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ABSTRACT

Mn oxides have high redox potentials and are known to be very reactive,
rendering many contaminants susceptible to degradation via oxidation. Although Mn
oxides typically occur as mixtures with other metal oxides (e.g., Fe, Al, and Si oxides)
and natural organic matter (NOM) in soils and aquatic environments, most studies to date
have studied the reactivity of Mn oxides as a single oxide system. This study, for the first
time, examined the effect of representative metal oxides (Al2O3, SiO2, TiO2, and Fe
oxides) and NOM or NOM-model compounds (Aldrich humic acid (AHA), Leonardite
humic acid (LHA), pyromellitic acid (PA) and alginate) on the oxidative reactivity of
MnO2, as quantified by the oxidation kinetics of triclosan (a widely used phenolic
antibacterial agent) as a probe compound. The study also examined the effect of soluble
metal ions released from the oxide surfaces on MnO2 reactivity.
In binary oxide mixtures, Al2O3 decreased the reactivity of MnO2 as a result of
both heteroaggregation and complexation of soluble Al ions with MnO2. At pH 5, the
surface charge of MnO2 is negative while that of Al2O3 is positive resulting in intensive
heteroaggregation between the two oxides. Up to 3.15 mM of soluble Al ions were
detected in the supernatant of 10 g/L of Al2O3 at pH 5.0 whereas the soluble Al
concentration was 0.76 mM in the mixed Al2O3 + MnO2 system at the same pH. The
lower amount of soluble Al in the latter system is the result of Al ion adsorption by
MnO2. The experiments with the addition of 0.001 to 0.1 mM Al3+ to MnO2 suspension
indicated the triclosan oxidation rate constant decreased from 0.24 to 0.03 h-1 due to
surface complexation. Fe oxides which are also negatively charged at pH 5 inhibited the
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reactivity of MnO2 through heteroaggregation. The concentration of soluble Fe(III) ions
(< 5 µM) released from the Fe oxides was too low to have a significant effect on MnO2
reactivity. SiO2 affected the reactivity mainly due to complexation of soluble silica with
MnO2. The rate constant at 10 g/L SiO2 was 0.18 h-1 and the measured silica
concentration was 18 mM. In experiments with 0.18 mM Na2SiO3, the rate constant was
0.20 h-1, indicating that decrease in MnO2 reactivity is solely a result of
complexation/precipitation of soluble Si ions on MnO2 surface. TiO2 lowered the
reactivity mainly through its strong adsorption of triclosan when there is a limited amount
of triclosan present, limiting the availability of triclosan to oxidation.
MnO2 reactivity in ternary MnO2‒Fe oxide‒NOM systems was almost always
higher than the respective binary oxide mixture, the dominant interaction mechanism is
enhanced homoaggregation within the Fe oxides due to the formation of oppositely
charged patches within the Fe oxides but lowered heteroaggregation between the Fe
oxide and MnO2 at [AHA] < 2-4 mg-TOC/L or [alginate/PA] < 5-10 mg/L. At [AHA] > 4
mg-TOC/L or [alginate/PA] > 10 mg/L, a lower extent of heteroaggregation was also
observed due to the negatively charged surfaces for all oxides. Similar effects on
aggregation and MnO2 reactivity as discussed above were observed for ternary MnO2‒
Al2O3‒NOM systems.
HAs, particularly at high concentrations (2.0 to 12.5 mg-C/L), alleviated the
effect of soluble Al ions on MnO2 reactivity as a result of the formation of soluble Al-HA
complexes. Alginate and PA, however, did not form soluble complexes with Al ions so
they did not affect the effect of Al ions on MnO2 reactivity. Despite the above
observations, the amount of Al ions dissolved in MnO2+Al2O3+NOM mixtures was too
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low, as a result of NOMs adsorption on the surface to passivate oxide dissolution, to have
a major impact on MnO2 reactivity.
In conclusion, this study provided, for the first time, a systematical understanding
of the redox activity of MnO2 in complex model systems. With this new knowledge, the
gap between single oxide systems and complex environmental systems is much narrower
so that it is possible to have a more accurate prediction of the fate of contaminants in the
environment.

iv

ACKNOWLEDGEMENTS

I would like to sincerely thank my thesis advisor and mentor Dr. Huichun (Judy)
Zhang for the constant guidance and support I have received from her throughout my
studies. I very much appreciate the patience and commitment she has had towards my
learning process.
I would also like to thank the advisory committee members Dr. Benoit Van Aken,
Dr. Rominder Suri and Dr. Daniel R. Strongin for their support, advice, and willingness
to serve on my dissertation advisory committee.
I truly appreciate the help of Dr. Hongwen Zhou for his help with analysis using
the TEM. Also, I am very grateful to Dr. Stephanie Wunder for allowing me to use her
instruments for zeta potential analysis and Dr. Karen Palter for providing me access to
the centrifuge in her lab. I am thankful to Dr. Bingjun Pan for reviewing my manuscripts.
I also appreciate the help of my lab members Jianzhi Huang for his help in ATR-FTIR
analysis, Dr. Gang-Juan Lee for assisting with TOC analysis, and Laura R. Beratta for
helping me in the lab. Also, thank you so much to Drs. Rouzbeh Tehrani and Gangadhar
Andaluri for their help in labs in times of need. I also appreciate the generosity of the
WET center lab for allowing me to use their lab equipment.
I would also like to thank my lab members Yiling, Nastaran and Shubo for always
being so helpful and kind. I also wish to express my thanks to the fellow graduate
students Srishty, Sibia, Asad, Rashid and Ela for their company and encouragements.
I dedicate this dissertation work to my dearest parents Shyam Krishna Taujale and
Renuka Balla Taujale who have always been very loving, encouraging and supportive. I

v

am also eternally grateful for the love, moral support and companionship of my sister
Riju Taujale and brother Rahul Taujale. I feel very fortunate to have them as my siblings.

vi

CONTENTS
ABSTRACT ................................................................................................................ ii
ACKNOWLEDGEMENTS ........................................................................................ v
LIST OF FIGURES .................................................................................................... x
LIST OF TABLES .................................................................................................... xv
INTRODUCTION ............................................................................... 1
1.1
Background ..................................................................................................... 1
1.2
Problem Statement .......................................................................................... 2
1.3
Research Objectives ........................................................................................ 5
LITERATURE REVIEW .................................................................... 6
2.1
Metal Oxides ................................................................................................... 6
2.1.1 MnO2 ............................................................................................................... 6
2.1.2 Al2O3/SiO2/TiO2 .............................................................................................. 7
2.1.3 Iron Oxides ...................................................................................................... 8
2.2
Oxidation of Phenols by Manganese Oxides .................................................. 8
2.3
Adsorption of Organic Contaminants by Metal Oxides ................................ 11
2.4
Interactions Between Metal Oxides .............................................................. 12
2.5
Extended Deryagin Landau Verwey and Overbeek Theory ......................... 13
2.6
Dissolution of Metal Oxides.......................................................................... 15
2.7
Natural Organic Matter ................................................................................. 15
2.7.1 Humic Acid ................................................................................................... 15
2.7.2 Alginate ......................................................................................................... 17
2.7.3 Pyromellitic Acid .......................................................................................... 18
2.8
Triclosan ........................................................................................................ 19
2.9
Hypothesis ..................................................................................................... 21
. Impact of Interactions between Metal Oxides to Oxidative Reactivity
of Manganese Dioxide................................................................................... 22
3.1
Introduction ................................................................................................... 23
3.2
Materials and Methods .................................................................................. 25
3.2.1 Chemicals and Oxide Preparation ................................................................. 25
3.2.2 MnO2 Synthesis ............................................................................................. 26
3.2.3 Reaction Setup ............................................................................................... 27
3.2.4 SEM Images .................................................................................................. 29
3.2.5 Particle Size Analysis .................................................................................... 30
3.2.6 Adsorption of Triclosan................................................................................. 30
3.3
Results and Discussion .................................................................................. 30
3.3.1 Effect of Secondary Oxide Loading .............................................................. 30
3.3.2 Suspension vs. Supernatant ........................................................................... 34
3.3.3 Effect of Metal Ions ....................................................................................... 36
3.3.4 SEM Images and Heteroaggregation ............................................................. 39

vii

3.3.5
3.3.6
3.3.7
3.3.8
3.4

4.1
4.2
4.2.1
4.2.2
4.2.3
4.2.4
4.2.5
4.2.6
4.2.7
4.2.8
4.2.9
4.3
4.3.1
4.3.2
4.3.3
4.3.4
4.3.5
4.3.6
4.3.7
4.3.8
4.4

5.1
5.2
5.2.1
5.2.2
5.2.3
5.2.4
5.2.5
5.2.6
5.2.7

Effect of Triclosan Concentration ................................................................. 41
Effect of pH ................................................................................................... 42
Oxidation of Chlorophene by Binary Oxide Mixtures .................................. 44
Adsorption of Triclosan by Single and Binary Oxides ................................. 44
Environmental Implications .......................................................................... 49
Effects of NOM on Oxidative Reactivity of Manganese Dioxide in
Binary Oxide Mixtures with Goethite or Hematite ....................................... 50
Introduction ................................................................................................... 51
Material and Method ..................................................................................... 53
Chemicals and Oxide Preparation. ................................................................ 53
Triclosan Oxidation Kinetic Experiments. .................................................... 54
Kinetic Data Analysis. ................................................................................... 55
Analysis of Iron Concentration and the Ferrozine Method ........................... 56
Zeta Potential Measurements ........................................................................ 56
NOM Adsorption ........................................................................................... 57
ATR-FTIR Measurements ............................................................................. 58
Sedimentation ................................................................................................ 59
Differential Absorbance Spectroscopy .......................................................... 59
Results and Discussion .................................................................................. 60
Zeta Potential Measurements. ....................................................................... 60
Adsorption of NOM at pH 5.0....................................................................... 61
ATR-FTIR Measurements ............................................................................. 65
Sedimentation ................................................................................................ 68
The Modified DLVO Theory ........................................................................ 74
Oxidation Kinetics of Triclosan in MnO2 and Fe Oxide Mixtures ............... 76
Oxidation Kinetics of Triclosan in MnO2 and NOM Mixtures ..................... 80
Oxidation Kinetics of Triclosan and Interaction Mechanisms in MnO2, Fe
oxide, and NOM Ternary Mixtures ............................................................... 84
Conclusions ................................................................................................... 88
Effect of Natural Organic Matter (NOM) on the Oxidative Reactivity
of Manganese Oxide in Binary Oxide Mixtures with Aluminum Oxide ...... 89
Introduction ................................................................................................... 89
Materials and Method .................................................................................... 92
Chemicals and Oxide Preparation. ................................................................ 92
Triclosan Oxidation Kinetic Experiments. .................................................... 92
Zeta Potential Measurements ........................................................................ 93
Adsorption of NOM ...................................................................................... 93
Adsorption of Al3+ ......................................................................................... 94
Dissolution of Al2O3 ...................................................................................... 94
Transmission Electron Microscopy (TEM) ................................................... 95

viii

5.2.8
5.3
5.3.1
5.3.2
5.3.3
5.3.4
5.3.5
5.3.6
5.3.7
5.3.8
5.3.9
5.3.10
5.3.11
5.4

Sedimentation ................................................................................................ 95
Results and Discussion .................................................................................. 95
Adsorption of Al3+ by MnO2 with or without NOM ..................................... 96
Effect of Al3+ on NOM Adsorption by MnO2 ............................................... 99
Reactivity of MnO2 with Al3+ and NOM .................................................... 101
Effect of NOM on the Surface Charge of Al2O3 ......................................... 105
NOM Adsorption by Al2O3 and Al2O3+MnO2 ............................................ 106
ATR-FTIR Spectra of Adsorbed PA onto MnO2 ........................................ 107
TEM Images ................................................................................................ 109
Sedimentation of Al2O3 and Al2O3+MnO2 in the Presence of NOM .......... 110
Extended DLVO Calculations ..................................................................... 114
Dissolution of Al2O3 in the Presence of NOM ............................................ 116
Kinetics of MnO2 with Al2O3 and NOM ..................................................... 117
Environmental Significance ........................................................................ 118
CONCLUSIONS AND FUTURE WORK ...................................... 121
6.1
Effects of Second Metal Oxides on the Oxidation reactivity of MnO2 ....... 121
6.2
Adsorption of Triclosan by Metal Oxides ................................................... 123
6.3
Effect of NOM on the Oxidation Reactivity of MnO2 ................................ 123
6.4
Effect of NOM on the Reactivity of MnO2 in the Presence of Fe(III)
Oxides .......................................................................................................... 124
6.5
MnO2 Reactivity in the Presence of Al3+ and NOM ................................... 125
6.6
MnO2 Reactivity in the Presence of Al2O3 and NOM................................. 126
6.7
Future Work ................................................................................................ 128
REFERENCES ....................................................................................................... 129

ix

LIST OF FIGURES
Figure 2.1: Structure of alginate ....................................................................................... 18
Figure 2.2: Structure of pyromellitic acid ......................................................................... 19
Figure 2.3: Structure of triclosan ...................................................................................... 19
Figure 3.1: Generic reaction kinetics of triclosan in the presence of MnO2 and/or Al2O3-I.
Typical reaction conditions: 10 µM triclosan, 5 mg/L MnO2, 1 g/L Al2O3-I, pH 5.0,
0.01 M NaCl. ............................................................................................................. 31
Figure 3.2: Generic reaction kinetics of triclosan in the presence of MnO2 and/or SiO2-I.
Typical reaction conditions: 10 M triclosan, 5 mg/L MnO2, 1 g/L SiO2-I, pH 5.0,
0.01 M NaCl. ............................................................................................................. 31
Figure 3.3: Generic reaction kinetics of triclosan in the presence of MnO2 and/or TiO2-I.
Typical reaction conditions: 10µM triclosan, 5 mg/L MnO2, 1 g/L TiO2-I, pH 5.0,
0.01 M NaCl. ............................................................................................................. 32
Figure 3.4: (a) Effects of varying secondary oxide loading on the oxidation of triclosan
by MnO2. Reaction conditions: 10 µM triclosan, 5.0 mg/L MnO2, pH 5.0, 0.01 M
NaCl, 0.025 to 10 g/L secondary metal oxides. (b) Effects of varying triclosan
concentration on oxidation of triclosan by MnO2. Reaction conditions: 5.0 mg/L
MnO2, 10 g/L secondary metal oxides, pH 5.0, 0.01 M NaCl. ................................. 33
Figure 3.5: Effects of varying metal oxides on the oxidation of triclosan by MnO2.
Reaction conditions: 10 µM triclosan, 5 mg/L MnO2, pH 5.0, 0.01 M NaCl, 0.025 to
10 g/L secondary metal oxides. Respectively similar results were observed for
Al2O3-III, SiO2-III and TiO2-III and are thus not shown........................................... 33
Figure 3.6: a) Effect of ‘soluble Al’ concentration on oxidation of triclosan by the
mixtures of MnO2 with either Al3+ or Al2O3-I. (Inset: Al3+ adsorption isotherm by
MnO2) b) Effect of soluble SiO2 on oxidation kinetics. Reaction conditions unless
otherwise specified: 10 µM triclosan, 5.0 mg/L MnO2, pH 5, 0.01 M NaCl. ........... 37
Figure 3.7: Correlation between the triclosan oxidation rate constant and the amount of
Al3+ adsorbed by MnO2 when 0.001 – 0.1 mM Al3+ was added to 5 mg/L MnO2 at
pH 5. .......................................................................................................................... 38
Figure 3.8: SEM images of MnO2, secondary metal oxides and the mixtures of MnO2
with the secondary metal oxides................................................................................ 40
Figure 3.9: Desorption kinetics of triclosan following the adsorption equilibrium of
triclosan by the secondary oxides. Reaction conditions: 10 g/L of secondary metal
oxides pre-equilibrated with 10 µM of triclosan, 0.01 M NaCl, pH 5. ..................... 42
Figure 3.10: a) Effect of pH on oxidation. Reaction conditions: 0.1 g/L Al2O3-I, 10 g/L
SiO2-I and TiO2-I, 10 µM triclosan, 5.0 mg/L MnO2, 0.01 M NaCl. b) Effect of pH

x

on oxidation with the addition of 5 µM Al3+. Reaction conditions: 10 µM triclosan,
5.0 mg/L MnO2, 0.01 M NaCl, (Inset: adsorption edge of Al3+ by MnO2). .............. 43
Figure 4.1: Effect of varying NOM concentrations on the zeta potential values of a)
MnO2 and b) FeOOH. Experimental conditions: 0.1 g/L oxide, 0–10 mg-TOC/L
AHA, 0–25 mg/L alginate/PA, 0.01 M NaCl, and pH 5.0. ....................................... 61
Figure 4.2: Measurement of zeta potential values of oxides from pH 1.0 to 12.0 with 0.1
g/L oxide and 0.01 M NaCl. ...................................................................................... 61
Figure 4.3: Adsorption of NOM by MnO2. Experimental conditions: 5 mg/L MnO2, 0-10
TOC-mg/L AHA, 0-25 mg/L Alginate/PA, 0.01 M NaCl, pH 5.0............................ 62
Figure 4.4: Adsorption isotherms of a) AHA, b) alginate, and c) PA by Fe oxides and by
their mixtures with MnO2. Experimental conditions: 5 mg/L MnO2, 1 g/L Fe oxides,
0–80 mg-TOC/L AHA, 0–150 mg/L alginate/PA, 0.01 M NaCl, pH 5.0. ................ 63
Figure 4.5: Adsorption of PA at varying pH. Experimental conditions: 1 g/L FeOOH with
or without 5 mg/L MnO2, 0.01 M NaCl, pH 2 to 9, and 25 mg/L PA...................... 64
Figure 4.6: Distribution of the fully deprotonated (L4-), singly protonated (HL3-), doubly
protonated (H2L2-), triply protonated (H3L-), and completely protonated (H4L) forms
of pyromellitate in solution as a function of pH at an ionic strength of 0.01 M NaCl.
................................................................................................................................... 66
Figure 4.7: Spectra of a) aqueous PA (30 mM) and PA (2.95 mM) adsorbed on b)
FeOOH and c) FeOOH+MnO2 as a function of pH in 0.01 M NaCl solution. ......... 68
Figure 4.8: Sedimentation time course of a) 0.2 g/L MnO2 b) 0.2 g/L Fe2O3 and c) 0.1 g/L
Fe2O3+0.1 g/L MnO2 in the presence of 0-10 mg-TOC/L of AHA. Experimental
conditions: 0.01 M NaCl, pH 5.0. ............................................................................. 70
Figure 4.9: Sedimentation time course of a) 0.2 g/L FeOOH and b) 0.1 g/L FeOOH+0.1
g/L MnO2 in the presence of 0–10 mg-TOC/L AHA and 0.01 M NaCl at pH 5.0 ... 71
Figure 4.10: Sedimentation time course of a) MnO2, b) FeOOH, c) FeOOH+MnO2, d)
Fe2O3, and e) Fe2O3+MnO2 in the presence of 0-25 mg/L of alginate. Experimental
conditions: 0.2 g/L total oxide loading, 0.01 M NaCl, pH 5.0. ................................. 73
Figure 4.11: Net interaction energy between FeOOH and MnO2 particles as a function of
separation distance in the presence of varying amounts of AHA. Figure (a) is based
on the classical DLVO theory, hence the steric repulsive energy is not considered.
The steric repulsive energy is incorporated in results shown in Figures (b) and (c)
where the thickness of the adsorbed layer “l” is 5.7 or 7.0 nm. ................................ 75
Figure 4.12: TEM images of oxides with AHA. The concentration of AHA is reported in
terms of mg-TOC/L AHA. a) MnO2, b) FeOOH, c) MnO2+FeOOH, d) MnO2+0.4
mg-TOC/L AHA, e) MnO2+FeOOH +10 mg-TOC/L AHA, f) Fe2O3, g) MnO2+
Fe2O3, and h) MnO2+ Fe2O3+2 mg-TOC/L AHA. Experimental conditions: 0.1 g/L
xi

total oxide loading (0.05 g/L of MnO2 and FeOOH each in the mixtures), 0.01 M
NaCl, pH 5.0. ............................................................................................................. 77
Figure 4.13: a) Typical time course of triclosan oxidation by MnO2 in the presence of
FeOOH and/or AHA. The concentration of AHA is reported in terms of mg-TOC/L;
“Control” means there was only triclosan with the solution medium (i.e. buffer and
NaCl); b) Rate constants of triclosan oxidation in mixtures of MnO2 with various Fe
oxides. Error bars indicate standard deviations of duplicate experiments.
Experimental conditions: 5 mg/L MnO2, 1 g/L Fe oxides, 10 µM triclosan, 0.01 M
NaCl, and pH 5.0 ....................................................................................................... 78
Figure 4.14: Solubility of iron oxides as a function of pH at 0.01 M NaCl, calculated
using MINEQL+ (ver. 4.6). ....................................................................................... 80
Figure 4.15: Effects of a) Fe3+ concentration and b) FeOOH loading on the reactivity of
MnO2. Error bars indicate standard deviations of duplicate experiments.
Experimental conditions: 5 mg/L MnO2, 0-10 g/L FeOOH or 0-100 µM Fe3+, 10 µM
triclosan, 0.01 M NaCl, and pH 5.0........................................................................... 80
Figure 4.16: Correlation between the intensity of the differential absorbance (AHA+Mn2+
vs AHA) at 254 nm and concentration of Mn2+. Experimental conditions: 0.8 mgTOC/L as AHA, varying concentrations of Mn2+, 0.01 M NaCl, and pH 5.0........... 82
Figure 4.17: Effect of a) AHA, b) alginate, and c) PA on the oxidative reactivity of MnO2
with or without Fe oxides. Error bars indicate standard deviations of duplicate
experiments. Reaction conditions: 1 g/L Fe oxides, 10 µM triclosan, 5.0 mg/L
MnO2, 0–10 mg-TOC/L AHA, 0–25 mg/L alginate, 0–50 mg/L PA, 0.01 M NaCl,
and pH 5.0. The legends indicate the concentration of NOM in mg/L. .................... 83
Figure 4.18: Modeling of the amount of Mn2+ adsorbed by a generic humic acid based on
the NICA-Donnan model using Visual MINTEQ (ver. 3.0) with the parameters
introduced in its database[137-139]. MINTEQ calculations assumed 10 mg-TOC/L
of humic acid, ionic strength of 0.02 M, pH 5.0, and total Mn2+ concentration
varying from 10-7 to 10-5 M. Similar results were obtained while changing the humic
acid concentration between 0.2 and 10 mg-TOC/L and are thus not shown. The lines
show the model prediction of the amount of Mn2+ adsorbed by the humic acid
through electrostatic interaction (Donnan) and carboxylic and phenolic functional
groups. ....................................................................................................................... 84
Figure 5.1: Effect of pH on sorption of Al3+ by MnO2. Points are experimental data
adapted from our previous work[80] while the line is the surface complexation
modeling results using a nonlinear least squares optimization algorithm in the
computer program FITEQL 4.0 based on parameters and equations in Table 5.1 ... 98

xii

Figure 5.2: Sorption of a) 0.009 mM and b) 0.03 mM of Al3+ by MnO2 in the presence of
different amounts of various NOM. Experimental conditions: 5.0 mg/L MnO2, 0-50
mg/L NOM, 0.01 M NaCl, pH 5. .............................................................................. 99
Figure 5.3: Effect of Al3+ on the adsorption a) AHA, b) LHA c) alginate, and d) PA by
MnO2. Conditions: 5 mg/L MnO2, 0–0.03 mM of Al3+, 0–12mg-TOC/L AHA and
LHA, 0–50 mg/L alginate and PA, 0.01 M NaCl, pH 5.0 ....................................... 100
Figure 5.4: Typical time course of triclosan oxidation by MnO2 in the presence of Al2O3,
Al3+and/or AHA; “control” means there was only triclosan with the solution medium
(i.e. buffer and NaCl)............................................................................................... 101
Figure 5.5: Effects of a) AHA, b) LHA, c) alginate, and d) PA on the oxidative reactivity
of MnO2 with or without Al oxides/Al3+. Reaction conditions: 0.1 g/L Al2O3, 0.009
or 0.03 mM Al3+ , 10 uM triclosan, 5.0 mg/L MnO2, 0-10 mg-TOC/L AHA, 0-12.5
mg-TOC/L LHA, 0-25 mg/L alginate, 0-50 mg/L PA, 0.01 M NaCl, 25 mM acetic
buffer, and pH 5.0. The legends indicate the concentrations of NOM in mg-TOC/L
for AHA and LHA and mg/L for alginate and PA. ................................................. 104
Figure 5.6: a) pHzpc and zeta potential values of MnO2 and Al2O3 at varying pH and b)
zeta potential of Al2O3 in the presence of varying concentrations of NOM.
Conditions: 0.1 g/L oxide, 0–12 mg-C/L AHA/LHA, 0–25 mg/L alginate/PA, 0.01
M NaCl, and pH 5.0. ............................................................................................... 106
Figure 5.7: Adsorption of NOM by Al2O3 and its mixture with MnO2. Conditions: 0.1 g/L
Al2O3, 5 mg/L MnO2, 0.01 M NaCl, 25 mM acetate buffer, pH 5.0 ....................... 107
Figure 5.8: a) Spectra of dissolved pyromellitate (30 mM), and spectra of pyromellitate
(initial 2.95 mM) adsorbed on b) Al2O3 and c) Mixture (Al2O3+MnO2) at pH 5 in
0.01 M NaCl solution. ............................................................................................. 108
Figure 5.9: TEM images of a) MnO2, b) Al2O3, c) MnO2+Al2O3, d) MnO2+0.4 mg-C/L
AHA, and e) MnO2+Al2O3+0.4 mg-C/L AHA. Conditions: 0.01 g/L total metal
oxide concentration, 0.01 M NaCl, pH 5.0. The concentration of MnO2 and Al2O3
were maintained at 1:1 in the mixed oxide systems. ............................................... 110
Figure 5.10: Sedimentation of Al2O3 and Al2O3+MnO2 in the presence of varying
concentrations of AHA (a and b) and LHA (c and d). Conditions: 0.1 mg/L MnO2,
0.1 mg/L Al2O3, , 0-10 mg-C/L as AHA, 0-12.5 mg-C/L as LHA 0.01 M NaCl and
pH 5.0 ...................................................................................................................... 111
Figure 5.11: Sedimentation of Al2O3 and Al2O3+MnO2 in the presence of varying
concentrations of alginate (e and f) and PA (g and h). Conditions: 0.1 mg/L MnO2,
0.1 mg/L Al2O3, 0-25 mg /L as alginate, 0-50 mg /L PA, 0.01 M NaCl and pH 5.0
................................................................................................................................. 112

xiii

Figure 5.12: Net interaction energy between Al2O3 and MnO2 particles as a function of
separation distance in the presence of varying amounts of AHA. Figure 5.12a is
based on the classical DLVO theory, hence the steric repulsive energy is not
considered. The steric repulsive energy is incorporated in results shown in Figure
5.10b and 5.10c where the thickness of the adsorbed layer “l” is 5.7 or 7.0 nm..... 114
Figure 5.13: Soluble Al ions measured in a) Al2O3 and b) Al2O3+MnO2 in the presence of
NOMs. Experimental conditions: 5.0 mg/L MnO2, 0.1 g/L Al2O3, 0-12.5 mg-TOC/L
AHA and LHA, 0-50 mg/L alginate and PA, 0.01 M NaCl, pH 5.0. ...................... 117

xiv

LIST OF TABLES
Table 3.1: Metal oxides and their properties. .................................................................. 29
Table 3.2: Reaction rate constants for oxide suspensions and supernatants and the
solubility of the metal oxides. ........................................................................ 35
Table 3.3: “Soluble Al” detected in single and binary oxide suspensions....................... 36
Table 3.4: Effect of varying oxide concentrations on the percent of triclosan adsorbed. 47
Table 3.5: Effect of varying triclosan concentrations on the percent of triclosan adsorbed.
............................................................................................................................... 47
Table 3.6: Effect of pH on the percent of triclosan adsorbed. ......................................... 48
Table 4.1: Metal oxides and their properties. .................................................................. 54
Table 4.2: Peak positions and assignments for aqueous PA under different pH. ............ 67
Table 4.3: Soluble Fe3+ present in oxide suspensions at pH 5.0. ..................................... 78
Table 5.1: Parameters and equilibrium reactions for surface complex modeling............ 97

xv

INTRODUCTION

The occurrence of emerging contaminants such as pharmaceutical and personal
care products (PPCPs) and endocrine disrupting chemical (EDCs) in water resources has
been gaining increasing attention at the global level. One of the most common pathways
for the pharmaceutical products to enter the environments is via the effluent from
wastewater treatment plants. Most of the existing waste water treatment systems do not
efficiently remove these contaminants; hence, they have been detected in noticeable
levels in water bodies worldwide [1-3]. Another major pathway through which these
compounds enter the environment is the disposal of unused or expired products as
household wastes which are disposed into landfill sites. Both the scientific community
and the public alike have been concerned about the presence of these chemicals in
natural water bodies (e.g. surface water, ground water, soils and sediments) because of
the ability of these chemicals to cause adverse health impacts on humans and the
ecosystem [1-3].
With the increasing sensitivity in analytical techniques and detection limits,
there have been numerous reports on detection of many PPCPs in waste water, surface
water, and drinking water. A number of studies have reported the detection of a wide
range of PPCPs in a variety of environmental samples at levels ranging from ng/kg up to
g/kg. In 1999 to 2000, the USGS studied the occurrence of 95 organic wastewater
contaminants, including PPCPs and other extensively used chemicals, such as detergent
metabolites and insecticides. One or more contaminants were found in 80 percent of the
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streams sampled and, generally, the concentrations were less than 1 g/L [4-5]. Some of
the detected PPCPs in the environment exhibited negative hormonal and toxic effects on
various organisms at concentrations as low as µg/kg [2].
Gaining insight into the fate of these contaminants once they enter our ecosystem
is important as it helps us recognize their risks to the environment and the human health.
Some of the identified ways through which these emerging contaminants are removed
from the aquatic environment are: adsorption to soils and sediments [1], redox
transformation [6], hydrolysis [7-10], biodegradation [11], and photodegradation [12].
Adsorption to soils and sediments followed by redox transformation can be very
important in determining the fate of those compounds, especially if they are not
susceptible to bio- or photodegradation.
Some of the common metal oxides found in soils and sediments, such as Mn and
Fe oxides, are known to undergo various chemical reactions with organic contaminants
through hydrolysis, oxidation or reduction. Due to the high reduction potentials of Mn
oxides, they are considered among the most important naturally occurring oxidants for
the degradation of organic and inorganic contaminants. Studies have shown that they
can effectively oxidize a range of organic contaminants including phenols [13], anilines
[14], fluroquinolones [15-16], and aromatic N-oxides [9].

There is numerous research regarding the degradation of organic compounds
upon undergoing redox reaction with metal oxides such as Mn oxides. However, the
literature is mostly focused on the redox transformation of the compounds in single or
pure oxide systems containing a single metal oxide. Most metal oxides including Mn
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oxides usually occur as mixtures with other metal oxides such as Al, Si and Fe in soils
and sediments, where there are various types of interactions occurring between the metal
oxides which might affect their surface properties and render their reactivity very
different from those in single oxide systems. Therefore, single oxide model systems are
far different from environmental systems where Mn oxides co-exist and interact with
other metal oxides. To be able to make a more realistic prediction of the fate of organic
contaminants in the environment it is important to study binary oxide systems containing
Mn and Fe, Al, Si or Ti oxides.
Natural organic matter (NOM) such as humic acid (HA) constitutes a major
fraction of the dissolved and particulate organic matter in natural ecosystems. HA is
present in most natural waters at concentrations of 0.1−200 mg/L dissolved organic
carbon [8]. Adsorption of NOM on the surface of metal oxides can change their surface
properties such as surface charge and hence their stability. It can also affect the
adsorption of metal ions by metal oxides. So, it is important to examine the effect of
NOM when studying the redox activity of binary oxide systems so that the studied
model systems more closely resemble environmental systems.
We have used triclosan (5-chloro-2-(2,4 dichlorophenoxy)phenol) as our probe
compound to study the oxidative reactivity of MnO2 in the presence of second metal
oxides and/or NOM. AHA and LHA were used as NOM and alginate and PA were used
as model NOM compounds. Triclosan is a commonly used broad spectrum antibacterial
agent. It is a common ingredient in many of the house hold products such as soaps,
toothpastes, detergents etc. Due to its widespread use and inefficient removal by
WWTPs, it has been detected in surface waters including lakes and rivers. Triclosan
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with a log Kow of 4.76 is very likely to partition into soils and sediments because of its
high hydrophobicity.
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The main goal of our research was to gain a better understanding of the redox
reactivity of MnO2 ‒as quantified by the oxidation kinetics of triclosan ‒ in the presence
of a second metal oxide and/or NOM. The research also examined the effect of metal
ions on the reactivity of MnO2. We believe the results will provide a better
understanding of the interaction mechanisms of the mixed oxide systems which will
facilitate understanding and modeling of their redox activity. The specific aims for this
research were as follows:
1) Identification of the effect of a second metal oxides namely Al2O3, SiO2, TiO2,
and Fe oxides on the oxidative reactivity of MnO2,
2) Identification of the effect of soluble metal ions namely Al3+ and silicate on the
oxidative reactivity of MnO2,
3) Quantification of the adsorption of the probe compound by MnO2 and the second
metal oxides,
4) Investigation of the effect of NOM on the dominant interactions between MnO2
and the second metal oxides/ions, and
5) Evaluation of the effect of NOM on the oxidative reactivity of MnO2 in the
presence of second metal oxides and/or ions.
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LITERATURE REVIEW

Manganese constitutes approximately 0.1 percent of the earth’s crust, mostly
present in various forms of igneous rocks, making it the 10th most abundant element on
the surface of the earth. It is also highly abundant in deep sea sediments in the form of
carbonates or present in clays with concentrations of up to 7700 ppm [17]. In fact, most
of the manganese oxide present is found in ocean floors in the form of nodules that are
available at various depths and latitudes. They also commonly occur in fresh water
sediments. The most commonly identified Mn minerals in the nodules found in the
ocean are birnessite and todorokite. Although both minerals are found to exist within the
same nodule, birnessite is found in higher proportions in nodules found along higher
topographical areas such as ridges and sea-mounts in the open sea. Todorokite is more
common along the near-shore and in the greater depths of the ocean [18]. So far, more
than 30 different forms of manganese oxides have been found on the earth’s surface.
They are important minerals due to their ability to readily oxidize many reduced species
and strongly scavenge many heavy metals [19].
Birnessite is one of the most common manganese oxides in the clay-size fraction
(<2 µm) of soils. Birnessite and lithiophorite were found to be among the most
predominant manganese minerals in a wide range of Australian soils. Birnessite was
found to mostly occur near the surface of alkaline soil, lithiophorite was found to occur
near the sub-surface horizon of the more acid soil [20].
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A large number of studies have shown that oxidation by Mn oxides may be an
important degradation pathway for organic contaminants such as anilines, amines and
phenols in oxic environments [15,21-23]. Larson and Hufnal [24] showed that
manganese oxides initiated coupling and polymerization reactions of phenolic
compounds and may catalyze reactions with oxygen. Zhang and Huang [7-10] have
studied the oxidation of several groups of popular antibacterial agents that included
phenols, fluoroquinolones, aromatic N-oxides, and tetracyclines by manganese oxides.
Their results showed that these compounds were highly susceptible to oxidative
transformation and that the reaction kinetics were found to be complex and affected by
several factors including solution pH, the presence of co-solutes, metal oxide surface
properties, and antibacterial structural characteristics.

Mineral matters constitute about 45 percent of soil composition and the
remaining is organic matter, water and air. Aluminosilicates and oxides are one of the
major mineral groups found in soil. Chemical properties of minerals play an important
role in controlling adsorption, transformation and release behavior of contaminants
found in soil and water. Alumina exists in a number of crystalline forms, including cubic
(γ-Al2O3), monoclinic (gibbsite, γ-Al(OH)3), orthorhombic (diaspore, α-AlO(OH),
boehmite, γ-AlO(OH)), and rhombohedral (corundum, α-Al2O3) [25]. Silica is another
very abundant component in the lithosphere and comprises 27 percent of the earth’s
surface. It is also found in plentiful amounts in the sea water, mostly as dissociated
monomeric silicic acid when found in dissolved form [26]. Titanium is the ninth most
abundant element on the surface of the earth with the average concentration on earth’s
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crust of 4400 mg/kg [27]. It has been reported to be found in rivers in the USA and
Canada with its concentrations ranging from 2 to 107 µg/liter [28].

Iron is the third most abundant cationic element on earth with an average
concentration of 51 g kg-1 in the lithosphere. It comprises about 5.1% of the lithosphere.
Some of the common iron oxides identified in the environment are: ferroxyhyte (δFeOOH), ferrihydrite (5Fe2O3.9H2O), goethite (α-FeOOH), hematite (α-Fe2O3),
lepidocrocite (γ-FeOOH) and maghemite (γ-Fe2O3) [29]. Iron oxides usually have a
high energy of crystallization and therefore form very minute crystals. Due to this reason
they often have high specific surface areas of >100 m2/g.
Goethite, which is yellow in the powered form and dark brown or black as
crystal aggregates, is one of the most thermodynamically stable iron oxides at ambient
temperatures. Hematite, another very stable iron oxide, is very commonly found in rocks
and soils. Solubility diagrams show that iron oxides have the lowest solubility around
pH 7 to 8 which is close to their pHzpc values. The solubility increases as the pH moves
further away in either directions from their pHzpc values [30]. The presence of ligands in
solution decreases the concentration of free metal ions by complexing with them leading
to an increase in the solubility of iron oxides. Reducing conditions also increase the
solubility of FeIII oxides through reductive dissolution.

Metal oxides such as manganese oxide and iron oxides are known to have high
reduction potentials and, due to this reason, they have been known to oxidize a variety
of organic contaminants such as phenols [21-22], hydroquinones [31-32], anilines [16],
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fluoroquinolones [9], and aromatic N-oxide [8]. The reported reduction potential of
MnO2 is 1.23 V [16]. The following reaction mechanism has been proposed by Zhang
and Huang (2008) for the oxidation of various organic compounds (denoted as ArXH, X
= O or N) by MnO2 (denoted as >MnIV).
Formation of a precursor complex between the reductant and the oxide surface:

 Mn IV  ArXH

k1

( Mn IV , ArH ).....................................(2.1)

k1

Electron transfer within the precursor complex:

 Mn IV  ArXH

k2

( Mn III , ArXH )  H  .........................(2.2)

k2

Generation of organic radical species:

 Mn III  ArX 

k3

( Mn III  ArX )..................................(2.3)

k3

Formation of MnII species:
fast

 Mn III  Mn II ..................................................................(2.4)

Further oxidation of organic radical:
fast

 ArX  products............................................................(2.5)

The precursor complex formation (equation 2.1) or the electron transfer process
(equation 2.2) was believed to be the rate limiting steps.
A study by Pizzigallo et al. [16] involving the oxidation of chloroanilines by
birnessite, pyrulosite and iron oxide agreed on a similar mechanism for the surface
chemical reaction where the precursor complex formation between the metal oxide
surface and chloroaniline is the first step. This is then followed by the generation of
chloroanilino radical subsequently leading to its release to the solution and then further
9

oxidation. Birnessite was found to be the most reactive among the oxides studied
followed by pyrolusite and iron oxide. Although the ability of iron oxide to remove
chloroaniline was much lower than that of the two manganese oxides studied, the higher
reactivity of birnessite compared to that of pyrolusite was attributed to its non-crystalline
structure and a high surface area of 262 to 277 m2/g. Pyrolusite in comparison has a
well-ordered crystalline structure and a much lower surface area of 8 m2/g. The lower
reactivity of the iron oxide was due to its lower oxidation potential compared to that of
the two manganese oxides and a lower surface area.
Besides the surface area of the oxides, solution pH is an important factor that
determines the rate of reaction. According to a study by Stone [14], the reaction rates
were strongly pH-dependent and increased with decreasing pH. pH influenced the rate
of reactions due to (i) protonation reaction that promoted the formation of surface
precursor complexes and/or (ii) increase in the protonation level of surface precursor
complexes that increased the rate of electron transfer. The reaction rates can also be
affected by the presence of ions such Mn2+, Ca2+ and Zn2+ in solution due to their ability
to block the reactive surface sites on the metal oxides such as MnO2. Due to the limited
availability of active surface sites on MnO2, a significant inhibitory effect on the
oxidative reactivity of MnO2 was observed in the presence of these metal ions [7].
NOM such as HA is known to be adsorbed by metal oxides and also complex
with soluble metal ions. Zhang and Huang [7] observed a decrease in the oxidative
reactivity of MnO2 in the presence of >5 mg/L Suwanee River organic matter due to the
adsorption of OM by MnO2 that decreased the number of reactive surface sites.
However, Xu et al. [33] observed an increase in the oxidative removal of estrogen by
MnO2 in the presence of a lower concentration (0.1-1 mg/L) of HA. They have
10

attributed the increase in reaction rate to the ability of HA to bind with the Mn2+ ions
released during the reduction of MnO2. In the absence of HA, the Mn2+ ions would have
been adsorbed by the MnO2 surface thus lowering the number of reactive surface sites.

There are a number of studies on the adsorption of organic contaminants by
metal oxides. According to Ulrich and Stone [34], adsorption of organic compounds
occurs as a result of one or a combination of the following effects: (i) inner and outersphere complexation (ii) electrostatic interaction (iii) hydrophobic exclusion from the
aqueous solution and (iv) interactions with co-adsorbed species. Inner-sphere
complexation involves direct bonding of the organic compound to the surface metal
center whereas in outer-sphere complexation the organic compound is separated from
the surface metal center by one or more water molecules. Kung and McBride (1991)
[35] studied the adsorption of a number of chlorinated phenols including mono-, di-, and
polychlorinated phenols on iron and aluminum oxides. According to their study,
chlorophenols can be chemisorbed onto the surface of the metal oxides via inner-sphere
complexation or physically adsorbed through hydrogen bonding and condensation. The
reactive sites for the inner-sphere complexation were found to be the surface hydroxyl
groups coordinated to the Al or Fe atoms. They also observed that for the adsorption on
aluminum oxide, the higher the pKa of the phenol, the stronger the surface bond between
the chlorophenolates and aluminum oxide. Ring substituents also affect the overall
adsorption in which the electron-withdrawing groups increase the adsorption and
electron-donating groups decrease the adsorption. Also, compounds with lower pKa
values have higher adsorption by iron oxides. pH affects the protonation level of phenols
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and aromatic amines, the number of surface sites, surface potential of the metal oxides
etc. Hence, pH influences the adsorption of organic compounds by metal oxides [36-37].

Some of the reported interactions that occur between metal oxides in a mixture
are homo- and heteroaggregation [38-39], surface complexation [39-40], and surface
precipitation [41-42]. Aggregation among metal oxides is a well-studied phenomenon
with homoaggregation being more extensively studied than heteroaggregation.
Oxide particles in solution aggregate when the attractive forces are greater than
the electrostatic repulsive forces. The interaction forces between particles are governed
by many factors, including solution pH, particle size, ionic strength, surface zeta
potential of the oxides, and the presence of NOM. Surface positive charges of metal
oxides decrease with increasing pH and the particles tend to aggregate as the solution pH
approaches the pHzpc of the oxide due to the van der Waals (vdW) attractive forces being
greater than the electrostatic repulsion under such conditions [38-39]. Varying ionic
strength of the solution can affect the stability of the oxide particles due the effect of the
ions on the electric double layer (EDL). Increasing ionic strength leads to compression
of the EDL which results in decrease of the EDL repulsive forces, hence, leading to the
decrease in the net repulsive barrier between the particles.
The interactions between metal oxides such as surface complexation and
precipitation can alter the surface charge of the particles, which plays an important role
in the adsorption capacity of the metal oxides. In a binary mixture of Al(OH)3 and
Fe(OH)3, the surface charge of the particles were close to that of the Al(OH)3 showing
that the particles’ acid/base reactions were dominated by Al(OH)3 [38]. Higher Cd2+
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removal has been observed in a mixed system of SiO2 and Fe(OH)3 compared to that in
the single oxide system. The dissolved silicate ions enabled the formation of ternary
silicate cadmium complex on the surface of the oxide and the removal of cadmium ions
was higher with an increasing concentration of the silicate ions [43].

The Deryagin Landau Verwey and Overbeek (DLVO) theory, developed by
Deryagin, Landau, Verwey and Overbeek, has been used to model the interaction energy
between particles that are dispersed in a medium. According to this theory, there are
basically two major forces governing the aggregation of particles that are suspended in
aqueous solution: electrostatic repulsion (ESR) and van der Waals’ (vdW) attractive
forces. The total energy of interaction among the particles is the sum of ESR and vdW
which are represented by equations 2.6 and 2.7 respectively.

 2 1 2  1  e h 
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where ε is the dielectric constant of the solvent, a1 and a2 are the radius of the
particles (m); κ is the inverse of Debye length (m-1); h=r-(a1-a2); ψ1 and ψ2 are the
surface potential of the particles (V), r is the distance between the particles (m), and A is
the Hamaker constant of particles in water (J).
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An additional term, the steric repulsive energy, was recently added to the
conventional DLVO theory to help understand interactions between binary oxide
particles when the metal oxides are coated with NOM [44-45]. For example, upon
adsorption of an increasing amount of HA by nTiO2, the  of the nTiO2 was not
significantly different, but the adsorbed HA increased repulsive interactions between the
surfaces. The presence of HA and alginate also led to significantly slower deposition
kinetics of fullerene NPs to silica surfaces due to steric repulsion [46]. The modified
DLVO can better explain the tendency to aggregate by adding a constant for the steric
repulsive energy when the separation distance is less than the thickness of the adsorbed
layer [45]. Based on the Ohshima’s Soft Particle Analysis, the adsorbed HA layer
thickness on the hematite and TiO2 surfaces has been reported to be 7.0 [47] and 5.7 nm
[45]. The adsorbed layer thickness is also reported to follow HA > alginate > FA [48].
The following Alexender-de Gennes equation determines the steric repulsive
energy between the particles. This term has been integrated to the conventional DLVO
calculation to calculate the total interaction energies between the particles.
9
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where S is the distance between the NOM molecules on metal oxide surfaces and
can be obtained based on the amount of NOM adsorbed by the oxide surface; and l is the
adsorbed NOM layer thickness on the oxide surface. VST(h) is only considered when 0 <
h ≤ l.
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A large number of studies have been conducted in the field of weathering and
dissolution of metal oxides. Furrer and Stumm (1986) [49] studied the relationship
between surface protonation and concentration of complex-forming ligands on the
dissolution of Al2O3 and BeO [49]. Proton-promoted dissolution of hydrous metal
oxides occurs as a result of weakening of the metal-oxygen bonds by the protons
attached at the surface which then leads to the detachment of the reacting surface metal
species. Upon the detachment of the metal species, there is regeneration of the surface
site by protonation. In ligand-promoted dissolution, surface complexes are formed as
ligand exchange occurs with surface hydroxyl groups. It is then followed by two other
steps similar to the proton-promoted dissolution. In both types of dissolution, the
detachment of the metal species is commonly considered as the rate determining step.
Besides the proton and ligand-promoted dissolution, redox reaction also results in
dissolution of oxidizable or reducible metal oxides. A thoroughly studied case of such a
type of dissolution is that of the reductive dissolution of MnO2 by phenols [14]. It can be
implied from the previously mentioned findings that the dissolution rates of metal oxides
are dependent on [H+] in solution. Dissolution rates increase with the lowering of
solution pH due to the increase in the protonation of the surface sites [50].

Humic substances are formed by biochemical transformation of plant and animal
residues and constitute a major fraction of the dissolved and particulate organic matter in
natural ecosystems. They are present in most natural waters at concentrations of 0.1−200
mg/L dissolved organic carbon. Solid organic matter is also found in soils and sediments
15

at concentrations of 0.1−10 percent by weight [51]. HA is the fraction of humic
substances that is not soluble in water under acidic conditions (pH < 2), but is soluble at
higher pH values. Fulvic acid (FA) is soluble at any pH value. These compounds have
been shown to play an important role in the fate of hydrophobic organic contaminants in
the natural environmental system. HA is dark brown to black in color. The predominant
functional groups in HAs are carboxyl, phenolic hydroxyl and alcoholic hydroxyl. The
interactions between metal ions and soil particles can also be controlled by humic
substances. They are believed to play a major role in trace metal availability and toxicity
to plants and living organisms [52].
Many studies have shown that NOM such as HA and FA coats the surface of
minerals. There are several mechanisms in the adsorption of HA onto natural minerals
and mineral oxides, some of which are anion exchange, ligand exchange-surface
complexation, hydrophobic interaction, entropic effects, hydrogen bonding, and cation
bridging [51,53-56]. In addition, factors such as the characteristics of HA, interfacial
chemistry, and background electrolytes have an impact on the dominant mechanisms
involved in the adsorption [57]. Kerndorff and Schnitzer [58] determined that adsorption
of metals on HA increased with increase in pH, decrease in metal concentration, and
increase in HA concentration. Many of the acidic groups found on HA are deprotonated
at the pH of most natural water (i.e. 6-8). The anionic charges on HA molecules are
responsible for many characteristics such as its solubility in water, binding capacity for
metals and buffer capacity. A study carried out by Liu and Yang [59] indicated that HA
with a higher molecular weight exhibited more tendency of adsorption onto δ-MnO2
than that with a lower molecular weight. This was because the molecular weight of the
HA affects the molecular charge density wherein the HA with a higher molecular weight
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has a lower charge density due to the lower ratio of the functional groups. So, the HA
with a higher molecular weight repulsed each other less due to its lower charge density.
This leads to a greater adsorption of HA with a higher molecular weight on the surface
of MnO2 compared to that of HA with a lower molecular weight.
The adsorption of NOM can lead to the modification of surface charges on the
metal oxides which can lead to the decrease in the electrophoretic mobility of the oxides
[55-56]. Alteration in the surface properties of an oxide can have immense and
complicated effects on the particle stability. Illés and Tombácz [55] reported that at a
low concentration of HA coating on magnetite, there were oppositely charged patches
on the surface of magnetite which caused the oxides to become unstable and hence
aggregate. However, they reported that, above the adsorption saturation point, the
particles restabilized and there was no longer aggregation. The study by Yang et al.
[60], regarding the adsorption of HA by TiO2, SiO2, Al2O3 and ZnO, showed that the
adsorption of HA by these metal oxides were pH dependent and also limited by the
availability of the surface charge. Studies have also shown that with an increasing
amount of HA that is coated on the surface of the metal oxides, there was an increase in
the amount of hydrophobic organic compounds adsorbed by the surface of metal oxides
[61].

Polysaccharides also form an important part of NOM [62]. Alginate, a linear
copolymer with homopolymeric blocks of (1-4)-linked β-D-mannuronate (M), is a
widely studied polysaccharide which has a molecular weight between 12 and 80 kDa
(average 49 kDa). It is derived from brown seaweeds and as much as 50 percent of the
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dissolved organic carbon in the marine environment can be made up of alginate. Many
studies have been done regarding the ability of alginate to adsorb onto and alter the
surface properties of metal oxides.

Figure 2.1: Structure of alginate
Similar to HA, adsorbed alginate changed the surface charges of metal oxides
and affected their stability [46,63]. It can also form a gel like network that can bind
hematite nano particles together. Li et al. [64] studied the effect of adsorbed alginate on
the ability of kaolin to remove Cu2+ ions from solution. They found that Cu2+ had a
higher adsorption by kaolin coated with alginate compared to that by bare kaolin. The
ability of alginate to increase metal ion adsorption is due to its large number of free
carboxyl groups.

Pyromellitic acid, 1,2,4,5-Benzenetetracarboxylic acid, has the molecular
formula of C10H6O8 and a molecular weight of 254.15 g/mol. It was used as a model
compound for NOM in many studies because its adsorption most closely resembled that
of NOM among a group of organic acids with carboxylic and phenolic functional
groups. The pKa values of pyromellitic acid are 1.52, 2.95, 4.65 and 5.89 [65].
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Figure 2.2: Structure of pyromellitic acid

Triclosan is a commonly used antimicrobial agent found in a wide range of
medical and consumer care products. It is a synthetic, broad-spectrum antimicrobial
agent, possessing mostly antibacterial, but also some antifungal and antiviral properties.
It is a common ingredient in many of the personal care products and house hold items
such as toothpastes, detergents, cutting boards and socks [66]. It has a molecular weight
of 289.6 g/mol and its pKa is 8.0. The log Kow is 4.76. A survey conducted by
Perencevich et al. [67] in the US showed that 76 percent of the 395 liquid soaps
available in the market contained triclosan.

Figure 2.3: Structure of triclosan

Many studies have shown the presence of triclosan in surface waters including
lakes and rivers [2,68-69]. The most common pathway for triclosan to enter the
environment is through WWTPs due to its incomplete removal [68].
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Several studies have been conducted to determine the fate of triclosan in the
environment. In the presence of low concentrations of free chlorine triclosan has been
shown to form toxic chlorophenols such as 2,4-dichlorophenol and 2,4,6-trichlorophenol
due to chlorination of the phenolic ring and cleavage of the ether bond [70]. In studies
involving triclosan in surface waters, Tixier et al. [71] showed that direct
phototransformation accounted for 80 percent of the total elimination of triclosan from
a lake. Upon exposure to sunlight, triclosan readily degraded into 2,8-dichlorodibenzop-dioxin and 2,4-dichlorophenol through photodegradation [72-73]. In the presence of
Fe(III)-montmorillonite, the compound has been transformed into 2,4-dichlorophenol, 3chlorophenol, 2,4-dichlorophenol dimer, chlorophenoxy phenols, and triclosan dimers
and trimmers [74].
Zhang and Huang [75] in their study of oxidation of triclosan by MnO2
determined the reaction to be of first order with respect to both triclosan and MnO2 and
the reaction order of H+ to be 0.46 ± 0.03. The study also showed that 2-chloro-5-(2,4dichlorophenoxy)-[1,4]benzoquinone and 2-chloro-5-(2,4-dichlorophenoxy)benzene1,4-diol along with a small amount of 2,4-dichlorophenol formed as the major reaction
products. The authors calculated the half-life of triclosan to be less than 21 hours
assuming an environmental condition of pH 6 and 10 μM MnO2. According to Ying et
al. [76], triclosan does not biodegrade fast, with its half-life ranging from weeks to
months.
Farré et al. [77] studied the acute toxicity of triclosan and its metabolite methyl
triclosan on Vibrio fischeri. Their conclusion was that triclosan is one of the major toxic
organic pollutants currently found in domestic wastewaters. The chemical structure of
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triclosan closely resembles certain estrogens, and one study suggests that triclosan is
weakly androgenic, causing changes in fin length and sex ratios in fish [78-79].

In a complex model system containing MnO2, an organic contaminant‒triclosan,
a second metal oxide and/or NOM, multiple interactions will occur as shown in the
scheme below:

O x i d at i o n /
Adsorption

MnO2

O r g a n ic
C o mp o u n d

Homoaggregation/
Heteroaggregation/
Surface complexation/
Other

Second metal oxide/
NOM
A d s o r p t io n

1)

The organic contaminant will be adsorbed and oxidized by the Mn oxide,

2)

The second metal oxide such as Al(III), Si(IV), Ti(IV), and Fe(III) oxides will
likely competitively adsorb the organic contaminant making it less available to
redox reaction with MnO2,

3)

The interactions between MnO2 and the second oxide, including
heteroaggregation, surface complexation, and surface precipitation will greatly
affect the surface properties of MnO2 and hence its reactivity, and,

4)

In the presence of NOM, the above mentioned interactions between MnO2 and the
second metal oxides will be affected due to the changes in the surface properties of
the metal oxides which will affect the reactivity of MnO2.
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IMPACT OF INTERACTIONS BETWEEN METAL OXIDES TO OXIDATIVE
REACTIVITY OF MANGANESE DIOXIDE

Abstract
Manganese oxides typically exist as mixtures with other metal oxides in soilwater environments; however, information is only available on their redox activity as
single oxides. To bridge this gap, we examined three binary oxide mixtures containing
MnO2 and a secondary metal oxide (Al2O3, SiO2 or TiO2). The goal was to understand
how these secondary oxides affect the oxidative reactivity of MnO2. SEM images
suggest significant heteroaggregation between Al2O3 and MnO2 and to a lesser extent
between SiO2/TiO2 and MnO2. Using triclosan and chlorophene as probe compounds,
pseudo-first-order kinetic results showed that Al2O3 had the strongest inhibitory effect
on MnO2 reactivity, followed by SiO2 and then TiO2. Al3+ ion or soluble SiO2 had
comparable inhibitory effects as Al2O3 or SiO2, indicating the dominant inhibitory
mechanism was surface complexation/precipitation of Al/Si species on MnO2 surfaces.
TiO2 inhibited MnO2 reactivity only when a limited amount of triclosan was present.
Due to strong adsorption and slow desorption of triclosan by TiO2, precursor-complex
formation between triclosan and MnO2 was much slower and became the new ratelimiting step (as opposed to electron transfer in all other cases). These mechanisms can
also explain the observed adsorption behavior of triclosan by binary oxide mixtures and
single oxides.
Results and data analysis presented in this section have been published in Taujale
and Zhang (2012) [80].
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Knowledge of the fate of environmental contaminants in aquatic environments is
critical in evaluating their environmental risk. Among various fate processes, redox
transformation is common for both inorganic and organic contaminants. In particular,
oxidation by manganese(III, IV) oxides is an important degradation pathway for organic
contaminants ranging from phenols [81-83], hydroquinones [84], anilines [15-16,85],
fluoroquinolones [8], to aromatic N-oxides [9]. Many investigators including one of the
authors have reported surface involved reaction kinetics and mechanisms for Mn oxides
[7-10,14-15,82-83]. Briefly, an organic compound adsorbs to an oxide surface forming
a precursor complex; electrons transfer within the precursor complex to form a radical
intermediate. This intermediate undergoes further reaction to generate final products
which are either released to the aqueous system or remain surface-bound. Note that the
identity and the potential toxicity of many of these final products remain largely
unknown. Either precursor complex formation or electron transfer is the rate-limiting
step [10]. These reactions typically occur on the oxide surface; therefore, any reaction
condition that can change the oxide’s surface properties will likely affect either the
precursor complex formation or the electron transfer and hence the overall reactivity.
Examples of these reaction conditions include solution pH, the presence of co-solutes
such as metal ions and dissolved organic matter, and the initial concentration and
structural characteristics of the contaminant and Mn oxide.
Mn oxides typically exist as mixtures with other metal oxides, including Al(III),
Si(IV) and Ti(IV) oxides, as well as clay minerals in soil-water environments [86-87].
In comparison, information is only available on the redox activity of Mn oxides as single
oxides [7-10,81-83,88]. This gap between research focus and environmental needs is

23

mainly due to the experimental, modeling, and interpretive challenges of working with
natural systems. To properly estimate the fate of contaminants in soil-water
environments, it is imperative to design more complex model systems that are based on
the existing single oxide systems but are more representative of the environment. For
this purpose, we examined three binary metal oxide mixtures containing MnO2 and an
additional metal oxide (i.e. Al, Si and Ti oxides, referred as “secondary metal oxide”
hereafter). Our goal was to understand how the redox activity of MnO2 is affected by the
presence of a secondary metal oxide. Currently, no such information is available.
In the three binary oxide systems, it is expected that in addition to oxidation of
the contaminant by MnO2, adsorption of the contaminant by both oxides and interaction
between the oxides will occur. Compared to the level of understanding of the adsorption
of one or multiple organic contaminants by one metal oxide [35,89-93], little is known
regarding the adsorption of one organic contaminant by multiple metal oxides. For
potential interactions between two oxides, previous work on the adsorption of heavy
metals by binary oxide mixtures revealed three types of interactions: heteroaggregation
[94], surface complexation [38,95-100], and surface precipitation [40]. For surface
complexation, studies have shown that Al and Si oxides are soluble enough in water that
hydroxylated aluminum ions and silicate species can form strong surface complexes
with Fe, Si, and Ti oxides [38,95-99,101-102]. The formed surface complexes can
change the oxide’s particle size distribution, block surface sites and affect surface
properties which in turn will strongly affect the adsorption behavior of the mixed
system. Surface precipitation was successfully applied to explain the Al(III) sorption
continuum in SiO2 suspension within a wide range of pH and Al(III) concentrations
[103]. Depending on the solution conditions, either surface complexation or surface

24

precipitation will be the most important interaction in affecting the sorption behavior of
mixed oxides and will be collectively referred to as surface complexation/precipitation
hereafter.
To examine the redox activity of MnO2 in binary oxide mixtures, triclosan, a
broad-spectrum antibacterial agent widely used in many personal care products, was
chosen as the probe compound. Triclosan has been frequently detected in the
environment and has been systematically examined for its oxidation kinetics and
mechanism by MnO2 [7]. Chlorophene - another phenolic antibacterial agent – was also
examined for comparison. Our hypothesis was that in the defined model systems,
multiple interactions will occur: i) triclosan will be adsorbed and oxidized by MnO2, ii)
interactions between MnO2 and the secondary metal oxides such as heteroaggregation
and surface complexation/precipitation will greatly affect the surface properties of MnO2
and hence its reactivity, and iii) the secondary metal oxides will likely competitively
adsorb triclosan and inhibit the overall oxidation kinetics by affecting the precursor
complex formation between triclosan and MnO2. To test these hypotheses, oxidative
activity of MnO2 was examined under various reaction conditions including changing
triclosan and secondary oxide loading, the presence of soluble metal ions or oxide
filtrates, and different pH. Adsorption of triclosan by single oxides or oxide mixtures
were also quantified under each condition.

Triclosan and chlorophene were purchased from Sigma Aldrich at >99% purity
and used without further purification. Stock solutions of triclosan and chlorophene were
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prepared in methanol at 10 mM and stored at 4oC. Table 3.1 lists the metal oxides used
in the study along with some of their properties. All other chemicals were obtained from
Fisher Scientific and used as received.

MnO2 used in the experiments were synthesized based on the methods by
Murray (1974) [104] and Laha and Luthy (1990) [15].
2MnO4- + 3Mn2+ + 2H2O = 5MnO2(s) + 4H+
In a large beaker, 2L of DI-water was sparged with N2 gas for about 2 hours. 360
mL of the sparged water was used for the following solution preparation: 80 mL 0.1 M
KMnO4, 160 mL 0.1 M NaOH, and 120 mL 0.1 M MnCl2. Into the remaining 1640 ml
sparged DI-water 80 mL 0.1 M KMnO4 and 160 mL 0.1 M NaOH were added. This
solution was sparged with N2 gas for another half an hour. The next step was to add 120
mL of 0.1 M MnCl2 throughout a period of 3 hours while being continuously stirred. The
solution was allowed to stir for another half an hour after which the MnO2 particles were
allowed to settle. After the particles settled, the supernatant was carefully removed and
replaced with DI-water. The particles were rinsed by stirring for half an hour on a stir
place and then allowed to settle. This procedure of removing the supernatant and
replacing it with DI-water was continued until the aqueous supernatant reached a
conductivity of less than 2 µS cm-1. The final volume of the suspension was adjusted to
1 L, resulting in 0.02 M MnO2 concentration. The suspension was then stored in the
refrigerator at 4°C.
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Experiments were conducted in 125-mL screw-cap amber glass bottles with
Teflon caps. The reaction bottles were continuously stirred on magnetic stir plates at
222C. Reaction solutions were maintained at required pH levels (0.1) by manually
adding HCl and NaOH when needed. Preliminary experiments showed that changes in
the ionic strength did not affect triclosan oxidation kinetics in binary oxide mixtures
(data not shown); NaCl (0.01 M) was then added to maintain constant ionic strength in
most of the reactions. Reactions were initiated by adding a small amount of
triclosan/chlorophene stock to 80 mL of suspensions containing MnO2 and/or a
secondary metal oxide. Aliquots of 1 mL were periodically collected for
triclosan/chlorophene analysis by using a reverse-phase high performance liquid
chromatography (HPLC) with a Zorbax XDB-C18 column (4.6 × 250 mm, 5µm) [7].
To monitor the reaction time course, two approaches were used to quench the
reaction: (i) reaction aliquots were centrifuged (13,400 rev/min for 20 min) and the
supernatants were transferred to separate vials for analysis. In this case, the overall loss
of triclosan from the supernatant was due to both adsorption by all metal oxides and
oxidation by MnO2 and (ii) reaction aliquots were added to centrifuge tubes containing
NaOH to increase pH to above 10.0. The pH > 10 aliquots were immediately centrifuged
and transferred to separate vials for analysis. Preliminary experiments have shown that
(i) triclosan oxidation by MnO2 was extremely slow under alkalinic conditions; and (ii)
triclosan desorption was >98% for all the selected oxides at pH values above 9 (lower
percentages of desorption of 90% were observed when the reaction time was >20 h at
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pH 5). Therefore, the reaction was quenched with NaOH addition and the overall loss of
triclosan from the supernatant was due to oxidation only within the initial period.
Based on the concentrations measured at different reaction times using the
second approach, rate constants (k) for triclosan oxidation were calculated using the
pseudo-first-order kinetics for the initial reaction period (typically < 1h at pH 5) [7].
The percentage of triclosan adsorbed by single and mixed oxides was obtained by
normalizing the difference in triclosan concentrations using the above two approaches
by triclosan initial concentration.
To evaluate the impact of metal ions on the reactivity of MnO2, stock solutions
of metal ions were prepared in two ways: (i) individual oxide suspensions of Al, Si and
Ti oxides were stirred overnight, centrifuged and filtered through 0.2 µm membrane
filters (referred to as ‘supernatant’ hereafter); and (ii) AlCl3 and Na2SiO3 were dissolved
in water to make 10 mM of stock solutions [96-97,101]. As discussed in detail later,
both soluble metal ions and nanosized oxide particles were present in the ‘supernatants’
as prepared in (i), and there were only soluble metal ions in the stock solutions prepared
in (ii). Ti4+ was not examined because preliminary work showed that it was poorly
soluble in water and quickly formed oxide precipitates [101]. The prepared stock
solutions were diluted as needed, mixed with MnO2 at the desired pH, and preequilibrated for at least two hours. The reaction kinetics of triclosan oxidation in the
mixtures was monitored. The concentration of metal ions was measured by inductivelycoupled plasma mass spectrometry (ICP-MS) after filtering the mixtures through 0.2 µm
filters. Sorption of the metal ions on MnO2 was calculated based on the difference
between the initial and final ion concentration.
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Table 3.1: Metal oxides and their properties*.
Metal Oxide
BET
Average
pHzpc
surface
particle
area
size (nm)
(m2/g)
nAl2O3-γ a

Experimentally Referred
determined
to as
particle size
(nm)

180

25

8.9 [101]

660

Al2O3-I

AluC Al2O3b

100 ± 15

-

8.9 [101]

846

Al2O3-II

Alu65 Al2O3b

65 ± 10

-

8.9 [101]

666

Al2O3-III

nSiO2 a

440

80

2.4 [105]

82

SiO2-I

SiO2 90b

90 ± 15

20

2.4 [105]

60

SiO2-III

SiO2 200 b

200 ± 25

12

2.4 [105]

7,035

SiO2-II

nTiO2a

30

30 - 40

6.3 [105]

1,595

TiO2-I

TiO2 P25 c

39.5

25

6.3 [105]

825

TiO2-II

-

-

6.3 [105]

2,010

TiO2-III

255 [7]

-

2.4 [104]

-

TiO2 P25/20d
n

MnO2

*Properties provided by the manufacturers unless otherwise specified.
Manufacturer: a) Nanostructured and Amorphous Material Inc. b) Evonik
Industries c) Nippon Aerosil Co., Ltd and d) Aerosil Co.

Typical reaction conditions include pH 5, 0.01 M NaCl, 10 µM
triclosan/chlorophene, 5.0 mg/L MnO2 and 1 g/L Al2O3-I/SiO2-I /TiO2-I. Additional
reactions were carried out by varying the loading of secondary metal oxides, the
concentration of triclosan, and solution pH.

Scanning electron microscopic (SEM) images were taken for all single oxides or
oxide mixtures. For the images, suspensions containing 5.0 mg/L MnO2, 1 g/L
secondary metal oxides, 0.01M NaCl and pH 5 were used. Solutions of single oxide or
multi-oxides were first well mixed and then dried by casting the solution on the surface
of a mica film. The dried samples were then adhered to conductive carbon tape (Electron
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Microscopy Sciences, Ft. Washington, PA) and mounted on a specimen stub. The whole
stub was then coated with a thin (20-30 nm) conductive gold and platinum layer using a
sputter-coater. Morphologies and elemental compositions were then examined using
SEM/EDS (SU-70 SEM, Hitachi, Pleasanton, CA).

The hydrodynamic diameters of oxides were assessed using a dynamic light
scattering (DLS) method. After oxide solutions were well mixed and sonicated for at
least 15 min (400 W) to yield uniform suspension, 20 mL of oxide samples were put in
the glass vial and particle size distribution profile were monitored by DLS (Goniometer
DI200SM, Brookhaven Inc, NY).

Adsorption experiments were conducted by adding 10 M of triclosan to a
suspension containing 10 g/L secondary oxides (Al2O3-II, SiO2-II and TiO2-III) and 0.01
M NaCl at pH 5. Afterward, desorption kinetics of triclosan from the centrifuged
secondary oxides was monitored in MnO2 free reaction medium (Figure 3.9).

To quantitatively examine the reactivity of MnO2 in different binary oxide
mixtures, experiments were designed to monitor the effect of secondary oxide loading
on the oxidation kinetics of triclosan by MnO2 by varying the secondary oxide loading
while keeping the concentration of triclosan and MnO2 constant. In the absence of metal
oxides, the concentration of triclosan did not change over time. However, in the
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presence of metal oxides triclosan concentration decreased over time through oxidation
and/or adsorption.
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Figure 3.1: Generic reaction kinetics of triclosan in the presence of MnO2 and/or Al2O3I. Typical reaction conditions: 10 µM triclosan, 5 mg/L MnO2, 1 g/L Al2O3-I, pH 5.0,
0.01 M NaCl.
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Figure 3.2: Generic reaction kinetics of triclosan in the presence of MnO2 and/or SiO2-I.
Typical reaction conditions: 10 M triclosan, 5 mg/L MnO2, 1 g/L SiO2-I, pH 5.0, 0.01
M NaCl.
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Figure 3.3: Generic reaction kinetics of triclosan in the presence of MnO2 and/or TiO2I. Typical reaction conditions: 10µM triclosan, 5 mg/L MnO2, 1 g/L TiO2-I, pH 5.0,
0.01 M NaCl.
As shown in Figure 3.4a, Al2O3-I had the strongest inhibiting effect and
significantly lowered the k value when only 0.025 g/L was added. When Al2O3-I
loading was increased to greater than 1 g/L, oxidation of triclosan was completely
inhibited. The presence of SiO2-I also inhibited the oxidation of triclosan by MnO2, but
to a lower extent. Between the two oxides, TiO2-I did not have a significant inhibiting
effect under the experimental conditions. Similar inhibiting effects as those of Al2O3-I,
SiO2-I and TiO2-I respectively were also observed for Al2O3-II/-III, SiO2-II/-III and
TiO2-II/-III (Table 3.1 and Figure 3.5), indicating that the interaction mechanisms
between the secondary oxides and MnO2 are independent of the physical properties such
as particle size and surface area. For this reason, secondary oxides with different
physical properties as shown in Table 3.1 were used in later experiments
interchangeably.
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Figure 3.4: (a) Effects of varying secondary oxide loading on the oxidation of triclosan
by MnO2. Reaction conditions: 10 µM triclosan, 5.0 mg/L MnO2, pH 5.0, 0.01 M NaCl,
0.025 to 10 g/L secondary metal oxides. (b) Effects of varying triclosan concentration on
oxidation of triclosan by MnO2. Reaction conditions: 5.0 mg/L MnO2, 10 g/L secondary
metal oxides, pH 5.0, 0.01 M NaCl.
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Figure 3.5: Effects of varying metal oxides on the oxidation of triclosan by MnO2.
Reaction conditions: 10 µM triclosan, 5 mg/L MnO2, pH 5.0, 0.01 M NaCl, 0.025 to 10
g/L secondary metal oxides. Respectively similar results were observed for Al2O3-III,
SiO2-III and TiO2-III and are thus not shown.

33

To illustrate the importance of soluble metal ions to the overall inhibitory effect
of the secondary oxides on MnO2 reactivity, a comparative study of the reactivity of the
oxide suspension versus ‘supernatant’ was conducted for Al2O3-II, SiO2-II and TiO2-III
(Table 3.1). The concentration of total Al, Si and Ti in the oxide ‘supernatants’ was
measured to be 0.09 mM, 0.18 mM and 7.6 µM respectively. These concentrations are
significantly lower than their reported solubilities at pH 5 (Table 3.2), likely due to the
slow dissolution kinetics of the oxides [101]. Separate analysis of the ‘supernatants’
with dynamic light scattering indicates the presence of nanosized particles (Table 3.2)
Recall that 0.2 µm filters were used to obtain the ‘supernatants’. Table 3.2 also shows
surprisingly comparable rate constants for MnO2 in the mixtures with either oxide
suspension (ksusp) or ‘supernatant’ (ksuper). Thus, the soluble ions and/or nanosized
particles associated with Al2O3 and SiO2 contribute the most to the observed inhibitory
effect on MnO2 reactivity when mixing with Al2O3 or SiO2. The combination of soluble
ions and nanosized particles will be referred to as “soluble Al” or “soluble Si” hereafter.
Concentrations of “soluble Al” in ‘supernatants’ of either single Al2O3 or
mixtures with MnO2 under varying Al2O3-II loadings (0.001, 0.025, 0.01, 0.1, 1, 5 and
10 g/L) were measured using ICP-MS (Table 3.3). For Al2O3 alone, Al concentration in
the ‘supernatants’ increased from 0.27 µM to 3.15 mM with increasing loading of
Al2O3-I; for the mixtures, Al concentration in the ‘supernatants’ also increased with
increasing loading of Al2O3-I but only from 0.06 µM to 0.76 mM. The significantly
lower “soluble Al” concentrations in the mixture ‘supernatants’ are mainly due to the
strong adsorption of Al by MnO2.
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Table 3.2: Reaction rate constants for oxide suspensions and supernatants and the solubility of the metal oxides.
Name

ksusp (h-1)

ksuper (h-1)

[soluble metal]

MnO2

0.25 ± 0.02

0.25 ± 0.02

NA

MnO2 + Al2O3-II

0.08 ± 0.02

0.07 ± 0.03

0.09 mM

2.0 mM[106]

84.7 ± 1.9

MnO2 + SiO2-II

0.18 ± 0.01

0.20 ± 0.04

0.18 mM

2.0 mM[22]

110.9 ± 1.4

MnO2 + TiO2-III

0.25 ± 0.03

0.21 ± 0.06

7.6 µM

< 40µM[101]

NA

Solubility
NA

Particle size nma
NA

a

Data for oxide supernatants; NA = not available. Reaction conditions: 10 µM triclosan, 5.0 mg/L MnO2,
pH 5.0, 0.01 M NaCl, suspension or ‘supernatant’ related to 1.0 g/L Al2O3-II or 10 g/L SiO2-II and
TiO2-III.
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Table 3.3: “Soluble Al” detected in single and binary oxide suspensions.
Sample
[Al3+] ppb [Al3+] mM
10 g/L Al2O3-II

84916.0

3.15

5 g/L Al2O3-II

13046.7

0.48

1 g/L Al2O3-II

2365.6

0.088

0.1 g/L Al2O3-II

76.7

2.84E-03

0.025 g/L Al2O3-II

57.3

2.12E-03

0.01 g/L Al2O3-II

33.1

1.23E-03

0.001 g/L Al2O3-II

7.2

2.65E-04

10 g/L Al2O3-II + MnO2

20599.0

0.76

5 g/L Al2O3-II + MnO2

4627.8

0.17

1 g/L Al2O3-II + MnO2

224.9

8.33E-03

0.1 g/L Al2O3-II + MnO2

23.6

8.74E-04

0.025 g/L Al2O3I-I + MnO2

7.3

2.69E-04

0.01g/L Al2O3-II + MnO2

1.7

6.20E-05

Reaction conditions: 5 mg/L MnO2, 0.01 M NaCl and pH 5.

To evaluate the relative contribution of soluble ions versus nanosized oxide
particles to the overall inhibitory effect of Al2O3 and SiO2 on the oxidative activity of
MnO2, we examined the effect of soluble metal ions (prepared from stock solutions of
AlCl3 and Na2SiO3) on the triclosan oxidation kinetics by varying the ion concentration
while keeping the concentration of triclosan and MnO2 constant (Figure 3.6). In the
presence of Al3+ (Al3+ can exist as various hydroxylated ions depending on solution pH,
thus for simplification, will be collectively referred to as Al3+ hereafter) ranging from
0.001 to 0.1 mM, the rate constants decreased from 0.23 to 0.01 h-1. The inset graph in
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Figure 3.6a shows the adsorption isotherm of Al3+ on MnO2 where the amount of Al3+

0.30

Al adsorbed (mg/g)

adsorbed increased with increasing Al3+ concentration.
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Figure 3.6: a) Effect of ‘soluble Al’ concentration on oxidation of triclosan by the
mixtures of MnO2 with either Al3+ or Al2O3-I. (Inset: Al3+ adsorption isotherm by MnO2)
b) Effect of soluble SiO2 on oxidation kinetics. Reaction conditions unless otherwise
specified: 10 µM triclosan, 5.0 mg/L MnO2, pH 5, 0.01 M NaCl.
According to Figures 3.6 and 3.7, the decrease in k directly correlates with the
increase in the amount of Al3+ adsorbed by MnO2. Under the same “soluble Al”
concentrations, k is slightly smaller for the mixtures of MnO2 with Al2O3-I than with Al3+
ion (except for the last data points which are comparably very low given the experimental
error). This comparison indicates that (hydroxylated) Al3+ plays a dominant role in the
binary mixture of Al2O3 and MnO2 in inhibiting MnO2 redox reactivity, most likely
through the formation of surface complexes and/or precipitates [95,99,103].
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Figure 3.7: Correlation between the triclosan oxidation rate constant and the amount of
Al3+ adsorbed by MnO2 when 0.001 – 0.1 mM Al3+ was added to 5 mg/L MnO2 at pH 5.
In the presence of soluble SiO2 (0.1 – 3.3 mM) [24,25], the rate constant
decreased from 0.22 to 0.15 h-1 and remained unchanged after that Figure 3.6b. Given
the comparable inhibitory effects of soluble SiO2 and SiO2-II, surface complexation of
soluble SiO2 with MnO2 also contributes significantly to the inhibited MnO2 redox
reactivity. Indeed, soluble silica in the form of H4SiO4 has been shown to form surface
complexes with iron hydroxides which significantly hindered the adsorption of arsenate
and humic substances by iron hydroxides [22, 96-97].
The site density of MnO2 has been reported to be 2.1 mmol/g [107]. Based on the
MnO2 concentration of 5.0 mg/L, there are 10.2 µM sites in the solution. With 0.001 –
0.1 mM Al3+, the amount of Al3+ adsorbed increased from 1.6 to 26 µM and the rate
constant decreased from 0.24 to 0.03 h-1. Based on these results it seems that more than
one Al3+ occupies each site. Alternatively, the reported site density for adsorption might
not necessarily reflect the number of active sites involved in oxidation. As compared to
Al3+, soluble SiO2 seems to complex with < 32% (

kmix
kMnO2

) of MnO2 reactive sites, since

38

comparable k was observed for triclosan oxidation with the addition of either 1 mM or
3.3 mM of soluble SiO2. This level of inhibition is also comparable to the inhibitory effect
observed for SiO2–I and SiO2–I (Figures 3.4a and 3.6), indicating surface
complexation/precipitation of soluble SiO2 with MnO2 is indeed the major interaction
mechanism for the MnO2+SiO2 mixture.

Based on the SEM images obtained (Figure 3.8), MnO2 exists as sheets or layers.
As single oxides, Al2O3-I and SiO2-I aggregate to form large precipitates and TiO2-I
aggregates into spherical particles. In binary oxide mixtures with MnO2, Al2O3-I has the
highest interaction with MnO2 evident by the high surface coverage of MnO2 by Al2O3-I;
SiO2-I and TiO2-I appear to aggregate within themselves and have limited interaction
with MnO2. Elemental composition analysis also confirmed the different
heteroaggregation patterns of the three oxide mixtures (data not shown).
These images indicate heteroaggregation between MnO2 and the secondary
oxides, more for Al2O3 than for the other two oxides. It is well known that the surface
charge of metal oxides plays an important role in determining electrostatic interactions
between two oxides. The charge carried by a metal oxide can be determined by the pH of
the solution and its pHzpc values (i.e., the pH at which the substance has a net zero surface
charge). A mineral surface will have a positive charge in a solution at a pH lower than the
pHzpc value; while the surface charge will be negative at pHs above the pHzpc value. The
pHzpc values for Al2O3-I, TiO2-I and SiO2-I are 8.9, 6.3 and 2.4 respectively [101,105].
When mixing Al2O3 and MnO2 at pH 5, Al2O3 and MnO2 particles are positively
and negatively charged respectively. The opposite surface charges enable a strong
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electrostatic attraction between the two oxides resulting in a high surface coverage of
MnO2 by Al2O3. For SiO2-I and TiO2-I, their surface charges at pH 5 are either negative
or slightly positive; thus, electrostatic interaction with MnO2 is less significant than for
Al2O3. Given the relatively large amount of SiO2-I and TiO2-I used (compared to MnO2),
there can be some level of heteroaggregation between SiO2-I/TiO2-I and MnO2. We
speculate that the heteroaggregation within the oxide mixtures might inhibit the oxidative
activity of MnO2 to some minor extent (if any).

a) MnO2

b) Al2O3-I

c) MnO2+Al2O3-I

d) SiO2-I

e) MnO2+SiO2-I

f) TiO2-I

g) MnO2+TiO2-I

Figure 3.8: SEM images of MnO2, secondary metal oxides and the mixtures of MnO2
with the secondary metal oxides.
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Experiments with varying triclosan concentrations (1, 5, 10, 50 and 100 µM) but
fixed oxide loadings were conducted at pH 5.0 to assess the effect of triclosan loading on
the reaction kinetics. Consistent with previous work, changes in the triclosan
concentration did not affect k values when only MnO2 was present [7]. With the addition
of either Al2O3-I or SiO2-I, k remained almost statistically unchanged within the entire
range of triclosan concentration, although at lower levels than that of pure MnO2 (Figure
3.4b). With the addition of TiO2-I, k increased from 0.03 h-1 to 0.25 h-1 when the
concentration of triclosan increased from 1 to 10 µM, and remained statistically
unchanged with further increase in triclosan concentration.
Electron transfer was believed to be the rate-limiting step for triclosan oxidation
by MnO2 [10]. When varying the initial concentration of triclosan, the amount of MnO2
was kept constant. Therefore, changing triclosan concentration should not affect the rate
constant of electron transfer between triclosan and MnO2. This leads to the observed k
independent of triclosan concentration for single MnO2 and for binary mixtures of MnO2
with either Al2O3-I or SiO2-I. For the mixture of MnO2 with TiO2-I, the much smaller k at
triclosan initial concentrations less than 10 µM is most likely due to competitive
adsorption of triclosan by TiO2 and by MnO2. Once triclosan was strongly adsorbed by
TiO2, not enough free triclosan was available for reaction with MnO2. As a result, the
slow desorption of triclosan from TiO2 (Figure 3.9) leads to a slower formation of
precursor complexes between triclosan and MnO2 which now becomes the rate-limiting
step. The observed lower k thus reflects the kinetics of this new rate-limiting step. k
became larger and independent of triclosan concentration only when there was enough
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free triclosan present and electron transfer was the rate-limiting step again. Precursor
complex formation was also believed to the rate-limiting step for oxidation of
tetracyclines by MnO2 [10]. Overall, these results indicate that competitive adsorption
most likely contributed to the inhibited reactivity of MnO2 by TiO2 but was not

Percentage of triclosan desorbed

significant enough to be observed for Al2O3 and SiO2.
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Figure 3.9: Desorption kinetics of triclosan following the adsorption equilibrium of
triclosan by the secondary oxides. Reaction conditions: 10 g/L of secondary metal oxides
pre-equilibrated with 10 µM of triclosan, 0.01 M NaCl, pH 5.

To study the effect of pH on the interaction within binary oxide mixtures,
experiments were conducted using fixed loadings of triclosan, MnO2 and secondary metal
oxides while varying the pH from 4 to 8. As seen in Figure 3.10a, pH had a significant
effect on the oxidation kinetics of triclosan by both MnO2 and by oxide mixtures. The
highest rate constants were obtained at 4.0, the lowest pH studied. As the pH of the
solutions was increased rate constants decreased in all cases. As the pH approached 7,
the rate constants for all systems were all comparatively very low, suggesting oxidation
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of contaminants by MnO2 is a more important fate determinant in acidic environments
than in neutral and alkalinic environments. Similar pH dependence has been observed
previously for single MnO2 and was attributed mainly to the decrease in MnO2 reduction
potential with increasing pH [7,10]. Given the similar slopes (Figure 3.10a) for all
systems, the impact of pH on MnO2 reduction potential should also account for the lower
reactivity in the binary mixtures. It is unlikely that speciation of triclosan affects the pH
dependence since at higher pH, there is a larger fraction of deprotonated triclosan (pKa =
7.9) [108] which is expected to lose electrons (i.e., oxidized) more easily than neutral
triclosan. With electron transfer being the rate-limiting step, this should lead to greater
rate constants at higher pH values which are opposite to the observed pH dependence.
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Figure 3.10: a) Effect of pH on oxidation. Reaction conditions: 0.1 g/L Al2O3-I, 10 g/L
SiO2-I and TiO2-I, 10 µM triclosan, 5.0 mg/L MnO2, 0.01 M NaCl. b) Effect of pH on
oxidation with the addition of 5 µM Al3+. Reaction conditions: 10 µM triclosan, 5.0 mg/L
MnO2, 0.01 M NaCl, (Inset: adsorption edge of Al3+ by MnO2).

When experiments were conducted at various pHs using a fixed concentration of
Al3+, triclosan and MnO2, the reactions were also slower at higher pH (Figure 3.10b)
(Figure 5b). Batch experiments for the adsorption edge of Al3+ by MnO2 were conducted
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at varying pHs. As observed in the inset graph in Figure 3.10b, there is an increase in
the amount of Al3+ adsorbed by MnO2 as the pH increases. Since the pH dependence for
the reactivity of MnO2+Al3+ is comparable to that of MnO2, the effect of pH on MnO2
reduction potential (not adsorption of Al3+ by MnO2) should also play a dominant role in
the lower MnO2 reactivity observed at higher pHs.

Previous work reported that the relative redox reactivity of various iron minerals
changed when different probe compounds were used to measure reactivity [109]. To
verify that the above observed interaction mechanisms are not compound specific, we
worked with chlorophene which has been shown to degrade in the presence of MnO2 [7].
Under typically reaction conditions, the k values for chlorophene oxidation in reactions
containing MnO2, MnO2+Al2O3-III, MnO2+SiO2-III and MnO2+TiO2-II were 0.78±0.34,
0.07±0.02, 0.39±0.02 and 0.65±0.05 h-1 respectively. The inhibiting effects of all three
secondary oxides on the oxidation of chlorophene by MnO2 were statistically comparable
to those of triclosan. This result indicates the observed interaction mechanisms within
the binary oxide mixtures are not specific to the selected probe compound.

In addition to reaction kinetics, adsorption of triclosan by all three secondary
oxides as either single oxides or in mixtures with MnO2 were monitored under (i) varying
oxide loadings in the range of 0.025 – 10 g/L for Al2O3-I and 0.1 – 10 g/L for SiO2-I and
TiO2-I (Table 3.4), (ii) varying triclosan concentrations between 1 and 100 µM (Table
3.5), and (iii) varying pH between 4 and 8 (Table 3.6). In the first two experiments,
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30%, 43%, 40% and 45% of triclosan was adsorbed by MnO2, Al2O3-I, SiO2-I and TiO2I, respectively. In the third experiment, the amount of triclosan adsorbed by either single
oxides or oxide mixtures decreased with increasing pH; this trend is more significant for
Al2O3-I and TiO2-I than for SiO2. In all three experiments, Al2O3-I mixture with MnO2
seemed to adsorb a similar amount of triclosan as Al2O3-I alone; mixtures of SiO2-I or
TiO2-I with MnO2 adsorbed a lower percentage of triclosan (26%) than the
corresponding single oxides.
The above results can be well explained by the observed interaction mechanisms
and speciation of both triclosan and oxides. When the solution pH increases from 4 to 8,
MnO2 and SiO2 are increasingly negatively charged (pHzpc = 2.4), Al2O3 is decreasingly
positively charged (pHzpc = 8.9), TiO2 is positively to negatively charged (pHzpc = 6.3),
and the fraction of deprotonated triclosan increases (triclosan pKa = 7.9). Adsorption of
the protonated (neutral) triclosan should be comparable by negatively versus positively
charged surface, but adsorption of the deprotonated triclosan would be significantly lower
by negatively charged surfaces [7]. This is why with increasing pH, adsorption of
triclosan by MnO2, Al2O3, SiO2 and TiO2 typically decreased (the higher percentages of
adsorption for Al2O3 at pH 8 and for Al2O3-MnO2 at pH 7 and 8 are likely due to the
adsorption of higher fractions of deprotonated triclosan towards the still positively
charged Al2O3 surface). The lower pH dependence of adsorption by SiO2 is mainly due to
the fact that, despite a pHzpc of 2.4, SiO2 remains largely undissociated even at neutral pH
[106,110].
For the binary mixture of Al2O3-I and MnO2, strong surface
complexation/precipitation of Al3+ on the surface of MnO2 and intense heteroaggregation
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between Al2O3 and MnO2 lead to Al-coating on MnO2 surface. These results explain why
the mixture behaved like single Al2O3 in adsorbing triclosan. Comparably, MnO2 surface
is only partially complexed with soluble SiO2 and there is only partial heteroaggregation
between SiO2 and MnO2. Given the observation that MnO2 can adsorb more triclosan
than SiO2 on a surface area basis (2.35 versus 0.09 µmol/m2 at pH 5), the coating of SiO2
on MnO2 surface will decrease the overall number of surface sites and hence triclosan
adsorption. The poor solubility of TiO2 prevents surface complexation of Ti ions with
MnO2. Although heteroaggregation between TiO2 and MnO2 particles did not affect
MnO2 redox reactivity, it is most likely the reason for the lower percentages of triclosan
adsorbed by the binary mixture than by either oxide. Overall, the adsorption behavior of
organic contaminants in binary oxide mixtures is consistent with the reported behavior of
inorganic contaminants in similar systems [22-27].
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Table 3.4: Effect of varying oxide concentrations on the percent of triclosan adsorbed.
Oxide (g/L)

Al2O3-I

Al2O3-I+MnO2

SiO2-I

SiO2-I+MnO2

TiO2-I

TiO2-I+MnO2

MnO2

0.025

39.3 ± 0.1

27.0 ± 4.7

-

-

-

-

30.1 ± 14.4

0.01

50.9 ± 6.1

43.3 ± 4.5

-

-

-

0.1

45.3 ± 2.9

41.1 ± 3.3

40.3 ± 3.6

19.7 ± 5.6

48.9 ± 3.6

31.2 ± 1.4

0.5

45.1 ± 2.3

34.7 ± 2.3

44.1 ± 4.1

19.0 ± 3.0

41.2 ± 4.3

26.9 ± 3.6

1

44.2 ± 3.7

40.8 ± 5.0

39.7 ± 3.2

28.9 ± 8.7

51.1 ± 4.8

31.2 ± 5.7

5

46.4 ±2.0

42.6 ± 3.2

39.2 ± 0.8

37.2 ± 4.2

52.3 ± 5.3

16.3 ± 6.3

10

43.0 ± 4.0

42.4 ± 4.6

37.7 ± 2.9

27.0 ± 3.8

38.7 ± 3.0

21.5 ± 10.4

average

44.9 ± 3.5

38.8 ± 6.0

40.2 ± 2.4

26.4 ± 7.5

46.4 ± 6.1

25.4 ± 6.5

Reaction conditions: 10 µM triclosan, 5.0 mg/L MnO2, 0.01 M NaCl, pH 5

Table 3.5: Effect of varying triclosan concentrations on the percent of triclosan adsorbed.
Triclosan (µM)

Al2O3-I

Al2O3-I+MnO2

SiO2-I

SiO2-I+MnO2

TiO2-I

TiO2-I+MnO2

MnO2

1

50.0 ± 3.0

46.2 ± 6.7

45.7 ± 1.1

29.1 ± 3.9

49.8 ± 2.5

43.1 ± 5.1

33.1 ± 8.1

5

29.3 ± 9.7

25.3 ± 5.5

46.7 ± 2.5

29.3 ± 3.3

47.3 ± 4.5

26.1 ± 8.6

27.6 ± 9.0

10

43.0 ± 3.8

42.4 ± 4.7

37.7 ± 2.9

27.0 ± 3.8

36.7 ± 4.7

21.5 ± 10.1

30.1 ± 14.4

50

43.4 ± 7.5

44.6 ±7.6

35.7 ± 2.5

22.9 ± 3.3

37.2 ± 2.6

25.1 ± 1.9

29.4 ± 4.0

100

42.7 ± 7.8

42.1 ± 6.0

37.9 ± 3.2

25.2 ± 3.0

42.7 ± 7.8

43.1 ± 6.0

26.3 ± 2.7

average

41.7 ± 7.6

40.1 ± 8.5

40.7 ± 5.1

26.7 ± 2.7

42.7 ± 5.9

31.8 ± 10.5

29.3 ± 2.6

Reaction conditions: 10 g/L secondary metal oxides, 5 mg/L MnO2, 0.01 M NaCl, pH 5
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Table 3.6: Effect of pH on the percent of triclosan adsorbed.
pH

Al2O3-I

Al2O3-I+MnO2

SiO2-I

SiO2 -I+MnO2

TiO2-I

TiO2-I+MnO2

MnO2

4

42.8 ± 2.8

42.1 ± 2.4

39.9 ± 4.8

30.0 ± 3.8

65.3 ± 11.6

36.9 ± 19.9

43.7 ± 8.4

5

43.7 ± 4.4

43.3 ± 5.2

38.5 ± 3.8

34.5 ± 2.0

50.1 ± 5.4

28.5 ± 1.95

30.1 ± 14.4

6

25.7 ± 7.1

18.4 ± 8.7

36.8 ± 1.2

23.8 ± 5.5

43.9 ± 6.8

26.0 ± 7.0

25.0 ± 6.6

7

26.9 ±4.5

30.3 ± 13.5

36.3 ± 4.5

25.1 ± 0.9

35.3 ± 3.0

25.8 ± 0.6

21.2 ± 2.9

8

36.9 ± 4.5

25.1 ± 2.5

34.4 ± 7.4

21.8 ± 7.1

41.3 ± 9.0

19.8 ± 2.9

24.9 ± 1.6

Reaction conditions: 10 µM triclosan, 5 mg/L MnO2, 10 g/L secondary metal oxides, 0.01 M NaCl
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To the best of the authors’ knowledge, this is the first work examining the redox behavior
of MnO2 in binary oxide mixtures. As a result, our findings will provide necessary information to
bridge the gap between traditional model systems where only one oxide was included and
environmental systems where multiple oxides/minerals coexist. Overall, to obtain a mechanistic
understanding of the redox behavior of a complex soil system containing multiple constituents
including different metal oxides, co-solutes etc., further work is warranted to explore how the
redox activity of Mn and Fe oxides is affected by the presence of additional oxides/clay minerals
as either physical mixtures or as co-precipitates. Additional work is also needed to elucidate how
the interactions within oxide mixtures affect either precursor complex formation or electron
transfer as the rate-limiting step for surface involved oxidation by metal oxides. These results
will significantly contribute to the development of predictive tools that can be used to estimate
the fate and transport of contaminants in soil-water environments.

49

EFFECTS OF NOM ON OXIDATIVE REACTIVITY OF MANGANESE
DIOXIDE IN BINARY OXIDE MIXTURES WITH GOETHITE OR HEMATITE

Abstract
MnO2 typically co-exists with iron oxides as either discrete particles or coatings
in soils and sediments. This work examines the effect of Aldrich humic acid (AHA),
alginate, and pyromellitic acid (PA) as representative NOM analogues on the oxidative
reactivity of MnO2 – as quantified by pseudo-first order rate constants of triclosan
oxidation – in mixtures with goethite or hematite. Adsorption studies showed that there
was low adsorption of the NOMs by MnO2, but high (AHA and alginate) to low (PA)
adsorption by the iron oxides. Based on the ATR-FTIR spectra obtained for the adsorbed
PA on goethite or goethite/MnO2, the adsorption of PA occurred mainly through
formation of outer-sphere complexes. The Fe oxides by themselves inhibited MnO2
reactivity through intensive heteroaggregation between the positively charged Fe oxides
and the negatively charged MnO2; the low solubility of the iron oxides limited surface
complexation of soluble Fe3+ with MnO2. In ternary mixtures of MnO2, Fe oxides and
NOM analogues, the reactivity of MnO2 varied from inhibited to promoted as compared
with that in the respective MnO2+NOM binary mixtures. The dominant interaction
mechanisms include an enhanced extent of homoaggregation within the Fe oxides due to
formation of oppositely charged patches within the Fe oxides but an inhibited extent of
heteroaggregation between the Fe oxide and MnO2 at [AHA]<2-4 mg-TOC/L or
[alginate/PA]<5-10 mg/L, and an inhibited extent of heteroaggregation due to the largely
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negatively charged surfaces for all oxides at [AHA]>4 mg-TOC/L or [alginate/PA]>10
mg/L.
Results and data analysis presented in this section have been published in Zhang
et al. (2015) [111].

Our recent work investigated the oxidative reactivity of MnO2 in the presence of a
second metal oxide including Al2O3, SiO2, and TiO2 [80]. These second metal oxides
inhibited MnO2 reactivity mainly through heteroaggregation between the oxide particles
and/or surface complexation of the metal ions dissolved from the second oxides with the
MnO2. However, there is no information on how the presence of iron oxides, another
abundant group of metal oxides in the environment, affects the redox reactivity of MnO2.
Compared with the amount of information available on homoaggregation within the same
type of particles including Fe oxides, there have been a limited number of studies on
heteroaggregation between different types of particles mainly due to complexity of the
systems [112-116]. The DLVO theory has been able to reasonably describe the
aggregation tendencies between Al2O3 and SiO2 after considering a short-range strong
repulsive interaction due to hydration [114]. The heteroaggregation of oppositely charged
colloid particles is independent of surface charge densities due to the fact that there are
enough attractive forces between the particles so that the aggregation is limited by
diffusion [116]. Huynh et al. [115] found that the rate of heteroaggregation between
negatively-charged, multi-walled carbon nanotubes (CNTs) and positively-charged
hematite nanoparticles (HemNPs) increased with increasing CNT/HemNP ratio until
reaching a maximum. This increase in the aggregation rate was explained based on the
51

bridging of HemNPs by CNTs to form an extensive network. Further increase in the
CNT/HemNP ratio led to a dramatic decrease in the heteroaggregation rate because all of
the HemNPs have attached to a CNT and the long arms of the negatively charged CNTs
prevented further aggregation of the composite NPs.
In most environments, mineral surfaces are coated with NOM that includes humic
acid (HA) and fulvic acid (FA) [53,55-56]. NOM contains a large number of carboxyl
and phenolic functional groups and thus is typically negatively charged under
environmental conditions. NOM can be adsorbed by metal oxide surfaces through
multiple mechanisms, including electrostatic interactions, ligand exchange (through –
COOH and –OH groups), hydrophobic interactions, hydrogen bonding, and cation
bridging [51,53-56]. The adsorbed NOM modifies the surface charge of oxide particles
making them more negatively charged [55-56] which will have profound effects on
particle stability [42,46,55,63,117]. For example, at an acidic pH, the adsorption of a
small amount of HA by magnetite increased particle aggregation by forming negatively
charged patches on the positively charged magnetite surfaces enhancing the electrostatic
attraction between the patches and the oxide surfaces; further addition of HA stabilized
the particles by completely coating the particles and adding steric repulsion between them
[46,55].
This work aims to examine the oxidative reactivity of MnO2 in (i) binary systems
with Fe oxides and (ii) ternary systems with Fe oxides and NOM. Specifically, does
NOM affect MnO2 reactivity in mixtures with Fe oxides through interference with
heteroaggregation or with surface complexation? To address this question, we used
triclosan – a widely used antibacterial agent – as a probe compound as in our previous
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work [80] and examined its oxidation kinetics as an indicator for MnO2 oxidative
reactivity in various mixtures. Aldrich Humic acid (AHA) and alginate were examined as
representative NOM analogues. Alginate was chosen as it is a widely used model
compound for polysaccharides. It has a molecular weight between 12 and 80 kDa
(average 49 kDa) and is composed of blocks of 1,4-linked -D-mannuronic acid and -Lguluronic acid residues (pKa values of 3.2 and 3.6) [118]. Studies have shown that the
adsorbed alginate can affect the stability of nanoparticles by changing their surface
charges [46,63]. Pyromellitic acid (PA) (1,2,4,5-benzenetetracarboxylic acid) was also
examined as an analogue for NOM because its adsorption most closely resembles that of
NOM among a number of organic acids containing carboxylic and phenolic functional
groups [65,119]. For convenience, AHA, alginate, and PA will be referred to as “NOM”
whenever discussed collectively throughout the rest of the paper. Besides the kinetic
experiments for triclosan oxidation in different mixtures, other experiments and
calculations were conducted, including (i) measurement of the zeta potential of the Fe
oxides as a function of NOM concentration (ii) dissolution of Fe oxides (iii) attenuated
total reflection (ATR)-FTIR analysis of PA adsorbed on single and binary oxide mixtures
(iv) calculation based on the modified DLVO theory and the NICA-Donnan model (v)
sedimentation of single or binary oxide mixtures as a function of NOM concentration and
(vi) adsorption of NOM by single oxides or binary oxide mixtures.

MnO2 was synthesized based on the method by Murray [104]. Details are
provided in Section 3.2.2. The oxides used in this study and some of their properties are
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listed in Table 4.1. Triclosan (>99% purity), alginate (A1112), and PA were purchased
from Sigma-Aldrich and used without further purification. Triclosan stock solutions were
prepared in methanol at 10 mM and stored at 4oC. AHA was purchased from SigmaAldrich, and 1 g/L stock solution of AHA was prepared by dissolving it in 0.1 M NaOH
and filtering through 0.22 µm filters based on the reported method [115]. The solution
pH was then adjusted to 5.0 using 1 M HCl. TOC of AHA stock solution was measured
to be 0.4 g-TOC/L. The stock solutions of PA and alginate were prepared by dissolving
them in DI water followed by pH adjustment to 5.0 using 0.1 M NaOH or HCl.
Table 4.1: Metal oxides and their properties*.
BET surface
Name
Metal Oxide
area (m2/g)

average particle
size (nm)

pHzpc

δ-MnO2
Bayferrox 910 b
Nano α-FeOOH a

274
<2
15.0
8.0
100  600
40-60
8.0
20  60
136.8 ± 0.5
Nano α-FeOOH
7.8
Syn-FeOOH
5.3 64[31]
[31]
Nano α-Fe2O3 a
47.0 d
90
7.7
Fe2O3
17.6 [120]
7.9
Lepidocrocite Bayferrox 943 b
50  300
*Properties provided by the manufacturers unless otherwise specified. Manufacturer:
a
Nanostructured and Amorphous Material Inc. and b Lanxess, USA.
MnO2
FeOOH
Nano-FeOOH

All kinetic experiments were conducted in duplicates in 125 mL screw-cap amber
bottles with Teflon caps. The reaction bottles were continuously stirred on a magnetic stir
plate at 22±2°C. Reaction solutions were maintained at pH 5.0 by using 25 mM of acetate
buffer. pH 5.0 was selected for most of the experiments in this work because it is
environmentally relevant and also allowed us to quantify reaction kinetics within a
reasonable timeframe [7]. 0.01 M NaCl was added to maintain ionic strength. Reactors
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were prepared by adding 5 mg/L of MnO2 to the aqueous solutions containing buffer and
NaCl followed by the addition of required amounts of Fe oxides and NOM in a sequential
order. The reactors were then allowed to equilibrate overnight before adding triclosan to
initiate the reaction. Reaction time course was measured as described in chapter 3. Since
our goal was to examine the oxidative reactivity of MnO2 in different mixtures and our
previous work [80] has reported that competitive adsorption of triclosan by binary oxide
mixtures typically does not affect MnO2 reactivity, we did not examine adsorption of
triclosan in this work.

In addition to using rate constants k, an indicator for MnO2 reactivity in various
mixtures, the obtained k values were converted to a term “P”. This conversion is essential
to differentiate the effects due to the NOM from the effects due to the Fe oxides. To
obtain the P values for systems with MnO2+NOM, the measured k for MnO2+NOM
(referred to as kwith NOM) were normalized by dividing them by the measured k for MnO2only (referred to as kwithout NOM) as shown in equation 4.2. To obtain the P values for
ternary mixtures (MnO2+Fe oxide+NOM), the measured k for the ternary mixtures were
normalized by dividing them by the k of the respective binary oxide mixtures (MnO2+Fe
oxide) as shown in equation 4.1.
P

kwithNOM
 100%
kwithoutNOM

……………………………………………………………(4.1)

55

Fe(II) and total iron concentrations were determined using the standard Ferrozine
method [121]. One g/L of metal oxides were allowed to equilibrate overnight at pH 5.0
and 0.01 M NaCl. The suspensions were then centrifuged, and the supernatants were
collected and filtered through 0.22 µm filters for analysis. 1 mL of the filtrates was mixed
with solution containing 10 mM ferrozine and 0.1 M ammonium acetate. The absorbance
of the samples were recorded at 562 nm for Fe(II) by UV visible spectrophotometer. 0.8
mL of the above mixture was then mixed with 150 µL of a reducing agent (1.4 M
hydroxylamine hydrochloride/2 M hydrochloric acid) followed by addition of 50 µL of
buffer solution (10 M ammonium hydroxide, pH = 9.5). The absorbance by the mixture
was measured at 562 nm for total iron concentration. The concentration of Fe(II) was
subtracted from total iron concentration to obtain Fe(III) concentration.

The pHzpc and zeta potentials of the oxides were measured using a Zetasizer Nano
ZS (Malvern Instruments). For the determination of pHzpc values, 0.05 g/L of oxide
suspensions in 0.01 M NaCl were equilibrated overnight at pH 2.0 to 9.0. The pH
adjustments were made by adding 0.01 M HCl or NaOH. To determine the effect of
NOM on the zeta potentials of the oxides, AHA (0.1 to 10 mg-TOC/L), PA or alginate
(0.5 to 25 mg/L) was added to suspensions containing 0.05 g/L oxide and 0.01 M NaCl at
pH 5.0. If adding NOM changed solution pH, pH was re-adjusted to 5.0 by using 0.02 M
HCl or NaOH. The suspensions were then allowed to equilibrate overnight before
measuring their zeta potentials. Because zeta potential and surface charge density are
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directly related by the Grahame equation, we will use zeta potential values to indicate the
charge status of the oxide surfaces.

To examine the extent of adsorption of the NOMs by either single oxides or
binary oxide mixtures, adsorption experiments were carried out under conditions similar
to those of kinetic experiments. 0 to 80 mg-TOC/L AHA or 0 to 200 mg/L of alginate/PA
was added to reactors containing 1.0 g/L of Fe oxides with 5 mg/L MnO2, and 0.01 M
NaCl at pH 5.0. The mixtures were stirred on a magnetic stir plate and equilibrated for 24
hours. The suspensions were then centrifuged, and the supernatants were filtered through
0.22 µm filters. Preliminary experiments showed that there was negligible loss of NOM
due to adsorption by filters. Regardless, the calibration curves were prepared using
filtered standard solutions. Also, preliminary kinetic experiments showed that the
adsorption of the NOM had reached or was approaching equilibrium within 24 hours
(data not shown). Using UV-vis spectrophotometer to determine the concentration of
NOM is common [122], so the concentrations of AHA and PA in the supernatants were
determined using an Agilent 8670 UV-visible spectrophotometer. AHA was measured at
a wavelength of 254 nm [123] and PA was measured at 255 nm. A TOC-VCSH instrument
was used to determine the adsorption of alginate. Before measuring the concentration of
alginate remaining in the filtrates, the filtrates were acidified to pH below 2.0 using 0.2 M
HCl and bubbled with N2 gas for 15 minutes. The measured TOC of the supernatants
were then calculated in terms of mg of alginate. The amount of NOM adsorbed by the
oxides (Qe) was calculated as the difference between the initial concentration and the
equilibrium concentration (Ce).
57

ATR-FTIR spectra were collected with a Perkin-Elmer Spectrum 100 FTIR
spectrometer equipped with a deuterated triglycine sulfate (DTGS) detector. A horizontal
attenuated total reflectance (ATR) attachment and a Diamond/ZnSe crystal were used.
Spectrum Software (Version 10.4.2, PerkinElmer Inc.) was used for data collection and
spectral calculations. ATR-FTIR measurements were performed on aqueous PA solutions
and wet pastes of PA adsorbed by FeOOH and FeOOH+MnO2. 500 scans with a spectral
resolution of 4 cm-1 were taken for each sample after direct application of solution
samples or wet pastes on the crystal. Spectra of aqueous PA (30 mM) in 0.01 M NaCl
were collected as a function of pH. The adsorbed PA samples were prepared by adding
required amounts of PA stock solution to reactors containing FeOOH or the oxide
mixture at different pH. After centrifugation, the wet centrifuged paste was uniformly
spread over the ATR crystal to a thickness of 1–2 mm, and the sample-holding region
was covered with a lid to hinder evaporation during the measurement, while ensuring no
contact between the lid and the sample. To prevent drying further, a few drops of the
filtered supernatant were put on top of each wet paste sample.
All solution and wet paste spectra were affected by the strong infrared absorbance
of water at 1600-1450 cm-1, so accurate isolation of the peaks associated with vibrations
of the carboxylic acids in water is required. The spectral contribution of water in each
aqueous PA sample were removed following the approach described by Johnson et al.
(2004) [124]. This was done by measuring the spectrum of a 0.01 M NaCl solution at the
same pH and subtracting it from the aqueous PA spectrum. For wet pastes, the approach
described by another research Hwang et al. (2007) [125] was followed The IR spectrum
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of the wet-paste sample prepared without PA at the same pH was subtracted from the
wet-paste sample with PA. Also, to remove any spectral contribution of PA not adsorbed
by the oxides, the spectrum of the supernatant was obtained and subtracted from the
spectra of the pastes.

Sedimentation of the iron oxides or their mixtures with MnO2 and/or NOM was
studied at pH 5.0 by monitoring the optical absorbance at 508 nm as a function of time
using the UV-vis spectrophotometer [126]. The oxide concentration for individual metal
oxides was 0.2 g/L which was based on a reported protocol [126]. When measuring
sedimentation of Fe oxides with MnO2, the amount of each oxide in the binary oxide
mixtures was 0.1 g/L to maintain a total oxide concentration of 0.2 g/L. The mixtures
were stirred on a magnetic stir plate and equilibrated for 24 hours before the experiments.
24-h was selected as the pre-equilibrium time when examining the extent of aggregation
of the mixtures because this is the pre-equilibrium time used prior to the kinetic
experiments, and we mainly wanted to find out how the extent of aggregation affected
MnO2 oxidative reactivity. It has also been reported that heteroaggregation between two
types of nanoparticles reached steady-state by about 20 minutes [127]. Light scattering
techniques were not used to study the aggregation due to the wide range of particle size
distribution in our systems.

Reactors were prepared by adding varying concentrations of Mn2+ ions into
solutions containing 4 mg-TOC/L AHA in 0.01 M NaCl. The pH of the solution was
adjusted to 5.0 using 0.01 M HCl or NaOH. The reactors were allowed to equilibrate for
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30 minutes after the addition of Mn2+. The absorbance was measure by using UV-vis
spectrophotometer at 254 nm. The difference in absorbance was calculated by using the
following equation [128]:
DLnA254 = LnA254,i – LnA254,ref …………………………………………………(4.2)
where A254,i and A254,ref are the absorbance of the solution and the reference solution of
AHA.

MnO2 was negatively charged at pH 5.0 and its -value did not vary significantly
with an increasing amount of various NOM (Figure 4.1a and Figure 4.2). FeOOH
(pHzpc = 8.0, Table 4.1) was positively charged at pH 5.0 and the adsorption of all NOM
continuously lowered its -value (Figure 4.1b). At higher concentrations of various
NOM the decrease in the -value of FeOOH became less significant, likely because the
charge density of the coated oxide was closer to that of the NOM [115]. A similar
decrease in the -value of magnetite with the addition of 2-20 mg/L HA has been
reported [55]. The adsorption of AHA decreased FeOOH -value less significantly than
that of PA and alginate. Previous work has reported that a higher coverage of surface
coatings with smaller molecular weights resulted in higher electrophoretic mobility of the
nanoparticles than that of poly(acrylic acid) did [112].
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Figure 4.1: Effect of varying NOM concentrations on the zeta potential values of a)
MnO2 and b) FeOOH. Experimental conditions: 0.1 g/L oxide, 0–10 mg-TOC/L AHA, 0–
25 mg/L alginate/PA, 0.01 M NaCl, and pH 5.0.
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Figure 4.2: Measurement of zeta potential values of oxides from pH 1.0 to 12.0 with 0.1
g/L oxide and 0.01 M NaCl.

MnO2 showed low to negligible adsorption of all three NOM studied (Figure
4.3). As the adsorption isotherms of the NOMs by Fe oxides and by their mixtures with
MnO2 at pH 5.0 are shown in Figure 4.4, the adsorption capacity of all three NOMs
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follows: AHA > alginate > PA. HA and PA are known to form predominantly outersphere complexes with metal oxides [119,129], therefore, electrostatic interactions should
play an important role in their adsorption. The poor adsorption of NOM by MnO2 is
likely due to the negatively charged NOM molecules that repel the negatively charged
oxide surfaces. The observed lower adsorption of PA compared to that of AHA or
alginate can be explained based on the pKa values of its four carboxyl groups (1.52, 2.95,
4.65 and 5.89) [65] that make PA molecules more negatively charged per surface area
than AHA/alginate macromolecules. Once adsorbed, the accumulated negative charges
on the oxide surfaces would repel additional PA molecules, so the amount of PA
adsorbed was much smaller than that of AHA/alginate. Fe2O3 has higher adsorption
capacity for all three NOM than FeOOH mainly because Fe2O3 has a larger surface area
(Table 4.1).
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Figure 4.3: Adsorption of NOM by MnO2. Experimental conditions: 5 mg/L MnO2, 0-10
TOC-mg/L AHA, 0-25 mg/L Alginate/PA, 0.01 M NaCl, pH 5.0
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their mixtures with MnO2. Experimental conditions: 5 mg/L MnO2, 1 g/L Fe oxides, 0–
80 mg-TOC/L AHA, 0–150 mg/L alginate/PA, 0.01 M NaCl, pH 5.0.

The amounts of NOM adsorbed by the binary oxide mixtures were all similar to
those by the corresponding single Fe oxides indicating that particle interactions such as
heteroaggregation did not significantly affect adsorption of the NOMs by both iron
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oxides. As reported earlier [130], the aggregation of TiO2 NPs of two different sizes did
not seem to affect the uptake of organic acids on the TiO2 surfaces.
To further examine how NOM was adsorbed, PA adsorption by FeOOH was
studied as a function of pH and the obtained results are presented as pH adsorption edges
(Figure 4.5). Results showed that there was higher adsorption of PA by FeOOH at low
pH and the adsorption decreased as pH increased which is in agreement with the reported
adsorption behavior of anions [65]. FeOOH (pHzpc=8.0) has higher positive surface
charges at lower pH and the charge decreases with increasing pH. Also, the PA molecules
become more negatively charged with increasing pH. This adsorption behavior of PA
onto the FeOOH surface indicates that the adsorption is mainly due to electrostatic
attraction. The adsorption edge of PA is also comparable when the adsorbent is either
FeOOH or FeOOH+MnO2
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Figure 4.5: Adsorption of PA at varying pH. Experimental conditions: 1 g/L FeOOH
with or without 5 mg/L MnO2, 0.01 M NaCl, pH 2 to 9, and 25 mg/L PA.
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To further examine the identity of the adsorbed NOM, PA was selected as a
representative NOM analogue for its IR spectra upon adsorption. Because of its four pKa
values, PA can exist in five different protonation states, including fully protonated
pyromellitate (H4L), trihydrogenpyromellitate (H3L-), dihydrogenpyromellitate (H2L2-),
hydrogenpyromellitate (HL3-), and completely deprotonated pyromellititate (L4-),
depending upon the solution pH (Figure 4.6). ATR-FTIR spectra of aqueous PA was in
good agreement with those previously reported [119,131], showing that they are strongly
pH dependent (Figure 4.7a). As pH decreased, new peaks appeared. The most significant
are the peaks at around 1280 cm-1 (υC-OH due to stretching and bending vibrations) [131].
These peaks are related to the formation of -CO(OH) groups when the two C-O bonds are
no longer equivalent [131]. As pH increased, the intensity of these peaks decreased, while
that of additional major peaks at 1563, 1412, 1373, and 1325 cm-1 increased. The latter
peaks include a strong asymmetric υC-O vibration (1563 cm-1) and three prominent
symmetric υC-O vibrations (1412, 1373, and 1325 cm-1). More detailed assignments of the
peaks for aqueous PA under different pH are summarized in Table 4.2.
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Figure 4.6: Distribution of the fully deprotonated (L4-), singly protonated (HL3-), doubly
protonated (H2L2-), triply protonated (H3L-), and completely protonated (H4L) forms of
pyromellitate in solution as a function of pH at an ionic strength of 0.01 M NaCl.

In general, the spectra for the adsorbed PA are similar to that of aqueous PA
(Figure 4.7) suggesting that PA adsorbs to a large extent as an outer-sphere ligand, since
inner-sphere complexes between Fe(III) and carboxylates would affect the IR spectra
significantly [132]. As pH decreases, the peak at 1254 cm-1, originating from motions
involving C-(OH) stretching and C-O-H bending, [131] becomes notable, which is
similar to results seen in previous research [133]. The peak at 1254 cm-1 thus constitutes
direct evidence for protonated PA adsorbed at the FeOOH surface [131]. The spectra
obtained at higher pH (pH 7 and 9) is similar to the spectra of aqueous PA at higher pH,
indicating that PA adsorbs to FeOOH predominantly as a fully deprotonated out-sphere
species under those conditions [119]. It is also found that a peak at 1364 cm-1 appears at
lower pH (pH 3) which is assigned to an inner-sphere complex at acidic pH. In summary,
the ATR-FTIR spectra for PA adsorbed onto FeOOH indicate that the dominant mode of
adsorption is outer-sphere in nature, especially at high pH. At low pH values, there are
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inner sphere complexes, which is consistent with previous research reporting that outersphere complexes are predominant at pH ranging from 3 to 9, while inner-sphere
complexes are formed only below pH 6 when PA is adsorbed onto goethite and boehmite
[131,133].
Table 4.2: Peak positions and assignments for aqueous PA under different pH.
pH 3
1255
1272
1293

pH 4
1254
1270
1293

1349
1381

1380

1486
1574

1486
1574

pH 5
1253

1344
1376
1412
1486
1565

pH 6

pH 7

pH 9

1325

1325

1325

1374
1412
1486
1563

1373
1412
1486
1563

1373
1412
1486
1563

assignment
υC-OH, δC-OH
υC-OH, δC-OH
υC-O
υC-O
υC-O
υC-O
υC-O
υC-O
υC-O

The spectra of PA adsorbed onto FeOOH+MnO2 surfaces (Figure 4.7c) are
similar to those of PA adsorbed onto FeOOH, indicating the adsorbed PA species in the
mixture are similar to those on the FeOOH surface. This is also consistent with our
adsorption data that there is negligible PA adsorbed by MnO2 and that MnO2 did not
change the adsorption mode of PA on FeOOH.
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Figure 4.7: Spectra of a) aqueous PA (30 mM) and PA (2.95 mM) adsorbed on b)
FeOOH and c) FeOOH+MnO2 as a function of pH in 0.01 M NaCl solution.

Before discussion of the results of this section, it is worthwhile mentioning that
the aggregation between the oxide particles in our systems has reached a pseudo-steady
state after the 24-h pre-equilibrium. Hence, the purpose of the sedimentation experiments
was to measure the extent of homo/hetero-aggregation between the oxide particles rather
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than to measure aggregation kinetics. Faster sedimentation suggests the formation of
larger aggregates (or a higher extent of aggregation) and vice versa. Results of the
sedimentation experiments showed that MnO2 suspensions containing varying
concentrations of AHA (Figure 4.8a) or alginate (Figure 4.10a) were stable over the
experimental time period. The results agree with the observed effect of AHA or alginate
on the -value of MnO2, i.e. the charge status of the MnO2 surface did not change
significantly with a small amount of either AHA or alginate adsorbed. The addition of
HA has also been reported to have no effect on homoaggregation of CNTs due to no
change in the surface charge of CNTs [115].
The sedimentation rate of FeOOH was higher in the presence of 0.2–4 mg-TOC/L
of AHA than that of bare FeOOH, but significantly lower at 10 mg-TOC/L AHA (Figure
4.9a). Based on the change in surface charge from positive to negative for FeOOH with
the adsorption of AHA  3 mg-TOC/L (Figure 4.1a), the enhanced sedimentation rate
was due to the formation of negatively charged AHA patches on the positively charged
FeOOH surfaces which enabled electrostatic attraction between them to form larger
aggregates [55,115]. At 10 mg-TOC/L AHA, the FeOOH surface is largely negatively
charged as indicated by its large negative -value (Figure 4.1b) and hence smaller
aggregates formed due to electrostatic repulsion.
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Figure 4.8: Sedimentation time course of a) 0.2 g/L MnO2 b) 0.2 g/L Fe2O3 and c) 0.1 g/L Fe2O3+0.1 g/L MnO2 in the presence of 010 mg-TOC/L of AHA. Experimental conditions: 0.01 M NaCl, pH 5.0.
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In the binary mixture of MnO2 and FeOOH, the oxides are of opposite charges so
intensive heteroaggregation occurred leading to significant sedimentation of the particles
(Figure 4.9b). With the addition of 0.2–2 mg-TOC/L AHA, the overall sedimentation
rate of the mixtures was comparable to that without AHA. This is because at these
concentrations of AHA, the observed sedimentation is due to aggregates formed through
both homo- and heteroaggregation. Although the decrease in the surface charge of
FeOOH due to the adsorption of AHA would decrease its extent of heteroaggregation
with MnO2, as observed in (Figure 4.9b), there would be enhanced extent of
homoaggregation within FeOOH particles as shown in (Figure 4.9a). This resulted in the
net sedimentation rate to be comparable. When the concentration of AHA added was 4–
10 mg-TOC/L, the oxide mixtures were stable within the experimental time period
(Figure 4.9b). At these concentrations of AHA, the FeOOH particles become highly
negatively charged which led to a low extent of heteroaggregation. Recall that the
concentration of each oxide in the binary oxide mixture was 0.1 g/L, and since the
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adsorption of AHA by MnO2 was poor (Figure 4.3), there was a larger amount of AHA
available to cover the surface of FeOOH to make it more negative. The negative surface
changes on both oxides thus led to a stable suspension. These results agree with the
findings of Huynh et al. [115] that, with the addition of an increasing amount of HA, the
maximum heteroaggregation rate between HemNP and CNTs decreased because there
were less available positively charged HemNP surfaces after partially coated by HA.
The sedimentation patterns observed for Fe2O3 (Figure 4.8b) or its mixture with
MnO2 (Figure 4.8c) in the presence of 0–10 mg-TOC/L AHA resembled those observed
for FeOOH. Also, the addition of 0–25 mg/L alginate into the systems containing the
individual Fe oxides or their mixtures with MnO2 showed comparable sedimentation
patterns shown above for AHA (Figure 4.10). Mechanisms similar to those discussed
above for FeOOH and its mixture with MnO2 very likely led to the observed
sedimentation patterns. The observed slight differences in the sedimentation patterns
between the Fe oxides and between the NOMs are likely due to differences in their
surface area, particle size, surface charge, and adsorption affinity. For example, with an
increasing amount of alginate, the extent of both homo- and hetero-aggregation was
inhibited more in Fe2O3+MnO2 than in FeOOH+MnO2. This is most likely due to the
larger amount of alginate adsorbed by Fe2O3 than by FeOOH (Figure 4.4) so that the
surface charge of Fe2O3 became more negative.
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The Derjaguin-Landau-Verwey-Overbeek (DLVO) theory based on van der
Waals attraction and electrostatic repulsion has been widely used to understand colloidal
stability. The term steric repulsive energy has been incorporated to the classical DLVO
theory to understand the interactions between oxide particles coated by NOM [44-45].
For example, upon adsorption of an increasing amount of HA by nTiO2, the -value of
the nTiO2 was not significantly different, but the adsorbed HA increased repulsive
interactions between surfaces [45]. Similarly, the presence of HA and alginate has been
shown to induce significantly slower deposition kinetics of fullerene NPs to silica
surfaces due to steric repulsion [46]. The modified DLVO theory can provide us with a
better explanation about the tendency of NOM coated oxide particles to aggregate by
addition of a constant for the steric repulsive energy when the separation distance
between particles is less than the thickness of the adsorbed NOM layer.[45] Based on the
Ohshima’s Soft Particle Analysis, the adsorbed HA layer thickness on hematite and TiO2
surfaces has been reported to be 7.0 nm [134] or 5.7 nm [45]. The thickness of the
adsorbed layer has been reported to follow HA > alginate > FA [48]. Due to the similarity
in the experimental conditions and the types of oxides and NOM examined, we selected
the reported adsorbed layer thicknesses (5.7 and 7 nm) for our calculations [45,134].
Details of the calculations are provided in Section 2.5.
Note that these numbers were only used as an estimate to illustrate the potential
role of steric repulsive forces on particle stability. As shown in Figure 4.11a-c, the
calculated net energies using the modified DLVO theory can explain the observed
heteroaggregation patterns well, as discussed below.
74

6 a)

l=0 nm

4
2
0

Net energy between particles (kT)

-2
-4
-6
6 b)
4

l=5.7 nm

0 mg/L
0.4 mg/L
2 mg/L
4 mg/L
10 mg/L

2
0
-2
-4
-6
6
4
2
0
-2
-4
-6

c)

l=7.0 nm

2
4
6
8
10 12
Separation distance between particles (nm)

Figure 4.11: Net interaction energy between FeOOH and MnO2 particles as a function of
separation distance in the presence of varying amounts of AHA. Figure (a) is based on
the classical DLVO theory, hence the steric repulsive energy is not considered. The steric
repulsive energy is incorporated in results shown in Figures (b) and (c) where the
thickness of the adsorbed layer “l” is 5.7 or 7.0 nm.
The net interaction energies in the ternary mixtures of AHA, FeOOH, and MnO2
are negative when the steric interaction was not considered (Figure 4.11a). When 5.7 nm
was used as the thickness of the adsorbed layer, the net interaction energies in the mixture
are still negative at AHA concentration  4 mg-TOC/L, but at 10 mg-TOC/L the net
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interaction energy increased to 2.3kBT (Figure 4.11b). The positive interaction energies
at 10 mg-TOC/L suggest that the extent of heteroaggregation was inhibited as observed
in the sedimentation experiments. Similar patterns with higher net interaction energies
were obtained when the layer thickness was increased to 7.0 nm (Figure 4.11c).
Therefore, the above calculations substantiated the importance of steric interactions
associated with the adsorbed AHA in affecting the extent of heteroaggregation between
oxides.

To study the effect of Fe oxides on the oxidative reactivity of MnO2, oxidation of
triclosan was monitored over time in reactors containing binary mixtures of Fe oxides
and MnO2 (examples in Figure 4.13a). As evident in Figure 4.13b, the presence of all
iron oxides decreased the rate constant (k). Transmission electron microscope (TEM)
images were obtained for MnO2 and the Fe oxides along with their binary mixtures
(Figure 4.12). MnO2 was seen (Figure 4.12a) to be highly amorphous while FeOOH
(Figure 4.12b) had elongated needle shaped structures. The TEM image of the mixture
of FeOOH and MnO2 (Figure 4.12c) shows there is intensive heteroaggregation between
the two oxides, agreeing well with the findings from the sedimentation experiments
(Figure 4.9b).
The heteroaggregation between the iron oxide and MnO2 can block some of the
surface sites of MnO2 and thus inhibit its oxidative reactivity. Our previous work also
showed that soluble metal ions dissolved from a metal oxide are able to lower the
oxidative reactivity of MnO2 because of the ability of the metal ions to form surface
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complexes with MnO2 [80]. Experiments were thus carried out to determine if Fe3+
dissolved from the iron oxides contributed to the inhibition of the oxidation process.
a) MnO2

b) FeOOH

c) MnO2+FeOOH

d) MnO2+0.4 mgTOC/L AHA

e) MnO2+FeOOH +10
mg-TOC/L AHA

f) Fe2O3

g) MnO2+Fe2O3

h) Fe2O3+MnO2+ 2 mgTOC/L AHA

Figure 4.12: TEM images of oxides with AHA. The concentration of AHA is reported in
terms of mg-TOC/L AHA. a) MnO2, b) FeOOH, c) MnO2+FeOOH, d) MnO2+0.4 mgTOC/L AHA, e) MnO2+FeOOH +10 mg-TOC/L AHA, f) Fe2O3, g) MnO2+ Fe2O3, and
h) MnO2+ Fe2O3+2 mg-TOC/L AHA. Experimental conditions: 0.1 g/L total oxide
loading (0.05 g/L of MnO2 and FeOOH each in the mixtures), 0.01 M NaCl, pH 5.0.
The dissolution experiments showed that the concentration of the dissolved Fe3+
was typically very low (< 5µM) (Table 4.3). The low solubility of Fe oxyhydroxides at
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pH 5.0 was also confirmed by calculations using MINEQL+ (ver. 4.6) (Figure 4.14 and
has also been reported [135]. Separate kinetic experiments showed that Fe3+ of lower than
5 µM did not have a significant inhibition effect on MnO2 reactivity (Figure 4.17a).
Consequently, the inhibition of MnO2 reactivity in the binary mixtures with Fe oxides is
almost exclusively a result of heteroaggregation (Scheme 4.1a).
Table 4.3: Soluble Fe3+ present in oxide suspensions at pH 5.0.
[Fe3+] µM

Oxide
FeOOH

0.06

nano-FeOOH

10.06

syn-FeOOH

0.06

Fe2O3

5.77
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0.06
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2.0

2.0
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Figure 4.13: a) Typical time course of triclosan oxidation by MnO2 in the presence of
FeOOH and/or AHA. The concentration of AHA is reported in terms of mg-TOC/L;
“Control” means there was only triclosan with the solution medium (i.e. buffer and
NaCl); b) Rate constants of triclosan oxidation in mixtures of MnO2 with various Fe
oxides. Error bars indicate standard deviations of duplicate experiments. Experimental
conditions: 5 mg/L MnO2, 1 g/L Fe oxides, 10 µM triclosan, 0.01 M NaCl, and pH 5.0
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Scheme 4.1: Proposed interaction mechanisms in the mixtures of a) MnO2+Fe oxide, b)
MnO2+Fe oxide with [AHA]<2-4 mg-TOC/L or [alginate/PA]<5-10 mg/L, and c)
MnO2+Fe oxide with [AHA]>4 mg-TOC/L or [alginate/PA]>10 mg/L, illustrating
different extents of particle aggregation and the effect of NOM on homo- and heteroaggregation of oxide particles.
To verify the above observation, two sets of experiments were carried out: (i)
using goethite of varying particle sizes (as shown in Table 4.1) and (ii) varying the
concentration of FeOOH (0.001–10 g/L). The results show that MnO2 reactivity
decreased with decreasing goethite particle size or increasing goethite loading (Figure
4.13b and Figure 4.17b). It is commonly accepted that smaller-sized particles aggregate
more extensively than larger-sized analogues [130]. With more FeOOH, there is also a
higher surface coverage of MnO2 due to heteroaggregation. The observed lower reactivity
of MnO2 is thus due to the more extensive heteroaggregation between MnO2 and FeOOH
of either smaller sizes or higher loadings.
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Figure 4.14: Solubility of iron oxides as a function of pH at 0.01 M NaCl, calculated
using MINEQL+ (ver. 4.6).
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Figure 4.15: Effects of a) Fe3+ concentration and b) FeOOH loading on the reactivity of
MnO2. Error bars indicate standard deviations of duplicate experiments. Experimental
conditions: 5 mg/L MnO2, 0-10 g/L FeOOH or 0-100 µM Fe3+, 10 µM triclosan, 0.01 M
NaCl, and pH 5.0

As explained earlier in the data analysis section, P values obtained based on
equation 4.2 were used rather than k values to quantify the impact of NOM on MnO2
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reactivity. As an example of the calculation for P: for kwith NOM =2.41 h-1 for MnO2+0.2
mg-TOC/L AHA, P=142% after normalizing by kwithout NOM =1.69 h-1 for MnO2-only.
Higher P values mean higher MnO2 reactivity and vice versa.
As evident in Figure 4.17a, addition of 0.2–0.4 mg-TOC/L AHA slightly
increased MnO2 reactivity in comparison to the reactivity without AHA. This is likely
due to the adsorption of AHA by MnO2 and/or the formation of soluble AHA-Mn
complexes, both leading to inhibited adsorption of the produced Mn2+ during MnO2
reaction [33]. Adsorption of Mn2+ by MnO2 is known to inhibit MnO2 oxidative reactivity
[7]. Similar reasoning has been offered to explain the enhanced reactivity of MnO2
towards estrogens in the presence of metal ions and 0.1–1 mg/L of HA [33]. Adsorption
of AHA by MnO2 has been observed in Figure 4.3b. For the purpose of verifying
complex formation between AHA and Mn2+, we followed the differential absorbance
spectroscopy method that has been increasingly used to quantify interaction between
humic substances and metal cations such as Cu2+, Al3+, and Fe3+. A linear correlation was
observed between the intensity of the differential absorbance spectra (AHA+Mn2+ vs.
AHA) at 254 nm and the total amount of Mn2+ present in the system (Figure 4.16),
confirming there is complexation between AHA and Mn2+ in our system. Additional
calculations with the NICA-Donnan model revealed that Mn2+ is mainly adsorbed by HA
through electrostatic attraction but also to a significant extent by its carboxylic acid
functional groups (Figure 4.18). With a further increase in AHA concentration from 2 to
10 mg-TOC/L, MnO2 reactivity was increasingly inhibited Figure 4.17a. This was most
likely due to the adsorption of a slightly higher amount of AHA by MnO2 as shown in the
adsorption experiments resulting in blockage of more surface sites [7].
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Figure 4.16: Correlation between the intensity of the differential absorbance
(AHA+Mn2+ vs AHA) at 254 nm and concentration of Mn2+. Experimental conditions:
0.8 mg-TOC/L as AHA, varying concentrations of Mn2+, 0.01 M NaCl, and pH 5.0.

Based on the P values for the mixtures of MnO2 with alginate or PA (Figure
4.17b and Figure 4.17c), alginate  10 mg/L or PA  50 mg/L did not have a significant
impact on MnO2 reactivity. Decrease in MnO2 reactivity by alginate was only observed
when the concentration of alginate reached 25 mg/L. Poor adsorption of PA and minor
adsorption of alginate by MnO2 ( Figure 4.3) are most likely the reason for these
observed effects.
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Figure 4.18: Modeling of the amount of Mn2+ adsorbed by a generic humic acid based on
the NICA-Donnan model using Visual MINTEQ (ver. 3.0) with the parameters
introduced in its database[137-139]. MINTEQ calculations assumed 10 mg-TOC/L of
humic acid, ionic strength of 0.02 M, pH 5.0, and total Mn2+ concentration varying from
10-7 to 10-5 M. Similar results were obtained while changing the humic acid concentration
between 0.2 and 10 mg-TOC/L and are thus not shown. The lines show the model
prediction of the amount of Mn2+ adsorbed by the humic acid through electrostatic
interaction (Donnan) and carboxylic and phenolic functional groups.

In ternary mixtures, both Fe oxides and NOM can affect MnO2 reactivity as
shown above. It is important therefore to examine the combined effects they might have
on MnO2 reactivity when they co-exist. The earlier explained P values were used to
quantify these effects because this approach will allow separation of the impact of NOM
from that of Fe oxides. In a ternary system, if the impacts of Fe oxides and NOM on
MnO2 reactivity are simply additive (referred to as physical mixture hereafter), the P
value of the ternary mixture is expected to be comparable to that of the binary mixture of
MnO2+NOM. This is because the effect of the Fe oxide has already been considered in
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kwithout NOM. According to Figure 4.13b, the k of MnO2+FeOOH (kwithout NOM) is 1.12 h-1.
For the ternary mixture of MnO2+FeOOH+0.2 mg-TOC/L AHA, if the effects of AHA
and FeOOH are simply additive, we would expect to get a P value of 142% (or a k value
of 1.59 h-1=1.12 h-1142%). The P value of 142% is obtained from the normalization of k
of MnO2+0.2 mg-TOC/L AHA by k of MnO2-only as shown in the previous section. So,
in this ternary system, a P value of greater than 142% would indicate there is less
inhibition on MnO2 reactivity than in the physical mixture, while a P value of less than
142% would indicate synergistic inhibition on MnO2 reactivity by FeOOH and AHA.
Figure 4.17a shows that the ternary mixtures of MnO2+Fe oxide+AHA had
different P values from the binary mixtures of MnO2+AHA: lower P values with 0–0.4
mg-TOC/L AHA, comparable P values with 2 mg-TOC/L AHA, and higher P values
with 4–10 mg-TOC/L AHA. One major mechanism through which AHA affects MnO2
reactivity is that the negatively charged AHA is preferentially adsorbed by the positively
charged Fe oxides (as opposed to the negatively charged MnO2) as observed in the
adsorption experiments. As demonstrated by the sedimentation experiments, the formed
negatively charged patches on the positively charged Fe oxide surfaces at a low
concentration of AHA can enhance the extent of homoaggregation within the Fe oxides,
which in turn will likely limit the amount of Fe oxides to heteroaggregate with MnO2
(Scheme 4.1b). Chen and Elimelech [46] treated surface deposition as an extreme case of
heteroaggregation and observed that the more extensive homoaggregation of fullerene
NPs led to their inhibited deposition to silica surfaces. An inhibited extent of
heteroaggregation means higher MnO2 reactivity. This mechanism should play an
increasingly important role with the AHA loading increasing from 0.4 to 2 mg/L.
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With a further increase in the amount of AHA to 4–10 mg-TOC/L, the iron oxide
surfaces have been largely covered by AHA as shown in the adsorption experiments and
also by the negative -values (Figure 4.1b and Figure 4.4a). Hence heteroaggregation
between MnO2 and the Fe oxides has been largely inhibited [115] (Scheme 4.1c). The
decrease in the extent of heteroaggregation between Fe oxides and MnO2 is also evident
from the sedimentation experiments where insignificant sedimentation of the oxides was
observed in the presence of 4–10 mg-TOC/L AHA. This inhibited extent of
heteroaggregation led to the observed higher reactivity of MnO2 in the ternary mixtures
than in the respective binary mixtures of MnO2 and AHA.
We are not clear about the exact reason for the lower P values observed in the
ternary mixtures with 0.2–0.4 mg/L TOC as AHA. Careful examination of the adsorption
data in Figure 4.3 Figure 4.4a showed that, although AHA was predominantly adsorbed
by FeOOH in the MnO2+FeOOH mixtures under most conditions, with 0.4 mg-TOC/L
AHA, the amount of AHA adsorbed by MnO2+FeOOH (0.30 mg-TOC/L) is the sum of
the amount of AHA adsorbed by MnO2 and by FeOOH separately (0.07 and 0.22 mgTOC/L). This indicates that the lower reactivity of the ternary mixtures was not due to
different amounts of AHA adsorbed on MnO2 surfaces. The smaller amount of soluble
AHA available in MnO2+FeOOH than in MnO2-only might lead to a smaller amount of
Mn2+ complexed with soluble AHA, as a result, lower MnO2 reactivity was observed.
Alternatively, it has been reported that upon adsorption of purified AHA by goethite or
hematite at pH <7, positive charges are induced on the oxide because the highly
negatively charged AHA enhances dissociation of oxide’s surface functional groups
[122,140]. If this is the case, it will increase the extent of heteroaggregation between the
Fe oxide and MnO2 to inhibit MnO2 reactivity more strongly. We speculate that the
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above two mechanisms might play an important role under low AHA loadings (0.2–0.4
mg-TOC/L), although further study is warranted to elucidate the exact mechanism(s).
Higher P values were observed for the ternary mixtures of MnO2, Fe oxide, and
alginate (≥1 mg/L) or PA (≥10 mg/L) than for the respective MnO2+alginate or
MnO2+PA binary mixtures (Figure 4.17b and 4.17c) The fact that alginate did not affect
the P values in the system containing MnO2-only until it reached a concentration of 25
mg/L indicates that the increase in the P value in the ternary mixtures is caused mostly by
decrease in the extent of heteroaggregation between the Fe oxides and MnO2. The effect
of alginate on inhibiting heteroaggregation in the oxide mixtures is clearly evident from
the sedimentation results (Figure 4.10). As a result, higher MnO2 reactivity was observed
in the ternary mixtures than in the respective MnO2+alginate binary mixtures.
Due to its high charge density, the adsorption of PA by all oxides is much smaller
than that of AHA or alginate. Its small size also prevents it from exerting additional steric
repulsion forces between oxide particles as observed for AHA. Therefore, there is
formation of negatively charged patches on the Fe oxide surfaces once PA was adsorbed.
The net effect is there is less extent of heteroaggregation between the Fe oxides and
MnO2 to inhibit MnO2 reactivity. From Figure 4.17c it is evident that the presence of PA
does not affect the P values in the system containing only MnO2. Therefore, PA mainly
decreases the extent of heteroaggregation between MnO2 and Fe oxides.
The P values are typically higher in the ternary mixtures containing Fe2O3 than
those containing FeOOH (Figure 4.17) This is mainly due to the higher adsorption of all
three NOMs by Fe2O3 (Figure 4.4) so that the effects of the NOM on heteroaggregation
are more significant with Fe2O3, leading to lower extents of heteroaggregation and hence
less inhibited MnO2 reactivity.
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The role of NOM on the oxidative reactivity of MnO2 in the mixtures with
FeOOH and Fe2O3 has been investigated. One important aspect of our study was to
examine whether NOM or its analogue compounds affect the extent of heteroaggregation
between oxide particles and/or the surface complexation of the dissolved ions with
MnO2. Results show that the positively charged Fe oxides themselves mainly inhibited
MnO2 reactivity through intensive heteroaggregation with the negatively charged MnO2.
With the addition of various NOM i.e., AHA, alginate, and PA, the reactivity of MnO2 in
the ternary mixtures with the Fe oxides varied from inhibited to promoted as compared
with that of MnO2 in the respective binary mixtures of MnO2 and the NOM. Despite
uncertainties associated with the complex mixtures, major interaction mechanisms in the
ternary mixtures include formation of oppositely charged patches within the Fe oxides at
[AHA] < 2–4 mg-TOC/L or [alginate/PA] < 5–10 mg/L to enhance homoaggregation
within the Fe oxides but inhibit heteroaggregation between the Fe oxides and MnO2, and
at [AHA] ≥ 4 mg-TOC/L or [alginate/PA] ≥ 10 mg/L, formation of largely negatively
charged surfaces for all oxides to inhibit the extent of both homo- and heteroaggregation.
Overall, our findings demonstrate the need to examine complex model systems which
will bridge simple model systems and environmental systems and greatly facilitate
estimation of the redox behavior of organic contaminants at the soil-water interface.
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EFFECT OF NATURAL ORGANIC MATTER (NOM) ON THE OXIDATIVE
REACTIVITY OF MANGANESE OXIDE IN BINARY OXIDE MIXTURES
WITH ALUMINUM OXIDE

Abstract
A previous research of ours examined the oxidative reactivity of MnO2 in the
presence of Al2O3 and concluded that MnO2 reactivity was lowered in the presence of the
oxides through heteroaggregation between oxide particles and/or surface complexation of
the metal ions dissolved from the oxide with MnO2. The aim of this current work was to
investigate the role of NOM on the oxidative reactivity of MnO2 in mixtures with Al2O3,
Al ions and/or NOM. In ternary mixtures of Al3+, MnO2 and NOM, MnO2 reactivity was
mostly enhanced than in the corresponding binary mixture with HA but inhibited than in
the binary mixture with alginate or PA. The enhanced reactivity was mainly due to the
formation of soluble Al-HA complexes which eliminated complexation of Al3+ with
MnO2 surfaces; the inhibited reactivity was due to the fact that Al3+ increased adsorption
of the NOM by MnO2 which in turn inhibited MnO2 reactivity. In ternary mixtures of
Al2O3, MnO2 and NOM, there was generally inhibited dissolution of Al2O3 upon
adsorption of the NOM and hence limited availability of Al3+ toward surface
complexation; the MnO2 reactivity was mainly inhibited through heteroaggregation.

We have shown in our previous chapters that both metal oxides and NOM can
significantly affect the oxidative reactivity of manganese oxides. Among the metal oxides
examined, Al2O3 had the highest impact on the reactivity of MnO2 [80]. The results
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indicated that Al2O3 lowered the reactivity of MnO2 by heteroaggregation with the Al2O3
and complexation of Al3+ released from Al2O3 with MnO2. It was also observed that the
complexation of Al3+ on MnO2 surfaces was the dominant inhibitory mechanism.
Because NOM will likely interfere with both heteroaggretion and complexation of Al3+
with MnO2, it will thus be of great interest to examine how the presence of NOM affects
interactions between Al2O3 and MnO2 and how the interactions affect MnO2 reactivity.
Extensive studies of interactions of NOM with metal oxides such as aluminum
and iron oxides have shown the sorption of NOM on the oxide surfaces occurs through
ligand exchange, hydrogen bonding, electrostatic interaction, and cation bridging among
others [46,51,54,63,141]. NOM can also significantly affect the redox reactivity of
MnO2. For example, a small amount of HA can promote the MnO2 reactivity due to the
formation of HA-Mn2+ complexes which prevents Mn2+ adsorption by MnO2 [33]. The
adsorption of Mn2+ by MnO2 can decrease oxide’s reduction potential and block its
surface reactive sites; as a result, the MnO2 reactivity is inhibited [7]. A large amount of
HA (> 5 mg/L) on the other hand, leads to more surface adsorption of the HA and hence
inhibits the MnO2 reactivity [7].
The presence of NOM has been shown to significantly affect sorption of metal
ions by metal oxides. In ternary mixtures of metal ions, NOM, and metal oxides, multiple
interactions exist: i) formation of soluble complexes in solution, ii) formation of ternary
surface complexes, iii) competition for surface sites, and iv) changing of electrostatic
properties of the oxide surface [142]. Metal ions such as Al3+, Fe3+ and Cu2+ are known to
form strong soluble complexes with NOM or NOM model compounds [143-146], leading
to decrease in their sorption by oxide surfaces [147-148]. For strongly complexing ions
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(Me) such as Cu2+, both type A (surface-Me-HA) and type B (surface-HA-Me)
complexes can form, but the relative contribution of each complex depends heavily on
the solution condition [146]. For weakly complexing ions such as Ca2+, electrostatic
interactions dominate their sorption which leads to the weak sorption of Ca2+ by the
positively charged goethite but the strong sorption of Ca2+ by the negatively charged FA
[142,149]. The electrostatic interaction between goethite and the sorbed FA also
decreased the net amount of Ca2+ sorbed by the goethite-FA mixture, but addition of both
Ca2+ and Cu2+ increased the amount of FA adsorbed by goethite [142,149]. Alginate was
also found to complex with divalent metal ions such as Ca2+, Sr2+, and Ba2+ [150]. Given
the above information, it is of interest to see how NOM affects MnO2 reactivity through
affecting complexation of Al3+ with MnO2.
The primary goal of this chapter was to examine the the reactivity of MnO2 in the
presence of Al2O3 and NOM . The reactivity of MnO2 was measured based on the
kinetics of triclosan oxidation by MnO2. Because of the importance of Al3+ in affecting
MnO2 reactivity in binary MnO2+Al2O3 mixtures as shown in our previous work [80], in
addition to examining ternary systems containing MnO2, Al2O3 and NOM, we also
examined MnO2 reactivity in ternary mixtures of MnO2, NOM and Al3+. The goal was to
identify the major species formed in the ternary mixtures of MnO2, Al3+ and NOM,
including ternary surface complexes (e.g. inner sphere complexes >Mn-Al-NOM or
>Mn-NOM-Al, outer-sphere complexes), soluble Mn-NOM complexes, and competition
for MnO2 sites between Al3+ and NOM. Alongside, this study also aimed to explore the
influence of varying NOM concentrations on the homoaggregation among Al2O3 particles
and heteroaggregation between MnO2 and Al2O3 particles. We have also tried to examine
91

the effect of NOM on the dissolution of Al2O3 in a mixture with MnO2. All this
information will help elucidate dominant interaction mechanisms in the ternary mixtures
to provide insight into the observed MnO2 reactivity. The NOM used in this study are
AHA, LHA, alginate, and PA.

γ-Al2O3 was purchased from nanostructured and amorphous materials Inc. and
used without further purification. Based on the information provided by the manufacturer
the average particle size is 25 nm and the specific N2-BET surface area is 180 m2/g.
MnO2 was synthesized based on the method by Murray [104] (details in section 2.2.6).
The pHzpc of Al2O3 and MnO2 were determined to be 9 and <2 respectively. The two HA
samples, AHA and LHA, were purchased from Sigma-Aldrich and International Humic
Substances Society respectively. Stock solutions of triclosan and NOMs were prepared
and stored in a method explained in Zhang et al. (2015) [111].

All reactors for kinetic experiments were set up and the experiments conducted by
following the method described in a previously published paper [111]. Al2O3, Al3+ or
NOM, were added in the order of MnO2, followed by Al2O3/Al3+ and NOM. Reactors
containing MnO2 and Al2O3 or Al3+ were allowed to equilibrate for an hour by stirring on
a magnetic stir plate before addition of NOM.
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The pHzpc and zeta potentials of the oxides were measured using a Zetasizer Nano
ZS (Malvern Instruments). To measure the pHzpc of the oxides, suspensions of 0.05 g/L of
oxides in 0.01 M NaCl were equilibrated overnight at the required pH ranges. The pH
adjustments were made by adding 0.01 M HCl or NaOH. To measure the effect of NOM
on the zeta potentials of the oxides, 0.5 to 25 mg/L of NOM was added to suspensions
containing 0.05 g/L Al2O3 and 0.01 M NaCl at pH 5.0. If adding NOM changed solution
pH, it was adjusted to 5.0 by using 0.02 M HCl or NaOH. The suspensions were then
allowed to equilibrate overnight before measuring their zeta potentials.

Adsorption of various NOM by either Al2O3 or its mixture with MnO2 were
carried out under experimental conditions identical to kinetic experiments while varying
the initial concentrations (Ci) of NOM. The Ci of AHA and LHA ranged between 0-50
mg-C/L and 0-110 mg-C/L respectively. The Ci of alginate and PA ranged from 0.5-200
mg/L. After adding the NOM to reactors containing the single oxides or their mixtures,
the suspensions were stirred on a magnetic stir plate and equilibrated for 24 hours. The
suspensions were then centrifuged and filtered through 0.22 µm filters. Preliminary
kinetics experiments showed that the adsorption of the NOM had reached or were
approaching equilibrium within 24 hours (data not shown). The filtered samples were
acidified to pH<2.0 by adding 2 M HCl. The concentrations of AHA, LHA and alginate
were measured using a TOC-VCSH (Shimadzu, Kyoto, Japan). PA in the supernatants
were measured using an Agilent 8670 UV-visible spectrophotometer at a wavelength of
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255 nm. The amounts of NOM adsorbed (Qe) by Al2O3 or Al2O3+MnO2 were calculated
by subtracting the amounts of NOM measured in the filtered samples (Ce) from Ci.
Adsorption studies were also carried out to determine whether Al3+
influenced the adsorption of NOM by MnO2. For this study, reactors containing 5 mg/L
MnO2, Al3+ (0, 0.009 or 0.03 mM) and 0.01 M NaCl were prepared at pH 5.0. The pH
adjustments were done using 0.02 M NaOH or HCl. The reactors were allowed to
equilibrate for an hour before adding the required amounts of NOM. After adding NOM,
the pH of the reactors were checked and adjusted to pH 5.0 if required and allowed to
equilibrate overnight. Samples were collected in the same method as described earlier for
TOC analysis using the TOC-VCSH.

Adsorption experiments of Al3+ by MnO2 were carried out as a function of NOM
concentrations. To prepare the reactors, 5 mg/L of MnO2 was added to 50 m DI water
with 0.01 M NaCl and 25 mM of acetate buffer. Al3+ was added to suspensions to
maintain the concentration of 0.009 mM or 0.03 mM. After equilibrating the mixture for
an hour by stirring on a magnetic stir plate, NOM were added to the reactors. After
allowing the mixtures to stir overnight, they were filtered using 0.22 µM filters. The
filtrates were acidified using 1 M HCl and the Al3+ concentrations in the filtrates were
measured using an ICP-MS.

Dissolution experiments of Al2O3 in single oxide system i.e. only Al2O3 and in
binary oxide mixture of Al2O3+MnO2 were carried out as a function of NOM
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concentrations. 0.1 g/L of Al2O3 and 5 mg/L of MnO2 was added to reactors containing
50 mL DI water, 0.01 M NaCl and 25 mM acetic acid buffer. The reactors were allowed
to equilibrate for an hour before adding the NOM. The mixtures were then equilibrated
overnight on a magnetic stir plate and centrifuged followed by filtration through 0.22 µM
filters. The filtrates were acidified using 1 M HCl and Al3+ concentration measured using
an ICP-MS.

Transmission electron microscopy was used to examine the Al2O3 particles and its
mixtures with MnO2 and/or NOM. The sample preparation and analysis technique was
based on a paper [111].

Sedimentation of Al2O3 or Al2O3+MnO2 were conducted in a method described in
Zhang et al. [111] to qualitatively determine the effect of varying NOM concentrations on
the homo and hetero-aggregation between the oxide particles.

It is shown in one of our previous works that in binary mixtures of Al2O3 and
MnO2, Al2O3 inhibited the MnO2 redox reactivity mainly through two mechanisms:
complexation of soluble Al3+ by MnO2 and heteroaggregation [80]. To find out how
NOM affects MnO2 reactivity in mixtures with Al2O3, we have simplified the system and
first examined ternary mixtures containing Al3+, MnO2 and NOM, as shown in the
following three sections.
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It was shown in our previous work [111] that Al3+ can sorb strongly to the MnO2
surface and significantly lower its oxidative reactivity. The sorption of a number of
divalent metal cations on a hydrous Mn oxide has been modeled based on a 2-site diffuse
double layer model [107]. We adopted the same modeling approach to provide
macroscopic information on the formed surface complexes. As details shown in Figure
5.1, there are mainly two types of surface complexes formed:
Al3+ +  XOH

 XOAl2+ +H+

log K 1  2.58

(5.1)

Al3+ +  YOH

 YOAl2+ +H+

log K 2  1.44

(5.2)

where XOH and YOH are the strong and weak surface sites, and XOAl2+ and
YOAl2+ are the two types of inner-sphere surface complexes formed. Based on the
obtained complexation constants, Al3+ can be sorbed strongly by Mn [107]. Al3+ has also
been reported to be able to form strong complexes with NOM and NOM model
compounds [144,151].
With both 0.009 mM and 0.03 mM initial Al3+ concentrations, the adsorption of
Al3+ by MnO2 decreased with the increase in AHA or LHA concentration (Figure 5.2).
This is likely due to (1) competition of the HAs and Al3+ for the limited number of
surface sites and (2) formation of soluble Al-HA complexes that resist adsorption by
MnO2 when there is a relatively large amount of HA in solution. The addition of 0.1 and
1 mg/L of HA was also found to increase the oxidative reactivity of MnO2 in the presence
of metal ions due to the strong binding ability of HA for the ions and thus less “occupied”
surfaces of MnO2 by the ions [33]. In addition, in the presence of FA, sorption of Cu2+ by
hematite decreased at pH >6 due to an increasing concentration of Cu-FA complexes
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[147]. The decrease in the amount of Al3+ adsorbed with an increasing amount of LHA
and AHA is thus at least partly due to soluble Al-HA complexes formed, LHA should
have formed stronger complexes with Al3+ than AHA so that the effect of LHA on the
amount of Al3+ sorbed is more significant.
Table 5.1: Parameters and equilibrium reactions for surface complex modeling.
log K
Parameter
Value Equation
+
H2O
H + OH
TOTAl (mM)
0.01
-13.78
[MnO2] (mM)

0.5

Al3+ + H2O

Surface Area (m2/g)

255

Al3+ + 2H2O

NaCl (M)

0.01
2

Site Density (sites/nm )

12.5

TOTsite (µM)

91.35

TOTXOH (µM)/TYPE 1

18.46

TOTYOH (µM)/TYPE 2

72.89

3+

Al + 3H2O

AlOH2+ + H+

-4.99

Al(OH)2+ + 2H+
+

Al(OH)3 + 3H

 XOH
 XO + H
 YOH
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Figure 5.1: Effect of pH on sorption of Al3+ by MnO2. Points are experimental data
adapted from our previous work[80] while the line is the surface complexation modeling
results using a nonlinear least squares optimization algorithm in the computer program
FITEQL 4.0 based on parameters and equations in Table 5.1
Adsorption of Al3+ by MnO2 was not significantly affected by the presence of
alginate and PA of all concentrations (Figure 5.2). This is partly due to less adsorption of
alginate and PA by MnO2 as shown in Figure 5.3c and 5.3d which allows little
competition for surface sites, but mainly due to the poor ability of alginate and PA to
form soluble complexes with Al3+. Indeed, PA was reported to only form outer-sphere
complexes with Al and Fe oxides [119,129].
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Figure 5.2: Sorption of a) 0.009 mM and b) 0.03 mM of Al3+ by MnO2 in the presence of
different amounts of various NOM. Experimental conditions: 5.0 mg/L MnO2, 0-50 mg/L
NOM, 0.01 M NaCl, pH 5.

The results from the adsorption of NOMs by MnO2 in the presence of varying
concentrations of Al3+ are shown in Figure 5.3. It was observed that the adsorption of
AHA by MnO2 (Figure 5.3a) was slightly higher when the concentration of Al3+ was
increased from 0 to 0.009 mM and then to 0.03 mM. A similar observation was made in
the case of LHA (Figure 5.3b). The higher adsorption of both HAs by MnO2 in the
presence of Al3+ is likely due to the neutralization of MnO2 negative surface charge upon
adsorption of the positively charged Al3+ so that the negatively charged HAs can be
adsorbed to a larger extent [144-146]. There is also a likelihood of ternary complex
formation. Given the fact that Al3+ can form strong complexes with both MnO2 and HA,
and HA is typically only adsorbed as outer-sphere complexes[119,124,129,148], the
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observation that Al3+ slighted enhanced HA sorption is likely partly due to the formation
of ternary A complex Mn-Al3+-HA [152].
Adsorption of alginate and PA by MnO2 was not affected or slightly lower upon
the addition of 0.009 mM of Al3+, but slightly higher in the presence of 0.03 mM Al3+
than in the absence of the Al ions (Figure 5.3c-d). Together with the observation that
alginate and PA did not affect Al3+ adsorption much (Figure 5.2), there seemed to be
mainly electrostatic effects between alginate/PA and Al3+ in affecting each other’s
adsorption by MnO2.
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Rate constants (k) for triclosan oxidation by MnO2 were calculated using the
pseudo first-order kinetics for the initial reaction period (typically < 1 h at pH 5) [7] and
were used as an indicator for the MnO2 oxidative reactivity throughout this work.
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Figure 5.4: Typical time course of triclosan oxidation by MnO2 in the presence of Al2O3,
Al3+and/or AHA; “control” means there was only triclosan with the solution medium (i.e.
buffer and NaCl).

Similar to our previous work, the obtained k values were converted to term “P”. P
values measure the reactivity of MnO2 in a system with NOM (kwith_NOM) as the
percentage of the reactivity of MnO2 in a system without NOM (kwithout_NOM). The P value
can be expressed as shown in equation 3.
P

kwithNOM
 100%
kwithoutNOM

(5.3)
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P values will be used to distinguish the effects of NOM on MnO2 reactivity from the
effects of Al2O3 or Al3+. So, a P value of a system with NOM would indicate whether the
addition of NOM increased or decreased the reactivity of MnO2 as compared to that
without NOM. A P value greater than 100% would indicate an augmenting effect of
NOM while a P value lower than 100% would indicate an inhibition effect on MnO2
reactivity.
As shown in our previous work, the reactivity of MnO2 is slightly higher in the
presence of 0.2 mg-C/L of AHA or 0.5 mg-C/L of LHA (Figure 5.5a and 5.5b). This is
most likely due to the formation of soluble HA-Mn complexes which inhibits the
adsorption of the produced Mn2+ during MnO2 reaction [33]. A similar explanation has
been offered for the enhanced reactivity of MnO2 towards estrogens in the presence of
metal ions and 0.1-1 mg/L of humic acid.[33] Although there was only a small amount of
AHA and LHA adsorbed by MnO2, addition of higher amounts of AHA [111] and LHA
inhibited the MnO2 reactivity. Some previous studies have made similar observations
which have been explained as due to the blockage of the surface sites on MnO2 [7]. As
presented in our previous paper[111] , both alginate and PA did not affect MnO2
reactivity, likely because of their poor adsorption by MnO2. The effect of alginate was
only seen at a very high concentration of 50 mg/L where a decent amount of alginate has
been adsorbed (Figure 5.7).
The addition of 2.0 to 12.5 mg-C/L of AHA or LHA to the mixture of Al3+ (0.009
mM) and MnO2 yielded generally greater P values than the respective mixtures of
MnO2+AHA and MnO2+LHA (Figure 5.5a and 5.5b), the effect was more significant
when Al3+ concentration reached 0.03 mM. This correlates well with the decreasing
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amount of Al3+ sorbed by MnO2 with increasing HA loading (Figure 5.2). It indicates a
possibility of a relatively large amount of HA desorbing Al3+ from MnO2 which leads to
higher MnO2 reactivity. The desorption of the Al3+ is most likely a result of formation of
soluble Al-HA complexes. The inhibiting effect of increasing amounts of HA adsorbed
on MnO2 reactivity in the presence of Al3+ (Figure 5.3a and 5.3b) did not seem to
compete well with the enhancing effect of Al3+ desorption.
When only a small amount of HA (i.e. 0.2-0.4 mg-C/L of AHA or 0.5 mg-C/L of
LHA) was added to the mixture of Al3+ and MnO2, MnO2 reactivity was almost
comparable to that of the respective binary mixture of MnO2+AHA (Figure 5.5a and
5.5b). This again correlates well with the negligible effect of HAs on the amount of Al3+
adsorbed at low concentrations of HAs (Figure 5.2).
The presence of a wide range of alginate (1 to 25 mg/L) or PA (1-50 mg/L) in
ternary mixtures of MnO2, NOM and Al3+, surprisingly, yielded much smaller P values
than those of the respective MnO2+NOM (Figure 5.5c and 5.5d). The effect was more
drastic when Al3+ concentration reached 0.03 mM. Under these conditions, similar
amounts of Al3+ were sorbed in the binary vs ternary systems with alginate and PA
(Figure 5.2). Our previous work also showed poor aggregation within MnO2, so the only
likely reason for the observed lower P values is the enhanced adsorption of the NOMs
once the oxide surfaces partially complex with Al3+. Once Al3+ complexes with MnO2,
the surface becomes less negatively charged which would facilitate further adsorption of
the negatively charged NOM and hence more inhibition on the MnO2 reactivity. The
presence of Cu2+ has also been reported to markedly increase FA adsorption by goethite
[149].
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Figure 5.5: Effects of a) AHA, b) LHA, c) alginate, and d) PA on the oxidative reactivity
of MnO2 with or without Al oxides/Al3+. Reaction conditions: 0.1 g/L Al2O3, 0.009 or
0.03 mM Al3+ , 10 uM triclosan, 5.0 mg/L MnO2, 0-10 mg-TOC/L AHA, 0-12.5 mgTOC/L LHA, 0-25 mg/L alginate, 0-50 mg/L PA, 0.01 M NaCl, 25 mM acetic buffer,
and pH 5.0. The legends indicate the concentrations of NOM in mg-TOC/L for AHA and
LHA and mg/L for alginate and PA.
Upon understanding the dominant interactions in ternary
MnO2+Al3++NOM mixtures and how the interactions affect MnO2 reactivity, we are now
ready to examine ternary MnO2+Al2O3+NOM mixtures to see how important Al3+ and
heteroaggregation are in affecting interactions in the later mixtures.

104

The effect of pH on the surface charge of Al2O3 and MnO2 is presented in Figure
5.6a. The pHzpc of the pure Al2O3 was observed to be around pH 8.9 while that of MnO2
was below pH 2. The zeta potential of Al2O3 was positive at low pH values and decreased
with increase in the pH. There was a significant influence of pH on the zeta potential of
pure Al2O3. However, the -values for MnO2 also decreased with increase in pH.
The effect of NOM on the -values of Al2O3 at pH 5.0 were examined at various
NOM concentrations. As shown in Figure 5.6b, addition of the NOMs significantly
decreased the -values of Al2O3. The surface charge of pure Al2O3 was observed to be
positive but adding NOM lowered the surface charge. With the addition of 5 mg/L of
alginate and PA, Al2O3 had a zeta potential of ~ -10 mV. When the concentrations of
both NOMs were increased to 25 mg/L, the surface zeta potential of Al2O3 was -25 mV.
Similarly, adsorption of AHA and LHA also resulted in a decrease in the zeta potential of
Al2O3. The decrease in the surface zeta potential of Al2O3 upon adsorption of NOM was
due to the presence of functional groups such as carboxylic and phenolic groups in the
NOMs. Similar observations in the decrease in the zeta potential of Al2O3 due to the
adsorption of HA has been made by Ghosh et al. [42] One of our previous works shows
the effect of NOM on the zeta potential of MnO2 at pH 5.0 [111]. In that study, we found
that the AHA, alginate or PA did not affect the zeta potential of MnO2. This is mostly
attributed to the fact that MnO2 is highly negatively charged at pH 5.0 and hence there
was limited adsorption of the NOM by MnO2.
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Figure 5.6: a) pHzpc and zeta potential values of MnO2 and Al2O3 at varying pH and b)
zeta potential of Al2O3 in the presence of varying concentrations of NOM. Conditions:
0.1 g/L oxide, 0–12 mg-C/L AHA/LHA, 0–25 mg/L alginate/PA, 0.01 M NaCl, and pH
5.0.

The results of adsorption of the various NOM by Al2O3 and Al2O3+MnO2 are
presented in Figure 5.7. The concentration of AHA was varied from 0 to 52.4 mg-C/L
and the concentration of LHA was varied from 0 to 82.9 mg-C/L. The concentrations of
both alginate and PA were varied from 0 to 200 mg/L. The systems Al2O3 and
Al2O3+MnO2 adsorbed similar amounts of NOM. The similarities in the adsorption of
NOM by both systems are because of the negligible adsorption of the NOMs by MnO2.
Therefore, the adsorption seen in Al2O3+MnO2 is mostly due to Al2O3 only. A difference
observed among the adsorption trends in Figure 5.7a and 5.7b is that the HA systems
had reached a plateau while a linear trend was observed in the amount of alginate or PA
adsorbed. In the case of the HAs, the systems seemed to reach adsorption equilibrium
between 20 to 25 mg-C/L. Also, it was noted that similar amounts of AHA and LHA
were adsorbed by the two systems. The systems with alginate and PA had not reached
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adsorption equilibrium at the highest added NOM concentrations. A comparison between
alginate and PA adsorption reveals a higher alginate adsorption by both systems. The
different trends in the adsorption isotherms of HAs vs alginate/PA are most likely
associated with the large size of the HAs which prevented further accumulation of HAs
on oxide surfaces through steric effects. Steric effects are much less important for
alginate and PA because of the large number of carboxylate functional groups in alginate
and the small size of PA molecules.
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Figure 5.7: Adsorption of NOM by Al2O3 and its mixture with MnO2. Conditions: 0.1
g/L Al2O3, 5 mg/L MnO2, 0.01 M NaCl, 25 mM acetate buffer, pH 5.0.

ATR-FTIR spectra of PA adsorbed on Al2O3 and mixture (Al2O3+MnO2) at pH
5.0 bear strong similarities with the spectrum of aqueous PA (Figure 5.8), indicating that
pyromellitate is adsorbed at these two conditions predominantly as a deprotonated, outersphere species, which is similar to our previous research [111]. In fact, a number of ATRFTIR spectra studies of carboxylic acid adsorbed onto various Al- and Fe-oxide surfaces
have reported comparable results [119,125,131-132]. In addition, it is also observed that
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upon adsorption, the position of the symmetric stretch shifts to higher wavenumbers
(from 1376 cm-1 to 1384 cm-1, and from 1412 to 1419 cm-1), indicating that there are
additional complexes formed. This result is similar to a previous finding that symmetric
stretch moved slightly to higher wavenumbers when carboxylic acids adsorbed onto
hematite, due to formation of inner sphere complexes.[125] Johnson et al. used surface
complexation modeling to model the adsorption of pyromellitate on corundum, and found
that there are two species formed when pyromellitate adsorbed on corundum at pH 5: one
is out-sphere (AlOH2+…Pyr4-) and the other is inner sphere (AlPyr3-) [119], which is
similar to our results. In summary, ATR-FTIR spectra of PA adsorption on Al2O3 and
mixture surfaces at pH 5.0 indicate that there are two species formed: the major one is
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out-sphere, and the minor one is inner-sphere.
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Figure 5.8: (a) Spectra of dissolved pyromellitate (30 mM), and spectra of pyromellitate
(initial 2.95 mM) adsorbed on (b) Al2O3 and (c) Mixture (Al2O3+MnO2) at pH 5 in 0.01
M NaCl solution.
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TEM images were used in studying the homo and hetero-aggregation between the
oxide particles at pH 5.0 and 0.01 M NaCl. Figure 5.9a-e show the TEM images of
MnO2, Al2O3, MnO2+Al2O3, MnO2+0.4 mg-TOC/L AHA and, MnO2+Al2O3+0.4 mgTOC/L AHA respectively. Figure 5.9a shows that MnO2 used in our study is amorphous,
and Figure 5.9b shows the TEM image of Al2O3 as distinct nanoparticles. Upon
examining the TEM image of MnO2+Al2O3 (Figure 5.9c) it can be confirmed that under
the examined conditions there is heteroaggregation between the two metal oxides.
TEM analysis was also conducted for MnO2 and MnO2+Al2O3 in the presence of
0.4 mg-C/L of AHA to see the effect of NOM on aggregation patterns. Addition of AHA
did not seem to affect the homoaggregation between the MnO2 particles. AHA also did
not seem to have a visible effect on the heteroaggregation patterns between Al2O3 and
MnO2. It is worthwhile to mention that the air drying process of the sample grids may
affect the aggregation between the oxide particles. So, the TEM images obtained may not
be the true representation of the oxide interaction in the aqueous suspension. Although
the optimum technique to use to study such aggregation of oxide particles is via cryoTEM, due to the lack of access to the technique we were not able to obtain images of the
samples using cryo-TEM. Therefore, we have relied on the results of sedimentation
experiments to study the effect of NOMs on both homo and heteroaggregation, as shown
below.
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Figure 5.9: TEM images of a) MnO2, b) Al2O3, c) MnO2+Al2O3, d) MnO2+0.4 mg-C/L
AHA, and e) MnO2+Al2O3+0.4 mg-C/L AHA. Conditions: 0.01 g/L total metal oxide
concentration, 0.01 M NaCl, pH 5.0. The concentration of MnO2 and Al2O3 were
maintained at 1:1 in the mixed oxide systems.

The effect of NOM on the homo and hetero-aggregation of the oxide particles was
studied by monitoring the sedimentation rates of Al2O3 and Al2O3+MnO2 at varying
NOM concentrations.
As seen in Figure 5.10a Figure 5.10c, AHA and LHA affected the sedimentation
rates of Al2O3 to a certain extent. Sedimentation of Al2O3 increases slightly as the
concentrations of AHA and LHA are increased. In the case of LHA, the sedimentation
rate was higher when the concentration of LHA was < 4.6 mg-C/L but much lower when
LHA concentration reached 12.5 mg-C/L. The sedimentation of the Al2O3 particles occur
as a result of homo aggregation. The higher sedimentation rate when the HAs were added
is likely due to the neutralization of surface charges of Al2O3 by the adsorbed HA
molecules leading to more aggregation. Upon further increase in the concentration of the
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HAs there was enough HA to reverse the surface charge (Figure 5.6b) and hence the
colloids were electrostatically stabilized.
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Figure 5.10: Sedimentation of Al2O3 and Al2O3+MnO2 in the presence of varying
concentrations of AHA (a and b) and LHA (c and d). Conditions: 0.1 mg/L MnO2, 0.1
mg/L Al2O3, , 0-10 mg-C/L as AHA, 0-12.5 mg-C/L as LHA 0.01 M NaCl and pH 5.0.
Al2O3+MnO2 has a higher sedimentation rate at 0 to 2 mg-C/L as AHA than when
compared to the sedimentation at 4-10 mg-C/L as AHA. Similar results are seen for
binary oxide sedimentation at varying concentrations of LHA. At 0 or low HA
concentrations, there should be intense heteroaggregation between Al2O3 and MnO2,
given that they have opposite surface charges at pH 5 (Figure 5.6a). At HA concentration
≥ 10 mg-C/L, the oxide suspension did not sediment over time indicating that there is no
homo or heteroaggregation between the particles. Although there was sedimentation in
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the Al2O3 only system at ≥ 10 mg-C/L HA, the Al2O3+MnO2 system with ≥ 10 mg-C/L
of HAs was more stable. The reason behind the difference in the stability of the two
systems is most likely due to the difference in the Al2O3 concentration. Since MnO2 does
not adsorb much AHA, there is a higher amount of AHA adsorbed by Al2O3 in the binary
oxide system which imparts negative charge on the oxide surface and hence decreases the
homo-aggregation between the Al2O3 itself.
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Figure 5.11: Sedimentation of Al2O3 and Al2O3+MnO2 in the presence of varying
concentrations of alginate (e and f) and PA (g and h). Conditions: 0.1 mg/L MnO2, 0.1
mg/L Al2O3, 0-25 mg /L as alginate, 0-50 mg /L PA, 0.01 M NaCl and pH 5.0.
Sedimentation results in the presence of alginate were similar to those in the
presence of the two humic acids. Higher sedimentation rates were observed at lower
concentrations of alginate in both single and binary oxide systems. The sedimentation
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rates were lower when the concentration of alginate was higher as seen on Figure 5.11e
and Figure 5.11f. The decrease in sedimentation rate at higher concentrations of alginate
(≥ 10 mg/L) is more discernible in the binary oxide mixture. These results show that there
is a decrease in the extent of heteroaggregation between MnO2 and Al2O3 when alginate
was added to the system.
Al2O3 oxide has almost similar sedimentation rates at different concentrations of
PA (Figure 5.11g). In the case of the binary oxide system, the sedimentation rates were
similar too (Figure 5.11h). The poor adsorption of PA by both oxides and its small size
are likely the main reason for the above observation.
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Figure 5.12: Net interaction energy between Al2O3 and MnO2 particles as a function of
separation distance in the presence of varying amounts of AHA. Figure 5.12a is based on
the classical DLVO theory, hence the steric repulsive energy is not considered. The steric
repulsive energy is incorporated in results shown in Figure 5.10b and 5.10c where the
thickness of the adsorbed layer “l” is 5.7 or 7.0 nm.

The DLVO theory has been widely used to examine the interaction mechanisms
between particles in the aqueous systems. The overall interaction energies between the
particles are determined based on the sum of the two forces viz. the electrostatic repulsive
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forces and the van der Waals attractive forces. However, in the presence of NOM, steric
repulsion also contributes to the overall interaction between the particles. The steric
repulsion occurs due to the large NOM molecules attached on the surface of the particles.
So, in our system the net energy between the particles was determined based on the sum
of the three forces. As shown in our previous work, the modified DLVO theory can better
explain the aggregation between the metal oxides in the presence of NOM.
The interaction energy profiles based on the classic DLVO theory, which does not
consider the steric repulsive energy, as shown in Figure 5.12a indicate net negative
interaction energies at all concentrations of AHA. However, based on the information
gathered from the sedimentation experiments, there was a negligible amount of
aggregation in the mixed oxide system at higher HA concentrations. This shows the
inadequacy of the classic DLVO theory in explaining the stable behavior of the oxides at
higher concentrations of AHA.
For the calculation purpose, the reported estimated values of 7 [134] nm or 5.7
[45] nm for the thickness of HA adsorbed on the surface hematite and TiO2 respectively
have been used to represent l. The energy profiles for the interaction between MnO2 and
Al2O3 based on these values of l are shown in Figure 5.12b and Figure 5.12c which
reveal the overall interaction energies to be positive at 4 and 10 mg-C/L AHA. These
results are more in agreement with the results seen in the sedimentation experiments
showing the mixed oxide system to be stable at higher concentrations of AHA.
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To account for the effect of dissolved Al3+ on MnO2 reactivity in ternary
MnO2+Al2O3+NOM mixtures, we need to measure the amount of Al3+ dissolved from
Al2O3 in the mixtures. The detected Al3+ concentrations in the single and binary oxide
systems as a function of NOM are shown in Figure 5.13. Figure 5.13a shows that the
amount of Al3+ dissolved in the aqueous suspension mostly decreased in the single Al2O3
system when the concentration of NOM was increased. A much lower concentration of
Al3+ was measured in the binary oxide system in the absence of NOM (Figure 5.13b)
compared to that in the single oxide system. This can be considered as a result of intense
hetero-aggregation between Al2O3 and MnO2 as well as the adsorption of Al3+ by MnO2
[80] After the addition of NOM to this binary oxide system, there was a slight decrease in
the Al3+ concentration with the increase in most of the NOMs. This is again due to the
passivation of Al2O3 surfaces upon NOM adsorption to inhibit its dissolution. Indeed,
outer-sphere ligands such as PA and HA are known to inhibit dissolution of Al oxides
[119,124,129]. Addition of alginate of > 10 mg/L led to a significantly increased release
of Al3+ in both single and binary oxide systems. Future research is needed to elucidate the
release mechanism.
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Figure 5.13: Soluble Al ions measured in a) Al2O3 and b) Al2O3+MnO2 in the presence
of NOMs. Experimental conditions: 5.0 mg/L MnO2, 0.1 g/L Al2O3, 0-12.5 mg-TOC/L
AHA and LHA, 0-50 mg/L alginate and PA, 0.01 M NaCl, pH 5.0.

Comparison of the P values of ternary mixtures of MnO2+Al2O3+HA to those of
binary mixtures of MnO2+HA show comparable to slightly lower P values at 0.2 to 0.4
mg-C/L of AHA or 0.5 mg-C/L of LHA (Figure 5.5a-b). Higher P values for the ternary
mixtures, however, were observed at 2.0 to 10 mg-C/L of AHA or to 12.5 mg-C/L of
LHA.
The effects of HAs on MnO2 reactivity in mixtures with Al2O3 are very much
different from those observed for ternary mixtures of MnO2+Al3++HA (Figure 5.5). If
complexation of Al3+ still plays an important role in the ternary MnO2+Al2O3+HA, the
effect of HA should be comparable between the ternary mixtures. The different trends in
Figure 5.5 thus suggest that Al3+ plays a much less significant role in affecting MnO2
reactivity in ternary MnO2+Al2O3+HA mixtures than in binary MnO2+Al2O3 mixtures.
Indeed, the trend can be well explained by the inhibited dissolution of Al2O3 in the
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presence of HA (Figure 5.13) so that only a small amount of Al3+ was available to
complex with MnO2. As a result, heteroaggregation between MnO2 and Al2O3 has
become the dominant interaction mechanism in MnO2+Al2O3+HA such that increasing
the concentration of HAs to ≥ 2 mg-C/L increased the stability of oxide mixtures or
decreased the extent of heteroaggregation between the two metal oxides as shown in
Figure 5.11a-f. The end result is enhanced MnO2 reactivity at higher concentrations of
HAs. When [HA] was low (0.2-0.4 mg-C/L of AHA or 0.5 mg-C/L of LHA), the
enhanced extent of heteroaggregation as observed in Figure 5.10a-f can explain the
inhibited MnO2 reactivity in Figure 5.5a-d. Similar changes in the extent of
heteroaggregation between metal oxides due to NOM adsorption have been observed for
MnO2 and iron oxides [111].
In the presence of 1-25 mg/L of alginate or 1-50 mg/L PA, higher P values were
observed for all ternary mixtures than the respective binary MnO2+NOM mixture. This
trend, again, is opposite to what was observed for ternary MnO2+Al3++NOM, suggesting
the effect of complexation of Al3+ with MnO2 was minor at most. Similar to the HAs,
alginate and PA mainly affected the extent of heteroaggregation between MnO2 and
Al2O3 to affect MnO2 reactivity.

Currently, literature on the redox transformation of organic contaminants (OCs)
focuses on transformation reactions in model systems where only pure oxidants or
reductants are present. It was found that the redox activity in soil/sediments can be
largely contributed to the predominant chemical reductants (i.e. surface associated Fe(II)
in anaerobic conditions) and oxidants (i.e. Fe or Mn oxides in aerobic conditions);
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however, the complex environmental conditions prevent us from quantitatively
extrapolating the results obtained from model systems to environmental systems. As a
result, we are far from developing environmental fate models that can be used to predict
the redox behavior of OCs in the environment. Given the fact that (1) mechanistic
understanding of the redox transformation of many OCs by single Mn oxides has been
achieved, and (2) little information is available regarding the redox transformation of
OCs in soil-water environments, it is imperative to design more complex model systems
that are based on the existing single oxide systems but are more representative of the
environment. That way, the available knowledge of single oxide systems will not be
wasted and further examination of environmental systems will become realistic. Mixtures
of metal oxides are ubiquitous in soils and aquatic environments, among which Al, Fe,
and Si oxides are among the most important components mixing with Mn oxides.[39,153155] Our current work examined how an Al oxide interacted with a Mn oxide in the
presence of NOM and how the redox reactivity of MnO2 was affected by the interactions.
Together with our recent work on binary Fe/Al/Si and Mn oxide mixtures, the gap
between single oxide systems and complex environmental systems is much narrower. It
will thus be more realistic to incorporate redox transformation, which is lacking in the
existing models, into a new generation of environmental fate models.
In addition to being important in redox transformation of OCs, Mn oxides, the
most abundant Mn form in many sedimentary environments, affect a wide range of
geological processes, including anaerobic degradation of organic matter, biogeochemical
cycling of trace elements, and the development of anoxic conditions in soils [156-161].
This work will also allow a more accurate modeling of the redox activity of Mn oxides in
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geological environments. With this new knowledge, the redox cycling of Mn oxides and
the corresponding cycling of many other elements will be better modeled under
geological conditions.
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CONCLUSIONS AND FUTURE WORK

This study has obtained mechanistic understanding of the oxidative reactivity of
MnO2 in complex mixtures with second metal oxides, soluble metal ions, and/or NOM. It
has also yielded systematic knowledge of various interaction mechanisms in complex
mixtures to better represent interactions encountered in soil-water environments.

The degradation rates of an organic contaminant, triclosan, by MnO2 were
examined in the presence of second metal oxides (Al2O3, SiO2, TiO2, and Fe oxides). The
MnO2 reactivity, based on the reaction rates for the oxidation of triclosan by MnO2,
generally decreased with the increase in the concentration of the second metal oxides.
Since the experiments were conducted at pH 5.0 at which the surface charge of MnO2 is
negative and that of Al2O3 is positive, one of the mechanisms leading to the slower
reaction was attributed to the heteroaggregation between MnO2 and Al2O3. The SEM
images for the mixtures of the two oxides indicated intensive heteroaggregation between
them as a result of strong electrostatic attraction between the oppositely charged oxide
particles. The heteroaggregation led to a decrease in the number of surface sites on MnO2
which are required for the formation of precursor complexes as the first step in the redox
reaction.
At pH 5 both SiO2 and TiO2 are negatively charged, their observed inhibitory
effects on MnO2 reactivity was due to reasons other than heteroaggregation with MnO2.
SiO2 lowered MnO2 reactivity as a result of surface complexation or precipitation of
soluble silica on the surface of MnO2. Of the three oxides examined, TiO2 had the least
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inhibiting effect under the studied experimental conditions, being relatively more
inhibitive when there was a limited amount of triclosan available due to its strong
tendency to adsorb triclosan which decreases the amount of triclosan participating in
oxidation by MnO2. SEM images indicated both SiO2 and TiO2 to have negligible
heteroaggregation with MnO2 which is reasonable given the negative surface charges of
all three oxides.
The soluble metal ion concentration of Al2O3, SiO2, and TiO2 at the experimental
conditions was measured to be 0.09 mM, 0.18 mM, and 7.6 µM, respectively. When
kinetic experiments were carried out using the filtered supernatants from the oxide
suspensions, the rate constants obtained were similar to those obtained in the oxide
suspensions. Upon analysis with DLS, the filtered supernatants showed to contain
nanosized particles of the oxides. So, separate kinetic experiments were carried out with
soluble metal ions only that were prepared from stock solutions of AlCl3 and Na2SiO3.
The rate constants obtained in the presence of Al3+ only were very comparable to those
obtained in the presence of a similar concentration of Al3+ measured in the supernatants.
This helped to confirm the presumption that Al3+ is the dominant factor in the MnO2 and
Al2O3 mixture in inhibiting the redox reactivity of MnO2 via formation of surface
complexes and/or precipitates. Similar conclusions were reached when the rate constants
for triclosan oxidation by MnO2 were compared between systems containing oxide SiO2
and soluble SiO2. The solubility of TiO2 was too low for soluble Ti to have an impact on
MnO2 reactivity.
Our study on three types of Fe(III) oxides, i.e. goethite, hematite, and
lepidocrocite, showed that the Fe oxides exclusively lowered the reactivity of MnO2 by
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heteroaggregation with MnO2. Solubility studies showed that the Fe(III) oxides had low
solubility at the examined reaction conditions and the amount of Fe3+ ions present in the
solution did not affect MnO2 reactivity. Hence it was confirmed that the MnO2 reactivity
was lowered as a result of decrease in the number of active surface sites.

Although not a focus of this work, we also examined adsorption of the probe
compound by various oxides to see how the adsorption affected the observed oxidation
kinetics. Triclosan adsorption by single metal oxides or mixtures with MnO2 were
measured under (i) varying concentration of oxides, (ii) varying triclosan (1 to 100 µM)
concentration, and (iii) varying pH (4 to 8). Approximately 30, 43, 40 and 45 percent of
the initial amount of triclosan was adsorbed by MnO2, Al2O3, SiO2 and TiO2 under the
first two conditions. A lower amount of triclosan was adsorbed when pH was increased.
The decreased adsorption is because the oxides were either increasingly negatively
charged or, for Al2O3, decreasingly positively charged, also, the fraction of deprotonated
triclosan increased at higher pH. All these factors led to a decreased adsorption of
triclosan.
Despite the above observations, we found that there was almost always a
sufficient amount of triclosan present in the binary oxide mixtures so that competitive
adsorption of triclosan by MnO2 and by the second oxides did not contribute to the
observed changes in MnO2 reactivity.

This study showed that, in agreement with previous studies, at low
concentrations of humic acids, the oxidative reactivity of MnO2 was slightly increased.
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This was mainly due to the complexation of Mn2+ with the humic acids present in the
solution. In the absence of humic acids, the Mn2+ gets adsorbed by MnO2, decreasing the
number of active surface sites. While low concentrations of humic acid facilitated the
MnO2 reactivity, at higher concentrations the reactivity was decreased due to higher
adsorption of humic acid by MnO2 and hence blocking of the reactive surface sites.

Effects of NOM on MnO2 reactivity in the presence of FeOOH and Fe2O3 were
studied to examine how the NOM affected the interaction between MnO2 and the iron
oxides. Adsorption of the NOMs by the Fe(III) oxides showed that among the NOMs
studied, AHA and alginate had higher adsorption compared to PA and also, there was low
adsorption of all NOM by MnO2. The zeta potential studies showed a decrease in the
surface charge of Fe(III) oxides in the presence of increasing amounts of NOM but no
change in the MnO2 surface charge. The adsorption by Fe(III) oxides was a result of
electrostatic interaction between the positively charged Fe(III) oxides and the negatively
charged NOM molecules. Similarly, the low adsorption of NOM by MnO2 is due to the
repulsion between MnO2 and NOM molecules, both of which are negatively charged
under our reaction conditions. Adsorption of NOM by single Fe(III) oxides and their
mixtures with MnO2 were similar indicating that the heteroaggregation between the
oxides did not significantly affect the adsorption process. The obtained ATR-FTIR
spectra for the adsorption of PA by FeOOH showed that the adsorption occurred mainly
through outer-sphere complexation.
The different extents of adsorption of NOM by the Fe oxides affected how they
interact with MnO2 through heteroaggregation. While TEM images with dried oxide
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samples could not accurately describe the extent of aggregation in the oxide mixtures, we
relied on the sedimentation experiments of Fe(III) oxides and MnO2 with NOM, i.e. using
sedimentation kinetics to compare the extent of aggregation. Results showed that at lower
concentrations of NOM i.e. [AHA] < 2-4 mg-C/L and [alginate/PA] < 5-10 mg-C/L,
there was an increased extent of homoaggregation within the Fe(III) oxides due to the
formation of negatively charged patches on the mostly positively charged oxide surface.
At higher concentrations of NOM, when most of the oxide surface was negatively
charged, there was decrease in the extent of homoaggregation within the Fe(III) oxide.
Under these conditions, there was also a decrease in the extent of heteroaggregation
among the oxides. The observed changes in MnO2 reactivity can be well explained by the
observed extents of aggregation in the ternary mixtures. Overall, the effect of NOM on
the reactivity on MnO2 in the presence of Fe(III) oxides depended on the concentration of
NOM and ranged from inhibitive to enhancing.

Because of the importance of Al3+ in affecting MnO2 reactivity in binary mixtures
of MnO2 and Al2O3, to examine ternary mixtures of Al2O3, MnO2, and NOM, we first
examined ternary mixtures of Al3+, MnO2, and NOM so we could separate the impact of
surface complexation from that of aggregation. We found that the increase in AHA and
LHA concentrations decreased the adsorption of Al3+ by MnO2. The most likely reasons
are (1) competition of the HAs and Al3+ for the limited number of surface sites and (2)
formation of soluble Al-HA complexes that resist adsorption by MnO2 when there is a
relatively large amount of HA in solution. Alginate and PA did not seem to affect the
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Al3+ adsorption by MnO2 most likely due to the inability of these compounds to form
soluble complexes with Al3+.
In addition to NOM affecting Al3+ adsorption, the presence of Al3+ increased the
adsorption of AHA and LHA by MnO2. The most likely reasons for this are (i)
neutralization of negatively charged MnO2 upon adsorption of positively charged Al3+
and (ii) formation of ternary Mn-Al3+-HA complex. Al3+ affected the adsorption of
alginate and PA by MnO2 to a much less extent than that of HAs, likely owing to the poor
adsorption of alginate and PA by MnO2 and their poor ability to complex with Al3+.
The reactivity of MnO2 was almost always higher in the presence of both Al3+ and
HAs when compared to its reactivity in the presence only Al3+. This occurred as a result
of the formation of soluble Al-HA complexes thus inhibiting Al3+ adsorption by MnO2.
On the contrary, alginate and PA seemed to enhance the inhibiting effect of Al3+. The
presence of Al3+ can make MnO2 surface less negatively charged which enabled higher
adsorption of negatively charged NOM, thus inhibiting the reactivity further.

Adsorption studies showed high adsorption of NOM by Al2O3 and Al2O3+MnO2
because of attractive electrostatic interactions between positively charged Al2O3 and
negatively charged NOM molecules. Also, the presence of a small amount of MnO2 did
not have any effect on NOM adsorption by Al2O3. At lower concentrations AHA and
LHA in general were adsorbed to a higher extent than alginate or PA, but the HAs
adsorption isotherms reached plateau much earlier than those of alginate and PA. This is
mainly owing to large molecules of the HAs exerting steric repulsive forces while the
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steric effects are not present in alginate and PA, due to either the hydrophilic nature of
alginate or small molecules of PA.
Sedimentation studies of Al2O3 and Al2O3+MnO2 revealed the effect of NOM on
the extent of homo and hetero-aggregation between the oxides. Observations similar to
those made in the case of Fe(III) oxides were made in the case of Al2O3. In single oxide
systems, low concentrations of AHA and LHA increased homoaggregation due to
neutralization of surface charges of Al2O3 resulting in more extensive aggregation. At
high concentrations of HAs, the surface charge of Al2O3 was reversed to negative leading
to stabilization of the system. In binary oxide systems, the extent of heteroaggregation
was increasingly inhibited with increasing amounts of NOM.
Addition of NOM to both single and binary oxide systems lowered dissolution of
Al2O3. MnO2 by itself lowered Al2O3 dissolution through heteroaggregation while the
addition of NOM further lowered the extent of dissolution. The inhibitory effect of NOM
on Al2O3 dissolution is a result of outer-sphere complexation of the NOM with Al2O3
which are known to inhibit the dissolution process.
Since the dissolution of Al2O3 was inhibited in the presence of NOM, Al3+ did not
have much impact on MnO2 reactivity in the ternary mixtures. The primary factor
affecting MnO2 reactivity in such systems is heteroaggregation between the metal oxides.
In agreement with the observations made in the sedimentation experiments, the HAs
inhibited MnO2 reactivity more at lower concentrations (0.2-0.4 mg-C/L of AHA or 0.5
mg-C/L of LHA) due to more intense heteroaggregation, as comparted to the
corresponding binary oxide mixture of Al2O3 and MnO2. Increase in HAs concentration
enhanced the reactivity as a result of decreased heteroaggregation. Alginate and PA
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enhanced reactivity most likely as a result of decreased heteroaggregation between the
oxides.

The current research can be extended further by examining other contaminants
that are representative of different classes of compounds. Since iron oxides are also
known to oxidize various classes of contaminants, further research should be conducted
to look into reactivity of iron oxides in various mixtures. In addition to being oxidants, Fe
oxides are known to be among the most important natural reductants in the presence of
soluble Fe(II), research is thus warranted to investigate the reductive reactivity of Fe(II)Fe oxides in the presence of other metal oxides and/or NOM to better represent reducing
environments.
Now that we have a much better understanding of the complexity of ternary oxide
systems, mostly in regards to the reactivity of MnO2, a step further can be taken by
working with well characterized manganese oxide rich soil and sediment samples.
pH plays a vital role in the reactivity of MnO2, it also influences the adsorption of
NOM by metal oxides and dissolution of metal oxides, therefore, future work should
investigate how pH affects interactions within oxide mixtures and how the interactions
affect oxide redox reactivity.
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