ozone dosage from 3mg/L to 5mg/L within first 10 minutes.  In presence of 

the catalyst at an ozone dosage of 3mg/L, 66.1% of pCBA was removed in 5.5 minutes 

compared to ozonation alone which removed 41.3% pCBA. The same trend was 

observed at an ozone dosage of 5mg/L in presence of the catalyst 81.2% removal of 

pCBA was observed in the first 14 minutes as compared to 64.4% in absence of any 

catalyst within the same time frame. 
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Figure 4- 7 Effect of ozone dosage. Conditions: pH= 8.3; [pCBA] = 2µM; [tert-
butanol] = 100µM; T=25ᴏC 
 

 

 

4.3.5 Effect of pre-ozonation and NOM 

 Experiments were conducted to examine the effect of pre-ozonating the catalyst 

(MnFe2O4 15PVA at a dose of 150 mg/L). The catalyst was first ozonated with either an 

ozone dose of 3 mg/L or 20 mg/L. The dissolved ozone in the system was allowed to 

decompose completely (24 h), and then pCBA and tert-butanol were spiked into the 

system.  The system pH was then adjusted so that after addition of the second ozone 

dose, the system pH would initially be 8.3. A second dose of 3 mg/L ozone was added 

and pCBA and ozone concentrations monitored.  Pre-ozonating the catalyst with 3mg/L 

had no discernible effect on pCBA removal compared to the same system without pre-
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ozonation (Figure 4-8).  However, a pre-ozonation dose of 20mg/L had a marked effect 

on the rate of removal of pCBA. In fact the removal of pCBA within the first 10 minutes 

was less with the 20 mg/L pre-dose compared to the single dose ozone-only system 

(29.2% compared to 47.2%). Around 48.5% of pCBA with a pre-ozonation of 20 mg/L 

system was observed in about 24 minutes. Thus a 20 mg/L pre-ozonation dose could 

have completely eliminated the active sites which could not be regenerated by adjusting 

the pH to 8.3 as opposed to a pre-ozonation dose of 3 mg/L. 

 

  

Figure 4- 8 Effect of pre-ozonation and NOM on pCBA removal. Conditions: pH= 
8.3; [pCBA] = 2µM; [tert-butanol] = 100µM in all experiments except NOM study 
where no tert-butanol is added; Final ozone dose = 3mg/L; T=25ᴏC 
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One of the more curious results of the pre-ozonation  tests at a dose of 3 mg/L is the fact 

that the two-phase kinetics of both ozone decomposition and pCBA loss were observed 

for the second O3 dose.  As mentioned previously, two-phase kinetics are frequently 

observed in natural systems containing DOM.  There is a general theory that the DOM 

contains a variety of reactive moieties.  There is a low concentration of O3-reactive 

moieties that leads to fast (sometimes referred to as instantaneous ozone demand, IOD) 

consumption of ozone and high yields of ∙OH ((105, 113)).  There is a larger 

concentration of moderately O3-reactive sites that combine to show a log-linear decrease 

in time (first-order kinetics).  (There is likely another fraction of sites that are very 

unreactive and are not relevant under the time ranges of most ozonation processes).  

Under this presumption, an initial dose of ozone would consume the IOD sites.  The 

second ozone dose would therefore involve only the remaining second phase sites, and 

as such the IOD phase would not be observed. 

 The presence of a fast IOD phase in our catalyst systems could be due to either 

reactive low concentration (relative to the ozone dose) of highly reactive catalyst sites 

that get consumed as would reactive DOM moieties.  Alternatively, there could be 

impurities due to the PVA, or Fe or Mn that was not incorporated into the catalyst 

structure.  In either case one would suspect that these impurities would also get 

consumed with the first dose, as the single dose results show two phases.  The presence 

of the two-phase kinetics that mirrors the first dose results suggests that the highly 

reactive sites were regenerated over the course of the experiment.  If they regenerate on 

short time-scales similar to the IOD time-scales, the system would be regenerating the 
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reactive sites as they are being consumed, and hence two phase kinetics would not be as 

evident.  If there is a slower regeneration process (e.g. >1 h<t<24hr), then it is possible 

the reactive sites regenerated overnight and were available for the second O3 dose that 

was added 24 hours after the first dose.  The results of the 20 mg/L pre-dose suggests 

that the regeneration process is either destroyed or greatly retarded due to high exposure 

to O3 and ∙OH.  Extending these observations to predictions of catalyst longevity is 

difficult.  More experiments are needed.  However, there is some suggestion of catalyst 

regeneration. 

Experiments were also conducted in presence of 2.6 mg/L of dissolved organic 

carbon (DOC) to determine the impact of NOM on radical production.  It should be 

noted here that in these set of experiments we did not add any tert-butanol to the system 

that we were adding in our earlier set of experiments. As it is evident from Table 4-1, a 

DOC of 2.6 mg/L has a comparable scavenging capacity (6.5 x104 s-1) as the tert-butanol 

(5.9 x104 s-1). The primary interest in conducting this experiment was to see if the DOM 

which is mainly thought to be a scavenger in natural systems has the same effect as tert-

butanol which primarily acts as a scavenger too (it can act as a promoter too). Not 

surprisingly, the presence of NOM reduced the catalyst efficiency. In fact a comparison 

with tert-butanol system suggests that these two systems were similar. At a time point of 

2.5 minutes both the systems gave a 60% removal of pCBA within the system. In theory, 

NOM may affect the system is different manners.  For example, NOM may sorb to the 

active sites on the surface of the catalyst and thus block the sites from O3.  In addition, as 
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mentioned  NOM serves as a hydroxyl radical scavenger competing with pCBA for ∙OH 

in the bulk phase ∙OH.   

 

Figure 4- 9 Ozone decomposition kinetics under different pre-ozonation and NOM 
conditions 
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experiments was more pronounced than with the pH 8.3 experiments; the pH dropped as 

much as 1-1.2 pH units for some of the samples in the time series.  

 

 

Figure 4- 10 Removal of pCBA under different pH conditions 
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the second phase of ozonation, a higher pH favors the autocatalytic chain reaction which 

results in faster ozone decomposition (113).  Since the scavenging capacities used in our 

experiments are comparable to natural waters such a trend is expected. Also it should be 

noted that the changes in bicarbonate/carbonate concentrations at different pH’s can also 

have marked effects on the pCBA removal since bicarbonate/carbonate species act as a 

scavenger.   Comparing the data for the catalyst experiments at different pH’s, it is easily 

seen that pCBA removal was enhanced at pH 8.3 compared to pH 6.8.  Interestingly the 

catalyst performance in the system at pH 6.8 was poorer than the ozone-alone system at 

the same pH.  The ozone decomposition data (Figure 4-11) indicate that the ozone decay 

was in fact faster in presence of the catalyst when compared to ozone alone as one would 

have expected. But strangely, lower pCBA removal (Figure 4-12) indicates that the 

available ∙OH radical in the bulk phase was limited. In fact ∙OH radicals are generated in 

the initial phase but barely any pCBA removal is seen in the second phase.  

Since the pKa value of pCBA is close to 3.9, and the reaction between ∙OH and 

pCBA is with the deprotonated form of pCBA, the pCBA is almost completely 

dissociated at both pH 6.8 and 8.3.  Hence, changes in reactivity of pCBA are not a 

plausible explanation of the pH effects. There could be an effect of decreasing pH 

leading to the increased concentration of protonated (neutral) pCBA sorbing to the 

catalyst surface, and acting as a site blocker similar to the effect described for DOM 

above.   The pHzpc of the catalyst MnFe2O4 15PVA is about 3.8. The changes in 

interaction between the organic and the catalyst could result into more ∙OH being 
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quenched by the catalyst itself thus decreasing the yield of the available radicals in the 

bulk solution. 

The final consideration for the effect of pH involves the change in bulk-phase 

∙OH scavenging due to changes in carbonate speciation.  Elovitz et al (112) showed that, 

for homogeneous phase systems, lower pH would slow down the rate of ozone decay 

and pCBA degradation, but for the same extent of O3 consumption, the overall pCBA 

degradation was the same.  This is in contrast to the non-catalyst experiments here.  

However, Elovitz et al purposefully decarbonated the systems, thus removing the effects 

of carbonate scavenging.  In that these systems were not expressly controlled for 

carbonate, if we assume that each system was at atmospheric equilibrium with respect to 

total inorganic carbon, an open system speciation calculation can estimate the HCO3
- and 

CO3
2- concentrations at pH 6.8 and 8.3, and subsequently the scavenging capacity due to 

those species.  With the lower pH 6.8, there is lower scavenging capacity of the whole 

bulk-phase system due to the large decrease in carbonate scavenging (Table 4-1).  

Examining the ozone-alone experiments, as expected there is a slower ozone and pCBA 

decay at pH 6.8.  However, the effect of the diminished carbonate scavenging at pH 6.8 

will result in greater overall pCBA degradation compared to pH 8.3.  Thus the 

involvement of the carbonate species leads to a different conclusion than reported by 

Elovitz et al (112).  The lower pCBA removal at lower pH in presence of catalyst could 

be due to changes on the mineral surface at a lower pH thus resulting into more 

scavenging effect. Also a possible shift in ozone decay mechanism could lead to ozone 

still decaying in the system slowly but no pCBA removal being observed.  
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Figure 4- 11  Ozone decomposition kinetics at different pH conditions 

 
 

 

Figure 4- 12 Oxidation of pCBA as a function of ozone exposure 
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4.4 Conclusions 

Manganese ferrites were demonstrated for their use as ozonation catalysts.  

While all catalysts dosages examined within this research enhanced hydroxyl radical 

production, the lowest dosage  (75 mg/L) was sufficient to decay the 3 mg/L of ozone 

dosage to its maximum hydroxyl radical yield.  However, A PVA content above 1:1.15 

PVA:nitrates was required to enhance hydroxyl radical production.   Hyrdroxyl radical 

production was increased with increasing ozone dosage, and reduced with decreasing 

system pH and by the presence of NOM.  Pre-ozanation did not have an effect on the 

system at low ozone dosages, indicating potential for the reuse of the catalysts.  

Ozone decay demonstrated a two phase behavior indicating that ozone is reacting 

with the fast reacting sites on the manganese ferrite surface leading to an observed IOD 

pattern.  The initial reaction was followed by a second phase, which follows a pseudo-

first order kinetics during the reaction of ozone with the larger concentration of slower 

acting surface sites.  The two phase behavior finding was also observed when the ratio of 

Mn:Fe was increased.  Higher Mn content catalysts resulted in decreased pCBA removal 

observed in the system due to increased ozone decomposition and likely uptake of 

produced hydroxyl radicals on the surface.  

 Overall, we did not find a direct correlation between Rct and organic removal 

as we had expected.  The data instead points to the complicated relationship between 

ozone exposure, Rct, and organic removal.  When ozone decomposition is promoted too 

rapidly, ozone exposures decrease and pCBA removal drops.  Therefore, additional 

parameters other than Rct should be considered when assessing catalyst performance to 
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enhance organic removal.  Developing ozonation catalysts that balance ozone 

decomposition while enhancing organic removal are required to improve treatment 

capacity within catalytic ozonation systems. 
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5. CONCLUSION 

5.1 Research Summary  

This presented dissertation research verified that catalytic and non-catalytic 

heterogeneous managenese based oxidative treatment technologies can be developed to 

oxidize trace organics present in aqueous systems.  Laboratory prepared manganese 

oxide demonstrated high surface area (BET surface area = 355 m2/g) and reactivity to 

degrade OP in aqueous systems.  The research results confirmed the hypothesis that 

manganese oxide removed OP from aqueous systems through oxidation.  The hypothesis 

is supported by the reaction pathway determined through identification of the primary 

reaction byproduct observed in the system.  Oxidation was promoted with decreasing 

system pH and increasing oxide concentration.  Oxidation was inhibited in the presence 

of metal and humic acid co-solutes due to the interaction of the co-solutes with the 

surface.  

Novel magnetic manganese ferrites were also capable of enhancing the removal 

of pCBA (a surrogate organic) during ozonation.  Magnetic catalysts were developed in 

order to aid their recovery from treatment systems using a magnetic retrieval system. 

Magnetic manganese ferrites were prepared by mixing manganese nitrate and iron nitrate 

in a stoichiometric ratio of 1:2.  PVA contents above 1:1 PVA:nitrate composition were 

required to create pure manganese ferrites.  Lower PVA contents resulted in impure 

reaction products.  The hypothesis that PVA is required to create magnetic manganese 

ferrites was supported based upon the full characterization of the resulting catalysts 
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using X-Ray diffraction (XRD) and X-ray photoelectron spectroscopy (XPS).  Use of 

additional characterization tools, including BET surface analysis, scanning electron 

microscope (SEM), tunneling electron microscope (TEM), and Ultraviolet–Visible 

spectroscopy (UV/Vis) provided additional insight into the surface features of the 

developed catalysts.  

The surface area of the developed manganese ferrite catalysts ranged from 39.9 

to 57.4 m2/g with carbon contents ranging from non-detectable to 0.2% by weight.  XRD 

analysis confirmed that the resulting catalyst structures are manganese ferrites and SEM-

EDX identified Mn2.5Fe0.5O4, MnFe2O4, and Mn0.5Fe2.5O4 as the exact form of the 

manganese ferrites.    

The developed catalysts were successfully demonstrated to effectively remove 

pCBA from aqueous solutions. While the hypothesis that the magnetic manganese 

ferrites increase Rct was true in comparison to an ozone alone system, the link between 

Rct and organic removal between catalysts presented a more complicated system.  All 

catalysts dosages examined within this research enhanced hydroxyl radical production. 

Hyrdroxyl radical production was observed to increase with increasing ozone dosage and 

PVA content, but reduced with decreasing system pH and by the presence of NOM.  Pre-

ozonation at lower dosages did not have an effect on the system, indicating potential for 

the reuse of the catalysts.  

Overall, the created heterogeneous manganese surfaces are active sites where 

oxidation occurs in natural and engineered systems.  The active surfaces can be 

successfully employed to remove trace organics in catalytic and non-catalytic water 
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treatment system.  Manganese ferrite use in catalytic ozonation offers the promising 

ability to facilitate oxidation across a range of operational parameters while being easily 

recovered due to the catalysts magnetic properties. 

 

5.2 Future Work   

One of the lingering questions we did not address within this research is what 

happens if a contaminant sorbs to the surface of the manganese ferrites.  We specifically 

picked a probe compound (pCBA) that did not sorb to the catalyst surface because we 

were interested in studying hydroxyl radical production.  However, we can design a 

study to see what happens within the system if examine contaminants that are likely to 

interact with the catalyst via sportive processes.  Selecting contaminants that weakly, 

moderately, and strongly sorb to the manganese ferrite surface would allow us to 

understand how the system could be used practically.  

 In a general sense I am most interested in continuing to work on catalyst 

synthesis and application. The development of heterogeneous catalysts with magnetic 

properties is of particular interest to me because of recovery opportunities.  However, I 

have always enjoyed synthesizing novel materials in a laboratory environment and 

would enjoy branching out into developing other types of heterogeneous catalysts 

systems.  Developing working knowledge of catalysts supported on organic backbones 

would be enjoyable and rewarding. 
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Over the past four years I have also developed an interest in understanding fate and 

transport of trace organics in the environment.  I am more interested in developing 

treatment technologies, but within treatment technology development there are a lot of 

opportunities for clarifying reaction mechanisms.  My background in chemical and 

environmental engineering will allow me to contribute within reaction pathway 

determination, which is generally missing from the literature that currently seems to 

focus more on applications.   
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